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If we sound proud of the E-3, it’s 
because we are! To hear more 
about this compact little EPR 
system, just contact your near
est Varian Field Sales Office.

the E-3 a compact, table-top  
spectrometer. And it’s also sur
prisingly low-priced (just check 
with us and see). And because 
it has a wide range of accessor
ies,you can use the E-3 in many 
kinds of experiments. It’s highly 
reliable and accurate, and has 
a sensitivity of Ix lO 11/' H spin/ 
gauss.

The E-3 is the first of its kind — 
an easy to operate, sensitive, 
reliable, low-priced spectrome
ter. It was specially designed to 
bring Electron Paramagnetic 
Resonance spectroscopy with
in the reach of all biologists, 
chem ists, biochemists, and 

■"biophysicists.
Solid state construction makes
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NOW
you can search 
Chemical Titles 
magnetic tapes 
hy computers

Update your information dissemination program 
through the use of CHEMICAL TITLES Tapes or Cus
tom Searches! These services are being offered for 
the first time by the Chemical Abstracts Service.

The list of uses to which you can put the tapes, 
compiled during the production of the printed CT, 
is almost endless. Indexes for the chemical journals 
in your company or institutional library which are 
covered by CT can be generated on an author, se
lected keyword, or title basis (or any combination 
of the three). Bibliographies on particular subjects 
that pertain to your work (reactivity of the phe- 
nanthrolines, crystal structure of ternary silicides, 
metabolism of porphyrins, etc.) can be compiled. 
Keyword indexes for any number of terms whjch you 
may suggest can be generated. Correlative machine 
searches can be conducted (mice that eat cheese, 
mice that eat cheddar cheese and Swiss cheese, white 
mice that eat cheddar cheese but not Swiss cheese, 
white mice that eat cheddar cheese or Swiss cheese, 
etc.) to any degree of specificity.

Answers can be in the form of bibliographies, 
author indexes, keyword indexes or any combination

of the three. AND, all of these indexes, bibliog
raphies, etc., can easily be duplicated and distrib
uted to members of your staff at very low cost. No 
matter how you choose to use the tapes, you are 
screening a vast amount of unnecessary material 
from information which is of specific interest to you.

This tape searching service is offered in two forms 
—CAS will send you tapes on a biweekly basis, along 
with a user's manual and a searching program for 
an IBM 1401/1410 system, or CAS will perform the 
biweekly search of the tapes for you in Columbus.

The subscription price includes a $1,500-per-year 
base rate plus a use charge of $5 for each scientist 
at the subscriber's address who will use the service or 
who will benefit from its use. For searches performed 
by CAS, the rate is based on one search per set of 
terms per issue of CT, and an additional charge of 
$100 per hour for computer use time is made.

Direct inquiries to Mr. E. H. Heilman at CAS, Ohio 
State Univ., Columbus, Ohio 43210. and direct orders 
to the ACS, 1155 16th St., N.W., Washington,
D .C . 20036.
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H e graduated at the head
o f his class,
but couldn’t get a job.

The reason? Everyone thought he came from the wrong school—one for the mentally retarded—even though he was certified employable and well trained.
The employers didn’t know that with proper training, the mentally retarded can become a productive part of society. Taking pride in jobs that others might not enjoy. Having better job attitudes, and often better attendance records, because they like their work.

Someday, a mentally retarded person may ask you for a job. As a general office worker, a gardener, a truck loader, a stock clerk, a messenger. Or any job that requires simple skills. Won’t you give him a chance to become an asset to your company?
Here are four things you can do 
now to help prevent mental re
tardation and bring new hope to 
the 5lA m illion  people whose minds are retarded:

1. Urge your community to set up 
workshops to train retardates who 
are capable of employment.
2. Select jobs in your company that 
the mentally retarded can fill, and 
hire them.
3. Accept the mentally retarded as 
A m erican citizens. G ive them  a 
chance to live useful, dignified lives 
in your community.
4. Write for the free booklet <9,«0 
to the President’s Commit-
tee on Mental Retardation, 
Washington, D .C . ' v & f

Published as a public service in cooperation with The Advertising Council
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Dynamic Mechanical Properties of Cross-Linked Rubbers. II. Effects of 

Cross-Link Spacing and Initial Molecular Weight in Poly butadiene1

by Etsuji Maekawa, Ralph G . M ancke, and John D . Ferry

Department of Chemistry, University of Wisconsin, Madison, Wisconsin {Received May IS, 1965)

The complex shear compliances of eight samples of polybutadiene cross linked by dicumyl 
peroxide and four samples cross linked by sulfur have been measured over a frequency 
range from 0.2 to 2 c.p.s. at temperatures from —6 to 45° by a torsion pendulum. On 
four of the samples, measurements were extended by the Fitzgerald transducer from 45 to 
600 c.p.s. at temperatures from —71 to 55°. The vuleanizates had been prepared from 
polymers of two different molecular weights (180,000 and 510,000) with sharp molecular 
weight distribution; the physical cross-link density ranged from 0.57 to 2.68 X 10~4 mole/ 
cc., and the chemical cross-link density calculated following Kraus ranged from 0.22 to
1.49 X 10-4 mole/cc. The mechanical data were all reduced to T0 =  298°K. by shift 
factors calculated from the equation log aT =  —3.64(T  — Tr0)/(186.5 +  T — To). In 
the transition zone of frequencies, the viscoelastic functions of the dicumyl peroxide vul
eanizates were closely similar, except for a shift toward lower frequencies with increasing 
cross linking, corresponding to a small but unexpected increase in the monomeric friction 
coefficient. Cross linking by sulfur caused a somewhat larger shift toward lower frequencies 
at a comparable cross-link density. In the rubbery zone, the sample with least cross 
linking; exhibited a substantial secondary loss mechanism at very low frequencies. The 
low-frequency losses are evident in all the samples, but their magnitude falls rapidly with 
increasing cross-link density as previously found for natural rubber. It also falls some
what with increasing initial molecular weight, indicating a contribution from network 
strands with loose ends. The possible relation of the low-frequency losses to trapped en
tanglements is discussed.

Introduction
In an earlier paper,2 we described dynamic mechanical 

properties of a series of natural rubber vuleanizates, 
cross linked by dicumyl peroxide and by sulfur, and 
showed that the magnitude of the anomalous losses 
at very low frequencies increased with the average

spacing between cross links. Similar behavior was 
noted by Nielsen3 in measurements on butyl and

(1) Part X L IX  of a series on mechanical properties of substances of 
high molecular weight.
(2) J. D. Ferry, It. G. Mancke, E. Maekawa, Y. Oyanagi, and It. A.
Dickie, J. Phys. Chem., 68, 3414 (1964).
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styrene-butadiene rubbers, in which the temperature 
was varied at roughly constant frequency. While the 
origin of these losses remains uncertain, they have 
been tentatively attributed, at least in part, to coupling 
entanglements trapped between cross links.2-4 We 
now report some dynamic mechanical measurements 
over a wide range of frequencies and temperatures on 
vulcanizates of polybutadiene, again cross linked by 
both dicumyl peroxide and sulfur. The results show a 
similar dependence of the low frequency losses on the 
cross-link spacing and also a dependence to some degree 
on the initial molecular weight before cross linking, 
reflecting the proportion of network strands with loose 
ends.

Experimental
Materials. The cross-linked poly butadienes were 

generously prepared for us by Drs. G. Kraus and C. W. 
Childers of the Phillips Petroleum Co. Two linear 
polybutadienes of sharp molecular weight distribution 
were employed, with the following weight-average 
molecular weights and microstructures as reported by 
Dr. Kraus: Mw 180,000, 40% cis, 53% trans, 7% 
vinyl; Mw 510,000, 43% cis, 50% trans, 7%  vinyl. 
These are identified subsequently by their molecular 
weights. The dicumyl peroxide (DCP) vulcanizates 
contained amounts of peroxide ranging from 0.04 
to 0.38% depending on the density of cross linking de
sired. The sulfur vulcanizates contained amounts of 
sulfur ranging from 0.42 to 1.33% and in addition 3% 
zinc oxide, 2%  stearic acid, 3%  Resin 731, 1.2% Santo- 
cure, and 1% Flexamine (all expressed as parts per 100 
parts rubber). The vulcanization was always per
formed by heating for 45 min. at 150°. The densities, 
determined pycnometrically under water, were 0.897 
g./cm .8 for the dicumyl peroxide vulcanizates and 0.929 
for the sulfur vulcanizates.

The density of elastically active network chains, in 
moles of strands per cubic centimeter, v, was obtained 
by Drs. Kraus and Childers from swelling measurements 
in w-heptane, the necessary value of the thermodynamic 
parameter n having been obtained by calibrating the 
swelling against elastic measurements on swollen gels.5 
The density of chemically cross-linked chains, v*, 
was calculated by the Mullins-Kraus relation5

v =  v* +  a — (v* +  a)b/v*M (1)

with a =  1.5 X  10 ~4 and b =  2.73 as determined by 
Kraus5 for polybutadiene networks. These values are 
summarized in Table I.

The equilibrium shear compliances, Je, were measured 
by torsional deformation with very small strain as 
previously described.2-6 They represent minimum

Table I :  Characteristics of Cross-Linked Rubbers

M before 
vulcani-

Sample zation V X 10«, V* X 10*.
Agent code X 10-5 moles/cm.E moles/em.8 — Log Je

DCP 734 1 .8 0.57 0.22 6.445
735 1.8 1.42 0.51 6.746
10H 1 .8 1 .8 0.76 6.88
736 1.8 1.85 0.79 6.893
737 1 .8 2.37 1 . 2 1
738 1 .8 2.68 1.49 7.027
10D 5.1 1 .8 0.50 6.903
740 5.1 1.99 0.66 6.965

s 10C 1 .8 1 .2 0.39 6 .8I4
739 1 .8 1.79 0.75 6.812
10B 5.1 1 .2 0.19 6.882
741 5.1 1.85 0.55 6.908

values since even after equilibration under stress for 
12 hr. the slow relaxation processes may not be com
plete.7 These values are also given in Table I and are 
plotted logarithmically against v in Figure 1. For 
comparison, the prediction of the kinetic theory of 
rubberlike elasticity

Je =  1/vRT (2)

is included as a dashed line. The observed compli
ances are smaller by about a factor of 0.6. Similar dis
crepancies have been observed recently by Thirion7 and 
Nielsen,3 in agreement with the general experience8 
that the retractive force in unswollen (“ dry” ) rubbers 
includes a contribution in addition to that correspond
ing to eq. 2.

No account has been taken, in Table I, of several 
corrections to eq. 2 which have been pointed out re
cently: (a) a factor (rs2)/ (r02), in which (rB2)
is the mean-square end-to-end distance of network 
strands and (r02) the corresponding value for free 
chains9; (b) a factor of 2 associated with the con
nectivity of a tetrafunctional network10; and (c)

(3) L. E. Nielsen, J. Appl. Polymer Sei., 8, 511 (1964).
(4) G. Kraus and G. A. Moczygemba, J. Polymer Sei., A2. 277 
(1964).
(5) G. Kraus, J. Appl. Polymer Sei., 7, 1257 (1963).
(6) R. A. Stratton and J. D. Ferry, J. Phys. Chem., 67, 2781 (1963).
(7) P. Thirion and R. Chasset, “ Proceedings of the Fourth Interna
tional Congress on Rheology,” Interscience Publishers, New York, 
N. Y „ Part 3, 1965, p. 525.
(8) L. Bateman, Ed., “ The Chemistry and Physics of Rubber-like 
Substances,” John Wiley and Sons, Inc., New York, N. Y., 196S, pp. 
170,175.
(9) A. V. Tobolsky, D. W. Carlson, and N. Indictor, J. Polymer
Sei., 54, 175 (1961).
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Figure 1. Equilibrium shear compliance plotted 
logarithmically against elastically effective network strands 
per cm.3: open circles, DCP vulcanizates; black circles, S; 
untagged, M = 1.8 X 106; tagged, M = 5.1 X 105.
Some pairs of duplicate determinations are included.
Dashed line is kinetic theory prediction, eq. 2.

allowance for a non-Gaussian distribution of end-to-end 
distances.10 11 However, these corrections should affect 
all the values in a similar manner.

Methods. The Fitzgerald transducer12 was used for 
measurements of the storage (J ') and loss («/") com
ponents of the dynamic shear compliance in the range 
from 45 to 600 c.p.s., and the Plazek torsion pendulum13 
from 0.2 to 2 c.p.s. The logarithmic decrement was 
determined from the recorder tracings of the torsion 
pendulum by direct matching to exponential en
velopes.14 The maximum temperature range was 
from —71 to 55°. The disk-shaped samples were 1.75 
cm. in diameter; the thickness was about 0.19 cm. for 
the transducer measurements and 0.64 cm. for the 
torsion pendulum. Four vulcanizates (734, 736, 738, 
and 739) were studied with both instruments, and the 
others with the torsion pendulum alone.

Results
For plotting with reduced variables, the storage and 

loss compliances J' and J "  were reduced in magnitude 
by the usual factor Tp/T0p0, where p and p0 are the 
densities at the temperature of measurement T and 
the reference temperature of T0 =  298.2°K.; the 
thermal expansion coefficient can be taken as 7.5 X 
10-4 deg.-1. The frequency shift factor or was cal
culated from the following equation16

log aT =  -3 .6 4 (T  -  T0)/(186.5 +  T -  T0) (3)

in which the numerical coefficients were obtained by 
preliminary empirical selection of ut and plotting15 
(T — T0) /log at against T — T0. Equation 3 also fits 
the viscosity data of Graver and Kraus16 rather well

although it differs somewhat from the equations used 
by them. (The coefficients correspond to a free- 
volume thermal expansion coefficient of 6.4 X 10-4 
deg.-1, which is reasonable though somewhat high.16)

When plotted logarithmically against the reduced 
frequency war, data from the transducer and torsion 
pendulum almost overlapped. The loss tangents tan 
S =  J " /J' agreed closely but the magnitudes of J "  
and J' derived from the two methods differed slightly, 
a discrepancy attributable to uncertainty in the sample 
coefficient for the transducer.6 The following small 
corrections were therefore applied to the transducer 
data for log J' and log J "  for consistency: sample 734, 
—0.05; sample 736, —0.06; sample 738, —0.04; 
sample 739, —0.07. The data for the three dicumyl 
peroxide vulcanizates are plotted in Figure 2; the 
points are omitted for sample 736 to avoid confusion. 
The individual temperatures and all numerical data 
will be recorded elsewhere17; tables are available upon 
request to the authors.

At high reduced frequencies, corresponding to the 
beginning of the transition zone, the shapes of the 
curves of J' and J "  are almost identical. There is a 
small shift to lower frequencies with increasing degree 
of cross linking. At low frequencies, the losses for the 
more densely cross-linked samples resemble the behavior 
previously reported2'6 in persisting at a rather low 
level instead of vanishing with decreasing frequency 
as expected from molecular theories.6 But for v = 
0.57 X 10-4, the loss compliance actually passes 
through a large secondary maximum. This suggests 
that the small persistent losses seen at higher v are 
residues of a secondary mechanism which is prominent 
only when v is small. This mechanism is also seen 
in the curve for log J' which is rising at low frequencies 
to approach its limiting equilibrium value of about 
-6 .4 .

In Figure 3, the loss tangent again shows the large 
secondary loss mechanism for v =  0.57 X  10-4 and a 
small one for v =  1.85 X 10-4. (A minimum in the 
loss tangent as a function of temperature at constant 
frequency is also evident in the measurements of

(10) J. A. Duiser and A. J. Staverman, “Proceedings of the Inter
national Conference on Non-Crystalline Solids,”  North-Holland 
Publishing Co., Amsterdam, 1965, p. 376.
(11) W. Prms, ibid., p. 360.
(12) E. R. Fitzgerald, Phys. Rev., 108, 690 (1957).
(13) D. J. Plazek, M. N. Vrancken, and J. W. Berge, Trans. Soc. 
Rheol., 2, 39 (1958).
(14) R. A. Dickie, Ph.D. Thesis, University of Wisconsin, 1965.
(15) J. D. Ferry, “ Viscoelastic Properties of Polymers,” John Wiley 
and Sons, Inc., New York, N. Y., 1961, p. 212.
(16) J. T. Gruver and G. Kraus, J. Polymer Sci., 2, 797 (1964).
(17) R. G. Mancke, Ph.D. Thesis, University of Wisconsin, 1966.
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log uaT

Figure 2. Storage and loss compliance reduced to 25° and 
plotted logarithmically against reduced radian frequency for 
three samples cross linked by dicumyl peroxide, identified by 
values of v X 104. Pip directions denote different 
temperatures: v = 0.57 X 10-4, —64.2 to 54.7° in 13 steps; 
v = 1.85 X 10-4 (points not shown), —73 to 55.5° in 
13 steps; v —  2.68 X 10~4, —70.8 to 55.4° in 13 steps. 
Subscript p denotes multiplication by T p / T 0 p a -

Figure 3. Loss tangents of dicumyl peroxide vulcanizates, 
plotted logarithmically against reduced radian 
frequency: numbers denote v X 104; dashed line,
M  =  5.1 X 105; all others, M  =  1.8 X 106.

Nielsen3 on very lightly cross-linked rubbers.) Low 
frequency measurements on additional samples show 
a monotonic decrease in the magnitude of tan 5 with 
increasing v, as previously observed for vulcanizates 
of natural rubber. The dashed curve shows that, for 
approximately equal v, a higher initial molecular 
weight before vulcanization gives a somewhat lower 
loss, so the loose ends do make a small contribution to 
the low frequency losses.

In Figure 4, log J' and log J "  are plotted against 
reduced frequency for the sulfur vulcanízate with v =
1.79 X 10~4, and the data for the dicumyl peroxide 
vulcanizate most nearly corresponding to it are re
peated from Figure 2. At low frequencies, the storage 
compliances are almost identical, but the sulfur vul
canizate shows somewhat more loss. A slight second
ary maximum in J "  is evident in both. At high fre
quencies, the dispersion of the sulfur vulcanizate is 
somewhat shifted to the left, corresponding to a larger 
local friction coefficient. The loss tangent for the 
sulfur vulcanizate is shown in Figure 5 together with 
low frequency data for three others, in the low fre
quency region. Here the magnitude of tan 5 de
creases with increasing v and with increasing M  just 
as for the dicumyl peroxide vulcanizates.

Discussion
Transition Zone. In Figure 3, the dispersion in the 

transition zone shifts to the left on the logarithmic fre
quency scale by 0.28 as v is increased from 0.57 to
2.68 X 10-4. The curve for the lowest cross linking is

Figure 4. Storage and loss compliance reduced to 25° and 
plotted logarithmically against reduced radian frequency 
for sample cross linked by sulfur with v = 1.79 X 10“ 4 
(curves S), compared with corresponding dicumyl peroxide 
vulcanizate with v = 1.85 X 10-4 from Figure 2 
(curves DCP). Pip directions for S curves denote different 
temperatures, from —69.3 to 55.8° in 17 steps.
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Figure 5. Loss tangents of sulfur vulcanizates, plotted 
logarithmically against reduced radian frequency: 
numbers denote v X 104; dashed lines,
M  = 5.1 X 106; solid lines, M  =  1.8 X 106.

very close to that for the uncross-linked polymer.18 
Plots of the relaxation spectrum H in this region show a 
similar spacing. The direction of shift is opposite to 
that which might be expected from a slight plasticize 
tion by the reaction products from the dicumyl per
oxide; actually, the magnitude of the latter effect can 
be predicted from free-volume calculations,19 after es
timating the fractional free volume of the polymer at 
25° from the parameters in eq. 3 to b e /26 =  0.119. On 
this basis, from eq. 8 of ref. 19, with a reasonable value 
of the parameter ¡3', the logarithmic shift from plasti
cization should not exceed about 0.02. On the other 
hand, if a relation is sought between v *  and the change 
in local friction coefficient f 0 corresponding to this 
shift, the slope d log fo/dr* is found to be 0.22 X 104. 
This could be interpreted as a decreased free volume 
accompanying formation of a cross link. However, 
calculating d f / d v *  =  (d log fr /d i^ A d  log f 0/d f )  

and taking d log fo /d / =  —1/2.303/262, we obtain 
d f / d v *  = —71 cc./mole of cross links, which would 
be surprisingly high; Mason20 has estimated for natural 
rubber cross linked by dicumyl peroxide a contraction 
in free volume of 34 A .3/cross link or 20 cc./mole. 
Curiously, in our previous studies of natural rubber2 
any shift in frequency scale with dicumyl peroxide 
cross linking was too small to be clearly detectable. 
Thus, the origin of the shifts in Figure 3 is uncertain. 
Another difference between the logarithmic loss tangent 
curves for polybutadiene and natural rubber in the 
transition zone is in their slopes, which approximate 
0.65 and 0.4, respectively. This discrepancy makes it 
difficult to compare their relative positions on the 
logarithmic frequency scale; polybutadiene lies 0.5

to 1.5 decades to the right. (If the Rouse theory 
applied in this region, the slope would be zero.)

In comparing the transition zone in Figure 5 and the 
corresponding curve in Figure 3, that for the sulfur 
vulcanízate lies at lower frequencies by about 0.32 
on the logarithmic scale. The direction is anticipated 
from the chemical changes which accompany sulfur 
vulcanization,2’21 but the magnitude is greater than 
would be expected for 1.33% of combined sulfur on the 
basis of experience with natural rubber.6 We shall 
not attempt to interpret these differences at the present 
time since the primary interest of this study is in the 
behavior at low reduced frequencies.

Low Frequency Loss Mechanism. Since the nature 
of the frequency dependence, as well as the magnitude 
of the loss, changes markedly with the degree of cross 
linking in Figures 2-5, the effect of v  cannot be fully 
described without an analysis of the frequency de
pendence. As a rough measure, however, we can com
pare the magnitude of tan 5 at a constant value of 
frequency (log w =  1) by plotting log tan S against log 
v  in Figure 6. The loss tangent drops rapidly with 
increasing v ,  and the dicumyl peroxide and sulfur vul
canizates fall approximately on the same curve. The 
values for M  = 510,000 are somewhat below the curve 
drawn for M = 180,000.

Also included are previous data2 for natural rubber 
vulcanizates with dicumyl peroxide and sulfur. This

Figure 6. Log tan S at a  =  10 rads/sec. plotted against 
log v  for polybutadiene vulcanizates with M  =  180,000 
(PB) and natural rubber (NR) vulcanizates from ref. 2 
( M  probably about 500,000): open circles, cross linked with 
dicumyl peroxide; black circles, with sulfur; tagged 
circles, polybutadiene vulcanizates with M  =  510,000.

(18) R. H. Valentine, unpublished measurements.
(19) J. D. Ferry and R. A. Stratton, Kolloid-Z., 171, 107 (1960).
(20) P. Mason, J. Chem. Phys., 35, 1523 (1961); Polymer, 5, 625 
(1964).
(21) H. D. Heinze, K. Schmieder, G. Schnell, and K. A. Wolf, 
Kautschuk Gummi, 14, 208 (1961).
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curve lies to the left; it is necessary to have nearly 
twice the density of elastically active network chains 
in polybutadiene as in natural rubber to achieve the 
same level of loss. (The difference is partly, though to 
a minor extent, attributable to a difference in the initial 
molecular weights; that for the natural rubber was 
nor determined but was probably about 500,000. 
Additional experiments on natural rubbers with known 
inbial molecular weights are in progress.)

The low-frequency loss mechanism has been tenta
tively attributed to coupling entanglements involving 
the network strands.2'4’22 The important parameter in 
this concept is the average number of entanglement loci 
trapped in a network strand. Since the average en
tanglement spacing is farther apart by about a factor 
of 2.5 in natural rubber than in polybutadiene,22 
it appears consistent that the loss falls off at lower de
grees of cross linking in the former. This comparison 
may be oversimplified, however, since dicumyl per
oxide produces more cross links per added molecule in 
polybutadiene than in natural rubber,23 and this dif
ference may be associated with unknown differences in 
network topology.

In any case, it is necessary to distinguish between 
trapped entanglements which contribute to the equilib
rium modulus as in the calculations of Mullins and 
Kraus6 and the relaxing entanglements whose con
tribution to the modulus vanishes with decreasing 
frequency in the logarithmic range below 3 in Figure 2. 
In this figure, for example, the large maximum in J "  
at low frequencies for v = 0.57 X  10-4 is associated 
in the usual manner of a frequency dispersion with a 
change in J' from 3.6 X 10-7 at equilibrium to 1.1 X 
10_7 in the plateau region near log co =  3. If the 
respective magnitudes of J' are inversely proportional 
to the number of effective network strands, then the 
latter value in the plateau is larger than the 0.57 X 
10 _4 effective at equilibrium, and it includes 1.30 X 
10 ~4 mole of effective strands whose contribution re
laxes out in the low frequency range. This quantity, 
vrx, is given for several other dicumyl peroxide vul- 
canizates in Table II and is compared with the number 
of nonrelaxing entanglement strands, v — v*. With 
increasing chemical cross linking, v — v* rises, but 
rrx falls. One possible explanation of this apparent 
paradox may be outlined as follows.

It may be pointed out that the contribution of an 
entanglement strand at equilibrium to the modulus is 
probably somewhat less than that of a cross-linked 
strand, so v — v* can be less than the actual number of 
entanglement strands. In other words, an entangle
ment affects the entropy of strain less than does a real 
cross link. However, perhaps in the frequency range

Table II : Relaxing and Nonrelaxing Effective 
Network Strands; M  = 180,000, Cross Linked with DCP

ft — y — ftH*
Sample

code V X  10*
V —  V *

X 10*
V —

rpx X  10*
v *  +  Vrs. r * -  b/M

734 0.57 0.34 1.30 0 .2 1 4.3
735 1.42 0.91 0.99 0.48 2.5
736 1.85 1.06 0.46 0.70 1.6
738 2.68 1.19 0 1 .0 0 0.9

near log co =  3 the entanglement strands make their 
full contribution, as much as though their ends were 
chemically tied. Then the ratio (v — v*)/(j> — v* +  
prx), also given in Table II, is a measure of the ef
ficiency of an entanglement at equilibrium. It rises 
from 0.2 to unity with increasing cross-link density. 
It is correlated inversely with the average number of 
entanglements per network strand between two chem
ical cross links, given in the last column of the Table II 
as (v — v*)/{v* — b/M) ; in fact, the product of the 
last two columns is roughly constant.

The concept of variable effectiveness of an entangle
ment in contributing to the equilibrium modulus is 
not consistent with the treatment of Mullins and Kraus, 
in which the parameter a of eq. 1 is considered to be a 
constant. However, the data analyzed by them refer 
mostly to networks in which the average number of 
entanglements per strand is sufficiently small that each 
should have at least 0.7 of its full effectiveness on the 
basis of the limited information in Table II. The 
concept of an effectiveness substantially less than unity 
applies only in very lightly cross-linked networks.

No attempt is made at present to account for the 
effect of loose ends, which is apparent in comparing dif
ferent initial molecular weights. This subject will be 
treated in the next paper of this series. Another possi
ble source of relaxation could be the presence of a sol 
fraction (molecules unattached at either end), but in 
the networks studied here the sol fraction should have 
been negligible.

The present discussion fails also to account for the 
topological entanglements, or interlocking structures, 
produced by the cross-linking process (as distinguished22 
from the entanglements in the Mullins-Kraus treat
ment, which are supposed to be present already in the 
uncross-linked polymer). The effects of such struc

(22) J. D. Ferry, “ Proceedings of the International Conference on 
Non-Crystalline Solids,” North-Holland Publishing Co., Amsterdam, 
1965, p . 333.

(23) B. M. E. Van der Hoff, In d . Eng. Chem., P rod . Res. Devebp., 2, 
273 (1963).
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tures on equilibrium properties have been treated re
cently by Case.24 Further experiments on other 
cross-linked systems are in progress.
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Light Scattering by Poly-y-benzyl-L-glutamate Solutions Subjected to 

Electric Fields

b y  B .  R .  J e n n i n g s  a n d  H .  G .  J e r r a r d

Department of Physics, University of Southampton, Southampton, England (.Received June 8, 1964)

The results of a study of the light scattering by solutions of poly-y-benzyl-L-glutamate in 
dichloroethane are presented. The ratio of the Z-averagc length of the equivalent rod to 
the weight-average degree of polymerization was found to be 1.36 A. This would seem 
to agree with previous light scattering results which are consistent with the molecule having 
the configuration of an a-helix. The application of electric fields changes the scattered 
intensity if the molecules are polar or electrically anisotropic and, in particular, a.c. fields 
enable a distinction to be made between these two cases. The solutions were subjected 
to d.c.tfielcs up to 1.9 kv. cm.-1 and an a.c. field of 450 v. cm.-1 at frequencies up to 10 kc./ 
sec. The molecule was found to possess a dipole moment of average value 3920 D. corre
sponding to 3.44 D. per monomer unit. It has negligible electrical anisotropy. The elec
tric field measurements enabled a value of 3250 sec.-1 to be found for the rotary diffusion 
constant Dr. The variation of Dt with molecular weight, found from the present results 
and those obtained by Wallach and Benoit, indicates the possibility that the molecule could 
be rodlike and partially flexible.

Recently, Wallach and Benoit1 have made light
scattering studies on three samples of poly-y-benzyl-L- 
glutamate (PBLG) in dichloroethane when subjected 
to an electric field. The results of investigations on a 
sample of different molecular weight are presented here.

The theory of such measurements has been sum
marized by Wallach and Benoit, who introduced two 
parameters a and R, which characterize the electrical

properties of the molecule and its flexibility respectively 
a is obtainable from the initial gradients of the Zimm2 
plots obtained with and without the field and gives a 
value of the dipole moment, n, if the anisotropy of elec
trical polarizability, 0, is zero, and of if n is zero. The

(1) M . L. W allach and H . Benoit, J. Polymer Sci., 57, 41 (1962).
(2) B . H . Zimm, J. Chem. Phys., 16, 1099 (1948).
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frequency dependency of a leads to practical differ
entiation between whether the molecule is either pre
dominantly polar or electrically anisotropic, and, if p is 
finite, to knowledge of the rotary diffusion constant, 
Dr. A combination of both mechanisms is manifest by 
a frequency-dependent change in the scattered intensity 
which has a finite asymptotic value at high frequencies. 
R is the ratio of the intensity changes produced by the 
field applied in two specified directions. The directions 
are such that a =  0 and 90°, where a is the angle be
tween the field direction and the vector s defined by s =
ie — io, in which io and ie are unit intensity vectors in 
the direction of the incident and scattered light, respec
tively. For rods, and all other molecules not deformed 
by the electric field, R should be —2: it also has this 
value for flexible chains which are oriented by an in
duced mechanism alone (/3 finite, p =  0), but can have a 
different value for molecules possessing a permanent 
dipole moment.

E x p e r i m e n t a l

Measurements were made both in the presence and 
absence of an applied field, using a modified form of the 
apparatus described by Jerrard and Sellen,3 on a com
mercial polymer sample obtained from Maim Chemicals 
Ltd., New York, N. Y. (English agents: V. A. Howe and 
Co. Ltd., London). D.c. fields of up to 3 kv. were 
supplied from a stabilized supply and a.c. fields were 
obtained at a field strength of 450 v. cm.-1 r.m.s., and 
for frequencies up to 10 kc./sec., from a high power 
oscillator-amplifier. The polymer sample was dis
solved in reagent grade solvent to obtain a solution of 
approximately 3 X  10“ 3 g. ml.-1. This was centrifuged 
in an M.S.E. nonrefrigerated preparative centrifuge for 
1 hr. at 9000 r.p.m. (10,000gi). The supernatant, of 
concentration 2.13 X 10-3 g. ml.-1, was the most con
centrated solution used for the light-scattering experi
ments. The incident radiation was of 4358-A. wave 
length.

R e s u l t s

A value of 0.105 for the refractive index increment 
(dn/dc) was obtained at 4358 A. by use of a Rayleigh 
differential refractometer.

(a) Electric Fields Absent. The Zimm plot obtained 
when no field was applied is shown in Figure 1. A  is 
the usual optical constant, c the concentration in grams 
per milliliter, 0 the angle between the forward direction 
of the incident beam and the scattered beam, Re' the 
Rayleigh ratio corrected by the term sin 0/(1 +  cos2 0). 
From this plot the data given for the first five param
eters of Table I were obtained. For a rigid rod, the 
length determined from the polar radius of gyration p z

sin2 9/2 + 1500c.

Figure 1. Zimm plot for PBLG in dichloroethane: wavelength, 
4358 A.; concentrations are expressed in grams per milliliter.

Table I : Parameters Determined from Light-Scattering 
Data with and without Application of Electric Fields“

M . = 2.5 (±0.06) X 106 
Nv =  1.15 (±0.03) X 103
(_(Pz2)av)Vi = 447 ±  18 A.
L* =  1550 ±  60 A.
B  =  6.7 (±0 .8 ) X 10-4
L w  =  980 ±  50 A.
¿Br =  1720 A
La =  1710 A.
p =  3920 ±  600 D.
p/Aw = 3.44 ±  0.7 D.
Dr =  3250 ±  50 sec.-1
h = Lz/Nw =  1.36 ±  0.09 A.
h  = L w / R w  =  0.86 ±  0.06 A.

“ L  designates the lengths of the equivalent rod of the mole
cule. Subscripts w and z signify weight and Z  average values, 
and Br and a the lengths calculated from the Broersma formula 
and for an a  helix, respectively. B  is the second osmotic virial 
coefficient.

is strictly a [Z(Z +  1) ]1/s average but this is very close 
to the Z average Lz. The value for Lw has been ob
tained from the slope of the high-angle asymptote of a 
graph of Kc/Re' against sin 0/2 by following the treat
ment suggested by Reichmann.4 The depolarization 
ratio, pu, was 0.0085 for 4358 A.

(5) Electric Fields Present. Using a d.c. field of 
1936 v. cm.-1 the scattered intensity changes, A /, were 
found to be small and apparently independent of con
centration. No change of the background scattering 
was experienced. From a graph of (Kc/R9')E against 
sin2 0/2, the initial slope pE was obtained. Using this

(3) H. G. Jerrard and D. B. Sellen, Appi. Opt., 1, 243 (1962).
(4) M. E. Reichmann, Can. J. Chem., 37, 489 (1959).
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in conjunction with the initial slope (p0) of Figure 1, a 
value of 0.13 was obtained for a from the equation a = 
5(po ~  Pe)/pa

in accord with theory, a linear dependence of AI/I 
on the square of the field strength E  was found for ob
servations at 6 =  135° (Figure 2). A value for R of 
—1.93 was obtained.

(c) Dispersion Measurements. If Alf is the intensity 
change at frequency / ,  then from theoretical considera
tions a graph of Alr=a/Alf against the square of the 
angular frequency u should be a straight line of slope 
(4D2) -1 and which gives an intercept of unity when 
w 2 =  0. The frequency / c at which A l r / & I f = f , =  1/ 2 is 
given by 2wfc =  2Dr. The variation of the ratio 
A/f/AZ/M, with frequency is shown in Figure 3. The 
strong frequency dependency indicates a significant 
molecular dipole moment but as the intensity change 
tends to zero, the anisotropy effect must be compara
tively negligible. Since all values of AI  were positive, 
the moment lies predominantly along the helix axis. 
From Figure 3 the critical frequency /„ is 1020 c./sec. 
giving Dr as 3.2 X 10s sec.-1. In Figure 4 the ratio 
AI /=0/  A/, is plotted against co2 and Dr is found to be
3.3 X 103sec.-1.

Discussion

The results are summarized in Table I. In addition 
to Lz. and Lw, the lengths LBr and La are included. 
L bi was calculated from the Broersma5 6 7 8 9 formula taking 
the molecular diameter as 18 A. and La was found as
suming the molecule to be an a helix. The dispersion 
results are consistent with the presence of a moment ¡x 
and the average value of this was calculated from the 
value of a. The value of 3.44 D. for the moment of the 
monomeric unit is in excellent agreement with that 
found from the Kerr effect and dielectric data.6-9 It is 
near the value of 3.6 D. expected from an a helix. The 
value of R indicates that the molecule is not deformed 
by the field, but it could be partially flexible.

According to Luzzati, et al.,10 if h is the ratio of the 
length of the molecule regarded as a rod to the degree of 
polymerization, then h varies with the molecular weight 
M  and approaches the value 2.0 A. as M  approaches 
zero. In this study L-,./Nw =  1.36 A. and this point fits 
well on the graph of h against M  drawn by Luzzati, 
et al., but the seemingly more correct value of h is given 
by Lv/Ny, and this is 0.86 A. The difference between 
these two values emphasizes the effect on h of the poly- 
dispersity of the sample and, if the samples studied by 
Luzzati had a similar degree of polydispersity, then 
their values are also too high, so that the value of 2.0 A. 
could be wrong. However, whatever the correct value,

A 2, v .2 c m .-2 (10-s).

Figure 2. Relative change in scattered intensity 
with square of electric field: 8 -  135°, a  = 90°.

3 6 9
Frequency ( /) ,  kc./sec.

Figure 3. Intensity change dispersion curve for a  =  

8  =  90° and an electric field of 452 v. cm.-1.

0 .2  0 .6  l . o  1 . 4

ca2 (108 sec. ~2).

Figure 4. Intensity change variation with square of angular 
frequency for a  —  8  =  90° and an electric field of 452 v. cm.-1.

the variation of h with M  would seem to indicate 
molecular flexibility.

The value of Dr and those obtained by Wallach and 
Benoit for samples of different molecular weight satisfy

(5) S. Broersma, J. Chem. Pkys., 32, 1626 (1960).
(6 ) A. Wada, ibid., 31, 495 (1959).
(7) I. Tinocco, J. Am. Chem. Soc., 79, 4336 (1957).
(8 ) C. T. O’Konski, K. Yoshioka, and W. H. Ortting, J. Phys. 
Chem., 63, 1558 (1959).
(9) A. Mukehata, Ann. Rept. Sci. Works, Fac. Sci., Osaka Univ., II, 
1 (1963).
(10) V. Luzzati, M. Cesari, G. Spach, F. Masson, and J. M. Vincent, 
J. Mol. Biol., 3, 566 (1961).
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a relationship of the form log Dr =  Ax +  A 2 log M, 
where Ai is a constant and A2 is approximately —3. 
The exact value of — 3 applies to rigid molecules.

The variation of h with M, the fact that A2 may not 
equal —3, and the value of R all allow of the possibility, 
as suggested by Luzzati, et al., that the form of the 
PBLG molecule could be a partially flexible 3.0i0 helix, 
the effect of flexibility leading to results which seem to 
be consistent with it being an «  helix. However, the 
authors believe that a consideration of the polydisper- 
sity of the samples is of paramount importance and that 
since the present results show a change of h from 1.36 
to 0.86 A., it is possible that the true value of h as to

approaches zero is nearer to the value of 1.5 A. associated 
with an «-helix than the value 2.0 A. suggested by 
Luzzati, et al. Further support for an «-conformation 
is givin by Parry and Elliott.11
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Dimerization o f  Anions of Long-Chain Fatty Acids in Aqueous Solutions

and the Hydrophobic Properties of the Acids
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and van’t Hoff Laboratory, Sterrenbos 19, Utrecht, Holland (Received October 14 , 1964)

The problem of the dimerization of amphipathic molecules in dilute aqueous solutions is 
reviewed. An extensive body of data on the distribution of fatty acids (HA) between 
heptane and an aqueous phosphate buffer (pH 7.45) obtained by Goodman is analyzed. 
The data cannot be interpreted without postulating self-association of anions, and de
tailed analysis shows that association involves only two anions: the formation of trimers 
or higher aggregates is negligible. Theoretical arguments suggest that the formation 
of acid soap species (or the hydrolysis of the anion dimer) is negligible at pH 7.45. The 
postulated equilibrium 2A~ A22- 3 4 5 accounts for all anomalies for seven systems, and
reliable values of the dimerization constant Kd are derived. K-d increases progressively 
with chain length to a high value for the palmitate ion, but, curiously, stearate, oleate, and 
linoleate all give values of the same order as palmitate. From the extrapolated values of 
the distribution data to infinite dilution, the free energies (AG) of complete transfer to the 
fatty acids are calculated. The change in AG for the addition of a CH2 group, AG(CH2), is 
constant between octanoic and myristic acids (—825 cal./mole) but decreases somewhat 
between myristic and palmitic acids. In their AG values, also, the three Cis acids appear 
to be similar to palmitic acid. The implications of these findings to the understanding of 
micellar equilibria, association of short-chain fatty acids, and some aspects of lipid biochem
istry are briefly discussed. A simple, but tentative, physical explanation is suggested for 
the preponderance of Cie and Cis acids in many physiological systems.

Introduction
In 1958, it was shown in a series of papers2-6 that a 

large number and variety of experimental results on 
solutions of electrolytes containing amphipathic ions 
are inconsistent with the commonly accepted notion 
that these electrolytes are unassociated below the criti
cal micelle concentration (c.m.c.). The anomalous 
results could be explained qualitatively, and in several 
cases quantitatively, by assuming a reversible dimeriza
tion of the long-chain ions, accompanied by ion-pairing 
when the counterions are organic in nature. Later 
work has led to some conflicting results. Strong evi
dence of pre-c.m.c. association has been obtained in a 
hydrolysis study of sodium laurate6 and in some pNa 
studies on sodium lauryl (NaLS) and tetradecyl sul
fates7 whereas in a series of electrolytes in which both 
cations and anions are organic, ion pairing, increasing

progressively with increasing organic character of the 
ions, has been confirmed.8 On the other hand, a 
potentiometric study9 on dodecyl sulfonates has given 
little evidence of dimerization, and some new con
ductivity data have been presented on NaLS,10 which,

(1) Department of Chemistry, University of Southern California, 
Los Angeles, Calif. 90007.
(2) P. Mukerjee, K. J. Mysels, and C. I. Dulin, J. Phys. Chem., 62, 
1390 (1958).
(3) P. Mukerjee, ibid., 62, 1397 (1958).
(4) P. Mukerjee and K. J. Mysels, ibid., 62, 1400 (1958).
(5) P. Mukerjee, ibid., 62, 1404 (1958).
(6 ) D. Eagland and F. Franks, Nature, 191, 1003 (1961).
(7) L. Shedlovsky, C. W. Jakob, and M. B. Epstein, J. Phys. Chem., 
67, 2075 (1963).
(8 ) A. Packter and M. Donbrow, Proc. Chem. Soc., 220 (1962).
(9) F. van Voorst Vader, Trans. Faraday Soc., 57, 110 (1961).
(10) G. D. Parfitt and A. L. Smith, J. Phys. Chem., 6 6 , 942 (1962).
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in contrast to previous ones,2 seem to be well accounted 
for by the Fuoss-Onsager extended theory11 for non- 
associated electrolytes.

The importance of any pre-c.m.c. association in any 
quantitative study involving amphipathic ions is very 
great and so are the difficulties involved in getting 
quantitative information about such association. At 
the low concentrations available for study, most equi
librium methods for studying self-association are im
practical or imprecise. Some nonequilibrium methods, 
conductometry in particular, are capable of greater 
precision but involve, for every associated species, the 
determination of a parameter in addition to an equilib
rium constant (the conductivity of the dimer in di
merization equilibria, for example). This restriction 
severely limits the usefulness of nonequilibrium 
methods.

An experimental method of great possibility for 
studying the self-association of amphiphatic species is 
the determination of partition equilibria, which can be 
followed by analytical means to extremely high dilutions 
and over large ranges of concentration. The present 
paper deals with the interpretation of an extensive 
body of data, convenient for our purposes, on the dis
tribution of a large number of fatty acids between n- 
heptane and aqueous sodium phosphate buffer (ionic 
strength 0.16, pH 7.45, temperature 23°), published 
by Goodman in 1958.12 13 Using C14-labeled acids, Good
man measured distribution coefficients for concentra
tions as low as 10~8 M  in water and over a range of 
several orders of magnitude. From octanoic to myris- 
tic acid, the data could be explained, over about three 
orders of magnitude in concentration, by a simple theo
retical scheme involving three well-established equilib
ria, the ionization of the fatty acids (HA) in the buffer, 
the distribution of the undissociated monomeric HA 
between the phases, and the monomer-dimer equilib
rium of the fatty acids in heptane. At higher con
centrations the experimental data begin to show devia
tions from this scheme at concentrations (in water) of 
less than 3 X 10-3, 2 X 10~4, and 10-6 M  for decanoic, 
lauric, and myristic acids and at much lower concentra
tions for the higher acids investigated—palmitic, 
stearic, oleic, and linoleic. The deviations are all in the 
direction of more fatty acid material being present in 
water than expected, and Goodman made the qualita
tive suggestion that they are due to the association of 
fatty acid anions. A  quantitative interpretation of the 
distribution data is presented here. It provides good 
insight into the nature of the pre-c.m.c. association, 
reliable estimates of association constants (A d) for 
monomer-dimer equilibrium 2A~ A22-, and es

timates of the hydrophobic characters of long-chain 
compounds.

The Nature of the Association
It is possible, by very general methods of dealing 

with equilibrium data on self-associating systems,13 to 
derive information about the nature of the equilibrium 
species present. In Goodman’s theoretical scheme, 
assumed to apply in the monomers in water, the parti
tion ratio, P.R., which is the analytically determined 
ratio of the concentration sum of all fatty acid species in 
heptane and the aqueous buffer, is expressed by

K p' +  K v’ V (1  +  8fcd[HA]totai~h)

where K v' is the partition ratio at infinite dilution, h 
stands for heptane, and kd is the association constant of 
the fatty acid dimers in heptane. K p' equals A pA a- 
[H+], where K v is the partition coefficient of HA and A a 
its dissociation constant in water. In the region where 
the experimental P.R. is smaller than that calculated 
from eq. 1, the calculated P.R. gives the monomer con
centration b, which may be put equal to [A~] in water 
since [HA] <K [A- ]. The experimental P.R. gives 
the total equivalent concentration of fatty acid in 
water, called B. Assuming an as yet undetermined but 
completely general scheme of self-association to A22_, 
As3-, . . ., B equals [A~] +  2[A22_] +  3[A33“ ] +  . . . . 
If the total molar concentration of all species ([A - ] 
+  [A22_] +  [A83_] +  . . .) be called S, then, regardless 
of the nature of the species present, it can be shown13 
that

dS _ B  
d b ~ b (2)

if the activity coefficients of the various species are as
sumed to be constant. In view of the constant and 
high ionic strength maintained, this assumption here 
should be excellent. S, as a function of b, can be deter
mined by graphical integration using Kreutzer’s14 
integrated form of eq. 2

S -  St. =  2.303 f 6 Bd log b (3)
•s 6i

The average number of monomers in the aggregated 
species, n, at any concentration, is now given by13

(11) R. M. Fuoss and L. Onsager, ./. Phys. Chem., 61, 6 6 8  (1957)- 
62, 1339 (1958).
(12) D. S. Goodman, J. Am. Chem. Soc., 80, 3887 (1958).
(13) F. J. C. Rossotti and H. Rossotti, J. Phys. Chem., 65 926 
(1961).
(14) J. Kreutzer, Z. physik. Chem., 53B, 213 (1943).

The Journal o f  P h ysica l Chem istry



D imerization of Anions of Long-C hain Fatty A cids 2823

n
B -  b 
S - b ( 4 )

If a single multimer forms, n has a constant value. 
For a series of multimers, n increases with concentra
tion, its lowest value being 2 if dimers form at all.

The correctness of any model of self-association is 
most severely tested in our case for the Cw and Cis acids 
because of the wide range of concentrations over which 
association is evident. Figure 1 shows calculated n 
values for the palmitate system for two different kd 
values. The lower estimate was obtained from a short 
extrapolation of the fed values given by Goodman for 
C8 to Cm acids to the Ci6 acid on a plot against the chain 
length. The higher estimate uses the same procedure 
on the revised values of kd (see later). The K p' values 
were obtained by graphical extrapolation of the P.R. 
data, which vary by a factor of less than 1.5. The value 
of n is 2 over the whole range, up to concentrations 
where the monomer fraction is less than 10%, and shows 
no trend to higher values. Thus, the associated species 
indicated involve two monomers only. Previous 
arguments2 against the extensive formation of trimers 
or higher aggregates in terms of additional charge re
pulsions and relatively smaller reduction of the hydro
carbon-water interface are thus amply justified.

At the constant pH and a high, nearly constant, 
value of [Na+] employed, the formation of other bi- 
nuclear species, such as HA2_, H2A2, or NaA2- , from 
the monomers and the respective counterions cannot 
be isolated from the dimerization equilibrium 2A~ ^  
A22_ itself. However, it is argued later that these 
species are probably negligible in the present case.

Calculation of KD Values
We now interpret all deviations from eq. 1 in terms of 

anion dimerization. Although the K d values can be 
estimated in different manners,13 the final test of their 
reliability is how well the experimental P.R. data can 
be accounted for. If P.R. (calcd.) be the value from 
eq. 1 (for no dimerization), then P.R. (exptl.) is given 
by

, N P.R.(calcd.)2
P.R.(exptl.) =  1 i \ 1 ojv riTAl-------- (5)P.R.(calcd.) T  2fvD[HAJtotai, h

For fitting the data we have used Goodman’s estimates 
for K p' for the four lowest acids and other values de
rived by graphical extrapolation (Table I). Good
man’s kd values for Ci0 to Cw systems have been raised 
slightly, to obtain better fits at all concentrations, the 
maximum change being less than a factor of 1.5. The 
kd values for the higher acids are obtained by extrap
olation. The raised values are in better agreement

Table I : Partition Coefficients and Transfer Free 
Energies of Fatty Acids

Acid K p’ Kp
a  a,

kcal./mole
A G ( C H ü ) , 

cal./mole

Octanoie 0 .0 1 2 4.3 -0 .8 6 , -8 4 0  ±  30Decanoic 0 .2 1 75 -2 .5 4
Lauric 3.0 1.07 X 103 -4 .1 0 —  780 ±  30
Myristic 54 1.92 X 104 -5 .8 0 — o50 ±  oO 

-7 0 0  ±  30Palmitic 580 2.06 X 105 — 7.20|
Stearic 760 2.7o X 106 —7.35’ -7 5  ±  30
Oleic 570 2 .2 8  ±  10s -7 .2 5
Linoleic 272 1 .2 i  ±  106 -6 .8 8

Figure 1. n  calculations for the palmitate system. 
It is assumed that n  =  2 up to B / b  =  1.3:
O, ki = 1.0 X 104; A, kd =  1.6 X 104.

with estimates of 1.4 and 2.0 (X  104) for fcd, on a molar 
scale, in hexane for lauric and palmitic acids obtained 
from interfacial tension data.16

In Figure 2, the P.R. data are plotted against the 
total concentration in the aqueous phase, for the three 
smaller acids, to emphasize the higher concentrations. 
The expected monomer curves indicated here are linear, 
with an intercept of K v' and a slope of 2ka(Kp')2.12 
Figures 3 and 4 show the calculated dimer curves for 
the four highest fatty acids on a logarithmic scale. 
Figure 4 shows that, for given values of K p' and kd, K d  

can be determined quite precisely. In view of the un
certainties in kd and K p', however, the over-all reliability 
of the estimated Kd values (Table II) is not better 
than 20-40%. Dimerization clearly accounts quanti
tatively for all anomalies in the seven systems.

When P.R. (calcd.) <3C 2AT>[HA]totai,h, i.e., for high 
values of K d and [HA]totai,h, one obtains a limiting 
value for P.R. (exptl.)

P.R. (exptl.) =  (Kp'ykd/Ku (6)

independent of concentration. This is, indeed, ob
served for the Cw and Ci8 acids. Equation 6, where 
applicable, leads to a rapid estimate of K d .

(15) A. F. H. Ward and L. Tordai, Bee. trav. chim., 71, 482 (1952).
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Figure 2. Partition ratios plotted against the total concentration 
of all species in the aqueous phase: □, decanoate system, 
ordinate A; A, laurate, ordinate B; O, myristate, 
ordinate C. Abscissas are to be multiplied by 10“ 3 
for □, 10~4 for A, and 10-6 for O. Initial tangents 
are calculated curves for monomers only.

Figure 3. Partition ratios against [HA] total, h for palmitate 
(O, left-hand scale) and stearate (A, right-hand scale). 
Curves marked D are calculated by using A d values 
of Table II. The curve marked M is the expected curve 
for monomers only for the palmitate system.

Table II: Dimerization Constants

Acid id X  10-* Kd

Octanoic 5.8 <10
Decanoic 8.2 40
Laurie 10.0 650
Myristic 13.0 2.6 X 104
Palmitic 16.0“ 7.0 X 106
Stearic 20.0“ 1.27 X 107
Oleic 20.0“ 7.2 X 10s
Linoleic 20.0“ 4.0 X 106

0 Estimated by extrapolation.

Log [HAjtotal. h.

Figure 4. Partition rates for the oleate system, O, and 
linoleate system, A, plotted against [HA] total, h. A d values 
used are 6.5, 7.2, and 7.9 for curves 1, 2, and 3, and 3.6, 4.0, and 
4.4 for curves 4, 5, and 6 (all multiplied by 106), respectively.

The Interpretation of Kn Values
The two most striking features of the Kt> values are 

their great dependence on the chain length up to the 
Ci6 acid and the small difference between the Ci6 and 
Cis acids. This second feature is very curious and will 
be discussed later. From Ci0 upwards, K d increases by 
progressively larger factors. This effect of chain 
length is consistent with the model of dimers previously 
advanced,2 in which the hydrophobic chains entwine 
with each other, leaving the charged groups far apart. 
With increasing chain length and flexibility, there is 
more hydrocarbon-water interface to be lost while the 
intercoiling of the chains is facilitated. Between di
mers of successive acids, there is a difference of four 
CH2 groups. The complete removal of four CH2 
groups from water to a hydrocarbon environment (see 
later) alone can increase K d by a factor of about 250, 
and an additional increase in K d can come from the de
creased charge repulsion. Thus the maximum increase 
in Kd observed above is not impossibly large.

The Formation of Other Species
It is expected that the formation constant K ' of the 

acid soap species HA2~ in the equilibrium HA +  A~ 
uA HA2~ is greater than K d because of the absence of 
charge repulsion and the possibility of hydrogen bond
ing in HA2. An estimate of the charge repulsion can 
be made for our model of A22- (heads apart and tails 
intertwined). The work of repulsion AW, at low ionic
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strengths, is given by the Kirkwood-Westheimer 
theory.16

AW  =  e2/  Del (7)

e is the electronic charge, De the “ effective”  dielectric 
constant, and l the distance separating the charges. 
The value of De depends primarily on l, the hydro
carbon volume of the dimer, and the dielectric constant 
of the surrounding medium. For our systems, De is 
within a few per cent of the medium value for any 
reasonably geometry, including a spherical dimer. 
Thus, the value of AW is roughly 4.4/7 kcal. mole-1 (Z 
in A. units). Considering that at our high ionic 
strengths, the double-layer thickness is only 7.5 A., 
the charges are expected to be considerably shielded 
from each other3 as the value of l is in the range of 10-25 
A. AW, therefore, should be below 0.4 kcal./mole for 
all our systems.

For hydrogen bonding to be an important factor for 
HA2~, it must have a head-to-head and tail-to-tail con
figuration for which the hydrophobic interactions here 
are expected to be less favorable. The hydrogen bond
ing, by itself, is not expected to be very strong in the 
presence of large excess of water, as evidenced by the 
low formation constants, A d', of the dimers of lower 
fatty acids (2HA ^  H0A2) in aqueous media17: A d ' is 
about 0.2 for acetic acid and less than 0.1 for formic 
acid. Recent estimates of the enthalpy associated with 
A d' for formic acid is 0 ±  1 kcal./mole18 and for acetic 
acid 0.4 kcal./mole,17 and hydrogen bonding may not 
be involved at all in the dimerization of HA (see later). 
Thus, the combined effect of the charge repulsion in 
A22- and hydrogen bonding in HA2-  should not exceed 
2 kcal./mole for the extra stability of HA2-  as compared 
to A22-. This corresponds to a value of about 30 for 
the ratio A ' / A d and an error of 10% in the estimated 
A d values since, at pH 7.45, the ratio [A- ]/[H A] in 
water is about 300. Thus, the species HA2-  should be 
negligible for the present conditions. The importance 
of HA2-  should be easy to evaluate from pH-variation 
studies of the partition equilibria.

The extension of the above argument makes H2A2 of 
considerably lesser significance than HA2- . As there 
is little evidence of ion pairing of carboxylic acids with 
Na+, it seems justified to neglect the species NaA2-  
and Na2A2.

Although the n calculations do not indicate the for
mation of trinuclear (A33-, HA32-, etc.) or higher 
species here, they may be of some importance at lower 
pH values and in hydrolysis studies because of the 
more pronounced charge effects on the acid dissociation.

Discussion of Previous Work
The previous estimates of A D values in dilute solu

tions of 100-350 for NaLS2 and a low value of the order 
of 10 for sodium decyl sulfate (NaDS)19 are consistent 
with the present estimates for the same chain lengths, 
considering that the charge repulsion increases in 
dilute solutions. The large factors by which A d in
creases with chain length provide a ready explanation 
of the proposed onset of “ irreversible dimerization” 20 
(i.e., nearly complete dimerization over certain ranges 
of concentration4) for some quaternary ammonium 
salts above certain chain lengths.

Regarding the negative results reported,9’10 that of 
van Voorst Vader9 was obtained with a cell with a 
liquid junction, which is uncertain in general and par
ticularly for amphipathic compounds. More important,
c.m.c. data obtained at 20° were used to evaluate 
e.m.f. data at 35°. For their analysis of equivalent 
conductivity data (A) on NaLS, Parfitt and Smith10 
used a value of 72.9 for A0 (at infinite dilution at 25°). 
They reported only two measurements below 0.001 M. 
The A0 value does not agree with the previous esti
mates of 71.72 and 71.4.21 It is also too close to the A0 
(73.4) for NaDS.19 The difference of 0.5 units (out of 
about 23) in the equivalent conductivity of the amphi
pathic ion for a two-carbon increment in chain length 
does not seem reasonable from a hydrodynamic point of 
view and does not agree with the difference of 1.74 ob
tained for the pair decyl- and dodecyltrimethylam- 
monium ions.22 The reliability of the experimental 
procedure used in the previous investigation for NaLS2 
seems to be further supported by the findings of approxi
mately Onsager-type behavior in dilute solutions for 
NaDS19 and its applicability to KC1 solutions in another 
laboratory.23 A value appreciably less than 72.9 for A0 
would not allow the conductivity data of Parfitt and 
Smith to be fitted by the Fuoss-Onsager extended 
theory and would require some association as in the 
case of the previous data.

The previous interpretation of the association of

(16) J G. Kirkwood and F. H. Westheimer, J. Chem. Phys., 6 , 506, 
513 (1938).
(17) J. D. E. Carson and F. J. C. Rossotti in “Advances in the 
Chemistry of Coordination Compounds,” S. Kirschner, Ed., The 
Macmillan Co., New York, N. Y., 1961, p. 181.
(18) E. E. Schrier, M. Pottle, and H. A. Scheraga, J. Am. Chem. Soc., 
8 6 , 3444 (1964).
(19) K. J. Mysels and P. Kapauan, J. Colloid Sci., 16, 481 (1961).
(20) E. J. Bair and C. A. Kraus, J. Am. Chem. Soc., 73, 1129 (1951); 
D. W. Kuhn and C. A. Kraus, ibid., 72, 3676 (1950) ; M. J. McDowell 
and C. A. Kraus, ibid., 73, 2173 (1951).
(21) B. D. Flockhart, J. Colloid Sci., 17, 305 (1962).
(22) M. J. McDowell and C. A. Kraus, J. Am. Chem. Soc., 73, 2170 
(1951).
(23) R. H. Boyd, J. Phys. Chem., 65, 1834 (1961).
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short-chain fatty acids in water,17 in terms of bonding 
between organic parts,2 also suggested by Kauzmann,24 25 
is supported by the similarity of the entropy of the 
first dissociation of H2A2 for acetic acid and that of HA.26 
An explanation in terms of hydrogen bonding requires 
a single hydrogen bonding in HoA2, instead of a cyclic 
structure,17 which does not seem to be enough for 
stability and gives no explanation as regards why cycli- 
zation does not occur. On the other hand, hydro- 
phobic bonding seems to give a reasonable explanation 
of the association.2’18’24 If the salt effects, which are 
small,18 are neglected for the K d ' values, obtained at 
high salt concentrations, and the charge effects for our 
K d values, obtained at high ionic strengths, then both 
should reflect the hydrophobic bonding in dimerization 
for various chain lengths. Figure 5 shows that Kd 
values do indeed extrapolate well to K d' values. 
Figure 5 should allow rough estimates of hydrophobic 
bonding in dimerization for intermediate chain lengths.

The Free Energies of Complete Transfer of 
Fatty Acids

For evaluating theories of micelle formation, a 
quantity of great interest is the free energy of com
plete transfer, A(?(CH2), from an aqueous to a hydro
carbon environment. The value generally used is 
— 1.08kT per CH2 group (25°) or about —640 cal./ 
mole.26-29 This figure compares poorly with an esti
mate of about — 800 cal./mole obtained from partition 
data but presented without details.30 The estimated 
transfer free energies to air-water and hydrocarbon- 
water interfaces are — 62531 and —810 to —820 cal./ 
mole,32 respectively, so that the value of —640 cal./ 
mole for complete transfer seems to be too low.

Reliable A(r(CH2) values for long-chain compounds 
(C12 or higher) are of great interest and do not seem to 
be available. Goodman’s distribution data are suit
able for this purpose.

To calculate K p from the experimental K p , the pK a 
value for octanoic acid,38 4.90, is used for all the satu
rated fatty acids. As pK & changes by only 0.05 units 
from n-valeric to octanoic acid,33 any error should be 
small. Since pK a values for both 4- and 5-hexenoic 
acids are reported as 4.72, intermediate values of 4.85 
and 4.80 are used for the unsaturated oleic and linoleic 
acids. Activity coefficient corrections are neglected.

The K p' and K p values (molar scale), the correspond
ing AG of transfer (AG =  —RT In K p) , and the average 
values of Af7(CII2) are given in Table I. The estimated 
uncertainty in each A(7(CH2) corresponds to the esti
mated uncertainty of 10% in the ratios of K p.

The AG increases linearly with chain length from 
octanoic to myristic acid, so that A(7(CH2) values are

Figxire 5. Logarithms of K W  values17 (formic to butyric 
acids) and K j >  values (decanoate to stearate ions), present paper, 
plotted against the number of carbon atoms in the species.

fairly constant. Goodman has previously noted the 
increase in K p by nearly constant factors.12 The 
average value of —825" ±  10 cal./mole is in good accord 
with previous estimates of —800 cal./mole30 and —823 
cal./mole obtained from the solubility data of medium 
chain alcohols.34 * The AG for palmitic acid is signif
icantly lower than expected from the previous trend. 
The Cig acids are all rather similar to the Cw acid 
again, as in their K d values (Table II).

The above A(7(CH2) value differs substantially from 
the corresponding estimate for micelles, — 680 to — 700 
cal./mole.29 Two possible explanations are the neglect 
of pre-c.m.c. association in the calculations for micelles 
and the inadequacy of the liquid-core model of the 
micelle. The chains inside a micelle are likely to be 
more constrained than in a liquid hydrocarbon and to 
have a lower entropy.

Is There a Limit to Hydrophobic Character?
The close similarity of the hydrophobic character of 

Cie and Cis acids is extremely curious. It is reflected 
both in the AG values (Table I) and K d values (Table
II) which are in roughly the same order. A similar

(24) W. Kauzmann, Advan. Protein Chem., 14, 1 (1959).
(25) D. L. Martin and F. J. C. Rossotti, Proc. Chem. Soc., 73 (1961).
(26) K. SMnoda, Bull. Chem. Soc. Japan, 26, 101 (1953).
(27) J. Th. G. Overbeek and D. Stigter, Bee. trau, chim., 75, 1264 
(1956).
(28) R. H. Axanow and L. Witten, / .  Phys. Chem., 64, 1643 (1960).
(29) P. Mukerjee, ibid., 6 6 , 1375 (1962).
(30) D. J. Crisp, “ Surface Chemistry,” Butterworth and Co. Ltd., 
London, 1949, p. 65.
(31) I. Langmuir, J. Am. Chem. Soc., 39, 1848 (1917).
(32) J. T. Davies, Trans. Faraday Soc., 48, 1052 (1952).
(33) R. A. Robinson and R. H. Stokes, “ Electrolyte Solution,”  
Academic Press Inc., New York, N. Y., 1955.
(34) K. Kinoshita, H. Ishikawa, and K. Shinoda, Bull. Chem. Soc.
Japan, 31, 1081 (1958).
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sequence is observed in Goodman’s study of the bind
ing of the fatty acid anions to human serum albumin.85 
If the average number of anions bound to a protein 
molecule is v at the equilibrium anion concentration c, 
the extrapolated value of v/c at c =  0, (v/c) 0, provides a 
good measure of the strength of binding. In the se
quence laurate, myristate, palmitate, and stearate, (v/c)0 
increase by factors of 3.8, 9.0, and 1.2, again showing 
the close similarity of palmitate and stearate ions. 
Thus, three quite different types of evidence suggest 
that at very high chain lengths, the hydrophobic charac
ter tends to become constant. Very large experimental 
errors must be involved for these findings to be entirely 
spurious. Some corroborative evidence for the phe
nomenon can also be cited. For example,35 36 the c.m.c. of 
CreH2n+iCrJL-p-S03_Na+ seems to decrease by the 
usual factor of 4 as n increases by 2, but, as n increases 
from 12 to 14 and 14 to 16, the factors become 1.6 and
1.2, respectively. Similar results have been obtained 
for some nonionic compounds also37'38 although, for 
alkyl sulfates, the Ci8 compounds does not seem to be
have unusually.39

A possible explanation for the phenomenon can be 
based on the increased ease of coding with chain length 
such that, for sufficiently long chains, some of the 
methylene groups are put effectively in an organic in- 
vironment inside the curled-up chain. Molecular models 
show that the explanation is plausible. Nevertheless, 
the changes in the trends of the AG, A d, and (v/c)0 values 
between palmitic and stearic acid seems too abrupt. 
They raise the possibdity of a sudden transition of the 
long chain from an extended structure to a cod at cer
tain values of the chain length, depending, probably, 
upon the nature of the hydrophdic head group and tem
perature.

Application to Lipid Biochemistry
The pH and the ionic strength in Goodman’s study 

correspond to those in mammalian blood plasma.36

The AG and A p values should, therefore, be of some use 
in lipid biochemistry. An analysis of the binding of the 
anions to human serum albumin will be presented later, 
taking the very considerable effects of dimerization into 
account. A good correlation is found between A d and 
(v/c)o values for the saturated fatty acids, which pro
vides some insight into the nature of this binding in 
terms of hydrophobic bonding.

An interesting and remarkable feature of lipid bio
chemistry is the preponderance of Ci6 and Ci8 acids in 
many physiological systems, as compared to lower and 
higher homologs. The differences between long-chain 
fatty acids he mainly in their hydrophobic character. 
The present analysis suggests that this increases fairly 
regularly with chain length up to Ci6 but tends to level 
off after that. If this trend is followed, the C2o or higher 
acids may not be much more hydrophobic than the Ci8 
acids. The preponderance of Ci6 and Ci8 acids may, 
therefore, be due to their optimum hydrophobic charac
ter. This appears to be a simple physical explanation 
of one of the puzzling features of lipid biochemistry, 
but it should be considered tentative until further ex
perimental evidence is available.
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(35) D. S. Goodman, J. Am. Chem. Soc., 80, 3892 (1958).
(36) H. Kölbel, D. Klemann, and P. Kurzendörfer, Proc. Intern. 
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shown of equivalent conductance data in Figure 4 (3.0 X 10 M).

Volum e 69, N um ber 9  September 1966



2828 I. J. Bear and A. G. Turnbull

The Heats of Formation of Beryllium Compounds. I. Beryllium Hydroxides

by I. J. Bear and A. G. Turnbull

Division of Mineral Chemistry, C.SJ.R.O., Melbourne, Victoria, Australia (Received November 19, 1964)

The heats of solution of ultrap'ure beryllium metal and of a- and /3-beryllium hydroxides 
in aqueous HF have been measured calorimetrieally to find A //f0 2 98 [a-Be(OH)2] =  —215.75 
±  0.5 kcal./mole and AH,0298 [8-Be(OH)2] =  —216.5 ±  0.5 kcal./mole. From the heat of 
precipitation from beryllium sulfate solutionhas been found Af/Aas [Be(OH)2ppt. ] =  —213.1 
±  0.6 kcal./mole. Entropies and free energies of the three hydroxides have also been 
estimated and the free energies of several aqueous beryllium ions evaluated.

Introduction
Beryllium oxide for use in nuclear technology is 

usually produced by thermal decomposition of the 
hydroxide. The apparently simple reaction involved

Be(OH)2(s) — > BeO(s) +  H20(g) (1)

is complicated in practice by the existence of three 
forms of the hydroxide, amorphous, a, and /3, and the 
initial formation of finely divided oxide with a distorted 
lattice and large surface energy.1 In order to evaluate 
the heat and the equilibrium of this reaction, it is 
necessary to have precise values of heat and free energy 
of formation of all the possible solids involved. Al
though there have been several measurements of the 
heat of solution of the hydroxides and oxides in aqueous 
HF and of the heat of combustion of beryllium, many 
are of poor accuracy and there has been no com
mon basis to make the data self-consistent. As dis
cussed later, previously reported heats of formation of 
amorphous, a-, and /?-Be(OH)2 appear to be in the re
verse order to that expected from chemical data. A 
common basis has now been provided by measuring 
the heat of solution of ultrapure beryllium in aqueous 
HF of various concentrations. The heats of solution of 
a-, ¡3-, and amorphous Be(OH)2 in 22.6% HF have also 
been measured to derive their heats of formation, and 
the heat of precipitation of gelatinous Be(OH)2 has 
been studied.

Experimental
Materials. The beryllium metal used was Nuclear 

Metals vacuum-distilled single crystal containing 
99.985% beryllium and the following impurities (in 
p.p.m.): Fe, 4; Ni, 2; Mn, 7; Si, 5; Al, 12; Cu, 6;

N, 8; and O, 100. Thus any corrections to the heat 
of solution for impurities were quite negligible 
(<0.01%). The metal available to previous investiga
tors has seldom contained more than 99% beryllium, 
requiring appreciable corrections. The present metal 
dissolved in 22.6% HF in less than 15 min., leaving no 
detectable residue and evolving 1 mole of H2/g.-atom 
within 0.1% as expected from the valence of two.

The beryllium hydroxides were made from Analar 
BeS044H 20  of >99%  purity by the well-established 
procedures of Fricke and Wullhorst.2 The amorphous 
form was precipitated by ammonia, the a-form pro
duced by boiling the amorphous in 10% ammonia, and 
the /3-form by hydrolysis of aqueous sodium beryllate, 
followed by washing with distilled water and drying in 
C 02-free air at 60°. Analysis by ignition to the oxide 
gave for a, 58.2 wt. %  BeO and for /3, 58.4 wt. %  BeO 
(theoret. Be(OH)2, 58.14% BeO). The X-ray diffrac
tion patterns shown in Figure 1 were recorded with Gu 
K a radiation, using a Philips counter diffractometer. 
The 1° divergence and scatter slits and the 0.1-mm. re
ceiving slit were used at a scan rate of l°/m in. Sam
ples were held in thin layers on aluminum slides to re
duce absorption errors, and the aluminum fines used for 
calibration.

The X-ray pattern of /3-Be(OH)2 agrees well with the 
powder data of Seitz, Rosier, and Schubert,3 indicating 
well-crystallized orthorhombic Be(OH)2 with no other

(1) R. Fricke and G. F. Huttig, “Hydroxide und Oxyhydrate,”  
Akademie-Verlag, Leipzig, 1937.
(2) R. Fricke and B. Wullhorst, Z. anorg. allgem. Ghem., 205, 127 
(1932).
(3) A. Seitz, XJ. Rosler, and K. Schubert, ibid., 261, 94 (1960).
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Figure 1. X-Ray diffraction patterns of BefOHh phases.

detectable crystalline impurities. There is good agree
ment between the X-ray pattern of a-Be(OH)2 and the 
incomplete X-ray data for the original preparation given 
by Fricke and Humme.4 5 Partial X-ray data (15-20°
0) given by Bernier,6 for a-Be(OH)2 prepared from 
beryllium chloride and nitrate solutions by ammonia 
precipitation and aging, also agree well. A tetragonal 
unit cell (a =  10.84, c =  7.84) has been suggested for 
a-Be(OH)2 by Guillemat and Lecocq6 without support
ing data. On this assumption, the present data (Table
1) give lattice constants a =  10.80 ±  0.10, c = 7.80 
±  0.10 with 25 Be(OH)2 units per cell leading to a cal
culated density of 1.960 g./cc. This value bears the 
expected relationship to a value of 1.945 ±  0.02 g./cc. 
found by helium densitometry and the value of 1.920 
by a pycnometric method reported by Fricke and Se- 
verin.7

Microscopic examination showed that the /3-form con
sisted of 10-15-m single crystals aggregated into grains 
up to 25-g diameter. This was confirmed by the sharp 
X-ray peaks, which had a half-peak width of 0.17 ±  
0.005° 20, as also found by Rau8 for BeO crystals >1 m 
using the same diffraction conditions. The a-form con
sisted of microcrystalline aggregates of 2-5-p diameter 
formed into grains up to 25-/r diameter. A  half-peak 
width of 0.26 ±  0.02° 2d was observed for several a- 
form peaks. If the broadening is due only to small

particle size, an average size of 0.07 p is calculated by 
the Scherrer method.8

The amorphous hydroxide when air-dried gave no 
discernable X-ray pattern (Figure 1) and is considered 
to consist of randomly oriented crystallites of <30-A. 
size. It is able to absorb large amounts of water on its 
large surface area and could not be dried beyond the 
empirical composition Be(OH)2-0.74H2O at 60° in air. 
The freshly precipitated gelatinous hydroxide un
doubtedly has an even larger surface to which a con
siderable amount of water is bound. The HF solutions 
were made by dilution of 40% Analar reagent and 
analyzed by titration with 1 N NaOH in polythene 
ware.

Method. Heats of solution were measured in a 
platinum calorimeter with isothermal jacket held at 21 °, 
previously described.9 The electrical calibrations were 
timed to ±0.001 sec. using a 1000-c.p.s. quartz crystal

(4) R. Fricke and H. Humme, Z. anorg. allgem. Chem., 178, 400 (1929.1.
(5) M. Bernier, Commission Energie Atomique (France) Rapport 
CEA 2326 (1963).
(6 ) A. Guillemat and A. Lecocq, Compt. rend., 257, 1260 (1963).
(7) R. Fricke and H. Severin, Z. anorg. allgem. Chem., 205, 287 
(1932).
(8 ) R. C. Rau, “Advances in X-ray Analysis,” Vol. 5, W. M. Mueller, 
Ed., Plenum Press, New York, N. Y., 1962.
(9) A. G. Turnbull, Australian J. Chem., 17, 1063 (1964).
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Table I: X-Ray Powder Data for a-Be(0H)2

-Sin2 9-
h k l Caled. Obsd.“

100 0.00509 0.00511 w
001 0.00973 0.00969 m, br
200 0.0203 0.0201 m
201 0.0300 0.0334 w, sh
211 0.0351 0.0351 w, sh
002 0.0389 0.0381 m
220 0.0407 0.0419 s
102 0.0440 0.0427 s
300 0.0458 0.0452 s
202 0.0592 0.0587 s
320 0.0661 0.0701 w
400 0.0814 0.0804 vs
113 0.0978 0.0992 m
322 0.1050 0.1061s
203 0.1079 0.1098 s
500 0.1273 0.1261 m, br
313 0.1385 0.1385 w
004 0.1556 0.1558 w, br
214 0.1810 0.1806 w
423 0.1893 0.1860 w
404 0.2370 0.2314 vw
105 0.2462 0.2458 vw
215 0.2686 0.2699 w
225 0.2839 0.2855 vw
325 0.3093 0.3103 w

a  vw, very weak; w, weak; m, medium; s, strong; vs, very 
strong; br, broad; sh, shoulder.

oscillator coupled to a Dekatron counter. The tem
perature of 21° was chosen to enable direct comparisons 
with earlier work, after which final heats of formation 
were converted to 25° with negligible error.

The beryllium samples of about 20 mg. were weighed 
to 0.01% precision and enclosed in coils of platinum 
wire to ensure full heat exchange with the solution and 
saturation of the evolved hydrogen. The weight of sol
vent HF was used 120 ±  0.1 g. in each experiment. 
Electrical calibrations performed before and after each 
sample agreed within 0.1% and check measurements 
before and after the series using a similar reaction, the 
solution of pure magnesium in 1 N HC1, agreed within 
0.2% with the currently accepted value —111.32 kcal./ 
mole.10 The heats of solution of beryllium were cor
rected by —0.15 kcal./mole (40% HF) to —0.25 kcal./ 
mole (12% HF) for vaporization of H20  and HF by the 
evolved hydrogen, using reported vapor pressures and 
heats of vaporization.11

The hydroxide samples of 80-120 mg. were lightly 
pelleted and dropped into the calorimeter from room 
temperature, (21 ±  1°), solution being complete in 
10-15 min. Corrections for temperature difference 
between sample and solvent were negligible.

To study the precipitation of Be(OH)2, samples of 
volumetric reagent grade 1 N NaOH were weighed into 
thin glass bulbs which were broken under freshly pre
pared BeSCh solutions by depressing the stirrer. A 
gelatinous precipitate formed and heat evolution was 
complete within 10 min.

Results
The corrected heats of solution of beryllium in HF 

of four concentrations are given in Table II. The 
heats of solution of a-, f3-, and amorphous Be(OH)2 in 
22.6% HF are given in Table III, and the derived 
thermodynamic properties of the hydroxides collected 
in Table IY. Results are in terms of the thermo
chemical calorie (4.1840 joules) and based on the 1961 
scale of atomic weights. Uncertainties are given as 
twice the standard deviations.

Table II : Heat of Solution of Be in Aqueous HF at 21°

HF
concn.,
wt. % — AHg, kcal./mole Av. kcal./mole

12.0 101.35,101.2,101.8,101.4 101.45 ± 0 . 6
22.6 101.1,100.8,101.2,101.1,101.0,101.0 101.0 ± 0 . 3
30.0 100.45,100.35,100.25,101.0 100.5 ± 0 . 6
40.0 100.4,99.8,100.9,100.75 100.5 ± 0 . 9

Table HI: Heat of Solution of Be(OH)2 in 22.6% HF at 21°

Av.
Phase — Aifg, kcal./mole kcal./mole

a 22.27,21.81,22.31,22.10,22.00 22.10 =fc 0.4
/3 21.37,21.01,21.49,21.45,21.55 21.37 =b 0.4

Amorphous 22.25,22.05, 22.2 22.2 ±  0.4

Table IV : Thermodynamic Properties of Be(OH)2

Phase
A¿7f°298,

kcal./mole

S °  298,
cal./deg.

mole

Cp°298,
cal./deg,

mole
A(7f°£98,

kcal./mole

ß -2 1 6 .5  ±  0.5 12.6 d= 1° 15.35 dh Ia -1 9 5 .6 5  =fc 0 .6
a -2 1 5 .7 5  ±  0.5 13.4 ±  2 15.35 =fc 1 -1 9 5 .1 5  ±  0 .6

Precipitate -2 1 3 .1  d= 0.6 20 ±  4
(est.)

-1 9 4 .3  db 0.6

“ “JANAF Interim Thermochemical Tables,”  Supplement 11, 
Dow Chemical Co., Midland, Mich., Sept. 1963.

(10) C. H. Shomate and H. M. Huffman, J. Am. Chem. Soc., 65, 
1625 (1943).
(11) P. A. Munter, O. T. Aepli, and R. A. Kossatz, Ind. Eng. Chem., 
41, 1504 (1949).
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Previously reported heats of solution of beryllium 
are —94.2-5 kcal./mole12 and —82.2 kcal./mole13 in 
30% HF. These are 6-18 kcal./mole lower than pres
ent results due, presumably, to the large amount of 
oxide in beryllium of that era and the use of unreliable 
calorimetric methods. The heat cf solution becomes 
slightly less negative with increasing HF concentration 
as is commonly found for the solution of metals in acids, 
the main ionic species BeF42~ and BeF3~ being sug
gested by a consideration of stability constants.14 15

For d-Be(OH)2, the heat of solution reported by 
Fricke and Wullhorst,2 —21.64 kcal./mole in 11.6-12% 
HF for a similar Be:H20  ratio, is consistent with pres
ent results in 22.6% HF. The trend of heat of solu
tion with increasing HF concentration appears to be 
similar to that of beryllium metal when the small heat 
of solution of H20  in HF is subtracted. This may be 
taken as evidence that the same final ionic state occurs 
in all solutions, a necessary requirement for evaluating 
heats of formation, but one which is difficult to check 
otherwise in such work.

For a-Be(OH)2 also, the result of Fricke and Wull
horst,2 — 22.48 kcal./mole in 11.6-12% HF, is con
sistent with present results and the trend with HF con
centration is again similar to that shown by beryllium.

For amorphous Be(OH)2 it is necessary to assume a 
hydrated hydroxide, Be(OH)20.74H2O, since excessive 
drying was avoided to keep the material as close in 
nature to the original precipitate as possible. This 
formula is supported by the infrared spectrum16 which 
shows the same peaks as the crystalline hydroxides and 
also peaks attributable to water. This water must be 
strongly bound as it is not removed under conditions 
which give anhydrous /3-Be(OH)2.

Two early heats of solution of partly dried amor
phous beryllium hydroxide are available, — 20.47 kcal./ 
mole in 20% HF by Mulert,16 and —20.35 kcal./mole in 
30% HF for an empirical composition Be0T.14H20  by 
Matignon and Marchal.17 Due to the probable low 
accuracy of measurement and lack of characterization 
of the solids, a comparison with the above results is not 
valid.

Discussion
&-Be(OH)z. The heat of formation was calculated 

from the following summation representing average 
reactant ratios

Be(c) +  679 [HF, 3.80H2O] — >
[BeF2, 2580H2O, 677HF] +  H2(g) (2)

[BeF2, 2580H2O, 677HF] +  2H20(1) - >
[BeF2, 2582H20, 677HF] (3)

[BeF2, 2582H20, 677HF] — >
Be(OH)2(s) +  679 [HF, 3.8H20 ] (4)

____________ 2H2(g) +  02(g) — >  2H2Q(1) (5)

Be +  H2(g) +  0 2(g) — >  Be (OH) 2 (s) (6)

Using values of A H2 and A Hi from Tables II and III, 
AHS, twice the heat of solution of H20  in 22.6% HF = 
— 0.15 kcal.,18 and AH6, twice the heat of formation of 
water at 294°K. =  —136.70 kcal.,18 the heat of forma
tion of $-Be(OH)2 at 294° is —216.5 ±  0.5 kcal./mole. 
This value may be taken as AHf°M$ since ACp of reac
tion 6 is only —2.8 cal./deg. mole.19 A comparable 
value of AHf°298 [/3-Be(OH)2] =  —216.7 kcal./mole may 
be calculated from the heat of solution in 11.6-12% 
HF,2 but is less reliable since the temperature and Be: 
H20  ratio of the work are uncertain.

An independent value of AHf°298 [/3-Be(OH)2] was cal
culated19 from equilibrium water vapor pressures 
measured by Fricke and Severin7 for the decomposition 
reaction 1. The value of MIm = —15.5 kcal. for this 
reaction was corrected to 298°K. using an estimated 
heat capacity for Be(OH)2.19 Then the use of AHt 29s 
[BeO] =  —143.1 kcal./mole, found by oxygen combus
tion,20 led to AHt ms [d-Be(OH)2] =  —216.6 kcal./mole. 
This is in good agreement with the above values, bur 
evidently arises from a fortuitous cancellation of errors, 
since Be(OH)2 decomposes to give a finely divided, 
water-retaining BeO having a heat of formation some
1-2 kcal. less negative than the high-temperature form 
produced by oxygen combustion.1 In addition, it has 
not yet been demonstrated that reaction 1 is reversible.

The entropies of beryllium hydroxides have not been 
measured, but for ,8-Be(OH)2 a good estimate SMs° =
12.6 ±  1 e.u.19 based on the chlorides and hydroxides of 
Mg, Ca, and Cd is available. Thus for /3-Be(OH)2 
A(Sf°298 = —69.9 e.u. and ACrf°298 = —195.65 ±  0.6 
kcal./mole.

a-Be(OH)'i. In a similar manner to /3-Be(OH)2, the 
heat of formation of a-Be(OH)2 is found to be —215.75 
±  0.5 kcal./mole. The difference in A H °Vjfi between 
a and 8 found here, 0.73 kcal., is in good agreement with

(12) C. Matignon and M. Marchal, Compt. rend., 183, 927 (1926).
(13) H. Copaux and C. Phillips, ibid., 176, 579 (1923).
(14) K E. Kleiner, Zh. Obshch. Khim., 21, 18 (1951).
(15) I. J. Bear, G. M. Lukaszewski, and A. G. Turnbull, Australian 
J. Chem., 18, 1317 (1965).
(16) O. Mulert, Z. anorg. allgem. Chem., 75, 198 (1912).
(17) C. Matignon and M. Marchal, Compt. rend., 181, 859 (1925).
(18) F. D. Rossini, et al., U. S. National Bureau of Standards Cir
cular 500, U. S. Government Printing Office, Washington, D. C., 1952.
(19) See ref. a in Table IV.
(20) L. A. Cosgrove and P. E. Snyder, J. Am. Chem. Soc., 75, 3102 
(1953).
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the values of Fricke and Wullhorst,2 0.84 kcal., and 
Wagner,2 0.7 kcal. This difference could arise partly 
from differing structures and partly from differing sur
face areas, since an estimated average surface energy 
of 1000 ergs/cm.2 and particle size of 0.07 n lead to a 
surface enthalpy of 0.4 kcal./mole for a-Be(OH)2.

The value of AG298 for the change a-Be(OH)2 -*■ 
/3-Be(OH)2 was found to be —0.50 kcal./mole by Fricke 
and Humme4 from the solubilities in concentrated 
alkalis. This may be combined with the above A H  P m  
difference to find the change in entropy, AS298 =  —0.8 
e.u., and thence the entropy of a-Be(OH)2, Si98° =  13.4 
±  2 e.u. This amount of entropy difference is reason
able for crystalline polymorphs, but may also be partly 
due to a surface or disorder effect in o;-Be(OH)2.

A close comparison may be made with the change 
/8i-Zn(OH)s ->  e-Zn(OH)2, the only known case where 
the structures probably correspond to those of Be- 
(OH)2. From a recent measurement of stability 
constants,21 A(?298 for this change is —0.30 ±  0.03 kcal., 
and from heat of solution data22 A/Ass is —0.32 ±  0.03 
kcal. Thus, AjS298 for this change is found to be —0.1 
e.u. in fair agreement with the Be(OH)2 value.

From the above data ASPm [a-Be(OH)2] = —69.1 
e.u. and AGPm =  —195.15 ±  0.8 kcal./mole. It 
should be noted that the free energy difference of —0.50 
kcal. from solubilities is in qualitative agreement with 
the slow, spontaneous conversion of a to 0 noted under 
water or alkaline solutions.1'6 Also Bernier6 has re
corded d.t.a. peaks for the decomposition of Be(OH)2 
which are about 25° lower for a than for /3, suggesting a 
lower stability of a toward BeO +  H20. In earlier 
evaluations the reverse order of stability has been in
dicated; i.e., AHPm [8] = —216.1 kcal. and AHPm [a] 
=  —216.8 kcal.,18 A{jf0298 [8] = —195.5kcal. and A(jf°298
[a] =  —196.2 kcal.23

Amorphous B e (O H )i. The heat of formation of the 
hydrated amorphous hydroxide was calculated from 
the heat of solution (Table III)

Be(OH)2, 0.74H2O(am) +  679 [HF, 3.8H20 ] — >
[BeF2, 2582.74H20, 677HF] (7)

combined with the heat of solution of Be metal, eq. 2, 
and of the reactions

[BeF2, 2580H2O, 677HF] +  2.74H20(1) —
[BeF2, 2582.74H20, 677HF] (8)

2.74H2(g) +  1.3702(g) —^  2.74H20(1) (9)

Using values of A H is i (8) =  —0.20 kcal.18 and Aff294 (9) 
=  —187.27 kcal.,18 AH)294 [Be(OH)2'0.74H2O] is found 
to be —266.25 ±  0.5 kcal./mole. The strongly ad

sorbed 0.74 H20  may be assumed to be in an icelike 
state for which AH{ 294 = —69.8 ±  0.5 kcal./mole is 
estimated.18 Thus AHt 294 of anhydrous Be(OH)2(am) 
is found to be —214.6 ±  1 kcal./mole. This value is
1.15 kcal. more positive than that of a-Be(OH)2 as 
expected from the greater surface area and disorder 
suggested by the X-ray patterns (Figure 1).

Precipitated Be{OH)i. The heat of formation of a 
fresh, rapidly precipitated, gelatinous hydroxide was 
obtained from the reaction

[BeS04, 4000H20 ] +  2[NaOH, 55.6H20 ] — >
Be(OH)2(ppt.) +  [Na2S04, 4111H20 ] (10)

The heat of reaction 10, using a stoichiometric ratio 
of reactants, was measured to be —14.0, —13.9, 
— 14.0, —13.8, —14.1, average —14.0 ±  0.2 kcal./ 
mole at 294°K. The heat of formation of [BeS04, 
4000H20 ]  has been redetermined,24 from the heat of 
solution of BeS04-4H20(c) in 22.6% HF and in water, 
to be —306.7 ±  0.5 kcal./mole at 294°K. This value 
is based on two recent determinations of AH Pm  [H2- 
S04, 115H20 ], averaging —212.20 ±  0.05 kcal./mole,25 
combined with appropriate corrections for temperature 
and dilution.18 On this basis, AHt 298 [Na2S04, 4111- 
H20 ] is calculated to be —331.85 kcal./mole from the 
tabulated value18 of —31.95 kcal./mole for the heat of 
neutralization of [H2S04, 115H20 ] with 2 [XaOH, 
1998H20]. Taking ACv,i =  —12 cal./deg. mole gives 
AHf°m [Na2S04, 4111H20 ] =  -331.80 kcal./mole. 
For [NaOH, 55.6H20 ] the use of ACp,i =  —15 cal./deg. 
mole gives AH Pm =  —112.10 kcal./mole.18 Thus, 
evaluation of reaction 10 leads to AH Pm [Be(OH)2- 
(ppt.)] =  —213.1 ±  0.6 kcal./mole.

The nature of Be(OH)2(ppt.) will depend on the con
centrations, mode of mixing, temperature, and time of 
aging used. The present rapid precipitation should 
have produced almost the maximum structural disorder 
and surface area for a flocculated precipitate and thus 
the most positive free energy and heat of formation. 
On stepwise titration, BeS04 is completely precipitated 
by 1.9NaOH, suggesting a basic sulfate 0.95Be(OH)2- 
0.05BeS04.26 However, further addition of NaOH 
replaces S042~ in the precipitate by OH-  giving Be-

(21) P. Schindler, H. Althaus, and W. Feitknecht, Gazz. chim. ital., 
93, 168 (1963).
(22) R. Fricke and O. Meyering, Z, anorg. allgem. Chem., 230, 357 
(1937).
(23) W. M. Latimer, “ Oxidation States of the Elements and their 
Potentials in Aqueous Solutions,” 2nd Ed., Prentice-Hall, Inc., Engle
wood Cliffs, N. J., 1952.
(24) I. J. Bear and A. G. Turnbull, to be published.
(25) M. Mansson and S. Sunner, Acta Chem. Scand., 17, 723 (1963).
(26) H. Kakihana and L. G. Sillen, ibid., 10, 985 (1956).
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(0H )2, which has an extremely low solubility product. 
The present precipitate thus will probably contain only 
a minor amount of adsorbed S042- and an indefinite 
amount of water. Thus it appears reasonable that the 
heat of formation should be 1.5 kcal./mole more positive 
than that of amorphous Be(OH)2 which has suffered re
moval of water and ion impurities and reduction in sur
face area.

The free energy of formation of Be(OH)2(ppt.) may 
be found from the solubility product. Thus, for the 
reaction

Be(OH)2(s) / = /  Be2+(aq) +  20H -(aq) (11)

a value of log K So =  —20.8 at 268°K. has been de
rived27 for ppt.-Be(OH)2 from potentiometric titrations 
of beryllium sulfate and halide solutions.28 However, a 
more recent polarographic study29 of precipitation from 
BeSO-i solution gave log Kso =  —25.7 at 292°K. for 
Be(OH)2(ppt). This value may refer to the basic sul
fate known to form under these conditions. It is, more
over, inconsistent with log K So =  —21.1 at 298°K. for 
a-Be(OH)2 derived from solubility in dilute acids,30 
and log Kso =  —21.5 at 298°K. for /3-Be(OH)2 derived 
from solubilities of a and ¡3 in alkali, since the changes 
ppt.-Be(OH)2 ->  a-Be(OH)2 /3-Be(OH)2 occur 
spontaneously.

Some comparable values of A log K bo for the change 
(initial, active precipitate) (stable, inactive, form) 
are as follows27: Mg(OH)2, -1 .7 ;  Fe(OH)2, -1 .1 ;  
Co (OH) 2, -0 .9 ;  Ni(OH)2, -2 .5 ;  Cd(OH)2, -0 .7 ; 
Zn(OH)2, —1.0. It thus appears reasonable to take 
A log Kso for the change ppt.-Be(OH)2 /?-Be(OH)2 to 
be —1.0, as found for ppt.-Zn(OH)2 —► e-Zn(OH)2. 
Thus A(t298 for this change is —1.35 kcal. and i\Gi°-m 
[ppt.-Be(OH)2] =  —194.3 ±  0.6 kcal. This may be 
combined with the calorimetric value of AF298 = —3.4 
kcal. for this change to find A/S298 = —6.9 e.u. and 
thence í8298° [ppt.-Be(OH)2] =  20 ±  4 e.u. The changes

in heat of formation and entropy from /3 to ppt.-Be- 
(OH)2 appear to be consistent with the large surface 
and disordered, polymeric structure of the gelatinous 
precipitate.

Ionic Species. The free energy of formation of Beaq2+ 
may be evaluated from reaction 11 using the relation 
A G = —RT In If so and A(?f°298 (OH- ) =  —37.6 local./ 
mole.18 The values of log K So =  —21.1 for a-Be(OH)2 
and —20.8 for ppt.-Be(OH)2 give values of ACrAss 
(Be2+)aq =  —91.15 and —90.7 kcal./mole, respectively. 
It is evident that further investigation of the solubility 
product is desirable.

The solubility of a-Be(OH)2 in dilute acids has been 
explained by Schindler and Garrett30 assuming the for
mation of Be2+ and Be3(OH)38+.

3a-Be(OH)2 / = /  Be3(OH)33+(aq) +  30H - (aq) (12)

Their value of log K b33 =  —30.3 for this reaction gives 
AGf0298 [Be3(OH)33+]aq = —431.3 kcal./mole.

Similarly, the solubility of a-Be(OH)2 in alkali30 is 
explained by the reactions

a-Be(OH)2 +  OH-  Be(OH)3-(aq) (13)

a-Be(OH)2 +  20H -  Be(OH)42-(aq) (14)

The values of log K S3 =  —2.5 and log /is  4 = —2.7 
give A(7f0298 [Be(OH)3- ]aq =  —229.4 kcal./mole and 
A(jf0 298 [Be(OH)42- ] aq = —266.7 kcal./mole.31

(27) W. Feitknecht and P. Schindler, Pure Appi. Chem., 6, No. 2 
(1963).
(28) M. Prytz, Z. anorg. allgem. Chem., 180, 355 (1929).
(29) P. N. Kovalenko and O. I. Geiderovich, Russ. J. Inorg. Chem., 4, 
895 (1959).
(30) P. Schindler and A. B. Garrett, Helv. Chim. Acta, 43, 2176 
(1960).
(31) Note Added in Proof. E. S. Funston, W. J. Kirkpatrick, and
P. P. Turner present X-ray powder data and tetragonal indexing for 
a-Be(OH)2  in substantial agreement with present work: J. Nud.
Mater., 11, 310 (1964).
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Dye -Sensitized Photopolymerization Processes.1“ III. The Photoreducing 

Activity of Some Dicarbonyl Compounds

by S. Chaberek,lb R. J. Allen, and G. Goldberg

Technical Operations Research, Burlington, Massachusetts (Received December 7, 1964)

/3-Diketones such as 2,4-pentanedione and dimedon were found to be photoinitiators in 
conjunction with thionine and methylene blue for the photopolymerization of acrylamide. 
Studies into the relation between photoactivity and molecular structure showed that the 
active compounds are those capable of undergoing keto-enol tautomerism and that the enol 
forms are responsible for reactivity. Photoactivity was also observed for a variety of metal 
chelates of 2,4-pentanedione. On the basis of limited studies on C u(II)- and Al(III)-/?- 
diketone chelates, it appears that the photoinitiating activity must be at least partly due to 
the hydrolysis of the complex to produce photoactive ligand. Studies of the C u(II)- 
dimedon system have shown an accelerating effect on the photopolymerization process.

Introduction
A variety of dye-sensitized photopolymerization 

processes have been reported in which the polymeriza
tion-initiating free radical is produced by an oxidation- 
reduction reaction between the light-excited dye and a 
mild reducing agent.2-9 Substances used as reducing 
agents include secondary and tertiary amines and amino 
acids, thiourea and its derivatives, ascorbic acid, and 
thiocyanate ion. During the course of our investiga
tion into dye-sensitized photopolymerization processes 
we have found that many dicarbonyl compounds, es
pecially /3-diketones, reduced light-excited thionine 
(and methylene blue) in the presence of monomers and 
brought about polymerization. To our knowledge 
there has been only one report on the photoreducing ac
tion of dicarbonyl compounds in the visible light range, 
and none on photopolymerization. Mauzerall10 de
scribed the photoreduction of some porphyrins in the 
presence of ethyl acetoacetate. This paper sum
marizes, then, some of our results on the photopolym
erization of acrylamide initiated by free radicals formed 
by reaction of light-excited thionine and various di
carbonyl compounds under anaerobic conditions.

Experimental Work
Materials. A pure sample of acrylamide was ob

tained from the American Cyanamid Co. Preliminary 
screening of this sample for anaerobic thionine-sensi-

tized polymerization showed no polymer formation in 
the absence of added activators and only a trace of dye 
bleaching over a period of 10 min.

Thionine was purified by three recrystallizations 
from water. The absorption coefficient was found to 
be 5.8 X 1041. cm.-1 mole-1 at 5980 A.

Biacetyl, 2,5-hexanedione, 2,4-pentanedione (acetyl- 
acetone), and 5,5-dimethyl-l,3-cyclohexanedione (di
medon) were obtained from the Aldrich Chemical Co.

The metal chelates of 2,4-pentanedione were obtained 
from MacKenzie Chemical Works, Inc.

(1) (a) This study was performed under Contract No. AF33(657)-8754 
and AF33(647)-11553, Photographic Branch, Reconnaissance Divi
sion, Air Force Avionics Laboratory, Wright-Patterson Air Force 
Base, Ohio; J. R. Pecqueux, project engineer; (b) to whom inquiries 
should be sent at Cowles Chemical Co., Skaneateles Falls, N. Y.
(2 ) (a) G. Oster, Phot. Eng., 4, 173 (1953); (b) G. Oster, Nature, 
173, 300 (1954).
(3) G. K. Oster, G. Oster, and G. Prati, J. Am. Chem. Soc., 79, 595 
(1957).
(4) N. Uri, ibid., 74, 5808 (1952).
(5) G. Delzenne, W. Dewinter, S. Toppet, and G. Smets, J. Polymer 
Set., 2A, 1069 (1964).
(6 ) A. Watanabe and M. Koizumi, Bull. Chem. Soc. Japan, 34. 1086 
(1961).
(7) G. Delzenne, S. Toppet, and G. Smets, J. Polymer Sci., 48, 347 
(1960).
(8 ) S. Chaberek, A. Shepp, and R. J. Allen, J. Phys. Chem., 69, 641 
(1965).
(9) S. Chaberek and R. J. Allen, ibid., 69, 647 (1965).
(10) D. Mauzerall, J. Am. Chem. Soc., 82, 1832 (1960).
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TH10NINE = I X I0~5M 
pH = 8.55

—  AA = 8 X I0- 5 M
—  AA = 4 X I 0 5 M

Figure 1. Effect of monomer concentration on the anaerobic thionine-AA-acrylamide system.

Triacetylmethane and the 3,3-dimethyl-, 3-iso- 
nitroso-, and 3-amino-2,4-pentanediones were prepared 
by methods described in the literature.11-14 3-Di- 
ethylamino-2,4-pentanedione was prepared by the 
reaction of 3-chloro-2,4-pentanedione and diethylamine, 
in the following maimer. A mixture of 27 g. of 3- 
chloro-2,4-pentanedione and 60 ml. of diethylamine was 
refluxed for 17 hr. The reaction mixture was poured 
into 300 ml. of diethyl ether, and the precipitated di
ethylamine hydrochloride was filtered. The ether 
solution was evaporated under reduced pressure, leav
ing a dark oil that crystallized on standing. This 
crude product was recrystallized from ethyl acetate- 
petrol and final purification was made by vacuum sub
limation. The purified product was a white solid 
having a melting point of 84-87°. Anal. Calcd. for 
C9H17N 02: C, 63.1; H, 10.0; N, 8.2. Found: C, 
63.2; H, 9.9; N, 8.1.

Bis(acetylacetone)ethylenediimine was prepared by 
the method of McCarthy, Hovey, Ueno, and Martell.16

Procedure. The experimental apparatus and pro
cedures used in this study were the same as those de
scribed previously.16 The light from a 500-w. projec
tion lamp was passed through a Kodak Wratten 23A 
filter prior to illuminating the reaction cell. This filter 
cuts out radiation having wave lengths lower than 5600

A., transmits 11% at 5700 A. and 82.7% at 6000 A . 
The rate of dye bleaching, R{, was calculated directly 
from spectrophotometrie measurements. The polym
erization rate, Rv, was determined by taking aliquots of 
the reaction solution at several time intervals, pre
cipitating the polyacrylamide in methanol, filtering it, 
and drying the residue to constant weight. Polymer 
molecular weights were determined viscometrically.

Results and Discussion
2,4-Pentanedione (AA). 2,4-Pentanedione was the 

first substance for which photoreducing activity was 
found. Figure 1 shows the effects of monomer and AA 
concentrations on the rates of photobleaching and 
polymerization. The solid lines show the monomer 
variation at an AA level of 8 X  10-6 M , while the 
dotted lines show the effect of a lower AA concentra- 11 12 13 14 15 16

(11) J. TJ. Nef, Ann., 277, 71 (1893).
(12) R. G. Pearson, E. A. Mayerle, and J. M. Mills, J. Am. Chem. 
Soc., 73, 927 (1951).
(13) A. Wolff, Ann., 325, 139 (1902).
(14) W. D. Cash, F. T. Semeniuk, and W. H. Hartung, J . Org. 
Chem., 21, 999 (1956).
(15) P. J. McCarthy, R. J. Hovey, K. Ueno, and A. E. Martell, 
J. Am. Chem. Soc., 77, 5820 (1955).
(16) A- Shepp, S. Chaberek, and R. MacNeil, J. Phys. Chem., 6 6 , 
2563 (1962).
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tion in the presence of 5% acrylamide. These data in
dicate both a similarity and a difference in the behavior 
of this activator when compared with the amine- 
activated systems represented by triethanolamine 
(TEA) ,9 As with the TEA-containing systems, both the 
rates of dye bleaching and polymerization increase with 
an increase in activator level. Also, an increase in 
acrylamide concentration results in an increase in the 
polymerization rate for AA and TEA systems.

However, the dye-bleaching rate dependences for the 
systems differ in two respects. First, in the absence 
of monomer, no significant thionine bleaching occurs 
in the presence of AA; in the amine systems, extensive 
reduction of the dye is obtained in the absence of mono
mer. Second, although these rates decrease with an 
increase in monomer level in the amine systems, 
Figure 1 shows that for the AA system the rate is in
dependent of monomer levels between 2 and 7.5%.

In addition, both fading and polymerization rates 
are pH sensitive. Figure 2 shows the variation in Rf 
and Rp as a function of solution pH. The shapes of 
the curves are strikingly similar to those obtained with 
TEA. Both rates increase from pH 7 to maxima at
8.4 (for Rp) and 8.8 (for ftf), after which the values de
crease rapidly. The strong pH dependence of this 
/3-diketone initiator in the pH interval of 7 to the pH 
of maximum activity must be related to the acidic prop
erties of the enol form of AA arising from keto-enol 
tautomerism. It appears that structural changes in 
the molecule that decrease its tendency toward tautom
erism result in a loss of photoinitiating activity. 
Thus, biacetyl (I) and 2,5-hexanedione (II) are in
active as photopolymerization initiators. In these

0 0 0 0
II II II II

CHj—C—C—CH3 CHs—C—CH2CH2—C—CH3

I II

cases, both the shortening and the lengthening of the 
carbon chain between the carbonyl groups shifts the 
keto-enol equilibrium far toward the keto form. To 
obtain more information concerning the relation be
tween tautomerism and photoactivity, studies were 
extended to dimedon (DM) and some 2-alkyl (acyl)
2,4-pentanediones.

Dimedon. Interest in this substance stemmed from 
its high degree of enolization. Schwarzenbach and 
Felder17 showed that in dilute aqueous solutions AA 
exists in the enol form to the extent of about 15.5%, 
whereas D M  is 95.3% enolized. Measurements of Rt 
and Rp for the thionine-DM-acrylamide combination 
showed this system to be similar qualitatively to the 
corresponding AA-containing one in that (1) Rt and Rp

THIONINE 1 I X I 0 5 M 
ACRYLAMIDE = 0. 704  M (5 % ) 
DIMED0N = 8 X I0 ‘ 5 M 
ACETYLACETONE 3 8 X 10 5 M

Figure 2. Effect of pH on the thionine-dimedon- and 
thionine-AA-acrylamide systems.

increase with an increase in the activator concentra
tion; (2) Rt and Rp are sensitive to solution pH; (3) 
Rt and Rp are essentially independent of the dye con
centration in the range 0.5 to 2 X 10“ 6 M ; (4) R{ and 
Rp increase with an increase in monomer concentration 
in the range 1 to 7.5%.

The most striking aspect of the DM  system, however, 
is its susceptibility to solution pH. A  comparison of 
this system with the AA-containing one is shown in 
Figure 2. It is seen that the rates of thionine bleaching 
for both systems have a maximum value, but the pH 
at which it occurs varies markedly. For DM , it occurs 
at a pH of about 5.0 to 5.5; for AA, it occurs at a pH of

(17) G. Schwarzenbach and E. Felder, Helv. Chim. Acta, 27, 1701 
(1944).
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Table I : Variation of Enolate Concentrations for Acetylacetone and Dimedon with pH

■% enolate at pH-
Compd. 4.0 4.5 5.0 5.5 6 .0 7.0 7.5 8 .0 8.5 9.0 1 0 .0

AA
DM

0.00
5.3

0.00
15.0

0.01
35.3

0.04
62.0

0 . 1 1

81.5
1.1

93.7
3.0

94.8
6.6

95.1
10.9
95.2

13.7
95.3

15.3
95.3

about 9. The polymerization data show clearly the 
greater range of activity for the DM  system. The rate 
of polymerization increases in the pH range of about 
3 to 6, remains essentially constant at pH values of 6 to 
about 8.5, and finally decreases at higher pH values. 
In contrast, for AA, polymerization is restricted to a 
pH range starting at about 7, with maximum activity 
observed at a pH of about 9. In the pH range between 
8 and 9, AA is a superior initiator; that is, higher poly
mer yields are obtained with this system. However, 
its efficiency rapidly falls off with increasing solution 
acidity, so that at pH 7.5, both systems have com
parable activity, but at pH 7, AA is essentially inac
tive while DM  shows its maximum activity.

These data on the pH dependence of the thionine- 
DM  system indicate that the enolate ion may be the 
most reactive form. On the basis of this assumption, 
let us consider briefly the data shown in Figure 2. 
Schwarzenbach and Felder17 have measured the pKe 
and Kt values for AA and D M  for the reactions

X t

[keto] < > [enol] +  [enolate- ] (a)
Ke

[enol] [H+] +  [enolate- ] (b)

Using the following values for K t and Ks, we have 
calculated the per cent enolate ion existing at various 
pH values for these activators.

The values of K t  and K e  for AA and DM  are
Kt p-Ke

AA 0.184 8.13
DM 20.3 5.23

These data are listed in Table I.
For AA, essentially no enolate is present at pH values 

lower than 7; a rapid increase in its concentration 
occurs in the pH interval 7 to 10. We would expect, 
therefore, that no photopolymerization would occur at 
pH values less than 7 and that an increase in pH in the 
7 to 10 range would bring about increasing rates of 
polymer formation that would level off at values around 
10. For DM, appreciable enolate ion is present at 
pH 4; its concentration increases in the range 4 to 8 
and becomes essentially constant at values higher than
8. Thus, we would expect photopolymerization to 
start at pH 4, with increasing rates in the range 4 to 8,

and a constant rate at values exceeding this range. 
The experimental data of Figure 2 shows that these 
conclusions account for part of the observed results; 
they confirm the predicted increase in Rf and Rp in 
the pH range where the enolate ion concentration is in
creasing to its maximum value. However, the postula
tions do not account for the subsequent decrease in 
these rates at the higher pH levels where the enolate ion 
concentrations remain essentially constant. In the 
thionine-AA combination, the decrease in activity at 
high pH values may be correlated with changes in the 
light-absorbing properties of the dye. This cannot be 
the reason for the decrease in D M  activity since it 
occurs at much lower pH values. Further work is re
quired to determine the reason for this falloff.

8-Alkyl (Acyl) Substituted Acetylacetones. Table II 
summarizes photobleaching and photopolymerization 
data on systems containing 3-methyl-2,4-pentanedione 
(MAA), 3,3-dimethyl-2,4-pentanedione (MMAA), and 
triacetylmethane (TAM). Reference data for AA are 
included.

Table II : Anaerobic Photopolymerization of Acrylamide 
in the Presence of Some 3-Substituted Acetylacetones“

Enol +  
Enolate, enolate,

Compd. ¿Tt pXe B i  X  10» Bp X  10* Mi X  10® M X  10«

AA 0.184 8.13 1.21 9.2 9.0 1.243
MAA 0.029 9.50 0.20 2.0 0.23 0.22
MMAA None None None None
TAM 0.76 5.4

“ All systems contain 10 “6 M  thionine, 8 X 10““ M  activator,
0.704 M  acrylamide at pH 8.55.

From the data of Table II, some interesting compari
sons among the four systems can be made. First, pro
gressive substitution of methyl groups for the hydrogen 
on the methylene group rapidly decreases the enoliz- 
ability of the resulting /3-diketone. The substitution 
of one CH3 group decreases the degree of enolization by 
a factor of about 6, while complete substitution de
stroys enolization. Both the Rf and Rp values for these 
compounds parallel the decrease in the A t values, the
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completely substituted compound being inactive. 
Second, consider the relative amounts of total enol 
(enol +  enolate) between AA and MAA. This 
amount is about 5.6 times greater for AA than for MAA. 
Therefore, if photoactivity depends upon the enol forms 
and all other factors are equal, we can expect the rela
tive R{ and Rp magnitudes for AA to be 5.6 times 
greater than for the MAA. The experimental values 
of Table II show that Rs is six times greater and Rp, 4.6 
times greater—an excellent agreement with the value 
of 5.6. Thus, these data confirm further that photo
activity resides in the enol forms and that the keto 
tautomer is not reactive.

Substantial activity was also observed with the trike
tone, TAM. Unfortunately, enolization data are un
available for this substance, and therefore it is not pos
sible to correlate activity with enol content. How
ever, its appreciable efficiency indicates that sub
stitution in the 3-position need not destroy the photo
activity of fl-diketone derivatives.

Other Substituted (3-Diketones. In addition to the 3- 
alkyl-substituted diketones, a number of 3-substituted 
nitrogen-containing derivatives were checked for photo
polymerization activity. The screening was done 
qualitatively, with thionine and calcium acrylate. 
The criterion for activity was the onset of dye bleach
ing and formation of the water-insoluble calcium poly
acrylate. 3-Amino-2,4-pen tanedione was found to be 
a sufficiently strong reducing agent to bleach thionine 
in the dark. The corresponding 3-isonitroso deriva
tive was inactive. However, 3-diethylamino-2,4-pen- 
tanedione showed some activity although it was inferior 
to AA. In addition to the above compounds, bis(acet- 
ylacetone)ethylenediimine (SB) was screened for ac
tivity. This substance has the structure

I
N 0
II II
c  c

capable of undergoing keto-enol tautomerism. The 
polymerization rate for SB is compared with those of 
TEA and AA in Table III. All systems contained 
10-5 M  thionine, 2 X 10-4 M  activator, and 5% acryl
amide at a pH of 8.55. The activity of the diimine is 
seen to be substantial.

/3-Diketone Initiator Systems Containing Metal Ions. 
One of the surprising discoveries during this research 
program was the photopolymerization-initiating ac
tivity of the thionine-metal acetylacetonate combina
tions. Although such photoactivity has been reported

Table i n : R p  Values for SB, TEA, and AA

Compd. -Rp X 104, M  sec.“ 1

TEA 3.05
SB 7.04
AA 10.0

for metal chelates such as ferrioxalate and uranyl 
oxalate upon irradiation with ultraviolet or blue light, 
we are not aware of any reports for a similar red-light- 
sensitized process for nonbiological metal chelate sys
tems. Table IV summarizes Rp and dye bleaching data 
for nine metal acetylacetonate chelates.18

Table IV : Anaerobic Photopolymerization of Acrylamide in 
the Presence of Some Metal Acetylacetonate Chelates“

Rp X 10‘ ,

Approx.
bleaching

time, Rp X 10*,

Approx.
bleaching

time,
Compd. M  see.-1 min. Compd. M  see.-1 min.

Cu(AA)2 5.6 None A1(AA), 1 1 .0 2.5
TiO(AA)2 8.9 3.5 Fe(AA)3 1 1 .0 3.5
Cr(AA)3 5.4 None Mn(AA)s 1 0 .0 3.5
Co(AA)3
VO(AA)2

None
9.4

None
3.5

Ni(AA)3 1 0 .0 4.0

“ All systems contain 10 ~6 M  thionine, 10 ~* M  metal acetyl
acetonate, and 5% acrylamide at pH 8.6.

With the exception of the Co (III) chelate, all the re
maining metal chelates showed polymerization activity. 
Not all activity was accompanied by bleaching of the 
dye, however. In the presence of the Cu(II) and Cr-
(III) chelates, polymerization occurred without signifi
cant dye bleaching, and the initial polymerization rates 
in the presence of these substances were approximately 
half those obtained with the other compounds. Since 
the polymerization rates of the remaining compounds 
were comparable, there appeared to be little correlation 
between this activity and the following: (1) stability
of the metal chelates, since the magnitudes for this 
series vary widely; (2) visible-fight absorption by the 
metal chelates, since some are colored and some are 
colorless; (3) valence state of the coordinated metal 
ions, since some have only one state and others have 
several.

To obtain a better insight into the function of these 
systems, we pursued a limited investigation of the be-

(18) In view of their low water solubilities, these chelates were dis
solved in a small amount of methanol and diluted to final volumes 
with water.
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THIONINE« IX IO9 M 
pH= 8.55  
MONOMER = 5 %

TIME, MINUTES

------ x ------  6 X I0 "5 M CU(AA)2
------ A--------4X  IO 5 M Al (AA)j
------ -o------- l .2X ld4 M AA

Figure 3. Comparison of acetylacetone, cupric acetylacetonate, and aluminum acetylacetonate at constant conditions.

havior of metal complexes of /3-diketones as photo
polymerization initiators.

The Cu(II)-AA and A1(III)-AA systems were 
chosen for further study because their initiating prop
erties were substantially different. In addition, the 
activity of the Al(III) chelate was representative of the 
behavior of most of the metal chelates tested.

A comparison of the activities of Cu(II)-AA and 
A1(III)-AA is shown in Figure 3. All systems con
tain the same amount of AA. (The molar concentra
tions of the chelates are of course different because more 
than one AA molecule is bound to the metal ions.)

In the Cu(II)-AA system, the addition of Cu(II) 
ions to AA drastically changes the polymerization and 
dye-bleaching reactions. Dye bleaching is almost 
completely eliminated. In addition, the shapes of the 
polymerization rate curves for the two systems are dif
ferent. Polymer formation for AA falls off at longer 
times, whereas in the presence of this metal chelate, 
polymerization begins at a rate lower than that for AA 
but continues at about this same initial rate for longer 
times.

In contrast to this behavior, the addition of Al(III) 
alters neither the bleaching nor "die polymerization 
rate. In this case, and for all systems comparable in 
activity to A1(III)-AA, the metal chelate is probably

extensively hydrolyzed; thus, we may be observing 
only AA activity.

The validity of this conclusion is substantiated by 
the following considerations. As a rough approxima
tion let us define the hydrolysis of the metal chelate by

M A3 +  3 0 H - M(OH),| +  3A (c)
where MA3 denotes the metal chelate and A, the dis
placed ligand. It follows that

[MA3][O H -]3 K u a K So

where K u a , the chelate stability constant, and K So, the 
solubility product, are defined by the equations

K =  [m a 3]
Z ma [M ][A]3 ( }
i f  so =  [M ][OH~]3 (3)

Let us now estimate the per cent dissociation for the 
aluminum(III) and iron(III) acetylacetonate chelates 
in solutions containing 10 ~4 M  M A3 at a solution pH 
of 8.55 using the following values for A ma19 20 and K s0.2°

(19) J. Bjerrum, G. Schwarzenbach, and L. G. Sillfen, “ Stability Con
stants, Part 1, Organic Ligands,”  The Chemical Society, London, 1957.
(20) J. Bjerrum, “ Stability Constants, Part II, Inorganic Ligands,”  
The Chemical Society, London, 1958.
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AI(III) Fe(III)

K ua . 1022-3 1026-7
K Bo 10~32-9 10-37-7 (av.)

Using the approximation method we find that the 
Al(III) chelate is about 90% hydrolyzed, while the 
Fe(III) chelate is about 97% hydrolyzed. Insufficient 
A ma and K Sa data prevent our testing other metal 
chelates listed in Table IV in this way.

In view of the difference in the behavior of Cu(II)- 
AA, it was considered desirable to explore further the 
effect of metal chelate stability on photoinitiating ac
tivity. Two substances were chosen.for this purpose: 
SB and DM. Since the Cu(II)-SB chelate is sub
stantially more stable than Cu(II)-AA, its degree of 
hydrolysis would be less under the experimental condi
tions employed and consequently less free ligand would 
be available. In contrast, DM  cannot form stable 
Cu(II) chelates because of steric hindrance. Con
sequently, in this case, solutions would contain the un
coordinated ligand and Cu(II) ions. Figure 4 sum
marizes bleaching and polymerization data for AA, SB, 
and DM  in the absence and in the presence of the Cu-
(II) ion. Consider first the dye bleaching reaction. 
In the presence of Cu(II), dye bleaching is drastically

decreased compared to the systems containing the 
ligands alone. In fact, for SB and AA, dye fading is 
almost completely eliminated. Several differences are 
apparent between the ligand- and Cu(II)-containing 
plots. First, consider the shapes of the curves. In the 
absence of the Cu(II) ion, the plots for all three ligands 
start at a high rate of conversion, and this rate de
creases with time, so that at times greater than about 4 
min. the percentage of polymer formed remains essen
tially constant. In the presence of Cu(II), the poly
mer formation proceeds at essentially the initial rate for 
time intervals exceeding those at which the conversion 
falls off in the absence of the metal ion. Second, con
sider the initial polymerization rates between the 
corresponding ligand- and Cu (II)-containing curves. 
For SB and AA, the initial polymerization rates of the 
Cu(II)-contaming systems are less than those for the 
ligands alone, and the difference is greater for SB. If, 
as it is for A1(III)-AA, photoactivity is the result of 
the free ligand concentration, these data show that the 
polymerization efficiency decreases with an increase in 
the stability of the Cu(II) chelates. Here, the concen
tration of free ligand should be substantially less in the 
presence of AA, and we can expect a greater decrease 
in the photoactivity of the Cu(II)-SB combination.

-------» ------ l .6XI0~^M SB AT pH 8 .5 5
------ o -----  1.6 X 10 M AA AT pH 8 .5 5
-------X ------8 X I 0 “ 5M C U (A A )Z AT pH 8 .5 5 ;  1.6 X ¡0 4
------ A-----1.6 X i d 4 M DIMEDON AT pH 7.0

-------+------8 X I 0 ‘ 5 M CU+ + + 1.6 X 10"4 M
DIMEDON AT pH 7 .0

THIONINE = I X 10 5M
C U -S B  AT p H 8 .5 5  M 0 N 0 M E R = 5 %

Figure 4. Comparison of acetylacetone and dimedon and diacetylacetoneethylenediimine in the presence of Cu(II).
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However, the C u(II)-D M  data of Figure 4 show con
clusively that these differences cannot be ascribed 
solely to a reactant concentration factor. In this case 
Cu(II) functions as a polymerization accelerator. 
Contrary to its behavior with AA and SB, the metal ion 
increases the initial polymerization rate relative to DM. 
This increase is appreciable; in 30 sec., the Cu(II)-D M  
systems produce 6%  polyacrylamide, compared to 
4.2% for D M  alone.

One may indeed inquire whether Cu(II) ions or 
cupric acetylacetonate are photoactive and initiate 
photopolymerization. Cupric ions have a weak though 
broad absorption band in the visible range with a 
maximum at about 7000 A. However, experiments on 
solutions containing 8 X 10 ~6 M  Cu(II) and 5% acryl
amide at pH 8.55 show that no detectable polymer was 
formed during periods of 12 min. Similarly, the pos
sibility of a thionine-sensitized reaction involving 
Cu(II) but no /3-diketone was ruled out by similar ex
periments. Only a trace to 1% polymer was obtained 
in 10 min. This amount of polymer is obtained by ir
radiating anaerobic solutions containing only thionine 
and acrylamide, and possibly arises from the presence of 
trace impurities in the reagents. Finally, although 
copper(II) acetylacetonate has an absorption band at 
about 8200 A., irradiation of solutions containing only 
the chelate and acrylamide gave no polymer in 18 min.

A detailed explanation of reaction mechanism for 
these Cu(II)-containing systems must await the re
sults of further studies now in progress. However, even 
these limited data allow some speculation regarding 
their mode of action. We believe that the observed 
effects of Cu(II) are a result of its oxidizing action on the 
reduced forms of thionine, semithionine (ST), and leuco- 
thionine (LT) acccording to the reactions

LT +  Cu2+ — ► -ST +  Cu+ (d)

In the presence of Cu(II), the dye concentration 
remains almost constant (at least for AA  and SB), and 
consequently radical formation can continue as long as 
the solution is illuminated. However, the Cu(II)- 
DM  data indicate that other factors must be involved. 
One of these probably involves a decrease in leuco- 
thionine concentration as a result of reaction f. Stud
ies have shown that the leuco dye functions as a chain 
terminator—possibly through reaction with a growing 
polymer chain, M*-, according to (e).

LT +  M ,- - > M H +  -ST- (f)

An increase in LT concentration results in lower rates of 
fade and of polymerization, as well as drastically re
duced polymer molecular weights.

Activity of Other Carbonyl Compounds. Our studies 
with /3-diketones described above show that keto-enol 
tautomerism is an important prerequisite for dye- 
sensitized photopolymerization activity. Hence, a 
variety of /3-dicarbonyl compounds were screened 
qualitatively for photopolymerization of calcium acry
late. Substantial polymerization was obtained with 
the following substances: disodium malonate, malonic 
ester, barbituric acid, 2-acetylcyclohexananone, aceto- 
acetanilide, and 3-ketoglutaric acid.

However, factors other than keto-enol tautomerism 
must be involved. Preliminary studies with 1,2-cyclo- 
hexanedione (III) and 2-hydroxy-l-methyl-l-cyclo- 
penten-3-one (IV) showed that in presence of thionine 
and acrylamide, dye bleaching was obtained in the pH 
range of 8 to 9.5 without polymer formation.

•ST +  Cu2+ — >• T  +  Cu+ (e)

Oster and co-workers21 22" 23 have shown that various 
leuco dyes (including leucothionine and leucomethylene 
blue) produced by reacting the light-excited dyes with 
secondary and tertiary amines and amino acids are 
sufficiently powerful reducing agents to reduce a variety 
of metal ions including Cu(II).

The regeneration of thionine by reaction e accounts for 
the decreased rate of dye bleaching and also, at least 
in part, for the differences in the shapes of polymeriza
tion curves. In the absence of Cu(II), the rapid dye 
bleaching depletes the concentration of thionine to 
levels too low to sustain radical generation, and the 
polymerization rate consequently levels off.

Compound III is almost completely enolized under our 
experimental conditions, while compound IV is a stable 
enol. Thus, a better understanding of the nature of 
these photochemical processes must await the results of 
detailed studies now in progress.

Acknowledgments. The authors are indebted to Mr.
J. Panella for preparing the various 2,4-pentanedione 
derivatives and to Miss P. Rorke for conducting some 
of the screening experiments described above.

(21) G. Oster and N. Wotherspoon, J. Am. Chem. Soc., 79, 4836 
(1957).
(22) G. Oster and G. Oster, ibid., 81, 5543 (1959).
(23) J. Joussot-Dubien and G. Oster, Bull. soc. chim. France, 343 
(1960).
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Dye -Sensitized Photopolymerization Processes.13 IV. Kinetics and 

Mechanism of Thionine-/J-Diketone-Acrylamide Systems

by S. Chaberek,lb R. J. Allen, and A. Shepp

Technical Operations Research, Burlington, Massachusetts {Received January 4, 1965)

A detailed study of the kinetics and reaction mechanism of thionine- (and methylene blue) 
sensitized photopolymerization of acrylamide in the presence of 2,4-pentanedione and 
dimedon has been made. Experimental data are consistent with a mechanism involving 
the formation of a light-excited complex between dye and /3-diketone and its subsequent 
reaction with monomer to give dye bleaching and polymerization. As with amine-activated 
processes described in the first two papers in this series, the polymerization-initiating 
free radical appears to be semithionine (or semi (methylene blue)).

Introduction

/3-Diketones such as 2,4-pentanedione and dimedon 
have recently been found to function as photoreducing 
agents in conjunction with thionine and methylene 
blue for the photopolymerization of acrylamide.1 2

Studies into the relation between photoactivity and 
molecular structure showed that the active compounds 
are those capable of undergoing keto-enol tautomerism, 
and that the enol forms are responsible for reactivity. 
Nevertheless, even the limited data reported pre
viously showed that there are distinct differences in 
the photoactivity of the /3-diketones compared to 
that of tertiary amines and amino acids. The most 
significant contrast is in the dye bleaching reactions. 
/3-Diketones require the presence of monomer to bring 
about dye fading; the tertiary amines and amino 
acids photobleach the dyes in the absence of monomer. 
Thus, in view of the differences in the behavior of the 
/3-diketones, a more detailed investigation into their 
reaction mechanism was desirable. This paper sum
marizes, then, our studies on the anaerobic photo
polymerization of acrylamide by free radicals formed 
by reaction of light-excited thionine (or methylene 
blue) with 2,4-pentanedione (AA) and dimedon 
(DM).

Experimental

The acrylamide used in this investigation was a 
pure sample obtained from the American Cyanamid

Co. Preliminary screening of this sample for ana
erobic thionine-sensitized photopolymerization showed 
no polymer formation in the absence of added acti
vators and only a trace of dye bleaching over periods of 
10 to 15 min.

Thionine and methylene blue were purified by three 
recrystallizations from water. The absorption coef
ficients were found to be 5.8 X 104 1. cm.-1 mole-1 
for thionine (at 5980 A.) and 6.4 X  1041. cm.-1 mole-1 
for methylene blue (at 6620 A.). Dimedon and 2,4- 
pentanedione were obtained from the Aldrich Chemical 
Co.

The general experimental procedures used in this 
study were the same as those described previously.2-3 
The rate of dye bleaching Rf was calculated directly 
from spectrophotometric measurements. The polym
erization rate Rp was determined by taking aliquots of 
the reaction solution at several time intervals, pre
cipitating the polyacrylamide in methanol, filtering it, 
and drying the residue to constant weight. Polymei 
molecular weights were determined viscometrically.

(1) (a) This study was performed under Contract No. AE 33(657)- 
8754 and AF 33(647)-11553, Photographic Branch, Reconnaissance 
Division, Air Force Avionics Laboratory, Wright-Patterson Air Force 
Base, Ohio, J. R. Pecqueux, Project Engineer; (b) to whom inquiries 
should be sent at Cowles Chemical Co., Skaneateles Falls, N. Y.
(2) S. Chaberek, R. J. Allen, and G. Goldberg, J. Phys. Chem., 69, 
2834 (1965).
(3) A. Shepp, S. Chaberek, and R. MacNeil, ibid., 66, 2563 (1962).
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Experimental Data on Dye Bleaching and 
Polymerization Rates as a Function 
of Reaction Parameters

Activator Concentration. Table I summarizes the 
rates of dye bleaching and polymerization for systems 
containing 10-6 M  thionine or methylene blue, 0.704 ilf 
acrylamide, and varying concentrations of AA or DM  
between 8.0 and 40.0 X  10 ~6 M. Solution pH values 
were 8.55 for thionine-AA, 8.60 for methylene blue-AA, 
and 7.0 for thionine-DM. The general trend for both 
DM  and AA parallels that observed with amine- 
activated systems such as triethanolamine* 8 4 (TEA) 
in that both Rt and R„ increase with an increase in 
the activator concentration. In contrast to the TEA- 
containing systems, however, similar R{ and Rp de
pendences on the AA level were found for both thio
nine and methylene blue. For TEA, amine concen
trations had to be about five times greater in the 
presence of methylene blue to obtain comparable 
rates with thionine-containing systems. Finally, Rt 
values for D M  are comparable with those for AA; 
however, Rp is 40 to 50% smaller for DM.

Table I : Effect of Acetylacetone and Dimedon 
Concentrations on R t  and R p  for the Anaerobic 
Thionine- and Methylene Blue-Acrylamide Systems“

AA (or 
DM)

Methylene blue 
systems

X 105 Rt X 10' Rp X 10' Ri X 10' Rp  X 10' Ri X 10' X 10»

2.0 0.397 0.40
4.0 0.701 0.58 0.667 0.35
8.0 1.212 0.92 1.102 0.54 1.140 0.99

12.0 1.550 0.99
16.0 1.688 1.17 1.515 0.70 1.667 1.33
24.0 2.339 1.36 2.204 1.33
40.0 2.381 0.87 2.469 1.77
80.0 2.720 1.06

“ All systems contain 10’-c M  dye, 0.704 M  acrylamide at pH
8.55 for thionine-AA, pH 7 for thionine-DM, and pH 8.60 for 
methylene blue-AA; T  =  24 ±  1°; R t  and R p  are expressed as 
moles l.-1 sec.-1.

Monomer Concentration. Table II summarizes Ri 
and Rp data for systems containing 10-5 M  dye and
8 X 10-6 M  AA or DM . These data indicate both a 
similarity and a difference in the behavior of these 
substances with the amine-activated systems. The 
rates of polymerization are similar with both classes 
of activators in that they increase with an increase in 
the monomer concentration. However, the Rt de
pendences for the two classes of compounds differ

in two respects. First, in the absence of monomer, no 
significant dye bleaching occurs with both AA and 
D M ; in the amine systems extensive photobleaching 
is obtained in the absence of monomer. Second, while 
Ri decreases with an increase in monomer level in the 
amine systems, Table II shows that the rate is inde
pendent of monomer concentration for AA and actually 
increases with an increase in monomer level for DM  
in the range 0.141 to 1.265 M. At lower acrylamide 
concentrations (1.4 X  10-1 to 1.4 X 10-3) AA also 
parallels the trend with DM.

Table H : Effect of Acrylamide Concentration on R i  and 
R p  for the Thionine- and Methylene Blue-AA- and 
-DM-Acrylamide Systems“

Methylene blue
-Thionine systems-----------* systems

Acrylamide
concn.,

,--------AA
Rt Rp

,-------D
Rf

M------->
Rp

,-------A
Ri

A------ s
Rp

M X 10' X 10' X 10' X 10' X 10' X 10'

1.4 X 10-3 0.258
2.8 X 10-8 0.443 • • •
1.41 X 10-2 0.874
1.41 X 10-1 1.212 0.091 0.730 0.995 0.094
2.82 X 10-1 1.212 0.28
3.52 X 10-1 1.212 0.995 0.29
4.22 X 10-1 
4.93 X 10-1 1.212 0.51

1.149 0.28

7.04 X 10-1 1.212 0.85 1.299 0.56 1.042 0.65
10.56 X 10-1 1.212 1.23 1.360 1.12 0.995 1.15
12.65 X 10-1 1.429 1.39

“ All systems contain 10-5 M  dye, 8 X 10-6 M  AA (or DM) 
at pH 8.55 for AA and pH 7.00 for DM ; T  =  24 ±  1°; R t  and 
R p  are expressed as moles l.-1 sec.-1.

Light Intensity. Calibrated neutral density filters 
were used to determine the effect of fight intensity on 
Rt and Rp for the thionine- and methylene blue-AA- 
acrylamide systems. Experimental results are fisted 
in Table III. The reaction rates for both dyes de
crease with a decrease in fight intensity.

Dye Concentration. Dye fading and polymerization 
rates were found to be independent of dye concen
tration over the range of 0.5 to 1.5 X  10-6 M, except 
for the dependence of the reactions on the fight ab
sorbed I a. As the dyes fade, 7a decreases and thus the 
reaction rates decrease.

Solution pH. A detailed qualitative discussion of 
the pH effect on the thionine-DM and thionine-AA 
systems was given in paper III of this series.2 How
ever, measurements of Ri and Rr, were extended to

(4) S. Chaberek and R. J. Allen, J. Phys. Chem., 6 9 ,  647 (1965).
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Table H I: Effect of 70 on R s and R p  for the Thionine- 
and Methylene Blue-AA-Acrylamide Systems“

ND filter'1
---- -Thionine systems— —> <—Methylene blue systems—>
Rf X  10? Rp X  103 R {  X  107 Rp X  10»

None (100%) 1.294
0.28 (52.5%) 0.644
0.48 (33.1%) 0.426

0.80 1.170 0.79
0.66 0.614 0.55
0.47 0.341 0.43

“ All systems contain 10-6 M  dye, 8 X 10-5 M  AA, 0.704 M  

acrylamide at pH 8.55; T  =  24 ±  1°; R [  and R p  are expressed 
as moles l.-1 sec.-1. h Value in parentheses denotes relative 
per cent transmission for filter.

other pH values to provide data for mathematical 
analysis and to include the methylene blue-AA- 
acrylamide system. Results are summarized in Figure
1. The most striking aspect of the DM-containing 
system is the shift of photoactivity to lower pH levels. 
This shift arises from the greater acidity of the enol 
form of DM. Although the data plots for thionine-DM 
and thionine-AA are similar in shape, maximum photo- 
bleaching is obtained at a pH of about 5.0 to 5.5 for 
DM and at a pH of about 9 for AA. The polymeriza
tion data show the greater range of activity for the 
D M  system. Finally, the superiority of methylene 
blue-AA over thionine-AA at pH levels exceeding 9 
is clearly seen. Both dyes are comparable in activity 
at pH levels between 7 and about 8.55, but at higher 
alkalinity the thionine R¡ and Rp rapidly decrease, 
while those for methylene blue remain essentially 
constant.

Oxygen. As with the amine activators, oxygen af
fects the behavior of photopolymerization systems con
taining /3-diketones. Representative data at an oxygen 
level of 2 X  10-E M  (0.64 p.p.m.) for thionine-acryl- 
amide systems containing three concentrations of AA 
are shown in Figure 2.

Figure 1. R {  and R p  dependence on pH.

THIONINE. m o A  
pH= 8 .5 5
OXYGEN C 0 N C *2 X I0 5M 
MONOMER *5 %

a a c o n g :
- — A— 8 X K )5 M
-----X-----1.6X10 4 II
-----0-----4 .0  X I0~3 M

thionine-AA-acrylamide system.

The introduction of oxygen produces an induction 
period during which the dye is slowly bleached but no 
polyacrylamide is produced. At the conclusion of this 
period, the thionine bleachout proceeds at a rate com
parable to the anaerobic control and polymer is formed. 
Figure 2 shows that the induction period may be de
creased by increasing the activator concentration. A 
comparison of these data with those of other amine 
systems shows that AA appears to be less sensitive to 
oxygen. For example, at an activator concentration of 
4 X 10 “ 3 M, AA systems had a 20-sec. induction 
period, compared to about 45 sec. for TEA in the 
presence of 0.64 p.p.m. of oxygen.

Polymerization Reaction Mechanism
A reasonable reaction mechanism must account for 

the variations of R{ and Rv that occur with changes in 
the experimental parameters. We have seen above 
that the photoactivity of these /3-diketone activators 
are both similar and dissimilar to that of amino de
rivatives such as nitrilotripropionamide and TEA 
for which a reaction mechanism has been postulated.4’5 6 
The systems are similar in that both Rf and Rp in
crease with an increase in activator concentration, are 
sensitive to solution pH, and are independent of the 
dye concentration in the range 0.5 to 2 X  10-6 M. 
They are dissimilar in that monomer must be present 
with AA and DM  for photobleaching of the dyes, but 
it is not required with the amine activators. In 
addition, although Rv increases with an increase in 
monomer concentration for both classes of compounds, 
Rf for AA and DM  increases with (or is independent of)

(5) S. Chaberek, A. Shepp, and R. J. Allen, J. Phys. Chem., 69, 641
(1965).
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the acrylamide level; Rf for TEA decreases with in
creasing monomer.

The following reaction mechanism is consistent with 
experimental observations on the behavior of AA and 
DM.

•ST +  M 

R- +  M  ■ 

M- +  M 

2M- ■

■M-

M-

■ M-

ka

kp

h

(i)

(j)
(k)

(l)->■ polymer
In reaction a, T* represents the triplet state of the 

light-excited dye and <f> is the efficiency of the forma
tion of the triplet state when the dye has absorbed a 
quantity of light 7a. Reaction b represents the thermal 
deactivation of T* to the ground state. The rate con
stant for this reaction has been measured by Hatchard 
and Parker6 * to be 5 X 104 sec.-1 for thionine. The 
key step of this mechanism is the formation of an 
excited dye-activator complex (TE)* by interaction 
of the excited dye with either the enolate ion E -  
(reaction c) or with enol E accompanied by the dis
placement of a hydrogen ion (reaction d). The acti
vated complex can now undergo collisional deactiva
tion and dissociation to the dye and E or E -  by re
action e, where the relative concentrations of enol and 
enolate ion are controlled by acidity constant K b 
(reaction f). Alternately, (TE)* reacts with monomer 
to form semithionine (or semi (methylene blue)), 
•ST, and a radical R - (reaction g). The structure of 
R - or its ultimate fate during the photoreaction is not 
known at this time.

Reaction h is the dismutation reaction that forms 
dye and leucodye LT; it is the only reaction in our 
mechanism by which LT is formed. Hatchard and 
Parker6 report fcd to be 2 X 109 1. mole-1 sec.-1 for 
thionine.

Reaction i represents the initiation of polymerization 
by the reaction of • ST with the monomer to form the 
initiating radical M -. A similar possible reaction 
involving the photoproduct R - is denoted by (j).

q1__ j» q1* 4>K (a) Rf.

T* •— >  T  +  heat ka (b) d(T*)

T* +  E -  - (TE)* ks- (c) df

T* +  E - —> (TE)* +  H+ ks (d)
(TE)* - - >  T  +  E (E- ) h (e)

d(TE*) 
d t

E " Z t  E -  +  H+ K b (f)
(TE)* +  M  - -► -ST +  R- k% (g) d(-ST)

2 -S T -— T +  LT kd (h) df

Reactions k and 1 are the usual polymer propagation 
and polymer termination steps, respectively.

Verification of the Reaction Mechanism for Rf. The 
following equations form the basis of the mathematical 
analysis of this reaction mechanism with respect to

=  0 =  4>h -  h(T*) -  ¿e-(T*)(E - ) -

/ce(T*) (E) (1)

=  0 =  fcE-(T*)(E - ) +  Afe(T*)(E) -

fcj(TE*) -  h (TE*)(M ) (2)

=  0 =  fe(TE*)(M) -  Jfc.(-ST)(M) -

2fcd(-ST)2 (3) 

R{ =  fc2(TE*)(M) -  lbd(-ST)2 (4)

To simplify eq. 4, dye regeneration experiments were 
performed as described previously.6 Approximately 
60% of the faded dye was restored in all cases. Thus 
60% of the fading of the dye results in the formation of 
leucodye and 40% results in polymer formation. We 
see in eq. 3 that 2fcd(-ST )2 «  1.21Rf, while fca(-ST)(M ) 
~  0,47: f. As a first approximation, therefore, we 
may neglect the latter term, and eq. 3 now becomes

2fcd(-ST)2 «  fe>(TE*)(M)

and

Rf =
fe(TE*)(M)

(5 )

(6)

Finally, solving eq. 1 and 2 for T* and TE* and sub
stituting in eq. 6 gives

0 /afc2(M)
R{ =

ksr +
fe(H  +)'

K]E J
(E- )

2[h +  h(M )] ko +  ( &E- + M  H+) 
K e K}] (7)

For data analysis, eq. 1 is written in reciprocal forms

1_
Rf

_2 
<f>7a_1 +

h
fc2(M )J 

1 +

X

kc

+
fcE(H+) |(E- ) 

K b

(7a)

(6) G. G. Hatchard and C. A. Parker, Trans. Faraday S o c 57, 1093
(1961).
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_1_
Ri

+

h
fcE( H+) 

K e

1 +
fci ~ 

fa(M ).

(7b)

Equations 7a and 7b predict a linear relationship be
tween 1/Rt and 1 /(E _) or 1/(M ), respectively. To 
test eq. 7a requires experimental values for (E_). 
These values were calculated by eq. 8

where Ca denotes the total concentration of AA or DM 
added, and

(E) +  (E -) 
(keto)

=  (H+)(E~) 
(E)

(8a)

(8b)

The following values of K t  and K r  reported by 
Schwarzenbach and Felder7 were used in these calcula
tions

K t  J C e

AA 0.184 10~8-13
DM  20.3 10-6-23

Figures 3 and 4 are plots of the data of Tables I 
and II using eq. 7a and 7b, respectively. These 
figures show that good linear relations are obtained for 
both ,8-diketones. Furthermore, eq. 7 predicts that 
Ri should be directly proportional to I a, if all other 
reaction parameters are held constant. The experi
mental results in Figure 5 are in accord with predic
tion.

To check the pH dependence of the mechanism, the 
rate equation involving Ri was redefined in terms of 
enol (E) instead of enolate ion (E_). Rearrangement 
of terms in eq. 7 gives

X =
4>lX T  h(M)J

(E) 1_
JRt

2_
Vi,

(  1 +  J * -X \
=  Ae +

kfR-K-E

W )

(9)
Equation 9 predicts that a plot of x vs. 1 / (H+) should 

be a straight line whose intercept is the rate constant 
and whose slope is related to U r - .  All terms in x 

are either known or may be calculated from the data 
plots of Figures 3 or 4. The validity of eq. 9 is obvious 
from the linear nature of the plots in Figure 6.

Figure 3. R t  dependence on AA and DM levels.

Figure 4. R s  dependence on monomer level.

Figure 5. R i  dependence on 7a.

(7) G. Schwarzenbach and E. Felder, H e l v .  C h i m .  A c t a ,  27, 1701 
(1944).
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Figure 6. Rt dependence on  p H .

Verification o f the Reaction Mechanism, with Respect to 
R p. From mechanism reaction k, it follows that the 
rate of polymerization R p is given by

R P =  fcp(M-)(M) (10)

To solve for M-, we can set up eq. 1 1  for all radicals 

d (radicals)
di

=  0 =  2fc2(TE*)(M) -

27d(-ST)2 -  2kt( M - y  (11)

Rearranging eq. 1 1  together with eq. 4 gives 

fc t(M -)2 =  fc2( T E * ) ( M )  -  A:d( - S T ) 2 (12)

Since the right-hand term of eq. 12 equals R t (accord
ing to eq. 4) then combining eq. 12 with eq. 10 gives 
eq. 13, expressing R p in terms of R i and (M)

R v =  -^-a(M )V B f (13)
to t

For a constant concentration of enolate ion (E~), 
the expression for R { as a function of (M) is given by 
eq. 7b, which can be rendered to the simple form of 
eq. 14

(M )

[a +  b(M)]
(14)

where a and b are constants defined by eq. 7b. It 
follows that eq. 13 for R p can be expressed in terms of 
(M) for constant (E_) by

Rp =
kp

(15)

For DM, the linear relationship between R i and 
(M) given by eq. 14 is shown in Figure 4. We see 
that a =  1.05 X 106 sec., while b(M) varies from 0.88

X 10e to 7.5 X 106 sec. for (M) =  0.14 to 1.2 M .  
There, according to eq. 15, the R p data for DM should 
be

Rp =  constant (M)
a +  6(M)_

(16)

and so a plot of R t vs. M s/! should be linear with a 
falloff of the straight line at greater (M), where b(M) 
>  a. Equation 16 is confirmed in Figure 7 by a plot 
of the DM data for R p vs. (M)!/2.

The rate of fade R t for AA is independent of mono
mer concentration in the range 0.14 to 1.0 M ,  as shown 
in Table II; therefore in eq. 14, 6(M) is much greater 
than a. and the equation for R p reduces to the form

Rp (ktb)1/2(M )
(17)

A plot of R p vs. (M) in this concentration range for 
the AA system is also shown in Figure 7. Here the 
approximate linear relationship is again demonstrated.

F igure 7. R p dependence on  m on om er level.

Figure 4 shows that the linear relationship between 
R t and (M) given by eq. 7a or 14 does hold for AA in 
the low monomer concentration range of 0.014 to 
0.0014 M .  Because R p data could not be gathered at 
these low AA concentrations, we cannot check the 
expected (M)a/> dependence of R p.

Finally, eq. 7 shows that R t varies directly with 7a, 
and therefore, by eq. 13, R p should vary with I p 1. 
The dashed line of Figure 5 indicates that this square- 
root dependence holds for the thionine- and methylene 
blue-AA systems, and presumably should hold for 
thionine-DM systems.
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Evaluation of Rate Constants
The data plots of Figures 3, 4, and 6, together with 

the following values for I a and kc, were used to estimate 
some of the rate constants

7a =  8 X 10-7 einstein l.- 1  sec.-1

fcc =  £ X 1041. mole-1 sec.-1

The most reasonable values are summarized in Table 
IY . These data show that the efficiencies of forma
tion of the light-excited dyes and the magnitudes of 
fcK- for AA and DM are comparable in magnitude.

Table I V : R a te  C onstants fo r  the T h io n in e - and 
M eth ylen e  B lu e -A A -  and -D M -A c r y la m id e  System s

P a r a m e te r A A  s y s te m D M  s y s te m

<i> 0 .9 0 0 .9 6
& E - 2 .1  X  109 1 .9  X  109
& E « 1 0 8 « 1 0 8
fcl/& 2 5 .0  X  l O - 3 1 .7  X  1 0 “ 1

Since the values of intercepts of the x  vs- 1/(H+) 
plots of Figure 6 are very small, reliable values for 
/ce are unavailable; however, they should be consider

ably smaller than 108. The only difference between 
AA and DM involves k i /k 2, the ratio of the rate con
stants for the collisional dissociation of (TE*) and its 
reaction with monomer, which is approximately 300 
times larger for DM than for AA.

The fact that R t magnitudes (reaction g) are com
parable for both substances indicates that the cor
responding h  values may also be comparable. Since 
the rate constants for formation TE* (feE~) also have 
similar values, the lower magnitude of h / h  for DM 
appears to be the result of a greater fc2 for the col
lisional dissociation step. The formation of a weaker 
T-DM complex for steric reasons could account for 
this trend.

The difference in the fci//c2 ratios also accounts for 
the different R { dependencies at the higher monomer 
levels for AA and DM. It is obvious from eq. 7b 
that the k1/k 2(M') term for AA is much smaller than 
1 and R i becomes independent of (M). On the other 
hand, this term becomes important for DM and a 
monomer dependence is observed.
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Interaction of Cross-Linked Polymethacrylic Acid with Polyvalent Metal Ions1

by Richard L. Gustafson and Joseph A. Lirio

Rohm & Haas Company, Research Division, Philadelphia 87, Pennsylvania (.Received December 12, 1964)

The interactions of a polymethacrylic acid (PMA)-divinylbenzene copolymer with Fe8+, 
Ni2+, Cu2+, Zn2+, and Ca2+ ions have been measured potentiometrically at 5, 15, 25, 35, 
and 45° in a 1.0 M  NaNCb aqueous medium. The metal complex equilibrium constants in
creased in the order Ca2 3+ <  Ni2+ <  Zn2+ <  Cu2+ <  Fe3-. The unusual specificity for 
Zn2+ over Ni2+ suggests that the tetrahedral stereochemical configuration of the former 
ion permits binding by the PMA resin with less steric strain than is encountered in the 
case of the Ni2+ ion. This view is supported by the fact that the entropy change pro
duced by the interaction of PMA with Zn2+ is greater than that for any of the other di
valent ions studied. The AH °  values of the Fe3+, Ni2+, and Cu2+ complexes are con
siderably less positive than those of Zn2+ and Ca2+, suggesting that stronger chemical 
bonds are present in the former cases in which d orbitals are utilized. Linear plots of 
—log [H+] vs. log ( a / (1 — a )), in accordance with the empirical modification of the Hen- 
derson-Hasselbach equation, —log [H+] =  pK  +  n log («/(1 — a)), were obtained in the 
absence of and in the presence of divalent metal ions. The values of n  increased in the 
order of decreasing degree of complexation. This suggests that the configurational en
tropy of the polymer chain increases because of decreasing electrostatic repulsions between 
neighboring charged groups as the degree of complex formation increases.

Introduction
A number of investigators2-8 have studied the inter

actions of polyvalent metal ions, chiefly copper (II), 
with linear polyacrylic (PA) and polymethacrylic 
acid (PMA) polymers. More limited consideration 
has been given to the measurement of complex forma
tion in cross-finked polycarboxylic acid systems. 
Gregor, et a l.?  measured the degrees of interaction 
between copper(II) ions and polyacryfic and poly- 
methacryfic acid gels and showed that, whereas co
ordination numbers as high as 4 were encountered in 
solutions of the corresponding linear polyelectrolytes, 
a maximum number of two carboxylate groups were 
bound per metal ion in the cases of the cross-linked 
materials. Measurements of the entropies and en
thalpies of copper(II) complexation4 5 6 7 8 9 for linear and 
cross-linked polyacryfic acid indicated that a smaller 
entropy loss occurred upon complex formation in the 
case of the more flexible linear polymer. Pennington 
and Williams10 have described the binding of a number 
of divalent metal ions to Amberlbe XRC-50, a poly- 
methacryfic acid resin.

In the present study the interactions of Fe3+, Ni2+,

Cu2+, Zn2+, and Ca2+ ions with a PMA gel have been 
measured potentiometrically at temperatures of 5.0,
15.7, 25.0, 34.9, and 43.7° in a 1.0 M  NaNOg medium. 
Free energies, enthalpies, and entropies of complex 
formation have been calculated. Because of the 
rigidity of the PMA polymer chain, it was felt that the 
degree of complex formation might be influenced by

(1) Presented before the Division of Physical Chemistry at the 
148th National Meeting of the American Chemical Society, Chicago, 
111., Aug. 31-Sept. 4, 1964.
(2) F. T. Wall and S. J. Gill, J. Phys. Chem., 58, 1128 (1954).
(3) H. P. Gregor, L. B. Luttinger, and E. M. Loebl, ibid., 59, 34 
(1955).
(4) E. M. Loebl, L. B. Luttinger, and H. P. Gregor, ibid., 59, 559 
(1955).
(5) H. P. Gregor, L. P. Luttinger, and E. M. Loebl, ibid., 59, 990 
(1955).
(6) H. Morawetz, J. Polymer Sci., 17, 442 (1955).
(7) A. M. Kotliar and H. Morawetz, J. Am. Chem. Soc., 77, 3692 
(1955).
(8) M. Mandel and J. C. Leyte, J. Polymer Sci., 56, 523 (1962).
(9) H. P. Gregor, L. B. Luttinger, and E. M. Loebl, J. Phys. Chem., 
59, 366 (1955).
(10) L. D. Pennington and M. B. Williams, Ind. Eng. Chem., 51, 759 
(1959).
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the stereochemical requirements of the metal ions. 
The choice of Ni2+, Cu2+, and Zn2+ ions was influenced 
by the fact that in aqueous solution the coordination 
numbers are normally 6, 4, and 4, respectively, and 
the corresponding orientations of ligand groups are 
octahedral (d2sp3), square-planar (dsp2), and tetra
hedral (sp3), respectively.

E x p e r i m e n t a l

Reagents. A sample of PMA resin which contained 
5% divinylbenzene (DYB) was characterized as de
scribed previously.11 Solutions of reagent grade metal 
nitrates were standardized by titration with EDTA.12 
Reagent grade NaN03 was employed as a supporting 
electrolyte. Carbonate-free sodium hydroxide was 
prepared by dilution of a 50% stock solution and was 
standardized with potassium biphthalate.

Equilibrations. Samples of 9.26 mequiv. of hydro
gen form resin were equilibrated for approximately 1 
month with 100-ml. aliquots of 1.0 M  NaN03 solution 
which contained either 4.63 mmoles of divalent ion 
or 3.09 mmoles of ferric ion and appropriate amounts 
of standard NaOH. A Beckman Model G pH meter, 
equipped with extension glass and calomel electrodes, 
was used to record hydrogen ion concentrations. 
The resins were stirred in the solutions during the pH 
measurements in order to eliminate slight drifts which 
might have otherwise occurred during measurements 
in the unbuffered solution phase in the absence of the 
resin. Purified nitrogen was bubbled through the 
solutions in order to maintain a carbon dioxide free 
atmosphere. Calibration of the electrode system was 
carried out with standard 0.001-0.1 M  HC1 solutions 
which were 1.0 M  in NaNOs. The constancy of the 
difference between the recorded pH and the true value 
was checked throughout the pH range of interest at 
the various temperatures employed by the use of 
standard phthalate, phosphate, and borate buffers.13

The measurements of resin volumes were carried 
out pycnometrically. The determinations of water 
content were obtained from the differences between 
the weights of the swollen resins and the weights of 
the resin matrices plus associated ions. The weights 
of the wet resins were determined after centrifugation 
as described by Gregor, et al.u  The amounts of 
polyvalent metal ions sorbed by the resin were de
termined directly after displacement of the metals from 
the centrifuged resins with 0.5 M  HC1. A small 
correction was made for the amount of metal ion held 
in the solution imbibed in the macropores of the 
resin. Previous measurements11 15 showed that the 
porosity of the water-wet beads is 0.068 ml./ml. of 
bead.

M a t h e m a t i c a l  T r e a t m e n t  o f  D a t a

Zubay16 has pointed out that calculations of equi
librium constants in polycarboxylic acid systems based 
on the reactions

and

K i

M 2+ +  HA MA+ +  H+

= [MA+][H+]
1 [M2+][HA]

Ki
MA+ +  HA ^  MA2 +  H+

= [MAsHH+l 
2 [MA+HHA]

(1)

(2)

where HA represents an undissociated monomeric unit, 
are in error because the second step in reality merely 
involves dissociation of a proton from a carboxylic 
acid group adjacent to the metal ion bound in the com
plex MA+. Reactions 1 and 2 may accordingly be 
redefined by the equations

and

M 2+ +  HA-2 ^  MHA2+ +  H+

[MHA2+][H+]
1 [M2+][H2A2]

(la)

MHA2+ %% MA2 +  H+

[MA2][H+]
[MHA2+]

(2a)

Here H2A2 is a chain segment consisting of two 
monomeric units. Since it has been shown by Gregor, 
et aZ.,9 that the maximum coordination number in cross- 
linked polyacrylate and polymethacrylate systems 
is 2, only the reactions represented by (la) and (2a) 
need be considered. Consideration of equilibria in
volving chelation by multidentate ligands such as 
ethylenediaminetetraacetate16 show that, although 
MHA complexes are present in the case of calcium ion, 
measurable formation of these intermediates is ap
parently not detectable in the cases of the more stable 
Ni2+, Cu2+, or Zn2+ complexes. It would appear,

(11) R. L. Gustafson, J. Phys. Chem., 67, 2549 (1963).
(12) G. Schwarzenbach, “ Complexometric Titrations,”  Interscience 
Publishers, Inc., New York, N. Y., 1957.
(13) R. G. Bates, “ Electrometric pH Determinations,”  John Wiley 
and Sons, Inc., New York, N. Y., 1954.
(14) H. P. Gregor, K. M. Held, and J. Beilin, Anal. Chem., 23, 620 
(1951).
(15) G. Zubay, J. Phys. Chem., 61, 377 (1957).
(16) J. Bjerrum, G. Schwarzenbach, and L. G. Sillén, “ Stability Con
stants,” Part I, The Chemical Society, London, 1957.
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on the basis of entropy considerations, that the pres
ence of MA2 would be greatly favored over that of 
MHA2+. Hence, it is probably valid to assume that 
the over-all reaction

M 2+ +  H2A2 ^  MA2 +  2H+ 

=  [MA2][H+]2 
3 [M2+][H A2] (3)

will describe the reaction adequately. Combination 
of eq. 3 with the material balance equations

ft =
T a  -  2[H2A2] -  2 [A2~] 

2 T m
(4)

and

2[H*A2] =  T a (1 -  a) -  [H+] (5)

and the equation which describes the dissociation of 
the polymer

[H+][A2- ]/  2 [A2-] V - 1
[H2A2] \ T a  -  2 [A2-]/ (6)

Results and Discussion
Plots of —log [H+] vs. the degree of neutralization 

for the various metal ion-PMA gel systems at 25° are 
shown in Figure 1. The relative positions of the ti
tration curves show that the stabilities of the com
plexes increase in the order Ca2+ <  Ni2+ <  Zn2+ <  
Cu2+ <  Fe8+. A striking anomaly is that the degree 
of complexing of zinc is greater than that of nickel. 
Examination of a wide variety of data concerning chela
tion by monomeric, polydentate ligands16 shows that, 
without exception, the formation constants of nickel 
complexes are greater than those of zinc. It may be 
that, in the present case, the tetrahedral steric configura
tion of donor atoms in Zn2+ complexes is more favorable 
than the octahedral N:2+ configuration because less 
strain is placed on the polymer chain in the former 
case upon orientation around the metal ion. Further 
discussion of this effect will be deferred to a subsequent 
part of the paper.

The slopes of plots of log (a/( 1 — a)) vs. —log 
[H+], in accordance with the empirical equation

permits the calculation of K s by a method of successive 
approximations.

Equation 6 is equivalent to the usual expression

[h +][a ~]/ [a ~] y 1
[HA] \ T a ~ [ A - ] J

- lo g  [H+] =  p K  +  n  log (8}
1 — a

decreased in the order Ca2+ >  Ni2+ >  Zn2+ >  Cu2+, 
which is also the order of increasing degree of com
plexation as shown in Table I. Deviations from lin-

except that 2 [A2-] and 2[HzA2] have been substituted 
for [A- ] and [HA], respectively. T A and 2 m represent 
the total molar concentrations of carboxylic groups and 
metal ions, respectively, and n  represents the average 
number of dicarboxylate groups bound per mole of 
metal ion. Solution of eq. 3 for K 3 yields the expression

ft [H+]2 
1 — ñ  [H2A2]

(7)

Therefore, at n =  0.5, the value of K 3 is equal to 
[H+]2/[H<!A2]. The results obtained by this method 
will be different than those of Gregor, et al. , 3  who 
showed that K  =  [MA2][H+]2/[M 2+][HA]2 or that 
K  =  [H+]2/[HA]2 at the point at which 50% of the 
metal ion is bound in cases in which eq. 1 and 2 are 
employed.

Values of the enthalpies of reaction, A H ° ,  were de
termined graphically from plots of log K 3 vs. 1 /T .  
The entropy of reaction was calculated by the rela
tionship

A S °
A H °  -  AF °  

T

where AF °  =  -2.303RTlogics.

F igure 1. P lots  o f  —log  [H +] in  solu tion  phase vs. 
th e n um ber o f  m oles o f h ydrox ide added  per 
equ iva lent o f  P M A  gel in  th e presence o f  p o ly va len t 
m etal ions in a 1.0 M  N aN C s m ed ium  at 2 5 °.
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earity occurred only at the highest «-values studied 
(0.85), and, in the case of the cupric system, the curve 
was linear within less than ±0.01 pH unit over the 
entire range. Many workers have obtained linear 
plots upon the titration of polyacids with alkali metal 
hydroxides, but plots obtained by Gregor, et a l.,3 
upon the titration of linear copper (Il)-polyacrylate 
complexes showed pronounced curvatures under a 
variety of conditions. Gregor, et al.,17 and others 
have suggested that the magnitude of n  increases as the 
configurational entropy of the polymer chain decreases 
due to increasing electrostatic repulsions between 
neighboring charged groups. If electrostatic inter-

T a b le  I :  Values o f  S lope n  and —L og  [H +] at 
H alf-N eutra lization  P oints fo r  M eta l I o n -P M A  G el 
In teractions a t 25° in  1.0 M  NaNCL

Metal ion - L o g  [H+la = 0.5 n

N a + 5 .9 1 1 .6 0
C a 2 + 5 .5 4 1 .41
N i2+ 5 .2 6 1 .2 6
Z n 2 + 4 .7 8 1 .1 8
C u 2+ 4 .0 6 1 .0 2

actions alone were involved in the binding of Ni2+, 
Cu2+, and Zn2+ ions, it would be expected that, be
cause of the nearly identical radii of these ions, the 
binding of PMA to these metals should be similar. 
The fact that the value of n  decreases markedly in the 
order Ni2+ >  Zn2+ >  Cu2+ (which is the order of in
creasing PM A-M 2+ complex formation) indicates 
that the degree of covalent bonding increases in that 
order. The fact that the value of n drops nearly to 
unity in the case of the Cu2+ complex shows that the 
metal ion so completely neutralizes the effects of the 
neighboring carboxylate groups that the remaining 
acidic groups undergo dissociation unhindered by the 
electrostatic effect which is observed upon neutrali
zation of the polyacid in the absence of the polyvalent 
metal ion.

By the use of eq. 3-7, species distributions have been 
calculated as a function of the degree of neutralization 
for all of the divalent ion systems studied at 25°. 
The data obtained for the Cu2+ and Ca2+ systems are 
shown in Figures 2 and 3, respectively. The quantities 
of metal ions adsorbed by the resins, as determined 
by direct measurement, are shown for comparison. 
In the case of Cu2+, reasonably good agreement 
between the calculated and measured amounts of bound 
metal ion are obtained. A similar result was noted 
previously by Gregor, et al.,9 who measured the binding

Figure 2. D istribu tion  o f  C u 2+- P M A  species as a fu n ction  o f  
th e degree o f  neutralization  at 2 5 ° : solid  lines, ca lcu lated 
va lu es; dashed line, determ ined b y  d irect m easurem ent.

F igure 3. D istribu tion  o f  C a 2+- P M A  species as a  fu n ction  o f 
th e degree o f  neutralization  a t 2 5 ° : so lid  lines, ca lcu lated  
va lu es; dashed line, determ ined b y  d irect m easurem ent.

(17) H. P. Gregor, M. J. Hamilton, J. Becher, and F. Bernstein, „ 
Phys. Chem., 59, 874 (1955).
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of cupric ion by cross-linked polyacrylic and poly
methacrylic acid resins. In the case of Ca2+ inter
action (Figure 3) nearly twice as many metal ions were 
bound by the PMA resin as were calculated by the use 
of eq. 3-6. Deviations of intermediate magnitude 
were observed in the cases of Ni2+ and Zn2+.

The failure of the present approach to describe ade
quately the binding of polyvalent metal ions is due to at 
least two factors. It has been tacitly assumed in the 
use of eq. 6 that the binding of metal ions does not 
affect the dissociation relation of the polyacid. Mandel 
and Leyte18 have pointed out that caution should be 
used in the interpretation of potentiometric data be
cause of the possible lack of validity of eq. 6 and be
cause of the omission of activity corrections. Kunin 
and Fisher19 have shown that the apparent p K  values 
of cross-linked acrylic and methacrylic acids are 
markedly dependent upon the nature of the mono
valent counterion. Still greater variations in the dis
sociation constants of polymeric acids are to be expected 
in the presence of polyvalent metal ions, in which 
case the electrostatic interactions along the polymer 
chain will be significantly different. In addition, the 
activity coefficients in the resin phases will differ ap
preciably as the degree of covalent binding changes, 
thus affecting the relationship between the hydrogen 
ion concentration in the resin itself and that which is 
measured in the external solution.

In the case of Cu-PMA, the electrostatic potential 
of the polymer chain is reduced nearly to zero as evi
denced by the fact that n  — 1.02 and —log [H+]a=0.s 
is 4.06. A plot of titration data for isobutyric 
acid, which may be considered to be the monomer unit 
of isobutyric acid, would give a value of n  =  1.00 and 
a pAa value (equal to —log [H+]a=0.s) of 4.85 at 
25° and zero ionic strength. Since, as may be shown 
by consideration of the Donnan membrane equilibrium, 
the pH inside the resin is less than that outside, a value 
of —log [H+]o:=o.5 of less than 4.06 prevails in the 
resin phase.

In Figure 4, plots of a '/ « (the fraction of ionized 
carboxylate groups bound to divalent metal ions) vs. 
a  show that, after an initial rapid increase, the values 
of a '/«  remain essentially constant above an «-value 
of 0.5 in the cases of Ca2+, Ni2+, and Zn2+ ions. Ap
proximately 97% of the ionized ligands are bound 
throughout the entire pH range in the case of copper. 
Since the PMA resin is highly hydrogen bonded at low 
«-values, complexation in this region involves not only 
the formation of the metal-oxygen bond but also the 
breaking of the hydrogen bond. As the degree of 
neutralization increases, the probability for the re
quirement of breakage of a hydrogen bond upon

F igure 4. P lots  o f  th e fra ction  o f  b ou n d  carboxylate  
groups, oc’/a, vs. th e  degree o f  neutralization  
fo r  M 2+- P M A  gels in  1.0 M  N aN O s a t 2 5 °.

complex formation decreases. At the point at which 
50% of the carboxylic acid groups have been neutra
lized, on the average every other group is ionized, and 
essentially all of the hydrogen bonds are broken. In 
the region a =  0.5-l.Q, complex formation proceeds 
without the necessity of the additional energy required 
to break the hydrogen bond and the ratio of bound to 
unbound carboxylate groups, a ' /a ,  remains approxi
mately constant.

Calculation o f Selectivity Coefficients. On the basis 
of the experimentally determined species equilibria, 
molal selectivity coefficients have been calculated 
as a function of the degree of neutralization by means 
of the relationship

77 M 2+ m rM2 + (?RSN a+)2
A n»+ =  s  ; ;  r : 

m  M 2 + (m  N a+)2

These values (Table II) show large differences in the 
selectivities of the PMA resin for the various ions. 
This is in sharp contrast to the behavior observed in

(18) M. Mandel and J. C. Leyie, J. Polymer Sei., 2A, 2883 (1964).
(19) R. K unin and S. Fisher, J. Phys. Chem., 66, 2275 (1962).
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Table II : M o la l Selectiv ity  Coefficients fo r  D iva len t 
Io n -S o d iu m  Ion  E xchange in  P M A  G el a t  25°

a A n»+ní2+ A Na+z“ 2+ HNa+c “ !+

0 .1 41 4 .0 2 5 .9 3 1 1 .0 5 0 .2
0 .2 8 3 5 .8 6 9 .6 6 1 7 .2 6 1 .1
0 .4 2 4 8 .1 1 1 4 .4 2 5 .2 9 8 .1
0 .5 6 6 9 .4 8 2 0 .3 3 8 .5 171
0 .7 0 7 1 1 .13 2 8 .3 6 1 .6 275
0 .8 4 8 1 3 .6 3 8 .2 9 8 .0 554

polystyrenesulfonate systems. The values of rational 
equilibrium constants for the exchange of divalent ions 
for Li+ on sulfonic resins containing 4% DVB are 3.45, 
3.29, 3.13, and 4.15 for Ni2+, Cu2+, Zn2+, and Ca2+ 
ions, respectively,20 showing very small differences in 
selectivity in cases in which no coordinate bonding 
occurs.

The selectivity coefficients of Table II  increase in 
value as the degree of complexation increases. Harris 
and Rice21 have shown on the basis of theoretical con
siderations that the selectivity for an ion should de
crease as the mole fraction of that ion which is bound 
in the resin phase increases. However, they have also 
shown that the selectivity for a preferred ion increases 
as the concentration of functional groups increases. 
It is apparent in the present case that the latter effect 
predominates over the former such that an increase in 
selectivity with an increase in the degree of neutrali
zation is observed.

Calculations o f Equilibrium  Constants from  P oten- 
tiometric Data. Although the values of K z do not 
permit calculations of the total amounts of metal ions 
adsorbed by the resin, they do measure the relative 
tendencies of the metal ions to displace protons in 
complex formation. In addition, measurements of 
the temperature dependence of complex formation 
permit the calculation of contributions of the enthalpy 
and entropy changes to the total free energy of reaction. 
In Table III  values of log K z (equal to ( f t /(1 — ft)) X 
[H+]2/[H2A2]), AF ° ,  A H ° , and AS °  have been pre
sented as a function of ft.

Gregor, et a l .f  have pointed out that if the chelation 
reaction of a polyelectrolyte involves no net change in 
the charge of the system, constant equilibrium constants 
should be expected over a wide range of the degree of 
neutralization. Although the reaction M 2+ +  H2A2 
MA2 +  2H+ conforms to the above requirement, 
steadily decreasing values of K x with increasing a 
were obtained. The enthalpies of reaction are quite 
positive and become more so as the extent of complex 
formation increases. The AH °  values of the Ni2+ and

Table HI: T h erm odyn am ic Functions fo r  th e R ea ction  o f 
P o ly va len t M eta l Ion s w ith  P M A  A ccord in g  to  the 
R eaction  M 2+ +  H 2A 2 —  M A 2 +  2H +

n Ca2 + Ni2 + Zn2 + Cu2 +

' L og  -K25
0.1 9 .5 5 8 .5 9 7.53
0 .2 1 0 .3 7 9 .0 7 7 .6 9 6 .1 7
0 .3 1 1 .06 9 .4 4 7 .9 4 6 .3 6
0 .4 9 .8 4 8 .2 0 6 .4 9
0 .5 8 .4 3 6 .5 9
0 .6 . . . 8 .6 3 6 .7 1
0 .7 6 .8 3

A P ° „ ,

0.1 1 3 .03 1 1 .72 1 0 .2 7
0 .2 1 4 .1 5 1 2 .37 1 0 .4 9 8 .4 2
0.3 1 5 .0 9 12 .88 1 0 .8 3 8 .6 8
0 .4 1 3 .42 1 1 .19 8 .8 5
0 .5 1 1 .5 0 8 .9 9
0.6 1 1 .7 7 9 .1 5
0 .7 9 .3 2

0.1 9 .9 5 .3 1 0 .4
0 .2 1 1 .5 7 .6 1 1 .5 7 .8
0.3 8 .3 1 2 .4 8 .4
0 .4 1 0 .6 1 4 .2 8 .9
0 .5 .  .  . 1 5 .9 9 .8
0 .6 16 .1 10 .1
0 .7 1 0 .4

*
0.1 - 1 0 . 6 - 2 1 . 7 + 0 . 4
0 .2 - 9 . 0 - 1 6 . 0 + 3 . 3 - 2 . 2
0 .3 - 1 5 . 5 + 5 . 3 - 0 . 9
0 .4 - 9 . 3 +  1 0 .1 + 0 . 1
0 .5 + 1 4 .8 + 2 . 9
0 .6 +  1 4 .6 + 3 . 0
0 .7 + 3 . 7

Cu2+ complexes are considerably more negative than 
those of Ca2+ and Zn2+, suggesting that stronger chemi
cal bonds are present in the former cases in which d 
orbitals are utilized. Measurements of chelation by 
ethylenediamine22 showed that the enthalpy of re
action of Cu2+ was considerably more negative than 
that of Zn2+ although the entropy change upon chela
tion of zinc was slightly more favorable than that of 
copper. The entropy change upon interaction of 
PMA with the Zn2+ ion is much greater than that for 
any of the other divalent metal ion systems studied. 
The differences of approximately 20 e.u. between the

(20) O. D. Bonner and L. L. Smith, J. Phys. Chem., 61, 326 (1957).
(21) F. E. Harris and S. A. Rice, ibid., 61, 1360 (1957).
(22) C. G. Spike and R. W. Parry, J. Am. Chem. Soc., 75, 3770 
(1953).
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AS °  values for the Ni2+ and Zn2+ systems at various 
n values are particularly striking. This evidence 
indicates that the tetrahedral stereochemical configura
tion of the Zn2+ ion permits binding by the polymeth
acrylic acid resin with less steric strain than is en
countered in the case of the Ni2+ion.

In Table IV the values of log K ,  A F ° , A H 0, and A S 0 
for the reaction M2+ +  A-  MA+ have been tabu
lated. These values were calculated by means of 
Gregor’s3 modification of the Bjerrum method and 
show more dramatically the important role played by 
the favorable entropy change upon complex formation.

T able  I V : Values o f  T h erm odyn am ic F unctions for the 
R eaction  M > + +  A -  ^  M A " -1 C alcu lated at n =  0.5

M 2 + L o g  K
A F 0 , k c a l . /  

m o le
A H ° ,  k c a l . /  

m ole
A S ° ,  c a l . /  
m o le  d e g .

N i 2 .0 3 - 2 . 7 7 2 .9 19
C u 3 .4 5 - 4 . 7 1 4 .3 30
Z n 2 .6 9 - 3 . 6 7 6 .1 33
Ca 1 .41 - 1 . 9 2 3 .4 18

Comparison with B inding by Linear P M A .  Mandel 
and Leyte18 have calculated formation constants for 
the interaction of several divalent metal ions with 
linear polymethacrylic acid according to Gregor’s 
modification of the Bjerrum method. The values of 
Table V were obtained for the reaction M 2+ +  2HA ;=± 
MA2 +  2H+ where

/ [MA2][H+]2V a

av \ [m ][h a ;2 )

T a b le  V

M ! + L o g  i?a v  ( lin ea r) Log Rav (gel)

Cu - 1 . 8 - 2 . 7 6
Z n - 2 . 6 - 3 . 6 2
N i - 2 . 8 - 4 . 3 4
C o - 2 . 8 5
M g - 3 . 1

Values of the formation constants of the Ni2+—, Cu2+-, 
and Zn2+-PM A gel complexes have been calculated 
in the same way (Bav is equal to log ([H+]/[HA]) 
at fi =  1) and are shown for comparison. The equi
librium constants are lower in the case of the cross- 
linked polymer as a result of the lack of flexibility of 
the polymer chains. Precise comparisons of the con
stants cannot be made because the ionic strengths of 
the two systems are different. Gregor,9 et al., have

shown that the formation constants decrease slightly 
with increasing ionic strength in cross-finked poly
acrylate and polymethacrylate systems whereas the 
reverse trend was observed for linear polyacrylate 
complexes. As is shown above, even in the case of the 
more flexible linear polymer, the formation of the zinc 
complex is more extensive than that of nickel although 
the difference is much less than that shown for the 
cross-linked polymer. Perhaps in the case of the more 
flexible polyacryfic acid, the nickel complex will be 
formed to a greater extent than that of zinc in agree
ment with the usual trend.

B inding of Ferric Ion . Titrations of systems which 
contained 3 mequiv. of PMA/mole of ferric icn 
produced precipitation above a pH of approximately
1.7 or an n  value of 0.4 at 25°. Calculations of log K  
for the reaction Fe3+ +  H3A3 FeA3 +  3H+where

R  _  n [H+]3 
1 -  n  [H3A3]

gave the results in Table VI at h  =  0.30.

T ab le  V I

t, ° c . — L o g  K

5 .0 3 .8 8
1 5 .7 3 .5 8
2 5 .0 3 .4 5
2 4 .9 3 .2 4
4 3 .7 3 .0 2

Estimation of the slope of a log K  vs. 1 / T  plot leads 
to a value of +8.7 kcal./mole for the enthalpy of the 
above reaction. The thermodynamic values of Table 
VII were obtained at 25° for the reaction + +  toA -  ̂
M A„"_”  at a point at which an average of one car- 
boxylate group is bound per metal ion. These results 
show that both the entropy and enthalpy changes upon 
complexation of Fe3+ are more favorable than those 
of the other systems studied.

T a b le  V II

M n + L o g  K AF ° ,  k c a l ./ m o le

A H ° ,  
k c a l ./  
m o le

A S ° ,  
c a l . /  

m o le  d eg .

Z n 2 + 2 .3 0 - 3 . 1 4 6 .4 3 2 .1
C u 2 + 3 .1 5 - 4 . 3 0 4 .7 3 0 .0
F e 3+ 5 .5 0 - 7 . 5 0 2 .9 3 4 .8

M easurem ents o f Re-sin Volum es. In Figure 5 the 
resin volumes have been presented as a function of the
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F igure 5. R esin  vo lu m e as a fu n ction  o f  the 
degree o f  neutralization  fo r  p o ly v a len t m etal 
io n -P M A  resin in teraction  a t 2 5 °.

degree of neutralization. In the series of divalent 
metals the resin volume decreases as the complex sta
bility increases except in the case of the zinc ion which, 
above an «-value of 0.5, actually has a volume which is 
lower than that of the cupric-PMA resin. This is 
particularly surprising since at a given value of a the 
number of carboxylate groups bound to copper is 
greater than that bound to zinc. Under these con
ditions, the mutual repulsions of ionized groups along 
the polymer chains would be expected to be greater 
in the latter case. It is probable that the stereochemi
cal requirement of the zinc ion fits the geometry of the 
PMA molecule such that a considerable economy of 
space is realized. The volume of the ferric complex is 
larger than that of any of the other complexes at a 
given a-value because the degree of ionization of car
boxylic acid groups in the former complex is enhanced 
by a considerable degree of spontaneous dissociation 
of hydrogen ions upon reaction of the resin with the 
ferric ion and is greater than that indicated by the a- 
value alone. In contrast, the total of 2 [A2-] and 2- 
[MA2] is virtually equal to ocT a in the case of the di
valent metal ion complexes.
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Dissociation Studies in High Dielectric Solvents. III. Conductance of 

Magnesium Sulfate in Dioxane-Formamide Mixture at 25°

by P. H . Tewari1 and Gyan P. Johari

Department of Chemistry, University of Gorakhp/ur, Gorakhpur, U. P., India (Received March 1, 1965)

The conductance of magnesium sulfate in 20-70% dioxane-formamide mixtures has been 
measured at 25°. The density, viscosity, and dielectric constant of each mixed solvent 
have also been measured at 25°. The conductance data in solvents up to 40% dioxane- 
formamide mixture have been analyzed by the Fuoss-Onsager equation, and reasonable 
A0, K k , and a,j parameters have been derived. However, the Walden product is found to 
vary with solvent composition, and a plot of log K A vs. Z)-1 in the mixture range studied 
is found curved at lower dielectric constant values. The contact distance a j  increases with 
decreasing dielectric constant.

Introduction

Several 2-2 salts were reported to be much less asso
ciated in formamide than in aqueous solutions2“ and 
Fuoss-Onsager2b theory satisfactorily explained the 
conductance data of the salts. However, the a j  
parameter of 1.80 A. for MgS04 was found to be too 
small and the theoretical crossover concentration3 C x 
did not agree with the experimental point. Further, 
when the data were analyzed with the equation for 
associated electrolytes, negative K A was obtained, 
suggesting httle or no association.

It was thought desirable to obtain further informa
tion by studying the conductance of the salt in a mixed 
solvent having a nonpolar component and to derive the 
results in pure formamide from Fuoss-Bjerrum theory.4 5 
Dioxane was selected as the nonpolar component be
cause its mixture unlike acetone and methanol gives a 
more ideal solvent.

Experimental

Purification o f  M aterials. Dioxane (B.D.H. Analar) 
was refluxed over pieces of sodium for 16-18 hr. After 
fractionating it through a 1-m. column, it was stored 
over sodium wire. The dioxane thus stored was dis
tilled at least twice prior to the preparation of solvent 
mixtures6 (b.p. 101.2-101.3°).

Nitrobenzene (B.D.H.) was shaken with dilute sul
furic acid, washed with saturated sodium bicarbonate 
solution, and finally with water. It was kept for 2 days

over fused calcium chloride. The final product was 
obtained by distilling it twice under reduced pressure. 
The specific conductance of 3.2 X 10~s mho was ob
tained for the pure sample.

Acetone (B.D.H. Analar) was first refluxed with 
KMnCh and was shaken with metallic sodium. It was 
then refluxed for 8 to 10 hr. with sodium and fraction
ated. The middle fraction with specific conductance of
3.7 X 10~7 mho was used for the experiments.

Ethanol (absolute alcohol) was kept over freshly 
ignited calcium oxide for 2 days. After distilling, 
fresh pieces of sodium metal were added to it and re
fluxed. The pure product (specific conductance 1 .1  X 
10 ~6 mho) was obtained by fractionating it through a
1-m. column.

Formamide was purified as reported earlier.2“
Magnesium sulfate used in this investigation was the 

same as described previously.2“
M easurements. Densities were determined with a 30- 

ml. single-stem pycnometer. The level of the liquid 
was adjusted with a hypodermic syringe. The pyc

(1) Chemistry Department, University of Maryland, College 
Park, Md. 20742.
(2) (a) G. P. Johari and P. H. Tewari, J. Phys. Chem., 69, 696
(1965) ; (b) R. M. Fuoss and F. Accascina, “ Electrolytic Con
ductance,”  Interscience Publishers, Inc., New York, N. Y., 1959.
(3) See ref. 2b, pp. 198, 199.
(4) R. M. Fuoss, J. Am. Chem. Soc., 80, 5059 (1958).
(5) J. E. Lind and R. M. Fuoss, J. Phys. Chem., 65, 999 (1961).
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nometer was calibrated with conductivity water and 
nitrobenzene. At least four or five fillings were weighed 
with each solvent. The densities after proper vacuum 
correction were accurate within 0.02%.

Viscosities were measured by an Ostwald-Fenske 
type viscometer. The viscometer was calibrated with 
conductivity water (7? = 0.08903 X 10 - 2  poise6), ace
tone (77 = 0.0304 X 10 - 2  poise6), and nitrobenzene (77 =
1.839 X 10~2 poise7). No kinetic energy correction 
was applied to the readings of flow time. Readings ob
tained from four samples of same solvent were averaged 
to get the viscosity. During measurements, calcium 
chloride guard tubes were fitted to avoid the entrance of 
moisture. The absolute values of viscosities obtained 
were better than 0.1%.

Dielectric constant measurements were based on the 
reasonance principle in which the measuring cell formed 
the condenser in the resonance circuit. A D K03 type 
dekameter (W.T.W.) was used for the purpose. Two 
cells MFL3 and M FL3/S with brass electrodes supplied 
with the instrument were used. Oil from the thermo
stat maintained at 25.0° was circulated through the 
outer jacket of the brass cell. Normally it took 1-1.5  
hr. for the temperature to be attained. In order to en
sure that temperature was attained by the liquid in the 
cell, oil was also circulated through another cell jacket 
containing the liquid and a thermometer. For each 
sample of the liquid four or five readings were taken 
with each cell. Thus, a mean of eight to ten readings 
not differing by 0.05-0.1% were taken to interpolate the 
dielectric constant. Both the cells were calibrated with 
nitrobenzene6 (D  =  34.82), acetone8 (D  =  20.74), 
ethanol9 (D  =  24.30), water (D  = 78.54), and 22.2, 
43.65, and 69.9% dioxaner-water mixtures. The di
electric constants for the dioxane-water mixtures were 
taken from Fuoss’6 data. All measurements of dielec
tric constant were made at 1.8 Me. The measure
ments of the dielectric constants are reproducible within 
0.05% with this instrument, but the absolute values of 
the dielectric constants are accurate to 0.5% only.

Conductance. The apparatus for conductance meas
urements has been described in a previous communica
tion as have the modus operandi.2& In the solvent 
mixtures having dioxane above 40%, MgS04 was dif
ficultly soluble. Therefore, for solutions in 50, 60, and 
70% dioxane-formamide mixtures, a known amount of 
the salt was dissolved in formamide, and subsequently 
weighed amounts of dioxane and formamide were 
added to get the required dioxane concentration. In 
other cases, a batch of the mixed solvent was prepared 
by weight, and this mixture was used for the prepa
ration of the concentrated stock solutions and for the 
subsequent dilutions. Conductance of the solution

was obtained by subtracting the conductance of the 
solvent of the same batch determined separately in a 
cell at the same time.

The density of the dilute solution was taken as equal 
to the density of the pure solvent since the size of the 
correction would be of the same order as the propa
gated experimental error.

Results
The physical properties of the solvent mixtures ob

tained from measurements have been summarized in 
Table I, where W 2 represents weight per cent of dioxane 
in formamide, X 2 its mole fraction, p the density, 77 the 
viscosity in poise, and D  the dielectric constant of the 
solvent mixtures. We have also derived the molar 
volume V 12, the polarizability P u , and the deviation 
factors 5 of the solvent mixtures from the data.

The deviation factor occurring during the volume 
additivity has been calculated by the equation

_  1 W i W i

p  1 0 0  p i  1 0 0 P 2

The molar volume V n  and the polarizability P J2 were 
derived from the equations

Vu =  (XiM1 +  X 2M2)/p

P 12 =  (D  -  1)(2D  +  1)F 12/9P

A plot of 5, the deviation factor, against the mole frac
tion of dioxane, X 2, shows that a contraction on the 
addition of dioxane to formamide occurs throughout 
the whole composition range, but the specific volume 
deviation reaches a minimum value near 70% dioxane.

A plot of the viscosity of the solvent mixture against 
X 2, the mole fraction of dioxane, is slightly humped up
wards at the beginning, but the curve suggests that it is 
a monotonic function of the solvent composition. The 
plots of dielectric constants, molar volumes, and polar
izability against X 2 show no structure complication, 
and they appear to be simple functions of solvent com
positions.

The conductance and concentration data are pre
sented in Table II. The data were analyzed by the 
Fuoss-Onsager extended equation2b for associated 
electrolytes in the form

A =  A° — S c ''2y x/2 +  E c y  log c y  +  J c y  —
K ^ c y p K  (1)

(6) M. B. Reynolds and C. A. Kraus, J. Am. Chem. Soc., 70, 1709 
(1948).
(7) H. Sadek and R. M. Fuoss, ibid., 76, 5905 (1954).
(8) P. S. Albright, ibid., 59, 2098 (1937).
(9) A. A. Maryott and E. R. Smith, National Bureau of Standards 
Circular 514, TL S. Government Printing Office, Washington, D. C. 
1951.
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T a b le  I :  P r o p e r t i e s  o f  D i o x a n e - F o r m a m i d e  M i x t u r e s

S e r ia l  no.
W t. % d io x a n e , 

Wi
M o le  fr a c t io n  

d io x a n e , Xi
D e n s ity , 
P , g ./ m l.

D ie le c tr ic  
c o n s ta n t , D

10 0  X  v is c o s ity , 
V, cp.

M o la r  v o l. ,  V u ,  
c m .3

P o la r iz a b il ity ,
P u

D e v .  fa c to r , 
ô X 104

1 0 .0 0 0 .0 0 1 .1296 1 0 9 .5 3 .3 01 3 9 .8 7 9 6 5 .8 0 .0 0
2 20 0 .1 1 3 3 1 .1115 8 1 .4 2 3 .2 50 7 4 4 .9 1 8 0 7 .6 - 2 9
3 25 0 .1 4 5 6 1 .1067 7 4 .6 7 3 .1 9 2 4 6 .3 6 7 6 4 .2 - 3 7
4 30 0 .1 7 9 7 1 .1019 6 8 .1 7 3 .1 3 3 4 7 .9 0 7 2 0 .0 - 4 2
5 35 0 .2 1 5 9 1 .0 97 2 6 1 .5 4 3 .0 5 3 8 4 9 .5 2 6 7 3 .3 - 4 8
6 40 0 .2 5 4 2 1 .0 92 5 5 5 .3 8 2 .9 6 9 5 1 .2 5 6 2 4 .7 - 5 1
7 50 0 .3 4 3 5 1 .0 82 6 4 3 .1 7 2 .6 9 5 5 5 .2 7 5 2 3 .9 - 5 8
8 60 0 .4 3 4 4 1 .0 72 4 3 3 .0 2 2 .3 9 3 5 9 .4 4 4 2 9 .3 - 5 9
9 70 0 .5 4 3 9 1 .0623 2 1 .7 7 2 .0 7 2 6 4 .4 3 3 0 4 .4 - 5 9

10 80 0 .6 7 1 8 1 .0511 1 3 .41 1 .7 63 7 1 .2 8 2 0 3 .8 - 4 7
11 90 0 .8 2 1 4 1 .0 37 9 6 .8 5 0 1 .431 7 7 .4 7 1 0 8 .0 - 1 5
12 100 1 .0 0 1 .0269 2 .2 0 9 1 .1 96 8 5 .8 0 2 8 .2 7 0 .0 0

T a b le  II  : Equivalent Conductance of M gS 0 4-7H20  in 
D ioxane-Form am ide Mixtures at 25° (C in moles per liter)

C  X 10* A C  X 10* A

D =  81.42 D  = 55.38

1 .8374 2 2 .8 4 6 1 .9160 1 7 .167
2 .0 76 7 2 2 .4 2 7 3 .4 0 5 4 14 .897
4 .0 2 1 9 2 1 .9 1 6 4 .7 43 2 13 .661
4 .2 09 9 2 1 .8 7 0 5 .8 31 3 1 3 .00 7
7 .9 6 1 0 2 0 .441 8 .9 75 3 11 .536

14 .764 18 .750 9 .0 1 1 0 11 .508
14 .957 18 .677 13 .962

1 4 .740
10 .093

9 .9601
D

1 .7453
=  74.67

2 2 .1 0 6
17 .553 9 .3 6 1 0

3 .6732 2 0 .9 0 0 D  = 43.17
6 .3476 19 .598 1 .6653 10 .992

11 .280 17 .937 2 .3 5 5 8 9 .7 2 0
15 .413 1 6 .949 3 .0 91 7 8 .8 5 3
19 .583 16 .080 4 .3 0 9 0 7 .8 8 1
2 3 .1 2 0 15 .568 6 .1 2 2 0 6 .9 1 1

D =  68.17 8 .2 1 9 6 .2 3 9

1 .6 71 7 2 0 .7 0 2 10 .535 5 .6 1 8

3 .2 3 2 4 19 .276 D  = 33.02
4 .1 26 2 1 8 .682 1 .4 62 6 3 .8 8 6
5 .4 37 0 1 7 .935 2 .7 9 4 0 3 .0 0 3
6 .1081 1 7 .612 4 .0 1 2 0 2 .5 7 6
7 .8946 1 6 .773 5 .1 36 3 2 .3 1 2

11 .902 1 5 .459 7 .9 2 5 5 1 .9 2 2
12 .405 1 5 .35 7 1 1 .937 1 .591
16 .565 1 4 .36 2 1 4 .896 1 .4 3 7

D
1 .2254

=  61.54
2 0 .8 6 7

D  = 21.77

2 .3 62 6 19 .148 1 .7 83 2 1 .541
2 .5 4 2 2 1 .3 2 6

3 .3 96 5 18 .064
4 .6 6 6 0 1 .001

5 .3 98 4 16 .511
6 .3 9 3 0 0 .9 7 3

8 .2 49 3 15 .095
1 1 .928
14 .790

13 .796
12 .936

8 .7 2 1 0 .8 9 7

on an IBM  7094 computer using a Fortran program 
similar to that described by Kay.10 Since the Mg2+ ion 
is of the same order of magnitude as the solvent molecule 
(and even smaller), the Einstein coefficient F  was taken 
as zero and the viscosity term F A c  was, therefore, neg
lected.6 The higher terms in c /? were also neglected.

The results of the analysis are given in Table III 
where A0, S , E , J , etc., are the parameters as defined in 
the Fuoss equation,215 o-A is the standard deviation in 
AA-units of the data from the equation, and A0?? is the 
Walden product.

The data in 50, 60, and 70% dioxane mixtures could 
not be analyzed with the computer owing to higher as
sociation. K a  and A0 for these, therefore, have been 
obtained by the Fuoss and Kraus11 method. Since K a 
values are highly influenced by the errors in A0, K a 
values for the three systems are established only in 
order of magnitude and are given in Table III. This 
method of calculation was preferred over that of Shed- 
lovsky to keep the same model for the calculations 
throughout the whole range. However, as a matter of 
interest, the three sets of data were treated by Shedlov- 
sky’s12 method also, and the K a  values obtained by the 
two methods are quite close; for example, K a for the 
50% mixture (series number 7 in Table III) by Shed- 
lovsky’s method is 24,830 as against 24,700 by Fuoss and 
Kraus’ method and so are the differences in the other 
two values.

Discussion
The contact distance a,j increases with the decrease 

in dielectric constant. The variation in <ij may be due

(10) R. L. Kay, J. Am. Chem. Soc., 82, 2099 (1960).
(11) R. M. Fuoss and C. A. Kraus, ibid., S5, 476 (1933); R. M. 
Fuoss, Chem. Rev., 17, 27 (1935).
(12) T. Shedlovsky, J. Franklin Inst., 225, 739 (1938).
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T a b le  H I : D erived  Param eters o f  C on du ctan ce E qu ation  fo r  M gSCfi in  D iox a n e -F orm a m id e  M ixtures

Serial
no.

Wt. % 
di- 

oxane
Dielectric
const. A« Aa 5

1“ 0 1 0 9 .5 2 8 .3 8  ±  0 .0 2 8 6 .9
2 20 8 1 .4 2 2 4 .5 0  ±  0 .0 3 8 8 .4  ±  6 1 0 7 .9
3 25 7 4 .6 7 2 4 .5 2  ±  0 .0 6 216 ±  22 1 1 7 .7
4 30 6 8 .1 7 2 4 .6 2  ±  0 .0 8 450 ±  54 1 2 7 .4
5 35 6 1 .5 4 2 4 .6 8  ±  0 .0 9 1240 ±  70 1 4 4 .9
6 40 5 5 .3 8 2 5 .3 3  ±  0 .1 8 3806 ±  300 1 6 4 .8
7 50 4 3 .1 7 2 6 .5 0 2 .4 7  X  101 227
8 60 3 3 .0 2 2 7 .5 2 .4 0  X  106 323
9 70 2 1 .7 7 3 0 .0 2 .6 4  X  106 574

E J <tA A°ij a j &Bjerrum

262 402 0 .0 2 2 0 .9 37 3 1 .8 0  ±  0 .1 5 6 .5 1
579 1256 0 .0 1 1 0 .7 96 5 3 .7 5  ±  0 .1 6 4 .9 1
761 1739 0 .0 3 2 0 .7 8 2 6 3 .7 7  ±  0 .5 4 .3 9
974 2583 0 .0 3 3 0 .7 7 1 3 3 .9 9  ±  0 .8 4 .3 9

1421 4709 0 .0 2 2 0 .7 5 3 6 5 .3 0  ±  1 .0 2 3 .9 6
2046 9406 0 .0 8 0 0 .7 5 2 0 6 .0 5  ± 1 . 1 5 3 .7 8

0 .7 1 4 2 4 .1 2
0 .6 58 1 4 .3 5
0 .6 2 1 6 6 .1 6

“ D a ta  taken  from  ref. 2a.

to the still missing linear terms which have been ex
cluded by the approximations made in the theory. a,j 
for the data whose association constants have been 
calculated were plotted against 1 / D i, and an extra
polated value of a j  =  3.0 A. at infinite dielectric con
stant was obtained.6 The small value of a,j in pure 
formamide suggests that this parameter includes short- 
range effects. Next to the viscosity correction which is 
essentially needed, slight association may also be in
cluded.

As the computer gave a negative K A in pure forma
mide, an alternative procedure was tried to calculate 
K a ■ Fuoss’ equation for an electrolyte which is slightly 
associated may be written as ( y  =  l ) 13

A =  A° — S c A +  E c  log c +  Jc -  K Ac f A  (2) 

Following Fuoss’ method

A' -  J c =  A° +  K Ac f A  (3)

where

A' =  A +  S c A  — E c  log c (4)

A' may be calculated by taking A0 obtained by treat
ing it as unassociated. A plot of A' — J c  against 
cf2A should be a straight line with K A as slope and 
A° as intercept. J  was calculated by taking d j  =
3.0 A. From the graph at low concentration data a 
K a  of 9.3 ±  0.2 was obtained. This method of calcu
lation has little effect on the intercept, A0, however.

The plot of log E a  against 1/D  shows a curvature 
(Figure 1), the departure being pronounced at lower 
D values. However, the first five points seem to fall 
on a straight fine, and, if the line is extrapolated to 
the D  value of pure formamide, a K A value of about
9.6 is obtained. This value of K A is in good agreement 
with 9.3 obtained from the simplified Fuoss equation
(2) for slightly associated electrolytes ( y  =  1) by

Figure 1. D epen den ce  o f  th e association  constant 
on  th e  reciproca l o f  th e  d ielectric con stan t: dashed line, 
theoretica l dependence fo r  & =  3 .0 ; so lid  circles, 
data o f  D un sm ore in  d iox a n e-w ater m ixture.

(13) See ref. 2b, pp. 238, 239.
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putting a,j =  3.0 A. This suggests that association of 
MgS04 in pure formamide, if at all, is very low, a result 
which was obtained in the earlier work.

It appears plausible that the values of K A at the 
low D  range are lower than the ones predicted by the 
Fuoss-Bjerrum4 equation because of the accumulation 
of the more polar component of the solvent near ions 
as the average dielectric constant decreases.14’16 Con
sequently, the effective size of the ion is larger on ac
count of a selective solvation, and the microscopic 
dielectric constant is higher than the macroscopic 
value. Either or both effects may decrease the K a  
from the theoretical value.

The theoretical dependence of log K A on l / D  ac
cording to the Fuoss-Bjerrum equation4 for & =  3.0 A. 
is shown by the broken line in Figure 1. Since this 
equation does not take into account any ion-solvent 
interaction, Gilkerson’s16 equation which accounts for 
ion-solvent interaction energy E 3 appears as a more 
sophisticated approach to it. The vertical displace
ment of the theoretical line could be related to this 
ion-solvent interaction.

It is interesting to note that the points of a log 
K a  v s .  l / D  plot (Figure 1) for the salt in dioxane- 
formamide and in dioxane-water mixed solvents 
(solid circles represent data of Dunsmore17 in dioxane- 
water) approximately lie on the same curve in the 
region of high dielectric constants. The dK values 
computed from the slope in the D  region covered by the 
two systems are quite close. It appears that the same 
model can predict the behavior of the salt in the two 
types of mixed solvents and that the metal-ligand 
type of interactions are absent in the dioxane-form- 
amide mixture. The hydrodynamic analog of the 
electrostatic sphere is, however, different since the 
Walden product is sufficiently higher (A0?? =  1.21) in 
the water-dioxane system than in dioxane-formamide. 
A tentative explanation may be that A0?? describes the 
behavior of separated ions in a continuum model while 
K a  depends on the short-range interactions and more 
specific effective solvation.

The Walden product, A 0tj (column 10, Table III), 
in the dioxane-formamide systems decreases with the

decrease in the dielectric constant. However, it is a 
monotonic function of the solvent composition in the 
mixture range (20-70% dioxane) studied. The in
consistency may be ascribed to an additional drag on 
the ions as a result of electrostatic coupling between 
ions and the solvent dipoles.18-20 This ion-solvent 
relaxation drag decreases with an increase in the 
dielectric constant. Hence, this effect is more pro
nounced in solvent mixtures of low dielectric constants.

The hydrodynamic distance of closest approach cal
culated from \°Mg2+ =  12.34 is considerably higher than 
that obtained from the electrostatic considerations 
(&K) or from the curvature of the phoreogram (dj). 
The Stokes radii also increase with the increase in the 
dioxane content of the solvent. Evidently, the hydro- 
dynamic situation is quite complicated in dioxane- 
rich mixtures. The Bj errum & values given in the last 
column of Table III vary widely with the dielectric 
constant which only reflects the nonlinearity of the log 
K a  v s .  l / D  plot. However, there is no simple rela
tionship between cij and aBjeraim values.

The functional dependence of the parameters point to 
the presence of specific ion-solvent interaction in 
these solutions. In conclusion, we can only say that 
MgSCh is negligibly associated in formamide and that 
the Fuoss-Onsager equation predicts the behavior of 
the salt in the mixed solvents.

We are extending the study to other 2-2 and 3-3 
salts in the solvent mixtures.
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Dissociation Studies in High Dielectric Solvents. IV. Conductance of 

Some 3 -3  Complex Salts in Formamide at 25°

by Gyan P. Joharila and P. H . Tewarilb

Department of Chemistry, University of Gorakhpur, Gorakhpur, U. P., India (Received December 28, 1964)

Equivalent conductances of LaFe(CN)«, LaCo(CN)«, [Co(en)3 ][Fe(CN)e], [Co(NH3)3]- 
[Fe(CN)6], [Co(en)3][Co(CN)6], [Co(NH3)6]Cl3, [Co(en),]CIs, K 3Co(CN)6, and K3Fe(CN)6 
have been measured in formamide at 25°. The data have been analyzed by the Fuoss- 
Onsager theory. Reasonable K a , A0, and a  parameters have been obtained for the 3-3 
salts with the equation for associated electrolytes while for the four unsymmetrical salts A0 
and other parameters have been derived with the equation for unassociated electrolytes. 
Reasonable consistency has been found in the electrostatic and solvodynamic approaches 
for the ionic association for the complex 3-3 salts.

Introduction
It has been reported that several 2-2 salts1 2 are much 

less associated in formamide than in water and the 
Fuoss-Onsager3 theory explains the conductance data 
adequately. Although the theory has been found 
valid for many 1 - 1  salts and for several 2-2 salts in 
aqueous solutions,4 5 little is known about its applica
bility to 3-3 salts.

Large spherical ions would be nearly free from solva
tion and therefore would closely approximate the ideal 
conditions of spheres moving through a homogeneous 
medium. The radii of such spherically symmetrical 
ions would permit a better prediction of the electrical 
and the solvodynamic properties. In order to obtain 
results for salts resembling the model closely, we have 
undertaken the study of a series of complex 3-3 salts 
in formamide. Complex ions such as hexacyanoferrate-
(III), hexacyanocobaltate(III), hexaamminecobalt-
(III), and tris(ethylenediamine) cobalt (III) have very 
large sizes and consequently very small charge density 
on their surfaces.

The present study has been carried out with a view 
to see how far the behavior of such salts can be predicted 
by the Fuoss-Onsager8 theory.

The corresponding chlorides and potassium salts, 
[Co(en)3]Cl3, [Co(NH3)6]C13, K 3Co(CN)6, and K 3- 
Fe(CN)6, have been studied for the evaluation of the 
limiting ionic conductances of the complex 3-3 salts 
from the law of independent ionic mobilities. Un

fortunately, these salts are insoluble in water and hence 
the study could not be extended in water.

Experimental

Salts. Tris(ethylenediamine) cobalt (III) chloride
was prepared by Work’s6 method. The crystals were 
redissolved in water and were precipitated by addition 
of ethanol. This was repeated several times. The 
final product was dried to its constant weight at 110 °. 
The purity of the sample was determined by the esti
mation of chloride.

Hexaamminecobalt(III) chloride was prepared by 
Bjerrum and McReynold’s6 method. After preliminary 
washing with ethanol, the salt was recrystallized from 
conductivity water and dried to constant weight at 80°.

K 3Co(CN)6 was prepared by Biegelow’s7 method. 
The product was purified by repeated fractional pre
cipitation with dioxane from conductivity water and

(1) (a) Grateful acknowledgments are made to the University- 
Grants Commission, New Delhi, for granting a junior research fel
lowship to G. P. J.; (b) Chemistry Department, University of Mary
land, College Park, Md.
(2) G. P. Johari and P. H. Tewari, J. Phys. Chem., 69, 696 (1965).
(3) R. M. Fuoss and F. Accaseina, “ Electrolytic Conductance,” 
Interscience Publishers, Inc., New York, N. Y., 1959.
(4) G. Atkinson, et al., J. Am. Chem. Soc., 83, 1570, 3759, 4367 
(1961); J. Phys. Chem., 67, 337 (1963).
(5) J. B. Work, Inorg. Syn., 2, 221 (1946).
(6) J. Bjerrum and J. P. McReynolds, ibid., 2, 216 (1946).
(7) J. H. Biegelow, ibid., 2, 225 (1946).
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Table I

•C o b a lt---------------, /-------------- N itro g en -
S a l t C o lo r S o lu b il i ty C a lc d . F o u n d C a lc d . F o u n d

[C o (en )3] [F e (C N )6] B row nish  ye llow Slightly soluble 1 3 .06 1 2 . 8 6 3 7 .3 0 3 6 .8 0
[C o (en )3] [C o (C N )6j Orange Slightly soluble 3 4 .3 6 3 4 .0 2 3 7 .0 0 3 6 .6 2
[C o (N H 3)6] [F e (C N )6] Y e llow Insoluble 1 5 .79 15 .61 4 5 .0 5 4 4 .3 2
[C o (N H 3)6] [C o(C N )6] Orange Insoluble 3 1 .33 3 1 .1 2 4 4 .6 8 4 4 .0 1

was dried in vacuo over P20 5. K 3Fe(CN)6 (Judex, 
À.R. grade) was used after recrystallization and proper 
drying.

Lanthanum ferricyanide and lanthanum cobalti- 
cyanides were prepared from the pure oxide by the 
method of James and Willard.8 Calculated amounts 
of the chloride and potassium cobalticyanide or ferri
cyanide were mixed in solution at 60°. The salts pre
cipitated on cooling were washed repeatedly with con
ductivity water and dried over P20 6. Both salts 
attained a definite tetrahydrate form LaX-4H20. 
A nal. Calcd. for LaFe(CN)6: La, 31.36. Found: 
La, 31.28. Calcd. for LaCo(CN)6: La, 32.61. Found: 
La, 32.31.

The method of preparation for the 3-3 salts was 
based on the metathesis between complex chlorides 
[Co(en)3]Cl3, [Co(NH3)6]C13, and K 3Co(CN)6 or K 3- 
Fe(CN)6. For this, equimolar amounts of the re
actants were dissolved separately in water and the two 
solutions were mixed with thorough stirring while the 
complex 3-3 salts separated out as shining crystals. 
As these salts were either insoluble or sparingly soluble 
in water, their purification was done by extensive wash
ing with conductivity water. These were properly 
dried. The substances were checked for their constitu
tion by estimating cobalt gravimetrically and nitrogen 
by Dumas’ method. The color of the salts, their solu
bility, and the results of estimations are summarized 
in Table I.

Solvent. Formamide (Merck) was purified as re
ported earlier.2 It had a specific conductance of less 
than 7.0 X 10~6 mho, viscosity of 0.03301 poise, density 
of 1.1296 g./ml., and dielectric constant of 109.50.

M easurem ents. The apparatus and the modus ope- 
randi for the conductance measurements have been 
described in a previous communication.2 The con
ductance of the solution was obtained by subtracting 
the conductance of the solvent o: the same batch de
termined separately in a cell.

Results and Discussions

The sets of equivalent conductances and concentra
tion data for the four unsymmetrical salts [Co(en)3]Cl3,

[Co(NH3)6]C13, K 3Co(CN)6, and K 3Fe(CN)6 are pre
sented in Table II  followed by the data for the 3-3 
salts in Table III.

Table II : E qu iva len t C on du ctan ce, C on centration  D ata , 
and C on centration  (in  m oles/1 .)

K 3F e (C N )6 K 3C o (C N )6

e X  1 0 1 A c X  10 * A

2 .9 89 6 31 .661 1 .6 1 5 32 .011
4 .1 9 8 3 3 1 .48 3 2 .8 9 2 6 3 1 .77 8
5 4355 31 .351 4 .6 4 3 8 3 1 .5 3 0
7 0421 3 1 .1 8 0 8 .3 2 3 7 3 1 .1 9 2

10 026 3 0 .95 9 11 .912 3 0 .841
18 716“ 3 0 .3 8 0 1 8 .1 4 9 “ 3 0 .5 0 4
25 956“ 2 9 .9 5 0 2 6 .1 2 1 “ 3 0 .0 0 3

[C o (en )3]C l8 [C o (N H 3) 6]C l3

e  X  10 * A e X  10 * A

1 5873 31 .991 2 .9 5 2 6 3 4 .90 3
3 8425 3 1 .44 2 4 .3 8 3 7 34 .551
5 .1211 31 .153 6 .1831 3 4 .2 0 0
7 0373 3 0 .77 5 9 .3 7 8 3 3 3 .64 9
9 6963 3 0 .3 6 8 1 4 .57 8 33 .111

12 9530 3 0 .0 0 2 1 7 .822 3 2 .70 7
15 596 
20 037“

2 9 .6 4 5
29 .131

2 0 .8 5 7 “ 3 1 .89 8

“ C oncentrations for w hich  /co >  0 .2 and th e th eory  is n ot 
applicable.

The phoreograms for the four unsymmetrical salts 
approach the limiting law tangent from above (old 
criteria for unassociated salts). The data for these 
salts were, therefore, analyzed by the Fuoss-Onsager3 
equation in the form

A =  A0 — S c^ 1 +  E c  log c +  Jc

The treatment is based on a A'-c plot. The data 
were analyzed by a Fortran program on IBM  7094 
computer. X°K+ and a°Ci- in formamide used in the

(8) C. James and P. C. Willard, J. Am. Chem. Soc., 38, 1497 (1916).
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Table HI : E qu iva len t C onductance, C on centration  D ata , 
and C on centration  (in  m o le s /l.)

L a F e (C N )6 [C o (en )3] [F e (C N )6]

c X  1 0 4 A c x  104 A

1 .6 55 0 31 .211 1 .1417 3 2 .11 3
2 .2 6 1 0 3 0 .49 2 2 .8 0 6 8 2 9 .28 9
3 .5 3 4 0 2 9 .9 3 0 4 .2 2 2 8 2 7 .7 8 2
4 .0 0 3 0 2 8 .90 5 5 .0 0 9 6 2 7 .14 2
4 .0 9 0 2 2 8 .84 7 6 .3 12 2 2 6 .2 3 4
5 .3 76 8 2 8 .2 9 6 8 .5 22 2 24 .941
5 .7 74 8 2 7 .9 8 8 8 .9 1 3 5 2 4 .73 8
6 .2 5 1 0 2 7 .74 9 1 2 .4 5 5 “ 2 3 .36 6
7 .8 16 1 2 7 .1 2 5 1 7 .5 7 3 “ 2 1 .8 0 3
8 .9 9 7 0 2 6 .70 2
9 .7 16 6 2 6 .3 5 0

1 0 .20 6 2 6 .31 9
1 4 .1 9 6 “ 2 5 .2 8 0

[C o (N H 3) 6] [F e (C N )6] [C o (en )3] [C o(C N )6]

c X  1 0 4 A c X  1 0 4 A

1 .4 89 2 3 4 .2 6 0 1 .0 04 9 32 .391
1 .8 52 0 3 3 .6 1 5 1 .4973 3 0 .7 4 0
2 .3681 3 2 .89 8 3 .1 5 5 0 2 8 .83 2
3 .1021 3 1 .94 8 3 .9 83 7 27 .731
4 .0 7 9 0 31 .011 5 .2 91 2 2 6 .91 9
4 .8 3 0 0 30 .191 7 .4 6 6 6 2 5 .461
5 .5 65 5 2 9 .41 1 9 .2 03 6 2 4 .70 2
8 .3 7 8 0 2 7 .5 2 0 1 3 .5 3 2 “ 2 3 .2 1 4

1 3 .70 5 0 “ 2 5 .75 9 1 8 .8 3 6 “ 2 1 .5 8 2

c X  1 0 4 A

1 .6696 3 0 .70 2
3 .9796 2 8 .99 8
6 .1596 2 7 .84 5
8 .2 28 2 2 7 .0 0 8

1 0 .710 2 6 .21 2
1 3 .5 0 9 “ 2 5 .45 3
1 6 .6 1 3 “ 2 4 .78 9

“ C oncentrations fo r  w hich  wt >  0.2 and th e th eory  is n ot 
appücable.

analysis of the data were taken from the literature.9 
The results of the analysis are summarized in Table
IV.

The phoreograms for the complex 3-3 salts approach 
the limiting law tangent from below thus exhibiting 
ion association, while in the case of lanthanum salts 
(Figure 1) the A- c 1'1 curve approaches the limiting 
law tangent from above, crosses it, and then approaches 
the limiting value from below. This behavior is similar 
to that of CuBDS, MnBDS, and LaNTS in water 
obtained by Atkinson and co-workers.4 The data for 
these two salts, therefore, were analyzed by Fuoss- 
Onsager equation for unassociated electrolytes.3 The 
equation did not give a good fit, which is not surprising.

These two salts are highly associated in aqueous solu
tion10 (Ka — 5500) and it may not be unreasonable to 
think that the salts are associated in this solvent 
also. The data were therefore treated as associated 
electrolytes by the y - x  method of Fuoss using a Fortran 
program similar to that of Kay,11 but the fit was 
poor and it gave negative K a  which is difficult to ex
plain.

The data were further analyzed by Shedlovskv’s12 
method. From a preliminary value of A 0 from the 
phoreogram final A0 and K a were obtained by the 
equation13

A S(Z) =  A 0 -  ct 2/ ± V A ° K a

(where K a is the association constant, y  and /± are the 
same as a2 and y ±2 given in ref. 13) according to

(9) L. R. Dawson and C. Berger, J. Am. Chem. Soc., 79, 4269 (1957).
(10) C. W. Davies and J. C. James, Proc. Roy. Soc. (London), 
A195, 116 (1948); J. C. James, J. Chem. Soc., 1094 (1950); 2925 
(1951).
(11) R. L. Kay, J. Am. Chem. Soc., 82, 2099 (1960).
(12) T. Shedlovsky, J. Franklin Inst., 225, 739 (1938).
(13) H. S. Harned and B. B. Owen, “ The Physical Chemistry of Elec
trolytic Solutions,”  3rd Ed., Reinhold Publishing Corp., New York, 
N. Y „  1958, p. 290.
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T able  I V : D eriv ed  Param eters for U n sym m etrica l Salts from  th e F uoss-O nsager E quation

Salt A° s E J a j x»+ XO- <rA.

[C o(N H 3)]C13 3 6 .5 6 9 6 .9 227 803 3 .5 1 8 .90 1 7 .6 6 1 .2 0 7 0 .0 0 3
[C o (en )3]C l3 3 3 .2 4 9 5 .4 198 720 3 .6 1 5 .5 8 1 7 .6 6 1 .0 9 7 0 .0 0 4
K ,C o (C N ), 3 3 .1 9 98 199 1265 7 .2 1 2 .10 2 1 .0 9 1 .0 96 0 .0 2
K 3F e (C N )6 3 3 .0 7 98 198 1300 7 .3 1 2 .1 0 2 0 .9 7 1 .0 92 0 .0 2

T a b le  V : D erived  Param eters fo r  3 -3  Salts from  th e F u oss-O n sager T h eory

Salt A« K S

L a C o (C N )6 3 4 .6 4 ± 0 .1 1 243 ± 30 2 5 3 .8
L a F e (C N )6 3 4 .5 5 ± 0 .1 0 249 ± 27 2 5 3 .5
[C o (en )3] [F e (C N )6] 3 6 .4 7 ± 0 .0 6 460 ± 44 261
[C o(N H 3)6] [F e (C N )6] 3 9 .7 3 ± 0 .0 8 426 ± 45 273
[C o(en )a ][C o (C N )6] 3 6 .6 2 ± 0 .0 8 605 ± 66 262

E J
a j X  IO»,

Â.
ÒK  X  108, 

Â . (F u o ss )
dA  X  108, 

Â. (S to k e s) A0J* <rA

4227 15200 8 .1 0 1 0 .0 8 8 .9 0 1 .1 43 0 .0 8
4214 15400 8 .4 1 9 .8 5 8 .9 2 1 .1 4 0 0 .0 7
4486 12837 6 .7 7 7 .6 3 8 .3 2 1 .2 0 4 0 .0 4
4926 14168 6 .9 8 7 .6 5 7 .5 2 1 .3 0 8 0 .0 6
4509 13914 7 .9 3 7 .0 5 8 .3 3 1 .2 0 9 0 .0 6

which the slope of a A S (Z )  vs. c y 2f ± 2 plot should give 
K a , the association constant, and the intercept should 
be equal to A0. In order to test if the K a thus obtained 
remains unchanged, the two sets were further ana
lyzed by the Fuoss-Onsager equation in the form

A j  = A  +  »S(cy)I/! — K e y  log c y  +  K Ac y f± 2A  =

A 0 +  J c y

according to which a plot of A j  against c y  should be 
linear with J  as slope and A 0 as intercept. K a  and y  
obtained from Shedlovsky method were used to eval
uate A  j  from the above equation. The plot of A  j  
against c y  and the Shedlovsky’s plot A S (Z ) vs. c y 2f ± 2 
for LaCo(CN)e are given in Figure 2. The values 
of various parameters derived from A j - c y  plots for the 
two salts are given in the Table V.

The data for the other three 3-3 complex salts were 
analyzed by the Fuoss-Onsager3 equation for associated 
electrolytes in the form

A  =  A 0 — 8 c h y h  +  K e y  log c y  +  J c y  — K Ac y f 2A

on an IBM  7094 computer using a Fortran program 
similar to that described by Kay. K a , the association 
constant, a,j derived from the J  parameter of the equa
tion, and other parameters are summarized in Table V.

As a matter of interest, the data for the three com
plex 3-3 salts were also analyzed by Shedlovsky’s 
method. However, the K a  obtained for the three 
complex salts were 35 to 40% higher than that obtained 
by the Fuoss-Onsager method. It appears logically 
true that the K A obtained from the Fuoss equation 
should be lower than that obtained from Shedlovsky’s 
method.

c y  (moles/liter)

[Co(NH3)6][Co(CN)6] could not give consistent re
sults either by A  j  or by the computer y - x  method. 
This may be due to the fact that the solubility of 
the salt is too low for a precise conductance measure
ment in the solvent, and therefore the A- c  data for 
this salt have been omitted.
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Assuming the applicability of Stokes’ law to the move
ment of large spherical ions of radius a and valency z 
acted upon an electric field xze, an ion will maintain 
itself at a velocity o: V  =  xze/Qirqa in a continuum of 
viscosity 7]. The center-to-center ion-pair distance 
for a 3-3 electrolyte at 25° may be written by putting 
in terms of ionic mobilities as

a  < s to k e s  = )  +

a (Stokes) (aA) for each electrolyte is summarized in 
Table V.

The relationship according to Fuoss14 15 between K A 
for an electrolyte and D of the solvent is given by

4 ttN  ziaey aKDkT
3000

K a for a 3-3 electrolyte at D  — 109.50 in this solvent 
were calculated from aK — 1  to 25 A. at 25° by a 
Fortran program. The values of K a thus obtained 
were plotted against aK and the plot was found hyper
bolic in shape with “he minimum at about 15 A. (aK). 
The values of aK for the experimental K a  values were 
evaluated from this curve and these are given in 
column 8 of Table Y.

Considerations of ionic mobilities show that Fe- 
(CN)-3 and Co(CN)g~3 ions have essentially the 
same sizes. Differences of ionic mobilities for Co- 
(CN)6-3-Fe(CN)6-3 from both pairs K 3Co(CN)6- 
K 3Fe(CN)6 (Table IV) and LaCo(CN)6-LaFe(CN)6 
(Table V) are less than 0.1 unit in each case, but the 
mobility for the Co(NH3)6+3 ion is larger than Co(en)3+s. 
The difference for the mobilities of these two ions comes 
the same from both pairs of the salts (Table IV and 
Table V).

The observed mobility of La+3 suggests that it has 
greater solvodynamic dimensions than any of the 
[Co(NH3)6]+3 or [Co(en)3]+3 ions. This is also re
flected by lower K a  of its salts. K a of the order of
5.5 X 103 in aqueous solutions10 has been reported 
with an a parameter of 7.2 A. The highly decreased 
value of K a  for the salts in formamide with a higher 
& parameter calls for an explanation. It appears 
that a model in which ion-solvent interaction may be 
taken into consideration16 may better account for it.

Specific interaction between ions and a definite number 
of solvent molecules, namely metal-ligand interaction 
(in which formamide acts as a ligand), may be operative. 
This may disturb the equilibrium between ions and 
ion pair in the direction of the formation of free ions 
resulting in decreased K a - This speculation, however, 
needs the support of studies other than conductance 
for an adequate interpretation. We are extending 
the studies with these salts in mixed solvents which 
might also throw some fight.

The Walden product A0?? (Table V) for a 3-3 elec
trolyte is considerably higher than for a 2-2 or 1 - 1  
electrolyte. This may be due to a depolymerization 
or reorientation of the solvent molecules in the vicinity 
of ions under the influence of an electric field or both. 
This may result in a significant variation between the 
macroscopic and microscopic values of the dielectric 
constant and the viscosity. Both of these factors ef
fectively increase the mobility of the ions.

The reasonable agreement in the values of ion size 
parameters obtained from electrostatic and solvody
namic consideration (dK, dA) and in &j derived from 
the coefficient J  of the linear long-range term suggests 
that the model is a good physical approximation when 
ion pairs are formed with large spherical ions, and 
Stokes’ law is an adequate description for the move
ment of such ions. Further, the consistency of the 
results of A0 =  X°+ +  X°_ for the complex salts also 
justifies the applicability of the Fuoss-Onsager equa
tion.

Finally, we may conclude that the Fuoss-Onsager 
theory adequately predicts the behavior of these com
plex salts in formamide. We are attempting to study 
these salts in solvents of still higher dielectric constant 
and also in mixed solvents in the hope to shed more 
light on the problems.
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Radiolysis of Ethylene. III. Identification of Ionic Intermediates and 

Formation of Excited Species by Application of Electrostatic Fields1

by G . G . M eisels* and T. J. Sworski

Union Carbide Corporation, Nuclear Division, Tuxedo, New York 10987 (.Received January 9, 1966)

Formation of both methane and the methyl radical in the radiolysis of ethylene is not sig
nificantly affected by application of electrostatic fields too weak to induce secondary ioniza
tion. This is attributed to their formation by ionic processes. The marked enhancement 
in yields o: molecular hydrogen, acetylene, and those products requiring hydrogen atoms 
and/or vinyl radicals as precursors is attributed to formation of excited species of ethylene 
by secondary electrons accelerated by the field. Dissociation ensues by the processes listed 
below with their normalized probabilities

C2H4* -*  C2H2 +  H2 0.38 
C2H4* -►  C2H2 +  2H 0.46
C2H4* C2H8 +  H 0.16

Comparison with mercury-photosensitized decomposition of ethylene indicates the role of 
excited states above the 4.6-e.v. triplet state. Comparison with excitation resulting from 
vacuum ultraviolet and high energy radiation suggests dissociation of vibrationally excited 
ground staze molecules formed by intersystem crossing and radiationless transitions.

Introduction

Application of electrostatic fields during radiolysis 
has been used by Essex and his co-workers to gain 
insight into the mechanism of radiation-induced re
actions in the gas phase.2 Possible ionic and nonionic 
steps were inferred from reduction or limited enhance
ment of product yields. Later, it was observed that 
yields of higher hydrocarbons from methane were in
creased by nearly one order of magnitude3 at field 
strengths just below the onset of secondary ionization. 
Since the energy of the cations is not enhanced appreci
ably by such small fields,4-6 the effect must be as
cribed to «¿citation by accelerated electrons. At
tempts to study the consequences of low energy elec
tron impact, using the photoelectric effect for electron 
production,6a suffered from lack of sensitivity but 
demonstrated the validity of this interpretation. 
Electric fields have been used recently to confirm the 
existence of ionic intermediates in propane radiolysis.6b

The chemical consequences of electronic excitation in 
ethylene have been investigated by photochemical tech

niques.7-10 Observed products could be ascribed 
almost exclusively to two primary processes

* Department of Chemistry, University of Houston, Houston, Texas.
(1) This paper was presented in part at the 141st National Meeting 
of the American Chemical Society, Washington, D. C., March 1962.
(2) (a) H. Essex, J. Phys. Chem., 58, 42 (1954) ; (b) B. P. Burtt and 
T. Bauer, J. Chem. Phys., 23, 466 (1955); B. P. Burtt and A. B. 
Zahlan, ibid., 26, 846 (1957).
(3) G. G. Meisels, W. H. Hamill, and R. R. Williams, Jr., ./. Phys. 
Chem., 61, 1456 (Î957); P. S. Rudolph, Dissertation, Syracuse Uni
versity, 1951.
(4) H. S. W. Massey and E. H. S. Burhop, “ Electronic and Ionic 
Impact Phenomena,” Oxford University Press, London, 1952.
(5) L. B. Loeb, “ Basic Processes of Gaseous Electronics,”  Univer
sity of California Press, Berkeley and Los Angeles, Calif., 1960.
(6) (a) R. R. Williams, Jr., J. Phys. Chem., 63, 776 (1959); (b) P. 
Ausloos and R. Gorden, Jr., J. Chem. Phys., 41, 1278 (1964).
(7) J. R. Majer, B. Mile, and J. C. Robb, Trans. Faraday Soc., 57, 
1692 (1961).
(8) M. C. Sauer, Jr., and L. M. Dorfman, J. Chem. Phys., 35, 497
(1961).
(9) H. Okabe and J. R. McNesby, ibid., 36, 601 (1962).
(10) D. W. Setser, D. W. Placzek, R. J. Cvetanovic, and B. S. 
Rabinovitch, Can. J. Chem., 40 , 2719 (1962).
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C2H4 -------- C2H4* — > C2H2 +  H2 Ai7 =  1.8 e.v.
(1)

C2H4 *—-*«-> C2H4* —>■ C2H2 +  2H A H  =  6.3 e.v.
(2)

with only a very minor contribution from

C2H4 -------> C2H4* — ►  C2H3 +  H A H  =  4.6 e.v.
(3)

This differs from radiolytic decomposition in which the 
methyl radical is an important intermediate and meth
ane is a product formed by molecular processes.11-14 
The existence of unique ion-molecule reactions for the 
production of CH4 and CH3 has been demonstrated 
by mass spectrometry.16-17 This paper presents evi
dence that ionic processes contribute significantly to 
product formation in the radiolysis of ethylene and 
demonstrates the usefulness of applied field experiments 
for this purpose.

Experimental
Phillips research grade ethylene was purified by 

repeated distillations in a high vacuum system, the 
middle third being retained. Nitric oxide from the 
Matheson Co. was distilled from a liquid nitrogen trap. 
The rare gases were Matheson research grade and were 
used as received.

The source of radiation was a 1-Mev. Van de Graaff 
accelerator, High Voltage Engineering Corp. Model 
JN , modified for the use of electrons. Accelerator 
beam currents (1 to 5 /¿a.) were collected on a remotely 
controlled shutter in front of the irradiation cell, 
measured with an Elcor Model A-309A current in
dicator and integrator and periodically adjusted during 
radiolysis to maintain a constant rate of ionization in 
the irradiation cell. In a few experiments a 50-kv. 
X-ray source (General Electric with a Machlett 
AEG-50 tube) was employed as a source of ionizing 
radiation.

Irradiation cells were Pyrex cylinders approximately
1.9 cm. in height and 5 cm. in diameter with 0.013-cm. 
aluminum windows attached at the ends. High 
voltage was applied to the cell windows during radiol
ysis from a Precise Measurements Co. Model 10 kv- 
5MA packaged power supply controlled by an auto
transformer in its input circuit. Ionization currents in 
the irradiation cells were determined by measuring the 
potential drop across a calibrated resistor with a 
Leeds and Northrup Model 69950 X -Y  recorder. 
Cells were fitted with a 2-mm. stopcock and a standard 
taper joint for attachment to a high vacuum system. 
Procedures and calibration have been described else
where.18

Gas chromatographic analyses were carried out on 
aliquots of the irradiated samples using a Perkin- 
Elmer Model 154-DG vapor fractometer. Retention 
volumes for the hydrocarbons were determined using 
authentic samples. A 2-m. column of stabilized silica 
gel (PE No. S) and thermal conductivity were used 
for detection for hydrocarbons up to n-butane, while 
olefins and higher hydrocarbons were separated on a
2-m. column of silver nitrate in ethylene glycol in 
series with a 6-m. column of bis(2-methoxyethyl) 
adipate and detected by flame ionization. Hydrogen 
was also determined by gas chromatography using a 
molecular sieve column and a radiofrequency detector 
designed and constructed by the Olefins Division of this 
corporation.

Results

Absolute Dosim etry. Application of an electric field 
during radiolysis interferes with homogeneous ion 
neutralization by inducing positive and negative charges 
to drift to the cathode and anode, respectively. The 
resultant observable ion current increases with in
creasing ratio of the electric field X  to the pressure p  
until all ions are collected at the windows and a pla
teau is reached in a plot of ionization current j  as a 
function of X / p  as shown in Figure 1. Then, there 
is no further increase in i  until the onset of secondary 
ionization at X / p  of about 27 v. cm.-1 torr- 1 . The 
saturation ionization current ia, measured at the 
plateau shown in Figure 1, is a measure of the rate of 
ionization during radiolysis. Since the energy required 
to produce one ion pair has been determined for eth
ylene (IFcm =  25.9 e.v./ion pair19), measurement of 
is is a method of absolute dosimetry. Dosimetry by 
ionization measurements can be carried out with a 
precision of better than 1%  when using an electron 
accelerator as the ionizing source.18

Effect o f Electric Fields. Application of electric 
fields, at X / p  values just below the onset of secondary 
ionization, does not affect the yield of methane (Figure 11 12 13 14 15 16 17 18 19

(11) M. C. Sauer, Jr., and L. M. Dorfman, J. Phys. Chem., 66, 322
(1962).
(12) G. G. Meisels and T. J. Sworski, ibid., 69, 815 (1965).
(13) G. G. Meisels, J. Am. Chem. Soc., 87, 950 (1965).
(14) G. G. Meisels, Trans. Am. Nucl. Soc., 7, 308 (1964) ; J. Chem. 
Phys., 42, 2328 (1965).
(15) F. H. Field, J. L. Franklin, and F. W. Lampe, J. Am. Chem. 
Soc., 79, 2419 (1957).
(16) F. H. Field, J. Am. Chem. Soc., 83, 1523 (1961); C. E. Melton 
and P. S. Rudolph, J. Chem. Phys., 32, 1128 (1960).
(17) S. Wexler and R. Marshall, J. Am. Chem. Soc., 86, 781 (1964).
(18) G. G. Meisels, J. Chem. Phys., 41, 51 (1964).
(19) G. N. Whyte, Radiation Res., 18, 265 (1963); J. Booz and H. G. 
Ebert, Strahlentherapie, 120, 7 (1963).
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X / p . V - c m ' 1 Torr"1

Figure 1. D epen den ce o f  relative ion  current 
and m ean electron  en ergy24 in  ethylene on  X/p.

2), causes a small increase as in the propane yield 
(Figure 3), but results in a marked increase in the 
formation of hydrogen, ethane, acetylene, n-butane,
1-butene, butadiene, n-hexane, and 1-hexene, and in 
ethylene disappearance (Figures 2, 4, and 5). The 
results for products of interest are summarized in 
Table I. A more complete product listing is given 
elsewhere.13 M / N  values (molecules of product/ion 
pair) are listed for experiments with and without an 
electric field. Values for X / p  of 26.9 v. cm.-1 torr-1 
were selected for tabulation since the onset of secondary 
ionization occurs at about 27 v. cm.-1 torr-1 as shown 
in Figure 1. The increase in M / N  values attributed

Table I : E ffect o f  E lectric F ield  (a t  X /p  o f  26.9 v . cm . 1 
to r r -1 ) on  P rod u ct Y ie ld s  in  the R ad iolysis  o f  E thylene
(50 torr)

M /N  (26.9 v. cm.-i
AM /NbProduct M /Na (no field) torr-1)

H ydrogen 0 .3 4 3 .6 4 3 .3
M ethane 0 .0 67 0 .0 6 7 0 .0 0
E thane 0 .1 6 0 .7 6 ' 0 .6 0
A cetylen e 0 .8 7 8 .7 7 .8
Propane 0 .1 8 0 .2 9 0 .1 1
n-B utane 0 .5 6 3 .8 3 .2 4
B utene-1 0 .0 6 0 0 .3 3 0 .2 7
B utadiene 0 .0 0 4 0 .0 8 3 0 .0 7 9
ra-Hexane 0 .0 3 6 0 .3 0 2 0 .2 6 6
Hexene-1 0 .0 1 3 1 .1 65 1 .1 52
E thylene - 5 - 3 4 - 2 9

“  M olecu les per ion  pair. b Net ch ange due to app lied  field. 
‘  In terpolated .

F igure 2. V ariation  o f m ethane and ethane y ie lds w ith  X/p.

Figure 3. V ariation  o f propane y ie ld  w ith  X/p.

to an effect of electric fields is tabulated also and is 
identified throughout this paper as A M /N .

The presence of nitric oxide or oxygen during radiol
ysis at X / p  =  26 (Table II) does not affect the yields 
of methane but eliminates the formation of ethane, 
n-butane, and all higher saturated hydrocarbons. 
The reduction of acetylene yield is probably caused by 
electron energy loss to the scavenger. The effect of 
nitric oxide on the production of butenes in the pres
ence and absence of applied fields has already been 
discussed20 and can be attributed to the simultaneous 
action of nitric oxide as a free-radical scavenger and 
charge acceptor from butene ion.

(20) G. G. Meisels, J. Chem. Phys., 42, 3237 (1965).
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Figure 4. V ariation  o f  h ydrogen  and acety lene 
yields w ith  X /p.

F igure 5. V ariation  o f  » -b u ta n e  (O ), butene-1 (• ) ,  
an d  hexene-1 ( © )  y ie lds w ith  X/p.

The addition of rare gases reduces the extent of 
product enhancement by the applied field (Figure 6) 
when X / p  is expressed in volts cm.-1 (torr of ethyl
ene) _1 and yields are calculated on the basis of primary 
ionization in ethylene alone, that is, by neglecting the 
presence of the rare gas and using ionization rates 
from ethylene samples not containing argon. The 
point plotted at the highest X / p  for each rare gas

Figure 6. E ffect o f  rare gases on  enhancem ent of 
a cety lene yie ld  b y  applied fields: 50 torr o f C 2H 4 (O ), 
200 torr  o f A r  add ed  ( 9 ) ,  200 torr o f 
K r  added  (© ), 200 torr o f  X e  added  (• ) .

T a b le  I I : E ffect o f Scavengers a n d  A p p lied  Fields 
on  th e R adiolysis  o f  E thylene

Torr of C2H 4 50 50 51 52
Torr of N O 10 10
Torr of O2
X/p, v. cm .-*1 (torr of

5

C2H4)
Product

25 .7  26 .2  25 .7  
—Yield, m oleeules/ion pair--------------

M ethane 0 .0 6 5 0 .0 6 6 0 .0 6 4 0 .0 6 8
E thane 0 .7 0
A cety len e 0 .9 0 5 .8 7 .4 7 .6
Propane 0 .2 7
n -B utane 2 .6
B utene-1 0 .0 4 7 0 .0 4 5 0 .0 2 6 0 .3 1
cfs-B utene-2 0 .1 9 0 0 .1 8 7 0 .0 4 2 0 .0 1 0
irans-B utene-2 0 .1 49 0 .1 51 0 .0 2 6 0 .0 1 5
B utadiene 0 .0 0 7 0 .0 8 4
n -H exane 0 .2 5 0
H exene-1 1 .0 3

corresponds to the onset of secondary ionization. 
Krypton and xenon are equally effective while argon 
reduces yields less efficiently. The effect of xenon 
pressure on butane and acetylene yields at fixed values 
of X / p  (ethylene) was evaluated using 50-kv. X-rays as 
the ionizing source (Figure 7).

Discussion

Physical Interactions. The physical behavior of ions 
and electrons in the presence of electrostatic fields has
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Figure 7. D epen den ce o f  p rod u ct enhancem ent b y  the 
app lied  field  on  xenon  pressure a t fixed X /p  (C 2H 4).

received considerable attention.4’6 It has been es
tablished that the energy distribution of molecular 
ions is not shifted appreciably even when X / p  exceeds 
the value at which secondary ionization sets in. Prod
uct enhancement by application of fields therefore 
cannot be ascribed to their effect on ion energy.

Collection of an ion current during irradiation is 
brought about by a change from ion recombination in 
the gas resulting from ambipolar diffusion to more 
rapid heterogeneous neutralization at or near the 
electrodes. This reduces the lifetime of the charge 
and the number of collision processes it experiences 
before neutralization. The frequency of charge- 
molecule interactions will also be reduced by the in
fluence of the increased energy on the cross section for 
such processes.21 Although these effects will reduce 
the total number of possible ion-molecule reactions a 
charge can undergo, primary ion fragmentation and the 
initial ion-molecule reactions should not be altered.

Neutralization at the electrodes may eliminate de
composition of ionic species by allowing dissipation 
of the recombination energy to the surface.211 How
ever, field emission caused by the approaching charge 
is induced at a distance of several Angstroms.22 The 
ion could be neutralized more than ten vibrational life
times before energy equilibration with the surface 
becomes possible, and rapid dissociation processes 
may therefore be unaffected by fields. The effect of 
electrostatic fields on product yields resulting from 
intermediate ions should be minor and lead primarily

to the reduction of processes requiring a large number 
of collisions or homogeneous ion-electron recombina
tion. As shown in Figures 2 to 5, product yields do 
not change appreciably when X / p  is increased from 
0 to 10 v. cm.-1 torr-1 even though the fraction of 
neutralization processes occurring at the electrodes 
varies between 0 and 1. Further increases in X / p  
should produce no significant changes caused by ion 
collection, and a mechanism based on this effect can
not be held responsible for marked enhancement of 
yields at high X /p .

The electron energy distribution is shifted appreci
able to higher values by applied fields. Experimental 
measurements of electron energy have generally been 
based on the Townsend method,4 which assumes a 
Maxwellian energy distribution of the electron swarm. 
This assumption, although incorrect, is justified be
cause the influence of the energy distribution on the 
average electron velocity calculated from the experi
mental data has been shown to be less than ca. 10% .23 
The mean energy of a steady-state electron swarm in 
ethylene is shown in Figure 1 and is ca. 2 e.v. at the 
onset of secondary ionization.24 Electric fields should 
influence primarily the energy distribution of nearly 
thermal electrons, and it should be a fair approximation 
to apply considerations for a steady-state swarm to 
radiolysis conditions. Consequently, we attribute a 
marked increase in product yield at X / p  values less 
than 27 to production of neutral excited states of 
ethylene by electrons accelerated by the field.

Products Resulting from  Ionic Intermediates. The 
observation that the methane yield is invariant in the 
presence of an electric field at X / p  values less than 27 
is striking evidence for the participation of ionic pre
cursors in its formation. This suggestion is further 
supported by its persistence in the presence of large 
excesses of nitric oxide or oxygen,14 indicating that no 
free-radical precursors are required. Reported ion- 
molecule reactions16

C2H3+ +  C2H4 — > [C4H7+] (4)

[C4H7+] +  C2H4 — ^ [C6Hu+] (5)

[C6Hu+] — > CH4 +  C6H7+ (6)

(21) (a) P. Langevin, Ann. chim. phys., 5, 245 (1905); (b) G.
Gioumou3is and D. P. Stevenson, J. Chem. Phys., 29, 294 (1958); 
(e) T. F. Moran and W. H. Hamill, ibid., 39, 1413 (1963).
(22) S. A. Korff, “ Electron and Nuclear Counters: Theory and 
TJse,” 2nd Ed., D. Van Nostrand Co., Inc., New York, N. Y., 1955.
(23) R. H. Healey and J. W. Reed, “ The Behaviour of Slow Elec
trons in Gases,” Amalgamated Wireless (Australasia) Ltd., Sydney, 
Australia, 1940.
(24) J. Bannon and H. L. Brose, Phil. Mag., 6, 817 (1928).
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adequately account for methane formation. It should 
be noted that reaction 4 requires a vinyl ion inter
mediate in contrast with the suggestion that primary 
ion dissociation may not occur at the pressures em
ployed in this investigation. 25 26

Propane formation is only slightly enhanced by the 
electric field. Its elimination by nitric oxide or oxygen 
indicates that free-radical precursors are required for 
its formation, probably methyl and ethyl radicals

CH3 +  C2H5 —■ > C3IÎ8 (7)

The relatively slight enhancement of the propane yield 
can be attributed to a decrease in the [CH3 ]/[C2H6] 
ratio resulting frcm formation of ethyl radicals by 
excitation. Therefore, a larger fraction of the methyl 
radicals yields propane instead of combining to form 
ethane or adding to ethylene. We conclude that 
methyl radicals are formed predominantly by ionic 
processes such as the ion-molecule reactions summarized
by the over-all processes

C2H4+ +  C2H4 - c 3h 6+ +  c h 3 (8 )

C2H4+ +  2 C2H4 - c 6h 9+ +  c h 3 (9)

C2H2+ +  2C2H4 — *- C5H5+ +  c h 3 +  h 2 (10)

observed in the mass spectrometer. 16 - 17  
Products Resulting from  Excited Intermediates. The

oscillator strength of optically forbidden levels for 
interaction with electrons of a typical degradation 
spectrum is low. 28' 27 The main contribution is as
cribed to allowed levels corresponding to formation of 
ethylene molecules in higher excited and superex- 
cited27 states. This is in sharp contrast with the non
applicability of selection rules to excitation by slow 
electrons. Consequently, slow electron swarms should 
yield principally the lowest triplet state at 4.6 e.v. and 
the symmetry-forbidden state at 6.5 e.v. 28 with smaller 
contributions from higher optically allowed and for
bidden states.

Low energy electron swarms clearly produce excited 
states which may dissociate according to reactions 1 , 2 , 
or 3. Their relative rates are given by the hydrogen, 
acetylene, and vinyl radical yields. Hydrogen and 
acetylene formation can be measured directly, but the 
vinyl radical yield must be deduced from considera
tions of the free-radical processes. Hexene-1, bu- 
tene-I, and butadiene-1,3 presumably result princi
pally29 from the reactions

C2H3 +  C2H4 — > C4H7 (11)

i -c 6h 12 (1 2 a)

/
— *  l-C.H, +  C.H. (1 2 b)

\
1,3-C4H6 T  C2H6 (1 2 c)

The elimination of hexene-1 by nitric oxide and oxygen 
indicates the absence of a molecular mechanism for its 
formation. The importance of these reactions in the 
liquid phase has been demonstrated by e.p.r. 29 and 
chemical techniques. 30

Hydrogen results only from molecular detachment 
processes. 1 1 ’ 12 The relative rates of the primary 
processes 1 to 3 at I / p  =  26.9 v. cm. - 1  torr- 1  can 
now be obtained from Table I, column 3, setting r, 
= A(M/JV)(H2) =  3:3 and r2 =  A(M/W)(C2H2) -  
A ( M /N )  (H2) =  4.5 species/ion pair. The rate of step 
3 can be estimated from the vinyl radical yield

r3 =  A(M/A)(C2H3) =  A (If / N )  (hexene-1) +  

A(Af/iV) (butene-1) +  A { M /N )  (butadiene)

=  1.5 species/ion pair

Alternately, the relative contribution of the three 
primary steps can be estimated from the yields of 
acetylene, vinyl radicals, and hydrogen atoms. Under 
our conditions all hydrogen atoms add to ethylene, 12 
and the resulting ethyl radicals undergo primarily the 
combination reactions ((7), (12), and (14))

H +  C2H4 C2H6 (13)

2C2H6 n-C4H10 (14a)

—^  C2H6 +  C2H4 (14b)

Ethyl radicals may also add to ethylene to yield n - 
butyl radicals. These will primarily lead to the forma
tion of w-hexanc. 13 The yield of hydrogen atoms may 
now be obtained from the product distribution by 
summing those which require ethyl radicals as pre
cursors

A ( M /N ) ( H )  =  A(M/W)(C2H6) =

2[A(M/A)(C2H6) +  A(M/AO(C4H10) +  

A(M/W)(C6H14)] +  A ( M /N )  (C3H8) +
A(M/iV) (hexene-1) +  A ( M /N )  (butene-1) —

A(Af/2V)(C4H6) =  9.7 atoms/ion pair

(25) D. P. Stevenson, Radiation Res., 10, 610 (1959).
(26) L. V. Spencer and U. Fano, Phys. Rev., 93, 1172 (1954).
(27) R. L. Platzman, Vortex, 23, 372 (1962).
(28) A. Kupperman and L. M. Raff, Discussions Faraday Soc., 35, 30
(1963).
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The stoichiometry of reactions 1 to 3 and the yields of 
hydrogen atoms, acetylene, and vinyl radical lead to 
the estimates n  =  3.7, r2 =  4.1, and r3 =  1.5. The 
values derived by the two methods are within experi
mental error of each other since small variations of the 
applied voltage produce large changes in yield when 
the enhancement is large. It may be noted that re
actions of vinyl radicals with ethyl radicals cannot 
account for the difference

C2H2 +  C2H6 (15a)

/
C2H3 +  C2H6 2C2H4 (15b)

\
1-C4H8 (15c)

since (15a) would be counted as process 2, (15b) as 
complete lack of reaction, and (15c) as process 3. 
Moreover, the ratio [C2H6]/[C4Hx0] =  0.19 is lower 
than that observed in deuterium-ethylene mixtures 
under similar conditions12 indicating the absence of 
reaction 15a.

Effect of Rare Gases. The presence of rare gases re
duces the enhancement caused by the field at any 
particular field strength. This effect of rare gases is 
attributed to energy loss resulting from elastic scat
tering of the incident electron against the field. En
hanced ionization in argon containing 0.1%  ethylene 
at X / p  of the order of 0.5 v. cm.-1  (torr of Ar)-1 
has been ascribed to excitation of argon to resonant 
levels and subsequent ionization of ethylene by energy 
transfer.29 30 31 Such processes are not observed under our 
conditions since the reduction of yields is not accom
panied by field-dependent secondary ionization.

Comparison with Other M ethods o f Excitation. The 
yield of hydrocarbon products accounts for only two- 
thirds of the consumed ethylene (Table I). This 
does not prevent a comparison with the results of 
ethylene decomposition by other methods since the 
importance of all three primary processes under our 
conditions seems well established.

The mercury-photosensitized decomposition of eth
ylene proceeds predominantly via reaction 1. It is 
currently interpreted on the basis of triplet ethylene 
formation by Hg(3Pi) with an excitation energy of
4.9 e.v.10'32“ 35 The apparent primary formation of 
hexene and butene can probably be attributed to 
reactions 3 and 12 suggested here, so that the over-all 
reaction (3) accounts for ca. 8% of the primary proc
esses. It has been suggested that this sequence is 
unimportant in the mercury-sensitized photolysis 
since it would not explain the incorporation of deu
terium into the hexene-1 molecule when deuterium is

added to the system.7 However, isotopic exchange of

H +  Dz — > HD +  D (16)

hydrogen atoms from ethylene with deuterium (re
action 16) is known to be competitive with hydrogen 
atom addition to ethylene since /c13/fc16 =  14 ±  5.12’1S 
The small but apparently real contribution of step 3 
may not result from the decomposition of an excited 
ethylene molecule but from the reaction31'32

H g ( 3P i)  +  C 2H 4 — >  C 2H 3 +  H g H  ( 17 )

The relative extent of Hie apparent processes (1 and
3) may only represent the ratio of quenching to ab
straction efficiencies which are known to be of this 
order.32’36

The contribution of process 3 to the mechanism of 
the vacuum ultraviolet photochemistry of ethylene a: 
1470 A. (8.4 e.v.)8 can be estimated on the basis of the 
reported yield of butene-1 as 5% of n-butane. As
suming that [C2H3]/[1-C4H8] =  3.3 as in the mercury- 
photosensitized decomposition7 one obtains <£3/2<p 
=  0.08, while the apparent ratio of vinyl radical to 
butene-1 yields in this investigation leads to <¡>3/

= 0.14. Unfortunately, a similar analysis of the 
photolysis at 1236 A. (10.0 e.v.)9 is not possible since 
the radicals resulting from a small contribution of step 
3 do not significantly influence the relative propor
tions of hydrogen, acetylene, ethane, and n-butane.

The relative extent of the three processes in the 
radiolysis can be approximated since it is possible to 
account quantitatively for the formation of hydrogen 
atoms by assuming that acetylene is formed only by 
excitation processes and that the formation of acetylene 
ion can be calculated from mass spectrometry.12 
Since (M/A)(C2H3) =  0.02513 and ( M /N )  (C2H2) = 
0.87 species/ion pair, process 3 accounts for less than 
3% of the total primary excitation steps in ethylene 
radiolysis. The origin of the molecular hydrogen 
yield is uncertain. If we make the reasonable assump
tion that acetylene ion formation is accompanied by

(29) R. H. Schuler and R. W. Fessenden, J. Chem. Phys., 39, 2147 
(1963).
(30) R. A. Holroyd and R. W. Fessenden, J. Phys. Chem., 67, 2743 
(1963).
(31) M. M. Shahin and S. R. Lipski, J. Chem. Phys., 41, 2021 (1964) ; 
Anal. Chem., 35, 1562 (1963).
(32) E. W. R. Steacie, “Atomic and Free Radical Reactions/’ 2nd 
Ed., Reinhold Publishing Corp., New York, N. Y., 1954.
(33) K. J. Laidler, “ The Chemical Kinetics of Excited States,” 
Oxford University Press, London, 1955.
(34) R. J. Cvetanovic and A. B. Callear, J. Chem. Phys., 23, 1182 
(1955); 24,873 (1956).
(35) S. Arai and S. Shida, ibid., 38, 694 (1963).
(36) H. E. Gunning and O. P. Strausz, Advan. Photochem., 1, 209 
(1963).
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the elimination of molecular hydrogen, an upper limit 
of 87% may be set on the relative extent of step 2.

The normalized probabilities of the three processes 
obtained by the preceding considerations are sum
marized in Table III, using average values when neces
sary. The relative dissociation probabilities for eth
ylene at 50 torr excited by slow electrons at X / p  
=  26.9 differ markedly from ethylene excited by 
mercury sensitization to the 4.6-e.v. triplet state. This

Table HI: R ela tive  D issociation  Probabilities o f E xcited  
E thylen e P roduced  b y  V arious T echn iques“

✓ -------------- — T e c h n iq u e
S lo w

M e r c u r y e lec tro n s V a c u u m  u ltr a v io le t
p h o to - { X / p  = p h o to ly s is H ig h  e n e rg y

sens. 26 .9 ) 14 7 0  A . 1 2 3 6  A . ra d ia t io n1—>
'

c 2h 2 +  h 2 0 .9 2 0 .3 8 0 .4 4 < 0 .2 6 > 0 .1 0
C 2H 2 +  2H 0 .4 6 0 .4 6 < 0 .7 4 < 0 .8 7
C 2H 3 +  H 0 .0 8 0 .1 6 0 .1 1 > 0 .0 0 .0 3

° T h e  m eth od  o f  estim ating these values is discussed in  the 
text.

is not surprising since at 50 torr the decomposition of 
the 4.6-e.v. triplet state is largely quenched.32-36 Dis
sociation by slow electrons at 50 torr must, therefore, be 
attributed largely to shorter-lived, higher excited states

of ethylene such as the symmetry-forbidden state at 6.5 
e.v. or higher singlet states. The probability for excita
tion of ethylene to such higher excited states is not too 
low since the high energy portion of the electron 
swarm is not eliminated by the presence of resonance 
levels. Assuming a Maxwellian energy distribution 
for the electron swarm, it can be shown that about 25% 
of the electrons that are capable of exciting ethylene to 
the 4.6-e.v. state can excite ethylene to the 6.5-e.v. 
state.

Excitation to the 6.5-e.v. and higher states permits 
all possible dissociation processes to ensue. However, 
examination of Table III  reveals that increasing energy 
of excitation favors process 2 at the expense of the other 
two. This may result from dissociation of vibra- 
tionally excited ground-state molecules formed by 
intersystem crossing and radiationless transitions, 
increasing energy favoring the most endothermic 
process. Such a mechanism has been suggested by 
Cundall, et al.,37 for dissociation of the lowest triplet 
state.
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(37) R. B. Cundall, F. J. Fletcher, and D. G. Milne, Trans. Faraday 
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Multicomponent Diffusion Involving High Polymers. III. Ternary 

Diffusion in the System Polystyrene 1-Polystyrene 2-Toluene

by E. L. Cnssler, Jr.,1 and E. N . Lightfoot

Department of Chemical Engineering, University of Wisconsin, Madison, Wisconsin 53706 
(.Received January 32, 1966)

Ternary diffusion coefficients for two concentrations of mixtures of two monodisperse poly
styrenes of different molecular weight in toluene were measured at 25.00° with the Gouy 
interferometer. This system was chosen as a model of a polydisperse polymer suitable fcr 
experimental study. The results show large multicomponent effects for diffusion coeffi
cients based on concentration gradient. The coefficients measured satisfy the Onsager 
reciprocal relations within experimental error. They are in qualitative agreement with 
those predicted from extensions of the hydrodynamic model.

The objective of the work presented here is the 
measurement and prediction of the diffusional behavior 
of solutions of polydisperse polymers. Dilute solutions 
of these polymers are adequately described by exten
sions of binary techniques,2 3 bat more concentrated 
solutions may require consideration of diffusional 
coupling. Since a true polydisperse system is very 
difficult to study, a system of mixtures of two different 
sharp fractions of polystyrene was chosen for experi
mental investigation. Deviations from binary be
havior of this pseudo-polydisperse system are measured 
experimentally. The results are compared with cal
culations based on simple extensions of the hydro- 
dynamic theory discussed below.

Theory

M odel Chosen. A solution containing n  — 1 homo
logs of a polymer may be idealized as a suspension of 
n — 1 species of spheres of different sizes in a viscous 
continuum. The diffusional behavior of this system 
is approximated by a modification of the hydrodynamic 
theory. The radii of the spheres are the “effective 
diameters for diffusion.” Because a polymer mole
cule in solution is not a rigid sphere but is loosely ex
tended through the solution, these “effective radii” 
are much larger than those calculated from the molecu
lar weight and the density of the pure polymer. The 
idealized spheres thus contain some “ trapped” solvent, 
which is considered as part of the polymer “ spheres.”

At infinite dilution, the diffusional behavior of such 
a system is given by the hydrodynamic theory, with the 
diffusion coefficient D u given by Stokes’ law

where k is Boltzmann’s constant, T  is the absolute tem
perature, a{ is the effective radius mentioned previously, 
and r, is the solvent viscosity. However, at finite 
sphere concentrations, the solute species interact with 
one another. The diffusion of a sphere of species i  
affects the diffusion of spheres of all other species. At 
low sphere concentrations, we assume that the spheres 
of all species have their equilibrium distribution and 
that they do not collide. In this case, the interactions 
between spheres can be treated as perturbations of the 
fluid velocity. This approach was developed for the 
intrinsic viscosity and the frictional coefficient of 
binary polymer-solvent systems in excellent papers 
by Peterson and Fixman8 and Pyun and Fixman.4 
Their approach is used in the development to be given.

A n a lysis o f M odel. The first step in the develop
ment is to find the sphere velocity of species i  as a func-

(1) Department of Physical Chemistry, University of Adelaide, 
Adelaide, South Australia.
(2) (a) M. Daune and H. Benoit, J. chim. phys., 51, 233 (1955); (fc) 
E. L. Cussler, Jr., J. Phys. Chem., 69, 1144 (1965).
(3) J. M. Peterson and M. Fixman, J. Chem. Phys., 39, 2516 (1963).
(4) C. W. Pyun and M. Fixman, ibid., 41, 937 (1964).
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tion of the sphere concentrations and the sphere veloci
ties at infinite dilution. The average velocity \ t of a 
sphere of species i  may be written as a power series in 
the number density of each species of spheres

v« = v,(l) + XX- f  [v<(l,2) -
3 = 1 JC

▼ 4(l)]/«d7(r) +  . . .  (2)

where V|(l) is the rmperturbed sphere velocity at radius 
R x with only one sphere in the system; vt(l,2) is the 
sphere velocity at Ri with a sphere of species j  at R2; 
and fa  is the distribution function of spheres of i  and 
j .  The differential volume dE(r) is that located at r =  
R2 — Ri. If only small forces act on the particles, and 
if particles do not collide but interact only through 
their velocity fields, the distribution function may 
be assumed to be the equilibrium distribution func
tion

f a  ~  1 r >  fft]

f i j  — 0 t <  <rtj (3)

where <ri} =  a { +  a} is the collision diameter between 
spheres of i  and j.

The solvent velocity vBu may be described similarly as 

vBu =  vreu(l) + S 5 f"[v»u(l,2) -
3 =  1  J o

v»u( l) ]/« d n r)  +  . . .  (4)

where, parallel to the above, vBu(l) is the solvent 
velocity at Ri if no spheres are present (i.e., vBu(l)
1) and v„u(l,2) is the solvent velocity at Ri with a 
sphere of j  at R2. The superscript u emphasizes that 
the solvent velocity used here is that of the untrapped 
solvent. As before, the distribution function is as
sumed to be that at equilibrium

i n ]  =  1 r >  as

in] =  0 r <  a} (5)

Combining eq. 2 and 4, we obtain an expression for the 
sphere velocity relative to the untrapped solvent 
velocity

Vi -  vBu = v,(l) +  5 X (  -  v„(l,2) dE(r) +
3 =  1 \  J aj

i*” [Vi(1,2) -  v,(l) -  vn(l,2)] dE(r)) (6)

The integrals are evaluated in the Appendix by following 
the technique of Pyun and Fixman.4 The result is

v * -  vBu = ' X F w[v4(l) -  vBu(l)] (7)
j - 1

where

P a  — by
1—1
x" j s j j at ■ 2-,'Pk, .

k= 1
1 _  C M » 2 +  Vafli2)

5Vi*,4 J_
1

L.Ü]

5 a/o43 +  8 a/a/
8 Vy8

I
4

+

v «

~5aia{‘ 

L vM6

10<7y10 J (8)

where <t>ks is the volume fraction of spheres of species 
k, equal to i/zTvaksdk. The equations give the average 
sphere velocity as a function of the sphere velocity at 
infinite dilution and of the sphere radii.

We now rewrite eq. 7 as a multicomponent flux equa
tion with the help of Stokes’ law

▼ i(l) = - V mi

6ir?;cqA7 (9)

where is the chemical potential and N  is Avogadro’s 
number. By putting this expression for v3(l) into eq. 7, 
we obtain

Pi(v4 -  VBU) = X L y UV /q  (10)
3 = 1

where p{ is the mass density and

pjF  ii 
QwrjajN

(11)

These phenomenological coefficients which are based 
on the average velocity of the untrapped solvent may be 
converted by the following transformation to the 
multicomponent diffusion coefficients D i} relative to 
the volume-average velocity5 6

n - l n - l /  \
D i] =  X  X  ( 5« — <t>ks— )L kl I I v

&= 1 1 =  1 \ OS]cJ \ O p jJ  Pm7£j}n
( 1 2 )

where the œ{ are the mass fractions. From the theory 
of dilute polymer solutions, we have the relation6’7

(ßij +  2 M lA , { P — pB)) (13)
Pi

where M t is the molecular weight of species l and A 2 is 
the second virial coefficient of the osmotic pressure.8 
Thus, from eq. 8, 1 1- 13 , we may calculate multicom
ponent diffusion coefficients if we know the diffusion 
coefficients at infinite dilution and the solvent viscosity.

(5) S. R. de Groot and P. Mazur, “ Non-Equilibrium Thermo
dynamics,”  North-Holland Publishing Co., Amsterdam, 1962, pp. 
239-246.
(6) R. L. Scott, J. Chem. Phys., 17, 279 (1949).
(7) P. J. Flory and W. R. Krigbaum, ibid., 18, 1086 (1950).
(8) L. Mandelkern and P. J. Flory, ibid., 19. 984 (1951).
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The L wu defined by eq. 1 1  do not obey the Onsager 
reciprocal relations. The reason for this discrepancy 
is not known.8a Because of abundant experimental 
support,* 9 these symmetric relations are expected to 
hold experimentally for this system. A necessary and 
sufficient condition for their validity is10 11 12

GnDi2 +  G12D22 = (inD n  T  U22D21 (14)
where

atJ =
Pt W b M

P n V j W J Pl7*i,n
(15)

and V] is the partial specific volume of species j .  
These equations will allow testing the Onsager re
ciprocal relations with the data which follow.

Experimental
M aterials. The two polystyrenes used in these ex

periments were kindly provided by J. W. McCormick 
of the Dow Chemical Co. Sample S109 had a number- 
average molecular weight of 182,000 and a weight- 
average molecular weight of 193,000. Sample S i l l  
had a number-average molecular weight of 217,000 and 
a weight-average molecular weight of 234,000. These 
wreights were determined by sedimentation velocity 
experiments. Reagent grade toluene was used in all 
experiments.

Procedure. The Gouy interferometer and the pro
cedure used in these experiments have been described 
previously.11-13 The only change in experimental 
procedure was in the formation of the initial boundary. 
The boundary was first roughly formed. Diffusion 
was allowed to occur, and the boundary was reformed. 
The technique, which allows formation of the boundary 
with a smaller volume of solutions, is especially effective 
for polymers and proteins.14 15 Densities were calculated 
from partial specific volume data in the literature.16 
The value for the second virial coefficient in toluene, a 
good solvent, was taken as 3.96 X 10-4 cm.3 mole/g.2.16

The Gouy interferometer gives two experimental 
parameters, the “reduced height-area ratio” Da and 
the “ area under the fringe deviation graph”  Q. For 
a binary experiment, three assumptions are made: 
the diffusion coefficient is independent of composition, 
the refractive index varies linearly with composition, 
and the partial specific volumes are constant. In 
this case, D a equals the binary diffusion coefficient 
D (p ) at the average composition p, and Q is zero.

However, in the binary systems studied in this work, 
these assumptions are not valid. To remove the con
centration dependence, Da and Q must be measured 
at the same value of p but at different Ap. The true 
values are found from the extrapolations

Da =  D(p)[l +  P ( A p ) 2 +  . . . ]  (16)

Q =  S (  AP)2 (17)

The first of these relations has been verified both theo
retically and experimentally13'17-18 and the second 
experimentally.13 Similar relations have been veri
fied experimentally for ternary systems13: the param
eters Da and Q are extrapolated vs. (A p() 2 at constant 
p{ to (Api)2 =  0. For the ternary case, however, the 
limiting values of Da and Q are functions of the four 
ternary diffusion coefficients. Thus, a minimum of 
four experiments is required to eliminate concentration 
effects.

Results
The measured parameters of the binary and ternary 

experiments are given in Table I. The temperature of 
all experiments was 25.00 ±  0.004°. Four ternary 
experiments for each ternary point were made. The 
ternary diffusion coefficients relative to the volume 
average velocity are given in Table II.

By neglecting all but terms linear in the densities, 
the ternary diffusion coefficients predicted for this 
system are

D n =  3.766 X 10 -7 [1 +  2 A 2M 1(p -  p3) -
7.144.1s -  1.5902s] (18)

D a =  3.766 X 10-7(2A2Mi(p -  p,)) -

3.445 X 10“ 7( - )(3 .9 9  +  ^ 0 2s (19)

DM =  -3.766 X 10_7( ~ ) ( 5-06 +  +

3.445 X -  p3)) (20)

D22 =  3.445 X 10_7 [1 +  2A 2M 2( p  -  p3) -
1.7l0is -  7.1402s] (21)

(8a) Note Added in Pboof. The lack of reciprocity may be due 
to the model’s neglect of Brownian motion.
(9) D. G. Miller, Chem. Rev., 60, 15 (1960).
(10) L. A. Woolf, D. G. Miller, and L. J. Gosting, J. Am. Chem. Soc., 
84, 317 (1962).
(11) L. J. Gosting, E. M. Hanson, G. Kegeles, and M. S. Morris, 
Rev. Sci. Instr., 20, 209 (1949).
(12) R. P. Wendt, Ph.D. Thesis, University of Wisconsin, 1961.
(13) E. L. Cussler, Jr., and E. N. Lightfoot, J. Phys. Chem., 69, 1135 
(1965).
(14) The authors are indebted to Professor L. J. Gosting for suggesting 
this technique.
(15) D. J. Streeter and R. F. Boyer, Ind. Eng. Chem., 43, 1790 
(1951).
(16) W. R. Krigbaum and P. J. Flory, J. Am. Chem. Soc., 75, 1775 
(1953).
(17) L. J. Gosting and H. Fujita, ibid., 79, 1359 (1957).
(18) H. Fujita, ibid., 83, 2862 (1961).
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T a b le  I : E xperim ental R esults o f D iffu sion  E xperim en t''

1 =  p o ly m er S109, 2 =  po ly m er S i l l ,  3 =  toluene

E x p t .  no.*1 « 1 COT. 1 0 2Api 1 0 2Ap2 a J 1 0 73Da 10<Q

4 0 .00844 1 .5 23 7 6 .311 4 .7 0 5 2 1 .3
57 0 .00400 0 .6 9 1 3 4 .16 0 3 .9 5 3 4 .0
L° 0.00000 > 0 “ 0.00 (3 .7 6 6 )c ( 0 .0 ) '
62 0 .00549 0 .9 4 9 4 7 .17 5 3 .8 4 8 1 7 .6
58 0 .00400 0 .6 91 3 4 .16 2 3 .6 5 7 6 .9
L 0.00000 > 0 C 0.00 (3 .4 4 5 ) ' ( 3 . 1 ?
64 0.025001 0 .025007 - 0 . 0 0 2 1 .0 5 0 - 0 . 0 0 2 5 1 .81 5 8 .2 3 9 3 6 .3
61 0.02499S 0.024998 - 0 . 0 0 2 0 .6 0 9 - 0 . 0 0 3 3 0 .15 0 8 .2 6 8 3 1 .4
L 0 .0 25 0 0 .0 25 0 0.000 > 0° 0.000 0.00 (8 .2 8 4 ) ' ( 2 8 .8 ) '
60 0 .024999 0.025005 1 .051 0.000 1.000 51 .801 8 .6 6 3 - 2 1 . 6
63 0 .025003 0 .024997 0 .6 0 7 0.002 1 .0 03 3 0 .0 9 2 8 .5 8 5 - 2 6 . 7
L 0 .0 2 5 0 0 .0 25 0 > 0 ° 0.000 1.000 0.00 (8 .5 2 4 ) ' ( - 2 9 . 5 ) '
6 8 0 .01249 0.01251 - 0 . 0 2 2 0 .8 6 3 0.002 4 2 .4 6 4 5 .9 2 1 21.2
65 0 .01249 0 .01250 0.000 0 .6 0 6 0.000 29 .523 5 .8 3 4 1 8 .1
L 0 .0 12 5 0 .0125 0.000 > 0 “ 0.000 0.00 (5 .7 5 0 ) ' ( 1 5 .7 ) '
67 0 .01251 0 .01250 0 . 8 6 6 - 0 . 0 0 1 1 . 0 0 1 4 1 .57 6 6 .3 9 5 - 1 1 . 6
66 0 .01252 0 .01252 0 .6 0 8 0 . 0 0 1 0 .9 9 9 2 9 .88 6 6 .3 6 2 - 1 8 . 5
L 0 .0 12 5 0 .0 12 5 > 0 ' 0 . 0 0 0 1 . 0 0 0 0.00 (6 .3 3 0 ) ' ( - 2 5 . 0 ) '

“ an mass fra ction ; pt mass density  in  units o f g . /c m .3; a  fra ction  o f  refractive  in dex due to  com pon en t 1 ; J  to ta l n um ber o f  fr in g es ; 
3)a  reduced  h e igh t-area  ratio in  units o f  cm .2/s e c . ;  Q area under fringe dev ia tion  graph. b E xperim ents n um bered  ch ronolog ica lly . 
'  L im its o f  extrapolation  g iv ing  £>A and Q a t zero con cen tra tion  d ifference are g iven  in  parentheses.

T a b le  I I : M u lticom p on en t D iffu sion  C oefficients"

1 =  po lym er S1C9, 2 =  p o ly m er S i l l ,  3 =  toluene

i01 +  C02 107 D n b 107Di2 IO 'D ji 1 0 7Z>22

E xp tl.
0 . 0 0 0 0 3 . 7 6 6  ±  0 . 0 1 1 0 . 0 0  ±  0 . 0 0 0 . 0 0  ±  0 . 0 0 3 . 4 4 5  zb 0 . 0 1 0

0 . 0 2 5 0 4 . 4 6  =b 0 . 4 0 1 . 1 4  ±  0 . 3 8 1 . 7 3  ±  0 . 3 3 4 . 6 9  ± 0 . 3 2

0 . 0 5 0 0 4 . 2 0  ±  0 . 5 0 4 . 1 7  ±  0 . 5 0 4 . 2 1  =fc 0 . 4 8 4 . 2 3  ±  0 . 4 8

T heoret.
0 . 0 0 0 0 3 . 7 7 0 . 0 0 0 . 0 0 3 . 4 5

0 . 0 2 5 0 4 . 4 3 2 . 9 4 2 . 7 2 4 . 3 2

0 . 0 5 0 0 5 . 1 0 5 . 9 2 5 . 4 7 5 . 3 2

“ B ased  on  mass concentration  driving force . 6 D y  in  units o f
cm .V sec .

The diffusion coefficients calculated from these equa
tions are also given in Table II.

The test of the Onsager reciprocal relations was made 
from eq. 13 and 14 and the coefficients in Table II. 
The left-hand and right-hand sides of eq. 14 are re
ported in Table III, which shows the Onsager relations 
valid within the expected error. The expected error 
reported is based solely on that in the diffusion co
efficients.

Discussion
Before discussing the ternary results, we must first 

show that this system actually behaves as a ternary, 
that is, that each polymer behaves as a single species.

T a b le  EH: T ests o f  th e  O nsager R elations

T o ta l p o ly m er mass fraction 0 .0 2 5 0 0 .0 5 0 0
(L e ft-h a n d  side) X  10B/R Ta 20.0 2 9 .8
(R ig h t-h a n d  side) X  10b/R Ta 21.8 2 9 .9
D ifference" - 1 . 8 - 0.1
E x p ected  error6 ± 5 . 2 ± 6 . 9

“ In  units o f  cm .6/g .  see. 6 B ased on  error in  D y  alone.

The binary results shown in Table I show that polymer 
S109 may be so treated, since Q — 0 at infinite dilu
tion.215 However, polymer S i l l  may be treated as a 
single species only if an additional error in Q of ± 3  X
10-4 is allowed. Thus, in our ternary experiments, 
we have a ternary system with an error in 35 A of 0.4% 
and in Q of ± 5  X 10_4. These cause the large errors 
in the ternary diffusion coefficients shown in Table II.

The system polystyrene S 109-polystyrene S i l l -  
toluene shows significant multicomponent effects. 
The refractive index gradient shown by the system 
deviates sharply from the Gaussian shape character
istic of a binary system.

However, if the molecular weights of the principal 
species are close, a polydisperse polymer may be more 
closely approximated as a binary than the diffusion 
coefficients in Table II  lead one to believe. In other 
words, if the polymer is sufficiently monodisperse, 
both the coupling between species and the variation
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of the main terms have a small effect. As an illustra
tion, we consider as a polydisperse polymer a mixture 
of equal parts by weight of polymers S109 and S i l l .

The cross-term diffusion coefficients (Z>i2 and Z)2i) 
are of the same order of magnitude as the main-term 
coefficients. However, these large cross terms do not 
represent large hydrodynamic interactions between 
polymer molecules. They result from the sharp activ
ity gradients in the system. The L i2 and L21 would be 
expected to be small relative to Lu and L22 although the 
poor accuracy in Dt] prevents accurate calculation 
of the Ltj.

A  mixture of equal parts by weight of polymers S109 
and S i l l  will behave as a binary system even if dif
fusion coefficients based on concentration (the D{j) 
are used. This case corresponds to that of a polymer of 
slightly greater polydispersity than the samples used 
here. In such an experiment where Api =  Ap2, the 
refractive index gradient has a nearly Gaussian shape,
i.e., Q <  4 X  10~4. The “binary” diffusion coef
ficient of the mixture would actually correspond to the 
larger eigenvalue of the ternary diffusion coefficient 
matrix equal to l/ 2(Dn +  D 22 +  [(Du — Z>22)2 +  4Di2 X  
Z>21]1/2).

The theoretical prediction of the ternary diffusion 
coefficients is only qualitatively successful. The theory 
does predict an increase for the diffusion coefficients 
with polymer concentration, with a greater increase 
for the cross terms than for the main terms. However, 
the increase predicted is about twice that observed 
experimentally. The theory is not adequately tested 
because of the large activity corrections and because 
of the large concentrations of spheres. Since the ef
fective radius defined by Stokes’ law is about three 
times the radius for a solid sphere of polymer, a system 
with a polymer mass fraction of 0.02 would consist of 
55%  “spheres.”  Such spheres do not interact solely 
through their velocity fields, but overlap and collide. 
The polymer molecules become entangled and move 
more slowly. Thus, the diffusion coefficients observed 
experimentally should be smaller than those predicted 
theoretically, as is the case.
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Appendix
The evaluation of eq. 6 is exactly analogous to the 

corresponding development for a single species of 
spheres by Pyun and Fixman.4 To save space, equa
tions in this reference are directly referred to by follow
ing the equation number with the letter P.

By arguments paralleling eq. 23P-25P, eq. 6 may be 
written

v< -  v„u =  [v,(l) -  v„u(l)] +  X X  X
i - 1

\ -  \ ff‘ s W)(r)-v /2) dF(r) -  f"E w(r) : [V2S w (r)]sym-
L J a j J  <rij

v ,(l)d F (r ) -  f °E  w (r) : [V¡¡Ew (r)]sym:
J  <rij

[V2S w (r)]8ym-vi (2) dF(r) +  . . .  (22)

where S w (r), E w (r), [V2S w (r)]sym, and [V2E w (r)]sym 
are identical with eq. 14P, 15P, 33P, and 37P if a is every
where replaced with ak. Higher terms, which lead to 
very complex algebraic ratios of the sphere radii, are 
small for spheres of similar size and have been neglected.

The first term may be integrated in a similar fashion 
to eq, 30P and 3IP to yield

S W)(r)-v,(2) dF(r) =  2»*,[<r„» -  a,*]v,(2) (23)
aj

The second term is integrated to give (cf. eq. 33P- 
36P)

r ^ E ^ W a V s S W W f^ -v ^ l )  dF(r) =
J  cij

▼«(1)
5ircq3a< VeV +  Vseq2 a j W

v il - L 5  < v J
(24)

The third term gives

f °E ü)(r): [V2E w (r)]sym: [V2S°')(r)]sym-vi(2) dF(r) =
«/ aij

v/ 2 )tt
'5  a /c q 6

_ 6 tr4/

5a/dj3 +  8a/aj6 ] lla /a /'
8<ry 8

+
Til J

(25)

The combination of eq. 23-25 with eq. 22 leads to the 
result given in eq. 8.
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Energy-Transfer Processes in Dilute Solutions of Organometallics in Benzene. 

Radiation Chemistry and Luminescence Quenching

by D . B. Peterson, T . Arakawa, D . A. G . Walmsley, and Milton Burton

Department of Chemistry and the Radiation Laboratory,1 University of Notre Dame, Notre Dame, Indiana 4-6556 
(Received February 8, 1965)

The perphenyl compounds of Sn, Pb, As, Sb, and Bi dissolved in benzene experience radio- 
sensitized decomposition when the solutions are exposed to 60Co 7-radiation. The products 
include biphenyl, the phenylcyclohexadienes, and tetrahydroquaterphenyls. The per
phenyl metals have no true effect on G(H2) or G(C2H 2) from the benzene itself. It has 
previously been established that these same compounds quench luminescence in benzene 
solutions containing such scintillators as 1,4-diphenyloxazole or p-ter phenyl. The kinetics 
of the processes are compared, and it is shown that the state of benzene which yields H 2 or 
C2H 2 is neither one which yields biphenyl via the metal perphenyls nor one which transfers 
energy to a scintillator and that the state which transfers energy to a scintillator (i.e., 
the 1B 2u state of benzene) is a relatively minor contributor to sensitized decomposition of the 
metal perphenyls. Effects of locally high concentration of free phenyl radical are revealed 
in the relatively large amount of biphenyl produced in the sensitized decomposition. 
Silicon and germanium tetraphenyls show none of the reactions exhibited by the other 
perphenyls; the fact is linked to longer lifetimes of their excited states.

1. Introduction

Organometallic compounds of the type M (C 6H6)4, 
where M  is Si, Ge, Sn, or Pb, quench high-energy-in
duced luminescence of organic scintillators in benzeiie 
solutions.2 For deaerated solutions the significant
processes involved may be summarized as

S ------ S* (0)

S* — >  S (1)

S* +  X  — >■ S +  X *  (3)

X *  — >  X  +  hv (6)

S* +  D  — ■> S +  D  (7)

S* -  D  — >  S +  D * (8)

D * — >  D  or products (9)

where S, X , and D  here refer, respectively, to solvent,3 
scintillator, and quencher. In benzene solutions the 
excited state responsible for luminescence via processes 
3 and 6 has been shown to be the first excited singlet 
state of benzene (i.e., 1B2u),4 and the quenching proc

esses of interest are those involving deactivation of this 
state by the quencher, i.e., (7) and (8). Deactivation 
of excited scintillator by the quencher has been shown 
to be unimportant in these systems.2

Kropp and Burton found that Sn(C6H 6) and Pb- 
(CeBh^ are very efficient quenchers of the sensitized 
fluorescence of scintillators such as p-ter phenyl and
9,10-diphenylanthracene in benzene.2 From a kinetic 
analysis of their data, they obtained ka/ki(y'0 in their 
terminology) equal to 1300 and 1740 M~x for Sn(C6H6)4 
and Pb(C6H 5)4, respectively. Ge(C6H5)4, on the other 
hand, is relatively inefficient (y'0 =  196 M~x), and 
Si(C6H6)4 produces no measurable quenching.

(1) The Radiation Laboratory is operated by the University of Notre 
Dame under contract with the Atomic Energy Commission. This is 
A.E.C. Document No. COO-38-375.
(2) J. L. Kropp and M. Burton, J. Chem. Phys., 37, 1752 (1962).
(3) In other contexts S may refer to the solution in toto; cf. M. Bur
ton, M. A. Dillon, C. R. Muffin, and R. Rein, ibid., 41, 2236 (1964).
(4) S. Lipsky and M. Burton, ibid., 31, 1221 (1959); S. Lipsky, W. P. 
Helman, and J. F. Merklin, “ Luminescence of Organic and Inorganic 
Materials,”  John Wiley and Sons, Inc., New York, N. Y., p. 83.

The Journal of Physical Chemistry



Energy T ransfer in Solutions of Organometallics in Benzene 2881

This report includes the results of a study of the prod
ucts formed during “ Co 7-irradiation of dilute solutions 
of metal tetraphenyls and triphenvls in benzene and of 
the effect of those compounds on high-energy-induced 
luminescence of organic scintillators in that solvent.

2. Experimental

2.1. Chemicals. Baker Analar benzene was purified 
by three successive crystallizations with rejection of 
about one-fourth of the benzene at each freezing. Re
crystallized benzene was dried with sodium. Silicon 
and germanium tetraphenyls (obtained from Anderson 
Chemical Co.) and tin and lead tetraphenyls (supplied 
by Metal and Thermit Co. and by K  & K  Laboratories, 
respectively) were purified by recrystallization from 
benzene. Arsenic and antimony and bismuth tri
phenyls (obtained from Eastman Organic Chemicals) 
were purified by recrystallization from a 4:1 mixture of 
ethanol and ether.

2.2. Apparatus and Procedures. Exposure cells of 
ca. 5-cc. volume, constructed from 30-mm. o.d. Pyrex 
tubing, were employed in all irradiations. Irradiations 
were conducted at ambient temperature either in an 
underground 60Co source of about 800 curies or in our 
10-kcurie 60Co facility. Approximate dose rates for 
these two sources for the geometries employed were 
about 4 X  1017 and 2 X  1018 e .v./g . min., respectively. 
Prior to irradiation, solutions were thoroughly de
aerated by a reflux method commonly employed in this 
laboratory5 6 and sealed under vacuum. After irradia
tion, cells were attached to a vacuum line via break- 
seals, and product gases were collected and measured in 
conventional manner. An initial gas fraction collected 
at liquid N 2 temperature consisted almost exclusively 
of H 2. Acetylene was collected at —80°.

2.8. Analyses. Gas fractions were analyzed with a 
Consolidated 21-103A mass spectrometer.

Liquid products were analyzed by vapor phase chro
matography without prior concentration of solutions 
and, in general, immediately after the cell was opened 
to the atmosphere. F & M  Models 609 and 810 gas 
chromatographs equipped with flame-ionization detec
tors were used for all analyses.

Irradiated solutions of the metal perphenyls in ben
zene were analyzed on a 0.635 cm. X  3 m. column 
packed with silicone grease on firebrick and operated at 
160°. This column separated biphenyl and the two iso
meric phenylcyclohexadienes (the latter two were only 
partially resolved), which are the major products of 
irradiation. Qualitative analysis was based on a com
parison of observed retention times with those of pure 
substances; phenylcyclohexa-2,5-diene was kindly 
made available for this purpose by M . Eberhardt.

Quantitative analysis was based on a comparison of ob
served peak areas with those obtained for standard solu
tions injected periodically during each series of analyses.

2.4- Injection-Port Temperature Effect. The bi
phenyl analysis was strongly dependent upon the tem
perature of the injection port of the gas chromatograph. 
This effect6 was observed in analysis of irradiated 
benzene as well as in analysis of benzene solutions of 
the organometallics, but not with unirradiated control 
solutions containing biphenyl. A t sufficiently high in
jection-port temperatures (the temperature varies with 
the organometallic) the metal perphenyls are them
selves pyrolyzed and produce biphenyl, but the effect 
under consideration is observed below the pyrolysis 
temperature of the organometallics.

W e were unable to establish the cause of this tem
perature effect but pyrolysis of a reaction product in 
the injection port with resultant production of biphenyl 
is a possibility. It was found that “on-column”  
injection eliminates this difficulty, and hence all bi
phenyl analyses were performed using this technique of 
sample introduction.

2.5. Luminescence Quenching. Apparatus and pro
cedures used for studies of luminescence quenching are 
described in previous publications from this labora
tory.7’8
3. Results

8.1. Pure Benzene. Yields of products from the 
radiolysis of benzene have been repeatedly determined.9 
The present investigation produced the following 
values: (?(H2) =  0.040; G(C2H 2) =  0.02; G((C6H 5)2) 
=  0.065; (r(Ci2Hi2)10 =  0.050. No attempt was made 
to determine yields of other products.

3.2. Radiolysis of Benzene Solutions of the Metal 
Perphenyls. The relatively limited solubilities of the 
group IV -A  metal tetraphenyls in benzene restricted 
the concentration range to a maximum of about 10-2
M. The more soluble group V -A  metal triphenyls were 
studied over a concentration range extending to nearly 
10-1 M. Within these concentration ranges none of 
the metal perphenyls had an effect on (r(H2) or 6-'(C2H 2) 
such as would reflect a change in the processes of ben
zene radiolysis.11

(5) L. M. Theard and M. Burton, J. Phys. Chem., 67 , 59 (1963).
(6) We are indebted to S. B. Srivastava for discovery of this effect.
(7 ) J. L. Kropp and M. Burton, J. Chem. Phys., 3 7 , 1742 (1962).
(8) M. Burton, P. J. Berry, and S. Lipsky, J. chim. phys., 52, 357 
(1955).
(9) W. M. Patrick and M. Burton, J. Am. Chem. Soc., 7 6 , 2626 
(1954); J. P. Manion and M. Burton, ./. Phys. Chem., 56, 560 (1952); 
S. Gordon, A. R. Van Dyken, and T. F. Doumani, ibid,., 6 2 , 20 
(1958); T. Gatlmann and R. Schuler, ibid., 65, 703 (1961).
(10) (7(Cells)2) is G(biphenyl), and C?(Ci2Hu) refers to total G for the
two isomeric phenylcyclohexadienes.
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Si(C6H 6)4 and Ge(C6H5)4 have no effect on either 
G((C6H 6)2) or G(C12H12) . However, Figures 1-5 show 
that the other metal perphenyls cause increases of 
G!((C6H 6)2) and, to a lesser extent, of (x(Ci2Hi2). G 
values were determined from plots of yield vs. dose at 
low conversion.

Presumably, other products, in particular organo- 
metallic compounds, are formed during radiolysis. In 
the case of Pb(CeH6)4, metallic lead was detected; at

Figure 1. P rod u ct yields for “ C o y-radiolysis 
o f  P b (C oH 5)4 in  benzene.

F i g u r e  2. G ffC eH d i) for “ C o  7-radiolysis 
o f  S n (C 6H 5)4 in  benzene.

[As(C6H b) 3], units of 10 2 M .

Figure 3. P rod u ct yields fo r  “ C o 7-radiolysis 
o f  AsfCuH sb in  benzene.

Figure 4. P rod u ct yields for  “ C o 7-radiolysis 
o f  SbiC sH sh in  benzene.

[BiCCeH^a], units of 10 “ 2 M .

F i g u r e  5. P r o d u c t  yields for “ C o 7-radiolysis 
o f  B i(C 6H 6)3 in  benzene.

high conversions, lead actually deposits on the walls of 
the irradiation cell. Attempts to determine the yield 
of lead at low dose were unsuccessful.

Solutions of the other organometallics are clear and 
colorless after irradiation, presumably because they are 
not reduced to the free metal. Irradiated solutions of 
Bi(C6Hs)3 turned yellow after exposure to air, and a 
white solid, approximately 6 0%  by weight bismuth, 
precipitates from solution. No attempt was made to 
determine the yields of this product.

S.3. Luminescence Quenching. Values of y 'o for 
the group IV -A  metals have been reported by Kropp 
and Burton.2 Table I includes those values together 
with y 'o for the group V -A  triphenyls obtained in this 
study. Si(C6H E)4 is omitted from the table because it 
does not quench luminescence.

4. Discussion

4-1. Information from Luminescence Studies. The 
chemical consequences of “ Co Y-hradiation of benzene 
solutions of the metal perphenyls are qualitatively con
sistent with luminescence quenching studies. Thus, 
the tetraphenyls of Sn and Pb, which are excellent 11

(11) Sn(C6H6)4 greatly reduces both G(Ciih) and G(Ci2Hi2), but such 
reductions are the result of secondary reactions with SnfCjHi)», a 
decomposition product of Sn(CnH5)4.
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Table I : Values o f  y\  an d  o f  i/sa

Compd. 7'o,6 M -1 */«,“ ikf-i

G e (C 6H 5)4 196° ^/0
S n (C 6H 6)4 1300' 70
P b (C 6H 6)4 1740' 237
A s (C 6H 5)3 300 50
S b (C 6H 5)3 440 93
B i(C 6H 6)3 500 142

° V alues o f  in te rcep t/s lop e  g iven  b y  Figures 6 and 7. 6 y'o 
determ ined from  studies o f  lum inescence quenching. 7 'o is b y  
definition  fa/fci. 0 V alues determ ined prev iou sly  b y  K ro p p  and 
B u rton .2

Figure 6 . A (?((C 6H 6)2 )-1 vs. [M (C 6H 6)4] - 1 fo r  “ C o
7-irradiation  o f  S n (C 6H 6)4 and P b (C e E 5)4 in  benzene.

quenchers, undergo significant sensitized decomposi
tion12 at low concentrations. Arsenic, antimony, and 
bismuth triphenyls, which are somewhat less effective 
quenchers, also undergo sensitized decomposition. 
Sensitized decomposition is not observed for either 
Ge(C6H6)4 or Si(C6H5)4; the former is a relatively in
efficient quencher, and the latter apparently does not 
quench at all. On the basis of optical spectra, Si- 
(C6H6)4 and Ge(C6H 6)4 would be expected to accept 
energy from benzene with efficiencies comparable to 
those of Sn(C6H 6)4 and Pb(C6H 6)4. In the interpreta
tion of their luminescence quenching data, Kropp and 
Burton suggested that excited states of silicon and 
germanium tetraphenyls may be sufficiently long-lived 
to permit energy transfer to the scintillator.2 In sup
port of this suggestion, we find that direct excitation of 
silicon and germanium tetraphenyls by 2537 A. light does 
not lead to measurable decomposition although tin 
and lead tetraphenyls dissociate with quantum yields of 
a few tenths.13

[MCCcHb)*]”1, units of 102 AT-1.

Figure 7. A (?((C 8H 6)2) - 1 vs. [M (C sH 6)3] fo r  “ C o 
7 -irradiation  o f arsenic, antim on y, and  bism u th  triphenyls.

A direct quantitative comparison of luminescence 
yields and chemical yields is not presently possible be
cause reliable G values for luminescence are not avail
able. However, some estimate may be made on the 
basis of evidence afforded by the work of Hastings and 
Weber14 on systems containing 3 g. of 2,5-diphenyl- 
oxazole (PPO) and 50 mg. of 2 ,2'-p-phenylbis(5-phenyl- 
oxazole) (POPOP) per liter of toluene excited by 
hexadecane-l-14C. In that case the luminescence is 
exclusively from the POPOP, and G(photons) «  1.8. 
If it is assumed that (r(photons) would not be increased 
by increase in scintillator concentration in that case, 
that a possible L E T  effect can be ignored, and that the 
information obtained applies to benzene systems, we 
can adopt the value (7max(photons) =  1.8, a number 
significantly higher than any of the product yields found 
in this work.

jf.2. Chemical Processes. For initiation of discus
sion we represent the processes involved in a sensitized 
decomposition by the set of reactions

B -------- -- B i * ,  B 2* , B 3* , . . .  (0)

B i *  — ►  B  ( 1 )

(12) Sensitized decomposition in these oases implies that energy 
initially deposited in the system is localized in benzene molecules 
before it is transmitted to M(C#Hs)„. The possibility of an important 
amount either of initial energy deposition in individual M(CeHs)„ 
molecules or of secondary energy localization in such molecules (in 
preference to localization in benzene molecules) must be discounted 
in these cases simply because the M(CsH5)„ is present in such small 
concentrations relative to the benzene.
(13) Details of the photochemistry of these systems will be published 
elsewhere.
(14) J. W. Hastings and G. Weber, J. Opt. Soc. Am., 53, 1410 
(1963).
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B2* — ► (C6H5)2, C12H12 (la)

B3* —> H2, C2H2 (lb)

Bi* +  M(C6H6)„ —> B +  M(C0H6)re* (8)
M(CeH6)K* —> M(C6H6)re-o +  a(C6H6) (9)

M(C6H5)re* —> M(C6H6)n (10)
Reaction 0 (c/. section 1) indicates that energy deposited 
in the system is localized in various excited states of 
benzene which yield a number of distinguishable (but 
not necessarily definable) excited species.

Reaction lb  is required because reaction 8 has no 
effect on G(H2) or G(C2H 2). Reaction lb may, in fact, 
involve more than one primary precursor (B3* in our 
notation), and B 3* is not necessarily an excited benzene 
molecule (it may be an ion). The possibility that states 
B2* and B 3* are the same cannot be ignored but it is not 
pertinent here.

The stoichiometric details of reaction 9 and subse
quent reactions leading ultimately to biphenyl and 
phenylcyclohexadiene are not essential to this discus
sion. However, from the known chemistry of these 
compounds, it would be expected that a is 2 when 
M  is Sn and 4 when M  is Pb. This stoichiometry 
is supported by unpublished photochemical experi
ments in this laboratory. In the case of the group V -A  
triphenyls, the stoichiometry is less certain but 1 5S a 
S 2. Phenyl radicals generated by reaction 9 are ex
pected to produce biphenyl and phenylcyclohexadiene 
via the sequence 11, 12a in the competitive set

C6H5 +  CeH6 — ► OuHu 
/  (C6H6)2 +  Cl2Hl2

2C12H u /

> C24H22

(11)

(12a)

(12b)

where CmH h is phenylcyclohexadienyl radical and 
C24H 22 is tetrahydroquaterphenyl. Considerable sup
port for this mechanism exists in the literature,15 and 
Eliel and co-workers have shown that (12a) is consider
ably more important than (12b).15

Our observation that (/((CgHsA) is much greater than 
(?(Ci2H 12) in the sensitized decomposition of M(CeH6)K 
suggests that 12a is not the only source of biphenyl. 
The fact that biphenyl is not a product when the various 
M (C 6H 5)n are dissociated by direct excitation at 2537 A. 
in dilute cyclohexane solutions18 indicates that addi
tional biphenyl does not appear to result from a dissocia
tive process such as

M (C 6H 6)B — ► M (C6H5)k_2 +  (C6H 6)2 (13)

Quite possibly G(C6H 6)2) is greater than G(Ci2Hi2) 
because of the reaction

C6H6 +  C12Hn ► CeHe +  (C6H 5)2 (14)

This reaction would be particularly important in re
gions of high phenyl radical concentration such as are 
possible when M (C 6H 6)re dissociates to two or more 
phenyl radicals in a single step or in a sequence of fairly 
rapid steps.

4.3. Excited States and Specific Rates. A  simple 
steady-state treatment of the proposed mechanism 
leads to the expression

G ( -M ( C 6H 6)n)

where

M [ M ( C 6H 5)J  
h  +  fc8[M (C6H 6)n] (I)

A =  k*G(B x*)/(fc, +  kl0)

In this notation, G(Bi*) is the 100-e.v. yield of excited 
benzene molecules capable of transferring energy to 
M(CeH6)re via reaction 8. The k’s refer to specific rates 
of reactions indicated by subscripts; ki is the specific 
rate for the totality of processes other than (8) by which 
Bj* returns to the ground state.

In terms of biphenyl production, eq. I becomes

G((C6H6)2) = Gb((C6H6)2) + fc8«[M(C6H6)ra] 
fci +  fc8[M(C6H6)„] (II)

where Gb((C6H 5)2) is the 100-e.v. yield of biphenyl for 
pure benzene, a =  Af, and /  is a factor expressing the 
stoichiometric relationship between A(7((C6H 5)2; and 
G ( -M ( C 6H 6)rc).

It is apparent from eq. II that, at sufficiently low 
concentrations of M (C 6H 6)n, G((C6H 6)2) increases 
linearly with [M (C6H 6)„] and that, at high solute con
centrations, G((C6H 5)2) reaches a plateau. Equation II  
may be rearranged to

1/AG((G6H 6)2) =  -  +  -^-[MtCeHs)* ]-1 (III)
a  Ks<x

Figures 6 and 7 show plots of experimental values of 
l/AG((CeH5)2) against [MÌCeROJ^1. Values of inter- 
cept/slope, i/s, for the various metal perphenyls ob
tained from Figures 6 and 7 are summarized in Table I 
together with values of y'0 from studies of luminescence 
quenching.

The large difference between i/s obtained from chem
ical studies (presumably kg/ki on the basis of the kinetic 
scheme up to this point) and y'o from luminescence 
studies for a given organometallic indicates that trans
fer from the 1B2u state of benzene (the state responsible

(15) D. F. deTar and R. A. Long, J. Am. Chem. Soc.t 80, 4742 (1958); 
E. L. Eliel, S. Meyerson, Z. Welvart, and S. H. Wilen, ibid., 82, 2936 
(1960); E. L. Eliel, M. Eberhardt, O. Simamura, and S. Meyerson, 
Tetrahedron, 17, 749 (1962).
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or luminescence of organic scintillators) is not the only 
process involved in sensitized decomposition. The 
additional process may be excitation transfer from a 
state other than 1B2u; i.e., in benzene solution the state 
Bi* in reaction 1, equivalent to 1B 2u in such case, is 
not the only one which enters into a reaction such as (8).

Processes such as electron capture and positive charge 
transfer cannot be definitely ruled out. However, such 
processes generally do not begin to plateau at the rela
tively low solute concentrations involved in this study.16

If a second energy-transfer process to metal perphenyl 
involving B 4* is introduced, the production of such an 
entity must be included, and the following reactions 
must also be considered

B 4* — ► B (15)

B4* +  M (G 6H 6)rc — >  B +  M (C 6H 5)„** (16)

M (C 6H 6)n** — >  M (C 6H 6)re_a +  oC6H 6 (17)

M (C 6H 6)k** — ► M (C 6H 6)n (18)

where the possibility exists that M (C 6H 6)re** may not 
behave precisely like M (C 6H 6)re*. The steady-state 
expression for A(7((C6H 6)2) now becomes

A(7((C6H 6)2) =
ksa[ M (C 6H 5)ra] 

h  +  ks[M (C 6H 6)J  +

M T M (C 6H 5)m]
ki6 +  ki6[M(C6H6)„]

(IV)

where ß has meaning analogous to a ; i.e.

13 =  /fc17(r(B4*)/(ic17 +  ku) (V)

Equation IY  suggests that over the range of M (C 6H 6)K 
concentrations employed (i.e., 2 X  10-3 to 8 X  10~2 M),  
the value of 1/A G ((C 6H 5)2) would not be expected to be a 
strictly linear function of [M (C6H 8)n]_1 but the rela
tionship could be closely linear if a and jS differ in 
magnitude. Figures 6 and 7 unquestionably show such 
linear relationship. The conclusion thus is that either 
a  or (3 is relatively unimportant; i . e . ,  G(B4*) is either 
significantly larger or much smaller than (r(Bi*).

Studies in this laboratory13 on photochemical proc
esses in solutions of Pb(C6H 6)4 in benzene irradiated 
with 2537-A. light, as well as certain other experimental 
facts, lead to the following argument and conclusions.

(1) The quantum yields, $ , of the processes and 
products of interest are related by the statement $  
( -P b (C 6H 6)4) =  (a/2), $ ((C 6H 8)2).

(2) A t [Pb(C6H 5)4] ~  10“ 2 M, the limiting value of 
$ ( —Pb(C6H 6)4) found was iS ~ 0 .1 .

(3) A t such a concentration of Pb(C6H 6)4, reaction 
1, which represents nonproductive decay of the 1B2u

state of benzene in the photochemical case, is practically 
nonoccurrent.

(4) The 1B2u state is the one which transmits energy 
to the scintillator in both ultraviolet- and 7-irradiated 
systems.3

(5) The 1B2u state is the state which is quenched 
when luminescence is quenched.3

(6) The *B2u state is thus involved, via reactions 8 
and 9, in high-energy, as well as in ultraviolet, induced 
processes in benzene.

(7) The limiting value $ ( —Pb(CeH6)4) ~  0.1 (i.e., 
when ?t ~  0) in photolysis thus indicates that fcio

and that, at the maximum, the number of Pb- 
(CeH5)4 molecules decomposed is only one-tenth the 
number of excited B molecules produced in the 
state.

(8) According to section 4.1., it is possible that 
(r(photons) in benzene containing suitable scintillator 
may be as high as 1.8. If the efficiency of excitation 
transfer from exicted benzene to scintillator \pt is ~ 0 .7 17 
and the scintillator emission efficiency \j/e is « 0 .9 5 ,18 it 
follows from the presumed relationship (r(photons) =  
4,t'PeG(1B2a) that G(1B2u) is ~ 2 .7 . Lipsky19 has re
cently concluded on the basis of new data that a better 
value for (7(1B2u) is ~ 1 .7 . Methods based on the as
sumption of efficiency of energy conversion into photons 
lower than the 5 .25%  given by Hastings and Weber14 
lead to lower values of Gr(1B2u).

(9) Thus, ^(reaction 9) A 0.1 X  2.7 =  0.27 and is 
probably ^0 .17 .

(10) However, according to Figure 6, AG((C6H 6)2) 
in the radiation-sensitized process approaches ~ 1.2 as 
a limit; i.e., G(—Pb(CeH6)4) 0.6 as a lower limit. 
Therefore, in the process of decomposition of Pb(C6H 5)4, 
reaction 8 (with the ensuant reaction 9) cannot be the 
only contributor. Indeed, it would appear that /? can 
actually be significantly greater than a.

(11) Consequently, it is probable that in radiation 
chemistry the state 1B2u makes a minor contribution, if 
any, to the radiation-sensitized decomposition of the 
metal perphenyls. The states represented by B 4* 
which make an important contribution to such a de
composition are not those which enter into reaction 
lb nor, as nearly as can be judged on the basis of the

(16) Vi. Van Dusen, Jr., and W. H. Hamill, J. Am. Chem. Soc., 64, 
3648 (1962).
(17) Estimated from data on toluene by S. G. Cohen and A. Weinreb, 
Proc. Phys. Soc. (London), B69, 593 (1956).
(18) From experiments by R. J. Povinelli and M. A. Dillon, of this 
laboratory, who compared results for solutions with the results of 
E. A. Andreeshchev and I. M. Rozman, Opt. Spectry., 8, 435 (1960), 
for p-terphenyl in plastic.
(19) S. Lipsky, private communication.
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linear relationship between l/A(r((CaH6)2) and 1/  
[1VI(Caplg)n] (c/. Figures 4 -7), into reaction la.

(12) The consequence of these facts is that the 
kinetics of radiation-sensitized decomposition of the 
metal perphenyls is adequately represented by the 
simple Stern-Volmer relation

1 /A £ ((C 6H 5)2) =  l  +  ^ [ M ( C 6H 6)K]-1 (VI) 
/3 * 16/3

The specific rate k 15 is independent of the additive. 
Thus, the values of i/s in Table I represent approxi
mate *is/*is values and are consequently not identifiable 
with 7</ values which presumably are properly equated 
to kg/ki.

(13) The values of the intercepts in Figures 6 and 7 
are themselves interesting.

i =  (fcn +  kls) /fknG(Bi*) (VII)

Because (7(B4*) is not known, it is not possible to es
tablish the value of fen/(kn +  ha), which, in any case, 
must be g  1. Thus, for Pb(C6Hs)4 (w ith / necessarily 
^  2) because i — 0.8, it follows that G(B.4*) is signifi
cantly greater than 0.6. It may be inferred from the 
relation fc9/(fc9 +  kw) =  0.1, that kn /(kn  +  ha) is also 
significantly <  1. Thus, it is quite probable that G (B4*) 
is significantly greater than (7(Bi*).

The qualitative correlation between y'0 and i/s is to 
be expected in view of the fact that both quantities 
reflect an excitation-transfer process. The quantita
tive difference is ascribable, of course, to the fact that 
y'o =  ka/h and i/s =  fc16/fciB.

Lives and Fates of Excited States. The values of y'o 
yield the Specific rates of reaction V III provided h  = 
1 /r , where t is the decay time of the state Bi*. Most 
recent results indicate that the proper r to use is 16.0 
nsec.20 Thus, k s is 1.1 X  10n iff-1 sec.-1 for 
Pb(C6H 6)4. The values of ks so obtained pertain to the 
behavior of the li$2U state. Doubtless, the high values 
are indicative of resonance transfer21 of energy (as well 
as a possible effect of size of benzene domains22). Be

cause benzene and the metal perphenyls can be assumed 
to display many similarities in their excited states, it 
can be reasonably assumed that B4* interaction with 
M(CeH5)re (reaction 16) behaves approximately like the 
1B2u state in similar interaction (8). The decay time 
of B 4* may then be estimated from the value ku/kis, 
(for Pb(C6H 6)4) =  237 M~l (of. Table I). The relation 
fcie ~  ks gives t(B4*) =  l/fci6 «  2.1 nsec. The inter
pretation of this approximate value is that the com
plete compendium of states corresponding to the group 
of excitation donor species B 4* survives on the average 
about 2.1 nsec, without, to any significant degree, yield
ing the 1B 2u state of benzene or any state which would 
normally decompose; internal conversion processes
(15) responsible for the disappearance of B 4* proceed 
either in cascade or in parallel or in both to the ground 
state almost exclusively. Such a conclusion might 
appear somewhat more striking than (but is consistent 
with) the conclusion of Braun, Kato, and Lipsky,23 
based on spectroscopic data, that higher excited states 
of benzene yield the 1Bu2u state with efficiency “ signifi
cantly less than unity.”

It should be emphasized that states which convert 
very rapidly to the 1B2u state are not identifiable as B 4* 
states but are included in (j(1B2u) ; i.e., upper states 
which yield IB2u or states decomposing very rapidly 
are not ruled out by the argument here offered.

Acknowledgment. The authors are greatly indebted 
to Dr. Robert R. Hentz for his generous and very helpful 
criticism of this paper.

(20) M. A. Dillon and M. Burton, Radiation Res. Suppl., in press. 
Cf. T. V. Ivanova, G. A. Mokeeva, and B. Ya. Sveshnikov, 
Opt. Spectry., 12, 325 (1962), who find r equals either 7 or 22 nsec, 
(the presentation is not clear) for pure liquid benzene, using a phase- 
shift technique. The new result is, however, in substantial agree
ment with those from a number of other sources.
(21) The maximum specific rate for a collision-controlled process in 
benzene is ^5 X 1010 M _1 sec.-1. Cf. C. R. Mullin, M. A. Dillon, 
and M. Burton, J. Chem. Phys., 40, 3053 (1964).
(22) Cf. M. Burton, M. A. Dillon, and R. Rein, ibid., 41, 2228 
(1964).
(23) C. L. Braun, S. Kato, and S. Lipsky, ibid., 39, 1645 (1963).
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The Heats of Combustion, Formation, and Isomerization of 

Isomeric Monoglycerides1,2

by Leonard S. Silbert,1 2 3 4 5 6 7 8 B. F. Daubert, and Leo S. Mason

Department of Chemistry, University of Pittsburgh, Pittsburgh, Pennsylvania {Received February 12, 1965)

Heats of combustion for the isomeric monoglyceride series ranging from monocaprin to 
monostearin and for one pair of unsubstituted benzoylmonoglycerols were determined and 
used for calculating the heat of formation, heat of isomerization from the enthalpy difference 
of the isomers, and energy increment per CH2 for their solid states. The heat of isomeri
zation ranged from — 1.99 to —3.84 kcal. mole-1 for the aliphatic monoglycerides and 
— 1.08 kcal. mole-1 for the aromatic series in contrast to a reported value of —9.52 kcal. 
mole-1 . The kinetic equilibrium constant reported for the isomerization of 2-monoglyc
eride to 1-monoglyceride was compared to the equilibrium constant computed from their 
isomerization energies. An entropy difference for the monopalmitin pair, AS° =  —5.6 
cal. deg.-1 mole-1 , was derived and interpreted. The energy increment per CH2 ranged 
from 154.65 to 155.87 kcal. mole-1 , and the possible reasons for the range are briefly dis
cussed.

Introduction

Pure aliphatic and aromatic 2-monoglycerides have 
been prepared and characterized,4-8 and their rear
rangement to 1-monoglycerides have been studied 
under acid, alkaline, and thermal conditions.9'10 The 
rearrangement was recently demonstrated to be a re
versible reaction, 2-monoglyceride <=* 1-monoglyceride, 
in which the 1-isomer is the predominant component 
in the equilibrium.10

Clarke and Stegeman11 determined the heats of 
combustion for a single pair of monoglycerides, the 
monopalmitins, whose enthalpy difference provided 
the heat of isomerization evolved in the rearrangement. 
Their value of —9.52 kcal. mole-1 afforded thermody
namic evidence of the greater stability of 1-mono
glycerides, but they also acknowledged this isomeri
zation energy to be unusually large when compared 
to differences of 0 .5-3 .5  kcal. mole-1 normally obtained 
for isomeric pairs.12 To confirm the reliability to their
1-monopalmitin heat of combustion value, they also 
reported preliminary heats of combustion on 1-mono- 
myristin whose energy seemed to compare favorably 
with that calculated from their 1-monopalmitin value 
by including Rossini’s13 heat of combustion per CH2 
group.

Because the anomalously large isomerization energy 
was reported on only a single pair of isomeric mono
glycerides, this investigation was undertaken on both

(1) This paper is based on the Ph.D. thesis of L. S. Silbert, June 
1963.
(2) The authors extend their appreciation to Swift and Co. for a re
search grant that made this work possible.
(3) Eastern Regional Research Laboratory, Eastern Utilization Re
search and Development Division, Agricultural Research Service, 
U.S.D.A., Philadelphia, Pa. 19118.
(4) M Bergmann and N. M. Carter, Z. physiol. Chem., 191, 211 
(1930).
(5) B. F. Stimmel and C. G. King, J. Am. Chem. Soc., 56, 1724 (1934).
(6) B. F. Daubert, H. H. Fricke, and H. E. Longnecker, ibid., 65, 
1718 (1943).
(7) J. B. Martin, ibid., 75, 5482 (1953).
(8) 0. E. van Lohuizen and P. E. Verkade, Rec. trav. chem., 78, 460 
(1959).
(9) B. F. Daubert and C. G. King, J. Am. Chem. Soc., 60, 3003 
(1938).
(10) G. E. van Lohuizen and P. E. Verkade, Rec. trav. chem., 78, 133 
(1959).
(11) T. H. Clarke and G. Stegeman, J. Am. Chem. Soc., 62, 1815 
(1940).
(12) (a) F. D. Rossini, J. Res. Natl. Bur. Std., 46, 111 (1951), butenes 
(2.05 kcal. mole-1); (b) M. S. Kharasch, ibid., 2, 339 (1929), methyl 
butyrates (1.4 kcal. mole-1); (c) F. D. Rossini, ibid., 35, 141 (1945), 
phenylpropanes (0.67 kcal. mole -1) ; (d) G. S. Parks and G. E. Moore, 
J. Chem. Phys., 1, 1066 (1939), propanols (3.35 kcal. mole-1).
(13) F. D. Rossini, Ind. Eng. Chem., 29, 1425 (1937).
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series ranging from 10 to 18 carbon atoms per even- 
membered fatty acid chain in order to re-evaluate the 
energy difference between isomers. Reliable pro
cedures for preparing a series of isomeric monoglycerides 
in high chemical and physical purity and the avail
ability of a modern, high precision calorimeter per
mitted accurate heat of combustion measurements 
for these compounds.

Two monobenzoylglycerols were also included in 
this investigation to provide similar thermochemical 
evidence of relative stabilities for an aromatic mono
glycerol pair whose physical properties are in the 
reverse relationship observed for the aliphatic series. 
The aromatic 2-monoglycerols exhibit higher melting 
points and lower solubilities than their 1-isomers, 
but like aliphatic 2-monoglycerides, they similarly 
rearrange to their 1-isomers in acidic or basic solution. 
This reversal in physical properties incurs uncertainty 
on establishing the relative stability of the aromatic 
isomers in the absence of thermodynamic information.

Experimental

Materials. Pure fatty acids used in the syntheses 
were derived from commercial fatty acid sources by 
fractional distillation and saponification of their 
methyl esters followed by repeated acetone crystal
lizations of the purified acids, excepting capric acid 
which crystallized from petroleum ether. The purest 
grade of benzoic acid was used for the monobenzoyl- 
glycerol preparations.

1- Monoglycerides. Established methods were
followed for preparing 1-monoglycerides14-18 which 
were crystallized from the following solvents: 1-
monostearin and 1-monopalmitin from methanol- 
ethyl ether cosolvent, 1-monomyristin and 1-mono- 
laurin from ethyl ether-petroleum ether (b.p. 35-50°) 
cosolvent, and capric acid from petroleum ether.
1- Monobenzoylglycerol19 was repeatedly crystallized 
from a 3 :1  ethyl ether-petroleum ether cosolvent that 
was progressively cooled to —20° and seeded with a crys
tal of the compound at 5° to prevent oiling. The hy
groscopic nature of the crystallized product necessitated 
storage over a drying agent.

2- Monoglycerides. The 2-acyl-l,3-benzylidene- 
glycerol intermediates were prepared by a slight, 
though critically important, modification of the 
Stimmel and King procedure.6’20

After reduction of the benzylideneglycerol inter
mediates, the 2-monolgycerides were isolated from 
solution and crystallized from the following solvents:
2- monostearin and 2-monopalmitin from methanol,
2-monomyristin from ethyl ether-petroleum ether mix
ture containing some methanol, and 2-monolaurin and

2-monocaprin from an ethyl ether-petroleum ether 
mixture. 2-Monobenzoylglycerol crystallized from ethyl 
ether-petroleum ether-methanol mixture (17 :5 :1 ) at 
— 5° after seeding and the hygroscopic product stored 
over a drying agent.

Criteria of Purity. The purity of each mono
glyceride was checked by capillary melting point, 
periodic acid oxidation,21 acid number, saponification 
equivalent, and hydroxyl value.22 Periodic acid oxi
dation of vicinal hydroxyl groups is a distinctive test 
to differentiate 1-monoglycerides from the 2-isomers.
1-Monoglyceride values were within 0 .5 %  of the 
theoretical values. All of the aliphatic 2-mono
glycerides gave slight positive values ranging from 0.15 
to 0 .95% , but these are considered to be spurious.23 
These results combined with acid number, saponifi
cation number, and hydroxyl value indicate a minimum 
chemical purity of 99.5% .

Two physical techniques were attempted.24 Samples 
of 1- and 2-monostearin analyzed by infrared spectra 
gave spectra that were practically identical. Recent 
infrared studies25 report differences between the isomers, 
but it is apparent from this work that the technique is 14 15 16 17 18 19 20 21 22 23 24 25

(14) E. Fischer, M. Bergmann, and E. Barwind, Her.. 53, 1589 
(1920).
(15) E. Fischer and E. Pfahler, ibid., 53, 1606 (1920).
(16) E. Fischer, ibid., 53, 1621 (1920).
(17) H. P. Averill, J. N. Roche, and C. G. King, J. Am. Chem. Soc., 
51, 866 (1929).
(18) T. Malkin and M. R. E. Shurbagy, J. Chem. Soc., 1628 (1936).
(19) M.p. 41.2-41.8°; van Lohuizen and Verkade8 report 40-41 °.
(20) The Stimmel and King procedure6 using pyridine as solvent in 
the acylation step led to a product invariably contaminated by a 
palladium catalyst poison that either inhibited reduction of the 2- 
acyl-l,3-benzylideneglyceroI compounds or induced isomerization 
to the 1-isomer on reducing the acylals under forcing conditions. 
Acylation of 1,3-benzylideneglycerol in a neutral solvent like chloro
form and restriction to a slight excess in the quantity of pyridine used 
as acid acceptor eliminated those difficulties formerly encountered in 
the reduction step of the intermediates and in the isolation step of 
the desired 2-monoglycerides.
(21) (a) W. D. Pohle, V. C. Mehlenbacher, and J. H. Cook, Oil & 
Soap, 22, 115 (1945); (b) E. Handschumaker and L. Lenteris, ibid., 
24, 143 (1947).
(22) C. L. Ogg, W. L. Porter, and C. O. Willits, Ind. Eng. Chem., 
Anal. Ed., 17, 394 (1945).
(23) It was observed both in this study and elsewhere10 that the 
longer the aliphatic 2-monoglycerides remained in the acetic acid 
oxidizing solution, the more extensive was transposition to the 1- 
isomers. The method is more reliable for the more stable aromatic 
2-monoglycerides which shift too slowly to be observed in the time 
interval of the analysis.
(24) Since completion of this work, additional physical techniques 
have been developed for the analysis of monogylcerides such as thin 
layer chromatography [A. F. Hofmann, / .  Lipid Res., 3, 391 (1962) ], 
countercurrent distribution [E. S. Perry and G. Y. Brokaw, J. Am. 
Oil Chemists’ Soc., 32, 191 (1955)], and vapor phase chromatography 
[A. G. Mclnnes, N. H. Tattrie, and M. Kates, ibid., 37, 7 (I960)].
(25) (a) D. Chapman, J. Chem. Soc., 55 (1956); (b) H. Susi, S. G. 
Morris, and W. E. Scott, J. Am. Chem. Soc., 38, 199 (1961).
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unsuitable for determining traces of one isomer in the 
other.

The solubility method of analysis, proposed by 
Herriott26 27 as a physical criterion to test chemical purity, 
was tried on the 1-monoglycerices. The technique 
will not be described here owing to its lack of success, 
the reader being referred to the thesis1 for further 
details. Those solubility results obtained on the three 
monoglycerides submitted to the test are as follows with 
the solvents, temperatures, and solubility in g. of com- 
pound/100 g. of solvent (reported to two significant 
figures in lieu of the four figures experimentally ob
tained): 1-monostearin (methanol, 30°, 2.5); 1-
monopalmitin (methanol, 30°, 8.0; methanol, 25°, 
7.8; methyl ethyl ketone, 25°, 4.4; benzene, 25°, 
0.46) ; 1-monolaurin (benzene, 25°, 2.6).

The most stable physical state for these monoglyc
erides was required for combustion. 1-Monoglyc- 
erides are known to exhibit four polymorphs, the fit, 
modification being the most stable form while the 2- 
monoglycerides appear to be monomorphic. Further 
elaboration of this topic is made redundant by the 
recent review.27 The melting points obtained for the 
fiL form of the 1-monoglycerides agreed excellently 
with the highest reported melting values.18'28 Melting 
points for the 2-isomers also agreed with their reported 
values.6’28

To supplement chemical analysis in support of the 
purity of monoglycerides, the following methods were 
used to replace the previous physical procedures. 
Some samples of 1-monostearin and 1-monopalmitin 
were solvent crystallized two or three times, followed 
by combustion of samples from each crystallized lot. 
Separate preparations of 2-monopalmitin were made 
from separately prepared palmitoylbenzylideneglycerol 
intermediates, each of which was also prepared 
from individually purified palmitic acid and benzyl- 
ideneglycerol fractions. 1-Monocaprin, 1-monolaurin, 
and 1-monomyristin were obtained from their shifted
2-monoglyceride isomers, and the combustions were 
compared to those of the 1-monoglycerides synthesized 
through the isopropylidene intermediates. The re
maining compounds were single preparations.

Apparatus and Method. Calorimeter. The calorim
eter employed in this investigation was patterned after 
that of Dickinson29 and has been described.30 Modi
fications made in the instrument have been discussed 
by Nathan31 32 and Rulon.82 The calorimeter chamber 
was thermostated at 25.000 ±  0.003°. The mass 
of the calorimeter can and water weighed 2200.00 ±  
0.05 g. using a large capacity balance with a sensitivity 
of ±0 .0 1  g. The “ Emerson double-valved bomb” and 
all connecting parts within the reaction chamber were

stainless steel, the bomo having a capacity of 545 ml. 
A  measured volume of water (1.5 ml.) was added to the 
bomb prior to each combustion determination. Igni
tion wire used in the standardization and monoglyceride 
combustions was approximately 7.5 cm. in length per 
determination. The bomb was filled to an oxygen 
pressure of 450 p.s.i.g. after two flushings at this pres
sure.

The temperature-measuring equipment, consisting 
of a National Bureau of Standards platinum resistance 
thermometer, Mueller temperature bridge, galvanom
eter, and auxilliary mirror to lengthen the galvanometer- 
to-scale distance, was supplied by Leeds and North- 
rup Co. Electrical firing energy determinations taken 
in the absence of sample gave an average value of 6.00 
±  0.26 cal.

Preparation of Samples. Since all of the compounds 
submitted to study were solids, the procedures for 
standardization and samples were identical. Each 
compound was dried at 30° and 1 mm. before combus
tion.

(a) Benzoic Acid Standardization. The procedure 
for the standardization of the bomb was previously 
explained.30-31 The benzoic acid used was National 
Bureau of Standards Sample 39g, with a certified heat 
of combustion of 26.4338 ±  0.0026 absolute joules 
g._1 (weight in vacuo) which calculated to 6317.83 ±  
0.62 cal. g._1 (weight in vacuo) by using the conversion 
factor of 1 cal. equals 0.0041840 absolute kjoule and 
using a density of 1.320 g. cm.-8 at 25° for benzoic acid. 
The bomb calorimeter was standardized with 1.5 g. of 
benzoic acid per calibration to give an approximate 
temperature rise of 3.3°.

(ib) Monoglycerides. Sample weights were chosen 
to give a temperature rise comparable to the standardi
zations. A  sample was transferred to a pill maker and 
compressed to a solid disk between two hard-surfaced 
cardboard disks. Any loose particles on the surfaces 
and edges were blown away by means of a gentle air 
jet before weighing the sample in a nickel crucible. 
The monobenzoylglycerols were hygroscopic com
pounds, but special precautions were not taken during 
the weighings as no significant weight changes were

(26) R. M. Herriott, Federation Proc., 7, 479 (1948).
(27) D. Chapman, Chem. Ret., 62, 433 (1962).
(28) L. J. Filer, Jr., S. S. Sidhu, B. F. Daubert, and H. E. Longen- 
ecker, J. Am. Chem. Soc., 66, 1333 (1944).
(29) H. C. Dickinson, Bull. Bur. Std., 11, 243 (1915).
(30) (a) T. H. Clarke, Thesis, University of Pittsburgh, 1939; (b) 
T. H. Clarke and G. Stegeman, J. Am. Chem. Soc., 61, 1726 (1939).
(31) C. C. Nathan, Thesis, University of Pittsburgh, 1948.
(32) R. H. Rulon, Thesis, University of Pittsburgh, 1951.
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evident on reweighing several samples within a 15-min. 
period.

Combustion Product Corrections. Unburned ignition 
wire and loss of weight of the nickel crucible were de
termined, and the appropriate combustion corrections 
were made for each run. Traces of nitric acid produced 
in the combustions were not determined on every 
sample. An average of three nitric acid determina
tions per tank of oxygen consumed was sufficient for 
use in the combustion calculations since the contribu
tion of the nitric acid to the combustion values was only 
0.003 to 0.006%  of the total energy.

Densities of Mcnoglycerides. Density determina
tions for the solid aromatic monoglycerides were ob
tained by a pycnometer procedure.33 The insolubility 
of aromatic monoglycerides in isooctane permitted 
density measurements by displacement of their satu
rated solutions. Solubility in isooctane was obtained 
by evaporation of the saturated solutions.

Specific Heats. Computation of the Washburn 
corrections,34 requires a knowledge of the specific 
heat of each compound. For this purpose the method 
of mixtures of an elementary design was employed using 
for the equipment a silvered flask, copper U-tube slug 
(approximately 10-ml. capacity) as sample container 
with a close-fitting cap easily sealed with beeswax, 
and Beckmann thermometer, and stirrer (cf. thesis for 
details1). The method, on checking against calori
metric benzoic acid as a test compound, agreed within 
2 %  of the accepted average value for 0 -25°.

Results

Units of Measurement and Auxiliary Data. All 
data reported are based on the 1961 atomic weights35 
(carbon, 12.01115: hydrogen, 1.00797; oxygen,
15.9994), the 1951 fundamental constants,36 and the 
definitions: 0°C . =  2 7 3 .1 5 °K ; 1 cal. =  4.1840 
absolute joules; R =  1.98717 cal. deg.-1 mole-1 . 
The laboratory standard weights had been calibrated 
at the National Bureau of Standards. For use in re
ducing weights in air to in vacuo and in correcting to 
standard states, densities and specific heats of the 
monoglycerides are required. The densities of the 
solid aliphatic monoglycerides were taken from 
Merker’s37 studies. Density determinations for the 
aromatic monoglycerides, obtained at 30.00 ±  0.05° 
and accurate to ± 0 .1 % , are 1.302 g. ml.-1 for 1-mono- 
benzoylglycerol and 1.286 g. ml.-1 for 2-monobenzoyl- 
glycerol. The derived solubilities in g./lOO g. of iso
octane are 0.034 for 1-monobenzoylglycerol and 0.007 
for 2-monobenzoylglycerol. Results of the specific 
heat measurements are listed in Table I together with 
values calculated from Kopp’s law for comparison.

T ab le  I : Specific Heats of Monoglycerides

1-M ono-
glyceride

-Cp, cal. deg . _1 g ._I— 
2-M ono
glyceride CalcdA

Stearin 0.407 0.407 0.421
Palmitin 0.410 0.404 0.416
Myristin 0.411 0.400 0.412
Laurin 0.390 0.380 0.408
Caprin 0.398 0.403
Benzoylglyceride 0.291 0.288 0.314

“ From Kopp’s law.

To compute the values of the standard heat of forma
tion of monoglycerides, the following values were used 
for the standard heats of formation of carbon dioxide 
and water, in kcal. mole-1 : C 0 2(g), —94.0517; 
H 20(1), —68.3149. These values are from N.B.S. 
Circular 50038a with corrections for changes in molecu
lar weights of C 0 2 and H20 .38b

Determination of Temperature Rise. All calculations 
were identical for the standardization and mono
glyceride heat runs. The method of Dickinson89 
was used for each temperature rise determination to 
correct for the total resistance change for heat transfer 
between the calorimeter and jacket.

Reduction to Standard States. The complete pro
cedure for the “ Washburn corrections” and reduction to 
standard conditions is given by Washburn.34 —AEC 
and — AEcM~l are the evolved heat of the bomb 
process in kcal. mole-1 and cal. g .-1 , respectively, and 
— A £b ° is the standard change in internal energy in 
kcal. mole-1 .

Calorimetric Results. An energy equivalent series 
of 11 calibrations gave an average value of 2859.54 ±  
0.43 cal. deg.-1 which was used in the calculations for 
the 12 monoglycerides studied. To ensure against 
any changes in energy equivalent during the combus
tion studies, standardizations made once every 3 or 
4 days agreed excellently with the determined value. 33 34 35 36 37 38 39

(33) N. Bauer, “ Physical Methods of Organic Chemistry,” Vol. I, 
Part 1, A. Weissberger, Ed., Interscience Publishers, Inc., New 
York, N. Y., 1949, Chapter VI, pp. 253-296.
(34) E. W. Washburn, J. Res. Natl. Bur. Std., 10, 525 (1933).
(35) A. E. Cameron and E. Wichers, J. Am. Chem. Soc., 84, 4175 
(1962).
(36) Natl. Bur. Std. (U. S.) Tech. News Bull., 47, 175 (1963).
(37) (a) D. R. Merker and B. F. Daubert, J. Am. Chem. Soc., 80, 
516 (1958); (b) D. R. Merker, Thesis, University of Pittsburgh, 1951.
(38) (a) F. D. Rossini, D. D. Wagner, W. H. Evans, S. Levine, and I. 
Jaffe, National Bureau of Standards Circular 500, U. S. Government 
Printing Office, Washington, D. C., 1952; (b) N. K. Smith, D. W. 
Scott, and J. P. McCullough, J. Phys. Chem., 68, 934 (1964).
(39) H. C. Dickinson, Bull. Bur. Std., 11, 189 (1915).
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The heat of combustion data obtained for 2-mono- 
palmitin are typical of all the experimental data. 
These data are shown in Table II where AR is the cor
rected resistance rise in ohms; AT, the corrected tem
perature rise in °C .; m, the in vacuo mass in grams; 
AE-w, the Washburn corrections; AE x the total heat 
correction for the burned fuse wire, nickel crucible 
loss, nitric acid formation, and ignition energy; Sapp, 
the energy equivalent of the calorimeter system; and 
M, the molecular weight.

T a b le  II : T h e  Standard State H eat o f  C om bu stion  o f 
2 -M on op alm itin  a t 25°

A R, A T, - A  E'/
cor. cor. M ,
rise, rise, Sapp AT7, AI?W> A152, cal.

Sample ohm ° c . cal. cal. cal. m, g. g . -1

A -l 0.312411 3.08862 8 ,832 .04 19.25 16.28 1.05118 8404.85
2 0.284771 2.81507 8 ,049.79 17.25 13.63 0.95789 8407.45
3 0.270039 2.66963 7 ,633 .90 16.33 18.90 0.90795 8405.01
4 0.388641 3.84193 10,986.16 24.54 17.18 1.30777 8406.31

B -l 0.398507 3.94036 11,267.60 25.62 15.22 1.34146 8407.26
2 0.359066 3.55060 10,153.09 22.80 15.47 1.20885 8405.03
3 0.391025 3.86730 11,058.71 25.38 19.07 1.31606 8407.69
4 0.270703 3.66522 10,480.86 23.48 20.43 1,24712 8406.49

Mean 8406.26
Std. dev.: s =  1.17; 3 =  1.33

Results for the two series of monoglycerides are sum
marized in Table III. The standard deviations ranged 
from ± 0 .0 1 4 %  for 2-monopalmitin to ± 0 .0 4 5 %  for
2-monobenzoylglycerol and averaged ± 0 .0 2 7 %  for the 
combined series.

Derived Results. The standard heat of combustion, 
AH0°, and the heat of formation, AHf°(298.15°K .),

T a b le  H I : Sum m ary o f  C om bu stion  E xperim ents

Compound Formula

N o. of 
samples 
measd.

AE0°/M  zk s, 
cal. g . -1

2-M onostearin

2-M on og ly cerides  

C 21Ï Ï42O4 8 8 6 1 7 .8 5  ±  1 .5 2
2 -M onop alm itin C 19H 38O4 8 8 4 0 6 .2 6  ±  1 .3 3
2 -M on om yristin C 17H 34O 4 8 8 1 5 8 .1 7  ±  1 .4 1
2-M onolaurin C 15H 30O4 7 7 8 6 3 .2 8  ± 1 . 4 2
2-M on ocap rin C 13H 26O 4 6 7 4 9 7 .5 4  ± 1 . 6 9
2 -M on ob en zoy lg ly cero l C 10H 12O 4 7 5 9 4 2 .6 6  ±  1 .3 1

1-M onostearin

1 -M onoglycerides  
C 21H 42O4 8 8 6 07 .11  ± 1 . 1 6

1 -M onop alm itin C 19H 38O 4 8 8 3 9 7 .1 8  ±  1 .5 6
1-M onom yristin C 17H 34O 4 10 8 1 5 0 .5 7  ± 1 . 1 5
1-M onolaurin O15H 30O 4 7 7 8 5 6 .1 6  ±  1 .4 1
1-M on ocap rin C 13H 26O 4 8 7 4 8 4 .7 9  ±  1 .2 1
1 -M on ob en zoy lg ly cero l C 10H 12O4 7 5 9 3 7 .0 7  ±  1 .3 4

in kcal. mole-1 for the solid state are given in Table IV  
with the results of AEc and AE-r. In addition to these 
values, the differences in the heats of formation be
tween 2- and 1-monoglycerides representing the heat 
of isomerization and the energy increment per C H 2 

group, AH(pih), within each of the two isomeric series 
are assembled in Tables V  and VI, respectively.

Treatment of Data. The procedure of Rossini and 
Deming40 was followed in the assignment of uncer
tainties. An estimate of the standard deviation for 
single observations of a set of n measurements is de
noted by s, and the “over-all” standard deviation as
signed to the average mean obtained from the combina
tion of all of the standard deviations involved with 
each of the sets of observations in accordance with the 
law of propagation of precision indicies is denoted by
5. The accuracy interval s assigned to the arithmetic 
mean of a set of combustion determinations is de
termined from the uncertainty interval assigned to the 
thermometric value for the calorimetric standard 
benzoic acid, the standard deviation of the arithmetic 
mean of the set of calibrations, the estimate of the 
standard deviation of the arithmetic mean of a set cf 
monoglyceride combustion determinations, and the 
uncertainty interval assigned to the Washburn cor
rections and firing energy, the latter two combined in 
an estimate of 1.0 ca l./10,000 cal.

For a rejection of a few divergent measurements ob
served in this investigation, Chauvenet’s criterion was 
conveniently applied.41

Interpretation and Significance of Data. The heats 
of isomerization obtained in this investigation are in 
the order of magnitude normally expected for isomeric 
pairs of compounds with values ranging from — 1.99 
to — 3.84 kcal. mole-1 for the aliphatic isomers and 
— 1.08 kcal. mole-1 for the aromatic isomers. These 
results contradict Clarke and Stegeman’s isomeri
zation value of —9.52 kcal. mole-1 . Their heats of 
combustion for 1-monopalmitin and 2-monopalmitin 
are 0.16 and 0 .40%  higher, respectively, and their 
isomerization energies are approximately three times 
our values which are internally consistent.

The decreasing progression in the heats of isomeri
zation for the monostearin-monolaurin sequence and 
the relatively large increase for the monocaprin pair 
are of interest. The data may be reviewed by the 
following considerations: (1) the progression is spur
ious and could be represented by an average value since

(40) F . D . R ossin i and  W . E . D em ing , J. W ash. A cad . Sci., 29 , 416 
(1939).
(41) A . G . W orth in g  and  J. G effner, “ T reatm en t o f  E xperim enta l 
D a ta ,”  John  W ile y  and  Sons. In c ., N ew  Y o r k , N . Y., 1943, pp . 170, 
319.
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Table IV : Sum m ary o f  D erived  Values for 25°

- A f f f 0 ( 2 9 8 . 1 5 ° K . ) ,
— AE0, kcal. mole-1 — A£b°, kcal. mole-1 — AH0°, kcal. mole 1 kcal. mole 1

2-M onoglycerides
2 -M onostearin 3090.07 ± 0 .5 5 3 0 88 .85  ±  0 .5 5 3093.89 ±  0 .5 5 315 .81 ±  0 .6 3
2 -M onop alm itin 2778.37 ± 0 .4 4 2 7 77 .28  ±  0 .4 4 2781.72 ±  0 .4 4 3 0 3 .2 5 ±  0 .5 2
2 -M on om yristin 2 467 .50 ± 0 .4 3 2 4 66 .49  ±  0 .4 3 2 4 70 .34 ±  0 .4 3 2 8 9 .8 9 ±  0 .4 9
2-M onolau rin 2 157 .72 ± 0 .3 9 2 1 5 6 .7 6  ±  0 .3 9 2160.02 ±  0 .3 9 2 7 5 .4 8 ±  0 .4 5
2 -M on ocap rin 1847.02 ± 0 .4 2 1846.20  ±  0 .4 6 1848.87 ±  0 .4 6 2 6 1 .9 0 ±  0 .5 0
2-M on oben zoylg ly cero l 1165.98 ± 0 .2 6 1165.10  ±  0 .2 6 1165.69 ±  0 .2 6 1 8 4 .7 2 ±  0 .2 9

1-M onoglycerides
1 -M onostearin 3086.22 ± 0 .4 2 3085.01  ±  0 .4 2 3090.05 ±  0 .4 2 3 1 9 .7 5 ±  0 .5 2
l-M on op a lm itin 2 7 75 .37 ± 0 .5 1 2 774 .23  ±  0 .5 1 2 7 78 .67 ±  0 .5 1 3 0 6 .3 0 ±  0 .5 8
1 -M onom yristin 2465.21 ± 0 .3 5 2 4 6 4 .0 7  ± 0 . 3 5 2467.92 ±  0 .3 5 292 .31 ±  0 .4 3
1-M onolaurin 2 1 55 .76 ± 0 .3 9 2 1 5 4 .7 7  ±  0 .3 9 2158.03 ±  0 .3 9 2 7 7 .4 7 ±  0 .4 5
1-M onocaprin 1843.88 ± 0 .3 0 1 8 43 .04  ±  0 .3 0 1845.71 ±  0 .3 0 2 6 5 .0 6 ±  0 .3 5
1 -M onoben zoylg lycerol 1164.88 ± 0 .2 6 1164.02  ±  0 .2 6 1164.61 ±  0 .2 6 1 85 .80 ±  0 .2 9

Table V : H eats o f  Isom eriza tion  for  M on og lycerid es“

- [ A f f 0°(2 -M G ) -  4 S ,°(1 -M G )1 ,
kcal, m ole-1

M on ostearin
M on op a lm itin
M on om yristin
M on olaurin
M on ocap rin
M on ob en zoy lg ly cero l

3 .8 4  ±  0 .6 9  
3 .0 5  ±  0 .6 7  
2 .4 2  ±  0 .5 5  
1 .9 9  ±  0 .5 5  
3 .1 6  ±  0 .5 5  
1 .0 8  ±  0 .3 7

“ E n th alpy  difference betw een  2- and 1-m onoglycerides.

Table VI : E n ergy  Increm en t per C H 2 for 
A lip h atic M on oglycerides

S tearin -pa lm itin
P alm itin -m yristin
M yristin -la u rin
L au rin -cap rin

-------- — AR(CH2),a
2-Monoglycerides

155 .78  ±  0 .3 5  
1 5 5 .4 0  ±  0 .3 0  
154 .82  ±  0 .2 9  
155 .28  ±  0 .3 0

kcal, m ole-1-------------- .
1-Monoglycerides

1 5 5 .3 9  ±  0 .3 3  
1 5 5 .0 8  ±  0 .3 1  
1 5 4 .6 5  ±  0 .2 6  
155 .87  ±  0 .2 5

° A H (ch2) =  on e-h a lf the en th alpy difference betw een  succes
sive even -carbon  hom ologs.

a heat of isomerization is obtained by the difference 
between two large numbers that would result in a 
relatively large error; (2) the progressive decrease in 
the monostearin-monolaurin sequence is valid, but the 
monocaprin value is in error; or (3) the observed 
sequences from monostearins to monocaprins are real 
and acceptable. With reference to (1), were the 
average value of —2.89 kcal. mole-1 most probable, 
the extreme values of monostearin and monolaurin

would not overlap this average within their experi
mental precisions. However, the difference of nearly
1.9 kcal. mole-1 between monostearin and monolaurin 
exceeds the sum of their experimental precisions by 1.5 
s in partial support of the observed progression even 
though differences between adjacent homologous pairs 
are exceeded by their combined deviations. With ref
erence to (2), if each of the observed isomerization ener
gies is discrete, the increase exhibited by the monocaprins 
requires explanation, though only speculation can be 
made at this time. The higher isomerization energy for 
the monocaprins would not likely be attributed to a 
higher energy polymorphic form as a contaminant in 
the 1-isomer for this would lead to a diminished energy 
difference between the isomers. A  higher energy poly
morph for 2-monocaprin, should it exist, could account 
for the difference. It has been recently reported that
2-monoglycerides show the existence of another poly
morphic form,42 but this claim, based on solubility 
studies, must be held in reservation pending confirma
tion by techniques other than solubility, particularly 
in view of the complications encountered in our solu
bility test. In consideration of (3), the isomerization 
energies reported in this paper refer to isomer differ
ences determined for the solid states so that the observed 
sequence may be a reflection of differences in their 
sublimation energies. With differences in sublima
tion energies between successive homoiogs amounting 
to about 1.5 kcal. mole-1 (vide infra), it appears un
likely that this large a difference would exist between 
closely structured long-chain isomers. Unfortunately, 
the data currently available on sublimation energies

(42) S. C. Smith, Dissertation Abstr., 23, 2326 (1963).

The Journal of Physical Chemistry



Heats of Combustion, Formation, and Isomerization of M onoglycerides 2893

of fatty acid derivatives do not permit more definite 
conclusions.

Since the heats of isomerization show a progression, 
the energy increment per CH2 for this data must simi
larly progress. The CH2 energy increments of Table 
V I differ by 1.4 to 2.6 kcal. mole-1 from the CH2 
increment reported by Clarke and Stegeman, who 
claim agreement with Rossini’s value13 for gaseous hy
drocarbons. The agreement between their CH2 energy 
increment obtained for the solid state and the gaseous 
state CH2 energy increment is entirely fortuitous; it 
is well known that the CH2 energy increments for these 
different states of aggregates differ by an amount de
pendent upon the heat of sublimation. The most re
cent values for the CH2 energy increment in A / /C(g) are 
157.44 kcal. mole-1 for the normal paraffins above C4H10 
and 157.46 kcal. mole-1 for alcohols above C4H 9O H .43 
Sublimation energy CH 2 increments of 1.5 to 1.8 kcal. 
mole-1 are reported for several classes of compounds.44 
The increments per CH2 in AHc(s) are, therefore, ex
pected to be in the range of 155.5-156 kcal. mole-1 in 
support of the increments derived for the mono
glycerides in Table VI. Consequently, Clarke and 
Stegeman’s CH2 energy increment must be in error by 
at least 1.5 kcal.

The heat of isomerization (1.08 kcal. mole-1) for 
the aromatic monoglycerides is of the same order of 
magnitude as reported for the propylbenzenes (0.67 
kcal. mole-1) 120 but is approximately one-third of the 
aliphatic monoglyceride values. Although the iso
merization energy is small, nevertheless, 2-monoben- 
zoylglycerol is energetically comparable to the ali
phatic 2-monoglycerides by having a heat of combus
tion larger than its 1-isomer. This is supporting evi
dence of its lower thermochemical stability which is 
contrary to the relative stability that would generally 
be deduced from the reversed relationship observed 
from its melting point and solubility characteristics.

Thermochemistry of the Equilibrium. In the rela
tion AF° =  AH° — TAS° the free energy change equals 
the enthalpy change when AS° is zero and is related to 
the equilibrium constant of the reversible reaction, 2- 
monoglyceride vv 1-monoglyceride, by the equation 
AF° =  —RT In (1 -M G /2-M G ). (1 -M G /2-M G  is the
per cent ratio of 1-monoglyceride to 2-monoglyceride.) 
The per cent of each isomer at equilibrium, calculated 
from the isomerization energy of — 1.08 kcal. mole-1, 
is 14%  2-monobenzoylglycerol and 86%  1-mono- 
benzoylglycerol. This result is in excellent agreement 
with the position of the equilibrium for the aromatic 
monoglycerides determined kinetically by van Lohuizen 
and Verkade10 to be 12%  2- and 88%  1-monoglyceride. 
(Conversely, by use of 1 -M G /2-M G  =  88 : 12, AF°

is computed to be — 1.18 kcal. mole-1 in comparison 
with our experimental value of — 1.08 kcal. mole-1 .) 
The agreement between AF° and AH° confirms a 
negligible, if any, entropy difference of AS° =  0.3 ±
1.0 cal. deg.-1 mole-1 between these isomers.

The equilibrium position for the monopalmitin 
pair has been determined by Martin45 to be 10 -8 %  2- 
monopalmitin and 9 0 -9 2 %  1-monopalmitin, a result 
substantially confirmed (15 -12%  2-isomer and 8 5 - 
88%  1-isomer) by Rrokaw, Perry, and Lyman.46 
Assuming a zero entropy difference and, as a first 
approximation, equating AF° to the transition energy 
of —3.05 kcal. mole-1 for the monopalmitins, the equi
librium is calculated to be 0 .5 %  2- and 99.5%  1- 
monopalmitin, a result that disagrees significantly 
with the reported equilibrium values. The assump
tion that AS0 for the aliphatic monoglycerides is zero 
or negligible appears to be unjustified. Calculating 
for AS° by using the Martin range of values for 1- 
M G /2 -M G  =  90:10 and 92 :8 , AF° =  -1 .3 0  and 
— 1.44 kcal. mole-1, respectively, and combining these 
results with AH° =  —3.05 ±  0.67 kcal. mole-1 , 
AS° is calculated to —5.6 ±  2.2 cal. deg.-1 mole-1 . 
(Similarly, Brokaw’s values lead to AS° =  —6.7 ±
2.2 cal. deg.-1 mole-1 .) The negative entropy difference 
for the aliphatic monoglycerides47 may be tentatively 
interpreted on the basis of available, though limited, 
physical data on the solid compounds.

Nuclear magnetic resonance of monoglycerides48 
shows that the /3l forms give rise to large second mo
ments for 1-monostearin (19.9 ±  1.7 gauss2), 1-mono- 
myristin (19.7 ±  1.3 gauss2), and 2-monopalmitin 
(18.2 ±  0.9 gauss2). The smaller second moment 
for 2-monopalmitin shews that for this isomer the hy
drocarbon chain has relatively more freedom of motion 
about the chain axis.

(43) J. H. S. Green, Chem. Ind. (London), 1215 (1960), and references 
contained therein.
(44) (a) A. R. Ubbelohde, Trans. Faraday Soc., 34, 282 (1938);
(b) K. L. Wolf and H. Weghofer, Z. physik. Chem., 339, 194 (1938);
(c) M. Davies and V. E. Malpass, J. Chem. Soc., 1048 (1961); (d)
H. A. Swain, Jr., L. S. Silbert, and J. G. Miller, J. Am. Chem. Soc., 
86, 2562 (1964), and references contained therein.
(45) J. B. Martin, ibid., 75, 5483 (1953).
(46) G. Y. Brokaw, E. S. Perry, and W. C. Lyman, J. Am. Oil 
Chemists' Soc., 32, 194 (1955).
(47) A referee validly objected to the AS° calculation for not having 
allowed for activities of the components in the measured solution 
systems for obtaining the equilibrium constant and similarly correct
ing the heats of formation by heats of sublimation prior to computing 
the heats of isomerization. Lacking such data, it may be conjec
tured that the over-all effects are small as the quantitative differences 
between the isomers are expected to be nil. It is statistically sig
nificant that the absolute value of AS° is about 2.6 times the standard 
deviation.
(48) D. Chapman, R. E. Richards, and R. W. York, J. Chem. Soc., 
436 (1960).
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Infrared spectroscopic examination of the OH stretch
ing band (3200-3600-cm.-1 region) and of the carbonyl 
stretching band (1700-cm.-1 region) has been reported 
for monoglyceride isomers and polymorphs.26a'49 50 51 52 In 1- 
monoglycerides, the OH and C = 0  stretching bands are 
observed to move to lower frequencies and higher fre
quencies, respectively, in the order liquid -► « l -► 
sub-aL -*■ f t /  -*■ f t , which is also the order of increasing 
stability of the polymorphic forms. Chapman268, 
interpreted this to be the order of increasing hydrogen 
bonding strength with preferential bonding occurring 
between OH groups rather than between OH and C = 0  
groups. The 2-monoglycerides similarly prefer stronger 
hydrogen bonding between OH groups than between 
OH and C = 0  groups on passing from the liquid to the 
Pi form, its only known crystal form. A  comparison 
of bands between the f t  forms of 1-  and 2-monoglyc
erides indicates the former to have the stronger inter
action between OH groups and the weaker OH to C = 0  
group interaction. The comparison lends evidence of 
stronger interactions and lesser mobility of the chains 
for the 1-isomer.

The 1-monoglycerides have melting points about 10° 
higher than the 2-isomers. Malkin60 suggests that the 
hydrogen bonding of 2-monoglycerides is of the head 
to head type and "hat 1-monoglycerides, because of 
their higher melting points, may involve lateral hy
drogen bonding in addition to the normal head to head. 
By having lower melting points, the 2-monoglycerides

may be expected a priori to have larger long spacings 
and, inferentially, larger molar volumes; however, 
smaller long spacings were observed experimentally.27’28 
W e calculated molar volumes from their solid densi
ties37’61 from which the 2-monoglycerides are larger 
by 0.5 to 2.9 ml. mole-1 for the monocaprin-mono- 
stearin sequence.62 These physical properties, sepa
rately and in toto, are evidences of larger restraints in 
crystalline 1-monoglycerides that would also lower their 
entropy relative to the crystalline 2-isomers.

No supporting evidence is presently available to 
account for the nearly zero AS° for the aromatic mono
glycerides whose crystal structures would not be ex
pected to correspond to those of aliphatic structures.

(49) Bands for 1-monostearin and 1-monopalmitin are as follows:
liquid state (3453 cm.-1; 1706 cm.-1; ol form (3360 cm.-1;
1720 cm.-1) ; sub-on form (3342 cm.-1; 1730 cm.-1) ; /S i/ and /Sl  
forms are similar by having an OH split, e.g., f t /  form [3342 (main 
component) and 3243 cm.-1; 1736 cm.-1] and /Sl  form [3243 (main 
component) and 3307 cm.-1]. Analogous bands for 2-monomyristin 
are 3527 and 1715 cm.-1 for the liquid state and 3347 and 1733 cm.-1 
for the /Sl  form.
(50) T. Malkin, Progr. Chem. Fats Lipids, 2, 34 (1954).
(51) Solid densities for monoglycerides were reported for measure
ments at 21°.37a Merker’s measurements at 30°37b in g./ml, are 
listed as follows for convenience: 2-monostearin, 1.044; 1-mono
stearin, 1.053; 1-monopalmitin, 1.060; 1-monomyristin, 1.068; 
1-monolaurin, 1.077; 1-monocaprin, 1.088.
(52) Although solid densities of the isomers differ only by 0.002- 
0.009 g./ml. for the monocaprin-monostearin series and these differ
ences may be within the experimental precision of their measure
ments, it is striking that the 2-isomers are uniformly less dense 
(with the exception of 1-monostearin at 21°) than their correspond
ing 1-isomers.
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Salting in by an Aqueous Polyelectrolyte Solution

by Joseph Steigman and Judah L. Lando1

Department of Chemistry, Polytechnic Institute of Brooklyn, Brooklyn, New York (Received February 18, 1966)

A  study of the reaction in water at 25° between the strong polymeric acid poly(p-styrene- 
sulfonic acid) and the basic indicator p-nitroaniline showed that the protonation constant 
of the indicator (expressed in concentration units) decreased with increasing acid con
centration. This was attributed to salting in of the p-nitroaniline by the polymer solutions. 
The acidities of mixtures of the polyacid (0.1 N) and HC1 (0.05 to 0.20 M) were additive. 
The solubility of p-nitroaniline in water increased linearly with increasing concentrations 
of salts of the polyacid. The order of cation effectiveness was Li+ <  N a + <  K +  <  R b + <  
Cs+ <  (CH3)4N +. Potassium chloride, which salts out the indicator, nevertheless in
creased the latter’s solubility in potassium poly(p-styrenesulfonate) solution. These 
results are explained by increased organization of the water structure in the vicinity of the 
polyelectrolyte. Salting in is regarded as the incorporation of the solute in a cage of 
organized water molecules. In this connection, a brief description is given of crystalline 
compounds containing sodium or potassium p-fcoluenesulfonate, p-nitroaniline, and water. 
They may represent a type of clathrate since most of the solid is composed of water.

Theoretical descriptions of the distribution (and 
activities) of counterions in a polyelectrolyte solution 
have been undertaken by assuming a model for the con
figuration of the polymer and subsequently calculating 
the electrostatic potential and the small-ion concentra
tion variation near the polyion.2 3’8 The more conven
ient division of counterions into two limiting classes, 
free and bound, facilitated the interpretation of experi
mental data obtained from transport measurements4 
but led to difficulties when it was applied to equilibrium 
measurements. Metal5 or membrane6 electrode meas
urements have shown that the activity coefficients of 
sodium polysalts in aqueous solution are very much less 
than those of simple sodium salts at equivalent con
centrations. It is reasonable to conclude that the 
bound ions do not register their presence at the elec
trode and that only the free ions do so. When this 
conclusion was applied by Mock and Marshall,7 an 
unexpected relationship emerged. By means of a glass 
electrode they had measured the acidity of dilute aque
ous solutions of a sulfonated copolymer of styrene and 
vinyl toluene. The observed pH was higher than that 
of an HC1 solution at the same equivalent concentra
tion. The classification of the hydronium counterions 
into free and bound resulted in a value of 0.4 for the 
free fraction. However, this value was independent

of polymer concentration from more dilute solutions 
to 0.01 equiv. of hydronium ion/1. Furthermore, the 
addition of HC1 (to 3 X  10 ~8 N) to the polymeric acid 
(to 10~2 N) lowered the pH to the same extent that 
would have been observed for its addition to a solution 
of a mineral acid whose initial pH was the same as that 
of the polymer solution. Hence, a mass-action con
stant could not be used to describe any equilibrium 
between bound and free counterions since this equi
librium, if it existed, was independent of the poly
electrolyte concentration and was not affected by 
added common ions. There was, in fact, a simple 
additivity in the properties of poly electrolyte solutions 
containing added small electrolytes with an ion in 
common. The solute activity in the mixed solution

(1) From a thesis submitted by Judah L. Lando to the Graduate 
School of the Polytechnic Institute of Brooklyn in partial fulfillment 
of the requirements for the degree of Doctor of Philosophy.
(2) T. Alfrey, Jr., P. W. Berg, and H. Morawetz, J. Polymer Sci., 7. 
543 (1951).
(3) S. Lifson and A. Katchalsky, ibid,., 13, 43 (1954).
(4) J. R. Huizenga, P. F. Grieger, and F. T. Wall, J. Am. Chem. Soc. 
72, 2336, 4228 (1950).
(5) W. Kern, Makromol. Chem., 2, 279 (1948).
(6) M. Nagasawa and I. Kagawa, J. Polymer Sci., 25, 61 (1957); 
errata, 31, 256 (1958).
(7) R. A. Mock and C. A. Marshall, ibid., 13, 432 (1954).
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was the weighted sum of the activities of polymer and 
added electrolyte. This additivity has also been ob
served by means of electrode and osmotic measure
ments in solutions of sodium salts of various strong 
polyacids.6'8’9 Alexandrowicz10 has found it to hold 
for osmotic and Donnan equilibria in solutions of so
dium polyacrylate containing sodium bromide.

The relationship between polyacid acidity and the 
glass electrode measurements of Mock and Marshall 
is not clear at the present time. These measurements 
cannot be interpreted to mean that the polysulfonic 
acid is a weaker acid than HC1 or even that two dif
ferent species of hydronium ion are present in the poly
mer solution. Proton magnetic resonance studies of 
aqueous solutions of poly(p-styrenesulfonic acid) led 
to the conclusion that only one type of hydronium 
ion was present identical with that found in aqueous 
solutions of the common strong acids.11 A  similar con
clusion was reached by Savo and Rice after an exam
ination of the Raman spectra of aqueous solutions of 
the same polymeric acid and of p-ethylbenzenesulfonic 
acid.12 Kern reported that the same polysulfonic acid 
was a more efficient catalyst than sulfuric acid in the 
inversion of sucrose.13

This research was initially undertaken in order to 
examine the acidity of poly(p-styrenesulfonic acid) by 
means of its reaction with a simple basic indicator at 
various polymer concentrations and in the presence of 
added HC1. The indicator was p-nitroaniline, a weak 
base whose pK„ is 0.99 at 2 5 °.14’15 It is quite con
venient for the study of dilute solutions of strong 
acids in water. Its basic form is yellow (maximum

o
absorption at 3800 A.) while the conjugate acid is 
colorless.

Experimental

Poly(p-styrenesulfonic acid). Poly(p-styrenesulfonic 
acid) was prepared by the direct sulfonation of Styron 
PS-2 (Dow Chemical Co., Midland, Mich.). This is 
a linear polystyrene of molecular weight 20,000. 
Turbak’s sulfonation procedure was followed16 with 
one modification. This low molecular weight polymer 
after sulfonation did not precipitate out from ethanol 
on the addition of 1,2-dichloroethane; this compli
cated the separation of the sulfonic acid from excess 
S 0 3. Accordingly, the sulfonated product was dis
solved in 2 M  aqueous NaOH and passed through 
a Dowex 21-K anion-exchange resin in the hydroxyl 
form in order to remove excess sulfate. After the 
effluent had been freed from sulfate, it was passed 
through a Dowex 50 W -X 8 exchange resin in the hy
dronium form and freed from sodium. It was then

concentrated by vacuum evaporation of water at room 
temperature in a Buchler rotary evaporator.

The salts of the polyacid were prepared by titrating 
the acid with an aqueous solution of the desired hy
droxide.

Salts of p-toluenesulfonic acid were prepared by 
titrating concentrated aqueous solutions of the purest 
available grade of the acid with the appropriate hy
droxide and recrystallizing twice from water. The 
salts were then vacuum dried at 80° until their in
frared spectra showed no water bands.

The p-toluenesulfonic acid was obtained from Mathe- 
son Coleman and Bell (Highest Purity) or Eastman 
Kodak (White Label) and recrystallized twice from 
chloroform.

The indicator p-nitroaniline was a Highest Purity 
product from Matheson Coleman and Bell. It was 
recrystallized repeatedly from aqueous ethanol. Aque
ous solutions at 25° showed a molar absorbancy indexo
of 13,180 ±  40 at 3800 A. for the concentration range 
4 X  10-6 to 1.3 X  10-4 M . In concentrated sodium 
polystyrenesulfonate the peak absorption was found 
at slightly higher wave lengths (up to 40 A.) without a 
significant change in the index. Peak absorbance 
values were used for all solutions.

Rubidium and cesium hydroxides were prepared 
from the chlorides (products of Gallard, Schlesinger, 
and Co.) by means of an anion-exchange resin. The 
tetramethylammonium hydroxide solution was pre
pared in the same way from the chloride (Eastman 
Kodak White Label).

Spectrophotometric measurements were made on 
a Cary Model 14 spectrophotometer.

Measurements of pH were made with a Radiometer 
pH M  4 meter, using a Beckman glass electrode and a 
reference saturated calomel electrode.

Solubility determinations were performed at 25.0 
±  0.1° by shaking a solution with excess solid in 20.3- 
cm. test tubes fastened to a Burrell wrist-action 
shaker. At least 72 hr. was allowed for equilibration. 
Paul’s technique17 for taking the sample was slightly

(8) M. Nagasawa, M. Izumi, and I. Kagawa, J. Polymer Sci., A37, 
375 (1959).
(9) M. Nagasawa, A. Takshashi, M. Izumi, and I. Kagawa, ibid., 
A38, 213 (1959).
(10) Z. Alexandrowicz, ibid., 43, 337 (1960).
(11) L. Kotin and M. Nagasawa, J. Am. Chem. Soc., 83, 1026 
(1961).
(12) L. Savo and S. A. Rice, ibid., 83, 496 (1961).
(13) W. Kern, W. Herold, and B. Scherlag, Makromol. Chem., 17, 
231 (1956).
(14) L. P. Hammett and A. J. Deyrup, / .  Am. Chem. Soc., 54, 2721 
(1932).
(15) M. A. Paul and F. A. Long, Chem. Rev., 57, 1 (1957).
(16) A. F. Turbak, Polymer Preprints, 1, 141 (1961).
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modified. The saturated solution was forced through 
a glass tube with a glass wool plug by cautiously apply
ing pressure from a nitrogen tank. It was analyzed 
spectrophotometrically in the case of p-nitroaniline 
(after appropriate dilution) or by titration with stand
ardized KOH in the case of benzoic acid.

Experimental Results and Discussion

The protonation of p-nitroaniline by the polymeric 
acid is described by

B +  H + P - B H + P - (1)

in which B represents the basic indicator, H +P -  stands 
for the polyacid, and B H +P -  is the reaction product 
(whether dissociated or existing in some bound form). 
A  similar reaction between an ordinary acid and the 
indicator in water could be quantitatively formulated 
in terms of a thermodynamic equilibrium constant 
since the activity coefficients of the various species 
would approach unity on continued dilution. This 
is not possible for polyelectrolyte solutions, in which, 
if anything, counterion activity coefficients tend to 
decrease as the concentration decreases.17 18 Since 
nothing was known about the activities of the counter
ion species, a mass-action protonation constant, 
Kp, was formulated in terms of concentrations

[BH+P- ]
[B H H +P -]

(2)

in 0.3 N polymer. The value of the protonation con
stant at each level of polymer concentration was 
found to be independent of the indicator concentra
tion, pointing to a simple 1:1 stoichiometry in the re
action and showing an absence of any complicating 
indicator association reaction. Apart from the lowest 
polymer concentration (10-3 N) where the standard 
deviation was about 11%  (because of the very small 
extent of reaction), the error was less than 1%  in the 
values of the constant.

On the other hand, the values of Kp varied systemati
cally with the polymer concentration, from 33.25 in 10-3 
N acid to 14.52 in 0.3 N acid. This is explained by 
assuming that some fraction of the uncharged base is 
closely associated with the polymer, that the association 
increases with increasing polymer concentration, and 
that in this condition the activity coefficient of the 
molecule is decreased, so that the base is weaker. This 
is equivalent to salting in the indicator. For con
venience, the following analysis is based on a hypo
thetical salting in although the polyacid solutions 
were not saturated with p-nitroaniline. It is assumed 
that the activity coefficient of the neutral base will be 
affected primarily by the polymer concentration and 
will be affected only slightly by its own concentration.

In water and in polymer solutions saturated with p- 
nitroaniline, the latter’s activity is constant

foSo =  fPSp (4)

The polyacid concentration is expressed as equivalents 
of titratable acid per liter. The other quantities repre
sent moles per liter. The extent of the reaction was 
determined by measuring the absorbance of the un
reacted neutral indicator at 3800 A. (since its proto- 
nated form is colorless in the visible region). If C 
represents the total analytical concentration of the 
indicator, A represents the absorbance of its solution, 
which contains a concentration of acid equal to [H+P- ], 
and 13,180 represents the molar absorptivity of the p- 
nitroaniline, then the protonation constant can be 
expressed in the form

K p  =

C -
A

13,180j

[H+P-
_13,180_

(3 )

The reaction was investigated at 25° in a series of 
polymer solutions ranging in concentration from 10-3 
to 0.3 N. At each acid concentration the stoichio
metric indicator concentration was varied over a range; 
for example, from 6 X  10-5 to 1.3 X  10-4 M  in 5 X  
10-3 N polymer and from 3 X  10-4 to 7 X  10-4 M

Here / 0 and S0 are the activity coefficient and the solu
bility of the indicator in water, and / p and Sp are the 
corresponding quantities in a polymer solution. The 
activity coefficient in water is almost unity

S p =  (5 )

Salting in by electrolytes is usually described by an 
approximately logarithmic relationship between solute 
solubility and electrolyte concentration.19 W e hypoth
esize that salting in by a polyelectrolyte solution is 
characterized by the extraction or dissolution of a 
constant quantity of solute by each polymer unit at 
fixed solute concentration. Increasing the polymer 
concentration should linearly increase the solubility 
of the solute

Sp =  So +  ft [H+P- ] (6)

(17) M. A. Paul, J. Am. Chem. Soc., 76, 3236 (1954).
(18) S. A. Rice and M. Nagasawa, “ Polyelectrolyte Solutions,” 
Academic Press Inc., New York, N. Y., 1961, p. 399.
(19) F. A. Long and W. F. McDevit, Chem. Rev., 51, 119 (1952).
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Here K  is a proportionality constant. Substitution 
and rearrangement yield

So +  fc[H+P-] 1 +  fc'[H+P~]

in which k' represents k/S0. The protonation constant 
takes the form

[B H +P -]
P [B ][H + P -]/p 1 ^

In very dilute polyacid solution there will be almost no 
salting in, and there will be a limiting protonation 
constant, K0

K0 =  ^  =  K p(l +  fc '[H +p-]) (9)
J  P

Analysis of the data and a simple trial-and-error 
fit gave a value of 4.03 for k' and a value of 33.30 for 
Ko. Table I shows the experimental values of Kp at 
various polyacid concentrations, the calculated values 
of Kp, and the difference between them.

T a b le  I  : O bserved and C alcu lated  V alues o f K v at 25°

Polymer concn., 
N i£p(obsd.) K  p (caled.)

üTp(obsd.) — 
Kp  (caled.)

1.00 X  10-3 33.25 ±  3.54 33.17 +0.08
5.00 X  10-3 32.61 ±  0.24 32.64 -0 .0 3
7.50 X  IO“ 3 32.61 ±  0.26 32.32 - 0 .2 9
1.00 X  IO“ 2 31.81 ±  0.26 32.01 - 0 .2 0
2.50 X  IO -2 31.35 ±  0.30 30.25 +  1.10
5.00 X  IO -2 28.79 ±  0.27 27.72 +  1.07
7.50 X  IO“ 2 26.18 ±  0.19 25.57 +0.61
1 . 0 0  x i o - 1 24.21 ±  0.10 23.73 + 0.48
2.00 X  10-1 18.35 ±  0.08 18.44 -0 .0 9
3.00 X  IO“ 1 14.52 ±  0.11 15.07 - 0 .5 5

It is clear from the last column that there is some 
bias in the calculated results. Undoubtedly a some
what better fit could have been made. However, even 
with the bias, it is evident that the agreement between 
the observed and calculated values is excellent since the 
largest difference is a little more than 3 %  over a large 
concentration range. Thus, the change in Kp with 
varying polymer concentration is quantitatively ac
counted for by a change in the activity coefficient of 
the neutral base. Hence, the ratio / b h +p - / / h +p -  is 
constant from 10-3 to 0.3 N acid, and the acidity of 
the polyacid towards the indicator is constant over the 
same concentration interval.

The limiting value of the indicator protonation con
stant for the polyacid is approximately three times

greater than that obtained for the reaction between 
HC1 and p-nitroaniline. This may be due to electro
static binding of the anilinium ion to the polyanions, 
combined electrostatic and hydrophobic bonding, a 
higher acidity for the polyacid than for HC1, or to all 
of these factors. It is not possible to decide among 
these alternatives at the present time.

The hypothesis that the neutral indicator is salted 
into the polyacid solution suggested that the solubility 
of the indicator would increase linearly with poly
electrolyte concentration in solutions of various salts 
of the polyacid. The results of such solubility measure
ments are shown in Table II. The solubility was a 
linear function of concentration for each salt which was 
examined. From five to eight different concentrations 
were used for each cation. The slope for a given cation 
is a measure of its effectiveness in the salting-in process.

Table II: T h e Solu b ility  o f p-N itroaniline in 
P o ly sa lt Solutions

Cation
Concn. range, 

N
Slope 
X 102

Intercept 
X 10*, M

Std. dev. of 
the slope, %

W ater alone 
L i+ 0 .0 6 -0 .4 8 2 .3 6

4 .1 5 2
4 .1 2 1 .9

N a + 0 .0 9 -0 .8 0 2 .6 5 3 .9 6 3 .0
K + 0 .0 8 -0 .8 0 3 .0 7 3 .7 8 0 .4
R b  + 0 .1 1 -0 .4 0 3 .2 0 3 .9 4 1 .6
Cs + 0 .1 0 -0 .4 3 3 .5 1 3 .8 1 0 .7
(C H 3)4N+ 0 .0 9 -0 .5 7 4 .1 5 3 .4 2 (? ) 2 .6

The salting in by the polyacid is expressed by the 
constant k in eq. 5 and 6. From the variation of Kp 
with polymer concentration it is possible to calculate 
a value of 1.67 X  10-2 for the hydronium cation. The 
salting-in efficiency thus varies with cations in the 
order H + <  Li+ <  N a+ <  K +  <  Rb+ <  Cs+ <  (CH3)4- 
N +.

The linearity of salting in with concentration and 
the order of cation effectiveness are not limited to p- 
nitroaniline. This was shown by a similar although 
more limited study carried out on benzoic acid. The 
latter was chosen so that salting in by the polyacid 
would not be obscured by an acid-base reaction with 
the solute. The results are shown in Table III. No 
correction was applied for hydronium-potassium ex
change in the potassium salt solution.

It should be noted that while benzoic acid is salted 
in more strongly than p-nitroaniline, the ratio of slopes 
for potassium ion to hydronium ion is virtually the 
same in the two cases. It is approximately 1.8.

The effect of an added strong acid on the protonation
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Table HI : Solu b ility  o f  B en zoic A cid  i t  P olysu lfonate  
Solutions a t 25°

Cation Concn. range, N Slope X 102 Intercept, M
Relative std. 

dev., %

H + 0 .1 - 0 .5 4 .7 3
2 .7 5 3 °
2 .7 2 1 9 .5

K + 0 .1 8 -0 .8 0 8 .4 9 2 .8 3 1 .5

° A . Seidell, E d ., “ Solubilities o f  In organ ic and Organic 
C om pou n ds,”  Supplem ent to  th e 3rd E d ., D . V an  N ostran d C o., 
N ew  Y ork , N . Y .,  1952, p . 680.

of p-nitroaniline by the polyacid was measured in 0.10 
N polymer solution with different concentrations of 
hydrochloric acid. The protonation constant of HC1 
was first determined spectrophotometrically and is 
shown in Table IV.

Table IV : K p o f  p -N itroan ilin e w ith  HC1

Acid concn., M

0 .0 5
0.10
0.20
0 .4 0
0 .6 0

Ep

9 .5 1  ±  0 .0 5  
1 0 .1 3  ±  0 .2 2  
1 0 .6 3  ±  0 .0 4
11. 66°

1 2 .6 9  ±  0 .0 4

°  T h e  proton ation  con stant in  0.40 M  HC1 w as ca lcu lated b y  
least squares w hen it w as observed  th a t the constants fo r  the 
oth er fou r con centrations fell on  a  straight line. T h e  slope o f 
th e  graph o f K p against m olarity  o f acid  is 5.13, th e zero inter
cep t is 9.61, and th e relative standard dev ia tion  o f  th e slope is 
0.6%.

It was assumed that in mixtures of the polyacid with 
HC1 the polymer had no effect on the indicator-HCl 
reaction. The extent of its reaction with the polymer 
was then determined by difference. These experiments 
were performed at a fixed concentration of the polymer 
(0.1 N) and with a number of different concentrations 
of HC1. The results appear in Table V.

Table V : K p o f  p -N itroan ilin e w ith  0.1 N  P o ly a cid  in  the 
Presence o f  HC1

Added HCI concn., M  

0
0 .0 5
0.10
0.20
0 .4 0
0 .6 0

Xp of polyacid in HCI

2 4 .2  ±  0 .1
2 4 .0  ±  0 .4
2 3 .1  ±  0 .4
2 2 .8  ±  1 .4
1 7 .7  ±  1 .1  
1 0 .6  ±  0 .5

There is very little change in the protonation con
stant of the polyacid until the concentration of HCI 
exceeds 0.2 M. This means that there is an additivity 
of the polymer acidity and of the HCI acidity over a 
much greater concentration range than that investi
gated by Mock and Marshall.7 At higher mineral acid 
concentrations the value of Kp decreases. This could 
be due to a mass-action effect on the free to bound ratio 
of hydrions, an invasion of the polyelectrolyte volume 
by the HCI, or an increased salting in of the indicator 
because of the added HCI. It is believed that the de
crease is due largely to an increased salting in of the 
indicator. Such increased salting in was noted in the 
measurement of the solubility of p-nitroaniline in solu
tions containing both the potassium salt of the poly
acid and potassium chloride. The latter, like almost 
all inorganic electrolytes, usually salts out organic 
solutes from water. As long as the organic compound 
is not too soluble so that mutual interaction terms are 
numerically unimportant,19 it is possible to describe 
the effect of added electrolyte on its solubility by 
means of the Setschenow equation

log |° =  K'C, (10)

Here So is the solubility of the compound in water and 
S{ is its solubility in an electrolyte solution of concen
tration C.. Ke. a constant of proportionality, is known 
as the Setschenow constant. If Ke is positive, the 
electrolyte causes salting out. Many instances have 
been reported of a linear relationship between the 
logarithm of the ratio of solubilities and the electrolyte 
concentration.20'21 In the case of p-nitroaniline Paul22 
found a Setschenow constant for KC1 of 0.024 at 25°. 
W e have found substantially the same constant. This 
means that there is a slight decrease in indicator solu
bility with increasing KC1 concentration. If salting 
out and salting in were additive properties, one would 
expect that the addition of KC1 to a potassium poly- 
(p-styrenesulfonate) solution would result in a smaller 
solubility increase for p-nitroaniline than with the 
polymer alone. The results are shown in Table VI.

The data are not precise enough to show whether 
there is an additivity of effects in the most dilute KC1 
solution, particularly since the calculated intercept 
for the potassium salt of the polymer in Table II is a 
little less than the known solubility of p-nitroaniline

(20) See footnote a, Table III.
(21) F. A. Long and R. L. Bergen, Jr., J. Phys. Chem., 58, 163 
(1954).
(22) M. A. Paul, J. Am. Chem. Soc., 76, 3236 (1954). The solubility 
in water is given as 4.20 X 10-3 M.
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T a b le  V I :  Solu bility  o f  p-N itroaniline in  0.10 N  P otassium  
P oly (p -styren esu lfon ate ) w ith  A dd ed  KC1

Concn. of added salt, M  Solubility X  103, M

0 6 .8 5  (ca led .)
0. 1 6 .9 7
0. 5 7 .1 8
1. 0 7 .4 5
1 .5 7 .4 0

in water. However, there is little doubt about the 
effect of KC1 in the higher concentration range. It 
produces a small but definite increase in the salting in 
of the indicator by the polyelectrolyte. This means 
that the activity coefficient of the neutral molecule is 
further diminished by the addition of KC1 to the poly
mer solution. By analogy, in a polyacid solution (Table 
V) the salting in of the indicator would be increased 
by added HC1, the indicator would behave like a weaker 
base towards the polymer, and the value of Kv would 
decrease.

Potassium p-toluenesulfonate, unlike KC1, usually 
salts in organic solutes. Table V II shows the effect 
of added potassium tosylate on the solubility of p- 
nitroaniline in 0.1 N potassium poly(p-styrenesulfonate) 
solution.

T a b le  V II : Solu bility  o f  p -N itroan ilin e in  0.1 N  Potassium  
P oly (p -styren esu lfon ate ) w ith  A d d ed  P otassium  T osyla te

Concn. of Caled. PN A  solubility
added salt, M PN A solubility X  103, M X 10», M

0 7 .2 2  (ca led .) 7 .2 2  (ca led .)
0 .2 8 .5 9 8 .5 3
0 .4 1 0 .74 1 0 .3 5

The numbers in the third column were obtained by 
assuming that the polymer and the tosylate increased 
the PN A solubility additively. Its solubility in the 
polymer solution was calculated from the results in 
Table I I ; that in the tosylate solutions was calculated 
from data in our laboratory, using —0.60 for the 
Setschenow constant. Uncertainties in the slopes of 
the salting-in curves resulted in a large error in all the 
calculated results. Within that error there is a simple 
additivity in salting in by this electrolyte mixture, in 
contrast to the effect of a mixture of potassium chloride 
and the polymer.

These various results can be explained qualitatively 
in terms of the effects of ionized solutes on the structure 
of liquid water.23 Electrolytes like KC1, which are

believed to disrupt the hydrogen-bonded water struc
ture, salt out hydrophobic organic molecules. Organic 
electrolytes, like arylsulfonate salts or quaternary am
monium compounds salt in the same compounds.19 
Diamond24 has advanced the idea of water structure 
enforced ion pairing to explain the solution properties 
of large hydrophobic ions. He attributed the salting in 
of neutral organic molecules by such ions to the ability 
of the water structure to force the neutral molecules 
into the same cavity as the structure-enforced ion 
pairs in order to minimize its contiguity with the hydro- 
phobic surfaces. W e believe that the water is very 
strongly organized in the vicinity of the polysulfonate 
ions and that the p-nitroaniline is salted into this 
organized water layer. The order of efficiency of the 
cations in salting in the solute is the order of ability of 
each polyanion-cation combination to organize the 
water structure. These combinations consist of a 
structure-destroying cation which is coupled with a 
structure-forming polyanion. In the alkali metal 
halides the larger cations disrupt the water structure 
to a greater extent than the smaller ones.25 The results 
in Table I, however, suggest that the larger cations are 
responsible in some fashion for a more strongly or
ganized water layer around the polymer than is found 
for the smaller ones. They may approach the sulfo
nate ions more closely than the smaller ions, precisely 
because they disrupt the water structure strongly. 
The resulting ion pair has a small effect on the hydrogen 
bonding, which is established around it. Similarly, 
with quaternary ammonium compounds the bromides21 
salt in benzoic acid to a much smaller extent than the 
corresponding iodide salts.26 The alkali iodides dis
rupt the water structure more strongly than the bro
mides.

The tétraméthylammonium salt falls into a different 
category. Both the cation and the anion are capable 
of organizing the water, and p-nitroaniline is salted in 
even more strongly than in the cesium salt solution.

The effects of the addition to a polyelectrolyte solu
tion of simple electrolytes with a common ion has 
been examined theoretically in terms of electrical inter
actions.27’28 The results reported in Tables V I and V II  
suggest, however, that there may be differences in 
effects arising from the addition of different simple

(23) See J. L. Kavanau, “Water and Solute-Water Interactions,” 
Holden-Day, Inc., San Francisco, Calif., 1964, for general references.
(24) R. M. Diamond, J. Phys. Chem., 67, 2513 (1963).
(25) H. S. Frank and M. W. Evans, J. Chem. Phys., 13, 507 (1945).
(26) J. O’M. Bockris, J. Bowler-Reed, and J. A. Kitchener, Trans. 
Faraday Soc., 47, 184 (1951).
(27) Z. Alexandrowicz, J. Polymer Sci., B56, 97 (1962).
(28) Z. Alexandrowicz and A. Katchalsky, ibid., A l, 3231 (1963).
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electrolytes. If the added salt is a structure former, 
like a tosylate, there may be a simple additivity in 
salting in. However, potassium chloride, which dis
rupts the solvent structure, causes an increased salting 
in of p-nitroaniline by the potassium polysulfonate. 
W e interpret this as a further tightening of the water 
structure around the polymer as a response to the dis
ruptive effect of the KC1. The effect is probably small 
at low salt concentrations because of the very high 
degree of organization of the water around the polymer. 
As the salt concentration is increased, the water around 
the polymer will withstand disruption through still 
stronger self-organization, resulting in more marked 
salting in of the solute. This increased self-organiza
tion may be a preliminary stage in the withdrawal of 
the polymer-organized water component from the solu
tion of the KC1— that, is, a coacervation or separation 
into two aqueous phases. In these experiments no 
coacervate was observed, probably because the highest 
KC1 concentration tested was too low to cause it.29

Experiments were conducted to see if there was a 
resemblance between the salting in of p-nitroaniline by 
different alkali polysulfonate solutions and its adsorp
tion from aqueous solution by ion-exchange resins with 
different counterions. Approximately 1 g. of Dowex 
50 W -X 8 resin in each form was shaken with 25-ml. 
aliquots of 1.96 X  10 M  p-nitroaniline for 1 week at 
25°. The following sorption values were obtained for 
the different resins, in per cent: K +, 87.2; Na+, 
80.7; Li+, 67.1. The order of adsorption of the solute 
by the resins is qualitatively the same as the salting-in 
order of the corresponding polyelectrolyte salts. Simi
lar measurements with the anion-exchange resin Dowex 
21 K  with different counterions showed that the order 
of solute adsorption from solution was CIO4-  >  I -  >  
Br_ , which is a similar sequence for anions. Solute 
adsorption on ion-exchange resins is commonly ascribed 
to a van der Waals interaction between the solute and 
the organic backbone of the resin.30 The results re
ported here suggest rather that the solute is salted into 
a highly organized water layer in "die vicinity of the 
hydrocarbon groups of the resin. In this connection, 
the effect of added simple electrolytes on the sorption 
of neutral molecules by ion-exchange resins, which has

been called “ salting-out chromatography,” 31 may be due 
to increased salting in because of an increase in the 
organization of the water in the resin phase.

Some observations on the solubility of p-nitroaniline 
in concentrated alkali tosylate solutions are consistent 
with the hypothesis of incorporation of the solute in 
a cavity formed by the organic salt.24 A  fuller account 
of these results will be reported elsewhere. The solu
bility of p-nitroaniline at 25° reaches a maximum in
1 . 7 1  sodium tosylate and in 1 M potassium tosylate. 
There is also a change in the nature of the solid phase. 
If 300 mg. of the solute is heated with 10 ml. of 2.5 M 
sodium tosylate, it dissolves. On cooling to room 
temperature, almost the entire mass crystallizes. A  
powder diffraction diagram did not show any p-nitro
aniline and was quite different from that of sodium 
tosylate. There are approximately 20 moles of water/ 
mole of organic salt; the ratio is undoubtedly higher 
for potassium tosylate. Such a large water content 
is seen in the quaternary ammonium salt hydrates 
investigated by Jeffrey.32 These compounds are 
clathrates. One reported structural unit is a H 40O20 
pentagonal dodecahedron.33 The structures of alkali 
metal tosylate hydrates have not yet been investigated. 
These compounds are undoubtedly less symmetrical 
than the quaternary ammonium salt hydrates. It is 
possible that p-nitroaniline aids in the formation of a 
more symmetrical clathrate. It is reasonable to con
clude that the solute is in a water cage in the solid 
and that it is probably in some kind of water cage in 
the tosylate solution as well.
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Comparison Standards for Solution Calorimetry1

by Stuart R. Gunn

Lawrence Radiation Laboratory, University of California, Livermore, California (Received February 15, 1965)

Criteria for processes to be used in checking and comparing solution calorimeters are dis
cussed. Measurements have been made of the heats of four processes: dissolution of 
potassium chloride in water, dissolution of succinic acid in hydrochloric acid, reaction of 
sulfuric acid with excess sodium hydroxide, and reaction of tris(hydroxymethyl) amino- 
methane with hydrochloric acid. It is concluded that the last two are most generally 
satisfactory. Corrections to be applied in different types of solution calorimeters and some 
sources of instrumental error are discussed.

Introduction

Solution calorimetry may be broadly defined as calo
rimetry of all processes— dissolution, mixing, dilution, 
and reaction— occurring primarily in a liquid solution. 
This field has suffered from the lack of any generally 
accepted standard process for the intercomparison of 
calorimeters; many investigations exhibit good internal 
precision but are not free from suspicion of significant 
systematic error.

Standard substances for calorimetry may be con
sidered to be of two kinds: first, calibrating standards, 
which are used to transfer the unit of energy from a 
standardizing laboratory for the purpose of calibrating 
other calorimeters, and second, comparison standards, 
which are used to compare the operation of various 
calorimeters with one another, the actual calibration 
of each calorimeter being, however, performed elec
trically or by other means. This second class should 
perhaps be termed “ standard substances” in accord
ance with the nomenclature for standards proposed by 
McNish,2 although this seems less descriptive of their 
function. The outstanding example of the first class 
is benzoic acid for combustion calorimetry; in the 
second, the most widely used are probably n-heptane, 
aluminum oxide, benzoic acid, diphenyl ether, and 
water for heat capacity calorimetry.3

Three important reasons for the utility of a cali
brating standard in combustion calorimetry may be 
cited. (1) The calorimetric instrumentation is rather 
highly standardized. (2) The heat capacity of the 
reacting system— benzoic acid and oxygen— is a very 
small fraction of the energy equivalent of the calorim

eter, which is hence altered only slightly in changing 
from the calibrating system to the experimental 
system. (3) The combustion reaction in the bomb is 
very rapid and hence the heat distribution in the 
calorimeter is primarily a function of its mechanical 
design and stirring, which also are the same for both 
calibrations and combustions of unknowns.

None of these conditions obtain in solution calorim
etry, where the instrumentation is varied widely ac
cording to the nature of the problem under investiga
tion, the reacting system is usually the major part of 
the heat capacity of the calorimetric system, and the 
reaction kinetics are widely variable. Electrical 
calibration of the calorimeter will probably always 
be necessary for the most accurate work. Neverthe
less, it would seem to be possible and desirable to 
establish one or a few comparison standards of fairly 
broad utility for the intercomparison of solution 
calorimeters, the function being primarily the detection 
of systematic errors between calibrations and reaction 
heats. The following desirable characteristics of the 
comparison process may be suggested.

(1) The process should consist of mixing a weighed 
amount of a standard substance— solid or liquid— in a 
frangible bulb or other sample chamber with a large 
volume of a liquid.

(2) The liquid should be preferably pure water;

(1) Work performed under the auspices of the U. S. Atomic Energy 
Commission.
(2) A. G. McNish, IRE Trans. Instr., 1-7, 371 (1958).
(3) D. G. Ginnings and G. T. Furukawa, J. Am. Chem. Soc., 75, 522 
(1953).
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if not, then an aqueous solution, preferably of neutral 
pH.

(3) The process should be rapid and complete.
(4) An exothermic process would be more desirable 

than an endothermic one.
(5) The temperature change should be about 1°, 

but the heat of the process should be known with little 
loss of accuracy at conditions giving considerably 
smaller changes.

(6) The heat should be defined at 25°, but the 
temperature coefficient should be small.

(7) The heat should be fairly insensitive to the ratio 
of standard substance to liquid, and to the concentra
tion of solutes, if any, in the initial liquid.

(8) Exposure of the liquid to the atmosphere 
should have a negligible effect on the heat.

(9) The heat should be the same in closed and open 
calorimeters, or the difference should be readily 
calculable.

(10) No gases should be evolved.
(11) The change of vapor pressure of the liquid 

should be small.
(12) The change in volume of the liquid should 

be small.
(13) The volume required of the sample chamber 

should be no more than 5 %  of the liquid, and prefer
ably less.

(14) The mass of the standard substance should 
be large enough for convenient and accurate weighing.

(15) The heat capacity of the standard substance 
should be small (this is important in isothermally 
jacketed calorimeters where the temperature of the 
standard substance isolated in the sample chamber 
may lag significantly behind that of the liquid during 
the foredrift; it is unimportant in adiabatic or iso
thermal calorimeters). Point 15 generally conflicts 
with 14.

(16) The standard substance should be available 
in high purity, or be readily purifiable.

(17) The standard substance should be nonhy- 
groscopic and nonvolatile and nonreactive with the 
atmosphere.

(18) The standard substance should not be subject 
to significant energy perturbations from crystal defects 
or strain or surface energy effects.

The heat of solution of KC1 has most often been 
proposed as a comparison standard. It has been 
measured many times, but the results are wildly dis
cordant. Mischenko and Kaganovich4 5 evaluated the 
literature, recommending a value of 4194 ±  3 cal. 
mole-1 for the heat of solution to give KC1-200H20 .  
Somsen, Coops, and Tolk6 discussed the virtues of the 
system as a standard; from an extensive series of

measurements at lower concentrations they give 
4185 ±  2, adjusted to K C l-200H 2O. Parker6 listed 
70 investigations from 1872 to 1962 and recommended 
a “ best” value of 4115 ±  10 at infinite dilution, or 
4195 at KC1-200H20 , but even the more modern 
values are scattered over a range of more than 1% . 
Sunner and Wadsò7 concluded that the system is un
satisfactory. In the present work, the effect of some 
variations in the treatment of the KC1 and in the 
method of temperature measurement in the calorimeter 
have been investigated.

The heat of neutralization of a strong acid by a strong 
base has sometimes been used or suggested as a stand
ard. It appears, however, that this heat has been 
more uncertain than sometimes thought. Calori
metric values for the heat of ionization of water (heat 
of acid-base neutralization corrected to infinite dilu
tion) scattered over a range of ca. 0 .5 %  and furthermore 
differed systematically by ca. 1%  from electrometric 
values. Recently, however, Vanderzee and Swanson8 
have published precise measurements of the heat of 
neutralization of sodium hydroxide and perchloric 
acid and Hale, Izatt, and Christensen9 have published 
slightly less precise but excellently agreeing results 
for sodium hydroxide-perchloric acid and sodium 
hydroxide-hydrochloric acid. The discrepancy with 
respect to electrometric determinations is attributed 
to small systematic effects in the treatment of e.m.f. 
data to derive the ionization constant.8 In the present 
work, the objective was to measure a neutralization 
heat very accurately at somewhat higher concentra
tions, without concern for correction to infinite dilu
tion. Standardization of one of the reagents and in
troduction of an accurately known amount of it into the 
calorimeter present some problems compared with the 
more customary introduction of a weighed sample of 
a pure compound, but these are not insurmountable. 
Kunzler10 performed an exhaustive study of the prep
aration of accurately known sulfuric acid solutions al
though the work seems to be generally ignored in 
acidimetry. He concluded that acid prepared by the

(4) K. P. Mischenko and Y. Kaganovich, Zh. Prikl. Khim., 22, 1078 
(1949).
(5) G. Somsen, J. Coops, and M. W. Tolk, Rec. trav. chim., 82, 231 
(1963).
(6) V. B. Parker, “ Thermal Properties of Aqueous Uni-univalent 
Electrolytes,” National Bureau of Standards Report NSRDS-NBS-2 
(1965).
(7) S. Sunner and I. Wadsô, Acta Chem. Scand., 13, 97 (1959).
(8) C. E. Vanderzee and J. A. Swanson, J. Phys. Chem., 67, 2608 
(1963).
(9) J. D. Hale, R. M. Izatt, and J. J. Christensen, ibid., 67, 2605 
(1963).
(10) J. E. Kunzler, Anal. Chem., 25, 93 (1953).
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constant-boiling procedure was accurate in composition 
to 0.01% , and better accuracy was obtainable by some 
other methods. The reaction of this with excess 
sodium hydroxide promised to give a rapid and repro
ducible heat and has been investigated in the present 
work. There appear to be no other accurate data 
under comparable conditions for comparison.

Succinic acid has been extensively investigated as a 
secondary standard for combustion calorimetry and 
appears to be satisfactory, although it has not been 
widely used. Previous work on the heat of solution is 
limited and apparently quite inaccurate, but the com
pound possesses most of the properties desired of a 
reference material and, at the suggestion of Wilhoit,11 
the heat of solution was further investigated. HC1 
(0.1 M) was chosen as the solvent instead of pure water 
to repress ionization at low concentrations and permit 
the linear extrapolation of heats of solution expected 
for a nonelectrolyte. The dissolution is endothermic, 
like that of potassium chloride; an endothermic as well 
as an exothermic comparison reaction may occasionally 
be desirable.

Wadso and Irving12 have recently proposed the heat 
of reaction of tris (hydroxymethyl) aminomethane (or 2- 
amino-2-hydroxymethyl-l ,3-propanediol, hereinafter 
designated TH A M ) with aqueous hydrochloric acid. 
T H A M  has properties qualifying it as a primary acidi- 
metric standard.13 The reaction seems quite suitable 
as a calorimetric comparison; several other labora
tories are also investigating it. In the present work, 
the heat has been measured over a range of T H A M  and 
acid concentrations.

Shomate and Huffman14 determined the heat of 
solution of M g in 1 M  HC1. The reaction has since 
been used occasionally to check the operation of calorim
eters, especially reaction microcalorimeters; agree
ment has generally been good, but none of the subse
quent determinations are sufficiently precise or exhaus
tive to add anything to the reliability of the original 
determination. The particular advantages of the sys
tem are that because of the high molar heat much smal
ler samples can be used and concentration and dA H /dT  
effects are much smaller. The evolution of hydrogen, 
carrying a perhaps indefinite amount of water out of 
constant-pressure calorimeters, is a major disadvantage. 
More insidious is the uncertain purity of available 
metal; while multiply distilled magnesium is quite low 
in metallic impurities and these can be adequately 
checked spectrographically, variable inclusions of non- 
metals, especially oxygen, seem to be more of a problem 
and these are more difficult to determine. It was 
originally intended to reinvestigate this system in the 
present work, but in view of the above difficulties it

now appears that there would be few situations where it 
would offer any advantage over the H 2S 0 4-N a 0 H  or 
TH AM -H C1 reactions.

Experimental
Materials. Four batches of potassium chloride were 

used. The first three were all taken from a single jar 
of Baker and Adamson reagent grade material. Batch 
A was oven-dried 18 hr. at 105°, batch B was heated 16 
hr. at 720° in air in a muffle furnace, and batch C was 
fused in air in the muffle furnace and cooled slowly. 
Batch D  was Harshaw optical quality, random-sized 
pieces cleaved into plates about 1 mm. thick. The 
salt was stored in a desiccator, then weighed into an
nealed Pyrex bulbs which were evacuated, filled with 5 
torr of helium (to promote thermal equilibration dur
ing the foredrift of the calorimeter run), and sealed off. 
Weighings were corrected to in vacuo using a density of 
1.98 g. m l.-1 . Flame photometric analysis indicated 
about 0.004 mole %  NaCl in both the Baker and 
Adamson and Harshaw material. The same result was 
found in a sample from the jar used in previous measure
ments15; evidently the 0.028 mole %  reported at that 
time was erroneous.

Constant-boiling sulfuric acid was prepared as de
scribed by Kunzler,10 using a still similar to his design. 
A batch of reagent grade sulfuric acid was first distilled 
into the receiver, the still was washed out and dried, 
and the distilled acid was put in the pot. About half 
of it was then distilled over at a rate of about 5 ml. 
min.-1 while dry nitrogen was flowed slowly through a 
tee connected to the receiver. The still was allowed to 
cool; then the cap of the pot was removed while the tee 
was temporarily blocked to give a slow flow of dry 
nitrogen through the still, and a joint closed by a stop
per with a tube passing through it was quickly placed 
on the tapered joint. The tube dipped into the acid in 
the still and, outside, was bent to a vertical termination 
with constricted tip. A  1-1. Pyrex bottle was fitted 
with an adapter, replacing the stopper, which had a 
small-diameter standard taper and cap at the top. 
The bottle was previously flushed with dry air and 
weighed against a tare. The cap was then removed, 
the bottle quickly raised around the tube from the still, 
and about 100 ml. of acid forced over with nitrogen 
pressure. The bottle was reweighed and water was

(11) R. C. Wilhoit, private communication.
(12) I. Wadsö and R. J. Irving, Acta Chem. Scand., 18, 195 (1964).
(13) J. H. Fossum, P. C. Markunas, and J. A. Riddick, Anal. Chem., 
23, 491 (1951).
(14) C. H. Shomate and E. H. Huffman, J. Am. Chem. Soc., 65, 1625 
(1943).
(15) S. R. Gunn, Rev. Sei. Instr., 29, 377 (1958).
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added very slowly, while the bottle was cooled in an ice 
bath, to the desired composition, and the bottle was 
again weighed. A  Teflon-coated magnetic stirring bar 
was placed in the bottle, and the solution was thor
oughly mixed by stirring and shaking. All glassware, 
including the calorimeter bulbs, had been kept in con
tact with concentrated H2S 0 4 or 6 M  H2S 0 4 for 2 
months before use. Three calibrated sets of weights 
were intercompared and used. Weighings were cor
rected to in vacuo using 1.83 g ./m l. for the density of 
constant-boiling sulfuric acid and 1.15 for H2S 0 4- 
20H2O. Four batches were used; they are described 
in Table I. The compositions are calculated using the 
percentage of H 2S 0 4 given by Kunzler10 for the pressure 
of the distillation.

T a b le  I :  T h e  Sulfuric A cid  Solutions

Batch

Pressure of 
distillation, 
mm. (cor.)

Constant
boiling 
acid, g.

Solution,
g.

Moles of H2O/ 
moles of H2SO4

A 749 192.705 891.621 20.0013
B 744 213.424 982.403 20.0013
C 754 189.422 871.851 20.0000
D 744 176.765 813.717 20.0031

The calorimeter bulbs were blown on 12/30 stand
ard taper male Pyrex joints and were annealed, cleaned, 
and constricted about 2.5 cm. above the shoulder. 
The solution was run in from a thin-tipped pipet coated 
with a silicone water repellent on the outside of the tip. 
Some of the bulbs were coated on the inside of the neck 
at the shoulder to prevent solution from creeping up 
the neck. The solution was weighed to 0.1 mg. The 
bulbs were capped during the weighing and showed no 
evaporation. After being weighed, the cap was re
moved, the joint greased, a compressed rubber bulb 
attached, the sample bulb chilled in an ice bath, and 
the constriction sealed off. This left about 0.9 atm. of 
air in the gas space, which was 20 to 3 0%  of the total 
bulb volume.

The sodium hydroxide solutions for reaction with 
sulfuric acid were made up by weight from Hellige 
carbonate-free standardized concentrates.

Succinic acid batch A  was J. T . Baker reagent grade, 
oven-dried at 120° for 17 hr., crushed and sieved to 4 5 -  
80 mesh, and stored in a desiccator over M g(C104)2. 
Batch B was the same reagent recrystallized four times 
from water, dried over M g(C104)2 at room tempera
ture, crushed, sieved, and further dried to constant 
weight over M g(C104)2 at room temperature. Batches 
C and D  were supplied by Dr. R. C. Wilhoit: batch C

was reagent grade material twice recrystallized from 
water and then sublimed at 0.1 mm. and 130°; batch 
D  was this material further recrystallized from water 
and dried 4 hr. at 80° and 5 mm. pressure. Batches 
E, F, G, H, and I were all material of batch B heated 
in various manners: E was heated in the oven at 110° 
for 38 hr.; F and G were portions of unsublimed mate
rial heated under high vacuum at 115° for 4 hr. and 
130 for 3 hr., respectively; H  and I were sublimed 
under high vacuum at 130° and 140°, respectively. 
Weighings were corrected to in vacuo using a density of 
1.572 g ./m l.16

T H A M  batch A  was Eastman 99.94%  reagent, twice 
recrystallized from water-methanol solution as de
scribed by Irving and Wadso12 and Fossum, Markunas, 
and Riddick,13 screened 45-80 mesh, oven-dried 22 hr. 
at 80°, further dried under high vacuum at room 
temperature for 66 hr., and stored 5 months over cal
cium chloride. Batch B was kindly supplied by Dr. 
Wadso (his designation: sample D ), and had been 
purified by a similar procedure and screened 50-100  
mesh. It was shipped by air from Sweden in plastic- 
capped bottles; when stored in shallow dishes in a desic
cator over calcium chloride it lost ca. 0 .003%  in weight, 
attaining constancy in a few days. Weighings were 
corrected to in vacuo using a density of 1.35 g ./m l.17

Hydrochloric acid solutions for the succinic acid and 
T H A M  work were made up from Hellige standardized 
concentrates. The 1961 atomic weights were used 
throughout: KC1, 74.555; H2S 0 4, 98.078; C4H60 4, 
118.0900; CJHnOsN, 121.1372; H20 , 18.0153.

The Calorimeter. Rocking bomb calorimeter ID , 
similar to others previously described,16 was used. It 
is fabricated of coinage gold; the bulb-breaking mech
anism is of tantalum. The bomb weighs 3.6 kg. and 
has an internal volume of 650 ml. Temperature 
measurements were performed with a 2000-ohm ther
mistor, d.c. bridge, Liston-Becker amplifier, and re
corder. A  Leeds and Northrup G-2 Mueller bridge 
with two 100-ohm standard resistors added externally 
was used for the earlier work (potassium chloride, suc
cinic acid except runs 22-25, and sulfuric acid runs ex
cept batch D ) ; the remaining work was done with a 
Tinsley Type 5415 Wheatstone bridge, which proved 
to be more satisfactory. In each run the calorimeter 
was twice calibrated by electrical heating over nearly 
the same temperature interval as that of the reaction: 
the thermistor and bridge thus function as a comparison 
system and need not be accurately calibrated. The

(16) “ Handbook of Chemistry and Physics,”  45th Ed., Chemical 
Rubber Publishing Co., Cleveland, Ohio, 1964, p. C-548.
(17) H. A. Rose and A. V. Camp, Anal. Chem., 27, 1356 (1955).
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combination was, however, calibrated against a plati
num resistance thermometer and a group of mercury- 
in-glass thermometers to establish the reference (initial) 
temperature of the reaction with an accuracy of 0.01°.

Standard cells and standard resistors were calibrated 
at this laboratory against standards certified by the 
National Bureau of Standards. A  calibrated Rubicon 
Type B potentiometer was used for the earlier work, 
done with the Mueller bridge; a Honeywell Model 2802 
potentiometer was used for the remainder. The heat
ing interval, usually about 3 min., was controlled by a 
pendulum-type standard clock; the relay lag and chat
ter were found oscilloscopically to introduce an error 
of no more than a few milliseconds. The electrical 
energy measurements are believed to have an over-all 
accuracy of 0.01% .

The difference of duplicate calibrations of the calorim
eter is limited, especially at smaller temperature rises, 
primarily by the noise level and reproducibility of the 
thermistor-thermometer system. For the 12 potas
sium chloride runs, with a temperature rise of ca. 0 .9°, 
the average difference was 0.005%  with a maximum of 
0.015% . For the earlier sulfuric acid work with 
similar rises, the differences were similar; for the three 
runs with rises ca. 0.3°, differences were 0.016, 0.007, 
and 0.010% . During the succinic acid work except 
runs 22-25 performance was somewhat poorer. The 
seven sulfuric acid runs with batch D , having rises ca. 
0.9°, showed an average difference of 0 .005%  and a 
maximum of 0.008% . The T H A M  runs, with rises ca. 
0.3°, showed average differences of 0 .006% , with a 
maximum of 0 .015% ; performance was similar at the 
higher temperature rises.

Calculation of the Corrected Temperature Rise. The 
corrected temperature rise was obtained by the method 
of Dickinson18’19 wherein a time tx is found by graphical 
integration such that

P ‘  (0 -  0i)di! =  P f (0f -  6)dt (1)
%J t\ %) tx

where U and U are the initial and final times of the 
main period and 6 is the calorimeter temperature, and 
the corrected temperature rise is the difference of the 
foredrift and afterdrift extrapolated to tx. The thermal 
leakage modulus of the calorimeter varies with the 
volume of solution used, but in the present runs ranged 
largely from 0.0008 to 0.0010 min.-1 ; for the higher 
value, an error of 6 sec. in tx will result in an error of 
0.01%  in the corrected temperature rise.

The temperature 0 which should be used in evaluating 
the integrals of eq. 1 is the average surface temperature 
of the calorimeter, not a temperature measured at a 
single point internally. This is because the heat trans

fer from an element of the surface of the calorimeter by 
radiation and residual gas conduction is proportional 
to the temperature difference between that surface ele
ment and the jacket, and the total heat transfer is pro
portional to this temperature difference integrated over 
all surface elements. This conclusion will be somewhat 
perturbed by conduction through the heater and 
thermometer leads and the supporting cords, and in 
other types of calorimeters by such components as 
hangers and stirrer shafts; if these components con
tribute a substantial part of the heat transfer, the 
calorimeter temperature in their vicinity must be 
weighted more heavily.

It is convenient to speak of a “reaction lag,” the 
difference in time between initiating a reaction by 
breaking the sample bulb and tx, and a “ heating lag,”  
the difference between the midtime of an electrical 
heating period at uniform power and tx. These may be 
further specified as “ internal” or “ surface” to denote 
whether measured by the regular internal thermometer 
of the calorimeter or by a special external thermometer 
designed to measure the average surface thermometer. 
A  series of experiments was performed with a no. 40 
copper coil thermometer wrapped on the outside of the 
bomb and connected to a recording bridge. This has 
been shown to have negligible lag with respect to the 
bomb surface. The winding covered the cylindrical por
tion of the bomb but not the hemispherical ends, but 
the winding density was increased at the ends of the 
cylindrical portion and it is believed that the response 
of the winding should approximate rather closely the 
average surface temperature. The heating lag ranges 
from 25 to 45 sec., being longer when the volume of 
solution is greater and the stirring is evidently less 
efficient, but is the same within 1 or 2 sec. measured 
internally and on the surface. Three KC1 dissolutions 
were performed, using material from batch 1; the 
internal reaction lags were 113, 115, and 118 sec. : the 
corresponding surface reaction lags were 53, 57, and 
55 sec., respectively. For two sulfuric acid neutraliza
tions, internal reaction lags (neglecting a small bump 
which occurs immediately upon breaking and is un
doubtedly due to the fact that the sample bulb is 
mounted immediately adjacent to the thermometer 
well) were 47 and 58 sec.; the corresponding surface 
reaction lags were the same within 1 sec.

A  plausible explanation of the difference in lags of 
KC1 dissolutions can be constructed. Evidently the 
salt falls to the bottom of the bomb and lies there, mov

(18) H. C. Dickinson, Bull. Natl. Bur. Std., 11, 189 (1914).
(19) J. Coops, R. S. Jessup, and K. Van Ness, “ Experimental Ther
mochemistry,” F. D. Rossini, Ed., Interscience Publishers, Inc., 
New York, N. Y., 1956, pp. 28-35.
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ing along the end somewhat as the bomb is rocked, dis
solving for about 4 min. This results in a local “ cold 
spot”  much cooler than the body of the solution which 
is “seen” by the internal thermometer; and while 
most of the bomb wall would be nearly in thermal 
equilibrium with the body of the solution, this spot is 
so much colder that the average surface temperature is 
lower than the internally measured temperature. The 
surface thermometer is not used in normal operation; 
the internal reaction lags observed for the 12 runs were 
for batch A , 114, 129, and 114; bath B, 118, 115, 106; 
batch C, 149, 157, 156; batch D , 141, 151, and 134 sec., 
in order. The results were calculated using one-half 
of these values to determine tx. An obvious advantage 
of the sulfuric acid reaction over the potassium chloride 
appears here: the reaction occurs in the bulk of the 
solution and not at a solid-liquid interface which may 
become located near the calorimeter wall and intro
duce a perturbing effect on the temperature rise correc
tion.

A  similar but smaller effect was observed for dissolu
tion of succinic acid; the results are calculated for tx at 
three-fourths of the observed internal reaction lags, 
which ranged from 55 to 150 sec. For T H A M , the 
effect was still smaller; heats are calculated for a tx 6 
sec. before the observed internal reaction lags, which 
were mostly 40 to 50 sec.

Since this surface temperature effect might contribute 
an error to other investigations where in the surface 
temperature of the calorimeter was not examined, an 
apparatus was built to approximate a common type of 
solution calorimeter. A  1-1. spherical flask with about 
a 2.5-cm. neck was surrounded by an air gap and 
water jacket and fitted with a propellor at the center 
producing a downward flow. The flask was filled 
nearly to the neck. Internal temperature was meas
ured with a mercury-in-glass thermometer, and the 
surface temperature was measured by a uniformly dis
tributed copper resistance thermometer. Reactants 
were introduced in some cases by breaking a bulb and in 
others by pouring through a funnel. The propellor 
speed was varied. For four KC1 dissolutions, internal 
and surface reaction lags were: 243, 183; 66, 46; 52, 
31; and 18, 10 sec. For a sulfuric acid neutralization, 
the internal lag was 6 sec. and the external 13 sec. This 
last discrepancy is consistent with the metal bomb per
formance since the glass wall of the flask is quite thick, 
much thicker than the thermometer bulb, and it in
dicates that the real difference between the lags for the 
KC1 dissolutions should be somewhat greater than here 
indicated. The KC1 in all cases lay at the bottom of the 
flask; the time required for complete dissolution was 
highly sensitive to stirrer speed.

These observations indicate the importance of study
ing the surface temperature behavior of many types of 
calorimeters in which the thermometer is not distributed 
over the surface. In the present instrument, for KC1 
dissolutions, use of the observed internal reaction lag 
would have resulted in errors of 0.07 to 0 .12% , but in a 
calorimeter with a higher thermal leakage modulus, 
the error would be proportionally greater.

Another serious surface-temperature effect was dis
covered during the course of this work: a superheating 
of the bomb surface in the vicinity of the heater. A  
cross section of the heater arrangement is shown in 
Figure 1. The heater well is of the same material as 
the bomb, coinage gold, and is welded in an off-axis 
hole through the hemispherical lower end of the bomb. 
The heater spool was copper. Use of copper was a 
design error, since it promotes undesirable conduction 
of heat to the bore and the outer end of the spool. 
After discovery of this local superheating, a new heater 
wound on a stainless steel spool was installed. The 
heater windings were no. 35 Formvar-insulated Man- 
ganin, and the leads were no. 26 copper. The space 
between the winding and the well from the inner end to 
the holes at point A  (Figure 1) was filled with Apiezon 
W  wax by inverting the bomb section, partially filling 
the well with wax, and screwing in the spool with the 
assembly heated to melt the wax. The copper leads 
had three turns around the spool immersed in the wax 
and were cemented to the inner surface of the spool 
from points B to C, and also along the outer surface of 
the bomb from points E  to G or H. After installation 
of the stainless steel heater spool, the end of the heater 
well was covered by two layers of 0.002-in. gold foil, ce
mented around the rim at E except for a small notch 
to pass the leads.

Table II gives results of some observations of the 
degree of superheating at the indicated points as ob
served with a thermocouple taped or otherwise pressed 
in contact with the surface. The heater power in all 
cases was 11 w. Point D for the stainless steel spool 
refers to the center of the gold foil. Point I refers to 
the thermocouple attached to the heater leads, 2 cm. 
from the point of contact with the bomb, points G and 
H, respectively.

To determine the effect of this superheating upon the 
measurement of heats of reaction,bate h D  of H 2S 0 4- 
20H 2O was prepared and eight bulbs of this were 
weighed on the same day. Bulbs 1, 4, and 8 were used 
for the first series with the copper-spool heater and bulbs 
2, 3, 5, and 6 for a second series after installation of the 
stainless steel spool heater.

The first series gave results of 32.592, 32.591, and
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Figure 1. Cross section  o f  heater.

T a b le  II  : Superheating o f Surface, °C .

Point Copper spool Stainless steel spool

B 5 .6
D 2 .8 0 .1 5
F 2 .2 0 .2
G 0 .5 < 0 .1
H 0 .2
I ~ 0 . 7 < 0 .1

32.594, an average of 32.593 ±  0.002 kcal. mole-1 for 
— AH. The second series gave 32.556, 32.556, 32.554, 
and 32.556, an average of 32.556 ±  0.001. The dif
ference between these two series is 0.111 ±  0.007% . 
This difference is assumed to be due solely to differences 
in heat loss from the heater region during the calibra
tions since all other variables were kept quite un
changed between the two series. Comparison of the 
two columns in Table II  suggests that this excess heat 
loss for the second configuration should be well under 
10%  of that for the first. The copper-spool heater was 
waxed in the bomb without changing throughout the 
potassium chloride and succinic acid work, and all sul

furic acid runs except the last four described above; 
the observed heats, q, for all of these have been reduced 
by 0.120% , and this correction should introduce little 
error. Data taken with the newer heater should have 
a negligible error from this local superheating effect. 
A report20 evaluating the effect of the heater error upon 
other work done in this and similar calorimeters at this 
laboratory and previously published has been prepared.

Although this whole source of error might have been 
avoided in the first place by a shrewder arrangement of 
the heaters for these calorimeter bombs, the present 
work may point out two factors of importance in 
solution calorimetry: first, the desirability of checking 
the surface temperature patterns with surface resist
ance thermometers or thermocouples during reactions 
and calibrations, both averaged over the surface and 
at particularly suspect localities and, second, the utility 
of a very precise chemical reaction, such as the neu
tralization of dilute sulfuric acid prepared from con
stant-boiling sulfuric acid, for investigating variables 
in calorimeter performance.

A  small error might occur in isothermally jacketed 
solution calorimeters (not adiabatic or isothermal 
types) due to poor heat transfer within the material in 
the sample bulb or chamber. Thus as the calorimeter 
temperature drifts upward (or downward) in the fore
period, the temperature of the sample will lag behind 
and at the moment of initiation of the reaction will be 
lower (or higher) than the average calorimeter tem
perature. It is to minimize this lag that a small 
amount of helium is included in the sealed sample bulb. 
To investigate the possible magnitude of this error, a 
thermocouple of very fine wire was placed at the center 
of a bulb, about 3 cm. in diameter, nearly filled with 7.2 
g. of T H A M , and immersed in a stirred water bath. 
When the temperature of the water bath was changed, 
the thermocouple approached the new temperature 
exponentially with a half-time of about 1.5 min. From 
this it may be concluded that the effect of the lag would 
be negligible except in calorimeters having a very high 
thermal leakage modulus. In the present rocking 
calorimeter, liquid samples such as the H2SO4-20H2O 
would be agitated inside the bulb during the foreperiod 
and should lag even less; this would not be the case in 
many static, propellor-stirred calorimeters, however.

Corrections Applied to Observed Heats. Solution 
calorimeters may be divided into two types: open, or 
constant pressure, and sealed, or constant volume. 
The first measures approximately AH and the second 
approximately AE. However, certain small correc

(20) S. R. Gunn, University of California Radiation Laboratory Re
port UCRL-7992, July 1964.
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tions, sometimes ignored, must be made to observa
tions in either type. It may be assumed that in open 
calorimeters the passages to the atmosphere are suffi
ciently narrow that diffusion of vapors, in the absence 
of a total pressure gradient, is negligible. The heat of 
breakage of annealed glass sample bulbs is generally 
negligible, but in some calorimeters the mechanical 
system causing breakage of the bulb may introduce a 
significant amount of heat; the same may be true of 
the opening of the sample chamber in calorimeters not 
using a frangible bulb.

Breaking an empty evacuated bulb in an open 
calorimeter causes evolution of a compressional heat,
Qcomp

Q c o x a p  =  P v b  ( 2 )

where P is atmospheric pressure and V\, is the internal 
volume of the bulb.21 If the bulb contains a solid sam
ple of volume ve, the correction is

Qcomp =  P(v b Vo) (3)

This corresponds to transfer of the sample from the 
evacuated bulb to the vapor space over the initial water 
or solution. If P is one standard atmosphere and Vb 

and Vo are in milliliters

gComp =  0.02422 (vb — vc) cal. (4)

A  volume (vb — vB) of air will at the same time be drawn 
into the calorimeter, and since in general the apparent 
molar volume VB of the solute in solution will be less 
than its molar volume Ve as a solid, an additional 
amount of air (Vc~  F „)/ n will also be drawn in, where n 
is the number of moles of solute. If this air has a rela
tive humidity h (at 25°) less than that of the initial 
water of solution, water must vaporize to resaturate the 
vapor space. This vaporization heat will be termed 
gvap. Since the heat of vaporization of water to satu
rate 1 ml. at 25° is 0.01340 cal.

gvap =  0.01340/i|hb — vc +  (F 0 — Ve)/n] cal. (5)

If the vapor pressure pB of the final solution is signifi
cantly less than that of the initial water or solution, pw, 
heat will be evolved by condensation of water from the 
vapor phase; this correction, gc0nd, is given by

gcond =  0.01340t)v(pw — Ps)/p* (6)

The heat of reaction is given by

AH =  —qooi/n (7)

where

gcor =  gobsd gcomp gvap gcond (3)

where g0bsd is the calorimetrically observed heat. It is

to be noted that although F0 — Fa appears in the 
vaporization correction (eq. 5), it does not appear in 
the compression correction (eq. 4 ); in fact, it is — AF, 
which defines the difference between the heat of reaction 
at constant pressure, A H ,  and the heat of reaction at; 
constant volume, AE

A H  = A E  +  PAF (9)
In a sealed calorimeter, most of the corresponding 

effects occur except that there is no entering air and 
hence no gcomp term. If the water or solution is not de
gassed, thermal effects due to desorption of air may 
occur upon breaking the sample bulb22; these may be 
rather slow and irreproducible. The system is better 
defined if the solution is degassed and the sample bulb 
evacuated; this was done in the present measurements 
with KC1, succinic acid, and T H A M , the bulbs con
taining only ca. 10 torr of helium to improve thermal 
contact. When an empty sample bulb is broken, the 
endothermic heat effect corresponds to the energy of 
vaporization rather than the heat of vaporization23; 
for water at 25° this amounts to 0.01265 cal. to saturate 
1 ml. The corrections for vaporization into the in
creased vapor space and condensation due to the re
duced vapor pressure then become

g'vap = 0.01265(% -  Vo) (10)
Q  cond =  0.01265yv(y> w  —  p * ) / p w  (1 1 )

It is convenient to treat the condensation correction in 
terms of the vapor pressure depression factor R ,  which is 
nearly independent of concentration for dilute solutions

R  =  (pw — pB)/cpw (12)

where c is the concentration in moles per liter, or 1000 
n/vi, Vi being the volume of the liquid phase. Then

Q cond =  1 2 .6 5 R n v v/v i  (13)

g  cor =  gobsd “1" g  vap g  cond ( f t )

A E  =  — g'cor/n (15)
A E  =  —[g0bsd +  0.01265(wb — vc) ] / n  +  12 .Q 5R vv/v i

(16)

A E  =  — (g0bsd +  0.01265wb ) / n  +  12.65fi!zvA’i +
0.01265Fe (17)

Converting to the more customarily tabulated A H  at 
one atmosphere pressure by addition of the term

(21) C. A. Guderjahn, D. A. Paynter, P. E. Berghausen, and R. J. 
Good, J. Chem. Pkys., 28, 520 (1953).
(22) G. C. Benson and G. W. Benson, Rev. Sci. Instr., 26, 477 
(1955).
(23) S. R. Gunn and L. G. Green, J. Phys. Chem,., 64, 1066 (1960).
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PAR =  P ( 7 S -  Vo) (18)

which in calories per mole with V in milliliters is

PAR  =  0.02422(RS -  R„) (19)

AH =  — [g0bsd +  0.01265(vb — v*) \/n +  12.65.Rtv/fy +

0.02422 (R. -  Re) (20) 

or

AH — — (f/ob.sd “l-  0.01265^b)/w T  12.65Rtv/th T

0.02422R„ -  0.01157Re (21)

From data in the “ International Critical Tables,” R 
is 0.032 for KC1 and 0.016 for succinic acid and Ra is 80 
for succinic acid; from Harned and Owen,24 Rs is 28 for 
KC1. Values of R0 are calculated from the previously 
stated densities, and vv/vi was about 0.6 throughout. 
The sums of the second, third, and fourth terms on the 
right-hand side of eq. 21 are accordingly 0.54 cal. 
mole-1 for KC1 and 1.10 for succinic acid. For the 
TH AM -H C 1 reaction

TH AM (c) +  H+(aq) — ► T H A M :H +(a q ) (22)

it is assumed that AR is zero and that the vapor pres
sure of the solution is unchanged since there is no 
change in ionic strength; the second and third terms of 
the right-hand side of eq. 20 are thus zero.

For the sulfuric acid-sodium hydroxide reaction 
neither solution was deaerated. The sample bulb was 
filled almost full; since the vapor pressure of water over 
H 2SO4-20H2O is 90%  of that over pure water, vaporiza
tion effects upon breaking the bulb were negligible, and 
since the bulb contained air at a pressure only slightly 
below atmospheric, desorption effects were also neglig
ible. The volume change of the reaction, about 30 ml. 
mole-1 , gives a heat of only 0.7 cal. mole-1 or 0 .002%  
of AH. The effect of change of vapor pressure upon 
converting NaOH to Na2S 0 4 in the solution is even 
smaller. Thus, one of the advantages of this system is 
that in neither open nor sealed calorimeters need any 
corrections be applied to the observed heat. Also, in 
open calorimeters, influx of outside air is minimized.

Results

All results are given in terms of the defined thermo
chemical calorie, 4.1840 absolute joules. Uncertainty 
intervals are twice the standard deviation of the mean, 
2 [Xd2/n(n — l ) ]1/!. The reaction temperature is 
25.00° throughout unless otherwise specified.

Potassium Chloride. All samples were approximately 
0.125 mole; the amount of water, about 450 ml., was 
in all cases within 0.2%  of the amount required to give 
KC1-200H20 . Internal volumes of the sample bulbs

ranged from 13 to 18 ml. Three runs were made with 
each of the four batches; A  gave 4196.6, 4195.4, and
4195.2 cal. mole-1 , an average of 4195.7 ±  0.9; B gave
4203.5, 4202.0, and 4202.9 cal. mole-1 , an average of 
4202.8 ± 0 . 9 ;  C gave 4201.3, 4199.5, and 4199.0 cal. 
mole-1 , an average of 4199.9 ±  1.4; D  gave 4203.5,
4204.3, and 4203.8 cal. mole-1 , an average of 4203.9 
±  0.5.

Sulfuric Acid-Sodium Hydroxide. The reaction is 
described by the equation

H 2S 0 4-aH 20  +  6 ( N a 0 H - c H 20 )  =

Na2S 0 4-(5 -  2)NaOH-(a +  be +  2)H 20  (23)

The reference conditions are a =  20, b =  2.5, and c =  
600, which give a temperature rise of about 1°. It was 
expected that use of 2 5%  excess sodium hydroxide 
would minimize the effect of small amounts of carbonate 
in it. Since the change in the apparent molar heat con
tent of sulfuric acid is ca. 9 cal. mole-1 per 1%  change in 
a when a =  20, the deviations from 20 of the mole ratio 
a indicated in Table I are negligible. The effects of 
variation in 5, c, and temperature and of added C 0 2 
were studied.

Twenty-three runs were performed at the reference 
conditions; sample weights were mostly 7 to 8 g., re
quiring 410 to 470 ml. of NaOH solution. Six runs with 
batch A  gave for — AH 32.577, 32.565, 32.556, 32.560,
32.560, and 32.559 keal. mole-1 , an average of 32.560 
±  0.003; six runs with batch B gave 32.555, 32.554,
32.561, 32.562, 32.558, and 32.558 keal. mole-1 , an 
average of 32.558 ±  0.003; four runs with batch C gave 
32.564, 32.561, 32.564, and 32.561 keal. mole-1 , an 
average of 32.562 ±  0.002; three runs with batch D  
gave 32.553, 32.551, and 32.555 keal. mole-1 , an average 
of 32.553 ±  0.002; four more runs with batch D using 
the new stainless-steel spool heater gave 32.556, 32.556, 
32.554, and 32.556 keal. mole-1 , an average of 32.556 
±  0.001. The recommended best value is 32.558. 
For an estimate of the over-all accuracy, there may be 
asssumed errors of 0.01%  in the composition of the 
constant-boiling acid, 0.01%  in the dilution and sample 
weighing, and 0.01%  in the calorimetric measurements, 
of an over-all uncertainty of 0.02% .

Using material of batch A, a run at b =  2.25, c =  600 
gave 32.556; b = 2.75, c =  600 gave 32.560; b =  2.25, 
c =  667 gave 32.550; b =  2.75, c =  545 gave 32.562 
keal. mole-1 . These data indicate the effect of small 
variations in amount and concentration of the sodium 
hydroxide solution to be negligible. At the reference

(24) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,”  3rd Ed., Reinhold Publishing Corp., New 
York, N. Y., 1958.
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concentrations, two runs at 23.00° gave 32.595 and 
32.587 kcal. mole-1; two runs at 27.00° gave 32.526 
and 32.525 kcal. mole-1. Thus ACp is 16 cal. deg.-1 
mole-1, and dAH / AHdT is 0.00049 deg.-1.

Three runs were made at the reference concentrations 
but with enough C 02 added to react with 10% of the 
NaOH. One with batch A gave 32.544 kcal. mole-1 ; 
two with batch C gave 32.549 and 32.552 kcal. mole-1. 
Quite elementary precautions would keep the car
bonate contamination far below this level, and it should 
not be a significant source of error.

Some measurements and calculations were also made 
for the sulfuric acid-sodium hydroxide reaction at dif
ferent concentrations to provide data for checking 
calorimeters at smaller temperature rises or using dif
ferent sulfuric acid sample sizes. Three runs were 
made at a = 20, b =  25, c = 2000, giving about 0.3° 
temperature rise; batch C was used and results were 
32.548, 32.548, and 32.553 kcal. mole-1, an average of 
32.550 ±  0.003 kcal. mole-1. Since batch C gave a 
somewhat higher than average value at the reference 
conditions, a value of 32.547 kcal. mole-1 is recom
mended at the present conditions. Two measurements 
were made of the dilution

H2SO4-20H2O +  180H2O =  E2S04-200H20  (24)

results for AH were —896.1 and —895.3 cal. mole-1.
In principle, the heat of reaction 23 can be calculated 

for any values of a, b, and c if it is known at any one set 
a, b, c and the heats of dilution of H2S04, NaOH, and 
the mixed Na2S04-N a0H  solution are known. Giau- 
que, et al.,2S have tabulated the enthalpy of sulfuric acid 
from absolute to 1 m. Their data give for the apparent 
molal heat content of sulfuric acid, relative to H2S04- 
20H2O, 3212 cal./mole at a = 5, 1049 at a = 10, and 
—480 at a = 55.506 (1 m). For a — 200 (reaction 5) 
the NBS tables26 give —820; we shall use our value of
— 896. The dilution data tabulated by Harned and 
Owen24 for NaOH and Na2S04 are used. Aside from 
possible inaccuracies in the input data, the principal 
uncertainty lies in the unknown heat of mixing of 
solutions of Na2S04 and NaOH; it is assumed that the 
relative apparent molal heat content of both Na2S04 
and NaOH in a mixed solution is the same as in its own 
pure solution of the same ionic strength (Young’s rule).27

Table II I  gives calculated values for AH4 at b = 2.5 
and various values of a and c. Using —32.558 for AH4. 
at a = 20, c =  600, a value of — 32.539 is obtained at 
a = 20, c =  2000, but the experimental value of
— 32.547 is preferred and serves as the reference for all 
calculations at c ^ 2000.

Constant-boiling sulfuric acid could itself be used for 
the reaction without dilution, but great care would be

T a b l e  I I I :  —AH i  (kcal. mele-1) at 6 = 2.5

o 600 2000 5000 10,000 40,000 c = co

5 35.,770 37.759 35..770 35,.782 35..798 35..820
10 33 .607 33.596 33..607 33. 619 33..635 33..657
20 32.,558 32.547 32..558 32. 570 32..586 32.,608
55.506 32..078 32.067 32..078 32..090 32. 106 32. 128

200 31. 666 31.653 31. 664 31. 674 31. 690 31. 712

necessary in its handling; absorption of 0.010 wt. %  
water would not only reduce the amount of reaction by 
this percentage but would also, because of its effect on 
the relative apparent molal heat content of the acid, 
reduce the molal heat of reaction by 0.010%, or a total 
error of 0.020% in the heat effect. The calculated AH4 
for a = 0.08409 (98.479 wt. %  H2S04, the composition 
at 760 mm.), b =  2.5, c =  600 is —48.817. One ad
vantage would accrue from use of more concentrated 
acid: the vapor pressure of water over H2SO4-20H2O is 
about 90% that of pure water, but over H2S04-7H20  is 
about 50%. Weight changes during handling would 
be minimized if the vapor pressure were matched to the 
relative humidity of the room.

Succinic Acid. The reference conditions chosen for 
succinic acid dissolution were 0.100 N HC1 and 0.169 
N H2Suc at 25.00°, but the effects of variations in the 
concentration of both hydrochloric acid and succinic 
acid and in temperature were studied, as well as varia
tions in the sample treatment. Results are given in 
Table IV.

The experimental accuracy during these measure
ments, excepting runs 22 to 25, was less than during the 
other work described in this paper. For the first nine 
runs, the heat is linear within experimental error for 
the three variables and may be described as

AH = AH° -  70[(HC1) -  0.100] -  70[(H2Suc) -
0.160] +  18(T -  25) (25)

where AH° is the heat of solution at the reference con
ditions 6823 cal. mole-1. The results for recrystallized 
material, batch B dried at room temperature, and 
batch D dried at 80° agree well. Batches E, F, and 
G, heated to successively higher temperatures, show in
creasing positive deviations; batches H and I, sublimed 
at successively higher temperatures, show increasing

(25) W . F .  Giauque, E .  W . Hornung, J .  E .  Kunzler, and T .  R . Rubin 
J . A m . Chem. Soc., 82, 62 (I960 ).
(26) F .  D . Rossini, et a l ., “ Selected Values of Chemical Thermo
dynamic Properties,”  N ational Bureau of Standards C ircu lar 500, 
U . S . Government Printing Office, Washington, D . C ., 1952, pp. 41, 42.
(27) T . F .  Young, Y .  C . W u, and A . A . K raw etz, D iscu ssion s F araday  
Soc., 24, 37 (1957).
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Table IV :  H e a t  o f  S o l u t i o n  o f  S u c c i n i c  A c i d

Run Batch
H îSuc, 

mole 1.-1
HCl, 

mole 1. T, "C .
A H,

cal,/m ole

1 A 0 .0 8 0 0 .1 0 0 2 5 .0 0 6829
2 A 0 .1 2 0 0 .1 0 0 2 5 .0 0 6829
3 A 0 .1 2 0 0 .1 0 0 2 5 .0 0 6828
4 A 0 .1 6 0 0 .1 0 0 2 5 .0 0 6822
5 A 0 .2 0 0 0 .1 0 0 2 5 .0 0 6822
6 A 0 .1 6 0 0 .1 0 0 2 3 .0 0 6787
7 A 0 .1 6 0 0 .1 0 0 2 7 .0 0 6859
8 A 0 .1 6 0 0 .0 5 0 2 5 .0 0 6828
9 A 0 .1 6 0 0 .2 0 0 2 5 .0 0 6817

10 B 0 .1 6 0 0 .1 0 0 2 5 .0 0 6862
11 B 0 .1 6 0 0 .1 0 0 2 5 .0 0 6866
12 B 0 .1 6 0 0 .1 0 0 2 5 .0 0 6863
13 C 0 .1 6 0 0 .1 0 0 2 5 .0 0 6753
14 C 0 .1 6 0 0 .1 0 0 2 5 .0 0 6758
15 D 0 .1 6 0 0 .1 0 0 2 5 .0 0 6868
16 D 0 .1 6 0 0 .1 0 0 2 5 .0 0 6866
17 E 0 .1 6 0 0 .1 0 0 2 5 .0 0 6874
18 F 0 .1 6 0 0 .1 0 0 2 5 .0 0 6876
19 G 0 .1 3 0 0 .1 0 0 2 5 .0 0 6886
20 H 0 .1 3 0 0 .1 0 0 2 5 .0 0 6818
21 I 0 .1 6 0 0 .1 0 0 2 5 .0 0 6775
22 B 0 .1 6 0 0 .1 0 0 2 5 .0 0 6865
23 B 0 .1 6 0 0 .1 0 0 2 5 .0 0 6863
24 B 0 .1 6 0 0 .1 0 0 2 5 .0 0 6865
25 B 0 .1 6 0 0 .1 0 0 2 5 .0 0 6865

negative deviations. (AH for runs 19 and 20, con
verted to 0.160 M  H2Suc, would be 6884 and 6816, 
respectively.) Sublimed batch C also shows a large 
negative deviation. Runs 22-25 were performed 2 
years after the others; the succinic acid had been stored 
during this period in a desiccator over magnesium per
chlorate.

Tests of batch C for succinic anhydride gave negative 
results, with a limit of detection of 0.05%. The reasons 
for {he deviations of the heated and sublimed material 
are not clear, but the agreement of batches B and D sug
gests that recrystallized material dried at low tempera
ture may be thermochemically reproducible. Keffler28 
found the heat of combustion to be unaffected by heat
ing to 120°, but this measurement is much less sensitive 
than the heat of solution.

THAM. About 400 ml. of hydrochloric acid was 
used for all runs; hence sample weights were ca. 2.4 g. 
for runs at a concentration of 6 g./L, 4.8 g. for 12 g./l., 
and 7.2 g. for 18 g./l. Internal bulb volumes for 2.4 g. 
were 6 to 8 ml.; for 4.8 g., 9 to 14 ml.; and for 7.2 g., 
14 to 20 ml. Thirteen runs were performed in 0.100 M  
HC1, 6 g. of THAM  l.-1 : seven with batch A gave for 
— AH 7107.5, 7108.6, 7104.9, 7106.2, 7108.0, 7106.3, 
and 7107.4 cal. mole-1, an average of 7107.0 ±  0.9,

and six with batch B gave 7107.5, 7109.0, 7107.4, 7106.4,
7106.6, and 7105.4 cal. mole-1, an average of 7107.1 
±  1.0. Nine runs were performed in 0.200 M  HC1 
with batch A: three at 6 g. of THAM l.-1 gave 7118.9,
7121.1, and 7119.3 cal. mole-1, an average of 7119.8 
±  1.4; three at 12 g. of THAM l.-1 gave 7121.9,
7121.2, and 7121.7 cal. mole-1, an average of 7121.6 
±  0.6; and three at 18 g. of THAM l.-1 gave 7125.8,
7125.7, and 7125.4 cal. mole-1, an average of 7125.6 
±  0.3.

Discussion
The KC1 measurements previously reported16 were 

performed without deaerating the water and with about 
0.8 atm. of air in the sample bulbs. Under these con
ditions the desorption correction22 is about 0.01 cal. 
and may be neglected. The values were corrected for 
the surface temperature curve, for evaporation due to 
breaking the sample bulb, and for condensation due to 
the decreased vapor pressure of the solution, but not 
for condensation due to the increased volume or for the 
effect of superheating near the vicinity of the heater 
(the heaters of calorimeters IA and IB were set in with 
W ood’s metal; that of IA is still in existence, and from 
thermocouple measurements at the surface the heating 
error was estimated to be 0.05%; the same figure was 
used for IB ); they also included an erroneous correc
tion for sodium chloride (see above). The recalculated 
values, including the new atomic weights, are for IA, 
4202, 4205, 4203 and 4204 cal. mole-1 ; for IB, 4205, 
4204, 4204, and 4205 cal. mole-1. The treatment of 
the KC1 was similar to batch B of the present work.

The present work demonstrates variations of up to 
0.2%  in the heat of solution of KC1 according to the 
pretreatment and source of the salt and suggests one 
possible source of instrumental error, the “ cold spot”  
surface temperature effect. It still remains difficult to 
understand the very large historical spread of measure
ments of this system. It would be interesting to have a 
uniform batch of KC1 prepared and distributed to 
several laboratories capable of precise solution calorim
etry, the calorimeters also being compared by means of 
another reaction such as one of the other three treated 
in the present work. For the present, however, it can 
only be concluded that potassium chloride is not a 
satisfactory substance for checking solution calorim
eters and its use for that purpose should be discon
tinued. It might be noted in passing that papers on 
solution calorimetry often mention checking with KC1 
and quote two or three similar values from the literature 
to support the reliability of the measurements; with

(28) L .  J . P . Keffler, J. P h ys . Chem., 38, 717 (1934).
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some 70 published values to choose from, such agree
ment is not difficult to achieve.

Compared with a salt such as KC1, the heat of solu
tion of an organic crystal is less likely to be perturbed by 
lattice defects, strain energy, or surface effects. An 
endothermic solid-dissolution comparison reaction may 
occasionally be desirable; the present work on succinic 
acid is not wholly definitive but suggests that it may be 
satisfactory. THAM, dissolved in a dilute alkaline 
solution, might be another possibility; preliminary 
measurements in 0.100 M  NaOH gave 4001 cal. mole“1 
for AH at 0.100 M THAM  and 25.00°, 4018 cal. mole“1 
at 0.175 M  THAM and 25.00°, and 4159 cal. mole“1 at 
0.100 M  THAM and 30.00°.

The present data for THAM  are in excellent agree
ment with the value presently recommended by 
Wadso,29 7107 ±  4 cal. mole“ 1, for the heat of solution 
at 5 g./l. in 0.1 M  HC1. THAM is perhaps easier to 
prepare, handle, and weigh than the sulfuric acid solu

tions; it appears that the reproducibility for any one 
prepared batch of sulfuric acid may be somewhat better 
than for THAM, but that the reproducibility between 
batches is no better. Thus, sulfuric acid might be pref
erable for use within a single laboratory to compare 
calorimeters or the effect of structural or operational 
changes— as was done in the present work for two 
heater configurations— but THAM might be equally 
satisfactory for interlaboratory comparisons.

The present determination of the H2S04-N a0H re
action heat could be used together with appropriate 
heats of dilution to calculate the heat of ionization of 
water for comparison with other determinations. 
However, the heats of dilution, especially for H2S04r 
and the heat of unmixing of the Na^SOr-NaOH solution 
are too uncertain to make this of any value.

(29) I .  Wadso, private communication.
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Cupric Ion Catalyzed Hydrolyses of Glycine Ethyl Ester, 

Glycinamide, and Picolinamide1

b y  H a r r y  L .  C o n l e y ,  J r . ,  a n d  R .  B r u c e  M a r t i n

Cobb Chemical Laboratory, University of Virginia, Charlottesville, Virginia (Received February 16, 1966)

Attack of hydroxide ion on protonated glycine ethyl ester at 25.00° and 0.16 ionic strength 
proceeds 41 times faster than the same reaction with neutral ester. Reaction of hydroxide 
ion with the cupric complex of glycine ethyl ester provides a further increment of 3200 
over hydroxide ion attack on protonated ester, furnishing an example of super-acid cataly
sis due to chelation near the reactive site. A zinc-mercaptoethylamine complex catalyzes 
hydrolysis of glycine ethyl ester. Cupric ion also promotes the hydrolysis of glycinamide 
near neutral pH, but less effectively than in the case of glycine ethyl ester. Cupric ion 
inhibits the hydrolyses of both glycinamide and picolinamide at high pH, where ionization 
of amide hydrogens has taken place. Interpretations of these kinetic observations are 
made on the basis of equilibrium complexation of cupric ion with reactants and tetrahedral 
carbon addition intermediates. Results of potentiometric and spectrophotometric studies 
of cupric and nickel ion complexes of picolinamide are described. A 2:1 picolinamide- 
nickel ion complex yielding red needles in the solid state has been prepared.

Though it is generally recognized that metal ions 
are less effective in catalyzing amide than ester hy
drolyses, direct comparisons of specific rate constants 
on analogous compounds of well-defined reacting 
species have not been possible. An early study of 
metal ion activated hydrolysis of amino acid esters2 
is compromised by coordination with the metal ions 
of the basic component of the buffer system and has 
been criticized on other grounds as well.3 Further work 
on cupric ion promoted hydrolysis of glycine ethyl ester 
in the presence of glycine buffer, a product of the reac
tion, was performed at only one pH.3 This latter work 
did establish however, that carbonyl oxygen exchange 
occurs in the cupric ion hydrolysis, as it does in ordinary 
ester hydrolysis. Since it was not possible to calcu
late the concentration of reacting species, only ob
served rate constants are given. Both of these studies 
followed the reaction by classical titration methods. 
A conductivity method has also been used to follow 
the hydrolysis of glycine ethyl ester in the presence of 
cupric and nickel ions and excess base. Formation 
constants were reported, but no variation in hydroxide 
concentration was attempted.4 Cupric ion catalyzed 
hydrolysis of glycinamide has been studied as a func

tion of pH and temperature by a spectrophotometric 
method in the presence of high concentrations of car
bonate buffers.5

The work reported here aimed to determine specific 
rate constants for cupric ion catalyzed hydrolyses in 
terms of well-defined complexes of glycine ethyl ester 
and glycinamide. Reaction rates were followed on 
a pH-stat so that buffer-free solutions could be used. 
Hydroxide ion dependences of the rates with specific 
complexes are reported. Comparisons are then made 
among free ester and cupric ion catalyzed hydrolyses 
and with amide hydrolyses. Similar studies on other 
amino acid esters are reported elsewhere.6

Some of the features of glycinamide-metal ion com-

(1) T h is  paper is abstracted from the P h .D . thesis of H . L .  Conley, 
J r . ,  1964, from which more details m ay be obtained. The research 
was supported by grants from the National Science Foundation and 
the N ational Institutes of Health .
(2) H . K ro ll, J . A m . Chem. Soc.. 74, 2036 (1952).
(3) M . L .  Bender and B . W . Turnquest, ibid., 79, 1889 (1957).
(4) J .  M . W hite, R . A . Manning, and N . C . L i ,  ibid., 78, 2367 
(1956).
(5) L .  M eriwether and F . H . Westheimer, ibid., 78, 5119 (1956).
(6) H . L .  Conley, J r . ,  and R . B . M artin , J. P h y s . Chem . 69, 2923 
(1965).
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plexes appear at relatively high pH values. For this 
reason investigations were performed on picolinamide 
with a considerably lower pK &. Picolinamide is also 
a derivative of an a-amino acid.

Experimental

Materials. The glycine ethyl ester hydrochloride 
and glycinamide hydrochloride used were the best 
commercial products available. Equivalent weights 
determined by titration were within 2%  of the theoreti
cal values. Preparation and standardization of sodium 
hydroxide and metal ion solutions are described else
where.6

Picolinamide was prepared by the reaction of aqueous 
ammonia with picolinic acid ethyl ester7 and reprecipi
tated from alcohol solution by addition of benzene,
m.p. 104-106°; lit.7105°. Anal. Calcd. for C6H6N20 : 
C, 59.01; H, 4.95; N, 22.94. Found: C, 59.17; H, 
4.89; N, 22.97. Automatic titration of a 0.01 M 
solution on the pH-stat at 25.00° and 0.16 ionic strength 
gave pK & =  1.9. This value is subject to uncertain
ties involved in converting hydrogen ion activities to 
concentrations in this low pH region, but is in agree
ment with a value8 of pZ£a =  2.1 found at the lower 
temperature of 20° and ionic strength 0.01.

On several occasions high pH solutions of picolin
amide and cupric ion produced purple needles while 
nickel ion gave red needles. The red needles were 
prepared in larger quantity by mixing amide and nickel 
ion at concentrations of 0.3 and 0.1 M, respectively. 
Upon the raising of pH of this solution to about 11.5, 
red needles began to form. The red needles were 
collected, washed three times with water, and stored 
in a desiccator containing P2Os. Results to be pre
sented later suggest that the red needles should be a 
2:1 picolinamide-nickel ion complex with amide 
hydrogens ionized on both ligands. Anal. Calcd. 
for Ni(C6HBN20 )2: C, 47.89; H, 3.35; N, 18.62; 
Ni, 19.5. Found: C, 47.63; H, 3.42; N, 18.92; Ni,
19.0 and 19.4 by gravimetric dimethylglyoxime 
method.9 This agreement provides strong evidence 
for amide hydrogen ionization because the analysis 
cannot accommodate the anions that would otherwise 
be required for charge neutralization.

Methods. Most rate runs were performed on a Radi
ometer pH-stat equipped with a glass jacket about 
the reaction vessel which permitted temperature con
trol to ±0.02°. Experiments in this paper were per
formed at 25.00, 30.00, or 35.00 ±  0.02°. Other 
features of the experimental set up are described else
where.1'6 Solutions of metal ion nitrates were used in 
these experiments. Ionic strength was always 0.16 
controlled with K N 03.

Some rate runs were performed spectrophotometri- 
cally on a Cary 14 spectrophotometer with metal ion 
chlorides and ionic strength controlled to 0.16 with 
KC1. The temperature was 25.0 ±  0.1°.

Whether rates were determined on the pH-stat cr 
spectrophotometrically, pH values were read on a pH 
meter. Hydroxide ion activities were obtained from 
pH meter readings by utilizing —log K w =  14.00, 
13.83, and 13.68 at 25, 30, and 35°, respectively.10 
Our second-order rate constants are obtained by divid
ing first-order rate constants by the activity of hy
droxide ion and possess units of activity-1 sec.-1. 
These rate constants may be converted to M~l sec.-1 
by multiplying them by 0.75, the mean ion activity 
coefficient for both KOH in KC1 and NaOH in NaCl 
solution at 25° and 0.16 ionic strength.10 In this 
paper parentheses denote molar concentrations, and 
brackets denote molar activities.

The pH-stat automatically portrays on a graph the 
amount of a given concentration of base or acid added 
from a syringe buret to maintain a constant pH vs. 
time. By drawing a slope through the initial portion 
of the rate curve, the initial molar concentration per 
second, R„tat, of protons liberated or consumed in the 
reaction may be obtained, upon the appropriate 
manipulation of units. This initial rate of change of 
protons is not necessarily equivalent to the initial rate 
of change of molar concentration of substrate per 
second, the rate we wish to determine. The latter 
kinetically important rate can be determined from the 
former experimentally observed rate by a general 
method outlined for glycine ethyl ester. The experi
mentally observed rate of molar proton production, 
Estat, is related to the molar rate of ester hydrolysis, 
Re, by RsteL* =  QRe- We proceed to determine the 
quantity Q for the substrates studied in this work.

Glycine ethyl ester may exist in protonated, EH+, 
or free base form, E, and the product glycine in the 
dipolar ion AH± or anionic form A -  at pH >4. With
out consideration of mechanism and merely as a ma
terial balance for protons, the hydrolysis of glycine 
ethyl ester may be written as

EH+ +  H20  AH * +  H+ +  C2H6OH

+  +
E A -

(7) R . Camps, A rch . P harm .. 240, 347 (1902).
(8) H . H . G . Jellinek and J . R . U rw in , J. P h ys. Chem., 58, 548 (1954).
(9) R . Belcher and A . J . Nutten, “ Quantitative Inorganic A n a lys is ,”
Butterworth and Co., L td ., London, 1955.
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where Ke and K2 are acid ionization constants. The 
fraction of the total glycine ethyl ester concentration 
in the free base form is given by aE =  A E/( [H +] +  
K-e) ,  and the fraction of the total concentration of gly
cine in the free base form is given by a2 =  A2/([H + ] +  
K<i). For each molecule of protonated glycine ethyl 
ester, E H +, that is hydrolyzed, one proton is produced 
for the fraction of product glycine that is AH±, and 
two protons are produced for the glycine fraction that 
is A - . The first fraction is given by 1 — a2 and the 
second by a2. The observed rate will be reduced by 
the fraction of ester that is E instead of EH+. Totaling 
these results yields

E stâ t  =  Ee [(1 — « 2)  +  2  a i  — C*e ] =

Ee [1 4" ot2 — aE]

The quantity in brackets is Q for glycine ethyl ester 
hydrolysis. This same quantity can be derived by 
other arguments. Only when a2 =  aE is there a 
1:1 correspondence between moles of ester hydrolyzed 
and moles of protons liberated. In order to determine 
Re from Estat, a value of pA2 =  9.66 ±  0.0410 11’12 was 
used. By potentiometric titration we have determined 
pAE =  7.79 ±  0.02 at 25.0° and 0.16 ionic strength. 
A value13 of 7.73 determined at 25° and 0.05 ionic 
strength is nearly identical when the ionic strength 
difference is taken into account.

For glycinamide Q =  ct2 +  a3 — aA, where the suc
cessive a-values, respectively, represent the fractions 
of glycine, ammonia, and glycinamide in the basic 
forms. Since data were obtained at three tempera
tures, the acid ionization constants for each of the 
three compounds must be known at each temperature. 
Best values of acid ionization constants were found at 
0.16 ionic strength and 25.00°. These values were 
calculated for 30.00 and 35.00° using the integrated 
form of the van’t Hoff equation and appropriate values 
for AH. The assumptions and results are summarized 
in Table I.

The AH value of 12 kcal./mole assumed for glycin- 
amide is not critical for this study because runs were 
made in the pH range 10.7 to 11.8, where glycinamide 
is at least 99.7% in the free base form.

For picolinamide, the same equations apply as for 
glycinamide. Since all hydrolysis experiments were 
performed at pH >10 and pAa = 1 . 9  for picolinamide 
and 1.6 and 5.4 for picolinic acid,14 aA =  1 =  a2.

Results
Glycine Ethyl Ester. Four reactions must be con

sidered in the mechanisms of glycine ester hydrolysis. 
They involve water and hydroxide ion attack at pro
tonated and free base ester.

EH+ +  H20  —̂ > products a )

EH+ +  OH~ — > products (2)
fcw0

E +  H20  — > products (3)
fc°

E +  OH“  — > products (4)

The symbols EH+ and E represent protonated and 
free base ester, respectively. To the rate constants 
for water attack is affixed a subscript w, while the 
superscripts refer to the charge on the substrate ester 
molecule. Since all experiments were performed in 
dilute aqueous solutions, the constant concentration of 
water is included in the rate constants fcw.

T ab le  I :  V a l u e s  o f  AH  a n d  p K a  f o r  A m m o n i u m  I o n i z a t i o n s  
a t  0 . 1 6  I o n i c  S t r e n g t h

AH,
kcal./m ole 25°

- - - - p K a—
30° 35°

G l y c i n e 1 0 . 8 0 “ 9 . 6 6 6 9 . 5 3 9 . 4 0
A m m o n i a 1 2 . 4 0 ' 9 . 2 7 “ 9 . 1 2 8 . 9 7
G l y c i n a m i d e 1 2 ' S . O ô 7 7 . 9 2 7 . 7 7

“  E .  J .  K i n g ,  J. Am. Chem. Soc., 73, 1 5 5  ( 1 9 5 1 ) .  6  S e e  r e f .  1 1 .  
'  A v e r a g e  o f  t h r e e  l i t e r a t u r e  v a l u e s :  D .  H . E v e r e t t  a n d  D .  A .  
L a n d s m a n ,  Trans. Faraday Soc., 50, 1 2 2 1  ( 1 9 5 4 ) ;  D .  H . E v e r e t t  
a n d  W .  F .  K .  W y n n e - J o n e s ,  Proc. Roy. Soc. ( L o n d o n ) ,  A 169, 1 9 0  
( 1 9 3 8 ) ;  R .  G .  B a t e s  a n d  G .  D .  P i n c h i n g ,  J. Res. Natl. Bur. Std., 
4 2 ,  4 1 9  ( 1 9 4 9 ) ;  J. Am . Chem. Soc., 72, 1 3 9 3  ( 1 9 5 0 ) .  d F i r s t  
r e f e r e n c e  i n  c .  *  A s s u m e d .  / N .  C .  L i  a n d  M .  C .  M .  C h e n ,  
J. Am. Chem. Soc., 80, 5 6 7 8  ( 1 9 5 8 ) .

The over-all rate of glycine ethyl ester hydrolysis is 
given by

Ee =  fcw+(EH+) +  fc+(EH+)[OH-] +  kw°(E) +
fc°(E) [OH~] (5)

Dividing through eq. 5 by the total ester concentration, 
(Etot), and letting a represent the fraction of ester in 
the free base form, a =  K e/ [E e +  [H+]], where K e 
is the acid ionization constant for ester, we have

(10) H . S . Ham ed and B . B . Owen, “ The Physical Chem istry of E lec
tro lytic  Solutions,”  3rd E d ., Reinhold Publishing Corp., New Y o rk , 
N . Y . ,  1958.
(11) An average of five literature values measured at essentially the 
same conditions of this study: R . M . Keefer, J. Am. Chem. Soc., 68, 
2339 (1946); E .  J .  K ing , ibid., 73, 155 (1951); C . Tanford and W . S . 
Shore, ibid., 75, 816 (1953); F .  Basolo and Y . T .  Chen, ibid., 76, 953 
(1954); the fifth  value is that of L i  and M anning12.
(12) N . C . L i  and R . A . Manning, ibid., 77, 5225 (1955).
(13) O. H . Emerson and P . L .  K ir k , J. Biol. Chem., 87, 597 (1930).
(14) F .  Holmes and W . R . C . Crim m in, J. Chem. Soc., 1177 (1955).
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R e

Ô W
A;w+(1 -  a) +  (k+  +  X

(1 -  a) [OH- ] +  fc°a[OH- ] (6)

Three of the four rate constants of eq. 6 appear in 
terms of different [OH- ] dependencies, but fc+ and 
fcw° cannot be separately determined experimentally.

A  titration curve for glycine ethyl ester exhibits 
two unbuffered regions, pH 4.8 to 6.3 and pH 8.8 to
11.2. Rate runs were performed on the pH-stat in 
each region at ester concentrations of 0.005, 0.01, and 
0.02 M. In the low pH 4.8-5.8 region, a becomes 
negligible compared to unity, and the last term in eq. 6 
is insignificant. A straight line drawn through 12 
points in a plot of RE/(Etot) vs. [OH- ] yields kw+ =  
5 ±  3 X 10-9 sec.-1 from the intercept and fc+ +  
1cw0K e/Kv =  36 ±  2 activity-1 sec.-1 from the slope. 
This value of kw+ is in excellent agreement with one 
of 6 X 10-9 sec.-1 obtained under similar conditions.16 
Since fcw+ is surely not less than fcw°, fcw°AE/A w must 
be less than kw+KE/Kw <  10-2. This last number is 
much less than 36, so that k+ must equal 36; therefore, 
kw°KE/Kw is negligible compared to k+ and cannot be 
determined from our studies. A similar conclusion 
applies to other compounds in this paper.

In the high pH 8.8-11.2 region, eq. 6 reduces to

Re/(Etot) =  [k+( 1 -  a) +  fe»«][OH- ] (7)

A plot of the logarithm of the left-hand side vs. pH for 
19 runs yields the curve shown in Figure 1, which be
comes linear above pH 10.3 where a. becomes unity. 
From the linear region fc° =  0.78 ±  0.02 activity-1 
sec.-1. By utilizing this value for k °  in eq. 7, values 
of fc+ were calculated for each of *he 12 experimental 
points from 8.8 <  pH <  10.3, yielding k +  = 28 ±  
3 activity-1 sec.-1. This value of k +  agrees fairly 
well with that determined above in the other un
buffered region where the hydroxide ion concentration 
is only 10-4 times as great. An average value of 
k +  =  32 ±  4 activity-1 sec.-1 is taken for this rate 
constant.

Experiments performed with solutions 10-2 M in 
total (Cu2+) and 10-3 M  in total ester concentration at 
pH 4.1 to 5.3 yield an estimate of the cupric ion cata
lyzed glycine ethyl ester hydrolysis. By utilizing a 
value of 3.87 for the logarithm of the first formation 
constant of cupric ion with glycine ethyl ester4 and 
reasonable lesser values of the successive formation 
constants, it may be shown that greater than 96% of 
complexed cupric ion exists as 1:1 complex in this 
pH region.1 One proton is liberated for each ester 
molecule hydrolyzed so that Ret&t =  Re +  Rcme- In

F i g u r e  1 .  H y d r o l y s i s  o f  g l y c i n e  e t h y l  e s t e r .  P o i n t s  a r e  
e x p e r i m e n t a l  a n d  s m o o t h  c u r v e  c a l c u l a t e d  f r o m  e q .  7  w i t h  
k +  =  2 8  a c t i v i t y - 1  s e c . - 1  a n d  =  0 . 7 8  a c t i v i t y - 1  s e c . - 1 .

this pH region eq. 2 is the most important for the free 
ester so that RE =  fc+(EH+) [OH- ], all quantities of 
which are known for a given pH. Two terms may con
tribute to Rcue corresponding to the reactions

CuE+2 +  H20  products

CuE+2 +  OH-  ——>■ products

so that Ecus =  fciw2+(CuE2+) +  fc12+(CuE2+) [OH- ]. 
Rearrangement then yields

(Rbtat -  Re)/(CuE2d_) =  fclw2+ +  fci2+[O H -] (8)

Re was calculated for each of six runs and was only 
1- 2%  of jRgtat* (CuE2+) was 2 and 22%  of total 
(Cu+2) at pH 4.1 and 5.3, respectively, with inter
mediate percentages at intermediate pH values. A 
plot of the left-hand side of eq. 8 vs. [OH- ] yields, as 
shown in Figure 2, a straight line, the intercept of which 
yields lclv/2+ =  (4.3 ±  0.5) X  10-6 sec.-1 while the 
slope gives fci2+ =  (1.01 ±  0.05) X  106 activity-1 
sec.-1. An additional point determined with both 
total ester and total cupric ion concentrations equal to 
0.01 M falls close to the line, lending support to the 
treatment of this system. 15

(15) V . I .  Bolin , Z . anorg. aUgem. Chem., 143, 201 (1925).
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Figure 2. H ydrolysis  o f the 1 :1  cupric ion. com plex o f 
glycine eth yl ester from  p H  4.1 to  5.3. T o ta l ester 
con centration  is 0.01 M , to ta l cupric ion  concentration  
is 0.001 M  in circles and 0.01 M  in square.

Cupric ion also catalyzes the hydrolysis of glycine 
ethyl ester in the pH 8.6 to 9.8 region. The distribu
tion of ester among four cupric complexes complicates 
the analysis so that no quantitative treatment of the 
data obtained is included.1

Comparison of the values for water and hydroxide 
ion attack on glycine ethyl ester, fcw+ and fc+, respec
tively, and on the 1:1 glycine ethyl ester-cupric ion 
complex, klw2+ and fc12+, indicates that at pH >5 hy
droxide ion attack is the more important in both cases. 
Thus water should be replaced by hydroxide ion in a 
previous formulation3 of cupric ion catalyzed hy
drolysis of glycine ethyl ester where the experiments 
were performed at pH 7.3. Since hydroxide ion 
catalysis of hydrolysis of neutral esters extends into 
regions where pH <7 it is not surprising that hydroly
sis of positively charged esters also does so. The ratios 
of the specific rate constants for hydroxide ion and 
water attack of greater than 2 X 109 activity-1 in both 
of the above hydrolyses are correspondingly greater 
than the value of a Br0nsted exponent of 0.47 obtained 
for general base catalysis of ester hydrolysis,16 a result 
suggesting that hydroxide ion functions directly as a 
nucleophile and not as a general base in both of the 
above cases.

As an approach to a model system for the enzyme 
carboxypeptidase, which contains zinc ion bound 
through sulfhydryl and amino groups,17 the hydrolysis

of glycine ethyl ester was studied in the presence of 
/3-mercaptoethylamine and zinc ion each at 0.05 M 
and from pH 6.8 to 7.8. Since log K { =  9.9 for zinc 
ion and mercaptoethylamine,12 this complex is fully 
formed in this pH region. Some estimate must be 
made of the binding of glycine ethyl ester to the zinc- 
mercaptoethylamine complex. The logarithm of this 
formation constant is estimated1 to be between 2.0 
and 2.3 by comparison with known values for binding 
of ammonia18 and glycine ethyl ester4 to nickel and 
zinc ions. The analysis that follows is not affected by 
the value (between 2.0 and 2.3) chosen.

Hydrolysis of unbound ester contributes less than 
1% to the observed rate of hydrolysis. The main 
hydrolysis reaction is the zinc-mercaptoethylamine 
(Zn(mea)+) complex catalyzed hydrolysis of glycine 
ethyl ester, which proceeds via hydrolysis of glycine 
ethyl ester in the complex Zn(mea)(E)+. The rate of 
catalyzed ester hydrolysis R c is due to the sum of two 
reactions

klxv
Zn(mea) (E) + +  H20  — > products

Zn(mea)(E)+ +  OH-  — ■> products 

We then obtain

72c/[Zn(m ea)(E)+] =  fciw+ +  fci+[OH- ]

A plot of the left-hand side of this equation vs. [OH- ] 
for six points between pH 6.8 and 7.8 yields a straight 
line from which /ci+ =  (2.6 ± 0 . 3 )  X 103 activity-1 
sec.-1 and klw+ =  (3.6 ±  1.6) X 10- 4sec.-1.

The hydrolysis of 0.01 M glycine ethyl ester was also 
measured at pH 9.7-11.1 in solutions containing total 
concentrations of 0.01 M N i+2 and 0.02 M cysteine. 
In these solutions cysteine and N i2+ form a strong 2:1 
complex,19 which is diamagnetic20 and presumably 
planar. Titration in the presence of excess cysteine 
reveals that only two cysteine molecules complex with 
a single nickel ion.6 The rate of hydrolysis of glycine 
ethyl ester in the presence of the 2:1 complex is identi
cal with the rate in absence of complex at the same pH. 
Thus planar, diamagnetic nickel ion complexes, which 
are unable to coordinate additional ligands, are not 
catalysts for hydrolysis reactions. A summary of the 
results obtained for hydroxide ion attack in glycine 16 17 18 19 20

(16) W . P . Jencks and J .  Carriuolo, J . A m . Chem. Soc., 83, 1743 
(1961).
(17) T .  L .  Coombs, Y .  Omote, and B . L .  Vallee, B ioch em istry , 3 , 653
(1964) .
(18) J .  B jerrum , “ M etal Ammine Form ation in Aqueous Solution,”  
P . Haase and Son, Copenhagen, 1957.
(19) G . R . Lenz and A . E .  M artell, B iochem istry, 3 , 745 (1964).
(20) R . B . M artin  and R . M athur, J. A m . Chem. Soc., 87, 1065
(1965) .
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Table II: R ate  C onstants for H ydrox ide  Ion  C ata lyzed  H ydrolysis  o f G lycin e  E th y l E ster a t  25.00° and 0.16 Ion ic  Strength

Hydroxide ion ✓------------------------------------------------- Rate constant-------------------------------------------------
reaction Symbol Activity“ 1 sec. 1 M ~ l sec._1“ L it . M ~ l sec.-1

N H 2C H 2C O O E t k° 0 .7 8 0 .5 8 0 .7 3 /  0 .6 0 , ' 0 . 83d
N H s+C H sC O O E t k  + 32 24 20e
C u 2 +N H 2C H 2C O O E t h 2+ 1 .0 1  X  106 0 .7 6  X  103
Z n 2 +(N H 2C H 2C H 2S ~) h *

(N H 2C H 2C O O E t) 2 .6  X  103 2 .0  X  103

“ Values in fou rth  colum n obta in ed  from  those in  th ird  b y  m ultip lication  o f latter b y  the m ean ion  a c tiv ity  coefficient, 0.75. 4 See 
ref. 4. c See ref. 22. d R . P . B ell and B . A . W . C oller, Trans. Faraday Soc., 60, 1087 (1964 ). e See ref. 16. Io n ic  stren gth  1.0.

ethyl ester hydrolysis is presented in Table II. Our 
results recorded as activity-1 sec.-1 in the third column 
of Table II may be converted to the more frequently 
encountered units of M -1 sec.-1 in the fourth column 
by multiplication by the mean ion activity coefficient 
mentioned in the Experimental section. Our rate 
constants expressed in units of M -1 sec.-1 in the fourth 
column may be compared with literature values in the 
same units recorded in the fifth column of Table II. 
Agreement between our results and those in the litera
ture varies from reasonably good to excellent.

Glycinamide. The hydrolysis of glycinamide was 
measured at an ionic strength of 0.16 at 25.00, 30.00, 
and 35.00°, at total amide concentrations of 0.01 and 
0.02 M, and from pH 10.7 to 11.8. Equation 6 when 
applied to glycinamide hydrolysis yields

/¿a/ ( amide) tot =  k°aA [OH- ] (9)

as only the glycinamide equivalent of eq. 4 is important 
in this high pH region. The fraction of amide in the 
free base form aA is unity at these high pH values. 
Equation 9 may then be written in logarithmic form as

log =  log k° +  pH — log K w (10)
( A )

A plot of the left-hand side of eq. 10 vs. pH should 
yield a straight line of unit slope from which k° may be 
determined. Figure 3 shows such plots for three 
temperatures, 25.00, 30.00, and 35.00°. Using —log 
K w =  14.00, 13.83, and 13.68 at the three successive 
temperatures,10 respectively, k° =  (2.9 ±  0.1) X 
10-3, (4.0 ±  0.2) X  10-3, and (6.2 ±  0.3) X  10-3 
activity-1 sec.-1. The Arrhenius activation energy is
13.9 ±  0.8 kcal./mole. This value is almost the same 
as the activation energy of 14.3 kcal./mole reported for 
acetamide hydrolysis.21 Similarly, glycine ethyl ester22 
and ethyl acetate23 hydrolyses exhibit nearly identical 
activation energies of 10.9 and 11 kcal./mole, respec
tively. Thus an amide undergoes hydroxide ion cata
lyzed hydrolysis with an activation energy about 3 
kcal./mole greater than that for an ester.

Figure 3. H ydrolysis o f  glycinam ide a t three tem peratures.

A solution containing two moles of glycinamide hy
drochloride per mole of cupric ion requires the addition 
of four equivalents of base to raise the pH to 10.24 25 
This result suggests that in addition to removal of 
protons from the substituted ammonium groups, 
cupric ion promotes the ionization of two amide hy
drogens forming at high pH a 2:1 glycinamide-cupric 
ion complex with the ligands chelated through nitrogen 
atoms.26'26

(21) J .  Packer, A . L . Thomson, and J . Vaughan, J. Chem. S oc., 2601
(1955) .
(22) C . Gustafsson, A n n . A cad. Sci. F ennicae, Ser. A l l ,  15, (1945); 
Chem. A ls tr ., 41, 903/t (1947).
(23) J .  E .  Potts, J r . ,  and E .  S . Am is, J . A m . Chem. Soc., 71, 2112 
(1949).
(24) S . P . D atta  and B . R . Rabin , Trans. F araday Soc., 52, 1123
(1956) .
(25) B . R . Rabin , ibid., 52, 1130 (1956); B iochem . Soc. Sym p.
(Cambridge, E n g l.), 15, 21 11958).
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Hydrolysis experiments were attempted on solutions 
0.01 M in glycinamide and 0.001 M in cupric ion from 
pH 6.0 to 6.7. Unlike all other hydrolysis experi
ments in this research performed in the pH-stat, the 
reaction consumed hydrogen ions so that it was neces
sary to have acid rather than base in the syringe buret. 
This result demonstrates kinetically that amide 
hydrogens have ionized in the pH 6.0 to 6.7 region. 
A net reaction illustrating hydrogen ion uptake on 
hydrolysis of the cupric chelate is

[CuNH2CH2CONH] + +  H30 +  — >■
[CuNH2CH2COO]+ +  NH4+

Unfortunately, a quantitative determination of reac
tion rates is not possible due to uncertainties in con
centrations of all possible reactants and products at 
this halfway point in the titration curve. Since sig
nificant hydrolysis of unbound glycinamide is unlikely, 
cupric ion evidently promotes glycinamide hydrolysis 
in the pH 6.0-6.7 region. Consumption of hydrogen 
ions also occurs in solutions containing 0.01 M glycyl- 
glycine and 0.005 M  cupric ion from pH 7.2 to 8.7. 
Cupric ion promotion of glycinamide hydrolysis has 
also been noted in the pH 9 to 10 region.5

The effect of cupric ion on the rate of glycinamide 
hydrolysis was also investigated at pH 12.0 where 
ionization of both amide hydrogens from the 2:1 gly- 
cinamide-cupric ion complex is complete. The reac
tion was followed spectrophotometrically by observing 
the decrease in absorption at 545 mp where a solution 
0.05 M  in glycinamide and 0.005 M in cupric ion at pH 
12 and 25.0° exhibits an absorption maximum. The 
initial molar absorption of 60 for the 2:1 glycinamide- 
cupric ion complex decreased to 50 after 4 days, to 43 
after 11 days, and finally in 11 weeks to a constant 
value of 25. The final solution exhibited a visible 
spectrum identical with that for the corresponding 
glycine-cupric ion mixture at the same pH. In the 
absence of cupric ion, application of the above fc° for 
glycinamide in eq. 9 indicates that only one part in 
2 X  104 parts of glycinamide should remain at the end 
of 4 days. The only way to account for all these re
sults at pH 12 is to postulate that cupric ion binds gly
cinamide more strongly than glycine, and in so doing 
strongly inhibits glycinamide hydrolysis.

Picolinamide. Hydrolysis experiments were con
ducted on solutions 0.01 to 0.03 M in picolinamide 
from pH 10 to 11 at 25.00° and 0.16 ionic strength. 
Equation 9 for glycinamide is applicable to this system. 
The hydrolysis rates are similar to those for glycin
amide and / c ° ~ 2  X 10-3 activity-1 sec.-1.

The effect of the presence of cupric ion on the rate

of picolinamide hydrolysis was studied in solutions 
containing 6 X  10-3 M amide and 3 X 10-3 M  cupric 
ion from pH 10.2 to 11.3. Such solutions exhibit an 
absorption maximum at 560 ia.fi with a molar extinction 
coefficient e 53. After 20 days the spectra are super
imposable on those obtained initially. A 2:1 picolinic 
acid-cupric ion complex exhibits maximum absorption 
at 650 mu with e65o 42 and e56o 17. Therefore, cupric 
ion inhibits the hydrolysis of picolinamide at high pH 
values as well as that of glycinamide.

Since metal ion complexes of picolinamide had not 
received previous investigation, further studies were 
performed, particularly with regard to amide hydrogen 
ionizations. Automatic titrations with added NaOH 
at 25.0° and 0.16 ionic strength revealed no acidic 
groups in picolinamide from the starting pH of 4.6 
up to pH 10, where the solution becomes self-buffering. 
The pyridinium hydrogen of picolinamide exhibits 
pAa =  1.9, and ionization of the amide hydrogen is 
not expected until pH >13.26 27 Titration of solutions 
containing 0.02 M picolinamide and either 0.01 M 
Zn2+ or Cd2+ precipitates the metal ion hydroxide at 
about pH 8, indicating a relatively weak association of 
these metal ions with picolinamide.

Solutions containing two moles of picolinamide per 
mole of either Cu2+ or Ni2+ exhibit absorptions at 
lower wave lengths and of greater intensity than solu
tions of the aqueous metal ions, indicating binding to 
the nitrogen containing ligand. For example, aqueous 
cupric ion absorbs maximally near 800 m/i with a molar 
extinction coefficient e 13, while a 2:1 picolinamide- 
cupric ion solution exhibits maximum absorption at 
700 mfi with e 31.

Titration of solutions containing two moles of picolin
amide per mole of Cu2+ or Ni2+ requires the addi
tion of 2 equiv. of base per mole of metal ion to 
reach pH 10. The picolinamide-cupric ion solutions 
reversibly change color from blue at the beginning of 
the titration to violet at the end, with an absorption 
maximum at 560 rn.fi and e 53. This last color does 
not fade on prolonged standing. Further binding to 
nitrogen atoms is indicated by the spectral shift to 
shorter wave lengths on titration. The original blue 
picolinamide-nickel ion solutions change to yellow- 
orange during the course of the titration. These color 
changes are typical of those found in other amides and

(26) Evidence for the view that binding occurs through the carbonyl 
oxygen before and the amide nitrogen after ionization of amide hydro
gens has been reviewed: A . S. B r il l , R . B . M artin , and R . J .  P . W il
liam s in  “ Electronic Aspects of Biochem istry,”  B . Pu llm an, E d ., 
Academic Press, New Y o rk , N . Y „  1964, p. 540.
(27) Fo r the amide hydrogen ionization from positively charged 
N L methylnicotinamide, pK a = 13.2: R . B . M artin  and J . G . H u ll, 
J . B iol. Chem ., 239, 1237 (1964).
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peptides where amide hydrogens are undergoing 
cupric28 or nickel29 ion promoted ionizations. Prepara
tion of a solid, neutral nickel(picolinamide)2 complex 
is described in the Experimental section.

The overlapping ionizations that occur when solu
tions 0.02 or 0.04 M  in picolinamide and 0.01 or 0.02 M,  
respectively, in either Cu2+ or Ni2+ are titrated with 
base were analyzed by the projection strip method.30 
For the 2:1 cupric ion complex, pKx =  5.09 and 
pK2 =  6.51, while for the 2:1 nickel ion complex, 
pEd =  7.99 and pK2 =  9.44. These values may be 
considered reliable to ±0.05 log unit. The difference 
between pA2 and pKx for the cupric ion complex is 
similar to that observed for cupric ion promoted amide 
hydrogen ionizations from other amides31 32 and peptides.28 
The 2:1 picolinamide-nickel ion complex exhibits a 
difference of 1.45 log units between the two amide 
hydrogen ionizations. In other instances of nickel 
ion promoted amide hydrogen ionizations, the differ
ence in pK* values is 0.6 unit or less.29 These small 
differences are equal to or less than those based on 
purely statistical grounds. The difference of about
1.45 units for the 2:1 picolinamide-nickel ion complex 
is larger than the statistical difference of 0.6 unit but 
still much less than that expected for a dibasic acid 
with the acidic groups so closely spaced. The coopera
tive nature of the transition from the blue, paramag
netic, octahedral nickel complex zo the yellow, diamag
netic, planar complex upon ionization of the amide 
hydrogens is again indicated.

Evidence has been presented that cupric ion pro
motes amide hydrogen ionization in picolinamide as 
well as glycinamide. For both amides, hydrolysis at 
pH 11 to 12 is inhibited by the addition of cupric ion. 
On the other hand, cupric ion promotes the hydrolysis 
of glycinamide at pH <10.5. Evidently, cupric ion 
accelerates the hydrolysis of amides as well as esters at 
pH values where simple association or chelation 
through carbonyl oxygen occurs, but amide hydrolysis 
is markedly inhibited at pH values above which cupric 
ion promoted amide hydrogen ionization is complete, 
and chelation occurs at the amide nitrogen.

Unlike the 2:1 picolinamide-cupric ion solutions at 
high pH, the color of which is extraordinarily stable, 
the yellow of 2:1 picolinamide-nickel ion solutions 
fades with time. The fading is rapid at first but later 
slows, indicating the occurrence of at least two reac
tions. The speed and complexity of the kinetics pre
clude a definitive analysis. Fading of the yellow can 
be slowed by slightly increasing the ligand to metal 
ion ratio and by decreasing the pH. Extrapolation to 
zero time indicates that the absorption maximum of 
the yellow 2:1 picolinamide-nickel ion complex occurs

at about 400 m^ with a molar extinction coefficient 
of 1100-1200. This value is unusually high for this 
type of complex and may include some intensity from 
a neighboring absorption band in the ultraviolet region. 
The rapidity and complexity of these reactions may be 
features of the change in configuration about the nickel 
ion.

Discussion

Results for metal ion catalyzed ester hydrolysis and 
cupric ion promoted or inhibited amide hydrolysis may 
be interpreted in terms of the usual mechanism for 
hydroxide ion attack at the carbonyl function.

OH

n h 2c h 2 c r  +  o h -  n h 2c h 2 c r  r-^ >
II fe
0 o-

NH2CH2COO- +  RH

The group R  represents in this study -O C2H6 and 
-N H 2. Since prototropic transfers are considered 
rapid compared to the other reactions, the same con
clusions apply whenever any of the four equations (1) 
through (4) are employed in the mechanism. Assum
ing a steady state for the tetrahedral carbon addition 
intermediate in the above mechanism, the observed 
first-order rate constant for hydrolysis is given by

^obsd
fci[OH~]
1 +  k2/k2 ( I D

To assess the role of metal ions on ester and amide 
hydrolysis, it is necessary to consider equilibria of 
metal ion binding to reactants, tetrahedral addition 
intermediates, and transition states or effects on rate 
constants. For ester hydrolyses, /c2/fc3 in eq. 11 is less 
than unity82 and, to an approximation sufficient for 
our purposes, the rate-limiting step is kx. Catalysis 
of phenylalanine ethyl ester hydrolysis by cupric ion 
also gives a similar value of k 2/ k 3 less than unity,3 so

(28) W . L .  Ko ltun , R . H . Roth, and F . R . N . Gurd, J . B iol. C hem ., 
238,124 (1963) ; W . L .  Ko ltun , M . Fried , and F . R . N . Gurd, J. A m . 
Chem. Soc., 82, 233 (1960).
(29) R . B . M artin , M . Chamberlin, and J .  T .  Edsa ll, ibid., 82, 4S5
(1960) ; R . B . M artin  and J .  R . Edsa ll, ibid., 82, 1107 (1960). Fo r 
appearance of a yellow color upon nickel ion promoted peptide ioniza
tions in proteins, see R . B . M artin , Federation P roc ., 20, No. 3, Suppl. 
10, 54 (1961).
(30) F .  J .  C . Rossotti and H . S . Rossotti, “ The Determination of 
Stab ility  Constants,”  M cG raw -H ill Book Co., In c ., New York , 
N . Y „  1961, pp. 99-101.
(31) S. P . D atta , R . Leberman, and B . R . Rabin , Trans. F araday Soc., 
55, 2141 (1959).
(32) M . L .  Bender and R . J .  Thomas, J . A m . Chem. Soc., 83, 4189
(1961) : M . L .  Bender, H . M atsui, R . J . Thomas, and S. W . Tobey, 
ibid., 83, 4193 (1961).
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that the hi step is also rate limiting in metal ion cata
lyzed ester hydrolysis. Thus the catalytic effect of 
cupric ion on glycine ethyl ester hydrolysis is due pre
dominantly to complexation increasing the value of 
the ki rate constant.

The rate constants k° =  0.78, k+ =  32, and fci2+ =
101,000 (all activity-1 sec.-1) represent the rate of 
hydroxide ion attack on neutral, protonated, and 
cupric ion complexed glycine ethyl ester, respectively. 
The ratio k+/k° =  41 is about that expected for hy
droxide ion attack two carbon atoms removed from the 
center of positive charge and compares favorably with 
the ratio of acid ionization constants from the am
monium group of glycine ethyl ester and glycine, 
Kk K, =  74.

Addition of another positive charge in the presence 
of cupric ion at the amino nitrogen yields a much larger 
ratio /ci2+//c+ =  3200 indicative of a special effect of 
cupric ion beyond that due to an additional positive 
charge. Some chelation of the carbonyl oxygen to 
cupric ion accounts for this large augmentation in rate 
and presents an example of super-acid catalysis.38 
Super-acid catalysis occurs when positive charge 
density, as carried by a metal ion, is placed in a molecule 
at a reactive position where a proton is not normally 
to be found at a similar pH. Even though the forma
tion constants of metal ions with ammonia18 and gly
cine ethyl ester are similar,4 some chelation is indicated 
because ammonia is a 30 times stronger base. Sig
nificantly stronger metal ion binding to ammonia 
would be expected in the absence of chelation in gly
cine ethyl ester. It does not seem possible to estimate 
the fraction of complexed ester molecules that are also 
chelated, but only a small fraction is required to yield 
an appreciable super-acid effect with such a highly 
reactive chelate. Bond making and breaking between 
cupric ion and nitrogen or oxygen atoms of starting 
material or intermediates is also considered to be rapid 
compared to the other reactions discussed here.

For the zinc iom-mercaptoethylamine complex of 
glycine ethyl ester ki+/k+ =  81. Since the substrate 
bears a net charge of +1 for both numerator and de
nominator rate constants, the ratio should be unity in 
the absence of a super-acid effect. If the last ratio is 
multiplied by the charge factor with no super-acid 
effect, k+/k° =  41, the product 3300 is close to fci2+/  
k+ =  3200, so that evidently the super-acid effect is 
about the same in the cupric and zinc ion cases. The 
super-acid effect is calculated as the augmentation 
in rate beyond that expected from electrostatic con
siderations of the positive charge density. Independent 
evidence for super-acid catalysis of glycine ethyl ester 
hydrolysis by cupric ion may be obtained by comparing

the ratio k^+/k+ =  3200 with much smaller or normal 
ratios for the effect of cupric ion on hydrolyses of 
histidine methyl ester with two chelating groups in 
addition to the ester function.6

In contrast to ester hydrolysis, the ratio fc2/fc3 for 
hydroxide ion catalysis of amides is greater than 
unity,33 34 35 so that eq. 11 reduces to

fcobsd =  kzh[OB.-]/kz

An equilibrium exists in the first step for amide hy
drolysis, and the rate-limiting step is fc3. Cupric ion 
catalyzes glycinamide hydrolysis in the low pH region, 
but it is less effective than in ester hydrolysis. Though 
glycine ethyl ester and glycinamide are bases of com
parable strength, the first formation constant of cupric 
ion is about 20 times greater for glycinamide24 than for 
glycine ethyl ester.4 Chelation is then stronger for 
cupric ion and glycinamide so that a greater super
acid effect is expected if the kx step is rate limiting. 
We suggest that the lesser effectiveness of cupric ion 
in catalyzing amide than ester hydrolyses at pH <10 
is due to a greater fc2//c3 or lesser fc3/fc2 ratio for the 
cupric ion catalyzed over metal free amide hydrolysis 
which more than compensates for the larger super
acid effect. The increased partitioning of the tetra
hedral carbon addition intermediate to reactants over 
products in the presence of cupric ion may at least in 
part be due to the expected strong binding of cupric 
ion to the tetrahedral addition intermediate with two 
amino groups. Cupric ion binding to the amino and 
hydroxy functions of the addition intermediate for 
glycine ethyl ester hydrolysis is expected to be much 
weaker. Ethanolamine and ethylenediamine may be 
considered as model compounds for metal ion chelation 
to the tetrahedral addition intermediates of glycine 
ethyl ester and glycinamide, respectively. Cupric 
ion binds 107 times more strongly to ethylenediamine 
than to ethanolamine.36 In the case of amide hy
drolysis, the bond to be broken in the fc3 step is within 
the chelate ring while for ester hydrolysis it is outside.

At pH >11, cupric ion inhibits the hydrolysis of 
both glycinamide and picolinamide. In this pH region, 
where amide hydrogen ionization is complete, the 2:1 
complexes are neutral and the carbonyl carbon is no 
longer a site of considerable positive charge density. 
We suggest that in this region not only is fc3/fc2 small 
as before but also hydroxide ion attack is very slow. 
This interpretation is consistent with the facile cupric

(33) F .  W . Westheimer, Trans. N . Y . A cad. S ci., 18, 15 (1955).
(34) M . L .  Bender, R . D . Ginger, and J .  P . U n ik , J. A m . Chem. S oc., 
80, 1044 (1958).
(35) “ Stab ility  Constants,’ ’ Special Publication No. 6, The  Chemical
Society, London, 1957.
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ion catalyzed hydrolysis of the unsaturated dipeptide 
glycyldehydrophenylalanine where substantial nega
tive charge density produced by amide hydrogen 
ionization may be passed to the aromatic ring.36 Part 
of the complexity of the kinetics of the yellow 2:1 
picolinamide-nickel ion chelate may be due to the

stereochemical change from a diamagnetic, planar 
chelate to the nickel chelate of the tetrahedral addition 
intermediate, which should be paramagnetic and octa
hedral.

(36) B . J .  Campbell, Y .  L in , and M . E .  B ird , J . B iol. Chem ., 238, 
3632 (1963).

Transition Metal Ion Promoted Hydrolyses of Amino Acid Esters1

by Harry L. Conley, Jr., and R. Bruce Martin

Cobb Chem ical Laboratory, U niversity o f  V irg in ia , Charlottesville, V irgin ia  (Received F ebruary 16, 1966)

Specific reaction rate constants are reported for attack of hydroxide ion on several different 
charged species of histidine methyl ester, cysteine ethyl ester, and aspartic acid-/3-methyl 
ester. The diprotonated form of histidine methyl ester is hydrolyzed about 100 times 
faster than normal. Formation constants for association of histidine methyl ester wi~h 
cupric, nickel, zinc, and cadmium ions have been determined. The effect of these divalent 
transition metal ions in promoting hydrolyses of the three amino acid esters has been evalu
ated. Though there are some exceptions, the promotional effects of the divalent transition 
metal ions are similar and do not differ significantly from the equivalent charge effects 
brought about by protons. Divalent transition metal ion promotion of hydrolyses of 
these amino acid esters where chelation occurs at two sites other than the labile ester bond 
may be accounted for primarily by electrostatic considerations. Complexes of esters and 
metal ions that are strongly chelated through two sites other than the reactive one are 
more slowly hydrolyzed than complexes of esters, such as glycine ethyl ester, and metal 
ions where weak chelation includes the reactive site.

Divalent metal ions of the second half of the first 
transition series increase the observed rates of hydroly
ses of amino acid esters.2 Precise characterization of 
the rate increase is difficult in solutions containing 
buffer components that interact with metal ions. Li 
and co-workers employed a conductivity method to 
evaluate rate constants in the presence of excess base, 
divalent transition metal ions, and either histidine 
methyl ester3 or cysteine esters.4 5’6 None of these 
papers reports a detailed study of the dependence of 
the hydrolysis rates on pH.

In this paper we report the results of detailed con
centration and pH studies of cupric, nickel, zinc, or

cadmium ion promoted hydrolyses of histidine methyl 
ester, cysteine ethyl ester, and aspartic acid-/3-methyl 
ester. The specific reaction rate constants are calcu
lated from measurements of the rate of proton produc
tion in buffer-free solutions on a pH-stat. In order to

(1) T h is  paper is abstracted from the P h .D . thesis of H a rry  L .  
Conley, J r . ,  1964, from which more details m ay be obtained. The 
research was supported by grants from the National Science Founda
tion and the N ational Institutes of Health.
(2) H . K ro ll, J . A m . Chem. Soc., 74, 2036 (1952).
(3) N . C . L i ,  B . E .  Doody, and J . M . W hite, ibid., 79, 5859 (1957).
(4) J .  M . W hite, R . A . Manning, and N . C . L i ,  ibid., 78, 2367 
(1956).
(5) R . M athur and N . C . L i ,  ibid., 86, 1289 (1964).
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assess the effects of divalent metal ions on ester hy
drolysis, detailed studies of the hydroxide ion de
pendence of hydrolyses rates in metal-free solutions of 
esters were also conducted. Formation constants of 
divalent transition metal ions with amino acid esters 
were also determined when necessary.

In order for metal ions to affect the rate of ester 
hydrolysis, binding must occur to reactant ester, reac
tion intermediates, or transition states. In the cases 
reported here, the rate-limiting step is considered to be 
hydroxide ion attack at the free or complexed ester. 
Chelation of the transition metal ions to the amino 
acid esters studied in this work occurs predominantly 
at two sites other than the labile ester function. A 
comparison of the metal ion promoted hydrolyses of 
these esters with that of glycine ethyl ester6 where 
chelation involves the reactive ester group may then be 
made.

Experimental

Materials. L-Histidine methyl ester dihydrochloride, 
and L-cysteine ethyl ester hydrochloride were the best 
available commercial products. They gave equivalent 
weights by titration to within 2%  of the theoretical 
values. It was necessary to recrystallize twice a com
mercial sample of L-aspartic acid-/3-methyl ester to 
attain the 2%  limit on equivalent weight. Stock 
solutions or, when necessary, dry samples of these 
esters were used in the rate experiments.

All solutions were prepared with triply distilled 
water, the second distillation from an alkaline perman
ganate solution. This distilled water was boiled prior 
to storage in Pyrex glass containers and protected 
from atmospheric carbon dioxide by Ascarite tubes. 
All samples of this water exhibited specific conductances 
from 3.4 to 5.0 X  10-7 ohm-1 cm.-1. Carbonate- 
free sodium hydroxide solutions were prepared by 
dilution of filtered 50% solutions, stored in poly
ethylene bottles, and protected from carbon dioxide 
by Ascarite tubes. These dilute stock solutions were 
standardized by automatic potentiometric titrations 
against primary standard potassium acid phthalate.

Stock solutions of N i(N 03)2, NiCl2, Cu(N03)2) 
CuCl2, Zn(N03)2, and Cd(N 03)2 were prepared from 
good quality commercial salts low in other metals and 
the solutions filtered where necessary. Nickel ion 
solutions were standardized by the gravimetric di- 
methylglyoxime method.7 Cupric ion solutions were 
standardized by both the iodometric and thiocyanate 
methods7'8; the agreement was to within 1%. Zinc 
ion solutions were standardized gravimetrically9 as 
ZnNHiPCh and ZnSC>4 and also volumetrically by 
titration with potassium ferrocyanide.10 11 Mean devia

tion of the three methods was less than 1% . The 
cadmium ion solution was standardized gravimetri
cally as CdS04.n

Methods. Titrations and rate runs were performed 
on a Radiometer TTT1 pH-stat equipped with a glass 
jacket about the Pyrex reaction vessel which per
mitted temperature control to ± 0.02° by circulation 
of water from an external bath. Temperature was 
read with a mercury-in-glass thermometer (smallest 
division 0.1°) calibrated against a similar thermometer 
calibrated by the National Bureau of Standards. All 
results in this study were performed at 25.00 ±  0.02°.

Solutions of metal ion nitrates were used for titration 
and pH-stat experiments. Ionic strength was always 
0.16 M  controlled with K N 03.

A  Radiometer GK2021B combined glass-calomel 
electrode was used with the pH-stat. Since the glass 
electrode portion was of the high basicity type, no 
sodium ion corrections were ever necessary. Beckman 
or other suitable buffers were used to calibrate the pH 
meter to ±0.01 pH unit.

Solutions were stirred smoothly at 2000 r.p.m. 
Water-pumped tank nitrogen was passed through an 
Ascarite tube to remove carbon dioxide and through 
vanadous chloride scrubbers12 to remove oxygen. 
Finally, just before passing over the reactant solution, 
the nitrogen bubbled through a 0.16 M  K N 03 solution 
in a gas washing bottle immersed in the same water 
bath mentioned above for temperature control. The 
nitrogen escaped from the reaction vessel through small 
openings about the stirrer and syringe buret delivery 
tube. Before mixing in the reactant vessel, all stock 
solutions, solution tubes, and the electrode were 
equilibrated in the water bath. Final reactant solu
tion volumes were 15 ml.

Reaction rates were determined from the initial slope 
of the pH-stat trace of volume of base added vs. time.

(6) H . L .  Conley, J r . ,  and R . B . M artin , J. P h ys. Chem ., 69 , 2914 
(1965).
(7) R . Belcher and A . J .  Nutten, “ Quantitative Inorganic A n a lys is ,”  
Butterworth and Co. L td ., London, 1955.
(8) W . C . Pierce and E .  L .  Haenisch, “ Quantitative A n a lys is ,”  3rd 
E d ., John W iley and Sons, In c ., New Y o rk , N . Y . ,  1954; E .  H . Sw ift, 
“ Introductory Quantitative A nalysis ,”  Prentice-Hall, In c ., New 
Y o rk , N . Y „  1950.
(9) W . W . Scott, “ Scott’s Standard Methods of Chemical A n a lys is ,”  
Vol. 1, 5th E d ., N . H . Furm an, E d ., D . Van Nostrand Co., In c ., 
New Y o rk , N . Y „  1939.
(10) I .  M . Ko ltho if and V . A . Stenger, “ Volumetric Analysis, Volume 
I I ,  T itra tio n  M ethods,”  2nd Revised E d ., Interscience Publishers, 
In c ., New Y o rk , N . Y . ,  1947.
(11) Q. Fernando and H . Freiser in  “ Treatise on A nalytica l Chemis
t ry ,”  P a rt I I ,  Vol. 3, Cadmium Section, Interscience Publishers, In c ., 
New Y o rk , N . Y „  1961.
(12) L .  Meites, “  Polarographic Techniques,”  Interscience Publishers, 
In c ., New Y o rk , N . Y . ,  1955, p. 34.
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The conversion of the moles of protons liberated per 
unit time to moles of ester reacting per unit time is 
described for each case in the next section. Runs on 
the pH-stat on solutions containing metal ions were 
performed in unbuffered portions of the titration 
curve. Limits quoted on reaction rate constants 
represent the maximum value permitting a reasonable 
fit to the data.

Hydroxide ion activities were obtained from pH 
meter readings by utilizing pK w =  14.00. Our
second-order rate constants are obtained by dividing 
first-order rate constants by the activity of hydroxide 
ion and possess units of activity-1 sec.-1. These rate 
constants may be converted to M -1 sec.-1 by multi
plying them by 0.75, the mean ion activity coefficient 
for both KOH in KC1 and NaOH in NaCl solution at 
25° and 0.16 ionic strength.13 In this paper, paren
theses denote molar concentrations, and brackets 
denote molar activities.

In the special case of histidine methyl ester, greater 
precision was desired in determining acid ionization 
constants and formation constants with divalent 
transition metal ions so that a Radiometer pH Meter 4, 
which can be read to 0.001 pH unit, was used. Other 
aspects of the experimental setup, including the 
temperature control, are as described above, except 
that it was necessary to operate manually the syringe 
buret for NaOH delivery.

Occasionally it is necessary to compare rate or equi
librium constants obtained at 25° but at differing 
ionic strengths. For this purpose the negative loga
rithm of the activity coefficient is taken as 0.5zV / 
(1 +  p1/2) where z is the charge and p is the ionic 
strength. The extent of formation of hydroxo and 
other aquo complexes of the metal ions is considered 
unimportant under our conditions.

Results

Histidine Methyl Ester, Formation Constants. To 
evaluate data obtained from kinetic experiments on 
hydrolysis of histidine methyl ester in the absence and 
presence of metal ions, it is necessary to know ac
curately acid dissociation constants for the ester di
hydrochloride and formation constants of ester-metal 
ion complexes.

The data obtained from automatic potentiometric 
titration of 0.01 M  histidine methyl ester dihydrochlo
ride at 25.00° and 0.16 ionic strength were analyzed 
by substitution in exact equations for the overlapping 
imidazolium and ammonium ionizations and by appli
cation of the projection strip method for formation 
constants of a 2:1 ligand-metal ion complex14 15 to acid 
ionizations. Both methods yield pAiE = 5.35 ±  0.02

and pA2E = 7.30 ±  0.03 in activity units. These 
values are only 0.03 log unit less than values obtained 
at 0.15 ionic strength,3 but are significantly less than 
values obtained at 0.12 ionic strength and the same 
temperature.16 We find no evidence for a reported 
third ionization from histidine methyl ester with 
pK z =  11.1.16 Ionization constants are difficult tc 
determine accurately in this high pH region, and ester 
hydrolysis occurring during the titration liberates 
hydrogen ions.

Formation constants for the 2:1 complexes of 
divalent zinc, cupric, cadmium, and nickel ions with 
histidine methyl ester were evaluated by the projection 
strip method.14 Most experiments were conducted at 
0.01 M  divalent metal ion and 0.02 to 0.08 M  ester 
concentrations. Even at an 8:1 ratio of ester to zinc 
ion, no evidence for more than a 2:1 complex is ob
tained. In this case the formation curve of the aver
age number of ester molecules bound to the metal ion, 
n, vs. —log (E) where (E) is the molar concentration 
of the free base form of the ester, levels off at ft =  2. 
Formation curves for cupric and cadmium ion com-

Figure 1. F orm ation  curve o f  average num ber o f  h istidine 
m ethy l ester m olecules bou n d  to  cupric and cadm ium  ions 
vs. —log  (E ), where (E )  is the free base ester concentration . 
E xperim ental poin ts are from  solutions contain ing tota l estei 
to  cupric ion  m olar concentration  ratios o f  (0 .0 0 2 )/(0 .0 0 1 ), 
(0 .0 0 4 )/(0 .0 0 1 ), and (0 .0 2 -0 .0 8 )/(0 .0 1 )  and ester to  
cadm ium  ion  concentration  ratios o f (0 .0 4 /(0 .0 1 ) 
and (0 .0 8 ) /(0 .0 1 ). C urves are con stru cted  from  
form ation  constants given  in  T a b le  I.

(13) H . S . Hamed and B . B . Owen, “ The Physical Chem istry of 
E lectro lytic  Solutions,”  3rd E d ., Reinhold Publishing Corp., New 
Y o rk , N . Y „  1958.
(14) F .  J .  C . Rossotti and H . S. Rossotti, “ The  Determination of 
Stab ility  Constants,”  M cG raw -H ill Book Co., In c ., New Y o rk , 
N . Y ., 1961, pp. 99-101.
(15) G r. Weitzel, W . Schaeg, and F . Schneider, A n n ., 632, 124 (1960).
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plexes shown in Figure 1 exhibit values of n >  2 when 
the ester to metal ion concentration ratio is greater 
than 4. The third formation constants for these metal 
ions were evaluated by curve fitting at n >  1.5 after 
evaluation of the first two formation constants from 
data at n <  1.5 by the projection strip method. Simi
lar calculations were performed for the third forma
tion constant in the nickel ion complex. Results 
of all formation constant studies are tabulated in 
Table I. Our first formation constants are almost 0.6 
log unit less than those previously reported.3’16 The 
values recorded in Table I were used for the calcula
tions that follow in this paper.

T ab le  I : Logarithm s o f F orm ation  C onstants o f M eta l Ions 
w ith  H istidine M eth y l E ster a t 25.00° and 0.16 
Ion ic  Strength“

Metal ion Kii i?2f Kzi

C u 2+ 8 .4 8  ±  0 .0 4 5 .9 0  ±  0 .0 4 1 .6  ±  0 .2
N i2+ 6 .1 9  ±  0 .0 4 4 .9 1  ±  0 .0 4 2 .9 0  ±  0 .0 6
Z n 2 + 4 .4 6  ±  0 .0 8 4 .2 0  ±  0 .0 8 0 .0
C d 2 + 3 .9 8  ±  0 .0 4 2 .8 1  ±  0 .0 4 ~ 1

“ F or  h ydrogen  ion, P-Kie =  5.35 and p A 2E =  7.30.

Hydrolysis of Histidine Methyl Ester. Without any 
committment to the mechanism of the reaction, the 
hydrolysis of histidine methyl ester to yield histidine 
and methyl alcohol may be represented by the scheme

( E H 22+) [ H + ] 2

(Et„t) “ [H + ]2 + [H + ] A je  + A ie A 2B

( E H + ) [ H + ] A ffi

"  (Etot) " [ H + ] 2 + [H+]A1B + K xeK ìe

(E ) A ie A 2B

(Etot) "“ [ H + ] 2 + [ H + ] A 1e  + K m K i E

Similar equations may be written for histidine, and 
we shall make use of a2a and a3A, which may be defined 
by eq. 3 and 4 where the subscript 2A replaces IE 
and the subscript 3A replaces 2E, respectively. Since 
all constants on the right-hand sides of the a expres
sions are known, all a’s may be evaluated at any pH 
>5 of interest.

The pH-stat records the number of protons liberated 
as a function of time, RaUt, as the reaction proceeds. 
However, we are interested in the number of ester 
molecules reacting per unit time, Re. The relationship 
between Rstet and i?B may be found by reference to eq. 1 
and the following argument. For each molecule of 
histidine methyl ester in the form EH22+ that is hy
drolyzed, one proton is produced for the fraction of 
product histidine that is AH2++~. This quantity is 
augmented by one proton for each molecule of histidine 
that is AH± and by two protons for A - . The observed 
rate is reduced by one proton for each molecule of 
histidine methyl ester that is EH+ and by two protons 
for each molecule that is in the free base E form. 
Summing these considerations yields

R stu t =  A r ( 1  +  « 2A +  2 a 3A —  a iE  —  2 « 2e )

EH22+ +  H20  — > a h 2+ + - +  H+ +  CH3OH

1' ' K iE y K ìA

EH+ A H +-

11' K ìe 1j & A

E A-

(1)

Histidine methyl ester in three stages of ionization 
appears on the left-hand side of eq. 1 and histidine on 
the right-hand side. The large K ’s refer to acid 
ionization constants. For histidine methyl ester, 
PA xe =  5.35 and pA2B =  7.30 as determined above. 
For histidine we take16 pA2A =  6.10 ±  0.07 and 
pA 3A = 9.17 ±  0.04. Since all our experiments were 
performed at pH >5, the carboxylic acid group of histi
dine is fully ionized in all experiments of this paper.

It is convenient to define terms for the fractions of 
the total histidine methyl ester concentration and total 
histidine concentration in each of the charged forms. 
For histidine methyl ester these are

= R e Q  (5)

where Q represents the terms in parentheses. For 
histidine methyl ester hydrolysis, Q is never unity 
from 4 <  pH <11 .  Most of our results are within this 
pH range.

For the mechanism of hydrolysis of histidine methyl 
ester in the pH 7.8 to 11.1 region, hydroxide ion attack 
at each of the three ester species must be considered. 17

EH22+ +  OH-'  — > products (6)

EH+ +  O H -
k +

— >- products (7)

E +  O H - -
k»

—> products (8)

(16) Average of six literature values at 25° and adjusted to an ionic 
strength of 0.16 where necessary, ref. 3, 15, 17, and the following: 
C . L .  A . Schmidt, W . K .  Appleman, and P . L . K ir k , J. B io l. Chem . ,  
85, 137 (1929); S . K ilp i, J .  Yaananen, and N . E .  V irko la , S uom en  
K em istilehti, 28B , 45 (1955); R . Leberman and B . R . R ab in , T ran s. 
F araday S o c 55, 1660 (1959).
(17) N . C . L i  and R . A . Manning, J . A m . Chem. Soc., 77, 5225 
(1955).
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Water attack on the ester species may be proved un
important in this high pH region by arguments similar 
to those presented for glycine ethyl ester.1’6 The total 
rate of ester hydrolyses is given by

Be =  [fc2+(EH22+) +  fc+(EH+) +  fc°(E) ][OH~]

Substitution of the a expressions of eq. 2 to 4 and 
division by the total ester concentration (Etot) yields

Be/  (Etot) =  (fc2+«oE +  fc+aiE +  /c0«®) [OH- ]

In logarithmic form we obtain

log [R e/ (Etot)] =  log (k2+aoE +  k+ais +  k°oc2E) d-
pH -  14.00 (9)

A plot of the left-hand side of eq. 9 vs. pH is shown in 
Figure 2. At high pH values Hie slope of the curve 
in Figure 2 approaches unity and since a0E =  0 =  
aiE and a2E — 1, the log term on the right-hand side 
of eq. 9 becomes log k°. The components of all a- 
functions in eq. 9 are known, and the best fit for the 
experimental points in Figure 2 is obtained for fc2+ = 
(3.5 ±  0.9) X  104 activity-1 sec.-1, k+ =  75 ±  6 
activity-1 sec.-1, and fc° =  0.86 ±  0.03 activity-1 
sec.-1. The curve shown in Figure 2 is drawn from 
the values of these three rate constants substituted in 
eq. 9. At pH 7.8 the three terms in parentheses in eq. 9 
contribute 62, 37, and 1.3%, respectively, to the total 
hydrolysis rate. At pH 11.0 the percentages are 0.00, 
0.7, and 99.3%, respectively.

The divalent metal ion promoted hydrolysis of 
histidine methyl ester, E, to yield histidine, A, may 
proceed through three complexes with one to three 
molecules of histidine per metal ion. Equations of 
proton balance without any implications regarding 
mechanism are

M E2+ +  H20  — ^ M A+ +  H+ +  CH3OH (10)

ME22+ +  H20  — MEA+ +  H+ +  CH3OH (11)

ME32+ +  H20  — > MEaA+ +  H+ +  CH3OH (12)

The two mixed complexes formed in eq. 11 and 12 can 
also undergo hydrolysis, but the contribution to over
all hydrolysis may be neglected because these com
plexes are present in small concen‘ rations initially and, 
due to their lesser charge, are probably hydrolyzed 
more slowly than the original complexes. If excess 
ester is present, eq. 10-12 may be followed by replace
ment of histidine by ester so that the net reaction is 
metal ion catalyzed hydrolysis of histidine methyl ester. 
In this case, the scheme of eq. 1 applies rather than eq. 
10-12. Since the formation constants for divalent 
metal ions with histidine are about 2 log units greater

Figure 2. H ydrolysis  o f  histidine m ethy l ester.
P oints are experim ental and curve is draw n from  eq . 9 
and values o f  three rate constants in  text.

than those fisted in Table I for histidine methyl ester 
and the excess ester to acid concentration ratio is less 
than 100:1 for the 5-10% reaction considered in the 
straight fine portion of the rate curve, replacement of 
product histidine by excess reactant ester in the 
coordination sphere of the divalent cation is unlikely. 
Nevertheless, the possibility that such replacement 
occurs is tested kinetically.

The total rate of production of protons in the pH- 
stat is the rate sum of reactions of free and complexed 
ester molecules. From the formation constants and 
rate constants already presented, the contribution of 
free ester to the observed total rate may be calculated 
for any set of initial concentrations and pH. Sub
traction of this small rate contribution due to free 
ester from the total observed rate yields the observed 
rate of production of protons due to hydrolysis of ester 
molecules in metal ion complexes. This net rate 
B'stat is related to the desired rate of hydrolysis of 
ester molecules in complexes R 'e by

R' stat =  QR'e (13)

If the net reactions for ester hydrolysis in the presence 
of metal ions are the metal ion promoted reactions 
10-12, then Q — 1 in eq. 13. On the other hand, if 
the metal ion is functioning as a catalyst, the net 
hydrolysis reaction 1 is applicable, and Q is identical 
with that appearing in eq. 5, which value is never 
unity in these systems. The results reported belcw 
have all been tested by both possibilities and in every 
case only that with Q =  1 gave consistent results. 
Therefore, the ester hydrolyses are metal ion promoted 
and may be described by reactions 10-12 rather than 
the metal ion catalyzed counterpart of eq. 1. Specific 
examples are cited below. Under different conditions
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of higher ester concentrations, metal ion promoted 
reactions may become metal ion catalyzed.

Since the pH is relatively high in all experiments 
here reported, ester hydrolysis due to water attack on 
metal ion complexes is negligible compared to mecha-

on hydroxide ion attack.

M E2+ +  OH-  — >  products (14)

ME22+ +  OH-  — > products (15)

ME32+ +  OH-  products (16)

According to eq. 14-16, the rate of metal ion promoted 
ester disappearance is given by

R 'e  =  [&i2+(ME2+) +  fe2+(ME22+) +
fc32+(ME32+)][OH- ] (17)

Combination with eq. 13 and expression of the result 
in logarithmic form yields

log ( f l W Q )  =  log [fci2+(M E2+) +  fc2(ME22+) +
fc3( M E 32+) ] +  pH -  14.00 (18)

Thus a plot of the left-hand side of eq. 18 vs. pH should 
yield a straight line of unit slope from which the rate 
constants in the bracketed term may be evaluated.

The cadmium ion promoted hydrolysis of histidine 
methyl ester was studied from pH 7.9 to 9.8 and with 
total ester to cadmium ion concentrations of (0.02)/ 
(0.01) and (0.03)/(0.01). Under these conditions the 
concentration of CdE32+ is negligible so that eq. 18 re
duces to

pH
Figure 3. H istid ine m ethy l ester h ydrolysis in  the presence o f  
0.01 M  cadm ium  ion . Squares are for a to ta l ester con centration  
o f 0.02 M  and circles for 0.03 M . C u rved  line is fo r  Q in  eq.
19 given  b y  eq. 5 and line o f  u n it slope fo r  Q =  1.

The zinc ion promoted hydrolysis of histidine methyl 
ester was studied from pH 7.4 to 8.7 at total ester and 
zinc ion concentrations of 0.03 and 0.01 M, respectively. 
According to the formation constant, information 
provided in Table I over 99% of the zinc ion is in the 
ZnE22+ complex so that eq. 18 reduces to

l0g ( T U s t a t / Q )  =  l0g [fci2+(CdE2+) +

fc22+(CdE22+)] +  pH -  14.00 (19)

Figure 3 shows a plot of the left-hand side of eq. 19 vs. 
pH at two ester concentrations for Q =  1 and for Q 
as given by eq. 5. Only the points calculated accord
ing to eq. 19 with Q =  1 yield a straight line of unit 
slope, indicating that the hydrolysis may be described 
by the metal ion promoted reactions 10 and 11. A 
striking feature of Figure 3 is that points for two 
different total ester to cadmium ion concentration 
ratios fall on the same line. The term in brackets in 
eq. 19 may be evaluated from the line of unit slope in 
Figure 3. The ratio (CdE2+)/(C dE 22+) is nearly 
constant over the pH range studied for one total ester to 
cadmium ion concentration ratio but significantly 
altered when the last ratio is changed. Therefore, 
the two cadmium ion complexes must hydrolyze at 
identical rates and quantitative evaluation yields 
fci2+ =  fc22+ =  66 ±  3 activity-1 sec.-1 according to 
eq. 14 and 15.

log ( R ' s u t / Q C z n )  =  log /C22+ +  pH -  14.00 (20)

where CZn is the total molar concentration of zinc ion. 
In Figure 4 the left-hand side of eq. 20 is plotted 
against pH for the two cases of Q =  1 in circles and 
Q as given by eq. 5 in squares. Only the circles for 
Q =  1 yield a slope of unity as required by eq. 20. 
Therefore, the ester hydrolysis is zinc ion promoted as 
represented by eq. 11 and fc22- =  120 ±  7 activity-1 
sec.-1 according to eq. 15.

Three runs were performed with histidine methyl 
ester and zinc ion concentrations of 0.02 and 0.01 M, 
respectively, at pH 7.29, 7.62, and 7.93. In this 2:1 
ester to zinc ion mixture the above formation constant 
results indicate significant quantities of 1:1 complex 
are present. For this case eq. 17 and 13 may be 
written in logarithmic form as

fc22+(ZnE22+)[OH- ]]
(ZnE2+) J "

log /ci2+ +  pH — 14.00
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From the formation constants in Table I and rate re
sults, all quantities on the left-hand side may be calcu
lated at each pH and plotted against pH. Only a 
value of Q =  1 yields a straight line of unit slope from 
which fci2+ = 340 ±  30 activity-1 sec.-1.

The nickel ion promoted hydrolysis of histidine 
methyl ester was studied at total ester to metal ion 
concentration ratios of (0.03)/(0.01) and (0.05)/(0.01) 
over a pH range from 8.2 to 10.1. Under these condi
tions (NiE2+) is negligible, and eq. 18 reduces in 
logarithmic form to

log (E'etat/Q) =  log [fc22+(NiE22+) +
fc32+(NiE32+)] +  pH -  14.00 (21)

The left-hand side of eq. 21 wbh Q =  1 is plotted 
against pH in the lower line of Figure 5. Only the 
value of Q =  1 yields a straight line of unit slope, and 
since the points for two different total ester to nickel 
ion concentration ratios fall on the same line as for 
cadmium ion complexes, the 2:1 and 3:1 nickel ion 
complexes must hydrolyze at the same rate. From 
the lower line of Figure 5, fc22+ = fc32+ =  50 ±  2 
activity-1 sec.-1.

Experiments were also performed with a total 
histidine methyl ester to nickel ion concentration ratio 
of (0.02)/(0.01) from pH 8.2 to 9.2. Under these 
conditions all three nickel ion-ester complexes are 
present in significant concentrations. Since fc22+ and 
fc32+ are already known, we write eq. 17 in the form

log S =  log
~R'E -  fc22+(NiE22+) [OH- ] -  fc32+(NiE32+)[O H -]‘  * 80

(NiE2+)

=  log fci2+ +  pH -  14.00 (22)

A plot of the left-hand side of eq. 22 vs. pH is shown in 
the upper part of Figure 5. Only a value of Q =  1 
yields the line of unit slope from which fci2+ = 430 ±
80 activity-1 sec.-1.

The cupric ion promoted hydrolysis of histidine 
methyl ester was studied at total ester to metal ion 
concentration ratios of (0.02)/(0.01) from pH 7.8 to
9.1. Under these conditions the cupric ion is 98-99% 
in the CuE22+ complex so that an equation similar to 
eq. 20 is applicable. Once again a plot of six points 
yields a unit slope only when Q =  1 from which k2i+ =  
265 ±  20 activity-1 sec.-1. Four more experiments 
were conducted at an ester to cupric ion concentration 
ratio of (0.03)/(0.01) from pH 7.6 to 8.7. In this 
case both 2:1 and 3:1 ester to metal ion complexes are 
significant, and a treatment similar to that for deriv
ing eq. 22 enables a calculation of fc32+ =  260 ±  40

pH
Figure 4. H ydrolysis  o f  0.03 M  histidine m ethy l ester in th e  
presence o f  0.01 M  zinc ion . D a ta  are p lo tted  accord ing  to  eq. 
20 w ith  Q =  1 for  circles and Q g iven  b y  eq . 5 for squares.

pH
Figure 5. H istidine m ethy l ester hydrolysis  in  presence o f 
n ickel ion . L ow er line o f  u n it slope corresponds to  Q =  1 
in  eq . 21 w ith  tota l ester to  n ickel ion  con centration  ratios o f  
(0 .0 3 ) /(0 .0 1 )  represented b y  squares and (0 .0 5 ) /(0 .0 1 )  b y  
circles. U pper line o f  unit slope is a p lo t o f  eq . 22 
at a  concentration  ratio o f  (0 .0 2 ) /(0 .0 1 ).

activity-1 sec.-1 from a straight line of unit slope ob
tained only when Q — 1.

In summary, the hydrolysis of histidine methyl ester 
in the presence of Cd2+, Zn2+, Ni2+, and Cu2+ ions is 
best described by the metal ion promoted eq. 10-12 
rather than the metal ion catalyzed version of eq. 1. 
The rate constants obtained in this section according 
to eq. 14-16 are tabulated in Table II. Blanks in
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the table are due to precipitation under conditions 
where the 1:1 ester-cupric ion complex concentration 
is significant and to weakness of binding of three ester 
molecules to zinc and cadmium ions.

T ab le  I I : Second-O rder R a te  C onstants in  A ct iv ity -1  Sec.-1  
for H ydrox ide Io n  A tta ck  at D iva len t M eta l Ion  C om plexes 
o f  H istidine M eth y l E ster a t 25.00° and 0.16 
Ion ic  Strength“

Metal ion fo2 +
-Rate constant— 

fc«+ /h2+

C u 2 + 265 260
N i2+ 430 50 50
Z n 2 + 340 120
C d 2 + 66 66

“ F or  n o divalent m etal ions, k° =  0.86, k+  = 75, and k2
3.5 X  104 in the sam e units as above.

The values given in Table II in units of activity-1 
sec.-1 may be converted to units of M -1 sec.-1 by 
multiplication by the activity coefficient 0.75 for 
comparison with literature values given in the latter 
units. A  rate constant of 0.62 M ~ l sec.-1 determined 
by the conductometric method for histidine methyl 
ester hydrolysis in basic solutions at identical condi
tions of temperature and ionic strength3 and an un
specified pH is in good agreement with our value of 
k °  =  0.64 .17 1 sec.-1. These same authors3 also re
port rate constants of about 2 I -1 sec.-1 for cupric 
and nickel ion promoted histidine methyl ester hy
drolyses. These values are much lower than any 
results in Table II.

Cysteine Ethyl Ester. In order to evaluate the «-func
tions at any pH necessary for the kinetic analysis of 
ester hydrolysis on the pH-stat, ionization constants 
of cysteine ethyl ester and cysteine were determined 
at 25.00° and 0.16 ionic strength. The ionization 
constants were evaluated as described above for those 
of histidine methyl ester. For cysteine ethyl ester we 
obtain pAiE =  6.65 ±  0.03 and pA 2E =  9.06 ±  0.05. 
These values, used in this work, may be compared 
with those determined by a spectrophotometric 
method18 and corrected to our conditions of temperature 
and ionic strength to yield1 6.69 and 9.10, respectively. 
For cysteine methyl ester values of 6.56 and 8.99 have 
been obtained under the same conditions as ours.17

For cysteine values of pA2A =  8.21 ±  0.04 and 
pKsx =  10.36 ±  0.04 were obtained at 25.00° and 
0.16 ionic strength. Other values corrected to our 
conditions1 are 8.28 and 10.37,18 8.30 and 10.39,19
8.19 and 10.35,20 8.48 and 10.54,17 and 8.11 and 10.05.21

All but the last two pairs of values, which appear high 
and low, respectively, are averaged to obtain 8.24 and 
10.37 for piC2A and pA 3A, respectively. These average 
values for cysteine ionizations are used in this work.

Most features of the analysis of cysteine ethyl ester 
hydrolysis are similar to those for histidine methyl ester. 
Equations 2-6 are applicable to both systems. The 
most basic form of cysteine ethyl ester contains a 
negative charge so that for this ester we have in addi
tion to eq. 7 and 8, the reaction mechanism

E -  +  OH-  — > products (23)

The equation analogous to eq. 9 for cysteine ethyl ester 
is

log [ f i ! E / ( E t o t ) ]  =  log ( k + a o E  +  A ; « i e  +  A ; - « 2 e )  +

pH -  14.00 (24)

A plot of the left-hand side of eq. 24 vs. pH for 0.01, 
0.02, 0.03, and 0.04 M  solutions of cysteine ethyl ester 
is shown in Figure 6. The curve in the figure is drawn 
from the rate constants, k +  = 30 ±  10, k  =  2.14 ±  
0.07, and fc-  =  0.055 ±  0.002, all in activity-1 sec.-1. 
Probably due to heavy buffering, the points in the pH
9.0 to 9.5 region are slightly lower than the curve in 
Figure 6. The rate constant k +  is determined from 
the four slow runs at low pH and is less reliable than 
k  and k ~ ,  evaluated from data at pH >9.5.

No superscript indicating charge of substrate species 
was placed on the rate constant of the middle term in 
parentheses in eq. 24. Neutral cysteine ethyl ester is 
composed of uncharged (HSRNH2) and dipolar ion 
(- SRNH3+) forms in a ratio of about 5 :1 ,18 19 20 which is 
not significantly altered on conversion to our condi
tions of temperature and ionic strength.1 The rate 
constant k  =  2.14 activity-1 sec.-1 is composed of 
contributions from k °  and for the uncharged and 
dipolar ion species, respectively, weighted according to 
the relative concentrations of each species. If we 
assign fc° ~  0.8 activity-1 sec.-1, the value for glycine 
ethyl ester6 (the k +  values are 32 and 30 activity-1 
sec.-1 for glycine and cysteine ethyl esters, respec
tively), then fc± ~  9 activity-1 sec.-1. Though only 
an approximate value (the ratio /c±/fc° ~  10 also 
appears large), the greater value of over ft0 is quali
tatively consistent with the location of the positive 
charge center in the dipolar ion about t/z nearer than 
the negative charge to the carbonyl carbon under

(18) R . E .  Benesch and R . Benesch, J . A m . Chem. Soc., 77, 5877 
(1955).
(19) M . A . Grafius and Neilands, ibid., 77, 3389 (1955).
(20) H . Borsook, E .  L . E ll is , and H . M . Huffman, J . B io l. Chem ., 117, 
281 (1937).
(21) G . R . Lenz and A . E .  M arte ll, B iochem istry, 3 , 745 (1964).
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pH
Figure 6. C ysteine e th y l ester h ydrolysis  a t 0.01,
0.02, 0.03, and 0.04 M  ester concentrations.
P oints are experim ental; th e curve is draw n from  
eq . 24 and three rate constants g iven  in  text.

attack by the negative hydroxide ion in cysteine ethyl 
ester.

The Ni2+, Zn2+, and Cd2+ ion promoted hydrolyses 
of cysteine ethyl ester were studied in solutions (0.02)/ 
(0.01) in ester to divalent metal ion from pH 9 to 11. 
These metal ions are bound to cysteine derivatives4’17 
more strongly than to derivatives of histidine. In these 
solutions the net hydrolysis reaction is

ME2 +  H20  — ^ M E A - +  H+ +  C2H6OH

so that Q in eq. 13 is unity. The reaction proceeds by 
the mechanism

& 2°

M E2 +  OH-  — >  products

and analogous to eq. 20 the rate expression may be 
written as

log ( E 'e / C m ) =  log fc2° +  pH -  1 4 .00  (25 )

A plot of the left-hand side of eq. 25 vs. pH is shown in 
Figure 7 for the three divalent metal ions studied. 
From the straight lines of unit slope in Figure 7, the 
fc2° values are 3.4 ±  0.1, 2.5 ±  0.3, and 1.40 ±  0.05 
activity-1 sec.-1 for the N i2+, Zn2+, and Cd2+ com
plexes, respectively.

Titration with base of a solution containing cysteine 
ethyl ester hydrochloride and nickel ion in a (0.03)/ 
(0.01) ratio indicated that one ester ligand was free

Figure 7. C ysteine eth y l ester h ydrolysis  in presence of 
d ivalent cations p lo tted  accord ing  to  eq. 25. E ster to  m etal 
ion  concentrations are (0 .0 2 ) /(0 .0 1 )  excep t fo r  N i ( I I )  poin ts 
at p H  10.57 and 10.79 w hich  are for  (0 .0 4 ) /(0 .0 2 ).

in solution and that only two ester ligands are bound to 
a single nickel ion. This result is consistent with the 
red color of the solution at the end of the titration 
implying a planar complex. Since Ni2+ does not form 
a 3:1 ester to metal ion complex with cysteine ethyl 
ester, and because precipitation occurs at ester to 
metal ion ratios less than 2:1, no kinetic studies on 
other complexes were attempted.

Some of our rate constants summarized in Table III 
for cysteine ethyl ester hydrolysis in activity-1 sec.-1 
may be compared with those in the literature after 
multiplying our values by the activity coefficient 0.75 
to yield units of M~l sec.-1. From a conductometric 
study6 in solutions containing excess base at 25°, 
about 0.02 ionic strength, and an unspecified pH, a 
rate constant for cysteine ethyl ester hydrolysis was 
found to be 0.09 M -1 sec.-1. We estimate the pH to 
be about 11.3, which is on a curved portion of the plot in 
Figure 6 indicating that the constant of 0.09 M~x sec.-1 
is a composite constant consisting of weighted contribu
tions from our k and k~ rate constants. Since these 
last two constants have values of 1.61 and 0.041 M -1 
sec.-1, respectively, the conductometric result is
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qualitatively consistent with our rate constants. 
These authors5 also added cadmium ion to the solution 
in several concentrations so that the total cysteine 
ethyl ester to cadmium ion concentration ratios varied 
from 1.6 to 6.5. They interpreted their rate results 
on the basis of a 1:1 ester to cadmium ion complex,6 
but in our view the 2:1 complex predominates in most 
of their cadmium ion containing solutions. Recalcu
lating their results on this basis, we obtain from their 
conductometric study a value of kp =  1.1 M~l sec.-1 
identical with our value for the cadmium ion complex. 
A conductometric study of cysteine methyl ester hy
drolysis4 reportedly yields a rate constant for hydroly
sis of free ester greater than our value for cysteine ethyl 
ester, while their rate constant for the nickel ion pro
moted reaction is less than ours.

T a b le  I I I : E quilibrium  and R a te  C onstants for H ydrox ide 
Io n  A tta ck  in  A ct iv ity -1  Sec.-1  E xperim entally  D eterm ined 
in  T h is W ork  a t 25.00° a n d  0.16 Ion ic  Strength

Cysteine ethyl ester
Aspartic acid-0-methyl 

ester

p A lE 6 .6 5
p lf îE 9 .0 6 8 .6 2
P-KA 8 .2 1
p A 3A 1 0 .3 6
k  + 30
k 2 .1 4

13
k ~ 0 .0 5 5 0 .1 2
k P  C u E 2° 4 .8

N iE 2° 3 .4 8 .4
ZD.E20 2 .5
C dE ,° 1 .4

k s~  N iE 3- 1 .0 0

Aspartic Acid-fi-methyl Ester. The hydrolysis of this 
ester was studied from pH 9.5 to 11.6 with ester con
centrations of 0.005, 0.01, and 0.02 M. The treat
ment of this system is similar to that of cysteine ethyl 
ester, and an equation analogous to eq. 24 without 
the k+ term is applicable. A value of pKe =  8.62 ±  
0.02 for aspartic acid-f3-methyl ester was determined by 
potentiometric titration. For the ammonium ioniza
tion from aspartic acid a value of p =  9.71 was 
calculated from published work22 to be used in eq. 5. 
A plot of the left-hand side of eq. 24 vs. pH is shown in 
Figure 8. From the curve are obtained values of 
k^ =  13 ±  2 and k~ =  0.12 ±  0.01 activity-1 sec.-1.

Titration with base of solutions containing 0.02 
and 0.03 M  aspartic acid-/3-methyl ester and 0.01 M  
of either cupric or nickel ions revealed strong binding

pH
Figure 8 . H ydrolysis  o f aspartic acid-/3-m ethyl ester 
at concentrations o f 0.005, 0.01, and 0.02 M .
P oints are experim ental and curve is ca lcu lated
from  eq . 24 and k*  =  13 and k~ =  0 .12 a c t iv ity -1 s e c .-1 .

of the ester to the metal ions for both 2:1 mixtures, 
while only nickel ion gave evidence of the formation 
of a 3:1 complex. Ester hydrolysis was followed in 
mixtures in which the total ester to cupric ion concen
tration ratio was (0.01)/(0.005) and (0.02)/(0.01) 
from pH 9.0 to 10.1. The metal ion promoted hy
drolysis proceeds by hydroxide ion attack at the 2:1 
ester metal ion complex. Analysis of seven runs by 
plotting the left-hand side of eq. 25 vs. pH yields a 
straight line of unit slope from which, for the cupric 
ion complex, kP =  4.8 ±  0.2 activity-1 sec.-1. A 
similar analysis of seven runs for solutions containing 
total ester to nickel ion concentration ratios of (0.02)/ 
(0.01) and (0.04)/(0.02) from pH 8.4 to 8.9 yields, 
for the nickel ion complex, kp =  8.4 ±  0.4 activity-1 
sec.-1. The pH region in the nickel ion complex is 
limited by incomplete complex formation below pH 8.3 
and by precipitation above pH 9.2.

Kinetic experiments were also conducted with total 
aspartic acid-/3-methyl ester to nickel ion ratios of 
(0.015)/(0.005) and (0.03)/(0.01) from pH 9.2 to 11.1. 
On the assumption that the predominant species is 
the 3:1 ester to nickel ion complex, analysis of seven 
runs by a method analogous to that described above 
yields&3-  = 1-00 ±  0.04 activity-1 sec.-1.

(22) A . C . Batchelder and C . L .  A . Schm idt, J . P h ys . Chem., 44, 893 
(1940).
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Discussion
Considering first the rate constants for hydroxide 

ion attack in the absence of divalent metal ions, we 
note that the rate constants increase as the net positive 
charge on the ester increases. For a given ester the 
increase in rate of hydroxide ion attack at the pro- 
tonated as compared with the neutral ester is a func
tion of the distance of the positive charge from the re
action side. In cross comparing esters of different 
amino acids, care must be taken because methyl esters 
are known to be hydrolyzed somewhat faster than 
ethyl esters.

One method to compare the electrostatic effects of 
added charge on rate constants without specifying 
interaction distances and effective dielectric constants 
is to relate rate constant ratios to equilibrium constant 
ratios determined from acid ionization constants. In 
this fashion unusual values of rate constants appear as 
abnormally small or large ratios when compared to cor
responding equilibrium constant ratios. The electro
static work required to bring a hydroxide ion from an 
infinite distance to the carbonyl carbon is greater for 
neutral than for protonated glycine ethyl ester so that 
k+/k° =  41. Also removal of a proton from uncharged 
glycine ethyl ester requires less work than its removal 
from dipolar ion glycine as reflected by the ratio K e / K a  
=  74.

These ratios are not expected to be equal because, 
among other reasons, the reactive center is not exactly 
the same distance from the charge center in the two 
cases. Rate and corresponding equilibrium constant 
ratios for all esters in this study are tabulated in Table
IV. The ratios of Table IV are calculated at 0.16 
ionic strength but should be evaluated at zero ionic 
strength. All rate and equilibrium constant ratios 
are about doubled at zero ionic strength but since the 
ratio of all rate and equilibrium constant ratios is 
independent of ionic strength it is more convenient

Table I V : R a tios  o f  R a te  C on stants for H yd rox id e  Ion  
C atalyzed E ster H ydrolysis  and C orresponding R atios  o f 
A eid Ion iza tion  C onstants a t 0.16 Ion ic  Strength

to utilize directly the 0.16 ionic strength values quoted 
in this paper.

Inspection of Table IV reveals that four of the six 
pairs of rate and equilibrium constant ratios differ 
by less than a factor of 3. For aspartic acid-/3-methyl 
ester the rate constant ratio is nine times greater than 
the equilibrium constant ratio. Comparison of the 
k° and k~ values with those of other esters in this 
work indicates that the high ratio is due to an un
usually large value of k± in aspartic acid-/3-methyI 
ester. This enhanced rate constant may be due to a 
contribution from a structure with an internal hydrogen 
bond from the protonated ammonium group to the 
carbonyl oxygen resulting in a greater partial positive 
charge density at the carbonyl carbon. Aspartic acid- 
/3-methyl ester is the only substrate of this study where 
such a six-membered ring can form. Structures in
volving hydrogen bonding from protonated amino 
groups to carbonyl oxygen atoms of esters have been 
proposed to account for rate enhancements of ester 
hydrolysis in tertiary aminoalkyl esters.23

By far the most unusual ratio in Table IV is the large 
value of k2+/k+ =  470 for histidine methyl ester, a 
ratio more than 80 times greater than the ratio of cor
responding acid ionization constants. Comparison 
of k+ for histidine methyl ester with the same constant; 
for other esters reveals a larger value but little more 
than expected when comparing hydrolysis rates of 
methyl with ethyl esters. The large ratio of k2+/k~ 
must then be due to a greatly increased value of k2~ 
obtained on adding a proton to the imidazole ring. 
This result is all the more remarkable because addition 
of a proton to the ammonium nitrogen, which is several 
bonds closer to the reaction center, does not yield a 
particularly high reaction rate as measured by fc+. 
We propose that the large value of k2+ is due to a con
tribution from structures like

/ N H 3 
CH2— CH

H N  C — O

g  \ î — 0' ch3

Aspartic
Glycine Cysteine acid-/5-

ethyl ethyl Histidine methyl
ester ester methyl ester ester

k í+ / k+ 470

W & a 5 .6

k + / k« 41 14 87
K e/Ka 74 39 74

k/ k~ 39 110

K ve/ K za 20 12

which bring the positively charged imidazolium ring 
to bear on the reaction center by yielding an increased 
partial positive charge at the carbonyl carbon, rendering 
it more susceptible to hydroxide ion attack. Evi
dently such structures, representing a kind of super
acid catalysis,6 can contribute at least a 102 rate en

(23) B . Hansen, A cta  Chem . S  "and., 16, 1927 (1962) ; J .  A . Zaslowsky 
and E .  Fisher, / .  P h ys. Chem., 67, 959 (1963).
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hancement in enzyme-catalyzed reactions at an imid- 
azolium group.

It may be shown that a ratio of ester and acid ioni
zation constants in Table IV is equal to the ratio of the 
microscopic ionization constants for carboxylic acid 
ionizations from microforms of the same net charges 
as the ester and acid, respectively.24 If logarithms 
are taken, then the comparison is essentially one of log 
k for hydroxide ion attack on an ester species vs. pK& 
for ionization of the corresponding carboxylic acid. 
The negative slope of such a log-log plot is a p-function 
which may also be obtained by taking the ratio of the 
logarithm of a rate constant ratio and the logarithm of 
the corresponding equilibrium constant ratio in Table
IV. Since addition of a proton does not significantly 
alter substrate size, both steric and resonance effects 
are constant in the comparison, and the p-function 
comprises primarily polar contributions. Though de
pendent upon ionic strength, this p-function may be 
compared with p* for basic hydrolysis of ethyl esters 
minus that for ionization of carboxylic acids,25 2.48 +  
0.12 — 1.72 = 0.88. This result is nearly the same 
obtained by dividing the log of the rate constant ratio 
in Table IV by the log of the equilibrium constant ratio 
for glycine ethyl ester (0.86), especially if zero ionic 
strength values are employed. Uncertainties due to 
competitive ionizations in cysteine ethyl ester may be 
bypassed by taking the logarithm of k+/k~ and dividing 
by pA 2A +  pA 3A — P-Kye — pKis to obtain a p-value 
of 0.94. On the basis of a similar analysis for histidine 
methyl ester, it may be shown in this way also that k2+ 
is high by a factor of 100.

In passing to metal ion promoted reactions of hy
droxide ion attack on ester molecules, it is apparent 
that, in the absence of special effects such as super
acid catalysis, values of hydrolysis rate constants may 
be rationalized largely on the basis of charge. For 
histidine methyl ester where the charge on the complex 
is unchanged on the addition of an additional ester 
molecule to a divalent metal ion complex, the statistical 
and electrostatic factors are balanced so that all k2 + 
rate constants in Table II are divided by 2 when com
pared on the basis of per unit positive charge on an 
ester molecule in the complex. The closely similar 
values of fe2+ and /c32+ recorded in Table II for both 
Cu2+ and Ni2+ complexes and the identical values of 
ki2+ and fc22+ for Cd2+ complexes indicate that in these 
cases the effective charge experienced by an ester 
molecule under hydroxide ion attack is not affected by 
the number of ester molecules bound to the divalent 
metal ion. The relatively higher values of fci2+ for 
the Ni2+ and Zn2+ complexes may be accounted for by 
a mild super-acid catalysis possible in the 1:1 ester

to metal ion complexes. In most cases, however, 
chelation of the ester molecule at two binding sites 
other than the reactive center renders unlikely super
acid promotion of hydrolysis by placement of the 
positively charged metal ion near the region of hydrox
ide ion attack. The range of values of fe2+/ 2 in Table 
II from 25 to 130 activity-1 sec.-1 per unit of positive 
charge on an ester molecule in the complex bracket 
the value of k+ =  75 activity-1 sec.-1 for the rate con
stant of monocharged ester hydrolysis in the absence 
of metal ions.

The trend of fc22+ values in Table II is not the same 
as that of formation constants in Table I ; values for 
the Ni2+ complex seem exceptional. Since the metal 
ion in the 2:1 ester to metal ion complexes is not che
lated at the reactive center of histidine methyl ester 
but only more remotely at two nitrogen atoms in each 
molecule, the trend of fc22+ values in Table II is evi
dently due to subtle effects.

For metal ion promoted cysteine ethyl ester hydroly
sis, values of fc2°/2 recorded in Table III range from 
0.7 to 1.7 activity-1 sec.-1 per ester molecule in the 
2:1 complex. This range of values is less than k =
2.14 activity-1 sec.-1 obtained in the absence of diva
lent metal ions. As discussed above, however, the 
constant k is composed of weighted contributions from 
k° and constants, and the range of values for metal 
ion promoted hydrolyses appears to bracket the value 
of the k° rate constant estimated for hydroxide ion 
attack on neutral, uncharged cysteine ethyl ester. 
Values of fe° for the three metal ions studied with 
cysteine ethyl ester parallel values of the formation 
constants for association with cysteine methyl ester.4-17

For the cupric and nickel ion promoted hydrolyses 
of aspartic acid-/3-methyl ester, the values of fc2° /2 
listed in Table III are, respectively, 2.4 and 4.2 activ
ity-1 sec.-1 per ester molecule in the 2:1 complex. 
These values are less than the value of fc* =  13 
activity-1 sec.-1 for the free ester of zero net charge, 
but we have presented evidence above that the value 
of the last rate constant is unusually high. For the 
3:1 aspartic acid-/3-methyl ester to nickel ion complex 
the value of fc3-  =  1.00 activity-1 sec.-1 per unit 
negative charge on an ester molecule in the complex 
is considerably greater than k ~  =  0.12 for the free 
ester. This last comparison is not really justified, 
however, because of the differing fractional charge 
distributions. As expected on electrostatic grounds

(24) R . B . M artin , “ Introduction to Biophysical C hem istry ,”  
M cG raw -H ill Book Co., In c ., New Y o rk , N . Y . ,  1964, pp. 68-70.
(25) R . W . T a ft , J r . , in  “ Steric Effects in  Organic C hem istry ,”  
M . S . Newman, E d ., John W iley and Sons, In c ., New Y o rk , N . Y . ,  
1956, pp. 587-607.
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h~/3 is less than fc2°/2 for the nickel ion promoted 
hydrolyses of aspartic acid-^-methjd ester.

Perhaps the outstanding features of the results col
lected in Tables II and III are the relative indifference 
of the rate constants to the particular divalent metal 
ion in the complex and the lack, in the absence of super
acid catalysis, of any major difference between metal 
ion promoted hydrolysis and the equivalent charge 
effects brought about by hydrogen ions.

Amino acid esters that strongly bind transition metal 
ions through chelation at two sites neither of which is 
the reactive site are much less susceptible to metal ion 
promotion of hydrolysis than an ammo acid ester, such 
as glycine ethyl ester, where chelation labilizes the re

active bond. Thus strongly chelated ester complexes 
are more slowly hydrolyzed than complexes of esters 
that undergo weak chelation through a labile ester 
bond. For illustration, the second-order rate con
stants for hydroxide ion attack at the 2:1 histidine 
methyl ester to cupric and cadmium ion complexes 
are 265 and 66, respectively; at the 2:1 cysteine ethyl 
ester to cadmium ion complex the rate constant is 1.4, 
while az the 1:1 glycine ethyl ester to cupric ion com
plex6 it is 101,000 activity-1 sec.-1. In the last case, 
where cupric ion chelates to the carbonyl oxygen, 
super-acid catalysis occurs and the rate constant is 
about 80 times larger than simple electrostatic con
siderations predict.6

Ionization and Dissociation of Diphenyl and Condensed Ring Aromatics by 

Electron Impact. I. Biphenyl, Diphenylacetylene, and Phenanthrenela

by P. Natalislb and J. L. Franklin

D epartm ent o f  C hem istry, R ice U niversity, H ouston , Texas (Received F ebruary 18, 1965)

Mass spectra and appearance potentials of the principal ions of benzene, biphenyl, diphenyl
acetylene, and phenanthrene have been determined on a Consolidated Electrodynamics 
Corp. Type 21-701 coincident field mass spectrometer. The mass spectra of isomeric 
diphenylacetylene and phenanthrene are quite similar and are characterized by a large 
number of doubly charged and several triply charged ions. All of the spectra have parent 
ions as well as fairly intense peaks corresponding to the loss of H, H2, C2H2, C3H3, and 2C2H2. 
In almost all cases the electron energy required to bring about a certain process (f.e., loss of 
C2H2) increases with resonance stabilization in the neutral parent molecule. Except for 
parent ions, all ions of the same composition have similar heats of formation. It appears 
that all reactions studied involving energies appreciably above the ionization potential 
occur with ring opening.

Introduction
Several electron impact studies of aromatic com

pounds have been reported in the recent literature. 
Among them a particularly interesting investigation 
of benzene and its open-chain isomers has shown that 
electron-induced decomposition of benzene proceeds

through an ionic intermediate having the structure of 
butadienylacetylene.2a Similarly a common ionic in- 1

(1) (a) T h is  work was supported by a grant from the Robert A . Welch 
Foundation; (b) Chercheur qualifié of the Belgian Fonds National de 
la  Recherche Scientifique. On leave of absence from the U n iversity 
of Liège, Belgium.
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termediate with a cycloheptatriene structure is con
sidered to account for the behavior of a number of 
alkylbenzenes and other derivatives.213 Isomeric naph
thalene and azulene also exhibit similar mass spectra, 
and it has been shown by examination of the appear
ance potentials of various ions that a common inter
mediate can explain the main features of the electron- 
induced dissociation of these compounds.2 3

In the present study, a similar investigation of 
isomeric diphenylacetylene and phenanthrene was un
dertaken. Mass spectra and ionization potentials of 
these two aromatic compounds, as well as appearance 
potentials of their principal fragment ions, were de
termined and heats of formation of various ions were 
calculated and compared. The mass spectrum and 
the ionization potential of phenanthrene have been 
determined before,4 but no data on appearance poten
tials of fragment ions from this compound have been 
reported so far. Biphenyl has also been examined in 
this work because, although biphenyl and deuterated 
analogs have been studied from the point of view of 
isotopic effects,5 no data on appearance potentials of 
fragment ions have been reported. Such deter
minations are of interest to provide a broader under
standing of the processes by which aromatic ions de
compose. Benzene and most of its fragment ions were 
also investigated as a means of establishing our tech
niques, as well as to provide data for comparison with 
that from the other compounds studied.

Experimental

Mass spectra and appearance potential data were 
obtained by means of a Consolidated Electrodynamics 
Corp. mass spectrometer Type 21-701. This 12-in. 
radius, 60° coincident field sector instrument, having 
the radial electric field sector immersed in the mag
netic sector, has been described.6 Some modifications 
were provided to this instrument to make it suitable for 
appearance potential study. Electron ionizing voltage 
was measured by a Leeds and Northrup potentiometer 
and controlled by a 10-turn helipot allowing increments 
in ionizing voltage of 0.1 v. The variable repeller 
voltage was replaced by a fixed potential of 1 v. pro
vided by a battery.

The mass spectra were obtained with 50-v. electrons 
and an ionizing current of 4 ¿ua., also used for appearance 
and ionization potential measurements. Qualitative 
agreement is found between mass spectra determined in 
this study and those reported in the literature for ben
zene,7 biphenyl,5-7 and phenanthrene.4-8 However, 
the relative abundances of fragment ions, calculated 
as a percentage of the parent peak, appear to be higher 
than those found in the already published mass spectra.

It will be evident that the discrepancy becomes larger 
as the mass number of the fragment ions becomes 
smaller. We think this effect is instrumental, pre
sumably attributable to discrimination in the electron 
multiplier used in the collector system. It is probably 
not attributable to the ionization chamber which is es
sentially the same as the one used in the 21-103 C.E.C. 
mass spectrometer. Xenon was used as a reference 
gas for calibration of the electron energy scale. Owing 
to the very high sensitivity of this instrument, the 
sample pressure necessary to record ionization efficiency 
curves could be kept very low. Usually the pressure 
of the xenon sample mixture was 0.5-1 X 1 0 mm.  
measured at the source ionization gauge. This favor
able situation is a great advantage in appearance po
tential studies since there is no pressure effect in the tail 
of the ionization efficiency curves. Ionization poten
tial data have been determined by comparison with the 
xenon reference curve using the semilogarithmic 
method9 and taking the difference of voltage between 
the curves at 1% of the ion intensities measured at 50 
v. Appearance potential curves have been treated in 
the same way except in a few cases where a long tail 
below the 1% intensity point was observed and for 
which the semilog curves were excessively divergent. 
In these cases the extrapolated difference method10 
was used. The potential data obtained are an average 
of several determinations, and ionization potential 
values are reproducible to ±0.05 v. The reproduci
bility of appearance potential values of fragment ions is 
usually 0.05 to 0.1 v., but the uncertainty is sometimes 
as much as 0.2-0.5 v. for weak ions, as indicated in 
tables below.

A heated Pyrex inlet system equipped with a molten 
gallium sintered disk valve was used for the introduction

(2) (a) J .  Momigny, L .  B rak ie r, and L .  D ’or, B ull. Classe S ci. A ca d . 
R oy . Belg., 48, 1002 (1962); (b) H . M . Grubb and S . Meyerson in 
“ M ass Spectrometry of Organic Ions,”  F .  W . M cLa ffe rty , E d ., Aca
demic Press In c ., New Y o rk , N . Y . ,  1963, Chapter 10.
(3) R . J .  Van B ru n t and M . E .  W acks, J. Chem. P h ys ., 41, 3195 
(1964).
(4) M . E .  W acks and V . H . Dibeler, ibid., 31, 1557 (1959).
(5) J .  G . B u rr , J .  M . Scarborough, and R . H . Shudde, J. P h y s . Chem ., 
64, 1359 (1960).
(6) H . G . Voorhies, C . F .  Robinson, L .  G . H a ll, W . M . Brubaker, and 
C . E .  B e rry , “ Advances in M ass Spectrometry,”  Vol. I ,  J .  D . W al
dron, E d ., Pergamon Press L td ., London, 1959, p. 44.
(7) “ Catalog of M ass Spectral D a ta ,”  American Petroleum Institu te  
Research Project 44, Carnegie Institu te  of Technology, Pittsburgh, 
Pa .
(8) “ Catalog of M ass Spectral D a ta ,”  M anufacturing Chemists 
Association Research Project, Carnegie In stitu te  of Technology, 
Pittsburgh, Pa .
(9) F .  P . Lossing, A . W . T ickner, and W . A . B ryce , J . Chem. P hys., 
19, 1254 (1951).
(10) J .  W . W arren, N ature, 165, 811 (1950).
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of solids. The reservoir and the line going to the ioni
zation chamber were kept at 130°, the temperature 
being measured by several thermocouples at different 
places of the system. The biphenyl and phenanthrene 
samples were commercial products from The Matheson 
Co.; diphenylacetylene was from L. Light and Co., 
Ltd. Mass spectra of biphenyl and diphenylacetylene 
showed no trace of impurities. The sample of phen
anthrene was used after several recrystallizations.

General Features of the M ass Spectra
Partial mass spectra of diphenylacetylene and 

phenanthrene are presented in Table I. The ionization 
potential of benzene, biphenyl, diphenylacetylene, 
and phenanthrene, and the appearance potential of 
the main fragment ions of these compounds are given 
in column 4 of Tables II through V, respectively. In 
column 5 of these Tables are listed the calculated heats 
of formation of ions produced in various processes 
described in column 1. Experimental heats of forma
tion of ions were computed from appearance potentials 
using the conversion factor 1 e.v. =  23.06 kcal./mole. 
Heats of formation of the various compounds studied, 
together with their sources, are given in Table VI. 
Data on heats of formation of ions are taken from Field 
and Franklin11 unless otherwise noted.

T ab le  I :  P artia l M ass Spectra o f  D iph en y lacety len e (D P A )  
and Phenanthrene (P H )“

Mass Mass Maas
no. D PA PH no. D PA PH no. DPA PH

50 6 .8 4 .9 7672 3 .8 5 .7 127 1 .5 0 .8
51 1 1 .4 7 .8 77 6 .3 3 .2 128 1 .0 0 .8
52 4 .2 1 .5 78 1 .9 0 .6

86 1 .8 1 .3 139 3 .3 1 .8
5873 0 .0 5 0 .0 6 87 3 .8 4 .8
59 0 .0 3 0 .0 1 8772 0 .5 2 .2 149 1 .7 1 .2
597a 0 .2 9 0 .4 3 88 1 1 .0 2 5 .0 150 5 .3 6 .9
5 9 7 b 0 .0 5 0 .0 4 8872 2 .0 4 .5 151 9 .6 1 0 .2

89 3 0 .5 3 9 .0 152 7 .5 9 .5
61 0 .5 0 .3 8972 4 .1 5 .2 153 1 .5 0 .8
6172 0 .2 0 .1
62 3 .4 3 .1 98 2 .3 1 .5 162 0 .3 0 .2
6 2 7 , 0 .4 0 .3 99 1 .7 1 .4 163 0 .8 0 .6
63 1 3 .0 14 .1 100 1 .2 0 .8
6 3 7 2 0 .6 0 .9 101 0 .9 0 .9 174 1 .0 2 .1
64 1 .0 0 .6 102 2 .7 0 .8 175 1 .8 2 .8
65 1 .4 0 .8 176 1 8 .7 1 9 .2

111 0 .8 0 .5 177 1 0 .9 1 1 .4
74 5 .8 4 .5 113 1 .3 0 .6 178 1 0 0 .0 1 0 0 .0
7 4 7 b 0 .2 0 .3 115 1 .3 0 .6 179 1 3 .9 1 3 .7
75 8 .9 1 3 .4 180 1 .1 1 .0
7572 2 .0 2 .5 125 0 .8 0 .9
76 3 5 .3 5 1 .2 126 5 .7 2 .1

“ E lectron  energy 50 v . ; ion  abundances in  per cent o f  parent 
peak.

Table II : D a ta  for  Benzene

Process

ra/e
o f

ion

Rei.
abund.,

% o f
base
peak A .P ., e.v.

AHf of ion, 
kcal./m ole 

This
study Lit.

CeHe —►C .H .+ 78 100 .0 9 .22  ±  0 .05 233 233
—►C«Ht + +  H 77 18.0 14.44 ±  0 .05 301 301

C ,H P  +  H 2 76 3 .8 14.09 ±  0 .07 345
C(H .+ +  CaHa 52 27.0 14.95 ±  0 .05 311 326

-> CaH,+ +  C îH î 39 30 .0 15.17 ±  0 .1 96°

C 2H2 + -f- 2C2H 2 26 5 .2 18.6  ±  0 .3
876

341c

“ C alcu lated fo r  neutral taking A i? t( H C ^ C — C H 2)+  as 274. 
h C alcu lated fo r  neutral taking AH f(C H 2= C = C H )  + as 283. 
c P roducts form ed w ith  excess energy.

Table ni : D a ta  for B iphen yl

Rei.
abund., AHf

ra/e, % o f of ion,
of base k ca l./

Process ion peak A .P ., e.v. mole

C i2H io —.  C i2H io + 154 100 .0 8 .9 6  ±  0 .05 247
— C i2H» + +  H 153 38.5 14.36 ±  0 .05 319
—.  C 12H8+ +  H 2 152 28.6 16.89 ±  0 .08 429
—.  C ic H s + +  C 2H 2 128 7 .5 14.81 =fc 0 .05 328

C .H , + +  CiHa 115 9 .0 16.08 ±  0 .05 321°
-► C8H „+ +  2C2H 2 102 8 .9 18.10 ±  0 .05 349
— C i H D  +  ? 89 7 .4 20.85 ±  0 .2 ?
-*■ (a) C«H( + +  CeHs 77 14.0 18.2 ±  0 .5 390

(b) C i2H io2 + 77 42.0 21.9  ±  0 .3 545
— (a) C .H C  +  CsH. +  H 76 14.5 18.05 ±  0 .5 334

(b) C i2H82+ +  H 2 76 82.4 2 2 .0  ± 1 .0 547

“  AiifiCäH a) taken  as 91 k ca l./m o le  from T a b le  II .

Table IV  : D a ta  fo r  Phenanthrene

Rei.
abund., AHf of

ra/e %  of ion,
of base kca l./

Process ion peak A .P ., e.v. mole

C hH io —► C hH io + 178 100 .0 8 .10  ±  0 .04 235
— C hH s + +  H 177 11.3 16.25 ±  0 .1 371

C hH 8 + +  H 2 176 19.2 18.58 ±  0 .1 476
Cl2H8 + +  C2H 2 152 9 .5 16.63 ±  0 .05 377
C i2H 7+ +  C 2H 2 +  H 151 1 0 .2 19.63 ±  0 .05 395

—  C 11H7+ +  CaHa 139 1.9 21.1  ±  0 .3 445a
—.  C 10H« + +  2C2H 2 126 2 .1 2 0 .9  ±  0 .3 422

“  A lt [(C3H3) taken  as 91 k ca l./m o le  from  T a b le  II .

The mass spectrum of biphenyl shows a number of 
similarities to that of benzene. The main fragment 
ions observed in both compounds correspond to the

(11) F .  H . F ie ld  and J .  L .  F ran k lin , “ E lectron Im pact Phenomena,’ ' 
Academic Press In c ., New Y o rk , N . Y . ,  1957.
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T a b le  V  : D a ta  for  D iph enylacetylen e

Rei. abund., AH{ of ion,
Process m/e of ion %  of base peak A .P ., e.v. kcal./m ole Remarks

c 14h 10+ 178 100 8 .8 5  ±  0 .0 5 303
C 14H 9+ +  H 177 11 .1 1 5 .1 3  ±  0 .1 396
C 14H 8+ +  h 2 176 1 8 .8 1 6 .6 6  ±  0 .0 5 483 AHi o f  C i4H 8+ =  379 if 2H  as neutral
c 12h 8+ +  c 2h 2 152 7 .5 1 5 .5 8  ±  0 .0 5 404
C 12H 7+ +  C 2H 2 +  H 151 9 .6 1 7 .4 6  ±  0 .0 6 396
C u H ,+  +  C sH 3 139 3 .3 1 7 .5 2  ±  0 .1 413°
C 10H 6+ +  2C 2H 2 126 5 .7 1 8 .2 3  ±  0 .1 411
c 9h 7+ +  C 6H 3(? ) 115 1 .3 1 7 .5  ±  0 .1 836 321 for C 9H 7+ from  b iph eny l is used
c 9h 6+ +  C 6H 6(? ) 113 1 .4 2 1 .3  ±  0 .2 ?
C 8H 6+ +  C 6H 4(?) 102 2 .8 1 7 .8  ±  0 .1 616 349 for  C 8H 6+ from  b iph eny l is used
C 14H 102+ 89 3 0 .5 2 3 .3 5  ±  0 .1 538 N o  C 7H 5+ ion
c 6h 6+ +  C 8H 6(? ) 77 6 .3 2 0 .7  ± 0 . 1 2756 A £ff(C 6H 6+) =  301 used
c i2h 8*+ 76 3 5 .4 2 0 .5  ±  0 .1 572 N o  C 6H 4+ ion

® A H ,(C 3H 3) taken  as 91 k ca l./m o le  from  T a b le  I I .  1 C alcu lated for  neutral.

loss of one or two H atoms or to the loss of C2H2, C3H3, 
and C4H4 groups from the molecular ions. The bi
phenyl mass spectrum also exhibits a number of doubly 
charged ions. Part of the ionic current at mass number 
m/e 77 is due to the doubly charged molecular ion 
M 2+, and at m/e 771/i to isotopic M 2+. Ions at m/e 
76V2 (15.3% of M+) and 75l/i (8.9% of M+) corre
spond to (M — H)2+ and (M — 3H)2+, respectively, 
and part of the ion at m/e 76 to (M — 2H)2+. A 
number of doubly charged ions of less importance 
(less than 5% of M +) are to be mentioned in the 621/ 2-  
64 V2 region corresponding to Ci0HI2+ ions. A triply 
charged M 3+ at m/e 5IV3 of very slight intensity, ob
served in this study, had been reported previously.12

As mentioned above, ions at m/e 76 and 77 are due 
to both singly and doubly charged ions. The 77V2 
peak being only the isotopic M 2+, it is calculated 
therefrom that 75% of ionic current at m/e 77 is due to 
C12H io2+ and 25% to C6H6+. The appearance poten
tial of the doubly charged ion at m/e 77 is rather close 
to that which one would calculate for the process 
(C6H6)2 -*• 2C6H5+. Thus it is puzzling that the major 
portion of this peak is the doubly charged parent ion, 
and the remainder, the Cf)H5+, arises from a process of 
considerably lower appearance potential. Comparison 
of the relative abundances of singly to doubly charged 
ions of mass 154, 153, and 151 enables one to estimate 
that about 85% of the ionic intensity at m/e 76 is at
tributable to Ci2H82+ and the 15% left to C6H4+.

The mass spectrum of diphenylacetylene, to our 
knowledge, had not been published previously. As 
shown in Table I, the mass spectrum of diphenylacet
ylene shows some similarity with that of isomeric 
phenanthrene. With both these compounds the molec

ular ion is the most abundant ion. This observation 
confirms that previously reported by Hall and Elder.13 
They also have the same fragment ions, the main ones 
at m/e 177, 176, 152, 151, 150, 139, and 126 being 
present with comparable relative abundances. In 
addition to these fragment ions which correspond to 
the abstraction of one or more H atoms or to the loss 
of C2H2, C3H3, and C4H4 groups from the parent ion, 
both diphenylacetylene and phenanthrene exhibit a

T a b le  V I :  T herm ochem ica l D a ta  (k ca l./m o le )

Compound AHt Lv AHfg Ref.

Benzene 1 9 .0 8 a
B iphenyl 28 1 1 .5 3 9 .5 b, c
D iphenylacetylene 99 d
Phenanthrene 33 15‘ 48 b
A cetylene 54 a
H 51 .1 a
c 3h ,+ 2 7 4 ,283 f
c 6h 6 70 g, h

0 F . D . R ossini, eta l., “ Selected Values o f  P h ysica l and Ther-
m od yn am ic Properties o f H ydrocarbon s and R ela ted Com -
p ou n d s,”  Carnegie Press, P ittsburgh, Pa., 1953. b M . S. K arash , 
/ .  Res. Natl. Bur. Std., 2 , 359 (1929). c F . G laser and  H . 
R ü land, Chem. Ingr.-Tech., 29, 772 (1957). d J . L . Franklin , 
Ind. Eng. Chem., 41, 1070 (1 9 4 9 ); J. Chem. Phys., 21, 2029 
(1953). ‘ E stim ated  value. 1 See ref. 11. " J . S. R oberts  and 
H . A . Skinner, Trans. Faraday Soc., 45, 339 (1949). h M . 
Szwarc, Chem. Rev., 47, 75 (1950).

(12) S . Meyerson and R . W . Vander H aar, J. Chem. P h ys., 37, 2458 
(1962).
(13) K .  L .  H a ll and F .  A . E lder, ib id ., 31, 1420 (1959).
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number of doubly charged ions. This is known to be 
a general feature of mass spectra of aromatic hydro
carbons. The most important of these ions belong to 
two groups: (a) the doubly charged parent ion M 2+,
at m/e 89, and analogous ions having lost one or more 
H atoms and (b) a very abundant (M — C ^ ) 24- ion 
at m/e 76 with an isotopic (M — C2H2) 2+ at m/e 
76V2 and a less important (M — C2H3) 2+ at m/e 
75y2. It may be worthwhile to mention that a mass 
spectrum of diphenylacetylene recorded with high 
sensitivity displayed a series of doubly charged frag
ment ions corresponding to all main singly charged 
fragment ions observed between m/e 99 (C8H3+) and 
m/e 177 (C14H 9+).

A triply charged molecular ion M 3+ at m/e 59y3, 
together with an isotopic triply charged molecular ion 
at m/e 592/ 3, both of very low intensities (a few tenths 
of 1% of M+) also appear in the mass spectra of di
phenylacetylene and phenanthrene. In these two 
aromatic hydrocarbons, there is also another triply 
charged ion at m/e 582/ 3 corresponding to (M — 2H)3+ 
(about 0.05% of M+). The triply charged ions of 
phenanthrene observed in this study had been reported 
previously.12

Although the fragment ions of diphenylacetylene and 
phenanthrene are the same, some differences must be 
pointed out. Generally speaking, the abundance of 
most fragment ions is somewhat larger in diphenyl
acetylene than in phenanthrene, but the reverse is ob
served with doubly charged ions, especially in the case 
of 1522+ and 1782+ (M 2+) at m/e 76 and 89. Thus, 
phenanthrene exhibits a greater stability than does 
diphenylacetylene under electron bombardment.

One of the most significant differences between the 
mass spectra of diphenylacetylene and phenanthrene 
concerns the fragment ions at m/e 77 and 102, these 
ions being more abundant in the former than in the 
latter compound. This also can be expected if these 
ions are simply Cells + and (CeH6-C2) + which are pre
sumably more easily produced from CeH5— C = C —- 
C6H6 than from the completely fused ring system of 
phenanthrene.

The portion of the mass spectrum recorded below 
m/e 77 comprises the superimposition of doubly 
charged fragment ions and singly charged fragment 
ions corresponding to parts of the phenyl ring.

Results and Discussion

Ionization Potentials. The ionization potentials of 
the compounds studied are listed in Table VII, along 
with those of azulene and naphthalene recently re
ported by Wacks.3 Results of simple group orbital 
computations of the ionization potential of these

compounds using the simplified method of Franklin14 
based upon olefinic and acetylenic groups are also 
listed in Table VII. Except for biphenyl, the computed 
values are in fair agreement with the measured ones.

T a b le  V I I :  Ion iza tion  P oten tia l (in  e .v .)

Compound
,----------------1
This study

Vleasd.---------------->
Lit.

Calcd., 
this paper

Benzene 9 .2 2 9 .1 1 -9 .3 ° 9 .2
Azulene 7 .7 2 6 7 .9
N aphthalene 8.26* 8 .5
B iphenyl 8 .9 6 8 .3 -8 .9 2 ° 8 .2
D iph enylacetylen e 8 .8 5 8 .7
Phenanthrene 8 .1 0 8 .0 3 ° 8 .2

° R . W . K iser, “ T ables o f  Ion iza tion  P oten tia l,” U .S .A .E .C .
R ep ort T I D  6142 (1960). 6 See ref. 3. c See ref. 4.

(M  — 1)+ Ion. Each of the compounds studied 
exhibited a modest sized peak at (M — 1) + correspond
ing to the loss of a hydrogen atom. The appearance 
potentials for (M — 1)+ from these compounds and 
from naphthalene and azulene3 are listed together in 
Table VIII. There is a general upward trend in the 
appearance potential of these ions with increasing 
resonance energy of the parent molecule. This is 
especially notable in the case of the condensed ring 
compounds for which the appearance potential in
creases with increasing resonance energy from 14.0 
e.v. for azulene to 16.25 e.v. for phenanthrene.

The large increase in energy with increasing reso
nance is difficult to understand unless the loss of hy
drogen atom is accompanied by the opening of one or

T a b le  V I I I :  A ppearance P otentia ls  (A .P .)  o f  (M  — 1 ) + 
and (M  — 2 ) + Ion s (e .v .)

Compound

Nominal
resonance
energy® A.P.(M  -  1) + A.P.(M -  2) +

Azulene 25 1 4 .0 1 4 .7
B enzene 41 1 4 .4 4 1 4 .09
N aphthalene 77 1 5 .4 1 6 .2
B iphenyl 91 1 4 .3 6 1 6 .89
D iphenylacetylene 113 1 5 .13 1 6 .66
Phenanthrene 130 1 6 .25 18 .58

“ Based u pon  heats o f  com bu stion , taken  from  W heland 
(G . W . W heland, “ T h e  T h eory  o f  R eson an ce ,”  John  W iley  and 
Sons, In c., N ew  Y o rk , N . Y .,  1947).

(14) J .  L .  F ran k lin , J . Chen-,. P h ys ., 22, 1304 (1954).
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mere rings. In support of this view, Meyerson2b 
gives convincing evidence that CaH6+ from toluene 
is not phenyl and concludes that Cells+ from benzene 
is also probably not phenyl. Momigny2“ also pro
duces strong evidence that C6H5+ from benzene is an 
open chain. Lossing15 16 has measured the ionization 
potential of the phenyl radical, and, when this is com
bined with the heat of formation of the phenyl radical, 
it gives a heat of formation of the phenyl ion of 285- 
288 kcal./mole. This is definitely lower than A H f 
(C6H6+) from benzene and tends to support the view 
that Cells+ from benzene is not phenyl. The forma
tion of the phenyl ion is the lower energy path to 
CeHs-1-, and we do not understand why the higher- 
energy, ring-opening reaction seems to be preferred. 
Nevertheless, if such is the case, one would expect 
the more highly conjugated ring systems to require 
mere energy if more than one ring is opened or if there 
is an activation energy for the reaction which is related 
to the total resonance energy of the system. The in
crease in appearance potential with total resonance for 
the condensed ring sequence azulene, benzene, naphtha
lene, and phenanthrene supports this interpretation.

Further, with biphenyl and diphenylacetylene there 
is comparatively little resonance interaction between 
the electron systems of the two rings, so, if the loss of 
H atom occurs with opening of one ring, there should 
be very little change in the appearance potential of the 
(M — 1)+ ion in the sequence benzene, biphenyl, and 
diphenylacetylene. Our results are in good agree
ment with this inference and also with the conclusion 
derived from the work of Burr, et al.6

(M — 8) + Ion. Each of the hydrocarbons studied 
gave peaks of moderate to large intensity corresponding 
to the loss of two hydrogen atoms. As will be seen 
from Table VIII, there is a general trend toward in
creasing appearance potential for the (M — 2)+ ion 
with increasing resonance energy although the value for 
azulene8 falls slightly out of line. With these ions it is 
necessary to decide (1) whether the hydrogens are 
eliminated as atoms or as hydrogen molecules and
(2) what is the nature of the resulting ions.

In Table IX  we list the heats of formation of the 
various (M — 2)+ ions computed on the assumption 
that the H2 is lost (column 3) and that two H atoms are 
lost (column 4). In column 5 we also give values for 
AH i of C6H4+ formed from naphthalene and azulene3 
by loss of C2H2, of Ci0H6+ formed from diphenylacet
ylene and phenanthrene by loss of two acetylene 
molecules, and of Ci2Hs+ formed from diphenylacet
ylene and phenanthrene by loss of C2H2. In all 
cases the heat of formation resulting from loss of one 
or more C2H2 molecules corresponds to the heat of

formation of the ion in question computed on the as
sumption that H2 is the neutral fragment. Further, 
if we compare heats of formation of the various (M —
1) + ions with those of (M — 2) + ions we find that in 
all cases A H f( M  — 1 ) +  j> A H , ( M  — 2)+ computed 
on the assumption that two H atoms are ejected. It 
seems probable that the more hydrogen-rich ions should 
have the lower heats of formation, and this also points 
to H2 as the probable neutral fragment. Thus, the 
data support the view that the appearance potentials 
of (M — 2) + represent the reaction M +  e (M —
2) + +  H2 +  2e although the conclusion is not so well 
established with phenanthrene and diphenylacetylene 
as with the other compounds.

T a b le  EX: H eats o f  F orm ation  o f  (M  — 2 ) + Ion s 
(k ca l./m o le )

Com 
puted

for
•Neutral product--------------•. linear

Compound Ion h 2 2 H From other sources ion

Benzene CaH« + 345 241 342 (azulene) 8
343 (naphthalene) 8

340

Azulene8 CioH„ + 411 3071 1411 ((C 8H6) 2C2) 405
Naphthalene8 CioH,+ 408 304J 1¡422 (phenanthrene)
Biphenyl C i2H8 + 429 325 1[404 ((C flH6) 2C 2) 

[377 (phenanthrene)
410

(CeHs) 2C 2 c !(h 8+ 483 379 . . . 1 470
Phenanthrene CiiH s + 476 372 . . . /

Lossing16 has determined the ionization potential of 
benzyne to be 9.75 e.v. If we subtract this value (con
verted to kcal./mole) from our alternative values for 
A //f(C6H4) + we obtain values for AiL(benzyne) of 
120 or 16 kcal./mole, depending upon whether H2 or 
2H is the neutral product. The latter value is less 
than AH{ (benzene) and thus is unreasonable. The higher 
value appears to be too high by some 30 or 40 keal./ 
mole although we admittedly do not know the heat of 
formation of this compound. If, however, this is in
deed too high a value, then our A //f(C6H4) + probably 
does not correspond to that of the benzyne ion. Since 
we concluded that the ring was ruptured when one 
hydrogen was lost, it seems probable that this would 
also occur when H2 is lost. Momigny2a also concluded 
that C6H4+ from benzene was an open-chain molecule.

The previously mentioned upward trend of A.P. 
(M — 2) + with resonance energy is difficult to under
stand unless the loss of H2 is accompanied by ring

(15) I .  P . F isher, T .  F .  Palm er, and F .  P . Lossing, J . A m . Chem. 
Soc., 86, 2741 (1964).
(16) I .  P . F isher and F .  P . Lossing, ibid., 85, 1018 (1963).
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T ab le  X :  D a ta  for (M  — C 2H 2) + Ions

Parent

B enzene
N aph th alene3
A zu len e3

B iphenyl

D iphenylaeetylene
Phenanthrene

Ion Measd.

C 4H 4 “ 311
c 8h 6- 333 Ì
c 8h 6- 3 4 0 /

C,oH s+ 328

c 12h »+ 404 Ì
c 12h ,+ 3 7 7 /

---------A-fff(ion), kcal./mole-
Other sources

294 (I .P . C 4H 4)

287 (I .P . C 6H 6C 2H )

f 250 (azu len e )3 
\ 225 (naph th alene )3

429 (b ip h en y l)

Caled. Assumed structure

345 Linear

295 P h eny l plus side chain
350 Linear
400 Linear
350 P h eny l plus side chain

T able  X I :  D a ta  fo r  ( M  — 2C 2H 2) + Ion s

------------A.fff(ion), kcal./mole--------------------------------- '
Parent Ion Measd. Other sources Computed Assumed structure

Benzene c 2h 2+ 341 317 ( I .P . C 2H 2) - -
N aphthalene3
A zulene3

c 6h 4-
C 6H 4+

342 1 
3 4 3 / 345 (ben zen e)

(  333 (naph th alene )3

351 Linear

B iphen yl C a lls - 349
\ 340 (azulene ) 3

345 Linear

D iphenylaeetylene C 10I I 6+ 4 H \ | 408 (naph th alene)3 400 Linear
Phenanthrene C I0Hs + 4 2 2 / (4 1 1  (azu len e )3 340 P h en y l p lus side chain

opening. In addition, the heat of formation of Ci0- 
H6+ from naphthalene and azulene agrees rather well 
with those from phenanthrene and diphenylaeetylene 
although these latter were formed by processes in
volving profound disruption of the ring structure. A 
similar observation can be made of Ci2H8+ from bi
phenyl for which the heat of formation is greater than 
that of Ci2Hs+ from phenanthrene or diphenylaeetylene.

It is possible to make simple approximate calcula
tions of the heat of formation of the (M — 2)+ ions 
assuming their structures to involve either a single 
benzene ring with a side chain of acetylenic and/or 
olefinic groups or to involve only an open chain of 
acetylenic and olefinic groups. The method of group 
equivalents17 combined with the group orbital method14 
is readily used for this purpose. The results are 
probably reliable to within about 15-20 kcal./mole. 
However, the differences in computed heats of forma
tion between a linear ion and one of the same composi
tion having a single benzene ring with side chain differ 
by 60-100 kcal./mole, and thus the calculations are 
of some value in deciding upon the probable structure 
of various (M — 2)+ ions. In Table IX  we list heats 
of formation thus computed for the linear structures. 
In all cases this agrees fairly well with the experimental 
heat of formation of the ion formed by loss of H2. 
Thus, although we cannot provide final proof, the most 
reasonable and consistent interpretation of our observa

tions is a mechanism by which (M — 2)+ ions are 
formed along with extensive ring opening, probably 
to a completely linear structure.

(M  —  CJI-i) +  Ion. All of these aromatics, including 
naphthalene and azulene,3 exhibited mass spectral 
peaks at (M — C2H2)+ representing the loss of acetylene 
during decomposition. Obviously, the loss of acetylene 
necessitates ring opening although subsequent ring 
closure is not precluded. As with the loss of the H 
atom, there is a definite upward trend of appearance 
potential with delocalization energy in the condensed 
ring aromatics, whereas the noncondensed ring aro
matics exhibit very little variation in appearance po
tential with loss of C2H2.

In Table X  we list the heat of formation of (M — 
C2H2)+ from the various aromatics studied and com
pare these values with measured heats of formation of 
ions of similar composition from the literature or by 
other processes in the present study. The present 
value of + is in fair agreement with that ob
tained by direct ionization of vinylacetylene. The 
heat of formation of C8H6+ is much higher than the 
value obtained by direct ionization of phenylacetylene 
and is in fair agreement with an estimated value based 
upon the assumption that the ion is an open chain of 
structure

(17) See footnote c, Table V I,
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H H H H
H f e C - C = C — C = C — O sC H

(Other structures are of course possible but would differ 
little in heat of formation.) Similarly, Aff((CioH8) + 
from biphenyl is much greater than that obtained by 
direct ionization of azulene or naphthalene3 and thus 
must represent either a completely linear structure 
or one involving a benzene ring with a four-carbon side 
chain. Computed values of Aflrf(Ci0H8)+ give results 
that are too high by about 25 kcal./mole for the com
pletely linear structure and too low by about 30 kcal./ 
mole for the phenyl group with a side chain. Although 
these results are not very satisfactory, they suggest 
that the experimental value corresponds to the latter 
structure formed with excess energy.

The Ci2H8+ ions from phenanthrene and diphenyl- 
acetylene differ In heat of formation by 27 kcal./mole 
and thus may be of different structure. A //f(Ci2H8) + 
from diphenylacetylene agrees quite closely with the 
value computed for a linear structure and probably is 
of this or similar structure. Afl'f(Ci2H8) + from phen
anthrene is much less than that computed for a linear 
structure and about 25 kcal./mole greater than the 
heat of formation computed for a phenyl ring with a

linear side chain. As in the case of CioH8+, we pre
sume that the observed ion probably was formed with 
the latter structure and with some excess energy.

(M — 2C-J1?)+ Ion. All of the aromatics studied 
gave significant peaks at (M — 52) representing the 
loss of two acetylene molecules. This can occur only 
with very profound disruption of the molecule, and 
the heats of formation of the (M — 2C2H2) + ions all 
agree with values computed for linear structures and 
are, in general, too high to be accounted for by struc
tures involving even one phenyl ring. Table X I 
compares heats of formation of (M — 2C2H2) + ions 
from this study with experimental values for the same 
ion from other sources and with values computed as 
discussed previously. Again, the data strongly support 
the view that all rings are opened when 2C2H2 are 
removed.
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Ionization and Dissociation of Diphenyl and Condensed Ring Aromatics by 

Electron Impact. II. Diphenylcarbonyls and Ethersla

by P. Natalislb and J. L. Franklin

D epartm ent o f  C hem istry , R ice U niversity , H ouston , T exas  (Received F ebruary 18, 1965)

The principal ions in the mass spectra of several oxygen-containing aromatic compound 
have been studied by electron impact methods and their appearance potentials measured. 
The compounds studied were benzaldehyde, acetophenone, benzophenone, benzil, phenyl 
ether, phenyl benzoate, and diphenyl carbonate. All of the compounds containing a car
bonyl group give intense peaks for C6H6CO+, and appearance potentials yield a heat 
of formation of this ion of 186 kcal./mole. This leads to a heat of formation of the phenoxy 
radical of 9 kcal./mole. Benzophenone shows a peak for Ci2Hi0+ formed with considerable 
excess energy, which appears to decompose further by loss of one or more hydrogens. Di
phenyl carbonate loses C 02 to give an intense peak for the Ci2H i0O+ ion. This ion is 
formed with excess energy and undergoes decomposition to form several ions of the same 
composition as those prominent in the spectrum of diphenyl ether. Especially noteworthy 
is the characteristic loss of CO to form ChH10+, apparently with little or no excess energy. 
The C6H6+ ion is very intense in the spectra of all of these compounds and appears to be 
formed with a heat of formation of about 300 kcal./mole in benzaldehyde, acetophenone, 
and benzil; with all other aromatics studied C6H6+ is formed with considerable excess 
energy.

Introduction

Mass spectrometry shows that many organic com
pounds, upon dissociation by electron impact, undergo 
a skeleton rearrangement. This is especially true of 
thiaalkanes and polythiaalkanes. For example, in 
thiapropane, CH3-S -C H 3, a series of rearranged ions 
from C2+ to C2H54- are observed,1 2 and similar C2hh 1 
ions are present in mass spectra of 2,3-dithiabutane, 
CH3-S-S-CH3, and 2,3,4-trithiapentane, CH 3-S-S-S- 
CH3.2 These ions are presumably formed by rear
rangement and simultaneous ejection of the central 
part of the molecule as neutral product (s).

Skeleton rearrangements have been found in more 
complex molecules such as anthraquinone, which 
exhibits a hydrocarbon ion of mass number 152 by 
successive loss of the two CO groups.3 4 5 6 The mass spec
tra of triaryl phosphates show several ions corresponding 
only to hydrocarbon fragments larger than a phenyl 
ring.4 Skeleton rearrangements have also been ob
served in other compounds such as triazine,6a carbon

suboxide,6b organometallic compounds,2 hydrocarbons, 
etc., as has been reviewed recently.6

The present study was carried out in order to see if 
diphenyl compounds containing an oxygenated func
tional group between two phenyl rings undergo similar 
skeleton rearrangement by dropping a central group 
such as CO or C 02 from anthraquinone or S atom from 
phenyl sulfide, leaving a fragment ion having the same

(1 ) (a ) T h is  w ork  w as su p p orted  b y  a gran t from  th e  R o b e r t  A . 
W e lch  F o u n d a tio n ; (b ) C h erch eur qualifié  o f  th e  B elg ian  F on d s  
N a tion a l de  la  R ech erch e  S cientifique. O n  lea ve  o f absence from  the 
U n iversity  o f  L iège , B elg ium .
(2) “ C a ta log  o f  M a ss  S pectra l D a ta ,”  A m erican  P etro leu m  In stitu te  
R esearch  P ro je c t  44, C arnegie In stitu te  o f  T e ch n o lo g y , P ittsburgh , 
P a .
(3) J- H . B e y n o n  and A . E . W illiam s, A p p l. S pectry ., 13, 101 (1959 ).
(4 ) A . Q u ayle, “ A d va n ces  in  M a ss  S p e c tro m e try ,”  V o l. I , J. W ald ron , 
E d ., P ergam on  Press L td ., L o n d o n , 1959, p . 365.
(5) (a ) C . M . Judson , R . J. F ran eel, and  J. A . W eick sel, J . Chem. 
P h ys ., 22 , 1258 (1 9 5 4 ); (b ) R . B o tte r , “ A d va n ces  in  M a ss  S pec- 
t ro m e trv ,”  V o l. I I ,  R . M . E llio t , E d ., P ergam on  Press L td ., L on d on , 
1963, p . 540.
(6) P . N ata lis , In d . Chim . B eige, 2 9 , 471 (1964 ).
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formula as biphenyl. This work will also include data 
on the appearance potential of normal and rearranged 
fragment ions in biphenyl oxygenated compounds.

The oxygenated biphenyl compounds investigated 
are phenyl ether, benzophenone, benzil, phenyl ben
zoate, and diphenyl carbonate containing, respectively, 
the groups - 0 - ,  -C O -, -C O -C O -, -C 0 -0 - ,  and 
-O -C O -O - between the two phenyl rings. Benzalde- 
hyde and acetophenone have also been examined to 
provide information, along with that from benzene and 
from biphenyl previously obtained7 needed in the in
terpretation of the data obtained in this investigation.

Experimental

Mass spectral and appearance potential data were 
obtained by means of a Consolidated Electrodynamics 
Corp. mass spectrometer Type 21-701. This 12-in. 
radius, 60° coincident field sector instrument has been 
described.8 The modifications to the ionization- 
emission control circuits in order to make this instru
ment suitable for appearance potential study have also 
been described previously.7

In the determination of appearance potential data, 
xenon was used as a reference gas for calibration of the 
electron energy scale. Ionization efficiency curves 
have been treated by the logarithmic method9 to obtain 
the appearance potential values, taking the difference 
between both curves at 1% of the ion intensities 
recorded at 50 v. Data discussed below are an average 
of several determinations and are reproducible to within 
0.05 to 0.15 e.v. The tables of appearance potentials 
give, for each value, the average deviation from the 
mean. This is not a measure of absolute accuracy. 
The xenon-sample pressure was 0.5-1 X 10-7 mm. 
The ionizing current used was 4 yua.

Relative intensities of the main ions observed in the 
mass spectra of these compounds have been obtained in 
the same conditions of sample pressure and ionizing 
current, with electrons of 50-v. energy. Qualitative 
agreement is found between mass spectra obtained in 
this study and those reported in the literature for 
phenyl ether,2 benzaldehyde,10-11 and acetophenone.10 
However, the higher relative abundances of fragment 
ions, compared with that of molecular ions, obtained 
in this work, are believed to be instrumental, presum
ably owing to discrimination by the electron multiplier 
used in the collection system, as already mentioned 
previously.7

The samples were introduced into the instrument 
through a gallium-covered porous disk connected to 
the all-glass heated inlet system, kept at a tempera
ture of 130°, which can be considered as the tempera
ture of the gas in the ionization chamber. All samples

used are commercial products from Eastman Kodak 
Co. except benzophenone and benzil which are chemicals 
from The Matheson Co. Mass spectra of all these 
compounds showed no trace of impurities.

General Features of Mass Spectra
The relative abundances of the principal ions ob

served in the mass spectra of benzaldehyde and aceto
phenone are presented in column 3 of Table I. The 
appearance potentials of the principal ions are given in 
column 4 of the same table; column 5 shows the cal
culated heats of formation of the ions formed in the 
assumed processes described in column 1. Similar 
data are presented for phenyl ether, benzophenone, 
benzil, phenyl benzoate, and diphenyl carbonate in 
Tables II through VI.

Table I : D a ta  fo r  B enzaldehyde and  A cetoph enon e

Rei.
abund., AHf

m/e %  of o f ion,
of base k ca l./

Process ion peak A .P ., e.v. mole

C.HsCOH -► CaHeCOH + 106 77 .4 9 .51  ±  0 .05 209
C6H6CO+ +  H 105 70 .8 11.35 ±  0 .05 200a

—  C6Hs+ +  CO +  h 77 100.0 14.54 ±  0 .05 299
CaHtCOCHî —  C.HÆOCHS + 120 49.6 9 .4 8  ±  0 .05 196

—  CaHsCO+ +  CHj 105 82.2 10.43 ±  0 .05 186
CsH D  +  co +  cm 77 100.0 14.23 ±  0 .05 299

“ F irst H  rem oved  from  benza ldeh yde is th e one o f  th e C O H  
group as has been  show n b y  CeH sCOD stu d y : K . B iem ann , 
“ M ass S p ectrom etry ,”  M cG ra w -H ill B ook  C o ., In c ., N ew  Y ork , 
N . Y ., 1962, p . 210.

The fragment ion CeHs+j at mass number 77, it 
found to be the most abundant ion (base peak) in the 
50-v. mass spectrum of benzaldehyde, C6H6COH, 
acetophenone, C6H8COCH3, phenyl benzoate, C6H6- 
COOC6H6, and diphenyl carbonate, CeHsOCOOCeHs, 
and shows up as one of the principal ions in all the 
other compounds. Benzophenone, CsH8COC6H6, and 
benzil, C6H5COCOC6H8, exhibit the base peak at m/e 
105 (C6H6CO)+ which is also one of the main fragment 
ions in C6H5COH, C6H8COCH3, and CeHsCOOCeHs.

Phenyl ether, CeHsOCeHs, appears to be the most

(7 ) P . N ata lis  and  J. L . F ranklin , J . P h ys . Chem ., 6 9 , 2935 (1965 ).
(8 ) H . G . V oorh ies , C . F . R ob in son , L . G . H a ll, W . M . B ru bak er, 
and  C . E . B erry , “ A d va n ces  in  M ass S p e c tro m e try ,”  V o l. I , J. 
W ald ron , E d ., P ergam on  Press, L td ., L on d on , 1959, p . 44.
(9) F . P . L ossing , A . W . T ick n er, and  W . A . B ry ce , J . Chem . P h y s ., 
19, 1254 (1951 ).
(10) “ C ata log  o f  M a ss  Spectral D a ta ,”  M a n u factu rin g  C hem ists  
A ssocia tion  R esea rch  P ro je c t , C arnegie In stitu te  o f  T e ch n o lo g y , 
P ittsb u rgh , Pa.
(11) T .  A cze l and H . E . L u m p k in , A n a l. Chem ., 3 3 , 386 (1961 ).
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Table II : D a ta  fo r  P h eny l E ther

Rei. abund., AHf o f ion,
Process m/e of ion %  o f base peak A .P., e.v. kcal./m ole

C Ä O C e H s  - >  C 6H 6O C 6H 6+ 170 100.0 8 .8 2  ±  0 .0 5 220
C 1 Ä O +  +  H 169 1 7 .9 1 2 .9 0  ±  0 .0 5 262
(a )  C n H 10+ +  C O 142 1 5 .4 1 2 .5 6  ±  0 .0 8 333“
(b )  c 10h 6o + +  c 2h 4 295

—  (a )  C „ H 9+ +  C O  +  H 141 2 8 .4 1 4 .0 2  ±  0 .0 5 314“
(b )  C ioH 50 +  +  c 2h 6 315
(c )  C 10H 6O +  +  C 2H 4 +  H 276

—  (a )  C 9H ,+  +  C 3H 3O (? ) 115 8 .4 1 6 .6 8  ±  0 .1 5 546
(b )  C 8H 30 +  +  C 4H 7 ( ? ) ?

—  C 6H 6O H +  +  C 6 H 4 94 6 .8 1 3 .8 8  ±  0 .1 5 152'
—  c 6h 6+ +  c 6h 6o 77 6 0 .0 1 4 .8 5  ±  0 .0 5 349*

“ M ost probab le  process. b C alcu lated fo r  neutral using A iT f(C 9H 7+) =  321 k ca l./m o le  (? ) .  '  C alcu lated for neutral using A i f f
(C eH sO H 4") =  184 k ca l./m o le  (F . H . F ie ld  and J. L . Franklin , “ E lectron  Im p a ct P h enom ena,”  A cad em ic Press In c ., N ew  Y o rk , N . Y ., 
1957). d U sing AH +C eH sO ) =  10 k ca l./m o le .

Table m  : D a ta  fo r  B enzophenone

Process m/e o f ion
Rei. abund.,

%  of base peak A .P ., e.v.
of ion, 

kcal./m ole

C 6H 8C O C 6H 6+ 182 2 5 .4 9 .4 6  ±  0 .0 5 231
g 12h 10+ +  CO 154 0 .8 1 2 .2 4  ±  0 .1 3 321
C 12H 9+ +  C O  +  H (? ) 153 0 .8 1 5 .2 8  ±  0 .0 5 339
C 12H 8+ +  C O  +  H 2(? ) 152 1 .6 1 7 .4 8  ±  0 .1 2 442
c 6h 6c o + +  C 6H 6 105 100.0 1 2 .0 0  ±  0 .0 5 220
c 6h 6+ +  C 6H 8 +  C O (? ) 77 7 0 .0 1 6 .2 2  ±  0 .0 7 343

Table IV : D a ta  fo r  B enzil

Rei. abiind., AHf o f ion,
Process m /e o f ion %  of base peak A .P., e.v. k ca l./m ole

CeHsCOCOCsHs C 6H 6C O C O C 6H5+ 210 1 .9 8 .7 8  ±  0 .0 5 180
(a )  C 6H 6C O +  +  C 6H 6 +  C O 105 1 0 0 .0 9 .7 0  ±  0 .0 5 158“

— (b) C Ä C O +  +  C 6H 6CO 166
—  C 6H 6+ +  C 6H 6 +  2 C O (? ) 77 7 6 .2 1 5 .1 2  ±  0 .2 309 '

“ Im p robab le  process. 6 C alcu lated fo r  neutral using A fff (C 6H 5C O +) =  186 k ca l./m o le . See T a b le  I . '  T h e  neutral is p roba b ly  either 
C 6H 5C O  +  C O , to ta l A fff  = —10 k ca l./m o le , o r  C 8H 6 +  2C O , tota l AHf =  + 1 4  k ca l./m o le . Since som e excess energy is in volved  
in any case, th e greater extent o f  fragm entation  seems th e m ore probable.

Table V : D a ta  fo r  P h eny l B en zoate

Process m/e of ion
Rei. abund.,

%  of base peak A .P., e.v.
AHf o f ion, 
kcal. /  mole

C 6H 6C O O C 6H b C 6H 6C O O C 6H 5+ 198 9 .8 8 .9 8  ±  0 .0 5 171
- >  c 6h 6c o + +  c 6h 6o 105 1 7 .6 10 .01  ±  0 .0 7 9 “

(a )  C 6H 6+ +  C 6H 6 +  C 0 2 77 100.0 1 5 .4 6  ±  0 .0 5 345
—  (b )  C«H5 +  CeH60  +  CO

C alcu lated fo r  neutral using A i7 f(C 6H 5C O +) =  186 k ca l./m o le . from  T a b le  I . 6 A fff(C 6H 50 )  =  10 is used.

3376
20'

'  C alcu lated for  neu-
trai products.
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Table VI : D a ta  for D ip h en y l C arbonate

Process m/e of ion
Rei. abund.,

% of base peak A .P., e.v.
AHf o f ion, 
kcal./m ole

C cH 6O C O O C 6H 5 — •C 6H 5O C O O C oH 6+ 214 1 9 .2 9 .0 1  ±  0 .0 5 122
c 12h 10o + +  c o 2 170 1 2 .7 1 0 .7 8  ±  0 .0 5 257

->- C i2H 90 +  +  c o 2 +  h 169 10.0 1 2 .51  ±  0 .0 5 246
C uH io+ +  C O  +  C 0 2 142 1 2 .9 12 .41  ±  0 .1 320

— C uH 9+ +  C O  +  c o 2 +  h 141 1 8 .4 1 3 .9 0  ±  0 .0 5 303

-*■ (a )  C 6H 6+ +  C 6H 60  +  C 0 2
(b )  C 6H 6+ +  C 5H 5 +  C O  +  c o 2

77 100.0 12.1  ± 0.1 - 1 4 “
12*

°  C alcu lated fo r  C 6H 50 .  b C alcu lated for CsHs.

stable of all these oxygenated aromatic compounds, 
having the molecular ion as the base peak. Several 
of the main fragment ions in phenyl ether are rear
ranged ions: at m/e 142, CnHi0+, formed by loss of 
CO from the molecular ion, or, less probably, Ci0H6O+ 
formed by loss of C2H4. The ion at m/e 141 also 
appears to be a sizable rearranged ion as does C6H60  + 
at m/e 94, presumably a phenol ion C6H6OH+.

Several interesting rearrangements are observed in 
the mass spectrum of benzophenone, CsHsCOCeHs, 
and diphenyl carbonate, CeHsOCOOCeHs. Benzo
phenone shows a series of rearranged ions corresponding 
to biphenyl at m/e 154 and to fragment ions of biphenyl. 
The appearance potential of the 154 ion rules out the 
possibility of biphenyl being present as an impurity 
in the benzophenone sample. It thus appears that a 
series of decomposition processes of benzophenone 
under electron impact proceeds through an interme
diate step involving the C12H10+ ion. This ion is formed 
by skeleton rearrangement of the ionized benzophenone 
molecule, by dropping CO as a neutral, as shown in 
the scheme (C6H6-C O -C 6H6) + -*  (CuHu+) +  CO. 
This skeleton rearrangement of benzophenone is very 
similar to that observed in phenyl sulfide2 and azo
benzene.12

(C6H6— S - C 6H6)+ — >  (C12H10+) +  S

(C6Hb—N = N — C6H6) + — (Ci2H io+) +  N2

In the same way, diphenyl carbonate also undergoes 
a skeleton rearrangement by ejection of a C 02 molecule 
from the central part of the ionized molecule. The 
mass spectrum of this compound exhibits an ion at 
m/e 170, Ci2Hi0O+, and for the same reason as indi
cated in the case of benzophenone cannot be due 
to a phenyl ether impurity. The series of mass 
fragment ions observed in the mass spectrum of phenyl 
ether also show up as rearranged ions in the mass spec
trum of diphenyl carbonate. Electron-impact-induced 
decomposition of diphenyl carbonate thus proceeds

through an intermediate step involving the skeleton 
rearrangement: (CeHB-O-CO-O-CeHg) + -*■ Ci2Hi0O+
+  C 02.

As in most aromatic compounds mass spectra of the 
oxygenated aromatic compounds investigated in this 
study display a number of doubly charged ions. 
Benzaldehyde, phenyl ether, benzophenone, and di
phenyl carbonate have a doubly charged molecular ion 
M 2+ accompanied by an isotopic doubly charged ion. 
All of these compounds also have a (M — 1)2+ ion, 
except diphenyl carbonate, which has neither (M — 1) + 
nor (M — 1)2+. No doubly charged M 2+ ion is ob
served in either the mass spectrum of acetophenone or 
in that of benzil in which M 2+ (2102+) would be ob
scured by the very abundant fragment ion (C6H6CO )+ 
at m/e 105, but there is no ion at 105:/ 2 corresponding 
to a doubly charged molecular ion. A doubly charged 
fragment ion, (C6H6CO)2+, at m/e 52%  is present in 
the mass spectrum of benzaldehyde and acetophenone 
but in none of the other compounds containing a (C«- 
H6CO)+ fragment ion. Benzil and benzophenone 
have no doubly charged ion at all. Phenyl ether 
shows doubly charged fragment ions corresponding to 
the three main singly charged fragment ions, 141, 142, 
and 115. It may be worthwhile to mention also that 
in the mass spectrum of benzophenone the doubly 
charged ions at m/e 75%  and 76% , corresponding to 
the rearranged biphenyl fragment ions at m/e 151+ 
and 153+, are observed. Doubly charged 1522+ and 
1542+ are therefore probably present too although 
obscured by the singly charged 76+ and 77+ ions. No 
triply charged ion has been observed in the mass 
spectra of these compounds.

Apart from the doubly charged ions, the mass spectra 
of all these oxygenated aromatic compounds have, 
in the 40-77 mass number range, the same fragment 
ion C4H3+ at m/e 51 as the principal ion. In addition,

(12) U n p ub lished  d a ta  from  th is  la b ora tory .
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phenyl ether, phenyl benzoate, and diphenyl carbonate 
exhibit a less important fragment ion at m/e 65 which 
may be CBHB+. Moreover, this 65+ ion is observed 
only in the three compounds having a phenoxy group, 
C6H50 , in their molecule so that CbHb+ may be a de
composition product of an unstable C6HbO+ ion. A 
similar behavior has been shown to occur with the 
phenoxy radical produced by pyrolysis of anisole.(I) 13

Results and Discussion
The values of ionization potential of the oxygenated 

aromatic compounds investigated and of the appear
ance potential of their main fragment ions, listed in 
column 4 of Tables I through VI, permit the calcula
tion of the heats of formation AHi of these ions, given 
in column 5 of the same tables, by means of data of the 
heats of formation of the neutral compounds.

The values of the A H { used for the gaseous neutral 
compounds and free radicals are given in Table VII.

T a b le  V H : H eats o f  F orm ation  A Ht (k c a l./m o le )  o f 
N eu tra l O xygen ated  A rom a tic  C om poun ds

Compound AHt AHvap AHf(gas) Ref.

B enzaldehyde - 2 0 .3 ( 1 ) 9 .8 - 1 0 . 5 a, b
A cetoph enon e —3 2 .8 (s ) 10C - 2 3 a
Benzophenone 1 2 .5 d
B enzil - 2 1 . 8 d
P henyl benzoate —4 0 (s) 10= - 3 0 a
D iph eny l carbonate —96(s) 10c - 8 6 e
P henyl ether 17 f
c 6h 6 70 9
C H S 32 h
c 2h 5 25 h
CO - 2 6 i
C 0 2 - 9 4 i
H 52 i
C 2II4 12 i

“ M . S. K arash, J. Res. Natl. Bur. Std., 2, 359 (1929). 6 F.
Glaser and H . R iiland, Chem. Ingr.-Tech., 29, 772 (1957). ° E sti-
m ated value. d H . D . Springall and T . R . W h ite , J. 
Chem. Soc. 2764 (1954). 6 G . C . Sinke, D . L . H inden- 
brand, R . A . M cD on a ld , W . R . K ram er, an d  D . R . Stull, J. 
Phys. Chem., 62, 1461 (1958). 1 J. L . Franklin , Ind. Eng. 
Chem., 41, 1070 (1949). ° J. S. R oberts  and H . A . Skinner, 
Trans. Faraday Soc., 45, 339 (1 9 4 9 ); M . Szwarc, Chem. Rev., 47, 
75 (1950). h T . L . C ottrell, “ T h e  Strength  o f C h em ica l B on d s ,”  
A cadem ic Press In c ., N ew  Y ork , N . Y ., 1954. * F . D . R ossini,
et a l ,  “ Selected Values o f P h ysica l and T h erm od yn am ic P roper
ties o f H yd rocarbon s and  R ela ted  C om pou n ds,”  Carnegie 
Press, P ittsburgh, P a ., 1953.

(I) Benzoyl Ion (CtM¿CO) +. The benzoyl ion 
(C6HBCO) + is produced by decomposition of benzalde- 
hyde, acetophenone, and benzophenone in the simplest

way by abstraction of an H atom, a methyl, or a phenyl 
radical, as shown in the reactions

C6H6COH — >  (C6HBCO) + +  H

C6HBCOCH3 — > (C6H6CO)+ +  CH3

C6HbCOC6Hb — > (C6H6CO)+ +  C6H6

Using the values of appearance potential for (C6HB- 
CO)+ listed in Tables I and III combining them with 
AHf of the neutral compounds given in Table VII, 
AU/C/IisCO) + is found to be 200 kcal./mole in benz
aldehyde, 186 in acetophenone, and 220 in benzophe- 
none. These figures indicate some excess energy in 
the product of the reaction leading to the benzoyl 
ion from benzaldehyde and benzophenone, and the 
value of 186 is certainly closer to AHt of the nonexcited 
(CeH6CO) + ion.

The benzoyl ion can originate from phenyl benzoate 
by a single cleavage involving the loss of a phenoxy 
radical; i.e., C6H6COOC6H6-> (C6HBCO) + +  C6H60.

If the lowest value found for Aid/C/IIsCO) +, 186 
kcal./mole, is combined with AHi of neutral phenyl 
benzoate and the appearance potential of (C6HBCO+), 
a value of 9 kcal./mole is found for A/7f(Cf,IIf)0). 
Another value for A H t  of the phenoxy radical has been 
determined by other workers14 who measured directly 
the ionization potential of the C6H60  radical, 8.84 e.v., 
and combined it with a value of 224 kcal./mole found 
for AHf(C6H60 )+  from anisole. They obtained an 
upper limit of 20 kcal./mole for A //f(CBH50 ) but 
provided the possibility of about 10 kcal./mole of ex
cess energy in the appearance potential of (C6HbO )+; 
a better value for A //f(C6H50 ) would be, according to 
these authors, 10 kcal./mole, in excellent agreement 
with that found in the present study.

Benzil also produces a benzoyl ion by one of the two 
possible mechanisms

C6HBCOCOC6HB — (C6H6CO)+ +  C6H6 +  CO (a)

\
(C6HbCO)+ +  C6HbCO (b)

Taking A H 'f(C 6H 6C O ) +  as 186 kcal./mole one finds 
the heat of formation of the neutral product (s) to be 
16 kcal./mole. This is much too small for the sum of 
A H f(C O ) and A H f(C e H B). It is, however, a reasonable 
value for A / / f( C 6H 6C O ) which one would estimate by 
the method of group equivalents to be about 12 kcal./ 
mole after allowing some 10 kcal./mole for resonance

(13) A . G . H arrison , L . R . H on n en , H . J. D a u b en , and  F . P . L ossing , 
J . A m . Chem. Soc., 82 , 5593 (I9 6 0 ).
(14) I . P . F isher, T . F . P alm er, and  F . P . L ossin g , ibid., 8 6 , 2741 
(1964 ).
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interaction between the unpaired electron and the 
7r-electron system of the benzene ring. The ionization 
potential of the C6H5CO radical is computed from these 
data to be about 7.4 e.v. which is reasonable in view of 
the probable value of about 8.7 e.v. for I.P.(HCO). 
Thus, the observed appearance potential is accounted 
for by process b above.

(2) C§H s+ Ion. The formation of C6H5+ by elec
tron-impact-induced decomposition of all oxygenated 
aromatic compounds investigated in this study appears 
to be an important mechanism. If the following 
schemes account for the presence of this ion in benzalde- 
hyde, acetophenone, and benzil

C6H6COH — >  C6H6+ +  CO +  H

C6H5COCH3 — > C6H6+ +  CO +  CH3

C6H5COCOC6Hs — >  C6H6+ +  C6H5 +  2CO

Ai7 f(C6H5)+  is found to be 299 kcal./mole in benzalde- 
hyde, 299 in acetophenone, and 309 in benzil. All of 
these figures are in close agreement with the value of 
301 found from a benzene study as reported in a pre
vious paper7 and in the literature.16 It should not be 
assumed that C6H5+ from any of these processes is 
phenyl ion. In fact, there is considerable evidence 
that the benzene ring opens and that C6H6+ is an open- 
chain molecule.7’16

The processes leading to C6H6+ from the other com
pounds studied are necessarily somewhat speculative. 
Excess energy is certainly involved in the formation 
of this ion from benzophenone and is probably involved 
in its formation from phenyl benzoate and phenyl ether 
as well. With diphenyl carbonate, however, quite the 
reverse situation prevails. If, with this compound, 
one assumes AHf(C6H5) + to be 301 kcal./mole and 
C 02 to be one of the neutral products, one computes 
AH'f(C6H50) to be —14 kcal./mole, which is un
reasonably low. If, however, C6H60  is assumed to 
decompose further by loss of CO, as has been observed 
with anisole,13 AH^CsHs) is computed to be 12 kcal./ 
mole. If Ai7f(C6H6) + is taken as 288 kcal./mole17 
for phenyl ion, AHf(C5H6) becomes 25 kcal./mole. 
The ionization potential of C-C5H5 has been determined 
as 8.72 e.v.,13 and, if this is combined with a AHt 
(C6H5)+ of 226 kcal./mole15 16 from cyclopentadiene a 
value of 25 kcal./mole is obtained for the heat of for
mation of the C6H6 radical, which may be presumed to 
be cyclopentadienyl. Since neither our value nor the 
25 kcal./mole from the literature can be considered 
very precise, it would be presumptuous to assert that 
either is definitely the heat of formation of the cyclo- 
pentadienyl radical. However, naive molecular or
bital and valence bond calculations18 indicate that

AHffc-CgHs) should be in the neighborhood of 30—40 
kcal./mole in rough agreement with the speculative 
values above. Thus, we think C6H5+ from diphenyl 
carbonate is probably phenyl ion and is probably 
formed in conjunction with C 02, CO, and the cyclo- 
pentadienyl radical.

If one assumes C5H5 to be one of the neutral products 
accompanying the formation of C6H6+ from diphenyl 
ether and phenyl benzoate, values of A-ff^CsHs) of 
about 73-74 kcal./mole are obtained; thus, the 
processes involve excess energy which may exhibit 
itself by the formation of an open-chain C5H5 radical.

Among the oxygenated compounds investigated in 
this study, only those which contain a phenoxy group,
f.e., phenyl ether, phenyl benzoate, and diphenyl 
carbonate, have a C6H6+ ion at m/e 65, possibly due to 
a split of the phenoxy ion C6H60 +, which does not show 
up in the mass spectra of these compounds. This 
would, of course, be analogous to the decomposition 
of phenoxy radical discussed above. The heat of for
mation of C5H5+ determined from diphenyl ether, 
was 353 kcal./mole, and this involved a large amount 
of excess energy.

(3) Skeleton Rearrangement Process in Benzophenone 
and Diphenyl Carbonate. As already mentioned in a 
previous section, a series of decomposition processes 
of ionized benzophenone seems to occur through an 
intermediate step involving a skeleton rearrangement 
of CeHsCOCeHs into C 12H i„+. Once produced, this 
intermediate decomposes to give the same principal 
fragment ions as are obtained with biphenyl, namely, at 
m/e 153, 152, 128, 115, 102, and 89, although those ob
tained with benzophenone occur with very low in
tensity. The intensity of fragment ions at m/e 154, 
153, and 152, corresponding to Ci2Hi0+, C i2H 9+, and 
Ci2H8+, were intense enough for their ionization 
efficiency curves to be recorded. Azobenzene under
goes similar decompositions.12 The heats of formation 
of these three ions from benzophenone and azobenzene 
are compared in Table VIII to those of the correspond
ing ions from biphenyl.

Agreement is reasonably close for AH{ of CiTH4" 
and Ci2H8+, but the values found for Ci2H i0+ frag
mentation indicated considerable excitation energy in 
the intermediate species of azobenzene and benzo- 
phenone.

(15) F . H . F ie ld  and  J. L . F ranklin , ‘ ‘ E lectron  Im p a ct  P h en om en a ,”  
A ca d e m ic  Press In c ., N ew  Y o r k , N . Y . ,  1957.
(16) J. M o m ig n y , L . B rak ier, and  L . D ’o r, B u ll. C lasse S ei., A cad . 
R oy . B elg., 48 , 1002 (1962).
(17) J. It. M a ier  and  C . R . P a trick , “ A d va n ces  in  M ass S pec
t ro m e try ,”  V o l. I I ,  R . M . E llio tt, E d ., P ergam on  P ress L td ., 1963, p . 
555.
(18) J. L . F ranklin  and  F . H . F ie ld , J . A m . Chem . S oc., 75, 2819 
(1953 ).
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Table VDI

*—— Ai7f(ion), kcal./mole-----»
Benzo- A zo- Bi

phenone benzene phenyl

C 6H 6C 6H 6+ +  CO 321 353 247
C 12H 9+ +  CO +  H 339 319 319
CMÏS+ +  CO +  H2 442 425 429

The first step in the decomposition of diphenyl 
carbonate appears to be the loss of C 02 to form an ion 
(CmHioO +) having the same composition as diphenyl 
ether. This ion then decomposes further in a manner 
quite like the diphenyl ether ion, giving the same 
principal fragment ions; i.e., m/e 169, 142, 141, and
115. The following reactions of diphenyl carbonate 
lead to the formation of Ci2H10O+. C12H 9O+ CnHx0+, 
and CuH 9+. Heats of formation of these ions from 
diphenyl carbonate and phenyl ether are given for 
comparison in Table IX .

The Ci2H i0O+ ion in diphenyl carbonate seems to 
involve about 1 v. of excess energy; all of the other

Table IS

A £ff (ion), 
-— kcal, /mole

Di
phenyl

car Phenyl
bonate ether

CeH sOCOOCeH j C I2H I0O  + +  C 0 2 257 220
C 12H 90 +  +  C 0 2 +  h 246 262

-*■ CuH 10+ +  C 0 2 +  CO 320 333
—  C u H ,+  +  C 0 2 +  C O  +  H 303 314

rearrangement ions seem to be formed with somewhat 
less (ca. 0.5 e.v.) excess energy from diphenyl carbonate 
than from phenyl ether.
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Proton magnetic resonance studies are reported of hydrogen bonding between the amino 
protons of ¿-butylamine and aniline, and the electron donors, N-methylacetamide and N,N- 
dimethylacetamide, in chloroform medium. Carbon tetrachloride cannot be used as the 
solvent because of its reaction with amine. Since the proton in the solvent chloroform 
molecule itself participates as a hydrogen donor to the acetamide, the extent of this reaction 
must be taken into account in studying hydrogen bonding between the amine and the sub
stituted acetamide. The association constants for the formation of the 1:1 acetamide- 
amine complexes at 36°, for the systems i-butylamine-N-methylacetamide, aniline-N- 
methylacetamide, and aniline-N,N-dimethylacetamide, are found to be 3.9, 5.8, and 6.0 
M _1, respectively. These values are obtained from the plots of eq. 8, after the values of 
K s, the association constants for the formation of the acetamide-solvent complexes, have 
been determined in separate experiments.

Introduction
Quantitative hydrogen-bonding studies with the 

proton magnetic resonance (p.m.r.) method have 
generally been carried out using carbon tetrachloride as 
the inert solvent. However, because of solubility and 
other considerations, it is frequently necessary to be 
able to evaluate thermodynamic properties in solvents 
which themselves participate in hydrogen bonding. 
In this paper we report results of quantitative studies 
with i-butylamine and aniline as hydrogen donors, 
and N-methylacetamide and N,N-dimethylacetamide 
as electron donors, in chloroform as the solvent. 
Carbon tetrachloride cannot be used as the solvent 
because of its reaction with amine.2 3 Since the proton 
in the solvent chloroform participates as a hydrogen 
donor to the N-substituted acetamide, the extent of 
this reaction must be taken into account in studying 
hydrogen bonding between the amine and the acet
amide.

Mathur, et al.fi have shown that for an equilibrium 
between a monomeric hydrogen donor, M, and an 
electron donor, D, to form a 1:1 complex, MD, the 
following equation may be derived when d »  (MD)

v — vt K(vc — ví) d (Vo — vt)

In eq. 1, v is the measured p.m.r. frequency of the hy
drogen-bonding proton at a concentration d of D, 
vt and v0 are the characteristic frequencies of M and M D, 
respectively, and K  is the association constant for the 
formation of the MD complex. When chloroform is 
used as the solvent, eq. 1 has to be modified since the 
proton in chloroform also acts as a hydrogen donor to
D .4 5 In our present study, therefore, the interaction 
between the solvent and the N-substituted acetamide 
to form SD complex must be taken into account.

Modification oj Eq. 1 for Chloroform as Solvent. Let 
x be the fraction of the amine concentration which is 
not hydrogen bonded to an electron donor and which is 
in the form of monomer,6 and let C, d, and (S) be the 
total concentration of the amine, acetamide, and 
chloroform, respectively. If K  and K B are the as-

(1 ) T h is  research  w as su p p orted  b y  P . H . S. R esearch  G ra n t N o . 
G M -10 5 3 9 -0 3  from  th e  N a tion a l In stitu te  o f  G en era l M e d ica l 
Sciences, P u b lic  H ea lth  S ervice.
(2 ) R . F . C ollins, Chem. In d . (L o n d o n ), 704  (1957 ).
(3) R . M a th u r , E . D . B eck er, R . B . B ra d ley , and  N . C . L i, J . P h ys . 
Chem ., 67, 2190 (1963).
(4) C . M . H uggins, G . C . P im en tel, and  J. N . S h oo lery , J . Chem . 
P h ys ., 2 3 , 1244 (1 9 5 5 ); L . W . R eeves  and W . G . Schneider, Can. J . 
Chem ., 35 , 251 (1 9 5 7 ); G . K o r in ek  and  W . G . S chneider, ib id ., 35, 
1157 (1957).
(5 ) F . T ak ah ash i and  N . C . L i, J . P h ys . Chem ., 68 , 2136 (1 96 4 ).
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sociation constants for the formation of the acetamide- 
amine and acetamide-solvent complexes, respectively, 
then when (S ) »  d and d »  C

K  =
______________ (MD)
x[C -  (M D)][d -  (MD)

(SD)

(SD)]

K s =
[d -  (MD) -  (SD)](S)

(2)

(3)

Therefore

(SD)
K a( S)

1 +  Ks(S)
(d -  (MD))

From eq. 2 and 4, we obtain

(MD)(1 +  g ,(S )) 
x(C -  (MD))d

so that

(MD)
KCdx

Kdx +  (1 +  Ka(iS))

(4)

(5)

(6)

Since hydrogen-bonding equilibria usually involve 
very rapid reactions, we may assume the observed 
frequency of the amino protons in amine to be the 
weighted average of v ' and ve, so that

v
C -  (MD)

C

+
(MD)

C

(MD)
+  ~ c ~ v°

(Fo — v') (7)

In eq. 7, v ' is the weighted average frequency of the 
amine which is not hydrogen bonded to the N-substi- 
tuted acetamide and the assumption is made that 
amine is not a hydrogen donor to chloroform. From 
eq. 6 and 7, the following equation, which is a modified 
form of eq. 1 for chloroform as the solvent is obtained

1 =  1 1 +  K a( S) 1
v — v' K(v0 — v') dx (ve — v')

Since the self-association of amine is very weak, in the 
low concentration range of amine which we use, x may 
be taken to be 1, and v' becomes equal to vt. A plot 
of l / ( v  — v t )  vs. (1 +  K s(S))/d therefore should yield 
a straight line, from which the values of (vQ — vt) and K  
can be determined separately.

The value of K„ is determined in separate experi
ments by measuring the chemical shifts of the chloro
form proton signal in carbon tetrachloride solutions 
containing 0.05 M  CHC13 and various amounts of N- 
substituted acetamide.

Experimental
Materials. i-Butylamine and aniline were distilled 

twice and the fractions boiling at 44 and 184°, re
spectively, were collected. N-methylacetamide and 
N,N-dimethylacetamide were treated in the manner 
previously described.6 Chloroform was purified by 
shaking with concentrated sulfuric acid and then 
distilled water, dried by calcium chloride, distilled, 
and the fraction boiling at 60° collected. Carbon 
tetrachloride was Fisher Spectroanalyzed Certified 
Reagent liquid.

Preparation of Samples. Samples were prepared 
by the same methods as described previously.3’6

P.m.r. Measurements. All of the p.m.r. spectra were 
obtained with a Yarian Associates Model A-60 n.m.r. 
spectrometer. Chemical shifts of the CH signal in 
chloroform and the NH2 signal in amine were measured 
with respect to tetramethylsilane (TMS) used as an 
internal standard and are quoted as c.p.s. All lines 
are downfield from TMS. The reported shifts are 
accurate to 0.3 c.p.s. for chloroform and i-butylamine, 
and 1 c.p.s. for aniline.

Results
(A) Determination of vt. For chloroform hydrogen 

bonding, the observed proton frequency of 0.05 M  
chloroform in CCI4, in the absence of N-substituted 
acetamide, was taken to be vt. This is because the 
self-association of chloroform is very weak: from 36 
to —19°, the chemical shift of the chloroform proton 
varied only from 434 to 435 c.p.s. for 0.05 M  CHCI3 
in carbon tetrachloride. Neat chloroform has a proton 
signal at 435 c.p.s. at 36°.

The values of vt for i-butylamine and aniline were 
determined in the manner described by Takahashi 
and Li,6 for 2-propanol. Figure 1 gives plots of v' vs. 
temperature, where v' is the amino proton frequency in
i-butylamine and aniline in chloroform, with no N- 
substituted acetamide present. These curves indi
cate that vt =  206.5 and 77 c.p.s. for aniline and i- 
butylamine, respectively, if we assume that for these 
dilute solutions at temperatures higher than 60°, the 
amine is a monomer.

Figure 2 gives plots of v' vs. concentration of the 
amine in chloroform at 36°. If we assume that the 
limiting frequency at zero concentration is equal to 
vt, then the data of Figure 2 for aniline also lead to the 
value vt =  206.5 c.p.s., in agreement with that found 
from the data of Figure 1.

It is seen from Figure 2 that in the concentration 
region higher than 0.6 M, the amino proton signal 
shifts to higher field with increasing aniline concentra
tion in chloroform. For i-butylamine, the amine
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Tem p., °C .
- 2 0  0  2 0  4 0  6 0  8 0

- 2 0  0  2 0  4 0  6 0  8 0

Tem p., °C .

Figure 1. Determination of vi. Plots of v' vs. temperature 
for solutions of amine in chloroform: curve 1, 0.1 M  aniline; 
curve 2, X, 0.025 M  i-butylamine; •, 0.1 M  i-butylamine.

Conen., M.
0  2  4  6 8  1 0

Figure 2. Determination of vi. Plots of v' vs. 
concentration of amine in chloroform at 36°: 
curve 1, aniline; curve 2, i-butylamine.

proton signal overlaps with the methyl proton signal 
at 69 c.p.s., when the concentration is higher than 0.4
M.

(B) Chloroform Hydrogen Bonding to N-Substituted 
Acetamide. The chemical shifts of the chloroform 
proton signal in carbon tetrachloride solutions con
taining 0.05 M  chloroform and various amounts of N-

Table I : Chloroform Bonding

To N- To N,N-
Methylacetamide Dimethylacetamide

d, M  v, c.p.s. dt M v, c.p.s.

0 434.2 0 434.2
0.481 444.1 0.421 452.1
0.511 444.3 0.472 453.7
0.574 445.1 0.588 457.1
0.708 447.0 0.684 459.0
0.946 449.9 0.802 462.3
1.148 452.1 0.976 465.7
1.664 456.7 1.590 473.1

0 434.7 0 434.7
0.493 445.1 0.431 455.9
0.523 445.5 0.483 457.7
0.588 446.5 0.602 461.3
0.725 448.4 0.700 463.4
0.969 451.6 0.822 466.1
1.176 454.0 0.999 469.9
1.705 459.1 1.628 478.5

0 435.1 0 435.1
0.503 446.3 0.440 459.3
0.534 446.7 0.493 460. C
0.600 447.8 0.614 465.5
0.740 449.9 0.715 467.2
0.989 453.5 0.839 471.1
1.200 456.3 1.020 474.4
1.740 461.6 1.662 481.8

0 435.4 0 435.4
0.514 447.9 0.449 463.1
0.545 448.2 0.504 465.2
0.613 449.6 0.627 470.0
0.756 452.0 0.730 471.6
1.010 456.1 0.856 475.5
1.225 459.1 1.041 478.7
1.776 464.7 1.697 486.2

substituted acetamide were determined at various tem
peratures between —19 and 36°. Table I lists the 
results obtained. From the data, linear plots of 1 / 
(;v — vi) vs. 1 /d (according to eq. 1) for the tempera
tures — 19 to 36° and linear plots of log K  vs. l/T 
were obtained. The values of K  ( =  K f) , (vc — vt), 
AH, and AS for chloroform bonding to N-methyl- 
acetamide and N,N-dimethylacetamide in carbon 
tetrachloride are summarized in Table II.

(C) Hydrogen Bonding between Amine and N- 
Substituted Acetamide. The chemical shifts of the 
amine proton signal in chloroform solutions containing 
0.05 M i-butylamine or 0.1 M  aniline and various
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Table II  : T h erm odyn am ic D a ta

AH,
Tem p., K , So — f{, k ca l./ AS,

°C . J li-i c.p.s. mole e.u.

C h loroform  bond ing to 36 0 .4 8 51
N -m ethylacetam ide 16 0 .4 6 55 + 0 . 4 - 0 . 2

- 1 0 .4 4 61
- 1 9 0 .4 2 69

C h loro form  bon d in g  to 36 0 .8 2 70
N ,N -d im eth ylacetam ide 16 0 .9 9 71 - 1 . 1 - 3 . 7

- 1 1 .1 3 73
- 1 9 1 .3 4 74

i-B utylam ine b on d in g  to 36 3 .9 101
N -m ethylacetam ide 16 5 .1 101 - 1 . 8 - 3 . 0

- 1 6 .1 101
- 1 9 7 .5 101

A niline b on d in g  to 36 5 .8 48
N -m ethylacetam ide 16 7 ,3 49 - 1 . 5 - 1 . 2

- 1 8 .3 50
- 1 9 10 50

N ,N -D im eth y la ceta m id e 36 6 .0 51
16 9 .9 51 - 3 . 3 - 6 . 9

- 1 14 52
- 1 9 21 52

amounts of N-substituted acetamide were determined 
at four different temperatures and the results are 
listed in Table III. From the data, linear plots of 1 / 
(v — vi) vs. (1 +  K a(S))/d (according to eq. 8) for the 
temperatures —19 to 36° and linear plots of log K  vs. 
1/T were obtained. The values of K, (v0 — vi), AH, 
and AS for ¿-butylamine bonding to N-methylacet- 
amide and for aniline bonding to N-methylacetamide 
and N,N-dimethylacetamide, all in chloroform medium, 
are summarized in Table II.

The chemical shifts of the amino proton signal for 
¿-butylamine bonding to N,N-dimethylacetamide are 
smaller than for ¿-butylamine bonding to N-methyl
acetamide. The errors become larger, and linear plots 
were not obtained. The ¿-butylamine-N,N-dimethyl- 
acetamide system is therefore omitted from Table II.

Discussion
Klotz and Franzen6 and Mathur, et a l . 7 have re

ported on the extensive self-association of N-methyl
acetamide. The latter authors have given the following 
evidence that the self-association does not interfere 
with its hydrogen bonding with 0.05 M  benzenethiol: 
the NH proton frequency of 0.4 M  N-methylacetamide 
in CC14 varies by 48 c.p.s. over a temperature range of 
— 17 to 37°, while the value of (v0 — vt) is virtually in
dependent of temperature. Our data of Table II 
show that the values of (r0 — vt) for N-methylacetamide

bonding to the amines are independent of tempera
ture, between —19 and 36°, so that we may also state 
with confidence that the self-association does not in
terfere with the hydrogen bonding between N-methyl
acetamide and the amnes. Using the same termi
nology as that used by Mathur, et al.7 the hydrogen 
bonding of N-methylacetamide with the amines may 
be represented as

CH3 c h 3
I I

RNH2 +  NH— 0 = C  z^±
I I

0 = C  NH~

CH3 CH8
c h 3 c h 3

NH— 0 = C

RNH2—0 = C  NH— (9)
I I

c h 3 c h 3

The association constant for aniline bonding to N- 
methylacetamide is smaller than for phenol bonding to 
N-methylacetamide (K = 105 at 30°)8 9 and larger 
than for benzenethiol bonding to N-methylacetamide 
(K = 0.13 at 37°).7 This order of association constants 
is in agreement with the order of the extent of self
association reported by Rao, et al?: phenol >  aniline >  
benzenethiol.

In Figures 1 and 2, :he amino proton frequency is 
no doubt affected by CHC13 acting as hydrogen donor 
to the amines. However, since CHC13 is the solvent 
and is therefore in larga excess, it is our opinion that 
this effect is constant in low concentrations of amine, 
so that it is canceled out in the determination of vt 
(for aniline, the lowest concentrations used in Figure 
2 are 0.10, 0.14, and 0.22 M). Similarly in Table III, 
we may also expect that the amine proton frequency 
would be affected by die presence of N-methylace> 
amide acting as hydrogen donor to the amines. Again, 
since the acetamide concentration is much greater 
than the amine concentration, the effect on the amino 
proton frequency may be constant and canceled out.

(6) I . M . K lo tz  and  J. S. Franzen , J . A m . Chem. Soc., 84 , 3431 
(1962).
(7) R . M a th u r , S. M . W a n g , and  N . C . L i, J . P h ys . Chem ., 68 , 2140 
(1964).
(8) F . T ak ah ash i and  N . C . L i, ibid., 69, 1622 (1965).
(9) B . D . N . R a o , P . V enkatesw arlu , A . S. M u rth y , and  C . N . R a o , 
Can. J . Chem., 40, 963 (1962).
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T a b le  I I I : A m ino H ydrog en  B on din g  in 
C h loroform  S olvent

i-B utylam ine
(0 .05  M)~ A niline (0.1  ik f)- A niline (0 .1  M)-

N -m eth y l- N -m eth y l- N ,N -d im eth y l-
acetam ide acetam ide acetam ide

d, M (S), M
V,

C.p.8. d, M (S), M
V,

C.p.8. d, M (S), M
v ,

c.p.s.

0.481 11.63 100.9 0.562 11.45 223.0 0.586 11.30 220.0
0.564 11.51 102.5 0.687 11.30 224.6 0.689 11.24 221.0
0.686 11.40 106.6 0.796 11.21 226.4 0.788 11.02 222
0.958 11.18 115.0 0.916 11.11 228.1 0.964 10.91 224.8
1.382 10.78 122.7 1.125 10.88 230.3 1.157 10.54 227.5
1.761 10.49 132.2 1.816 10.26 237.0 1.577 10.15 232.0

C .493 11.94 106.2 0.577 11.75 225.8 0.601 11.59 223.6
0.579 11.81 108.5 0.705 11.59 228.0 0.707 11.53 225.2
0.704 11.70 112.6 0.816 11.50 230.6 0.808 11.31 226.5
0.983 11.48 a 0.940 11.40 232.2 0.989 11.20 229.0
1.418 11.06 129.5 1.154 11.17 233.8 1.187 10.81 231.9
1.807 10.76 139.0 1.864 10.53 240.0 1.618 10.42 236.0

'
0.504 12.20 110.6 0.589 12.00 228.3 0.614 11.84 226
0.591 12.08 114.5 0.720 11.84 231.4 0.722 11.78 227.8
0.719 11.95 a 0.834 11.74 233.1 0.825 11.55 230.0
1.004 11.71 a 0 .960 11.64 234.6 1.010 11.43 231.8
1.448 11.30 134.5 1.179 11.40 237.3 1.212 11.04 235.1
1.845 10.99 144.7 1.903 10.75 244.2 1.652 10.64 239.7

0.515 12.45 116.1 0.602 12.26 230.1 0.627 12.09 228.8
0.604 12.31 a 0.736 12.09 233.8 0.738 12.03 230.8
0.734 12.20 a 0.852 12.00 235.7 0.843 11.80 232.9
1.026 11.96 133.8 0.981 11.89 237.6 1.032 11.68 235.0
1.480 11.52 141 1.205 11.65 239.4 1.238 11.28 238.0
1.886 11.21 151.5 1.945 10.99 246.8 1.688 10.87 245.6

“ O verlap w ith  th e C H 3C O  p ro ton  signal in  N -m eth ylaceta - 
m ide.

From the values of K  and AH listed in Table II, it 
is seen that toward chloroform and aniline, N,N-di- 
methylacetamide is a stronger electron donor than N- 
methylacetamide. This is as expected because the 
carbonyl group in the disubstituted acetamide is more 
nucleophilic than the monosubstituted acetamide.

Takahashi and Li8 have reported that toward 2,6- 
di-f-butylphenol, 2-methyl-6-f-butylphenol, 2-f-butyl- 
phenol, and phenol as hydrogen donors, N,N-dimethyl- 
acetamide is in each case a stronger electron donor 
than N-methylacetamide.

Our experiments show that the chemical shifts of 
the amino proton signal for f-butylamine bonding to 
dimethylacetamide are smaller than for f-butylamine 
bonding to N-methylacetamide. Although dimethyl
acetamide is the stronger electron donor, the smaller 
shift is not surprising. Several investigators3'10 11 12 13 have 
already commented on the observations that for a 
given hydrogen donor bonding to various hydrogen 
acceptors, the largest value of — AH may correlate with 
the smallest value of chemical shift or infrared frequency 
shift.

Although hydrogen bonding by amine is a very im
portant consideration, only a few papers have been 
concerned with amine hydrogen-bonding studies with 
p.m.r. and of these,9’11-13 no numerical value for the 
association constant of an amine bonding to an elec
tron donor has been given.

It is seen from Figure 2 that for aniline in chloroform, 
the amino proton signal shifts upheld with decrease 
in concentration of aniline in the concentration region 
below 0.6 M  and with increase in concentration of 
aniline above 0.6 M. The same type of concentration 
dependence seems to be exhibited by f-butylamine in 
Figure 2 and is reminiscent of the solvent-dilution 
shift of the hydroxyl proton resonance signal of acetic 
acid in 1,1-dichloroethane and in carbon tetrachloride.14 
Because of the limited number of p.m.r. data available 
for amine systems, we do not attempt to explain this 
feature at present.

(10) R . W est, D . L . P ow ell, L . S. W h a tle y , M . K . T . L ee, and P . 
v o n  R . S ch leyer, J . A m . Chem. Soc.,  84, 3221 (1962 ).
(11) J. F een ey  and  L . H . Sutcliffe , J . Chem. Soc.,  1123 (1962).
(12) J. V . H a tto n  and  R . E . R ich ard s, M ol. P h ys ., 5 , 139 (1962).
(13) J. R . C ro o k  and  K . Schug, J . A m . Chem. Soc.,  8 6 , 4271 (1 96 4 ).
(14) L . W . R eeves  and  W . C . Schneider, Trans. F araday S oc.,  54 , 
314 (1958 ).
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Anion Exchange of Metal Complexes. X V I.1 Chloride Complexes of 

Zinc, Cadmium, and Mercury in Anhydrous Ethanol

by J. Penciner, I. Eliezer, and Y. Marcus

R adiochem istry D epartm ent, Soreq N uclear R esearch Center, Israel A tom ic E n ergy Com m ission, Yavne, Israel 
(Received F ebru ary  23, 1966)

Measurements have been carried out of the distribution of zinc, cadmium, and mercury 
tracers between Dowex 1-X8 anion exchanger and anhydrous ethanolic solutions of lithium 
chloride and hydrogen chloride. The invasion of the resin by electrolyte has been deter
mined. The results can be explained in terms of uncharged complexes predominating in 
the resin phase and ion pairs between lithium or hydrogen cations and complex anions in 
the solution phase.

Introduction
The previous publications in this series have dealt 

with ion exchange in aqueous solutions. It is of in
terest to extend the original theoretical treatment2 to 
nonaqueous solutions in an attempt to explain the 
changes in the anion-exchange behavior of metals 
(such as enhanced uptake and greater selectivity) with 
change of solvent.3 A large body of data exists on the 
distribution of metal ions between anion exchangers and 
mixed organic-aqueous solvents.4’6 However, little 
is known about the behavior in anhydrous organic sol
vents. This behavior should be easier to explain, be
cause of the absence of preferential solvation effects, 
which are important in mixed solvents but not quanti
tatively known. An important factor in this behavior 
is the dielectric constant of the solvent. It should be 
easier to interpret results in mixed solvents when the 
effects of this factor studied in a pure nonaqueous sol
vent are known.

Ethanol was chosen as the solvent since it provides 
a drastic lowering of the dielectric constant, yet, like 
water, it is polar and dissolves electrolytes to some ex
tent. Ethanol has been extensively used as a com
ponent of mixed solvents for anion-exchange studies5 
and is easily available and purified.

It was decided to study the chloride complexes of the 
group II-B metals because their behavior in aqueous 
solution is reasonably well known.6-7 The same gen
eral methods of measuring the distribution of tracer 
metal ions between anion exchanger and solutions were 
employed.

Experimental Section

Materials. Radioactive tracers 65Zn (245 days), 
115Cd (2.3 days), and 203Hg (47 days) were obtained 
either from O.R.N.L, or from the Isotope Production 
Unit of the Soreq Nuclear Research Center.

Ethanol (Fluka Puriss grade 99.8%) was dried by 
distillation from magnesium ethanolate.8 The product, 
checked by Karl Fischer titration, contained from 0.01 
to 0.06 wt. %  water.

Lithium chloride was Baker Analyzed reagent and 
was used without further purification, because it was 
sufficiently dry and its ethanolic solutions did not con
tain more than 0.06 wt. %  water.

Hydrogen chloride gas (Matheson) was passed 
through concentrated sulfuric acid to ensure removal of 
water.

The anion-exchange resin was Dowex 1-X8 (Biorad

(1 ) P rev ious papers in series: X I V . Y .  M a rcu s  and  M . G iv on , J . 
P h ys. Chem ., 68, 2230 (1 96 4 ); X V .  Y .  M a rcu s, J . In org . N ucl. 
Chem ., in  press. P resented  in  p art a t 1st and  2nd  M eetings o f  
the Israel C h em ica l S ocie ty , B eersh eva, 1963, and  Jerusalem , 1964.
(2) Y .  M arcu s  and C . D . C oryell, B ull. R es. Council Isra el, A 8 , 1 
(1959).
(3) F . H elfferich , “ Io n  E xch an ge ,”  M cG ra w -H ill B o o k  C o ., In c ., N ew  
Y o rk , N . Y . ,  1962, C h a p ter  10.
(4) (a) J . K ork isch  and  G . E . Janauer, Talanta, 9 , 957 (1 96 2 ); (b ) 
D . J. P ietrzyk , P h .D . Thesis, Iow a  S tate U n iversity , 1960; J. S. 
F ritz  and D . J. P ietrzyk , Talanta, 8 , 143 (1961).
(5) L . W . M arp le , J. In org . N u cl. Chem ., 26, 635, 643 (1964).
(6) Y .  M a rcu s  and D . M a y d a n , J . P h ys. Chem ., 67, 979 (1963).
(7 ) Y .  M a rcu s  and  I . E liezer, J. In org . N u cl. Chem ., 25 , 867 (1963).
(8) A . I . V oge l, “ T e x tb o o k  o f  P ra ctica l O rganic C h em istry ,”  3rd  E d ., 
L ongm an s, G reen and  C o ., L on d on , 1956, p . 167.
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AG) 100-200 mesh, in the chloride form. It was con
ditioned by having passed through it alternately solu
tions of 3 M  NaOH and 3 M  HC1 in three cycles and 
finally by being washed with distilled water and ethanol 
and dried by drawing air through it. The water con
tent of this air-dried resin was 0.10-0.15 g. of water/g. 
of resin.

Procedure

A batch technique was used, and care was taken to 
keep conditions as anhydrous as possible.
Distribution Measurements, a. LiCl. Samples of 

resin (0.1 g.), salt, and dry ethanol (20-30 g.) containing 
ca. 10-6 M  tracer metal were weighed into 100-ml. 
glass-stoppered conical flasks. These were shaken for 
2 days at 25-27°. This period has previously been 
found adequate for equilibrium to be reached in ethanol 
solutions.9 The solutions were then quickly filtered 
through glass wool, and samples were taken for count
ing6’7 and for determination of the equilibrium con
centration of the electrolyte in the solution. The 
lithium chloride concentrations in the solutions were 
determined by Mohr titration.

b. HCl. Dried hydrogen chloride was bubbled 
through Dry Ice cooled ethanol. In order to obtain a 
concentrated solution (8-9 m), it was necessary to con
tinue the bubbling for 15-20 hr. Two delivery flasks 
were used, one containing dry ethanol and the other a 
solution of HCl in ethanol. To each of these was added 
a portion of the tracer metal, and the volumes were ad
justed so that the concentrations of the metal in the 
flasks were equal to within 1%, as checked by counting 
samples. Resin samples (0.1 g.) were weighed into 
the 100-ml. glass-stoppered flasks and then varying 
amounts of the two alcoholic solutions were added to a 
total solution weight of about 30 g. Equilibration and 
separation were carried out as in the LiCl experiments. 
The electrolyte concentration in the solutions was 
determined by titration with standard base.

Invasion Measurements. Since electrolyte invasion 
of the resin is known2 to affect the metal distribution, 
invasion measurements were performed.

Equilibrations were carried out as in the experiments 
described above, except that no radioactive tracers were 
present. Upon attainment of equilibrium, the con
tents of the flasks were filtered through glass wool in 
weighed centrifuge tubes. The tubes were centrifuged 
according to a standard procedure which was found to 
yield a constant weight and were weighed to determine 
the amount of resin in each. In one series of measure
ments, all the chloride in the resin was eluted with 50 
ml. of 3 M  NaN03. In other series, only the invading 
excess electrolyte was eluted by washing with distilled

water. The results from both series were in agree
ment. The chloride from the resin and that in an 
aliquot of the equilibrium solution were determined 
by Mohr titration.

Calculations. The distribution coefficients D were 
calculated from the relation

^  _  Aa — A ^  grams of solvent
A grams of air-dried resin

where A is the measured count rate of a particular 
sample and A 0 is the count rate of a sample from a solu
tion without resin. No correction of A0 for resin 
swelling was necessary, because of the large ratios of 
grams of solvent/grams of resin.

From the invasion data the effective ligand activity in 
the resin a can be found by the equation

log a =  log a +  y 2 log “ j™ - (2)
k'-'V  inv

where a is the mean ionic activity of the bulk electrolyte 
in solution, a =  my±, (Cl) tot =  total chloride molality 
in the resin phase, and (Cl)inv =  molality of excess 
electrolyte in the resin phase. Activity coefficients 
7± for HCl in ethanol were obtained from Conway.10

Results

a. HCl. The invasion data for hydrogen chloride 
are shown in Figure 1, as log a vs. log a, calculated from 
eq. 2. It was expected11 that a would reach a constant 
limit as a tends to low values. However, as in aqueous 
solutions, a, is seen to decrease continuously. This 
behavior has been discussed by Freeman.11

In Figure 2 are plotted the distribution data for zinc, 
cadmium, and mercury in hydrogen chloride solutions. 
The figure shows the distribution coefficients for 
cadmium to be about an order of magnitude lower than 
those for zinc and mercury which are similar. In 
aqueous solutions, on the other hand, the order is 
Dhg >  DCd >D Zn at least up to 5 M HCl.7’12 It is 
also seen from Figure 2 that at low hydrogen chloride 
concentration there is an extended region where the 
distribution coefficients do not vary appreciably with 
a, contrary to their behavior in aqueous solutions.7-12

b. LiCl. In Figure 3 are given distribution data 
for zinc, cadmium, and mercury in lithium chloride 
solutions. The values are plotted against log m 
rather than against log a because no activity coefficients

(9) D . M a y d a n , P h .D . T hesis, H eb rew  U n iversity , Jerusalem , 1962.
(10) B . E . C on w a y , “ E lectroch em ica l D a ta ,”  E lsevier P u b lish in g  
C o ., A m sterdam , 1952.

(11) D . H . F reem an, J. P h ys . Chem., 64, 1048 (1960).
(12) K . A . K rau s and  F . N elson , P roc . In tern . C onf. P ea ce fu l U ses 
A t. E nergy, Geneva, 1955, 7 , 113 (1956).
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Figure 1. R esin  invasion  from  ethanol, a : log  a against 
log  a fo r  HC1. b :  log  (» » c m u t / w c i ,to t) against 
log  m fo r  HC1 ( • )  and L iC l (O ).

F igure 2. A nion-exchange d istribution  o f  group I I -B  m etals 
from  ethanolic HC1 solutions: log  D  against log  a, 
for Zn  (O ), C d  (□ ) ,  and H g  (A ). C urves are calculated 
from  eq. 10a, 10b, and 10c, respectively .

for lithium chloride in ethanol are available. The 
trends shown in the figure are qualitatively similar to 
those obtained in hydrogen chloride solutions (shown 
by the dashed hnes). Invasion data for lithium chlo
ride are shown in Figure lb.

Discussion
The present anion-exchange distribution system in

volves a solvent of a dielectric constant (e 24), much 
lower than that of water (e 78). In such a solvent,

Figure 3. A n ion-exchange d istribution  curves, log  D
against log  m, fo r  ethanolic HC1 solutions ( ----------- ) and
L iC l solutions [Zn  (O ), C d  (□ ) ,  and  H g  (A )] .  T h e  
straight lines represent the final slope o f — 4.0.

ions would not exist separately, but rather as ion pairs. 
Neutral complex species, such as MC12 in the present 
case, would be favored over charged complexes. 
Hence, the species that ought to be considered in the 
ethanolic hydrogen chloride solution are H+C1~, 
MCI*, H+M Ch-, H+2MCl42- ,  . . . ,  and the same 
species could also occur in the resin phase, where they 
will be designated with a bar over the symbols.

The following reactions will occur in the solution 
phase

MC12 +  IH+C1- H+iMCb+Z-  (3)

with an equilibrium constant defined by

(H+4MC12+/ - )  =  /3iaMci!a2i7 ± r (1+i) (4)

where parentheses designate the molal concen
tration. of the enclosed species, y±i — y^+inch+v-, 
and a =  mHci7±Hci as before. Similar reactions could 
occur in the resin phase. The distribution coefficient 
of tracer metal will then be given by

(MCh) +  (H+MCU-) +  . . .  =
(MCI.) +  (H+MC1,-) +  ■ • •

diicij 2  Ba±«_1n2i
-------— -------------- : ('A)
« mol 2Z 

¿ = 0
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If the same standard states are used for both phases, 
omcis = «mcij, so that

d = X  fa¿r^ V X  (6)
i — 0 t = 0

The value of D  can remain constant for an extended 
region of a as observed experimentally at low a values 
only if terms with for i  >  0 are zero since d log a/d 
log a is finite (Figure 1). In this region also, terms 
with di«21 in the solution phase are negligible compared 
with unity. Therefore, all the terms in eq. 6 with 
i  >  0 become zero at low a, while for i  =  0 the numerator 
reduces to fo-1  and the denominator to y0- 1 , so that D  
becomes

D  =  yo/yo =  K o (7)

Thus, as in liquid-liquid partition systems, a constant 
Nernst distribution function is observed, equal to the 
inverse ratio of the activity coefficients of the parti
tioning species.13

It should be emphasized that, contrary to the be
havior in aqueous solutions, where the exchange of 
anions is the important feature, in the present case the 
distribution of an uncharged species between two 
phases without further interactions is considered the 
main reaction. That such a distribution reaction is of 
importance in equilibria involving ion exchangers and 
organic solvents has been noted by other authors.14 
It is considered to be the main distinction between 
anion exchange in aqueous and nonaqueous media, 
and also the explanation of phenomena such as ab
normal loading.4a

At higher hydrogen chloride concentrations, the 
following two possibilities can be considered: (1)
MC12 remains the predominating resin species, as at 
low concentrations; (2) some other species, H +p- 
MC12+PP_, predominates. According to the first pos
sibility, (3{ =  0 for i  >  0. Therefore log D  may be 
written as

log D  =  log K 0 -  log X  (8)
¿ = 0

where /3t* =  piy i i ~1- Assuming y ±i not to vary ap
preciably with a over the region where species H+r  
M C W  is important and K 0 to remain constant, 
as was done for aqueous systems,2 the slope of the 
distribution curve is given by

d log D /d  log a =  2 i  (9)

where i  is the average value of i  in a given region of a 
values. The slopes of the experimental curves as a 
reaches high values tend to approximately —4 for 
mercury and zinc, and —2 for cadmium. The data

may be fitted (Figure 2) to curves calculated from the 
expressions

log D Zn =  6.60 ±  0.10 -  log (1 +  l02-92±0-05 a2+
l()6.40±0.10a 4) (10a)

log D cd =  5.20 ±  0.10 -  log (1 +  i02-69±°-°4a2) (10b) 

log Z)Hg =  6.30 ±  0.10 -  log (1 +  102-°°±°-°6a2 +
l 0 6.BO±0.06a 4) ( 1 0 c )

The species predominating in the resin phase is there
fore MCI2 for all three metals, while in the solution 
phase there is a transition from MCI» at low hydrogen 
chloride concentration to H+MC13~ at moderate con
centrations and up to H+2MCl42~ in the cases of zinc 
and mercury at high concentrations.

According to the other possibility, namely, that H +„- 
MC12+PP predominates in the resin, log D  will be 
written, by analogy with the treatment of aqueous 
systems,2 as

log D  =  log K 0* +  2p  log a — log X  (11)
»=0

where K 0* =  •Kodp'y±P-1 is assumed to be a constant. 
Differentiation of eq. 1 1  leads to the slopes

d log D /d  log a =  2p  d log d /d  log a — 2 i  (12)

At high a values d log a /d  log a ~  0.8 while d log D /d  
log a ~  —4 (for Zn and Hg) or —2 (for Cd), that is i  ~  
4 +  1.6p (for Zn and Hg) or 2 +  1.6p (for Cd). For 
zinc and mercury it is seen that nonzero values of p  
lead to unreasonably high values of the degree of com- 
plexation (i.e., species such as H +3MCl53_ for p  =  1). 
Therefore, for these two elements possibility 1 con
sidered above with p =  0, i.e ., MC12 predominating, is 
favored. For cadmium, however, the possibility of a 
species H+CdCl3~ being important cannot be excluded. 
In this case, the species H+2CdCl42_ becomes im
portant in the solution when a reaches high values. 
The experimental data do not permit a decision be
tween the two possibilities.

The discussion of the distribution data for lithium 
chloride solutions (Figure 3) is hampered by the lack 
of activity data for lithium chloride in ethanol. To 
circumvent this difficulty, it was attempted to employ 
Harned’s second rule,16 according to which, in mixed 
solvents

(13) W . N ernst, Z . physik . Chem., 8 , 110 (1 89 1 ); B . M ilicev ic , H elv. 
Chim . A cta , 4 6 , 1466 (1963).
(14) F o r  exa m p le : L . I . K a tz in  and  E . G ebert, J . A m . Chem. Soc., 
75, 801 (1 95 3 ); M . L ederer and  F . R a llo , J . Chromatog., 7 , 552 
(1962).
(15) H . S. H arned , J. P h ys . Chem ., 66, 589 (1962).
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7±LiCl(solvent) =  7±HCI(solvcnt)7±LiCl(water)/7±HCl(water)

(13)

and which was verified up to 20% methanol in water. 
Values of a for lithium chloride in ethanol were cal
culated from eq. 13 and used in plots of log D vs. 
log a. The slopes at high a values, however, had 
unreasonably high negative values, about —6. Even 
with p =  0, i.e., MC12 predominating, such slopes 
correspond to unlikely species (e.g., H +3MC163~) in 
solution.

Since the use of Harned’s second rule leads to dif
ficulties, another approach was sought. It is observed 
that in hydrogen chloride solutions a is approximately 
proportional to m above 1.5 m. It is assumed as an 
approximation that the same holds for lithium chloride 
solutions. Hence, the slopes of the curves in Figure 
3 at high m, which are ca. —4, may be interpreted as 
the analogous slopes in Figure 2, namely, indicating 
the presence of species Li+2MC142_ in solution. This 
seems reasonable since no difference in the ion-pairing 
properties of the solvated lithium and hydrogen cations 
with the complex anions is expected.

Examination of Figure 3 shows the behavior of lith
ium and hydrogen chloride to be fairly similar, contrary 
to what is found in aqueous solutions.6'7 The differ
ence in behavior in aqueous solutions has been ascribed 
to a number of causes. Strong arguments have been 
put forward attributing the difference to the much

more extensive ion pairing in the resin of hydrogen chlo
ride as compared with lithium chloride.16’17 18 The very 
low dielectric constant obtaining in the resin saturated 
with ethanol would lead to as complete ion pairing of 
the latter electrolyte as of the former. Therefore, no 
difference in behavior should be expected. This point 
has already been discussed by Horne16 for mixed 
aqueous-ethanol solutions.

For both lithium and hydrogen chloride solutions, a 
salient feature is the considerably higher distribution 
coefficients of zinc and mercury as compared with cad
mium. A possible explanation for this can be sought 
in the less covalent nature of the cadmium chloride.15 
This would lead to its having a lower distribution co
efficient because of its preferring the more polar 
solution phase to that of the resin, which has a lower 
dielectric constant, as discussed above and also by other 
authors.9’16 The lower tendency to covalency of the 
cadmium halides is also in line with the assumption 
of the existence of H+CdCl3~ in the resin and the non
existence of such species for mercury and zinc.
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Thermodynamic Data from Fluorescence Spectra. I. 

The System Phenol-Acetate1

by A. Young Moon, Douglas C. Poland, and Harold A. Scheraga

Department of Chemistry, Cornell University, Ithaca, New York (Received February 26, 1965)

This paper demonstrates how fluorescence measurements may be used to determine associa
tion constants, K amo<s, for weak complexes, involving hydrogen and/or hydrophobic bonds. 
If one member of the complex fluoresces, when free, and the other member quenches the 
fluorescence, upon formation of the complex, then the technique of concentration quench
ing of fluorescence will provide a value of A assoc from a quantitative measurement of the 
deviations from ideal or Stern-Volmer quenching behavior. Data are given for the system 
phenol-acetate, with the results that A assoc is approximately 0.5 M~l and its variation with 
temperature over the range 10 to 40° gives a temperature-independent enthalpy of associa
tion, AH, of about —400 ±  400 cal./mole. Independent measurement of A assoc using the 
technique of ultraviolet difference spectra gives essentially the same results. From a 
consideration of AH, it is suggested that it is composed of two compensating contributions, 
a negative one from the intermolecular hydrogen bond and a positive one from an inter- 
molecular hydrophobic bond in the formation of the complex. Further interpretation 
must await the results of experiments on the quenching of phenol fluorescence by the other 
members of the series of carboxylic acids. The magnitude of A aeeoo suggests that analogous 
tyrosyl-carboxylate ion interactions (together with hydrophobic bonding) are potentially 
important in stabilizing protein structure. Discussion and quantitative interpretation are 
given of literature data on analogous studies of polyamino acid copolymers.

Introduction
Noncovalent bonds play an important role in main

taining the three-dimensional folding of a protein 
molecule. Nevertheless, even for model systems, it 
has been difficult to obtain reliable thermodynamic 
parameters for these noncovalent interactions over a 
range of temperatures. Schellman2 interpreted data 
on the osmotic pressure and heat of dilution of aqueous 
urea solutions (assuming that the departure from 
ideality could be attributed to intermolecular hydrogen 
bonding), obtaining a value for AH, the heat of forma
tion of the urea-urea hydrogen bond, of —1.5 kcal./ 
mole at 25°. These calculations were recently ex
tended to several temperatures,3 with the result that 
AH varies very little, becoming slightly more positive 
with increasing temperature. Klotz and Franzen,4 5 
using the technique of near-infrared spectrophotometry, 
obtained a value close to zero for the heat of formation 
of the N-methylacetamide dimer; however, this value

may be the resultant of both hydrogen and hydrophobic 
bonding.8 Based on titration data for formic acid in 
aqueous 3 M NaCl, Schrier, et al.,6 * computed a value of 
0 ±  1 kcal./mole for the heat of formation of the formic 
acid dimer; these workers used this value, together 
with literature data for dimer formation in higher 
homologs, to obtain values of the free energy of forma
tion of hydrophobic bonds between the nonpolar

(1 ) T h is  w ork  was su p p orted  b y  a research gran t (H E -0 1 6 6 2 ) from  
the N a tion a l H ea rt In stitu te , N a tion a l In stitu tes  o f  H ea lth , P u b lic  
H ea lth  S ervice, and b y  a research gran t (G B -2 23 8 ) fro m  the Na
tion a l S cience F ou n d ation .
(2) J. A . Schellm an, Compt. rend. trav. lab. Carlsberg, 2 9 , 223 (1 95 5 ).
(3) G . C . K resh eck  and H . A . Scheraga, J . P h ys . Chem ., 69 , 1704 
(1965).
(4) I. M . K lo tz  and  J. S. F ranzen, J . A m . Chem. Soc., 8 4 , 3461 
(1962).
(5) G . N ém eth y  and  H . A . Scheraga, J . P h y s . Chem ., 6 6 , 1773 (1 96 2 ).
(6 ) E . E . Schrier, M . P ottle , and H . A . S cheraga, J . A m . Chem. S oc.,
86 , 3444 (1964 ).
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portions of these dimers, with good agreement with 
theoretical values.5 Derivation of thermodynamic 
data for water from a statistical mechanical theory led 
to the value of —1.32 kcal./mole for the heat of forma
tion of the water-water hydrogen bond in the liquid.7 
An even higher value was obtained for the internal 
hydrogen bond in salicylic acid based on ultraviolet 
difference spectra data.8

The above examples illustrate the divergence in 
values reported for the heat of formation of the hy
drogen bond. These differences between various 
systems may be real. On the other hand, they may 
arise because of the following difficulties inherent in 
the methods used to determine AH. (1) Since hy
drogen and hydrophobic bonds are relatively weak 
(AH being of the order of 1 kcal./mole) and association 
is accompanied by a large loss of translational entropy, 
high concentrations (of the order of 2 M) are required 
to produce a measurable degree of association; at 
such high concentrations the assumption that activity 
coefficients are unity is a very poor one. (2) Since the 
hydrogen bond is weak, it produces only a small per
turbation in the system; e.g., it leads to only a very 
small change in the absorption coefficient of the bonded 
chromophore or in the infrared stretching frequency. 
Thus, in obtaining thermodynamic data for hydrogen 
bond formation from ultraviolet absorption, infrared 
absorption, or titration curves, one is utilizing these 
techniques close to the limit of their accuracy.

This paper will describe a method for obtaining 
equilibrium constants for association as a function of 
temperature in the phenol-acetate system; it is based 
on the measurement of the intensity of fluorescence. 
While not overcoming all the difficulties mentioned 
above, this method appears able to provide results which 
approach the precision necessary for testing the validity 
of presently employed concepts of protein structure.

Fluorescence of Associating Systems
Suppose a chromophore has an intensity of fluores

cence /o, in the absence of added quencher. Then, if 
the quenching action is by collisional processes, the 
intensity of fluorescence, I, in the presence of quencher 
concentration [Q], is given by the Stern-Volmer9 
relation

f  -  i =  U Q ] (i)

where fcq is the quenching constant and is equal to the 
product of the mean radiative lifetime of the excited 
state in the absence of the particular quenching process 
and the bimolecular rate constant for collisional quench
ing.

In an extensive study of the fluorescence of the aro
matic amino acids that occur in proteins and of the 
simple analogs of these chromophores, White10 found 
that the fluorescence of phenol (an analog of tyrosine) 
is quenched by various small molecules; in particular, 
carboxylate ion is a very strong quencher. White 
reported that the fluorescence of the phenol-car- 
boxylate ion system obeyed eq. 1; he., the decrease in 
the intensity of phenol fluorescence upon an increase 
in the concentration of carboxylate ion was adequately 
explained by collisional quenching.

However, many systems do not obey the Stern- 
Volmer relation. Boaz and Rollefson11 were able to 
explain deviations from the Stern-Volmer equation 
for inorganic systems by postulating either the associa
tion of quencher with chromophore or the self-associa
tion of the quenchers. If current concepts of non- 
covalent bonds are correct, there should be an associa
tion of the carboxylate ion with phenol but no self
association of carboxylate ions or phenol since, in the 
first case, both monomers are negatively charged and, 
in the second case, the concentration is very 
small. Using an argument completely analogous 
to that of Boaz and Rollefson, we can obtain a modified 
Stern-Volmer relation and thus have a basis for test
ing quantitatively the aforementioned prediction.

If the chromophore and quencher do associate by the 
reaction

F +  Q ^  F • • • Q (2)

then the appropriate association constant would be

K assoc
[F • -  Q] 

[F][Q] (3)

In eq. 3, we have used concentrations to replace 
activities for the following reasons. (1) The con
centration of F is very small, of the order of 10~4 M.
(2) The concentration of Q is less than 0.4 M. If 
Q is charged, then F - • - Q will also be charged, and the 
electrostatic part of the activity coefficients will 
largely cancel. (3) The only source of nonideality is 
thus attributable to association, which we are con
sidering here explicitly.

If F and Q are associated, then the F molecules in 
the complex are always in a position to be quenched

(7 ) G . N é m e th y  and H . A . Scheraga, J . Chem . P h ys ., 3 6 ,3 3 8 2  (1962).
(8) J. H erm ans, Jr., S. J. L each , and H . A . Scheraga, J . A m . Chem. 
Soc., 8 5 , 1390 (1963).
(9) 0 .  Stern and M . V olm er, P h ysik , Z ., 20 , 183 (1919).
(10) A . W h ite , B iochem . J ., 7 1 , 217 (1 9 5 9 ); P h .D . T hesis, U n iver
s ity  o f  Sheffield, 1960.
(11) H . B o a z  and G . K . R o lle fson , J . A m . Chem. Soc., 7 2 , 3435 
(1950).
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immediately. Hence, the association constant cor
responds to the association of quencher and ground- 
state chromophore. Using eq. 3, we may express 
the fraction of chromophore that is free by

[ F ]  =  1 =

[ F ]  +  [ F  • • • Q ]  1 +  A a s s o o [ Q ]

/ probability of a 
\ chromophore being free

Experimental work was carried out to test the validity 
of eq. 8, which is based on hydrogen bond formation 
between compounds such as phenol and acetate, the 
analog of the tyrosyl-carboxyl hydrogen bond which 
may be involved in protein molecules. For comparison 
purposes, ultraviolet difference spectra measurements 
were made on the same system, in order to verify that 
the fluorescence method does indeed lead to a correct 
association constant.

In the absence of association, the intensity of fluores
cence, 7, is given by eq. 1 in the following form (in
volving only collisional quenching)

, /probability of a free \
7 = 7° V  , rni =  Foj chromophore not being | (5)

+  q IQ 1 \quenched by collision /

When both association and collision are possible, then 
the intensity of fluorescence is

j  _  j  f  probability of a .
°\chromophcre being free/

(probability of a free \ 
chromophore not being I 
quenched by collision /

(6)

which, upon substitution of the expressions in eq. 4 
and 5, gives

I  o'
1

1 +  &q [ Q ] / \ l  +  A aSs o c [ Q ]
(7)

Upon rearrangement, eq. 7 becomes

h
I

-  1

[ Q ]
:k  +  K  assoc )  +  (K K  assoc ) [ Q ] (8)

The [Q] in eq. 8 represents the concentration of free 
quencher. If [Q] »  [F], as is the case in the experi
ments to be reported here, then [Q] may be identified 
with the total concentration of quencher.

Hence, if one measures the fluorescence of a chromo
phore (e.g., phenol) as a function of the concentration 
of quencher (e.g., carboxylate ion) and plots the data 
according to eq. 8, one should obtain a straight line 
with a slope of 7qA a8BOe and an intercept of (fcq +  

assoc), thereby determining both fcq and A ,esoc. A 
plot according to eq. 8 is a more sensitive test of devi
ations from the Stern-Volmer relation than is one 
according to eq. 1. If the experiments are carried out 
at several temperatures, it is possible to evaluate the 
enthalpy of association and obtain all the thermo
dynamic parameters for the association process as 
well as the activation energy for collisional quenching.

Experimental

Material and Solutions. All materials used were 
Mallinckrodt reagent grade. Anhydrous sodium ace
tate was dried at 110° overnight in an oven before use, 
and its purity was found to be 99.6% by potentio- 
metric titration of a 0.02 M solution from pH 1.7 to 
11.0.

Stock solutions of phenol and sodium acetate were 
prepared by weighing out crystalline phenol into a 
1000-ml. volumetric flask for fluorescence measure
ments and into a 100-ml. volumetric flask for ultra
violet difference spectra measurements, and anhydrous 
sodium acetate into a 100-ml. volumetric flask, and by 
dissolving them with deionized water to volume to 
give concentrations of 8 X  10-4 M, 6.4 X  10~3 M, 
and 2.0 M, respectively.

For the fluorescence experiments the phenol con
centration was 2 X  10 ~4 M, which lies within the 
range in which there is a linear dependence of fluores
cence intensity on the concentration. The sample 
solution was prepared by pipetting 25 ml. of the 8 X 
10-4 M  phenol stock solution into a 100-ml. volumetric 
flask, adding the desired amount of quencher with a 
pipette, and bringing the solution to volume with de
ionized water. The reference solution was prepared 
similarly, but without quencher. The solutions were 
kept approximately neutral by previous adjustment 
of the pH of the stock solution of acetate to pH 7.0 
with 1 N HC1, using a Beckman pH meter, and the 
ionic strength at 0.4 M  by addition of the appropriate 
amount of sodium chloride. The prepared solutions 
were thermally equilibrated to the desired temperature 
before each run.

For ultraviolet difference spectra measurements the 
sample solution was prepared by pipetting 1 ml. of the 
6.4 X 10-3 M  phenol stock solution into a 10-ml. 
volumetric flask, adding the desired amount of sodium 
acetate solution, previously adjusted to pH 7.0 with 1 
N HC1, using a Beckman pH meter, and bringing the 
solution to volume with deionized water. In order to 
avoid discrepancies in concentration, the same pipet 
and volumetric flask were used in the preparation of 
all of the solutions.
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Fluorescence Measurements. The measurements of 
fluorescence intensity were made with an Aminco- 
Keir (Model No. 4-8201) spectrofluorimeter, having two 
grating monochromators which permitted the selection 
of excitation and emission wave lengths; spectra were 
recorded by means of an X Y  recorder (Model No. 
1011-518). Since we are interested in the relative 
fluorescence intensities from solutions of phenol and 
phenol-plus-quencher, there was no need to determine 
an absolute value of the quantum yield; hence, the 
fluorescence intensity was read frcm the transistorized 
photometer (Catalog No. Al-63165) directly in terms of 
per cent transmittance. Since the instrument is a 
single-beam one, the fluorescence intensity from the 
phenol solution was measured before and after each 
measurement on the solution containing phenol- 
plus-quencher, in order to minimize errors arising 
from possible fluctuations in the light intensity. 
The maximum excitation and emission wave lengths 
(270 and 310 m/i, respectively12) were used in all 
experiments. The cell compartment was encased in a 
copper block, through which water from a constant- 
temperature bath was circulated, to control the tem
perature within ±0.1°. Below room temperature, the 
cell compartment was flushed with nitrogen gas to 
prevent fogging of the windows.

Ultraviolet Difference Spectra Measurements. The 
measurements of difference spectra were made with a 
Cary Model 14 spectrophotometer, using an expanded 
scale. Here, too, the cell compartment was ther- 
mostated, and nitrogen gas was used for flushing at low 
temperature. Tandem cells (described by Herskovits 
and Laskowski13) were used for the measurements. 
The sample cell contained phenol, sodium acetate, and 
sodium chloride in the front compartment and water in 
the rear; the reference cell contained phenol plus 
sodium chloride in the front compartment and sodium 
acetate solution in the rear.

Results

Fluorescence Measurements. There is no shift in 
wave length of the fluorescence spectrum of phenol 
upon addition of quencher, as shown in Figure 1. 
Hence, all measurements were made at 310 mu, the 
maximum of the fluorescence curve. Positive de
viations from the Stern-Volmer equation were obtained 
when (I0/ /  — l ) / [A c - ] was plotted against [Ac- ], 
as suggested by eq. 8, where [Ac- ] is the total con
centration of acetate. An example of such a plot is 
shown in Figure 2. Since a plot according to eq. 8 
is more sensitive to deviations from the Stern-Volmer 
relation than is one according to eq. 1, this may ex
plain why White10 did not observe the association

i i______i______i_______ i______i_____ i_
280 290  300  3IO 320 330 340

Wavelength (nyt)

Figure 1. F luorescence spectra  o f  4 X  10~ 4 M  ph enol 
w ith  various concentrations o f sod iu m  aceta te :
A , 0 ; B , 0 .15 ; C , 0 .2 ; D , 0.35 M .

Figure 2. P lo t o f  fluorescence data  accord in g  to  
eq. 8. T em perature 1 0 ° ; p H  ^ 7 .0 ;  ion ic 
strength  0.4 M ;  ph en ol con centration  2 X  10 ~4 A f.

phenomenon in the phenol-carboxylate system. As 
indicated in eq. 8, the association and the quenching 
constants at a given temperature may be calculated 
from "die slope and intercept of a straight line of the 
type shown in Figure 2. Table I shows the association 
and the quenching constants obtained at various 
temperatures. In the temperature range studied, the 
plot of (1 +  log X asBOC) vs. 1/T (Figure 3) indicates 
that the enthalpy of association is —400 ±  400 cal./ 
mole, independent of temperature. This value is in 
good agreement with the value of —100 ±  100 cal./ 
mole, obtained by Kresheck in this laboratory, using a 
calorimetric method at 25°, together with the assump
tion that .fifassoc =  0.47 at this temperature. The

(12 ) T h e  w ave  length  scale of th e  instru m en t was ca librated  w ith  
these va lues given  in  L u m in escen ce  D a ta  Sheet N o . 2392-4 , A m in co  
Instrum ent C o ., In c ., 8030 G eorg ia  A v e ., S ilver Spring, M d .
(13) T , T . H ersk ov its  and  M . L askow ski, Jr., J . B io l. Chem ., 235 , P C  
56 ( I 9 6 0 ) ;  2 37 , 2481 (1962).
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value of fc, =  5.36 ±  0.21 at 25° is in good agreement 
with the value of =  6.4 ±  3% obtained by Feitel- 
son14 15 for the tyrosine-acetate system. A plot of 
log fcq vs. Í/T gives an activation energy of 2.71 ±  
0.12 kcal./mole. This value falls in the range char
acteristic of diffusion-controlled processes.16 Addi
tional evidence that the collisional quenching is a dif
fusion-controlled process is obtained from the magnitude 
of the quenching rate constant (8.5 X 108 Af-1 sec.-1) 
in the tyrosine-acetate system.14 Since the fcq values 
of the phenol-acetate and tyrosine-acetate systems 
are similar, we may take the values of fcbimoiec as 
similar, by assuming comparable values of rB, the 
mean radiative lifetime of the excited state.

T a b le  I :  T em perature D epen den ce o f the A ssociation  
an d  Q uenching C onstants from  F luorescence In ten sity

, °c. Aagaoc, U 1 £q, M-1
10 0 .5 2  ±  0 .0 2 4 .0 8  ±  0 .0 2
15 0 .5 1  ±  0 .0 5 4 .3 7  ±  0 .1 5
18 0 .4 7  ±  0 .0 0 4 .7 9  ±  0 .0 3
25 0 .4 7  ±  0 .0 3 5 .3 6  ±  0 .2 1
35 0 .4 8  ±  0 .0 4 6 .0 0  ±  0 .1 2
40 0 .4 7  ±  0 .0 3 6 .2 2  ±  0 .1 6

Ultraviolet Difference Spectra Measurements. In order 
to obtain an independent measurement of the associa
tion constants and thereby establish that the inter
pretation of the fluorescence data according to eq. 8 
is correct, ultraviolet difference spectra were used to 
study the same association. Wetlaufer16 and Las
kowski17 previously observed that the maxima in the 
absorption spectra of phenol and N-acetyltyrosine 
ethyl ester are shifted to longer wave lengths when 
sodium acetate is added. These shifts were attributed 
to phenol-carboxylate ion and tyrosine-carboxylate 
ion hydrogen bonds, respectively, from considerations 
of analogous shifts in proteins such as insulin18 and 
ribonuclease.19 Neither of these workers reported 
association constants in these particular studies; 
the impossibility of distinguishing complex formation 
from what may be a medium effect was mentioned by 
Wetlaufer. Wetlaufer, however, found A asso0 for the 
phenol-acetate system to be no greater than 0.10 
from studies on phenol solubilities upon addition of 
acetate.16

Joesten and Drago20 have used the method of dif
ference spectra to study complexes of phenol and 
various compounds in CC14; our use of the method of 
difference spectra is similar to theirs.

Figure 4 shows two examples of the difference

l / T x  I0 3

Figure 3. T em perature dependence o f log  A assoc.

F igure 4. U ltrav iolet difference spectra o f  6 .4  X  10 ~i M  
ph en ol a t p H  ~ 7 .0 ,  10°, ion ic  strength 1 M ;  a, 1 M  
sodiu m  aceta te ; b , 0.5 M  sod iu m  acetate.

spectra with peaks at 272 and 280 mja. Assuming 
that the difference spectra arise from the production of 
a complex, according to the equilibrium of eq. 2, then 
it can be shown20 that

1 1 1 1—  --------------- --------------------------19)
AD ADmax AassocADmax [Q]

where concentrations are equated to activities for 
reasons cited in connection with eq. 3 and where AD 
is the observed difference in optical density. ADmax 
is the value of AD when all the phenol is in the form of 
the complex. In the experiments reported here, 
AD/ADmax is of the order of 0.25 (at 10° in 1.0 M  
sodium acetate), [Q] is in the range of 0.4 to 1.0 M, 
and [F] is 6.4 X  10“ 4 M. Hence, [Q] > >  [F]AD/ 
ADmaxj this relation has been used in obtaining eq. 9.

A  plot of 1/AD vs. l/[A c~ ] yields a straight line, as 
in Figure 5, and the slope and intercept give both 
Aassoc and ADmax which are shown in Table II.

(14) J . F eite lson , J . P h ys . Chem ., 6 8 , 391 (1964).
(15) M . E igen  and  L . D e  M a e y e r  in “ T ech n iqu e  o f  O rgan ic C hem is
t r y ,”  V o l. V I I I ,  P art I I ,  S. L . Friess, E . S. Lew is, and  A . W eiss- 
berger, E d ., In terscien ce  Publishers, In c ., N ew  Y o r k , N . Y . ,  1963, 
p . 1033.

(16) D . B . W etlau fer, Com pt. rend. trav. lab. Carlsberg, 3 0 , 135 
(1956).

(17) M . L askow ski, Jr., A bstra cts , 131st N a tion a l M eetin g  o f  th e  
A m erican  C h em ica l S ociety , M ia m i, F la ., A p ril 1957, p . 47C .
(18) M . L askow ski, Jr., J. M . W id om , M . L . M c F a d d e n , and  H . A . 
Scheraga, B iockim . B iop h ys. A cta , 19, 581 (1956 ).
(19) H . A . Scheraga, ibid., 23, 196 (1 95 7 ).

(20) M . D . Joesten  and R . S. D ra g o , J . A m . Chem . Soc., 84 , 2037, 
2696, 3817 (1962).
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Figure 5. P lo t  o f  1 /A D  vs. l / [ A c _ ], accord ing  
to  eq. 9, a t 10°, p H  ~ 7 .0 ,  ion ic  strength  
1.0 M , ph enol con centration  6.4 X  I0~ i M .

T a b le  II  : T em perature D epen den ce o f  the A ssociation  
C onstants from  U ltrav iolet D ifference Spectra“

, °C. HasBoc, M 1

10 0 .3 6  ±  0 .1 2 0 .1 0  ±  0 .0 3
18 0 .3 2  ±  0 .1 0 0 .1 0  ±  0 .0 3
25 0 .3 5  ±  0 .1 1 0 .1 0  ±  0 .0 3
35 0 .3 2  ±  0 .1 8 0 .1 0  ±  0 .0 5

“ I t  is possible to  im p rove  th e precision  in  the values o f  K atsoo 
and Aflmai. H ow ever, th e precision  obta in ed  here is good  
enough  to  dem onstrate th a t the sam e values o f  2raMOO are o b 
tained b y  b o th  the absorption  and fluorescence techniques.

Discussion
We have shown that it is possible to measure associ

ation constants for weakly associating systems with 
some degree of precision using "die technique of con
centration quenching of fluorescence. The numerical 
values of A aasoo thus obtained are in fair agreement with 
those obtained from ultraviolet difference spectra. 
It should be noted that the data from fluorescence 
are more precise and the experiments employ lower 
concentrations (e.g., a maximum of 0.4 M  Ac-  as 
compared with the 1 M  A c-  for ultraviolet difference 
spectra). The results for the phenol-acetate system 
may be summarized as follows in the temperature 
range of 0 to 40° (see Table I)

A a8Boo ~  0.5 ±  10% M~l 

Affine,, ~  —400 ±  400 cal./mole

Since the association of two small molecules in 
aqueous solution would be expected to involve a large 
loss of translational entropy, without much of an 
accompanying decrease in enthalpy upon formation 
of the hydrogen bond, we would expect A asaoo to be 
much less than 0.5. In order to account for the large 
experimental value of A ass0C) we must postulate the

existence of a large negative contribution to the free 
energy of association. If the corresponding groups 
(i.e., tyrosine, instead of phenol, and glutamic acid, 
instead of acetate) were attached to a macromolecule, 
then there would be no loss of translational entropy 
upon association; there would be some loss of entropy 
of internal rotation of the associating groups in the 
macromolecule, but this entropy loss would probably 
be smaller than that arising when independent par
ticles associate. Hence, the postulated negative con
tribution to the free energy of association (to give as 
large a value as 0.5 to A assoo) would make the tyrosyl- 
glutamate interaction a strong one in proteins.

Since Affassoc is very small ( —400 cal./mole) and 
since it is reasonable to expect a contribution of ap
proximately —1000 cal./mole from the hydrogen bond, 
there is most probably a partially compensating 
positive enthalpy contribution from some other process. 
To offset the loss of translational entropy there must 
be a corresponding entropy gain from this other 
process. These two conditions, a gain in enthalpy 
and in entropy, are characteristic of the formation of 
hydrophobic bonds. We thus suggest that, in addition 
to the formation of the intermolecular hydrogen bond, 
a hydrophobic bond is formed between the methyl 
group of the acetate and the benzene ring of the phenol. 
Courtauld’s space-filling molecular models indicate 
that this is possible. When the thermodynamics of 
association are known for the system phenol-formate, 
then the contribution of the hydrogen bond may be 
subtracted from the values for acetate and higher 
homologs to ascertain the contribution of hydrophobic 
bonds to the thermodynamics of such associations. 
Such experiments are now in progress; when they are 
completed, a more detailed discussion of these results 
will be possible. Experiments on the association of 
neutral carboxylic acids and amides (both of which we 
find do quench phenol fluorescence) are also possible. 
In these cases, one must consider the association of 
quencher with quencher as well as quencher with 
fluorescer.

Application of These Concepts to Polyamino Acids
We have shown that eq. 8 gives a possible interpre

tation of the fluorescence of the system phenol- 
acetate. It is of interest that this relation also can 
linearize the data on the fluorescence of a copolymer of 
glutamic acid (analog of carboxylate) and tyrosine 
(analog of phenol). Specifically, Fasman, et aL21-22

(21) G . D . F asm an, K . N orlan d , and  A . Peace, B iopolym ers. S ym p., 1, 
325 (1964).
(22) A . Peace, G . B oden h eim er, K , N orla n d , and  G . D . F asm an, 
J . A m . Chem. Soc., 8 6 , 5669 (1964).
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(where references to earlier work can be found), have 
recently published data on the fluorescence as a func
tion of per cent ionization for the copolymer l -G 1 u : 
L-Tyr (95:5), obtaining a sigmoidal curve. If we 
assume that the “ concentration”  of quenchers in the 
copolymer is proportional to the per cent ionization

[Q] =  a[%  ionization] (10)

then eq. 8 becomes

[% ionization]
ot(kq +  irasSoo) +  a 2(k qK ^ BOC) [% ionization] (11)

Figure 6 (curve A) is a plot of the data of Fasman, 
et al., according to eq. 11. Fasman, et al., have argued 
that their data do not imply any tyrosine-carboxylate 
association since “ then the quenching of fluorescence 
should fall off sharply at the beginning (during the 
first 20% ionization), especially in the dl- l polymer 
where the tyrosines are easily accessible to carboxylate 
ions, however it does not.”  If there were no associa
tion, curve B (i.e., A assoo =  0) would result. In fact, 
just the opposite difficulty ensues; i.e., the intensity of 
fluorescence falls off too rapidly with per cent ionization 
and, as a result, K &ssot, of eq. 11 can be shown to be im
aginary, independent of a. It should not be expected 
that tyrosine-carboxylate interactions would be very 
probable in the random coil form.23 However, this 
does not argue that the same interactions are unlikely 
in a globular protein.

Since an equation of the form of eq. 11 can linearize 
the sigmoidal curve found by Fasman, et al., it is of 
interest to see how this equation could arise without 
involving association. We assume that ionized car
boxyl groups are present only in the random-coil 
form, or rather that ionization forces those portions of 
the molecule (in which the ionized carboxyl groups are 
situated) to be in a random coil form. At low pH 
(i.e., low degrees of ionization) these random-coil 
portions will be small, and few in number, but will 
increase as the pH increases. Thus, the accessibility 
of carboxyl groups to tyrosyl groups will increase as 
the pH increases, owing to the increased flexibility of 
the chain; in other words, each carboxylate ion group 
becomes a better quencher as the pH increases. This 
effect would be manifested by an increase in the quench
ing constant with pH. Assuming that this increase 
in fcq is linear in [% ionization], we may write

kq =  &q(0) +  /3[% ionization] (12)

Figure 6. R e -p lo t  o f data  o f  Fasm an, et al.,21 accord in g  to  
eq. 11. C u rve A :  experim ental da ta ; cu rve B :  exp ected  
behavior if o n ly  collisional quench ing is operative, 
i.e., if n o  ty rosin e-g lu tam ate  h ydrogen  b on d s  form .

0, and d is a constant equal to

0 =
___ àkq
à[%  ionization] (13)

Thus, eq. 1 becomes

[% ionization]
=  a fc q (0 )  +  ct/3[% ionization] (14)

which has the same form as eq. 11 and fits the data 
equally well, with a slope a/3 and an intercept akq (0). 
Although none of the parameters can be evaluated, 
for the slope and intercept offer only two equations 
with three unknowns, this mechanism of increased 
flexibility provides a quantitative explanation of the 
data of Fasman, et al., on the l copolymer. One dif
ficulty with this interpretation is that the dl copolymer, 
which is a random coil even at low pH, should have a 
quenching constant at zero concentration of quencher 
(zero per cent ionization) very much larger than that 
of the l copolymer. However, Fasman, et al., report, 
but do not show, that the dependence of fluorescence 
on pH in both systems is nearly identical.

One further note is that Fasman, et al., attribute the 
higher intensity found in the l (helical) over the dl 
(random-coil) copolymer to be due to environmental 
effects of being in a helix; since carboxylic acids (un
charged) also quench phenol fluorescence, the above- 
mentioned collisional interaction in the dl random coil 
is a “ first-order-effect” explanation of the lower 
fluorescence in that system.

where k q ( 0 )  is the value of /cq when [% ionization] — (23) D . C. P ola n d  and  H . A . Scheraga, B iopolym ers, 3 , 283 (1965).
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Thermal Depolymerization of Polymethyl Methacrylate and 

Poly-a-methylstyrene in Solution in Various Solvents12

by S. Bywater and P. E. Black

D iv ision  o f  A p p lied  Chem istry, N ational R esearch Council, Ottawa, Canada  (Received F ebruary 26, 1966)

The thermal depolymerization of polymethyl methacrylate and poly-a-methylstyrene was 
investigated previously with diphenyl ether as solvent. Further experiments have now been 
carried out using 1,2,4-trichlorobenzene and a-methylnaphthalene. The experiments with 
polymethyl methacrylate show that the mechanism suggested earlier, which involves 
initiation at the chain ends, depropagation, and chain breaking by solvent transfer, holds 
for all the solvents studied. Chain transfer becomes increasingly effective in the series 
trichlorobenzene <  diphenyl ether <  a-methylnaphthalene. The rate of chain initiation 
is almost the same in all solvents. With poly-a-methylstyrene, the rate of depolymeriza
tion increases linearly with sample molecular weight for molecular weights below 300,000. 
Above this, the rate is lower than expected, which indicates that some chain termination 
occurs at higher molecular weights. The experiments suggest that polymer molecules 
once initiated degrade completely if their molecular weight is not too high. 
Any variation in rate with solvent should thus be due to variations in ki. In diphenyl 
ether, decalin, and a-methylnaphthalene, the rates are closely similar and are consistent 
with almost identical chain initiation rates.

Introduction
Thermal depolymerization studies on polymers are 

usually carried out on bulk samples, a procedure which, 
from the kinetic point of view, has several disad
vantages. Unless very thin films o: polymer are used, 
the evolution of volatiles may be diffusion-controlled. 
For this reason, rather large area samples are required 
in good thermal contact with a metal base of high 
heat capacity. In most cases an appreciable time is 
required to reach the operating temperature, under 
these conditions, and depolymerization has proceeded 
to an appreciable extent in many cases before the rate 
can be measured. If the reaction is carried out in 
solution in a high-boiling solvent, these difficulties 
do not arise. The sample can be small and can be 
enclosed in a small glass bulb of low heat capacity, 
so that the sample temperature attains that of the 
thermostat bath quite rapidly. Initial rates can be 
measured, therefore, and in addition the rates can be 
measured as a function of polymer concentration, 
which is a valuable diagnostic tool in mechanism studies. 
The choice of a polymer which degrades essentially to

monomer alone enables a sensitive gas chromatographic 
method of analysis to be used in the determination of 
extent of reaction. Polymer concentrations about 
Vioo of the bulk concentration can be used and together 
with low rates which are measurable, this ensures that 
a low polymer radical concentration is formed in the 
systems and radical recombination reactions become 
less important. The kinetic chain length is, in general, 
increased.3 We have previously studied the depolym- 
erizaticn mechanism of polymethyl methacrylate in 
diphenyl ether solution4 and that of poly-a-methyl
styrene in decalin and diphenyl ether.6 This work has 
now been extended to include the solvents a-methyl
naphthalene and 1,2,4-trichlorobenzene to assess the 
generality of the mechanism suggested.

(1) Issued  as N .R .C . N o . 8621.
(2) P resented  at th e  S ym p osiu m  on  M ech an ism s o f  P o lym er D eg 
rad ation , D iv is ion  o f  P o lym er C h em istry , 148th N a tion a l M eetin g  
o f  th e  A m erican  C hem ical S ociety , C h ica go , 111., S ept. 1964.
(3) J. M . G . C ow ie  and S. B yw a ter , J. P olym er S ci., 54, 221 (1961).
(4) D . H . G ran t and S. B yw a ter , Trans. F araday Soc., 59 , 2105 
(1963).
(5) D . H . G ran t, E . V an ce, and  S. B yw a ter , ibid., 56 , 1697 (1960 ).
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Experimental
The experimental procedures used were essentially 

as described in earlier references.4’5 One-per cent 
(w./v.) solutions of the polymer in the appropriate 
solvent were used throughout, enclosed in glass bulbs 
of small volume. All experiments were carried out at 
236.5°. The depolymerization was followed by gas 
chromatographic estimation of the monomer con
centration in solution. The samples used were the 
same as in the previous investigations.4-5 The poly
methyl methacrylates were whole polymers produced 
by A.I.B.N. initiation to low conversions at 50°. 
The poly-a-methylstyrenes were samples of narrow 
molecular weight distribution prepared by anionic 
initiation.

Results
(1) Polymethyl Methacrylate. Figure 1 illustrates 

typical conversion-time curves for one of the polymer 
samples (no. 3, Mv =  320,000). Both initial rates 
and ultimate conversions increase in the series a- 
methylnaphthalene, diphenyl ether, and trichloro
benzene. This suggests that the effect of changing 
solvent is to change the kinetic chain length of the 
depolymerization process.

With trichlorobenzene solutions, with all samples, 
a very rapid generation of monomer (or some substance 
of the same retention time) occurred equivalent to 5.2 
± 0 . 1 %  conversion. The polymer molecular weight as 
measured viscometrically was unchanged during this 
short time interval. Attempts at further purification 
of the solvent by methods other than the fractionation 
in a 100-plate column, normally used, failed to eliminate 
this step. It has been assumed that this process or its 
products does not influence the normal (and much 
slower) depolymerization process and so 5.2% has 
been subtracted from the conversions in this solvent.

It is generally agreed that at the temperature used, 
depolymerization is initiated at chain ends containing 
double bonds, produced by disproportionation termi
nation in the formation of the polymer samples.6 
The results obtained previously in diphenyl ether 
were explained by a mechanism which involves end 
initiation, depropagation (reverse polymerization) with 
a chain-breaking step consisting of transfer to solvent. 
It was necessary to assume that macroradicals did not 
undergo mutual termination either between themselves 
or with the smaller radicals present in the system.

Such a scheme leads to the following expression for 
the rate of monomer evolution4

d [M ]/d  t =  f k , K  [P ]/(Ap +  N n k t I  [S ]) (1)

where the rate constants have their conventional

Figure 1. C on version -tim e curves fo r  p o ly m eth y l 
m ethacrylate n o. 3 in : X ,  a -m ethylnaphthalene; 
O, d iphenyl eth er; + ,  trichlorobenzene.

significance; [P] is the base molar polymer concentra
tion and [S] that of the solvent; /  is the fraction of 
polymer molecules having thermally labile end groups. 
Integration of (1) yields

In (1 -  C/(L) =  - h t  (2a)

CL = /o /(l +  0 n )  (2b)
where / 0 is the original fraction of polymer containing 
reactive end groups and is therefore a measure of the 
importance of disproportionation under the condi
tions that the polymers are prepared. CL is the 
final conversion attained, Nn is the number average 
degree of polymerization, and ¡3 =  fttr[S]/fcp. Rela
tionships (1) and (2) can be derived easily by use of the 
methods suggested by Gordon7 which depend on the 
assumption that dNn/dt = 0. This will be true in an 
end-initiated depolymerization if the molecular weight 
distribution is of the exponential type.7 The results 
can be confirmed more elaborately for the particular 
mechanism suggested in this paper by summing the 
steady-state concentrations of each radical species 
(see Appendix).

The data in Figure 1 and those obtained with the 
other polymers conform to eq. 2a and show that /c, 
(diphenyl ether) =  0.90 hr.-1, ki (a-methylnaphtha- 
lene) =  1.01 hr.-1, and ki (trichlorobenzene) =  0.91 
hr.-1. Figure 2 shows that the data for all solvents 
conform to eq. 1 and from the slopes, the chain transfer

(6) N . G rassie, “ C h em istry  o f  H igh  P o ly m e r  D eg ra d a tion  P ro c 
esses,”  B u tterw orth  and  C o ., L td ., L o n d o n , 1956.
(7) M . G ord on , Trans. F araday S oc., 5 3 , 1662 (1957 ).
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Figure 2. R ecip roca l in itial rate o f  depolym erization  o f 
po ly m eth y l m ethacrylate (m oles 1.-1  h r .-1 ) as a fu n ction  of 
po lym er chain length. Sym bols are as in  F igure 1.

coefficient (/3) is 4.3 X  10“ 4 for a-methylnaphthalene 
and 0.64 X 10-4 for trichlorobenzene compared with
2.0 X 10-4 previously obtained with diphenyl ether. 
These values are uncorrected for the difference be
tween Nn and Nv and should be multiplied by 2.08 as 
indicated previously.4 Knowing ¡3 and C„, it is pos
sible to find /o for each sample in each solvent. All of 
the data are consistent with a value 0.42 ±  0.02. 
The present experiments confirm the mechanism sug
gested for /o is a constant dependent only on sample 
preparation. The fc; values obtained would be ex
pected to be closely similar in magnitude in different 
solvents of the same general type and also confirm the 
mechanism suggested. The differences in depolymeri
zation rate in different solvents are only dependent on 
varying chain-transfer coefficients.

(2) Poly-a-methylstyrene. Unlike polymethyl meth
acrylate in this temperature range, poly-a-methyl
styrene degradation is initiated by random breaking 
of bonds in the polymer chain.68 The previous ex
periments in diphenyl ether and decalin solution6 
showed that the rate of depolymerization was linearly 
dependent on the polymer chain length as expected for 
a randomly initiated depolymerization of very long 
kinetic chain length. Under these conditions the rate 
of monomer formation is given by

d [M ]/d i =  2 k iN [P ]  (3)

The equivalence of rates in decalin and diphenyl ether

Figure 3. V ariation  o f  the in itial rate o f 
depolym erization  o f  p o ly -a -m eth y lstyren e  w ith  sam ple 
m olecular w eight. Sym bols are as in  F igure 1.

suggested that was identical in the two solvents and 
chain transfer to solvent was not important. The 
experiments in diphenyl ether have been repeated 
and extended to a-methylnaphthalene and trichloro
benzene as solvents (Figure 3). It will be seen that 
the rate increases linearly with polymer molecular 
weight up to a molecular weight of about 300,000. 
Above this point the rate is lower than expected from 
the linear relationship. This also occurs for diphenyl 
ether; the small deviation from linearity was masked 
by experimental scatter in the work reported earlier. 
Some chain termination does occur, therefore, with the 
higher molecular weight samples. This explains the 
small drop in average molecular weight observed pre
viously with the sample of highest molecular weight.6 
For samples of molecular weight below about 300,000, 
chain transfer or termination is negligible and eq. 3 
holds. The fc, values derived from the data are 0.19 X 
10~4 hr.-1 in a-methylnaphthalene, 0.24 X 10-4 
hr.-1 in diphenyl ether, and 0.66 X 10-4 hr.-1 in tri
chlorobenzene. In decalin, hi is almost equal to that in 
diphenyl ether.6 The variation in between different 
solvents is small; only in trichlorobenzene is the 
initiation rate moderately higher. This difference is, 
however, within the limits observed for unimclecular 
decompositions in a series of solvents and it would be 
premature to conclude that there is directly or in
directly induced initiation in trichlorobenzene.

It is tempting to assume that the chain breaking 
process in the depolymerization of poly-a-methyl- 8

( 8 )  D .  W .  B r o w n  a n d  L .  A .  W a l l ,  / .  P h y s . C h en .,  6 2 ,  8 4 8  ( 1 9 5 8 ) .
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styrene is again chain transfer to solvent. The initial 
rate of depolymerization for a randomly initiated re
action can be derived in the same manner as for the 
end-initiated case and is

1 _  0 2 
R 0 a aNn

(4)
where a =  4fci[P], Unfortunately, the expression is 
only rigorously exact for a polymer having an exponen
tial distribution of molecular weights, whereas the 
polymers used were almost monodisperse, and for the 
case where dN /dt =  0. Neither assumption is true 
in the present case. However, a monodisperse distri
bution will probably not cause a large error and it is 
known that d l?/d i is small if we confine ourselves to 
low conversions, even for the sample of highest molecu
lar weight used and will be smaller for the other samples. 
Plots of eq. 4 do indeed give reasonable straight lines, 
as shown in Figure 4, which suggests that the approxi
mations have not invalidated the treatment and that 
the assumption is reasonable. The intercepts are too 
small for accurate measurement but suggest transfer 
coefficients in the 10-4 to 10_B range which is again 
reasonable.

Appendix
For the mechanism considered above, the stationary- 

state principle gives

m  s _  fci r ( p y i )  , ( p y 2) i
l *PL(i + 0) a +/?)2" 'J (i)

where the asterisk denotes only active polymer (i.e., 
that produced in disproportionation termination in the 
polymer preparation). Now (P*n) =  (P*n)o exp- 
(—/cii) for any value of n. Therefore

(Ri) =
fci (P*n+1.)o

.(1 +  0)
+ (p  y 2)o

a  +  p y
exp(—h \t) (II)

The molecular weight distribution of the polymer will 
be of the form

(P*n)o =  (1 -  a )an~ 1 2(P*n)o (HI)

Figure 4. R ecip roca l in itial rate o f  d ep olym ep za tion  o f 
p o ly -a -m eth y lstyren e  as a fu n ction  o f  reciprocal 
degree o f  polym erization . Sym bols are as in F igure 1.

where a  =  1 — 1 / N n. Therefore

(Rid =  r  i / 1, s 2(P *.)0exp(—fcif)
kp (1 +  0  -  a)

k[ (1 — a)an 
k p (1 +  /8 — a)

kid2
? (Ri) A:P(1 +  P -  a)

2(P*n)

•E(P*n)

(IV)

(V)

“  N T  fp* 1
d(M )/(df) =  fcpE(Rn) =  h  (VI)

2 1 +  piVn

if N n is large. N n is the original number-average de
gree of polymerization of active chains. It is clear 
from (II) that this will not change with time. It 
can be shown from (IV) that the number-average 
degree of polymerization of the inactive polymer formed 
by transfer to solvent is identical with that of the 
active polymer.
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Lattice Energy of Some Cubic Oxides

by Rinoud Hanna

State U niversity o f  N ew  Y ork College o f  Ceram ics at A lfred  U niversity , A lfred , N ew  Y ork  
{R eceived M arch  1, 1966)

The bulk modulus of magnesium oxide was determined by a dynamic resonance method 
and equaled 23.07 X 10n dynes/cm.1 2. The bulk modulus calculated from Szigeti’s equa
tion was lower than that obtained experimentally. Compatible values of "he lattice energy 
of cubic oxides could be obtained from the bulk moduli of their polycrystalline form. 
The sum of the first and second ionization potentials of elemental magnesium was 22.21 e.v., 
and the sums of the first four ionization potentials of elemental thorium and uranium 
were 57.27 and 52.70 e.v., respectively.

According to the classical theory of ionic crystals of 
Madelung and Bom, the main interaction between the 
oppositely charged ions is the attractive (Coulomb) 
forces.1 It is assumed that the neighboring ions pene
trate to some extent into each other and the electro
static field exerted in the overlapping regions is very 
different from its value at the ionic centers. The 
repulsive forces, derived from this overlapping, balance 
the attractive forces.

Sherman2 was able to verify Born's theory by com
paring the crystal energy calculated from the Born 
equation with that obtained experimentally. The 
latter was evaluated from the electron affinity and 
thermochemical data by the use of the Bom-Haber 
cycle.

The repulsive energy depends on the relative sizes 
and valencies of the ions, and it is represented in the 
Born equation by the term Br-7* where B and n are 
constants. Several methods have been proposed to 
determine the overlap potential. The constant n 
could be calculated from the experimental values of 
the compressibility. Lennard-Jones3 assigned to each 
inert gas a value of n when the repulsive forces between 
the gas atoms are represented by the same law (br~n). 
These laws of force are also true for ions of the same 
electronic structure. Pauling4 5 used values obtained 
by rules that he derived from theoretical treatment of 
the interaction of closed-shell electronic configura
tions. Bom ’s theory was subsequently refined. For 
example, an exponential form, B'e~r/p, was introduced 
instead of the inverse power form of the overlap energy;

also, the dipole-dipole and the quadropole-dipole in
teractions were included.1

During the infrared polarization, the interaction of 
the atomic and electronic displacements is separated 
into short-range and long-range effects.6 The former 
should vanish in an ideal heteropolar crystal with 
cubic lattice, but experimental data indicate their 
presence, even in alkali halides, where they act mainly 
in the overlap regions. Szigeti calculated the inter
action of the electronic distortions with the repulsive 
forces. A  quantitative relation between the absorp
tion frequency and the compressibility of ionic crystals 
was deduced since both are determined to a large degree 
by these repulsive forces.

In the present work, the overlap potential in the MgO 
lattice was determined from the bulk modulus which is 
the ratio of the pressure applied to a body to the frac
tional decrease in its volume. The bulk modulus 
was calculated from the elastic moduli of polycrystal
line MgO obtained from resonance frequency measure
ments.

(1 ) M . B o m  and J. E . M a y e r , Z . P h y s ik , 7 5 , 1 (1932) ; M . B o m  and 
K . H u a n g , “ D y n a m ica l T h e o r y  o f  C rysta l L a tt ice s ,”  O x ford  U n iver
s ity  Press, L o n d o n , 1956, C h ap ter I.
(2 ) J. Sherm an, Chem . R ev., 11, 93 (1932 ).
(3 ) J. E . L enn ard -Jon es, P roc . R o y . Soc. (L o n d o n ), À 10 9 , 584 (1925) ; 
J . E . L enn ard -Jon es and  B . M . D en t, ib id ., A 112, 230 (1 92 6 ).
(4 ) L . P au ling , ib id ., A 11 4 , 181 (1 9 2 7 ); J . A m . Chem . S oc., 4 9 , 
765  (1927 ).
(5 ) B . S zigeti, T rans. F araday Soc., 4 5 , 155 (1 9 4 9 ); P ro c . R oy .
S oc. (L o n d o n ), A 204 , 51 (1950 ).
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Experimental

Polycrystalline magnesium oxide was prepared by 
hot compaction. Two rectangular-shaped bars were 
used to determine the elastic moduli. The density of 
the bars was determined from their volume, which was 
measured by means of a mercury volumeter, and their 
weight. A Forster-type apparatus6 was used to ob
tain the flexural (flatwise) and the torsional resonance 
frequencies of the two bars.

Results

The mean value of the determined density of the 
polycrystalline MgO was 3.586 g./cm .3 with ±0 .5%  
experimental error. The theoretical density7 of MgO' 
(calculated from the atomic weights and the X-ray 
determination of the lattice constant of the crystal) 
is 3.581 g./cm .3.

From the flexural and torsional resonance frequencies, 
the average values of Young’s modulus, E, and the 
shear modulus, G, were calculated to be 30.25 X 10u 
and 11.8 X 1011 dynes/cm.2, respectively. The bulk 
modulus, K, was determined from the known equation

K  =  E/3(3 -  E/G)

and equaled 23.07 X 10u dynes/cm.2. Although this 
value is greater than that previously reported,8 yet its 
reciprocal (0.43 X  10-12 cm.2/dyne) is higher than the 
compressibility value (0.25 X 10-12 cm.2/dyne) cal
culated by Lennard-Jones and Taylor.9

The relation between the compressibility and the 
exponent n in the repulsive term of Bom ’s equation is 
given by

9 ar*K
H ~  +  zh+e-Mr

where a is a constant characteristic of the type of 
lattice, r is the interionic distance, K  is the bulk 
modulus, Mt is the Madelung constant, and e is elec
tronic charge; z2 is introduced to permit the applica
tion of the equation to crystals containing multivalent 
ions (z =  2 for M g2- 0 2"  and Th4+022-).

The interionic distance of magnesium oxide is 2.105
A. and by using the experimental value of K  above, 
n equals 6.06, which is lower than the value 7 for Mg- 
O.10 The lattice energy per mole (including the Cou
lomb and repulsive interactions) is 3.85 X  1013 ergs/ 
cm. or 919.5 kcal. (Table I). Sherman2 obtained, 
from thermochemical equations, a value of 940.1 
kcal./mole for the lattice energy of MgO.

In calculating the lattice energy we have neglected 
the van der Waais attractive forces as well as the 
dipole quadrupole interaction. This does not affect

Table I: C alcu lated  D a ta  o f P o ly  crystalline 
C u bic  Oxides

Crys K, Inter Lattice Overlap Ioniza
tal 1011 ionic energy, potential, tion

struc dynes/ dis kcal./ kcal./ potential,
ture cm.2 tance, Â. n mole mole e,v.

M g O N aC l 2 3 .0 7 2 .1 0 5 6 .0 6 9 1 9 .5 1 8 1 .7 22.21
T h 0 2 C aF 2 2 1 .4 3 2 .4 2 5 5 .4 2 2246 508 5 7 .2 7

1 9 .3 0 “ 2 .4 2 5 4 .9 8 2203 553 5 5 .4 2
U 0 2 C aF 2 1 7 .1 0 2 .3 6 6 4.20 2152 673 5 2 .7 0

“ C alcu lated from  elastic m oduli o f  single crysta l T h 0 2.

the result appreciably since the changes in the at
tractive potential are compensated by changes in the 
overlap potential.

Discussion

Fairly accurate values of the crystal energy could 
be obtained from the Bom equation in its simplified 
form provided, of course, that the values of interionic 
distance and compressibility are accurate. Since the 
bulk modulus obtained above gave compatible results, 
it is possible to conclude that the elastic moduli of 
polycrystafline form could be used to determine the 
overlap potential and hence the lattice energy could 
be calculated. This is especially useful if the com
pound is unobtainable in the single crystal form.

Szigeti6 constructed a model which takes into account 
the interaction of the electronic distortions with the re
pulsive forces. This model allows deviations from 
spherical charge distribution but it leads to the Cauchy 
relation and also to the relation between the compres
sibility and the resonance optical frequency. His equa
tion is

where u is the volume occupied by an ion pair and 
m is the reduced mass defined as 1/m =  l /m (oat;cn) +  
lAu(anion). For MgO, e„ =  high-frequency dielectric 
constant =  2.95; «0 =  low-frequency dielectric con

(6 ) J. B . W a ch tm a n , Jr., and  W . E . T a S t , Rev. S ci. In slr ., 2 9 , 517 
(1958 ).

(7 ) H . E . Sw anson  and  E . T a tg e , N a tion a l B u reau  o f  S tandards 
C ircu lar 539, U . S . G ov ern m en t P rin tin g  O ffice, W ash in gton , D . C ., 
1953, p . 1.

(8) H . S cheetz, Q u arterly  P rogress R e p o r t , P I -1 2 7 3 -M -1 1 , C orn ell 
A eron a u tica l L a b o ra to ry , N o v . 1961.

(9) J . E . L en n ard -Jon es and  P . A . T a y lo r , P ro c . R o y . S oc. (L o n d o n ), 
A 10 9 , 476 (1925 ).

(10) F . Seitz, “ T h e  M o d e rn  T h e o ry  o f  S o lid s ,”  M cG ra w -H ill B o o k
C o ., In c ., N e w  Y o r k , N . Y . ,  1940.
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stant =  9.65; and wt =  the transverse vibrational 
frequency11 =  8.075 X 1013rads/sec.

By substituting these values in the equation, the 
bulk modulus, K  (reciprocal of compressibility), is
19.2 X 1011 dynes/cm.2. The ratio between this 
calculated compressibility and the experimental one, 
obtained above, is 1.21. Szigeti found this ratio to 
be 0.47 and he attributed this to the presence of directed 
forces which result from sharing of the valency elec
trons between neighboring ions. In other words, 
although this model could represent the alkali halides 
it is not applicable to MgO since the Cauchy relation 
does not hold for the latter.

The lattice energies of thorium dioxide and uranium 
dioxide were also calculated. These oxides are cubic 
with the calcium fluorite structure, and as in the case 
of MgO, they contain four molecules per unit cell.12 
The bulk modulus13 of polycrystalline thorium di
oxide was calculated from the Young’s and shear moduli 
at the theoretical density of T h 02 and equaled 21.43 X 
10u dynes/cm.2. Recently, however, the bulk modu
lus of single crystal14 T h02 was computed from sound 
velocity determinations to be equal 19.3 X 1011 dynes/ 
cm.2. For uranium dioxide the bulk modulus of the 
polycrystalline form8 is 17.1 X  1011 dynes/cm.2. 
Table I summarizes the values of n, the crystal energy, 
and the overlap energy of the three cubic oxides.

The ionization potentials (Table I) were calculated 
from the observed lattice energies of the three oxides 
using the Born-Haber cycle. For the case of magne
sium oxide, Q (the heat of formation of MgO(c) from 
the Mg(c) and y 20 2(g)) =  144.09,16 S (the heat of 
sublimation of Mg metal) =  36.3,10 and D (the heat 
of dissociation of the oxygen molecule) =  118.4 kcal./- 
mole. The electron affinity of oxygen atom is —168 
kcal./mole, which is an average of values assumed, for 
alkaline earth oxides, by Sherman if the calculated

and experimental results of the crystal energy are to 
agree.2 For thorium and uranium dioxides, the heats 
of formation are 294.35 and 262.88 kcal./mole15 and 
the heats of sublimation of the metal are 177 and 220 
kcal./mole,10 respectively. The ionization potential 
obtained for the magnesium element is the sum of the 
first and second ionization potentials, while it is the 
sum of the first four ionization potentials for the 
thorium and uranium elements. The value 22.2 e.v. 
of the magnesium element is in good agreement with 
the sum of the first (7.65 e.v.) and the second (15.02 
e.v.) ionization potentials determined spectroscopi
cally.16

The bulk modulus could be computed from the elastic 
coefficients or moduli if compressibility measurements 
are not available. There may be several values of the 
Young’s modulus depending on its methods of determi
nation whether, for example, they are made in tension, 
compression, or flexure. Accordingly, the bulk modu
lus would have more than one value. The effect of 
such difference between the values of bulk modulus on 
the calculated constants in Table I is illustrated in 
the case of thorium dioxide. While n and the overlap 
potential changed by nearly 9%, there was only a slight 
change, approximately 2%, in the lattice energy and the 
ionization potential.

(11) R . H an n a , J . A m . Ceram . S oc., in  press.
(12) R . W . G . W y ck o ff, “ C rysta l S tructures,”  V o l. I ,  In terscienee 
P ublishers, In c ., N ew  Y o r k , N . Y . ,  1948, p . 61.
(13) S. Spinner, F . P . K n ud sen , and  L . S ton e, J . R es. N atl. B u r. Std., 
67C , 39 (1963).
(14) P . M . M a ce d o , W . C ap p s , an d  J. B . W a ch tm a n , Jr.. J . A m . 
Ceram . Soc., 4 7 , 651 (1964).
(15) “ H a n d b o o k  o i  C h em istry  and  P h y s ics ,”  43rd  E d ., C h em ica l 
R u b b e r  P ub lish in g  C o ., C leve lan d , O h io , 1 9 6 Ì-1 9 6 2 , p . 1832.
(16) L . P au ling , “ T h e  N a tu re  o f  th e  C h em ica l B o n d ,”  C ornell 
U n iversity  Press, Ith a ca , N . Y . ,  1960, p . 57.
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Heats of Mixing of Aqueous Electrolytes. I. Concentration 

Dependence of 1 -1  Electrolytes

by R. H. Wood and R. W. Smith

D epartm ent o f  Chem istry, U niversity o f  Delaw are, N ew ark, D elaw are (Received M arch  1, 1965)

The heats of mixing of a variety of aqueous alkali metal halide and nitrate solutions of the 
same ionic strength have been measured at 25° in the concentration range 0.1-0.5 m. 
The heat of mixing is very nearly a quadratic function of the mole fraction. The con
centration dependence of the heats of mixing indicates that like-charged ion pairs are impor
tant contributors to the heat of mixing and, therefore, that Br0nsted’s theory of specific 
ion interaction is not correct. The results are in good agreement with Friedman's applica
tion of Mayer’s ionic solution theory to mixed electrolytes. Both the cross-square rule 
and the division of the ions into groups which were developed by Young and co-workers 
hold nearly within experimental error at all concentrations.

Introduction
Compared to solutions of a single electrolyte, solu

tions of several electrolytes have received very little 
study. However, many systems of economic im
portance and scientific interest contain mixtures of 
electrolytes, e.g., sea water, biological fluids, and metal 
ion complexes in solution. The present series of 
papers will be concerned with the heats of interaction 
of mixed electrolyte solutions.

The measurement of the heats of mixing of electrolyte 
solutions is an excellent way to study the interactions of 
ions in aqueous solution. If the measurements are 
made at constant ionic strength, effects of the ionic 
atmosphere are canceled. If the measurements are 
made with a common ion, the effects of oppositely 
charged ion pairs cancel. Thus, the pair-wise and 
triplet interactions of like-charged ions can be con
veniently studied.

Br0nsted’s theory of “ specific ion interaction” 1 as
sumes that like-charged ions do not have specific inter
actions. The equations of Guggenheim2 and of Scat- 
chard and Prentiss3 extend Br0nsted’s theory while 
keeping the assumption that like-charged ions have no 
specific interactions. Recently, Friedman,4 using 
Mayer’s ionic solution theory, predicted that like- 
charged ions should have specific interactions and that 
these interactions should be more important than trip

let interactions for many systems. The most sensi
tive free energy measurements have not shown devia
tions from Br0nsted’s principle if triplet interactions 
are included.5 6 7 8 Since calorimetric measurements are 
capable of measuring a smaller energy of interaction in 
the 0.1 to 1.0 M  region, the present test of Br0nsted’s 
principle was undertaken.

The heats of mixing of a wide variety of 1-1 electro
lytes at 1.0 m. and 25° have been measured by Young 
and co-workers.6-8 In addition, Stern and Passchier9 
and Stem and Anderson10 have extended measurements 
to several temperatures and the concentration range 
above 0.5 m. These experiments did not extend to a 
low enough concentration to test Brpnsted’s principle

(1 ) J. N . B r0nsted , J . A m . Chem . S oc., 4 4 , 877, 938 (1922) : 4 5 , 2898 
(1923).
(2 ) E . A . G u ggenheim , P h il. Mag., 19, 588 (1935 ).
(3 ) G . S ca tch a rd  and  S. S. P rentiss, J . A m . Chem. S oc., 5 6 , 2315 , 
2320 (1934).
(4) H . L . F riedm an , J . Chem. P h y s ., 3 2 , 1134 (1960 ).
(5) G . S ca tch ard , J . A m . Chem. Soc., 8 3 , 2636 (1961 ).
(6) T. F . Y o u n g  and  M . B . Sm ith , J . P h y s . Chem ., 5 8 , 716 (1 95 4 ).
(7 ) T .  F . Y o u n g , Y .  C . W u , an d  A . A . K raw etz , D iscu ssion s F araday  
Soc., 2 4 , 27, 77, 80 (1957 ).
(8) Y .  C . W u , M . B . S m ith , and  T .  F . Y o u n g , J. P h y s . C hem ., 69, 
1868, 1873 (1965).
(9 ) J. H . Stern and  A . A . P assch ier, ib id ., 6 7 , 2420 (1963 ).
(10) J. H . S te m  and C . W . A n d erson , ib id ., 6 8 ,.2 5 28  (1964).
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of specific ion interaction. They cannot distinguish 
between the effects of like-charged pairs and the 
effects of triplets.

The present paper reports the results of a series of 
measurements of the heats of mixing of 1-1 electrolytes 
from 0.5 to 0.1 m. The results show that like-charged 
ions do have specific interactions even at low concen
trations. The evidence indicates that these interac
tions are generally larger than triplet interactions al
though smaller than oppositely charged-pair interac
tions.

Experimental
1. Analysis and Standardization. All salts used in 

this study were of analytical reagent or ACS reagent 
grade except NaBr, which was reagent grade, and LiCl, 
which was technical grade (typical analysis: 99.6% 
LiCl, 0.3% H20 ) . The salts were dissolved in deionized 
water (distilled water passed through a demineralizer 
column) to prepare 2-5 m stock solutions and stored 
in polyethylene containers.

The chloride and bromide stock solutions were 
standardized by gravimetric analysis of their silver salts. 
The potassium nitrate solution was standardized by 
precipitation as potassium tetraphenylborate as de
scribed by Reilley.11 The sodium nitrate solution was 
standardized by conversion to NaC104 with concen
trated HC104, followed by evaporation to constant 
weight at 250°, as recommended by Duval.12 Trip
licate analyses for each salt yielded a standard devia
tion from the mean of less than 0.1% for each salt.

The heat of mixing anions containing a common 
cation is small, as shown by Young, Wu, and Krawetz7; 
therefore, small anion impurities have no significant 
effect on the heat of mixing. Heats of mixing cations 
are much larger, and therefore, the amounts of Na+, 
K+, Li+, and Ca2+ impurities in each salt were deter
mined at their wave length of maximum emission 
on a Beckman DU spectrophotometer Model 2400 with 
oxygen-acetylene flame attachment by use of the 
standard addition method, correcting for background.13 
The only cation impurity present in greater than 0.1 
mole %  was the K  in NaBr (background wave lengths 
=  775 and 750 my) where it was found to be 0.64 mole 
% . The heats of mixing at 0.5 m involving NaBr 
were corrected for the presence of this impurity. The 
maximum correction was only 0.006 cal. The pH of 
the stock solutions varied from 7.80 to 5.05.

2. Calorimeter. The isothermal, differential calo
rimeter used in this study has been described pre
viously by Jongenburger14 except for a few modifica
tions. These changes15 16 included new calorimeter lids 
and support system, a new bearing system for the stir

rers, new heaters (resistance wire sealed in glass tub
ing), removal of cooling coils, and insertion of plastic 
pipes around the stirrers in the vessels. In addition, 
new plungers utilizing a rubber O-ring seal at the top 
and bottom were made for the glass pipets. In all but 
the largest heat experiments, two pipets in the same ves
sel were opened at the same time. A  correction for the 
heat of opening the pipets was necessary. The average 
heat of opening double pipets for 21 experiments was 
0.008 cal. with o-singie =  ±0.005 and o-mean =  ±0.001 
for pipets L13, H24, and R13. For L24, seven ex
periments yielded an average heat of opening of 
— 0.005 cal. with <7sillgie =  ±0.009 and <rmean =  ±0.003. 
The heats of opening were checked periodically in the 
course of this research. On the basis of the uncer
tainties in heats of opening, the pipets L24 were as
signed a weight 1/i that of the other double pipets.

The calorimeter was calibrated electrically to ±0.1% . 
In addition, the heat of neutralization of NaOH with 
HC1 at infinite dilution was found to be 13.33 kcal./- 
mole with <rSmgie =  ±0.09 kcal./mole. This agrees 
with the value of 13.34 kcal./mole obtained by Hale, 
Izatt, and Christensen.“

3. Experimental Procedure. All experiments were 
performed at constant molality and 25.03 ±  0.02°. 
The mole fraction of salt from the pipets after opening 
all four pipets in a vessel was approximately 0.11. By 
loading the vessels for subsequent runs with a portion 
of the vessel solution from the previous experiment, any 
mole fraction desired could be obtained. All experi
ments were performed in duplicate.

4. Treatment of Data. The experimental data were 
fit by the method of least squares to the equation
AHm(cal./kg. of solvent) =  X(1 -  X)P[RTh0 +

R T h d  -  2X)] (1)

where AHm is the heat of mixing in calories per kilo
gram of solvent, X  is the mole fraction of the salt of 
larger formula weight, I  is the ionic strength (Va 
XmZ2), RTho is a measure of the magnitude of the inter
action, and RThi is a measure of asymmetry. This

(11) C. N. Reilley, “Advances in Analytical Chemistry and Instru
mentation,”  Vol. I, Interscience Publishers, Inc., New York, N. Y., 
1960, p. 23.
(12) C. Duval, “ Inorganic Thermogravimetric Analysis,” 2nd and 
Revised Ed., Elsevier Publishing Co., New York, N. Y., 1963, pp. 
195, 197.
(13) “ Reagent Chemicals,” American Chemical Society Specifica
tions, 1960, Applied Publications, American Chemical Society, 
Washington, D. C., 1961.
(14) H. S. Jongenburger, Ph.D. Thesis, University of Delaware, 
1963.
(15) H. L. Anderson, Ph.D. Thesis, University of Delaware, 1965.
(16) J. D. Hale, R. M. Izatt, and J. J. Christensen, Proc. Chem. Soc., 
24D (1963).
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Table I : Heats of Mixing at 25.0° of Various Electrolytes at 1.0, 0.5, 0.2 and 0.1 m

©i-Hns ✓— ----------- m = 0 .5 ---------------. Si 11 p to m  =  0.1
R T h f RTho R T h b RTho R T h f RTho

Common anion
LiCl-NaCl 84.6° 85.6° 79 ±  58 67 ±  1516

83.6“* 86. 4d
87.1 ±  0 .8 15 2 .7  ±  1.2

LiCl-KCl — 64.2” -5 4 .1  ±  0 .9 16 - 1 .9  ±  1.3 -5 0  ±  47 -3 9  ±  816
NaCl-KCl -38 .3 " - 3 7 .0  ±  0 .5 22 -3 9  ±  516 -3 8  ±  1014

— 38 .5 d

-3 8 .1  ±  0 .2 19
-3 9 .4 *

NaBr-KBr - 3 7 . T -3 8 .7  ±  0 .5 16 -3 8  ±  38 -4 7  ±  l l 9
NaN03-K N 03 

Common cation
— 50.3° - 5 7 .8  ±  1.4« -5 6  ±  58 7 ±  7 - 5 4  ±  l l 11

NaCl-NaBr 3.2° 2 .8  ±  0 .48 - 0 .6  ±  0 .6
NaCl-NaN03 

No common ions
12.4° 16.7 ±  0 .98 20 ±  27

NaCl-KBr 4.8 ' 8 .5  ±  0 .98 19 ±  38
NaCl-KN03 316.7° 393.7 ±  l 16 18 ±  1 503 ±  616 556 ±  14°“
NaBr-KCl - 7 4 .8 ' - 8 0 .7  ±  0 .7 20 - 2  ±  1 -9 3  ±  416 -9 6  ±  197
NaN03-KCl -400 .7 ° -475  ±  220 5 ±  3 -585  ±  88 -6 9 4  ±  31/s

1 The number of experiments is given as an exponent. Both sides of the curve were investigated. The results are in calories per
kilogram of solvent per molal2 (see eq. 1). 6 A blank under R T h i  means that h i  was not significant at the 95% confidence level. 0 Data 
of Young and co-workers, ref. 6-8. d  Data of Stern and Anderson, ref. 10. * Measurements at 0.05 m  gave 617 ±  54.16 1  Measure
ments at 0.05 m  gave —888 ±  105.18

equation is due to Friedman17 and has the advantage 
that hi is purely a measure of skew since X(1 — X) is 
orthogonal to X (1 — X) (1 — 2X).

The calculations were performed by an IBM 1620II 
computer using a Fortran program.16’18 The uncer
tainty of the constants in eq. 1 was calculated at the 
95% confidence level. An F test (95% confidence 
level) was used to determine if hi was significant. 
When hi was not significant, the data were fit to eq. 1 
with hi set equal to zero.

5. Errors. All dilutions were performed by weight 
and were accurate to 0.1%. Errors due to heats of 
concentration, dilution, and neutralization upon mix
ing any two solutions were negligible in all experiments.

R e s u l t s  a n d  D i s c u s s i o n

The results of the measurements are given in Table I 
together with some results of other workers. Several 
duplicates of the measurements of Young and co
workers7’8 and of Stem and Anderson10 were made. 
The agreement, as shown in Table I, is satisfactory.

In most cases the skew (RThi) was zero within ex
perimental error (95% confidence). The values of 
RTh0 show no general trend with concentration; some 
values decrease while others increase. In the case of 
mixings with a common ion, this result is contrary to 
Brdnsted’s principle of specific ion interaction.1 Br0n- 
sted’s theory of specific ion interaction states that like-

charged ions are uniformly influenced by each other. 
This means that replacing one ion by another should 
not produce specific effects so that the heat and excess 
free energy of mixing should be zero.

Scatchard and Prentiss3’6 derived equations for 
mixed electrolytes which extend Br0nsted’s principle 
and include both oppositely charged pair and triplet 
interactions. Their equation predicts that both g0 
and h0 have the form

go =  A I +  B f h +  • • • (2)

where AGm (cal./kg.) =  X(1 — X )I2RTg0 and AGm 
is the excess free energy of mixing and the A ’s and B ’s 
are functions of the triple-ion interactions. Scatchard 
and Prentiss found that the first two terms of eq. 2 are 
enough to represent the free energies of the Li+, K+, 
Cl- , N 0 3-  reciprocal salt pair up to 1 M. The first 
two terms of this equation cannot represent the present 
data for any of the salts within two to five times the 
estimated experimental error. The errors are always 
in the direction to be expected if ho is finite at zero con
centration. As an illustration of this, Figure 1 shows 
a plot of RTho/m vs. rn/2 for two series of measure
ments. The points cannot be represented by a straight 
line as required by the first two terms of eq. 2.

(17) H. L. Friedman, J .  C h e m . P h y s . ,  32, 1351 (1960).
(18) The authors thank the computing center of the University of
Delaware for the use of its facilities.
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They can be represented by a single like-charged pair 
interaction with, in some cases, a triplet contribution. 
The only other possibility is that the interactions are 
due to triplets and quadruplets which for all of the salts 
in this study just cancel each other in such a way that 
the concentration dependence of the triplets (ho is 
approximately proportional to m) just cancels the 
concentration dependence of the quadruplets (ho is 
approximately proportional to to2) to give an inter
action (h0) which is nearly independent of concentra
tion.

Guggenheim’s equations for mixed electrolytes2 
include only oppositely charged ion pair interactions 
and have been shown to be quite accurate below 0.1 
m  i9, 2°  This theory predicts that for common ion mix
ings RTg0 is zero and thus RTho is also zero.

Friedman,4’17-19 20 21 using Mayer’s ionic cluster expansion 
method, has derived equations for the heat and excess 
free energy of mixing electrolyte solutions. The equa
tions are based on a primitive model consisting of hard 
spheres in a continuous dielectric and predict that 
RTg0, and in general RTh0, are finite for common ion 
mixtures even at infinite dilution. His equations also 
predict that like-charged pairs and Triplets are the most 
important contributors to RTg0. The present results 
represent experimental confirmation of Friedman’s 
equations. It should be noted, however, that the spe
cific effects are small at 0.1 m (less than 7 cal./mole).

This is probably why previous experiments have 
tended to verify Br0nsted’s principle.

The fact that RTho usually varies slowly with molal
ity indicates that like-charged ion pair interactions are 
usually more important than triplet interactions. 
Young, Wu, and Krawetz have shown that for many 
systems the heat of mixing is independent of the com
mon ion.7 Friedman22 has noted that this fact in
dicates that like-charged ion pairs are responsible for the 
effect.

Young, Wu, and Krawetz7 have noticed that for 
common anion mixtures the cations can be divided into 
two groups and that mixings of two ions in the same 
group give positive values for RTho and mixings of two 
ions in different groups give negative RTho values. 
Division into these same groups holds for all of the 
cations used in this investigation down to 0.1 m. Since 
RTho is usually slowly varying, the division into groups 
should be independent of concentration below 1.0 m 
for most salts.

If one considers the number of mixings it is possible 
to make with four single electrolyte solutions whose 
component ions are limited to two different cations and 
two anions, one finds there are six possible mixings as 
represented by the sides and diagonals of the square

MX -  ..NX

Krawetz23 has shown that for the set LiCl, LiBr, 
KC1, KBr, the sum of the experimental heats of mixing 
represented by the sides of the square equals the sum of 
the heats of mixing represented by the diagonals. He 
calls this empirical relationship the cross-square rule 
(S Q  = 2 X ). Bottcher24 has shown that this rule 
will hold if the heats of mixing of the cations in the 
presence of each anion singly are nearly equal and the 
heat of mixing of the cations in the presence of an equal 
molal mixture of both anions has an intermediate 
value. Wu, Smith, and Young8 have shown for several 
other sets of salts they studied at 1.0 m that the cross
square rule holds within the limits of their experimental 
uncertainty.

(19) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolyte Solutions,” 3rd Ed., Rein hold Publishing Corp., New 
York, N. Y „  1958.
(20) G. N. Lewis and M. Randall, “ Thermodynamics,” 2nd Ed., 
Revised by K. S. Pitzer and L. Brewer, McGraw-Hill Book Co., Inc., 
New York, N. Y., 1961.
(21) H. L. Friedman, “ Ionic Solution Theory,” Interscience Pub
lishers, Inc., New York, N. Y., 1962.
(22) H. L. Friedman, Discussions Faraday Soc., 24, 74 (1957).
(23) A. A. Krawetz, ibid., 24, 77 (1957).
(24) C. J. F. Bottcher, ibid., 24, 78 (1957).
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Table II : Concentration Dependence of Cross-Square Rule for the Sets NaCl, NaBr, KC1, KBr, and NaCl, NaN03, KC1, 
K N 03 at 25°

■AHm (cal./kg.) at X  =  0.5-
Salt pair mixed 1.0 m° 0.5 m 0.2 m 0.1 m

NaCl-NaBr 0.79 0.18 0.03' 0.01°
KCl-KBr 0.80 0.181 0.03' 0.01°
NaCl-KCl -9 .5 8 -2 .3 1 -0 .4 0 -0 .1 0
NaBr-KBr -9 .4 3 -2 .4 2 -0 .3 8 -0 .1 2
NaCl-KBr 1.21 0.53 0.19 0.05°
NaBr-KCl -18 .71 -5 .0 4 -0 .9 2 -0 .2 4

2D -1 7 .4 2 -4 .3 7  ±  0.06 -0 .7 2  ±  0.07 -0 .2 0  ±
2X -17 .50 -4 .5 1  ±  0.07 -0 .7 3  ±  0.04 -0 .1 9  ±

NaCl-NaNOa 3.10 1.04 0.20 0.05°
KC1-KN03 0.34 0.09° 0.02° 0.01°
NaCl-KCl -9 .5 8 -2 .3 1 -0 .3 9 -0 .0 9
NaNOs-KNOa -1 2 .5 7 -3 .6 1 -0 .5 6 -0 .1 3
NaCl-KNOa 79.2 24.61 5.03 1.39
NaNOs-KCl -100 .2 -29 .69 -5 .8 5 -1 .7 4

2D -1 8 .7 -4 .7 9  ±  0.10 -0 .7 3  ±  0.08 -0 .1 6  ±
2X -2 1 .0 -5 .0 8  ±  0.11 -0 .8 2  ±  0.10 -0 .3 5  ±

0.04
0.05

0.07
0.09

“ All results at 1.0 m from Young and co-workers.6-8 b Heat of mixing of Cl and Br in the presence of K assumed to be the same 
as in presence of Na ion as shown by Young, e t  a l . ,  at 1.0 m .  ° Result calculated from measurements at higher concentration assuming 
an m 2 concentration dependence ( h o  constant).

The present studies allow an examination of the con
centration dependence of the cross-square rule below
1.0 to. The results for the set NaCl, NaBr, KC1, KBr 
and the set NaCl, NaN03, K N 03, KC1 are given in 
Table II. The heat of mixing of NaCl with KBr at 
0.1 to and several of the small heats of mixing of anions 
in the presence of a common cation were estimated 
from data at higher concentrations. The heat of mix
ing the chloride and bromide ions was assumed to be the 
same in the presence of either sodium or potassium as 
common cation. Young, Wu, and Krawetz7 have 
shown this to be true at 1.0 to.

For both sets of data the sum of the cross mixings 
(S X ) is nearly equal to the sum of the common ion 
mixing (2 0 ) ,  so that large deviations from the cross
square rule are not present. For the NaCl, NaN03, 
KC1, K N 03 set, the sum of the common ion mixings is 
more positive than the sum of the cross mixings at every 
concentration and the difference is greater than our esti
mate of the experimental error in two cases. Because of 
this, and the fact that the measurements at 1.0 m are 
from a different laboratory,8 the difference may be real. 
It is interesting to note that this test of the cross-square 
rule is the only one which contains an ion-paired salt, 
potassium nitrate.25 26-26

Wu27 has shown how the individual heats of cross 
mixing (without a common ion) can be calculated from 
the cross-square rule and the relative apparent molal 
heat content (<j>l) of the four salts of a set. Wu’s 
equations can be arranged to give

Af7m(N X -  M Y) =  m/4[<ii(NY) +

<£l(MX) -  <£l(NX) -  0 l(MY)] +  VsSn (3)

where AHm and 2 0  are in calories per kilogram of sol
vent..

The most accurate fa  data are needed to show the ac
curacy of this method of calculating cross mixings since 
the resultant heats of mixing for many salt pairs are 
the small differences between large fa  values. The 
fa  values used are accurate to about ±  1 cal./mole at 
0.1 to and ±10  cal./mole at 1.0 to for the alkali metal 
halides, but those for the nitrates are much more un
certain.

A  comparison of the experimental heats of mixing 
for the four uncommon ion mixtures studied and the 
heats calculated from fa and common ion mixings by 
Wu’s technique are given in Table III. The fa  values 
used are listed in Table IV. Most of these values are 
from Hamed and Owen,19 but several were calculated 
by extrapolation to zero concentration of original heat of 
dilution data using a new equation28 for fa.

The agreement between experimental and calcu
lated heats of mixing for the salt pairs N aC l-K N 03 and 
NaNOs-KCl is excellent as shown in Table III. For 
the salt pairs NaBr-KCl and NaCl-KBr the agree-

(25) C. W. Davies, Trans. Faraday Soc., 23, 354 (1927).
(26) R. A. Robinson and C. W. Davies, J. Chem. Soc., 574 (1937).
(27) Y. C. Wu, Ph.D. Thesis, University of Chicago, 1957.
(28) R. H. Wood, R. W. Smith, and H. S. Jongenburger, unpub
lished results.
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Table III : Comparison of Experimental AHm and AH m  

Calculated from <j>L and Common Ion Mixings at 
Various Concentrations and 25°

AHm (exptl.), AHm (calcd.),
Salt pair m oal./kg . cal./kg.

NaBr +  KC1 1.0 -18 .71 -2 4 .7
0.5 -5 .0 8  ±  0.04 -4 .9 5
0.2 -0 .9 2  ±  0.04 -0 .0 1
0.1 -0 .2 4  ±  0.05 -0 .1 2

NaCl +  KBr 1.0 1.21 7.3
0.5 0.53 ±  0.06 0.55
0.2 0.19 ±  0.02 -0 .7 1
0.1 0.05 ±  0.02 -0 .0 8

NaCl +  KNO, 1.0 79.2 77.2
0.5 24.61 ±  0.06 26.75
0.2 5.03 ±  0.06 5.18
0.1 1.39 ±  0.04 1.44

NaNOa +  KC1 1.0 -100 .2 -9 5 .9
0.5 -2 9 .7 0  ±  0.09 -31 .55
0.2 -5 .8 5  ±  0.08 -5 .9 2
0.1 -1 .7 4  ±  0.08 -1 .6 0

° AHm at 1.0 m  due to Young, e t  a U i 3

ment is not as good, although the heats do agree within 
the estimated uncertainty except for NaCl-KBr at 
0.2 m. The agreement of the data at 0.1 m indicates 
that the extrapolations of <f>h values of all the salts in

Table IV : Relative Apparent Molal Heat Contents“ 
(cal./mole) at 25°

Salt 1.0 m 0.5 m 0.2 771 0.1 m

NaCl -2 3 58 90 86*
NaBr -3 7 41 72 73
KC1 -2 6 48 81 78
KBr -104 9 70 64
NaNOa -359s'' — 160i,c —236'' 326
KNOa — 7 0 8 b ' c —4036,c — 1436,c CO1

“ See Hamed and Owen, ref. 19. 5 Obtained by extrapolation 
of data of E. Lange and A. L. Robinson, Z .  p h y s i k .  C h e m . ,  148A, 
97 (1930). * Obtained by interpolation of data of F. R. Pratt, 
“ International Critical Tables,”  Vol. V, McGraw-Hill Book Co., 
Inc., New York, N. Y., 1929, p. 160. d  Obtained by extrapola
tion of data of E. A. Gulbransen and A. L. Robinson, J .  A m .  

C h e m .  S o c . ,  56, 2637 (1934). 'Obtained by extrapolation of 
data of E. Lange and J. Momheim, Z .  p h y s i k .  C h e m . ,  150A, 349 
(1930).

Table IV are consistent to nearly ±0 .5  cal./mole at 
0.1 m. Since very accurate heat of dilution data for 
most of these salts are not available above 0.1 m, the 
agreement of the experimental and calculated results 
are as good as could be expected.
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Hydration of Acetone in 1,2-Dichloroethane

by T. F. Lin, Sherril D . Christian, and Harold E. Affsprung

Department of Chemistry, The University of Oklahoma, Norman, Oklahoma (Received March 5, 1965)

Proton magnetic resonance, water solubility, and partition measurements support the 
hypothesis that acetone monomer and monomer monohydrate are the major solute species 
present in 1,2-dichloroethane solvent. Studies were made at formal concentrations of 
acetone less than 0.6 M a t a  variety of water activities in the temperature range 25 to 45°.

Introduction
Recently, we have reported the heteroassociation of 

water with a number of hydrogen bonding compounds, 
including carboxylic acids, amides, phenols, and amines, 
in dilute solution in organic solvents and in the vapor 
phase.1-4 In most of the systems studied, elucidation 
of the nature of the hydrates formed is complicated by 
two factors. First of all, the polar molecule being hy
drated may be capable of functioning as both a proton 
donor and a proton acceptor. Secondly, the com
pound may self-associate significantly, even in dilute 
solution; thus, it is necessary to determine accurate 
values of the self-association constants for the solute be
fore attempting to infer hydration constants from spec
tral or phase equilibrium data.

We thought it desirable to study the hydration of a 
ketone, inasmuch as the carbonyl group in ketones 
might reasonably be expected to interact with the pro
ton of the water molecule but not with the oxygen. 
Further, ketones do not appear to self-associate in dilute 
solution. We report here an investigation of the 
heteroassociation between water and acetone in dilute 
solution in 1,2-dichloroethane, using equilibration 
techniques developed in this laboratory6-6 and proton 
magnetic resonance measurements.

Experimental
Reagent grade 1,2-dichloroethane and acetone were 

fractionally distilled using a 30-plate Oldershaw col
umn. Solutions of water in 1,2-dichloroethane, re
quired for the proton magnetic resonance experiments, 
were determined with the Beckman KF-3 Aquameter. 
The Aquameter was used also in determining water in
1,2-dichloroethane solutions containing both acetone 
and water; however, to avoid end point drift in samples 
containing the ketone, it was necessary to use a modified

Karl Fischer reagent.7 Acetone concentrations in
1,2-dichloroethane solutions were determined by meas
uring the absorbance at 272 mp. with a Beckman DU 
spectrometer, using a slit width of 0.1 mm. Beer’s 
law was obeyed throughout the concentration range 0 
to 0.12 M ; the experimental absorptivity was 15.6 
(mole/1.)-1 cm.-1.

Using the equilibration method described pre
viously,6-6 the solubility of water in 1,2-dichloroethane 
was determined at water activities ranging from 0.276 to
1.00 and acetone concentrations varying from 0 to 
0.6 M. Since the activity of acetone in the system was 
relatively low, the transfer of acetone into the constant 
humidity solution (sulfuric acid) did not significantly 
change the water activity in the equilibrator.

Proton magnetic resonance data for solutions of water 
and acetone in 1,2-dichloroethane were obtained with 
the Varian A-60 n.m.r. spectrometer. The chemical 
shift of the water proton was measured relative to 
cyclohexane contained in a sealed capillary tube in
serted in the sample tube. Formal water concentra
tions varied from 0.046 to 0.143 M  and formal acetone 
concentrations ranged from 0 to 0.14 M. The water 
proton chemical shift was measured for a series of solu-

(1) S. D. Christian, H. E. Affsprung, and S. A. Taylor, J. Phys. 
Chem., 67, 187 (1963).
(2) S. D. Christian, H. E. Affsprung, and C. Ling, J. Chem. Soc., 
in press.
(3) S. D. Christian, H. E. Affsprung, and J. R. Johnson, ibid., 1 
(1965).
(4) C. Ling, Ph.D. Dissertation, University of Oklahoma, 1964; 
J. D. Worley, Ph.D. Dissertation, University of Oklahoma, 1964.
(5) S. D. Christian, H. E. Affsprung, and J. R. Johnson, J. Chem. 
Soc., 1896 (1963).
(6) S. D. Christian, H. E. Affsprung, J. R. Johnson, and J. D. Wor
ley, J. Chem. Educ., 40, 421 (1963).
(7) J. Mitchell and E. M. Smith, “Aquametry,” Interscience Pub
lishers, Inc., New York, N. Y., 1958, p. 147.
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tions of water in 1,2-dichloroethane varying in concen
tration from 0 to 0.126 M ; these data indicated that 
water partially self-associates in 1,2-dichloroethane, in 
agreement with results of a previous study performed 
in this laboratory.8

Results and Discussion
Equilibration data and n.m.r. data for solutions of 

water and acetone in 1,2-dichloroethane are presented 
in Table I and Figures 1-3. Formal concentrations of 
water and acetone are represented by fw and / a ,  re
spectively; aw is the water activity and S is the water 
proton chemical shift, relative to the cyclohexane proton 
chemical shift at a field frequency of 60 Mc./sec.

Table I : The Increase of Water Solubility in 
1,2-Dichloroethane in the Presence of Acetone at 
Various Water Activities

/ a /w Af w A JV s W /A f w A/w A / w 06“

a w  =  1-00 at 25° a w  =  0.436 at 25°
0 .0 0 0 0 .1 2 5 2 0 .0 0 0 0 0 .0 0 0 0 0 .0 0 0 0 .0 5 0 0 0 .0 0 00 0 .0 0 00
0 .0 1 5 0 .1 2 7 3 0 .0021 0 .0 0 1 2 0 .051 0 .0526 0 .0 0 2 6 0 .0 0 2 0
0 .0 3 7 0 .1281 0 .0 0 29 0 .0031 0 .1 1 5 0 .0 5 4 0 0 .0 0 40 0 .0 0 46
0 .0 7 4 0 .1 3 1 2 0 .0 0 6 0 0 .0 0 6 2 0 .1 7 5 0 .0 5 73 0 .0073 0 .0 0 6 7
0 .1 2 6 0 .1362 0 .0 1 1 0 0 .0 1 05 0 .2 7 5 0 .0 6 0 2 0 .0 1 02 0 .0 1 0 5
0 .1 3 3 0 .1 3 60 0 .0 1 08 0.0111 0 .3 5 8 0 .0 6 2 5 0 .0 1 2 5 0 .0 1 3 7
0 .1 6 5 0 .1 4 00 0 .0 1 4 8 0 .0 1 3 7 0 .382 0 .0 6 33 0 .0 1 33 0 .0 1 46
0 .1 8 2 0 .1 4 00 0 .0 1 48 0 .0151 0 .4 0 8 0 .0 6 4 8 0 .0 1 4 8 0 .0 1 5 7
0 .1 9 9 0 .1421 0 .0 1 69 0 .0 1 65
0 .2 3 6 0 .1 4 6 8 0 .0 2 16 0 .0 1 96 aw “  1.00 at 35
0 .2 6 0 0 .1 4 8 2 0 .0 2 3 0 0 .0216 0 .0 0 0 0 .1 5 7 0 0 .0 0 00 0 .0 0 0 0
0 .306 0 .1 5 22 0 .0 2 7 0 0 .0 2 5 4 0 .07S 0 .1 6 4 5 0 .0 0 7 5 0 .0 0 6 7
0 .4 0 8 0 .1601 0 .0351 0 .0 3 3 9 0 .1 4 2 0 .1 7 0 0 0 .0 1 3 0 0 .0 1 26
0 .4 1 0 0 .1 6 20 0 .0 3 6 8 0 .0 3 4 0 0 .211 0 .1 7 8 0 0 .0 2 10 0 .0 1 8 7

0 .2 8 1 0 .1 8 3 0 0 .0 2 60 0 .0 2 49
a w  =  0.890 at 25“ 0 .3 5 2 0 .1 9 1 0 0 .0 3 4 0 0 .0 3 1 2

0 .0 0 0 0 .1 1 1 5 0 .0 0 0 0 0 .0 0 0 0 0 .406 0 .1 9 55 0 .0 3 85 0 .0 3 6 2
0 .0 6 0 0 .1 1 5 0 0 .0 0 35 0 .0 0 45 0 .4 6 4 0 .1 9 80 0 .0 4 1 0 0 .0 4 11
0 .0 6 9 0 .1 1 7 0 0 .0 0 55 0 .0 0 5 2
0 .0 9 6 0 .1 2 00 0 .0 0 85 0 .0 0 72 a w  =  0.443 at 35
0 .0 9 8 0 .1 1 7 5 0 .0 0 6 0 0 .0 0 75 0 .0 0 0 0 .0 6 55 0 .0 0 0 0 0 .0 0 0 0
0 .1 7 0 0 .1 2 6 0 0 .0145 0 .0 1 28 0 .0 5 9 0 .0 6 67 0 .0 0 12 0 .0 0 2 4
0 .2 7 1 0 .1 3 2 0 0 .0 2 0 5 0 .0 2 0 4 0 .1 0 5 0 .0 6 76 0 .0021 0 .0 0 4 3
0 .2 7 6 0 .1 3 5 0 0 .0 2 3 5 0 .0 2 0 8 0 .1 6 3 0 .0 7 1 5 0 .0 0 60 0 .0 0 6 7
0 .3 8 8 0 .1 4 20 0 .0 3 05 0 .0 2 9 2 0 .2 2 6 0 .0 7 36 0 .0 0 81 0 .0 0 93
0 .3 8 8 0 .1 4 0 0 0 .0 2 85 0 .0 2 9 2 0 .2 7 2 0 .0 7 5 7 0 .0 1 0 2 0 .0 1 13

0 .3 3 7 p .0786 0 .0131 0 .0 1 39
a w  =  0.616 at 25“ 0 .3 6 6 0 .0 8 1 0 0 .0 1 55 0 .0151

0 .0 0 0 0 .0 7 22 0 .0 0 0 0 0 .0 0 00
0 .0 2 5 0 .0 7 50 0 .0 0 28 0 .0 0 1 3 aw =  0.27b at 35
0 .1 0 8 0 .0 7 80 0 .0 0 58 0 .0 0 5 8 O.OOC 0 .0 3 95 0 .0 0 00 0 .0 0 00
0.171 0 .0 8 1 0 0 .0 0 8 8 0 .0 0 92 0 .0 9 2 0 .0 4 07 0 .0 0 12 0 .0 0 2 4
0 .2 4 0 0 .0 8 49 0 .0 1 2 7 0 .0 1 2 8 0 .1 4 1 0 .0 4 26 0 .0031 0 .0 0 3 7
0 .2 9 6 0 .0872 0 .0 1 5 0 0 .0 1 5 8 0 .2 5 2 0 .0 4 6 0 0 .0 0 6 5 0 .0 0 66
0 .3 6 2 0 .0 8 94 0 .0 1 7 2 0 .0 1 93 0 .351 0 .0 4 7 8 0 .0 0 83 0 .0 0 92
0 .4 2 2 0 .0941 0 .0 2 1 9 0 .0 2 2 6 0 .4 6 8 0 .0 5 1 2 0 .0 1 1 7 0 .0 1 2 2

0 .5 2 2 0 .0 5 46 0 .0 1 51 0 .0 1 4 4
0 .6 2 6 0 .0 5 69 0 .0 1 7 4 0 .0 1 64

Both the equilibration data in Table I and the n.m.r. 
data in Figure 1 indicate that water aggregates are 
present in 1,2-dichloroethane at the higher water ac
tivities. Johnson, et al.,* have concluded that water

-13 -

-15

-23 -

— 25 ----------1----------1______ 1______ 1______ 1______ 1______ !_
0.02 0.04 0.06 0.08 0.10 0.12 0.14

A, M.

Figure 1. Chemical shift of water protons 
in 1,2-dichloroethane at 30°.

A, M.

Figure 2. Chemical shift of water protons in the system 
water-acetone-1,2-dichloroethane at 30°: A , /w = 0.058 M ;

B, U  =  0.078 M ;  C, / w =  0.100 M ;  D, f w =  0.126 M .

tends to form polymers in 1,2-dichloroethane solution. 
Their data on the solubility of water in this solvent are 
consistent with the assumption that either monomer- 
trimer or monomer-tetramer equilibrium occurs in 
solution; however, least-squares analysis of the re
sults indicates that dimers are not present in significant 
concentration. They reported a water trimerization 
constant, A 3, of 20 ±  3 l.2 mole-2 at 10° and 4.6 ±  0.3
1.* mole-2 at 25°. A value K z =  2.0 ±  0.2 l.2 mole-2 
at 35° has been calculated from the present data.

The cyclic water trimer has also been proposed by

(8) J. R. Johnson, S. D. Christian, and H. E. Affsprung, in prepara
tion.
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Figure 3. Chemical shift of water protons in the system 
watei^acetone-l,2-dichloroethane at 45°: A ,  f w  =  0.046 M ;  

B,/w = 0.084 M ;  C ,/w = 0.123 M ;  D ,/w = 0.143 M .

Holmes, Kivelson, and Drinkard9 as being one of the 
possible kinetic intermediates in proton exchange 
mechanisms in a variety of solvents. Various workers 
have proposed the existence of trimers and tetramers to 
explain n.m.r. data for dilute solutions of alcohols and 
phenols in organic solvents.10’11 

Data in Figure 1 may be shown to be consistent with 
the trimer assumption by postulating that the as
sociated species has the cyclic structure

H
/

H— O
/

H— O 'H
\  /

H__O
\

H

and that the hydrogen bonded protons have a chemical 
shift, 5;t, distinct from that of the nonbonded protons, 
50. If it is further assumed that 50 is equal to the 
chemical shift of the protons in the water monomer, the 
observed chemical shift may be expressed as

(2cw  +  3cwsN
8 = H 2f ,  / + it (1)

where cw and cws represent the concentrations of water 
monomer and trimer, respectively. Using the relation 
K 3 —  c w z / c w 3 , eq. 1 may be rewritten

2 +  6A 3cw2\  _  . , f  3A 3Cw2 V  
,2 +  3A3cw 7 ° +  \2 +  3K3cW 3 (2)

It is possible to calculate cw, corresponding to each 
value of S in Figure 1, from the known fw and the value 
of K> at 30° (3.1 l.2 mole-2, obtained by interpolation) 
by solving the cubic equation /w  =  cw +  3A3cw3. If 
the data in the figure are replotted in the form

/ 2 6A3Cw2\ /  3A3Cw2 \
\2 +  3A3cw2/  \2 +  3A3cw2/

a straight line is obtained, having the least-squares 
parameters 50 =  —16.5 ±  0.1 c.p.s. and 53 =  —98 ±  4
c.p.s. The solid curve in Figure 1, calculated using 
these parameters, agrees well with the experimental 
chemical shift values.

If it is assumed that the water trimer (W3) is the only 
self-associated species present and that the acetone 
monohydrate (AW) is the sole heteroassociated species, 
the data in Table I may be explained. The formal 
concentrations of the solutes may be written

/w  =  Cw +  3cw3 +  Caw =  Cw +  3A3cw3 +  A hCaCw 

and

/ a = Ca +  caw =  ca +  AhCaCw (3)

where ca and cw are the concentrations of monomeric 
acetone and water, respectively, and Au is the equi
librium constant for formation of AW  from the mono
mers, A and W. Equations 3 may be rearranged to 
yield

A/w =  A n  ( / a  —  A/w)cw =  A n  ( / a  —  A/w)uwCw°

or

A/w/aw =  A u(/a — A/w)cw° (4)

in which A/w represents the measured difference be
tween /w  and the value of fw  corresponding to / a =  0 
at the given water activity. In deriving eq. 4, cw has 
been replaced by awCw0, where Cw° is the concentration 
of water monomer at aw =  1. Values of cw° obtained 
from the water solubility data are 0.108 mole/1. at 
25° and 0.143 mole/1. at 35°. Data at each tempera
ture were treated by least squares in the linear form of 
eq. 4 to obtain values of A h ; no systematic variation of 
Au with aw at a given temperature was detected. 
Thus it is improbable that hydrates other than AW  are 
present in significant concentrations. The equilibrium 
constant of acetone monohydrate, A h, was calculated 
to be 0.85 ±  0.05 1. mole-1 at 25° and 0.68 ±  0.04 1. 
mole-1 at 35°. Using these values, the theoretical

(9) J. R. Holmes, D. Kivelson, and W. C. Drinkard, J. Am. Chem. 
Soc., 84, 4677 (1962).
(10) M. Saunders and J. B. Hyne, J. Chem. Phys., 29, 1319 (1958).
(11) A. D. Cohen and C. Reid, ibid., 25, 790 (1956).
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values of A/w presented in Table I were calculated by 
the equation

A/w°aIod =  A iiCw°uw/ a/  (1 +  AuCw°aw)

The experimental values, A/w, and theoretical values, 
A/w0ttlcd, agree to within the expected errors in the de
termined values of the water solubility.

In treating the n.m.r. data in Figures 2 and 3 it is 
possible to relate 5 to / a and /w  through the equations

/w(8 — 5o) — 3A(«3 — So)K 3Cw3 =

(5 )

and

fw =  cw +  3A3cw3 +  U ^ —  (6)
1 +  Anew

where Si is the chemical shift of a water proton bonded 
to the acetone carbonyl group. In deriving eq. 5 it is 
assumed that the complex AW has a single hydrogen- 
bonded proton and that the nonbonded proton has the 
same chemical shift as that of a proton in the water 
monomer (50). Values of cw may be computed numeri
cally from eq. 6, using extrapolated and interpolated 
values of An and A 3 and the measured values of / a and 
/w- With cw known, 5i may be calculated directly 
using eq. 5. However, to obtain an unbiased least- 
squares value of Si, data were plotted in the form

Y =  /w[(8 — S') +  (S' — So)] —

3Afo -  5o)A3Cw3 w . x  =  KllĈ U1 +  A ucw

in which S' represents the chemical shift a solution 
would have at a given value of fw if / a were zero. In 
other words, from the data in Figures 2 and 3, 8 — S' 
has been obtained as the difference between 8 at / a and 
at / a =  0 for each sample in a set of solutions at con
stant fw- Values of S' — So were computed from the 
known S3, A 3, A u, and fw, rather than taken as the ex
perimental difference between the initial point on each 
5 vs. / a curve and 50. In this way it was possible to 
avoid the systematic error (analogous to a base-line 
error) which would otherwise be introduced into a 
sequence of computed Y values by an error in S for the 
initial sample in the series. Extrapolated and inter
polated values of the equilibrium constants used in 
computing X  and Y were: at 30°, A 3 — 3 .11.2 mole-2, 
An =  0.76 1. mole-1 ; at 45°, A 3 = 0.9 l.2 mole-2, An 
=  0.55 1. mole-1. The results were analyzed by plot
ting Y vs. X  for all n.m.r. data obtained at 30 and 45°;

both sets of data appeared to follow the same straight 
line passing through the origin. From the slope of the 
least-squares straight line the value &i = —100 ±  7
c.p.s. was obtained. The curves in Figures 2 and 3 
have been calculated using this value of 8i and the ex
perimental values of S'. Hence all the n.m.r. data, as 
well as the water solubility data at various water ac
tivities, are adequately explained by assuming the exist
ence of a single hetero aggregate, the acetone mono
hydrate.

It should be noted that although available data do 
not make it possible to decide with certainty whether 
primarily water trimers. tetramers, or some combina
tion of polymers are present, the form assumed for the 
water aggregates does not significantly affect the de
rived value of An. The computed value of cw° changes 
by less than 3% as various combinations of species 
(e.g., monomer-trimer, monomer-tetramer, monomer- 
trimer-tetramer) are assumed in fitting water solubility 
data. Hence, in treating data by eq. 4, the same per
centage uncertainty will be introduced into the cal
culated value of An.

The reported chemical shifts of the water monomer 
proton, the bonded proton in W 3 and the bonded pro
ton in AW  are —16.5, —98, and —100 c.p.s., respec
tively. These values suggest that the hydrogen bonds 
in W 3 and AW are approximately equal in strength— 
an observation supported by the fact that the enthalpy 
of hydrogen bond formation in both of these species is 
estimated to be about — 5 kcal./mole of bonds from the 
temperature dependence of A 3 and An (over the limited 
range of temperatures for which the constants have 
been determined).

Because of the large number of unknown parameters 
involved, n.m.r. data by themselves are often of 
limited use in calculating accurate values of equilibrium 
constants for hydrogen bonding reactions occurring in 
dilute solutions. However, when it is possible to employ 
the n.m.r. method in conjunction with other physical 
techniques, the n.m.r. data may provide valuable con
firmatory evidence that the postulated equilibria and 
calculated constants are reasonable. In the presen“ 
system, a consistent explanation of all the data is pro
vided by the assumption that in dilute solutions in
1,2-dichloroethane the associated species W 3 and AW 
exist in addition to the water and acetone monomers.
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Assignment of Limiting Equivalent Conductances for Single Ions to 4 0 0 o1

by Arvin S. Quist and William L. Marshall

Reactor Chemistry Division, Oak Ridge National Laboratory, Oak Ridge, Tennessee (Received March 8, 19S5)

Limiting equivalent conductances of the hydrogen, lithium, potassium, sodium, ammonium, 
hydroxide, chloride, bisulfate, and sulfate ions in water have been calculated at 100, 200, 
and 300° at densities of 0.958, 0.865, and 0.712 g. cm.“ 3, respectively (corresponding 
to liquid-vapor equilibrium pressures of 1.01, 15.6, and 85.9 bars, respectively). The 
limiting equivalent conductances of the potassium, sodium, hydrogen, chloride, bisulfate, 
and sulfate ions are also given at 400° for a density of 0.8 g. cm.-3 (corresponding to a pres
sure of approximately 2130 bars). Equations are given that permit the extrapolation of 
these limiting ionic conductances to solution densities of 1.0 g. cm.-3 at 100, 200, 300, and 
400°.

In an evaluation of the electrical conductances of 
aqueous electrolyte solutions at high temperatures and 
pressures, the limiting equivalent conductances of single 
ions to 400° and 4000 bars were needed. Limiting ionic 
conductances have been reported to 100°,2 but we 
could not find values or estimates at higher tempera
tures.

Limiting equivalent conductances for several elec
trolytes at temperatures to 300°, reported in the litera
ture and used herein for calculating limiting ionic 
conductances, are summarized in Table I. The equiv
alent conductance of K2SO4 at 100°, 1 atm., included 
in Table I, was obtained by combining the data of 
Noyes, et al.,3 with those of Quist, et al,4 5 (extrapolated 
to values for liquid in equilibrium with vapor) and 
using the Owen method6 to evaluate this combined 
set of data. At 200°, by extrapolating the Walden 
product (Ao??o) for K2SO4 at 0.9 and 1.0 g. cm.-34 
to 0.865 g. cm.-3 (density of water at saturation vapor 
pressure at 200°), a A^IQSCh) of 890 was obtained 
(A0CK2SO4) at 200°, 0.9 g. cm.~3, in Table V of ref. 4 
should be 833 instead of 844). At higher tempera
tures, hydrolysis of the sulfate ion causes large uncer
tainties in the estimation of A0CK2SO4) by extrapolation 
of experimental equivalent conductances to zero con
centration,4 and therefore A0(K2SO4) at 300° was not 
included in Table I.

To calculate limiting ionic conductances from the 
limiting equivalent conductances of a series of elec
trolytes having one or more ions in common, it is 
necessary to know the transference numbers at in-

Table I : Limiting Equivalent Conductances to 300° 
at Saturation Vapor Pressure"
Temp.,

°C. NaCl KC1 n a NaOH LiOH NHiOH K2SO*

100 362.2 406.0 845.4 589.2 603 653 44 Ie

200 695
405*
755 1215 1005 1030 1095 890e

300 1018
763b

1065
12146
1455 1280 1383 1400

1023 ±  2d 1455 ±  5d

“ Except where noted, the values for NaCl, KOI, HC1, and 
NaOH were interpolated from the re-evaluation of the data of 
Noyes3 by J. M. Wright, W. T. Lindsay, Jr., and T. R. Druga, 
“The Behavior of Electrolytic Solutions at Elevated Tempera
tures as Derived from Conductance Measurements,” WAPD- 
TM-204, Bettis Atomic Power Laboratory, Westinghouse 
Electric Corp., Pittsburgh, Pa., June 1961. The values for 
LiOH and NH4OH were interpolated from the measurements of 
Wright, e t  a l . ,  preceding source. 6/a . J. ELis, J .  C h e m .  S o c . ,  545 
(1963). ® See text. d D. Pearson, C. S. Copeland, and S. W. 
Benson,.J". A m .  C h e m .  S o c . ,  85, 1044, 1047 (1963).

finite dilution for the ions of at least one of the elec
trolytes. Smith and Dismukes6 have measured cation

(1) Research sponsored by the U. S. Atomic Energy Commission 
under contract with the Union Carbide Corp.
(2) R. A. Robinson and R. H. Stokes,“ Electrolyte Solutions,”  2nd 
Ed., Butterworths Scientific Publications, London, 1959, p. 465.
(3) A. A. Noyes, et al., “The Electrical Conductivity of Aqueous 
Solutions,”  Publication No. 63, Carnegie Institution of Washington, 
Washington, D. C., 1907.
(4) A. S. Quist, E. U. Franck, H. R. Jolley, and W. L. Marshall, 
J. Phys. Chem., 67, 2453 (1963).
(5) B. B. Owen, J. Am. Chem. Soc., 61, 1393 (1939).
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Table II : Estimated Limiting Equivalent Conductances for Several Ions at Temperatures to 400°

H + Li + Na + K + NEL + OH- Cl- HSO.- SCM-

0°, 1 atm.“ 225 19.4 26.5 40.7 40.2 105 41.0 41
18°, 1 atm.“ 315 32.8 42.8 63.9 63.9 171 66.0 43. ö6 68.4
25°, 1 atm.“ 349.8 38.7 50.1 73.5 73.6 198.3 76.4 51.26 80.0

100°, 1 atm. 634 156 151 195 206 447 211 140 246“
200°, 0.865 g. cm.“8(15.6bars) 824 329 304 364 394 701 391 290 525
300°, 0.712 g. cm.-8 (85.9bars) 894 562 459 504 579 821 561 440 800
400°, 0.8 g. cm.-8 (2130bars) 960 . . . 430 470 . . . 510 400 770

“ See ref. 2. 6 M. Kerker, J .  A m .  C h e m .  S o c . ,  79, 3664 (1957). c  Robinson and Stokes2 report 260, which was probably based on 
Ao(K2S04) =  455.3 Since the value of 455 was obtained by a semiempirical extrapolation [A-1 v s .  (cA)"], whereas the value of 441 in 
Table I is based on using the theoretical Fuoss-Onsager equation (included in the Owen method) with the combined data of Noyes, 
e t  a l . , 3 and Quist, e t  a l . , *  the later value is considered the more reliable.

transference numbers (i) in 0.1 N KC1 and NaCl solu
tions at temperatures to 125°. They also estimate 
the transference numbers at infinite dilution at 100°. 
Earlier cation transference measurements with KCF 
and NaCl8 covered the temperature range 15-45°. 
Smith and Dismukes6 observed a linear relationship 
when log fci-/ÎNa+ (or log fci-/¿k+) was plotted against 
1 /T (°K .) from 15 to 125° for the 0.1 N solutions. 
We have assumed that this relationship is linear to 
temperatures of 400° and have obtained values of kn- 
in 0.1 N NaCl from this extrapolation. Although this 
is a long extrapolation, the change in transference 
number with temperature is small. The uncertainty 
in the extrapolation probably amounts to less than 1%. 
Transference numbers of the chloride ion at infinite 
dilution estimated from these values using the pro
cedure of Smith and Dismukes6 were 0.581,6 0.563, 
0.550, and 0.541 at 100, 200, 300, and 400°, respec
tively. NaCl was chosen for this evaluation in prefer
ence to KC1 because the estimation of the transference 
numbers at infinite dilution from those in the 0.1 N 
solution is somewhat simpler,6 and because NaCl 
shows a “ normal”  variation of transference number 
with temperature8 (cation and anion transference num
bers approach equality with increasing temperature) 
while KC1 departs from this usual behavior.6

By using these estimates of transference numbers 
and the limiting equivalent conductances in Table I, 
the limiting ionic conductances of Na+, H +, K+, 
NH4+, Li+, Cl- , and OH-  at 100, 200, and 300° 
were calculated. These values are included in Table
II.

Calculation of Xo(HS04- ) and Xo(S042-)
At temperatures of 300° and below, bisulfate ion 

partially dissociates to hydrogen and sulfate ions, and 
therefore it is difficult to obtain X0(HSO4- ) from ex
perimental measurements. However, above 300° at

solution densities of 0.8 g. cm.-3 and below, the dis
sociation constant of the bisulfate ion becomes suf
ficiently small that conductance of sulfate and hy
drogen ions can be neglected.9 Therefore, salts such 
as KH S04 or H2S04 can be considered uni-univalent 
electrolytes under these conditions.

Limiting equivalent conductances of KHS04 and 
H2S04 at temperatures to 800° and pressures to 4000 
bars are reported elsewhere.9 From the results above 
300°, Xo(HS0 4- ) was obtained indirectly at 300° 
by applying the equation

log A0 =  A — EV/RT (1)

used previously by Brummer and Hills10 to obtain Ev, 
the energy of activation at constant specific volume, 
where both A and Ev are assumed to be constants. 
At low temperatures, a linear plot of log Ao against 
1/7’ (°K.) is not observed for electrolytes in aqueous 
solution, undoubtedly due to the high degree of hydro
gen bonding in the solvent. However, as the tempera
ture increases, the structure of water is gradually 
destroyed, and at temperatures from 400 to 700° we 
have obtained straight lines for these plots. Examples 
are shown in Figure 1 where some results for KHS04 
at solution densities of 0.70 and 0.75 g. cm.-3 are plotted. 
By extrapolating these straight lines (Figure 1) down 
to 300° for solution densities of 0.7 and 0.8 g. cm.-3, 
log A0(KHSO4) at the saturation vapor pressure of H20  
(density =  0.712 g. cm.-3) was obtained by interpola-

(6) J. E. Smith, Jr., and E. B. Dismukes, J. Phys. Chem., 67, 1160 
(1963); 68 , 1603 (1964).
(7) R. W. Allgood, D. J. LeRoy, and A. R. Gordon, J. Chem. Phys., 
8,418 (1940).
(8) R. W. Allgood and A. R. Gordon, i b i d . ,  10, 124 (1942).
(9) A. S. Quist and W. L. Marshall, J. Phys. Chem., 69, 2726, 3165 
(1965).
(10) S. B. Brummer and G. J. Hills, Trans. Faraday Soc., 57, 1817, 
1823 (1961).
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Figure 1. Log Ao(KHS04) as a function of 1 / T  

at densities of 0.70 and 0.75 g. cm. ~3.

tion, giving 944 (at 300°) for Ao(KHS04). The same 
method was used for obtaining Ao(H2S04) at 300°, 
but by extrapolating only A0 values at 400 and 500°. 
Above 500°, determined A0(H2SO4) values were con
sidered to be unreliable because of the extensive associa
tion of H+ and HS04-  ions. The extrapolation pro
cedure gave a value for A0(HHSO4) of 1335 at 300°, 
0.712 g. c m .'3. The calculated X0(HSO4~) values at 
this temperature and density were 440 from both the 
KHS04 and H2S04 data. This exact agreement was 
unexpected, in view of the uncertainties involved, and 
is considered fortuitous.

Figure 2 shows limiting ionic conductances to 300° 
of several ions in water at saturation vapor pressure 
as a function of temperature. For the HS04-  ion a 
smooth curve, similar to that for the sodium ion, was 
drawn between the values at 50 and 300°. Values for 
Ao(HS04~) at 100 and 200° given in Table II were 
interpolated from this curve. A X(i for S042- at 300° 
(in Table II) was obtained by extrapolating to 300° 
a smooth curve through conductances for S042- (to 
200°). The limiting equivalent conductance of an 
ion is directly proportional to the electrical charge 
on the ion.11 For singly and doubly charged ions of 
the same size, for the ideal case the limiting equivalent 
conductance of the doubly charged ion would be twice 
that of the singly charged ion. Comparison of the 
estimated limiting equivalent conductances of the 
HS04-  and S042- ions (which might be expected 
to be of nearly the same size if each is hydrated to the 
same extent) at 100° and above, where water is less 
ordered than at 25°, shows the conductance of the sul
fate ion to be nearly twice that of the bisulfate ion. 
This behavior agrees with the predictions.

Calculation of Ao at 400°
A t 400° and above, to our knowledge the only Ao 

values for a uni-univalent electrolyte that have ap

Figure 2. Limiting equivalent conductances of several ions in 
water as a function of temperature at saturation vapor pressure.

peared in the literature are those of Franck12a for 
KC1. Pearson, et al.,12h give Ao values for NaCl and 
HC1 at densities from 0.399 to 0.591 g. cm.-3 at tem
peratures from 345 to 383°. From this limited amount 
of literature information and from some recent un
published results on NaCl obtained in this laboratory, 
it appears that uni-univalent salts still behave as 
strong electrolytes at a density of 0,8 g. cm.-8 at 400°. 
It further appears that at this temperature and density 
the bisulfate ion has such a small dissociation constant 
that H2S04 and KHS04 can be considered also as uni
univalent electrolytes. From our recent measurements, 
we have obtained limiting equivalent conductances at 
400°, 0.8 g. cm.-3, for the several electrolytes given in 
Table III. Franck12® reported A0(KC1) to be 980 at 
400°, 0.8 g. c m .'3. From these values, and from the 
transference number of the chloride ion at 400° as 
estimated in this paper, limiting ionic conductances 
for Na+, K+, H+, Cl- , and H S04-  ions were calculated 
and included in Table II. A  rough estimate of Ao- 
(S042-) at 400°, 0.8 g. cm.-3, was obtained by ex
trapolating the curves for S042- and Na+ in Figure 2 
to 400°. By assuming that the ratio, A0(SO42-)/A(r 
(Na+), was independent of density at 400°, this ratio 
obtained by the extrapolation was combined with the 
value of X0(Na+) at 0.8 g. cm.-8 given in Table II  to 
give an estimate of A0(SO42-) =  780 at 400°, 0.8 g. 
cm.-3.

(11) See, for example, S. Glasstone, “An Introduction to Electro
chemistry,” D. Van Nostrand Co., Inc., Princeton, N J 1942 
p. 58 ff., 88 ff.
(12) (a) E. U. Franck, Z. physik. Chem. (Frankfurt), 8, 107 (1956); 
(b) see footnote d, Table I.
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Table DI : Limiting Equivalent Conductances at 400°
(0.8 g. cm.-3) as Obtained at Oak Ridge 
National Laboratory

NaCl H2SO< (1 : l )3 KHSOt (1:1)“

940 1360 870

“ Asa uni-univalent electrolyte.

C a l c u l a t i o n  o f  Xo a t  V a r i o u s  D e n s i t i e s

Limiting ionic conductances are given herein at only- 
one density at a given temperature (0.8 g. cm.-3 at 
400°; liquid-vapor equilibrium densities at lower 
temperatures). Limiting ionic conductances at other 
densities may be calculated from these results by 
assuming the independency of transference numbers 
with pressure (density)13 at constant temperature and 
by assuming that the change in the Walden product, 
X07?o, with pressure (density) at constant temperature 
is the same for all ions. [These assumptions may not 
be valid for ions such as H+ and OH-  that have “ ab
normal mobility”  because this “ abnormal mobility”  
depends to a great extent on the structure of water 
which in turn probably is affected by pressure (density) 
changes. However, in the absence of quantitative 
information on the change in transference numbers of 
H+ and OH-  with pressure at temperatures above 25°, 
the above assumptions will be used for all ions. ] With 
these assumptions, this change in Walden product with 
density would be the same for ions as for electrolytes. 
Walden products for K2S04 have been given previously.4 
At this laboratory we are completing measurements on 
NaCl solutions to 800° and 4000 bars. At tempera
tures at least to 400° and at high densities (above 
about 0.4 g. cm.-3), the Walden product for NaCl 
was found to vary linearly with density, at constant 
temperature. The slopes of the lines of Walden prod

uct vs. density, at constant temperature, at tempera
tures of 100, 200, 300, and 400° were nearly the same 
for NaCl as those previously observed for K2S04. 
The linear change in Walden product with density ob
served for NaCl and K2S04 can be expressed by the 
equation

Aovo =  (A#ijo)° +  k(d -  (P) (2)

where A0ij0 is the Walden product at density d, (A0yo)° 
is for a reference density d°, and k is a constant for a 
particular temperature. By using the limiting equiva
lent conductances of NaCl as obtained in this labora
tory along with the viscosities of water given by 
Franck,12a values for k were calculated to be —30, 
—35, —35, and +12  at 100, 200, 300, and 400°, re
spectively. With the assumptions mentioned above, 
with eq. 2, and with the values for k, limiting ionic 
conductances may be calculated at other densities 
from the A0 values at the “ reference density”  and from 
Franck’s viscosity values by substituting X0 for A0 in 
eq. 2. The viscosity of water at saturation vapor 
pressure was taken to be 0.283, 0.136, and 0.095 cp. 
at 100, 200, and 300°, respectively,14 to be consistent 
with the viscosities estimated by Franck for higher 
pressures.

(13) To cur knowledge, the only experimental determinations of the 
effect of pressure upon transference numbers are those reported 
by Wall and Gill (F.iT. Wall and S. J. Gill, J. Phys. Chem., 59, 
278 (1955)) for 0.1 N NaCl, KC1, and HC1 solutions at 25°. On 
increasing the pressure from atmospheric pressure to 1000 bars, they 
observed a 0.5% increase in ¿h+ and decreases of 2 and 3% in ¿k+ and 
fN»+, respectively. Pressures necessary to obtain densities of 1.0 g. 
cm.-s for water are approximately 1000, 2780, 4900, and 7500 bars 
at temperatures of 100, 200, 300, and 400°, respectively. By assum
ing that pressure has no effect on transference numbers, the extrap
olations to a density of 1.0 g. cm.-3 would cause a maximum un
certainty probably less than 10% at temperatures of 300° and below. 
Even at 400° the maximum uncertainty caused by extrapolation to
1.0 g. cm.~3, based on the values at 0.8 g. cm._8, would probably be 
no greater than 15%.
(14) K. Sigwart, Forschungaarb. Gebeite Ingenieursw., 7, 125 (1936).
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Ionic Association in Solutions of Thionine. II. Fluorescence 

and Solvent Effects

by G. Haugen and R. Hardwick

Contribution No. 1692 from the Department of Chemistry, University of California at Los Angeles, 
Los Angeles, California (Received March 8, 1965)

By means of fluorescence intensity measurements, the tendency of ions of the dye, thionine, 
to associate into dimers and higher polymers has been studied as a function of solvent 
composition in water-alcohol solutions. At concentrations ^ lO -8 M  the dye is highly 
associated in water solutions, but the degree of association is decreased by small amounts 
of added methanol. By the time the methanol content of the solutions reaches mole frac
tion $>0.3, the dye polymers have essentially all dissociated. In its associated state, 
thionine is not fluorescent, but the monomer fluoresces with maximum emission at about 
620 m¡x. Interpretation of these data is made through the condensation model.

I. Introduction

In a previous paper (hereafter referred to as I) we 
have discussed the polymerization of the dye, thionine, 
in water solutions.1 The present report describes a 
study of the fluorescence efficiency of solutions of 
thionine and an investigation of the associative ten
dencies of the dye as they are affected by the nature of 
the solvent.

Of the various species of thionine in solution, only the 
monomer is fluorescent; thus, the fluorescence effi
ciency, Q, of thionine solutions decreases as the degree 
of association is raised by increasing concentration. 
Rabinowitch and Epstein2 3 * have noted this effect and 
have attempted to interpret it in terms of formation 
only of the thionine dimer. Because their fluorescence 
data did not fit the dimerization model, however, these 
authors were forced to attribute some of the fluorescence 
decline to collisional self-quenching.

Our data indicate that collisional self-quenching is 
negligible in thionine solutions and that the observed 
dependence of Q on concentration may be accounted for 
satisfactorily by the condensation model discussed in 
paper I.

The thionine polymer is stable in water but is de
stroyed by the presence of alcohol.2 We have taken 
quantitative data on this effect and have interpreted 
them on the condensation model.

H. Experimental
A. Thionine Purification. The preparation of pure 

samples of thionine is discussed at length in I. In the 
present experiments, we have essentially followed our 
earlier methods of repeated recrystallization from 1:1 
water-ethanol solutions at about 35°. This procedure 
was necessary to remove detectable amounts of the 
impurity thionol, whose excitation and fluorescence 
spectra are shown with those of thionine in Figures 1 
and 2.

B. Spectra. All absorption spectra were taken on a 
Cary 14 spectrophotometer. Fluorescence spectra 
were taken at 25° on an Aminco spectrofluorimeter 
which had been extensively modified for double-beam 
work.8 The curves (.e.g., Figures 1 and 2) are shown 
uncorrected for phototube cathode and monochromator 
transmission wave length dependence.

C. Fluorescence Efficiency. Measurement of fluo
rescence efficiencies over large concentration ranges is 
complicated by the fact that the exciting beam pene
trates the cell deeply when dilute solutions are used but 
hardly gets beyond the surface of concentrated solu-

(1) See paper I: G. R. Haugen and E. R. Hardwick, / .  Phys. Chem., 
67, 725 (1963).
(2) E. Rabinowitch and L. F. Epstein, J. Am. Chem. Soo., 63 69 
(1941).
(3) W. H. Melhuish and R. Murashige, Rev. Sci. Instr., 33, 1213
(1962).
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Excitation wave length, rn.fi.

Figure 1. Excitation spectra of dye and impurity fluorescence:
--------- , dilute thionine solution; --------- , dilute thionol
solution (impurity); +  +  +  + , spectral distribution from high- 
pressure xenon lamp and excitation monochromator.

Figure 2. Emission spectra of dilute solutions of dye and
im purity :--------- , uncorrected fluorescence spectra of
thionine; --------- , uncorrected fluorescence spectra of
thionol (impurity); +  +  +  + , spectral response of emission 
monochromator and Dumont 6911 photomultiplier.

tions. This has the effect of causing the origin of fluo
rescence emission to shift with concentration; thus, 
great care must be taken to make proper correction.4* 
Because of experimental necessity, we have used both 
front and side scanning of the fluorescence cell. Solu
tions having dye concentrations greater than 5 X  
10 “ 5 M  were observed from the front surface of the cell 
while those of lesser concentrations were observed from 
the side. In both cases, correction was made for self
absorption of fluorescence, using the method of Mel- 
huish.4b

So that the fluorescence efficiency data from concen
trated and dilute solutions may be compared, it is 
necessary to report results as a photon number ratio of 
the corrected fluorescence intensity to the intensity of 
exciting radiation. For concentrated solutions, this is 
trivially easy since F =  QI0, where F is the intensity of 
fluorescence produced, Q is the quantum efficiency, and

Jo is the intensity of incident radiation, all of which is 
absorbed. For dilute solutions, however, F =  /̂absorbed, 
where /absorbed depends on cell length and concentration. 
To simplify interpretation, we report all results in terms 
of infinite cell length, where the observed results for 
dilute solutions are corrected such that /  =  QI0 (J being 
the corrected fluorescence intensity) for both concen
trated and dilute solutions.

Finally, the relation between intensity and number of 
photons must be considered. Our results are reported 
in terms of the number of incident photons as measured 
by a quantum counter6 vs. fluorescence intensity as 
measured by phototube current. At any given fluo
rescence wave length, these units are compatible since 
phototube output current is proportional to the number 
of incident quanta. All our fluorescence intensity com
parisons are made from measurements taken at the 
fluorescence peak of thicnine, ~ 6 15-620 mp (Figure 2, 
curve 3); thus, correction for phototube wave length 
dependence was not made. We have not made ab
solute quantum yield measurements since our compari
sons are all relative. Table I shows a sample of typical 
correction factors and calculated quantum efficiencies.

IE . Results
A. Absorption Measurements. 1. Dilute Solutions. 

In extremely dilute solutions, the thionine molar ex
tinction coefficient, E, at 600 m^ is slightly more than 
twice as great in methanol solutions as in water solu
tions; i.e., for solutions which are 5 X 10-7 M  in thio- 
nine, Em =  8.7 X  104 in CH3OH, while Em =  3.6 X 
104 in H20 . 6 Between these values, the extinction 
coefficient changes linearly with the mole fraction of 
methanol in CH3OH-H 2O solutions.

The value of Em is also a function of solvent and, like 
Em, is linear in the mole fraction of methanol in mixed 
solvent solutions. We shall find it convenient to assess 
the changes in the relative intensities of the 560- and 
600-npi absorption peaks by plotting the ratio of the 
extinction coefficients Em/Em ', Figure 3 displays 
curves of this ratio plotted against methanol mole frac
tion in the solvent. The curve for dilute solutions is 
linear with fairly small slope.

2. Nondilute Solutions. In solutions of higher dye 
concentrations, the effect of solvent composition on the 
relative heights of absorption peaks is much more pro-

(4) (a) Th. Förster, “ Fluoreszenz Organischer Verbindungen, ’ 
Vandenhoeck & Ruprecht, Gottingen, 1951, p. 35; (b) W. H. Mel- 
huish, J. Phys. Chem., 65, 229 (1961).
(5) W. H. Melhuish, J. Opt. Soc. Am., 52, 1256 (1962).
(6) The value 3.6 X 104 is a calculated one which is smaller than the 
extrapolated 5.7 X 104 as reported in paper 1. The difference arises 
from the fact that thionine dissociates slightly in highly diluted aque
ous solutions; see paper I, p. 730, for discussion.
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Table I : Intensity Corrections and Calculated 
Quantum Efficiencies

Caled, relative quan-
Thionine Mole fraction Correction factor“ , turn efficiencies6—•.
eonen., M of CH80H 590 m/i 560 mu 580 m/i 560 mu

Front view
7 .6  x  io-« 1 . 0 0.78 0.52 0.90 0.80
1.3 X  10“6 1 . 0 0.92 0.72 1.0 1.0
3.2  X  IO“6 1 . 0 0.99 0.95 1.1 1.1
7 .6  X  10-« 1 . 0 1.0 1.0 1.1 1.1
1.3 X  IO"4 1 . 0 1.0 1.0 1.1 1.1
3.2 X  K F 4 1 . 0 1.0 1.0 1.1 1.1
7 .6  X  IO“ 4 1 . 0 1.0 1.0 1.0 1.0
1 . 0  x  1 0 - 3 1 . 0 1.0 1.0 1.0 1.0
1.3 X  IO -3 1 . 0 1.0 1.0 0.90 1.0
3 .2  X IO“ 3 1 . 0 1.0 1.0 0.80 0.70
3 .4  X  IO“ 3 1 . 0 1.0 1.0 1.1 1.0

Side view
1.3 X  10“ « 1 . 0 0.91 1.0
1.3 X  IO"« 0.92 0.89 0.85
1.3 X IO“ « 0.80 0.91 0.99
1.3 X  10-« 0.60 0.92 0.79
1.3 X  10-« 0.21 0.91 0.67
“ Allows for reabsorption of emitted light and incomplete ab

sorption of excitation light. 6 Note that for the methanol solu
tions the relative fluorescence efficiency is roughly constant to 
within the experimental error of about 0.2, even though the cor
rection factor is fairly small at times. In the side view data, 
we have shown the decrease in efficiency as the solution goes from 
CH3OH to H2O.

nounced and is nonlinear. At T0 =  10~3 M  the ratio 
Em/Em is 0.9 in pure water solutions but rises to about
2.0 when the mole fraction of methanol reaches only 
0.3. At this point, the curve undergoes a sharp break 
and behaves like a dilute solution curve as further 
methanol is added; see Figure 3.

The difference in solvent dependence of concentrated 
and dilute solution curves is more easily seen if the 
dilute solution dependence is subtracted out; thus 
Figure 4 is a plot of [(Em/Em)Tlr,f,x io-,] ~  [(E*00/ 
•Emo) i w o -* ] against mole fraction of methanol. Sec
tion IV.B.l. gives interpretations of this curve and 
those of Figure 3. Where comparison is possible, these 
data may be shown to agree roughly with points taken 
from some of the ethanol-water solution spectra taken 
by Rabinowitch.2

B. Fluorescence Measurements. 1. Spectra. In the 
absorption spectra of thionine the relative peak 
heights at different wave lengths show large variations 
which are brought about by the change of solvent from 
water to methanol and by changes in concentration. 
The fluorescence spectra, however, are independent of 
such changes, the peak position remaining at 615-620

2.5 -

2.1 -

1.7

DILUTE 
SOLUTION ,,

■ p  r

.JH-
.-< :n1

1.3 -
/CONCENTRATED 

4 ^  SOLUTION

0.9 0.0 0.2 0.4 0.6 0.8
Mole fraction of CH3OH.

1.0

Figure 3. Variation of E m / E m  with mole fraction 
of C H 3 O H .  Concentrations of dilute and concentrated 
solutions are 5 X 10 ~7 and 10 ~s M ,  respectively.

Figure 4. Effect of solvent on intensity of absorption at 
560 m/i: t , our results with CH30H -H 20  solvent; O, 
Rabinowitch’s (ref. 2) results with CH3CH2OH-H2O.

m/i in both water and alcohol, at concentrations up to 
10-3 M  (in concentrated solutions there is a slight 
skewing of the peak because of self-absorption, but cor
rection is easily made for this effect).

2. Concentration Dependence. In dilute solutions, 
the thionine quantum yield for fluorescence, Q, is nearly 
independent of solvent as demonstrated by Figure 5, 
curve 1, which gives Q as a function of the mole fraction 
of CH3OH for solutions 5 X  10_7 M  in thionine.

In methanol solutions, Q is also independent of con
centration at all wave lengths, (Figure 6, curve 1). In 
aqueous solutions, however, the quantum yield is inde
pendent of concentration only when excitation occurs 
at the extreme, long wave length of the absorption spec
trum; thus, with ordinary excitation of water solutions, 
Q falls off rapidly with increasing concentration (Figure 
6, curves 2, 3). As a result, the fluorescence efficiency
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of all but the most dilute solutions depends strongly on 
solvent makeup unless excitation occurs in the 600- 
610-m/x region. Figure 5, curve 2, gives the Q of a con
centrated solution (10-3 in thionine) as a function of the 
mole fraction of CH3OH in the solvent (excitation, 590 
mn). It may be seen that the curve rises steeply for 
small amounts of added CH3OH but that the change is 
more gradual after the solvent becomes about one-third 
methanol, beyond which the curves for concentrated 
and dilute solutions are parallel.

3. Dependence on Excitation Wave Length. In pure 
CH3OH solutions the quantum efficiency is independent 
of the wave length of the exciting light; however, the Q 
of water solutions strongly depends on excitation wave 
length except at extreme dilution. Figure 7 shows the 
dependence of Q on excitation wave length for three 
solutions which contain 10 ~3 M  thionine dissolved in 
alcohol, in water, and in 2 :5 ,1 :3 , and 1:5 water-alcohol 
mixtures. For more concentrated dye solutions in H20 , 
Q drops almost to zero at 540 m/x.

IV. Discussion
Rabinowitch and Epstein have proposed that thionine 

dimerizes in water solutions but does not dimerize in 
alcoholic solutions. By means of fluorescence intensity 
measurements, they have concluded that the dimer is 
not fluorescent and that the observed concentration 
dependence of fluorescence quantum yield in water 
solutions (sometimes called self-quenching) is primarily 
a result of dimerization. In their quantitative measure
ments, however, they were unable to fit the data to a 
dimerization model.

Figure 5. Variation of relative quantum efficiency with mole 
fraction of CH3OH. Excitation wave length 590 m/x: curve 1, 
relative quantum efficiency of fluorescence of dilute 
(512 X 10-7 M )  thionine solutions in mixtures of 
CH30H -H 20 ; curve 2, relative quantum efficiency of 
fluorescence of concentrated (1.3 X 10 ~ 3 M )  

thionine solutions in mixtures of CH30H -H 20.

Figure 6. Relative quantum efficiency of fluorescence of 
thionine solutions in pure CHsOH and pure H20 : curve 1, 
solvent pure CH3OH, excitation wave length 590 and 560 m/j; 
curve 2, solvent pure H20 , excitation wave length 590 m/x; curve 
3, solvent pure H20, excitation wave length 560 m/x.

Figure 7. Variation of fluorescence efficiency with excitation 
wave length (m/x): curve 1, pure CH3OH solvent; curve 2, 
CH30H -H 20  solvent, 0.39 mole fraction CHsOH; curve 3, 
CH30H -H 20  solvent, 0.29 mole fraction CH3OH; 
curve 4, CH3OH solvent; 0.24 mole fraction CH3OH; 
curve 5, pure H20  solvent. Dye concentration 10_! M ;  

maximum error in intensities ±10% .

We have taken additional quantitative absorption 
and fluorescence data in water and in methanol solu
tions, including intensity and spectral measurements. 
Where overlap occurs, our data agree with those of 
Rabinowitch and Epstein; however, we have been able 
to explain the experimental observations on the basis of 
a condensation model rather than by simple dimeriza
tion. The conclusion that thionine condenses into 
micelles at higher concentrations in aqueous solution 
agrees with the discussions of paper I and with earlier 
work on conductivity, osmotic pressure, etc. (see I for 
details). The arguments are developed below.
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A. Monomeric Solutions. The experimental results 
that the Beer law is obeyed and that the fluorescence 
peak position is unchanged in thionine-methanol solu
tions over a range of concentrations up to 10~3 M  may 
be taken with the further observation that the thionine 
quantum efficiency in methanol is independent of con
centration and of exciting wave length to indicate that 
the dye is unassociated over a wide range of concentra
tions in methanol.

It is also reasonably evident that thionine does not 
associate in extremely dilute aqueous solutions (see 
paper I).

B. Solutions of Associated Ions. 1. Absorption 
Measurements. Thionine does not obey Beer’s law in 
aqueous solutions nor are the spectral curves independ
ent of concentration (as thionine concentration increases 
in aqueous solutions, the short wave length spectral 
peak increases sharply in intensity relative to the in
tensity of the long wave length peak). It was concluded 
in paper I that this was a manifestation of association, 
the associated species (which, for convenience, we will 
call the polymer) absorbing strongly at short wave 
lengths (540-560 rap) but hardly at all at the longer 
wave lengths >600 rap, the position of monomer absorp
tion. These conclusions agree with Rabinowitch’s 
work.

Since solutions of thionine in methanol obey Beer’s 
law, the difference in behavior in methanol and in water 
may easily be seen by studying the absorption at 600 
and at 560 mp. We have already seen that a plot of the 
ratio of the apparent extinction coefficient at 600 nip 
to the apparent extinction coefficient at 560 rn.fi for very 
dilute dye solutions changes linearly as the mole fraction 
of methanol in the solvent is changed slightly from zero, 
while the behavior at higher dye concentrations gives 
an abrupt change with the addition of small amounts of 
methanol (Figures 3,4). The latter shows not only that 
the presence of a small amount of alcohol destroys the 
associative tendency of thionine but also that, above 
about 0.3 mole fraction of methanol, even concentrated 
solutions behave spectrally as though they were highly 
dilute. Evidently the polymeric thionine ions are so 
sensitive to methanol that complete dissociation into 
individual thionine ions occurs by the time the solvent 
becomes roughly one-third methanol.

2. Fluorescence Measurements. We have seen that 
the fluorescence peak position of thionine does not 
depend on the nature of the solvent but falls at about 
615-625 mp for all proportions of water and methanol 
and at all dye concentrations. Although association 
between the dye ions must be occurring in solutions 
which are more than two-thirds water (unless the dye is 
extremely dilute), this is not manifested in the fluores

cence spectrum. One cause for this could be, of course, 
that the associated form of the dye is not fluorescent. 
Such an assumption is reinforced by the great depend
ence of Q on dye concentration in aqueous solutions and 
the constancy of Q in the monomeric CH3OH solutions. 
The fact that excitation of the 540-mju peak produces no 
measurable fluorescence in aqueous solutions also indi
cates a nonfluorescent associated form since 540 mp lies 
in the absorption band of the polymeric form. In view 
of these data, we join Rabinowitch in concluding that 
only the monomeric form of the dye is fluorescent.

C. Degree of Polymerization. 1. Background. Pa
per I contained a comparison between aqueous solu
tion data and a model which proposed the condensation 
of thionine ions into polymeric form rather than merely 
dimerization. Although we suspected that this micelle 
formation did indeed occur, some uncertainty continued 
to exist because many of our data could still be fitted to 
a dimer scheme. The behavior of the water-alcohol 
solutions both in absorption and fluorescence, however, 
indicates more strongly that the association pattern in 
aqueous solutions is toward higher polymers.

Qualitatively, this may be seen in the sudden 
changes which take place as micelle-destroying alcohol 
is added to associated aqueous solutions of thionine. 
As we have seen, small amounts of CH3OH produce 
rapid increases in quantum efficiency, until, at a CH3OH 
mole fraction of 0.3, the curve breaks sharply (see 
Figure 5) and thereafter shows only the smaller solvent 
dependence characteristic of monomeric thionine and 
seen in dilute solutions. A second case of abrupt be
havior is seen in the plot of the corrected extinction 
coefficient ratio, Em/Em, Figure 4, for a concentrated 
dye solution. The curve drops precipitously until the 
CH3OH mole fraction is somewhat greater than 0.3; 
thereafter, the concentrated solution behaves as a 
dilute solution.

It is possible to find further support for the condensa
tion model through quantitative interpretation of the 
concentration dependence of fluorescence intensity in 
solutions which encourage association. Such an inter
pretation and its various shortcomings are discussed in 
the following subsections.

2. Concentration Dependence of Fluorescence. The 
concentration dependence of the fluorescence of thionine 
is similar to that found for many other dyes in water. 
Table II gives the various processes which may follow 
excitation in a dye system which contains associated 
species.

Assuming a steady-state concentration of T*, we have

[T*] ______ Io(Em/E)a______
fci +  h  +  *q[T] +  fc6 [Tp ] (I)
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The quantum efficiency, then, may be written as

/  = jù[T*j 
Io fa

(E J E )a

i  +  ^  +  ^ m  +  ^ T p ]
ki hi ki

en)

Equation II rearranges to

Q =
(Em/E)a

{ 1 + s} { 1 + faa
+_ki T" ki fa -j- ki

( in )

where Q symbolizes the quantum efficiency of fluores
cence; see section II. C. We may now define Q0 as the 
value of this quantity extrapolated to zero concentra
tion; i.e., Q0 =  1/(1 +  fa/fa).

Table 11“
Process

Absorption
Rate

T +  h v ---->  T*exc.
I o ( E m / E ) a b

Tp +  h v  — Tp*exc.
I o { E J E ) ( \  -  a ) / P

Emission
T* -*■ h v Y  +  T Ai[T*]

Nonradiative first-order
T* — T +  heat fe[T*]
Tp* -*■ Tp +  heat WTp*]

Second-order diffusion
T* +  T  — 
T* +  T p - 
T p* +  T  - 
Tp* +  Tp

*- T  +  T  
- T  +  Tp 
- T p  +  T
-  Tp +  Tp

Ä4[T*][T]
fcü[T*][Tp]
fce[Tp*][T]
fc7[Tp*][Tp]

“ [To] denotes the total formal concentration of dye ( M ) ,  

[T] and [Tp] the concentrations of monomer and polymer, P  the 
average number of monomer units in a polymer unit (thus, 
[To] = [T J  +  P [Tp]), a  the fraction of dye which is monomeric 
( i . e . ,  a  =  [T ]/[T 0] ), I o  the intensity of exciting light, E  the over
all extinction coefficient of the solution, E m  the extinction coef
ficient of the monomer, and E p  that of the polymer (in terms of 
polymer units) b The total number of photons absorbed by the 
system is given by 70(1 — 10— while the number of photons 
absorbed by the monomer is represented by / 0(1 — 
where l  is cell length. If the ratio of the number of photons ab
sorbed by the monomer to the total number absorbed by the 
system is expanded in a power series the first few terms are

(l  4 -  in 10 +1 -  IQ—Em[T]i jU T ]) _  2! +
1 —  10-F[To]i E[T0] | i  P[T0]1 Jj j  ] ^ g  _ j_ ~ ( E m / E ) a

The incident light flux is totally absorbed in these experiments 
(c/., II. C. above); hence, the flux of photons absorbed by the 
monomer is I o ( E m / E ) a .

The relative magnitudes of the rate constants and the 
effects of environment on their values may be estimated 
from discussion of the fluorescence observations given 
in sections III. B. and IV. B.

(1) The ratio fa/fa is nearly independent of the 
solvent composition; witness the fact that the limit of 
the quantum efficiency as [T0] —»- 0 (i.e., Q0) decreases 
as little as 30% when solvent constitution is changed 
from pure CH3OH to pure H20.

(2) The absence of “ self-quenching”  (i.e., concen
tration independence of Q) in pure CH3OH suggests 
that the ratio fa/(ki +  ki) is very small in CH3OH (note 
that the term fa(l — a)/(fa +  fa)P must vanish in pure 
methanol since a = 1).

(3) The quantum efficiency of a concentrated solu
tion of dye in CH3OH does not deviate from the quan
tum efficiency of a dilute solution on addition of water 
up to a CH3OH mole fraction of 0.3. This prompts the 
conjecture that the ratio fa/(ki +  fa) is independent of 
solvent composition as such and thus is small in H20  as 
well as in CH3OH.

(4) The negligibility of fa/ (fa +  fa) and fa/(fa +  fa) 
for water systems is suggested by application of the 
Debye equation which relates the rate of diffusion to the 
viscosity of the solvent; i.e., /¿diffusion = 8RT/30Q0rj. 
Although this equation predicts a significant change in 
the rate of diffusion-controlled reactions with change in 
viscosity, we have found that there is no effect on Q 
when a 40% reduction in the diffusion rate is made 
experimentally by changing the solvent from CH3OH 
to H20  in the mole fraction range 0.3 to 1.0 in CH3OH. 
(The elimination of fa on diffusional grounds may stand 
on its own merits so far as a coflisional transfer is con
cerned, but must be re-examined from the view of 
nonradiative long-range energy transfer. Although 
such a nrocess can be extremely efficient in certain sys
tems, e.g., anthracene-anthracene or anthracene- 
naphthacene, it occurs only when there is overlap be
tween the fluorescence wave length of the donor and the 
absorption wave lengths of the receiver. For transfer 
from one molecule to another of the same species, the 
overlap need not be large, but, for a transfer between 
species, the excited states of the receiver must be at 
lower energies than the corresponding states of the 
donor. Upstream transfers do not occur. On this 
ground, we discount noncoflisional transfer from mono
mer to polymer since the polymer absorption peak lies 
some 40-60 A. higher than that of the monomer.)

For these reasons, we simplify (III) by dropping the 
diffusional terms

faa , fa (\  — a\ 
fa +  fa a fa +  fa\ P )
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Q =
(E JE )a

(IV)

Upon dividing by Q0, we have

|  =  {E JE )a  (V)
Vo

At this point, let us notice that, although the fluores
cence efficiency of aqueous solutions diminishes with 
increasing concentrations/the classical “ self-quenching” 
mechanism has been excised from eq. V  through the 
removal of the terms in fc4 and fc6. A  mechanism which 
remains to explain the observed concentration depend
ence, however, is that light is increasingly absorbed by 
polymeric structures at higher concentrations and 
thereby is lost since these molecules do not fluoresce. 
We will refer to this process as “ excitation dilution.”

3. Discussion of the Condensation Model1 as Inter
preted by Eq. V. (a) Quantum Yield Dependence on 
Solvent Composition. (1) Equation V predicts an 
invariant quantum efficiency for CH3OH solutions 
simply because the dye does not polymerize in this sol
vent; i.e., a =  1 throughout the concentration range. 
Moreover, as we have seen, the substitution of alcohol 
by water in fairly concentrated solutions of dye in 
CH3OH does not occasion a variation in the quantum 
efficiency until the mole fraction of CH3OH is reduced 
to about 0.3 (Figure 5), after which a further change 
produces sharp decrease of the quantum efficiency. 
This abrupt diminution in quantum efficiency with sol
vent composition occurs at the same CH3OH concentra
tion at which the light absorption studies suggest that 
polymerization appears.

(2) By invoking eq. V  and reminding ourselves that 
Qo is nearly solvent independent, we may write down 
the ratio of the quantum efficiencies for solutions of dye 
dissolved in various alcohol-water solutions which have 
methanol mole fractions X  =  Xi and X  = X 2; viz.

QxJQx* =  l(,Em/E)XlaXl]/[(EJE)XlaX2] (VI)

For Xi 0.4, we remember that the dye is entirely 
monomeric; thus, in this range (Em/E)XtaXl ~  1), and

«*. =  o I (E/Em)x'
(VII)

The quantity QXl for X 2 ^ 0.4 may be measured, and 
experimental values may also be determined for the 
other factors of the right-hand side of eq. VII at various 
Xi <  0.4, thus giving a means of estimating a for solu
tions up to 0.4 mole fraction of CH3OH. The values 
given below were determined in this manner for solu
tions of [T0] =  10~8.

Table III

M ole fraction of CHsOH a

0 0.2
0.1 0.4
0.2 0.7
0.3 0.8

>0.4 ~ 1 .0

We may compare the value of a in pure H20  (first in 
the list above) with one calculated from the data of 
paper I; viz.

_  optical density due to monomer 
aHl0 optical density of entire solution

13.0 (as estimated in paper I) n nn 
(5.6 X  104)(10~8) =  ° '23

finding agreement well within experimental error.
(ib) Quantum Yield Dependence of Dye Concentration 

(“Self-Quenching” ). Another test of the condensation 
model is offered by calculating various ratios Qc/Qo for 
two excitation wave lengths, then comparing the calcu
lations with experiment. Qc designates the quantum 
yield for fluorescence at dye concentration [T0]. The 
calculation may be made by means of eq. V as

Qc _  (Em/E)cac _  (Em/E)cac _  [T ]
Q„ “  (Em/E)0«o “  1 “  ( m/ ) c [T,]

From paper I, we have [T] «  2.3 X 10_4when [T0] )> 
10-3, Em = 5.6 X  104 at 590 mju, and Em/E =  1 at 560 
raji,8 giving

(Qc/Q o)69o =  (5.6 X 1 O 4 / A 6 9 0 ) c ( 2 . 3  X IQ^/Tf)

and

(Qc/Qo)mo =  1 X  (2.3 X  10-4/ [T o])

In Table IV are shown values for Qc/Qo at various 
concentrations as determined by experiment for excita
tion wave lengths 560 and 590 m/i. These are compared 
with values calculated by means of the equations above.

Since eq. V contains no diffusional quenching con
stants, the agreement between measured and calculated 
values shown in Table IV lends support to the condensa
tion model on the basis of which eq. V was derived.

(7) The condensation model is described completely in paper I; 
briefly, the monomer concentration reaches a constant value above a 
certain critical concentration of the total dye.
(8) Figure 3 of paper I demonstrates the essential independence of 
E on To at 560 mg; i.e., the value of E at infinite dilution represents 
Em but does not change as concentration increases; thus (Em/E)m «
1.
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Table IV

✓---------- -Exptl. Q(C)/Q<i----------- N Caled. eCO/Qo
[To], M 590 nifi 560 m/i 590 mu 560 mp,

0 1 1 1 1
1 X 10~3 0.40 ±  0.05 0.25 ±  0.05 0.43 0.23
1.5 X IO“ 3 0.38 ±  0.05 0.18 ±  0.05 0.36 0.15
2.5 X IO-3 0.27 ±  0.05 0.10 ±  0.03 0.25 0.09

4- Excitation Spectra. It remains to explain the 
form of the excitation spectrum curves, Figure 7, for 
CH3OH-H2O dye solutions of different solvent propor
tions. Using eq. VI in the case where = 0 and 
Xi =  1, we have

Qx-o/'Qx=l =  (Em/E)x=0CCx= 0

a quantity, which as we have seen, depends on excita
tion wave length. The wave length independent term, 
ax„o may be eliminated by taking relative values of the 
quantum efficiency ratios at different excitation wave 
lengths, thus

(Qx=o/Qx=i)x _  /  Em\ \ ZFeooX (y n i )  
(Qx—0/Qx=l)600 \Emt00J X = 0 \  E\ ) x= 0

where the subscript X refers to the excitation wave 
length of any particular experiment.

The quantity (EmX/Emm)x=o may be determined 
experimentally from absorption spectra of dilute dye 
solutions in H20 , while (Em/Ex)x-o is just the ratio of 
the over-all extinction coefficients in a concentrated 
(1e.g., 10-3 M) solution.

Figure 7 shows plots of the excitation wave length 
dependence of fluorescence efficiency, Qx, vs. excitation 
wave length for several solutions of different X ch.oh- 
In particular, we note that for pure methanol solutions, 
Qx is independent of X.

Taking this result, we may simplify eq. VIII to

(Qx=o)\ _  / jj'mX \ /Em\
(Qx=o)eoo \EmmJx=o\ Ex / x=o

Now, using curve 5 of Figure 7, we replot, taking 
(Qx-o)eo4 as unity. Simultaneously, we also take meas
ured values of the right-hand side of (IX) from absorp
tion experiments. It may be seen, Figure 8, that the 
absorption measurements agree with the measured rela
tive fluorescence efficiencies, thus giving yet another 
independent verification of the assumptions leading to 
eq. IV.

5. Formation of Excited Dimers by Reaction of an 
Excited Monomer and an Unexcited Monomer. There 
apparently exist systems in which the excitation lifetime

Excitation wave length ,m̂ .

Figure 8. Test of eq. IX. Curve O: the function 
( E  mx/-E\)(I?6oo/I?Ea6oo). Curve experimental values: 
fluorescence of pure H20  solution of a 10 ~ 3 M  thionine solution 
(see Figure 7, curve 5) normalized at 600 m/i (point •).

is long enough to allow diffusion together of an excited 
molecule with an unexcited one, giving formation of ar. 
excited dimer which subsequently decays nonradia- 
tively.9 In the thionine case, the arguments which 
permit dropping fc4 also rule out this mechanism; more
over, the measured lifetime of thionine is so very short 
( t  = r0Qo =  (7 X 10-») (0.024) g* 2 X 10“ 10 sec.)10 
that the diffusional process is very unlikely.

IV, Summary
In paper I, we have supported the condensation model 

for thionine systems on the basis of absorption measure
ments. In the present report, we support that conten
tion through fluorescence measurements. These latter 
arguments mainly fall into two categories.

(1) Explanation of “Self-Quenching." The dimer 
model cannot explain the observed concentration 
dependence of fluorescence efficiency without recourse 
to a diffusional or a radiationless transfer quenching of 
excited molecules by unexcited ones. Because of the 
very short lifetime of excited thionine singlets, diffu
sional quenching is not likely to be efficient, and this 
surmise is supported by experiment. Radiationless 
transfer is probably not responsible because (a) transfer 
from excited monomer to dimer or polymer is uphill and 
suffers from poor overlap and (b) quenching transfers 
between excited monomers and unexcited monomers do

(9) G. R. Haugen and W. H. Melhuish, Trans. Faraday Soc., 60, 383 
(1964).
(10) C. A. Parker, ibid.. 57, 1093 (1961).
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not occur even slightly in solutions which contain much 
methanol and thus probably do not occur in water solu
tions since this kind of process is not likely to be criti
cally sensitive to the differences between solutions of 
CH3OH mole fractions of 0.3 and, say, 0.1. Condensa
tion, with its concomitant excitation dilution, however, 
explains the “ self-quenching”  without recourse either to 
rapid diffusion processes or radiationless transfer.

(2) Experimental Support of Equations Based on 
Condensation Model. Equation IV and its progeny all 
depend on the model of condensation and excitation 
dilution for their genesis. In addition to the “ self

quenching,”  two further independent types of tests 
verify this series of expressions; viz., the quantum 
efficiency dependence on solvent composition and the 
quantum efficiency dependence on excitation wave 
length. Even with the aid of self-quenching, the dimer 
model fails to make these two correlations.
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The Photochemistry of Aqueous Sulfate Ion

by Jack Barrett, M . F. Fox, and A. L. Mansell

Department of Chemistry and Biology, Hatfield College of Technology, Hatfield, Hertfordshire, England 
(.Received March 9, 1965)

The effects of 1849-A. radiation upon aqueous solutions of sulfate ion have been investi
gated, methanol being used as a radical and electron scavenger. The irradiations were 
carried out in vacuo, the solutions used varying in pH from 7 to 14. The reactions observed 
are interpreted in terms of a charge-transfer-to-solvent mechanism for both sulfate and 
hydroxide ions.

Introduction
Many inorganic anions in aqueous solution absorb 

radiation in the ultraviolet region.1 Certain of these 
absorptions, particularly those occurring in the far- 
ultraviolet, have been characterized as electron- 
transfer spectra.2 Recently, the spectra of univalent 
and divalent ions have been investigated3 and the 
initial act designated as charge-transfer-to-solvent 
(c.t.t.s.). A  large blue shift (400-800 cm.-1) in the 
absorption of anions when water as solvent is replaced 
by deuterium oxide has been proposed as being di
agnostic for a c.t.t.s. mechanism by Halmann and 
Platzner.4 5 This work has shown that the absorption 
in the far-ultraviolet by sulfate ion can be classified 
as c.t.t.s. Ions which show either a small blue shift 
or a red shift upon this change of solvent are regarded

as undergoing internal excitation in the initial act of 
absorption. The flash photolysis of aqueous solutions 
of some of these ions6 indicates the production of 
hydrated electrons and is conclusive evidence for a
c.t.t.s. mechanism.

In the case of sulfate ion, the initial act following the 
absorption of a quantum of radiation would be expected 
to be

(1) L. E. Orgel, Quart. Rev. (London), 8, 422 (1954).
(2) E. Rabinowitch, Rev. Mod. Phys.. 14, 112 (1942).
(3) (a) M. Smith and M. C. R. Symons, Trans. Faraday Soc., 54, 
338, 346 (1958) ; (b) G. Stein and A. Treinin, ibid., 55, 1086, 1091 
(1959); (c) A. Treinin, J. Phys. Chem., 68 , 893 (1964); (d) R. 
Sperling and A. Treinin, ibid., 68, 897 (1964).
(4) M. Halmann and I. Platzner, Proc. Chem. Soc., 261 (1964).
(5) M. S. Matheson, W. A. Mulac, and J. Rabani, J. Phys. Chem.,
67, 2613 (1963).
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SO*2" . ,  (SO,- +  e - ) .q (1)

the purpose of the work reported here being to in
vestigate the chemical consequences of the irradiation 
of aqueous sulfate ion and to offer an interpretation in 
terms of this initial photoact. A  preliminary account 
of the work has been published.6

Experimental
All water used was triply distilled, made approxi

mately 10-4 M in hydrogen peroxide, and irradiated 
until the peroxide had been completely photolyzed. 
High purity, stabilizer-free hydrogen peroxide was 
given by Laporte Industries Ltd. Analar grade 
methanol was further purified by a previously reported 
method.7 All other chemicals were of Analar grade 
used without further purification. The experimental 
procedure for the photolyses has been described else
where.8 The actinometer used for 1849-A. radiation 
was an aqueous solution of 5 M  ethanol which was 
reported by Farkas and Hirschberg9 to have a quantum 
yield for hydrogen production of 0.8. Dainton and 
Fowles10 have shown that inaccuracies existed in the 
determination of this quantum yield and have de
veloped the use of N20  in aqueous solution as an acti
nometer at 1849 A. This has a quantum yield of unity 
for nitrogen production, and on the basis of this value 
our results indicate that the quantum yield for hy
drogen production from 5 M  ethanol is 0.4. All 
quantum yields quoted in this paper were based on 
this value.

Hydrogen was identified and measured with an 
Associated Electrical Industries MS 10 mass spectrom
eter. Formaldehyde was determined by the chroma- 
tropic acid method,11 and ethylene glycol by its reaction 
with periodate ion.12 Hydrogen peroxide was deter
mined by reaction with iodide ion.13 All ultraviolet ab
sorption spectra were measured on a Hilger and Watts 
Uvispek with nitrogen flushing for wave lengths below 
2000 A .14 Suprasil 1 -mm. cells were used, Suprasil 
plates 0.9 mm. thick being inserted into these cells when 
the spectra of strongly absorbing species were being 
determined.

Results
An aqueous solution of 1.0 X  10_ : M  sodium sulfate 

in the presence of 1.0 X  10_1 M  methanol has been 
shown to evolve hydrogen when exposed to the radia
tion from a low-pressure mercury discharge lamp.6 
That the photochemical action was due to the 1849-A. 
radiation emitted by the lamp was shown by the fact 
that 2 cm. of distilled water, when placed between the 
lamp and the reaction vessel, was sufficient to prevent

any reaction from taking place. Using the published 
value for the absorption coefficient of water at 1849 A .,14 
it was calculated that 2 cm. of water would have a 
transmittance of only 0.1% at this wave length. Since 
the 1849-Â. line is the only radiation emitted by a low- 
pressure mercury discharge lamp that is absorbed ap
preciably by water, it was concluded that the photo
active wave length was 1849 A.

Absorption Spectra of Solutions. In order to explain 
the photochemical results in a quantitative manner it 
was necessary to determine the absorption spectra of all 
solutions used. The spectrum of sulfate ion was found 
to be dependent upon the concentration of methanol 
present in the solution, at methanol concentrations 
greater than 1.0 M. The absorption data are given in 
Table I where e is the molar absorption coefficient. 
The values of e (methanol) are in agreement with those 
reported by Weeks, et al.16

Table I : Molar Absorption Coefficients for Aqueous 
Methanol Solutions and for Sulfate Ion in Such 
Solutions at 1849 Â.

Methanol concn., M
«(methanol) in aqueous 

soin., M ~ l cm .-1
«(sulfate) in aqueous 
methanol, AT“ 1 cm.-1

0.5 6 .0 200
1.0 6 .2 188
2 .0 6 .1 181
4.0 5.4 156
6.25 4.9 146

Quantum Yields for Hydrogen Production. The 
quantum yields for hydrogen production, 4>H„ were 
determined over a range of methanol concentrations, 
and these are plotted against the fraction of radiation 
absorbed by the sulfate ion as shown in Figure 1. Ex
trapolation of the straight portion of this plot gives the 
quantum yields for the photolysis of sulfate ion and 6 7 8 9 10 11 12 13 14

(6) J. Barrett, M. F. Fox, and A. L. Mansell, Nature, 200, 257 
(1963).
(7) G. E. Adams and J. H. Baxendale, J. Am. Chem. Soc., 80, 4215 
(1958).
(8) J. Barrett and J. H. Baxendale, Trans. Faraday Soc., 56, 37 
(1960).
(9) L. Farkas and Y. Hirschberg, J. Am. Chem. Soc., 59, 2460 
(1937).
(10) F. S. Dainton and P. Fowles, Proc. Roy. Soc. (London), in press.
(11) C. E. Bricker and H. R. Johnson, Ind. Eng. Chem., Anal. Ed., 
17, 400 (1945).
(12) G. O. Aspinall and R. J. Ferrier, Chem. Ind., 1216 (1957).
(13) C. J. Hochanadel, J. Phys. Cottoid Chem., 56, 587 (1952).
(14) J. Barrett and A. L. Mansell, Nature, 187, 138 (1960).
(16) J. L. Weeks, G. Meaburn, and S. Gordon, Radiation Res., 19, 
559 (1963).
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% radiation absorbed by sulfate ion.

Figure 1. Quantum yield of hydrogen v s .  per cent 
radiation absorbed by sulfate ion.

methanol in terms of hydrogen production as 0so,»- =  
0.37 and 0ch,oh = 0.47, respectively. This latter 
figure is in good agreement with the previously reported 
value8 of 0.98, which becomes 0.49 on the basis of the 
actinometry of Dainton and Fowles.

If in the irradiation of sulfate ion methanol is re
placed by ethanol or 2-propanol as scavenger, we have 
observed that a decrease in the quantum yield for hy
drogen production occurs at concentrations of those 
alcohols corresponding to the region of complete 
scavenging by methanol. For alcohol concentrations 
of 1.0 M  the quantum yields for hydrogen production 
in the irradiation of 1.0 X 10_1 M  sulfate ion are 0.39 
0.23, and 0.18 for methanol, ethanol, and 2-propanol, 
respectively. Increases in the concentrations of 
ethanol and 2-propanol lead to increases in the quantum 
yields for hydrogen production, and we conclude that 
the scavenging efficiencies of the alcohols are in the 
order methanol >  ethanol >  2-propanol.

The quantum yield for hydrogen production in the 
region of complete scavenging by methanol can be ex
pressed by the equation

0Hj =  0SO,»-«SO,»- +  0CHiOH«CH,OH +  feoffHiO (2)

where the <j>’s are quantum yields and the a’s are the 
fractions of 1849-A. radiation absorbed by the respec
tive species present in the solutions. The values of the 
quantum yields are 0so,»- =  0.37, 0ch„oh =  0.47, and 
<f>h,o =  O.3.8 In all solutions irradiated there was com
plete absorption of 1849-A. radiation so that the sum of 
the a values in eq. 2 is unity.

In the preliminary report of this work6 it was stated 
that 0so,»- apparently varied with methanol concen
tration. This apparent variation was correctly attrib

uted to changes in the absorption characteristics of 
the solution. The currently quoted value of 0so,»- = 
0.37 is independent of methanol concentration, the 
data of Table I having been taken into account in its 
determination.

Solution Products. The products observed in the 
irradiated solutions were ethylene glycol and formal
dehyde, the quantum yields being such that an oxida
tion-reduction balance occurred according to the 
stoichiometry

<t> H , =  0CH jO  +  0 (C H sO H ), ( 3)

as can be seen from the data in Table II.

Table II : Product Balance in the Irradiation of 
Aqueous Sulfate Ion-Methanol Solutions

Methanol ¿CHiO +
concn., M <t>Hi ¿CHíO ■¿(CHsOH),
5 X 10"1 0.36 0.025 0.33 0.355
2.0 0.41 0.045 0.36 0.405
5.0 0.43 0.080 0.35 0.43

pH Variation. Photolyses have been carried out us
ing solutions containing 1.0 X 10_1 M  sodium sulfate,
1.0 1  methanol, and varying amounts of sodium hy
droxide in order to vary the pH from 7 to 14. The 
quantum yield for hydrogen production is plotted 
against pH in Figure 2, curve A, and, as can be seen, 
0H, is markedly pH dependent.

The value of the quantum yield for hydroxide ion 
photolysis is found to be 0.11 as shown by the limiting 
yield of hydrogen at high pH in Figure 2, curve A. 
That this value is independent of the presence of sulfate 
ion is shown by Figure 2, curve B, which shows the 
effect of pH variation on the photolysis of an aqueous 
solution of methanol. The same value of the hydrogen 
yield is again observed at high pH while the upper limit 
of curve B corresponds to the quantum yield for hydro
gen production from pure methanol, i.e., 0.47. Thetotal 
hydrogen yields over the pH range studied can be ex
pressed by the equation

0 H i =  0OH~ £*OH- +  0 8 0 , » - « s o , * -  +

0ch.oh«ch,oh +  <t>Hjoamo (4) 
in the presence of sulfate ion, and as

0Hj =  0OH-«OH- +  0CH|OH«CH|OH +  0HiO«H,O (5)

in the absence of sulfate ion where 0OH- =  0.11, 0 c h soh  
— 0.47, 0so,»- =  0.37, and 0h2o =  0.3. These two 
equations are analogous to eq. 2.
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Figure 2. Quantum yield vs. pH : O, curve A,
1.0 X  1CT1 M  SO,2“ , 1 M  MeOH; A, curve B, 1 M  MeOH.

D i s c u s s i o n

Following the initial photoact in the irradiation of 
aqueous sulfate ion, as expressed by eq. 1, the following 
processes can occur in the presence of methanol

(S04-  +  e - ) .q SO,2"  (6)

SO ,- +  l i 20  H SO,- +  OH (7)

SO ,- +  CH3OH — HSO,- +  CH2OH (8)

e,q~  +  H20  — > H +  O H - (9)

e»Q-  +  CH3OH — ■> H2 +  CH2OH +  O H - (10)

Evidence that reaction 6 occurs comes from the fact 
that the quantum yield for reaction 1 is less than unity, 
namely, 0.37. If reactions 7 and 9 occur, they would 
be followed by

OH +  CHsOH — > H20  +  CH2OH (11)

H +  CH3OH — > H2 +  CH2OH (12)

Whether the species S04_ and e»q~ react with water 
molecules or whether they are scavenged directly by 
methanol can be decided on the basis of (a) bond dis
sociation energy data and (b) kinetic data involving 
absolute rate constants. Reactions 7 and 9 involve the 
fission of the H-OH bond in the water molecule which 
requires a dissociation energy of 118 kcal. mole-1,1® 
whereas in reactions 8 and 10, energy required for the 
fission of the C -H  bond is of the order of 85 kcal. mole-1. 
These data would favor the occurrence of reactions 8 and 
10. The latest value for the absolute rate constant for

reaction 9 is 102 M -1 sec.-1,17 and that for reaction 10 is 
5 X 10® M ~ l sec.-1.18 For a 1.0 M  methanol solution 
the ratio of the rates of reactions 10 and 9 would, from 
the quoted values of these rate constants, be 900 which 
again would favor reaction 10 and exclude reaction 9.

Support for the argument that methanol scavenges 
the species SO,-  and e,q~ directly comes from the ob
servation that for complete scavenging a methanol con
centration of 7.5 X 10_1 M  is required.

In the photolysis of liquid water8 where the primary 
act is

H20  - X  H +  OH (13)

the scavenging of the hydrogen atoms and hydroxyl 
free radicals is complete with a methanol concentration 
of 5.0 X 10-3 M. This much lower scavenger concen
tration is consistent with the greater reactivity of the 
hydroxyl free radical with methanol for which fc(OH 
+  CH3OH) = 1.0 X  109.18

The observation that the scavenging efficiencies of 
methanol, ethanol, and 2-propanol are in the reverse 
order to the rates of their reactions with hydrogen 
atoms19 for which

k(E  +  CH3OH) =  8.5 X  10® M ~ l sec.-1

k(H +  C2H6OH) =  8.8 X  106 M ~ l sec."1

k(H +  ¿C3H7OH) =  2.6 X  10® M - 1 sec."1

is evidence for the participation of a reaction other 
than reaction 12. These observations, taken in con
junction with the relative rate data given earlier, sug
gest that reaction 9 does not occur in the systems stud
ied.

The hydroxyl free radical is also known to react more 
rapidly with ethanol than with methanol18; hence, by 
an argument analagous to that employed for H atom 
scavenging, reaction 11 is unlikely to occur. We would 
therefore expect the mechanism of sulfate ion pho
tolysis to include reactions 1, 6, 8, and 10.

The CH2OH free radicals can produce formaldehyde 
and ethylene glycol by

CH2OH +  CHjOH — CH20  +  CH3OH (14)

and

CH2OH +  CH2OH — > (CH2OH)2 (15) 16 17 18 19

(16) T. L. Cottrell, “ The Strengths of Chemical Bonds,”  Butter- 
worth and Co. Ltd., London, 1958.
(17) F. 8, Dainton, private communication.
(18) E. J. Hart, J. K. Thomas, and S. Gordon, Radiation Res. Suppl., 
4, 74 (1964).
(19) J. Rabani, J. Phys. Chem., 66, 361 (1962).
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with reaction 15 being the most probable one.
The reaction

SO4- +  CH2OH — >  HSO4- +  CH20  (16)

is much less likely to be responsible for the production 
of formaldehyde than reaction 14 because of the com
petition for SO4 by methanol molecules, which will be 
in vast excess of the CH2OH radical concentration.

As can be seen from the data in Table II, formal
dehyde is the minor product over the range of methanol 
concentrations studied and the increase in the propor
tion of formaldehyde produced with increasing meth
anol concentration is probably due to the direct pho
tolysis of methanol

CH3OH - ^ H 2 +  CH20  (17)

by analogy with the gas phase observations of Patat 
and Hoch.20

The decrease of <£h2 with increasing pH we consider 
to be due to the increasing fraction of radiation ab
sorbed by the hydroxide ion. The absorption spectrum 
which we have determined for aqueous hydroxide ion 
is in agreement with that reported by Ley and Arends,21 
and the value of e at 1849 A. is 3500 M~l cm.-1. At 
pH values greater than 12 the hydroxide ion is responsi
ble for almost complete absorption of the radiation, 
and hence any hydrogen produced from such solutions 
must arise from the direct photolysis of the aqueous 
hydroxide ion. We consider the mechanism to be

analogous to that proposed for sulfate ion, the primary 
photoact being

OH*q --->  (OH +  8 )aq (18)

The hydrated electron can either undergo a back re
action in the solvent cage

(OH +  e- ) — >  OH-  (19)

which would explain the low yield of 0.11 or be scav
enged by methanol as in reaction 10, and the hydroxyl 
free radical would react with methanol by reaction 11. 
The fates of the CH2OH free radical would then be 
represented by reactions 14 and 15.

We are currently investigating the effects of pH 
variation on the sulfate ion system in the range pH 1-7, 
a region in which the ion HSO4-  is responsible for many 
of our observed reactions. The results of this work will 
be published at a later date.
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The Heat of Formation of Aluminum (I) Chloride (g) and the 

Entropy of Aluminum (III) Chloride (g)

by Margaret A. Frisch, Michael A. Greenbaum, and Milton Farber

Mar emoni Corporation, Rocket Power, Inc., Research Laboratories, Pasadena, California 
{Received March 12, 1966)

A second-law value for the AHt°m of AlCl(g) of —13.3 ±  0.4 kcal./mole has been obtained 
from a molecular flow effusion study of the reaction 2A1(1) +  AlCl3(g) — 3AlCl(g) over the 
temperature range 930-1034°K. The first one-step determination of the S°m of AlCl3(g) 
has also been derived from this study. This value was found to be 104.6 ± 2 . 1  cal./deg. 
mole.

Introduction

Various values ranging from —11 to —20 kcal./ 
mole have been reported in the literature for the 
A fff°298 of AlCl(g). Gross, et al.,1 compared the 
equilibrium vapor pressure of mixtures of molten 
aluminum with solid KC1 and both liquid and solid 
NaCl with the vapor pressures of the pure salts. From 
these measurements they derived an average third- 
law value for the AH(0298 of —11.58 kcal./mole. They 
also studied the equilibrium

2A1(1) +  AlCls(g) =  3AlCl(g) (1)

at a temperature of 1250°K. and reported a value for 
AHf°298 of AlCl(g) of —10.92 kcal./mole.

Russell, et al.,2 measured the equilibrium constant for 
reaction (eq. 1) at 1400°K. and obtained a third-law 
value for AHAsa of —12.18 kcal./mole. Semenko- 
vich’s3 measurements on the reaction from 950 to 
1200° gave a second-law heat of reaction at 298°K. 
of 77.98 kcal./mole which led to a AH/As for AlCl(g) 
of —19.20 kcal./mole. Gaydon4 selected for D0 of 
AlCl(g) the value of 5.1 ±  0.2 e.v. which resulted in a 
heat of formation of —11.62 kcal./mole.

The AffAgs of AlCl3(g) was measured by several in
vestigators5-7 based on studies of the dimerization re
action of AlCl3(g), and their second-law values ob
tained for the heat of reaction agree with each other 
within ±0.5 kcal./mole. The corresponding iS'°298 
AlCl3(g) was derived6 using one experimental vibra
tional frequency of Klemperer8 and three estimated 
frequencies so that the second- and third-law values

for the heat of reaction were in agreement. This re
sulting entropy for AlCl3(g) (74.6 cal./deg. mole) 
should be considered somewhat unreliable since its 
value is based on the estimated entropy of ARChfe).6 
The S3298 Al2Cl6(g) was calculated using eleven ob
served vibrational frequencies and seven estimated 
ones such that the experimental6’6’9-11 heat of subli
mation of A1C13(c) was in reasonable agreement with the 
third-law calculation.

In view of the uncertainty in the reported thermo
dynamic values for AlCl(g) and AlCl3(g), the present 
study was undertaken to obtain a value for both 
AHf°298 of AlCl(g) and iS°298 of AlCl3(g) by a second- 
law measurement.

(1) P. Gross, C. S. Campbell, P. J. C. Kent, and D. L. Levi, Dis
cussions Faraday Soc., 4, 206 (1948).
(2) A. S. Russell, K. E. Martin, and C. N. Cochran, J. Am. Chem. 
Soc., 73, 1466 (1951).
(3) S. A. Semenkovich, Zh. Prikl. Khim., 33, 1281 (1960); Chem. 
Abslr., 54, 19252d (1960).
(4) A. G. Gaydon, “ Dissociation Energies and Spectra of Diatomic 
Molecules,”  Chapman and Hall Ltd., London, 1953.
(5) “Janaf Thermochemical Tables,”  USAF Contract No. AF 
33(616)-6149, Advanced Research Projects Agency, Washington, 
D. C. AlCl(g), June 30, 1961; AlCls(g), March 31, 1965; Al(l) 
Dec. 31, 1960; Al2Cl6(g), March 31, 1964.
(6) A. Smits and J. L. Meijering, Z. physik. Chem., B41, 98 (1938).
(7) W. Fischer, O. Rahlfs, and B. Benze, Z. anorg. allgem. Chem., 
205, 1 (1932).
(8) W. Klemperer, J. Chem. Pays., 24, 353 (1956).
(9) C. G. Maier, U. S. Bureau of Mines, Technical Paper 360, 
TJ. S. Government Printing Office, Washington, D. C., 1929.
(10) W. D. Treadwell and L. Terebesi, Helv. Chim. Acta, 15, 1053 
(1932).
(11) T. G. Dunne and N. W. Gregory, J. Am. Chem. Soc., 80, 1526 
(1958).
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Experimental
Method. The heat of formation of AlCl(g) was 

determined by a molecular flow effusion12 study of the 
reaction as given by eq. 1 over the temperature range 
930-1034°K. This procedure consists of passing gaseous 
A1C13 at temperature T and pressure P  over the surface 
of molten A1 at the same temperature and allowing the 
resulting vapor species to escape through an effusion 
orifice into a high vacuum. The fraction of AlCls 
molecules which leaves the surface of A1 as gaseous 
A id  is determined by the equilibrium constant K p.

Kv =  P aici3/ P aici, (2)

For molecular flow conditions to exist, the mean free 
path of the vapor must be of the order of the inside di
ameter of the Knudsen cell (0.6 cm. for the present sys
tem, which is equivalent to a pressure of 2 X  10' 
atm.).

The pressures of A id  and A1C13 were calculated from 
the weight losses of A1 and A ld 3 using the Knudsen 
equation.

Px =  Z x(Mxr ) 1/7(44.33AK0) (3)

where P x is the pressure in atmospheres; is the 
effusion rate of the species in moles sec.-1 ; Mx is the 
molecular weight of the species; T is the temperature of 
reaction in degrees Kelvin; A is the orifice area in cm.2; 
and Wo is the Clausing factor. The cell used in these 
investigations had an orifice area of 2.20 X 10-2 cm.2 
and a dausing factor W0 of 0.52.

A blank run was made during which AlCl3(g) was 
passed through the apparatus at 1034°K. at a high 
flow rate in the absence of any Al. No weight changes 
occurred in either the flow tube or effusion cell, thus 
indicating no reaction between A1C13 and the materials 
of construction.

The moles of A1C1 formed and the unreacted moles of 
A ld 3 were calculated according to eq. 4 and 5, re
spectively.

Z a ici =  */i{WW ai — ATFtube)/26.98 (4)

Z a i c u  — ATFaici»/133.34 -  Zaici/3  (5)

The flow of A id  was corrected for back diffusion by 
subtracting the weight increase of the flow tube from 
the mass of Al lost from the cell, as indicated in eq. 4.

Procedure. A 0.25-g. sample of 99.5% Al wire was 
placed in a cell constructed of 9 9 + %  aluminum oxide 
(0.38 in. o.d. X 0.25 in. i.d. X 0.75 in. long) which was 
closed at one end. An effusion hole was drilled 1.64 
mm. in diameter, approximately 0.13 in. off center in 
the closed end of the tube. The cell was press-fitted 
into a graphite cylinder (2 in. long X 0.94 in. o.d.)

so that the front of the cell was recessed by 0.5 in. 
A hole (0.25 in. diameter X  0.75 in. long) was drilled 
in the other end of the graphite cylinder into which an 
alumina flow tube (9 in. long X 0.13 in. i.d.) was in
serted. The cell assembly was brought to the de
sired temperature using a tungsten resistance furnace 
with a heating zone of 3.25 in. which has been des
cribed in detail previously.13 In Figures 1 and 2 
diagrams of the furnace and A1C13 generator are shown. 
The temperature of the graphite cylinder was mon
itored by a calibrated chromel-alumel thermocouple. 
The thermocouple voltage was measured on a Rubicon 
potentiometer which was preset to the desired po-

Alumina furnace core Thermocouple To AICls (g)
with tungsten coil well generator

cylinder cell

Figure 1. Knudsen cell in a tungsten resistance furnace.

Lead-through 
for high-

To AJ. CLCc) temperature
Knudsen Flow sample Immersion furnace
cell tube well heater wells thermocouple

Figure 2. AlC^g) generator: cross section and rear view.

(12) M. Färber and J. Blauer, Trans. Faraday Soc., 58, 2090 (1962).
(13) M. A. Greenbaum, R. E. Yates, M. L. Arin, M. Arshadi, J. 
Weiher, and M. Färber, J. Phys. Chem., 67, 703 (1963).
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tential and the imbalance plotted on a Leeds and North- 
rup 5-0-5 mv. recorder. The temperature was main
tained constant to ±0.3° by a Leeds and Northrup 
Series 60 control unit regulating the output of a Fincor 
saturable core reactor.

The A1C13 generator was constructed of high density 
graphite (1.22 in. o.d. X  2.56 in. long with a cavity 
0.25 in. i.d. X 2 in. long). A 1-g. sample of 9 9 + %  
purity AICI3 was placed in the cell and the other end 
of the alumina flow tube press fitted in the 0.25-in. 
opening, effecting a gas-tight seal. The A1C13(c) 
was handled entirely in a drybox which was main
tained under a constant pressure of dry nitrogen.

Weighing of the A1C13 in the closed cell was the only 
operation not carried out in the drybox. Opportunity 
of moisture pickup must be considered negligible. 
The graphite cell was heated directly using two Gen
eral Electric G2 immersion heaters (0.38 in. o.d. X 
2.38 in. long, resistance 13.5 ohms each) in intimate 
contact with the graphite. The temperature of the 
AICI3 generator was measured by a chromel-alumel 
thermocouple and continuously plotted on a 0-5-mv. 
recorder. A  Leeds and Northrup Series 60 control 
unit, operating a Fincor SCR power supply, auto
matically controlled the temperature to ±0.2°.

Both the high-temperature furnace and the AICI3 
generator were mounted in a high vacuum system (3 
X 10~6 mm.). The AICI3 generator protruded from 
the vacuum system through a brass tube (1.25 in. 
diameter X 3 in. long). The reaction furnace was 
brought to temperature and allowed to equilibrate 
for 1 hr. during which time the outgassing of the furnace 
diminished to give a constant pressure of approximately 
2 X 10-5 mm. The experimental run was commenced 
by rapidly heating the A1C13 generator to 90° and 
maintaining it at that temperature for a time suf
ficient to lose at least 10 mg. of Al. Termination of 
the run was effected by cooling the brass tube with ice 
and in this manner the on-off time was accurate to 
within 2 min.

The mass loss of Al was determined from the mass 
difference of the Knudsen cell before and after the run 
and the A1C13 mass transfer was determined in a 
similar manner. The flow tube was also weighed to 
determine the extent of possible back diffusion of the 
A1C1. These weighings were repeated until a re
producibility of 0.1 mg. was obtained.

Results and Discussion

The reaction was studied at nine different tempera
tures and the data are presented in Tables IA and IB. 
A plot of log K v vs. 1/T is shown in Figure 3. The

10'/T .

Figure 3. Equilibrium constants for reaction 1 
plotted as a function of temperature.

least-squares line based on these data is given by the 
equation

log K v =  —19,742/T +  12.036 (6)

The present work and all previous experimental 
data for eq. 1 are plotted in Figure 4. An extrapolation 
of eq. 6 as indicated in Figure 4 yields an equilibrium 
constant which agrees with the one obtained by Gross,

io y r .
Figure A. Summary of equilibrium data for reaction 1 
plotted as a function of temperature: 1, this work;
2, Semenkovich3; O, Gross, e t  a l . 1 ; □, Russell, e t  a l . 2
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Table IA : Experimental Data for the Reaction 
2A1(1) +  AlCUg) = 3AlCl(g)

T, °K. Í, min. AWa ICIj, g. AWa I, g. AWtabe, g.
■PA1C1» 

atm. X 10
-Pa ICIs* 

atm, X 10 Kp, atm.2

930.8 210 0.1599 0.01685 0.0019 0.314 0.508 6.09 X IO"10
933.3 240 0.2801 0.02295 0.0009 0.406 0.816 8.20 X IO“ 10
953.7 120 0.0934 0.0138 0.0013 0.465 0.457 2.20 X IO"9
974.0 100 0.1302 0.0186 0.0013 0.781 0.776 6.14 X IO-9
976.0 120 0.0529 0.0134 0.00075 0.476 0.160 6.74 X IO"9
984.1 160 0.1379 0.0279 0.0020 0.734 0.412 9.60 X IO“ »
994.8 60 0.0513 0.0115 0.0007 0.820 0.369 1.49 X IO-8

1014.4 60 0.0523 0.0143 0.0009 1.028 0.290 3.75 X IO-8
1034.0 60 0.0670 0.01835 0.0000 1.421 0.329 8.72 X IO-8

Table IB : Thermodynamic Properties for the Reaction 
2AK1) +  AlCU(g) = 3AlCl(g)

T, AF, AS, cal./ A£T3rd.
°K. log Kp ÌO '/T, ”K. kcal./mole deg. mole kcal./mole

930.8 -9 .215 1.0743 39.25 63.28 98.15
933.3 -9 .086 1.0715 38.80 63.27 97.85
953.7 -8 .658 1.0485 37.78 63.14 98.00
974.0 -8 .212 1.0267 36.60 63.01 97.97
976.0 -8 .171 1.0246 36.49 63.00 97.98
984.1 -8 .018 1.0162 36.10 62.95 98.05
994.8 -7 .826 1.0052 35.62 62.88 98.18

1014.4 -7 .426 0.9858 34.47 62.75 98.13
1034.0 -7 .060 0.9671 33.40 62.64 98.16

et al.,1 at 1250°K. within the experimental uncertainty 
of the data. Furthermore, the reaction investigated 
was checked for any significant variation from unity of 
the accommodation coefficient by reducing the hole 
size area by a factor of 10 and observing no change in 
the K p within the experimental error. Since the plot 
of the data is linear to a high degree of precision, the 
presence of a competing reaction is extremely im
probable. In addition, a greater than fivefold varia
tion in pressure of AlCl3(g) at 975°K. (c/. Table IA) 
produces a negligible effect on the K, further indicating 
that only AlCl(g) is being produced in the reaction of 
AlCl3(g) with Al(l). It is realized that a variation of 
even 10 in orifice area is probably not sufficient to 
eliminate the possibility of an accommodation coef
ficient in the range of 0.1 to 1.0. However, assuming 
the accommodation coefficient as small as 0.1, it would 
not alter significantly the reported value (within ex
perimental error). It is felt, however, that the ac
commodation coefficient in the present case is essen
tially unity. A detailed discussion of the validity of 
such an assumption has been presented previously.14’16 

Employing the second law of thermodynamics, the 
constants from eq. 6 lead to a value of 90.3 ±  1.1

kcal./mole for the heat of reaction and 55.1 ±  1.1 
cal./deg. mole for the corresponding entropy change 
at the average temperature of 982 °K. (The un- 
certainities assigned to these numbers are the normal 
statistical standard deviations of the slope and inter
cept, respectively.)

Heat of Formation of AlCl(g). Using this second-law 
heat of reaction at 982 °K. and AH°m  for AlCl3(g) 
of —142.9 ±  0.5 kcal./mole6 (AHt°m for A1(L) =  
0 by definition), —17.5 ±  0.4 kcal./mole is obtained 
for AH t 982 for A1C1 (g). The uncertainty assigned to 
this quantity is the square root of the sum of the 
squares of the weighted uncertainties of AHt°m 
AlCl3(g) and AHt°m. Employing the available heat 
content data for AlCl(g), Al(l) and AlCl3(g),6 the 
AH °m for AlCl(g) is found to be —13.3 ±  0.4 kcal./ 
mole. This heat of formation is in good agreement 
with —11.6 ±  1.0 kcal./mole, the average of several 
previous third-law experiments.1-5 The experimental 
and derived thermodynamic data can be found in 
Table II.

Entropy of AlCk(g). Since the entropies of Al(l) 
and AlCl(g) are known to a high degree of accuracy, 
the entropy of AlCl3(g) at 982 °K. can be calculated

Table II : Experimental and Derived Thermodynamic
Data for AlCl(g) and AlCk(g)

Affr°982 90.3 ±  1.1 kcal./mole
A $r °  982 55.1 ±  1.1 cal./deg. mole
A-fff°982 AlCl(g) — 17.5 ±  0.4 kcal./mole
S ° m  AlCls(g) 104.6 ± 2 . 1  cal./deg. mole
AiJf°298 AlCl(g) — 13.3 ±  0.4 kcal./mole
S°298 AlCls(g) 76-78 cal./deg. mole

(14) M. A. Greenbaum, R. E. Yates, and M. Färber, J. Phys. Chem., 
67, 1802 (1963).
(15) H. C. Ko, M. A. Greenbaum, and M. Färber, ibid., 69, 
2311 (1965).

The Journal of Physical Chemistry



H eat  op F orm ation  op AlCl(g) 3005

Table III: Equilibrium Data for the Reaction 2AlCl3(c) =  AbChfg)

Ref.
Temp, range,

°K. Tar, °K- log P  (AI2CI6), atm. AHt°, kcal./mole
ASr°,

cal./deg. mole
A-SrV

cal./deg. mole

6 4 2 0 .8 -4 6 4 .6 4 4 2 .7 13 .234 -  6 .0 0  x  ì o y r 27 .45 60 .55 58 .40
7 3 9 5 .0 -4 5 0 .2 422 .6 13 .192 -  5 .9 76  X  lo y r * 2 7 .3 4  ±  0 .1 8 60 .36  ±  0 .4 3 58 .74
7 3 9 2 .6 -4 2 8 .1 410.1 13 .002 -  5 .8 98  X  ì o y r * 26 .99  ±  0 .4 6 59 .4 8  ±  1 .12 58 .96

10 3 8 8 .6 -4 6 6 .4 42 7 .3 13 .324 -  6 .0 2 5  x  i o y r “ 27 .57  ±  0 .1 9 60 .9 7  ±  0 .4 4 58 .67
11 2 9 4 .2 -3 2 2 .2 30 8 .0 14 .89  --  6 .5 3 6  X  IO3,/T 29 .91 68 .13 60 .69

° Authors did not report line. Their data were fitted with a straight line by method of least squares.

Table IV : Equilibrium Data for the Reaction AljClefg) = 2AlCl3(g)

Temp, range, A Sx°, A & V
Ref °K. T „ ,  °K . log Kv, atm. A/fr°, kcal./mole cal./deg. mole cal./deg. mole

6 669-816 742 7 .1 5  -  6 1 .5  X  103/ r 28 .1 4 32 .72 31 .85
7 605-944 775 7 .6 92  -  6 .541  X  10*/T° 29 .93  ±  0 .8 2 35 .2 0  ±  1 .12 31 .67

“  Authors did not report line. Their data were fitted with a straight line by method of least squares.

from the entropy of reaction obtained in this study. 
The S°982 AlCl(g) of 64.84 ±  0.5 cal./deg. mole was 
derived from statistical mechanics using measured 
molecular constants,16 17 18 19 while the îS°982A1(1) of 17.42 ±  
0.5 cal./deg. mole is based on measurements on the 
solid17-28 and the heat of fusion.20-21 22 23 24 25-26’27 The un
certainties assigned to these entropies were estimated 
by the present authors. Thus, 104.6 ± 2 . 1  cal./deg. 
mole is obtained for the entropy of AlCl(g) at 982 °K.

The entropy at 982°K. for AlCl3(g) of 96.8 cal./deg. 
mole,6 computed from statistical mechanics, is 7.8 
entropy units smaller than the experimental value re
ported here. Four entropy units of this difference can 
be attributed to the two assigned uncertainties. The 
tabulated entropy at 298°K. (74.6 cal./deg. mole)8 
is uncertain by at least 2 cal./deg. mole, since this 
quantity is based entirely on estimated molecular param
eters except for one experimental vibrational fre
quency using a rigid harmonic oscillator as the model. 
Since these frequencies [150(2), 245(1), 400(1) and 
610(2) ]5 are small, a sizable anharmonicity correc
tion to the calculated entropy is certain to exist at 
982 °K. Furthermore, the vibrational contribution to 
the entropy was approximated using the equation

R r
Sv =  -  R In (1 -  e-*)

e — 1

where x = hcwi/kT = lASSca/T. This approximation 
is valid only when x is small, which is hardly satisfied

for AlCl3(g) even at 298°K. On this basis, it is reason
able that these statistical calculations may have an 
accumulated error of 3 to 4 cal./deg. mole at 982°K.

Some experimental evidence supporting the higher 
value is indicated by the equilibrium data presented in 
Tables III and IV. In each of these studies the experi
mental entropy of reaction is greater by 2 or more 
entropy units than that predicted from statistical en
tropies.6

Reduction of S° at 982°K. to 298°K. is difficult be
cause of the aforementioned corrections. The most 
probable value for the entropy of A1C13 from these 
experiments is in the range 76-78 cal./deg. mole.

(16) G. Herzberg, “Molecular Spectra and Molecular Structure. I. 
Spectra of Diatomic Molecules,”  D. Van Nostrand Co., Inc., New 
York, N. Y „ 1950.
(17) N. E. Philips, Phya. Rev., 114, 676 (1959).
(18) J. A. Kok and W. H. Keesom, Physica, 4, 835 (1937).
(19) W. F. Giauque and P. F. Meads, J. Am. Chem. Soc., 63, 1897 
(1941).
(20) K. K. Kelley, U. S. Bureau of Mines Bulletin 476, U. S. 
Government Printing Office, Washington, D. C., 1949.
(21) O. Kubaschewski, Z. Elektrochem., 54, 275 (1950).
(22) J. H. Awberry and E. Griffiths, Proc. Phya. Soc. (London), 38, 
378 (1926).
(23) E. D. Eastman, A. M. Williams, and T. F. Young, J. Am. Chem. 
Soc., 46, 1178 (1924).
(24) H. Seekamp, Z. arwrg. allgem. Chem., 195, 345 (1931).
(25) P. Schubel, ibid., 87, 81 (1914).
(26) W. Oelsen, O. Oelsen, and D. Thiel, Z. Metallic., 46, 555 (1955).
(27) F. E. Wittig, ibid., 43, 158 (1952).
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Shock Tube Studies on the Condensation of Various Vapors
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Department of Chemistry, Lehigh University, Bethlehem, Pennsylvania (Received March 16, 1965)

Shock wave induced condensation of 2-butanol, ethanol, methanol, chloroform, carbon 
tetrachloride, hexane, pyridine, and water was followed on a microsecond time scale using 
light transmission measurements. In all instances, deposition began as a film ; “ rupture”  of 
the film into droplets or a lenticular structure was inferred from a decrease in transmitted 
light at later times. Values of the condensation coefficient were computed for a steady-state 
model of the process and a discussion of several aspects of the rupture was made.

I n t r o d u c t i o n

Kinetic processes in phase changes have been of con
siderable interest. Though much attention has been 
paid to the vapor-liquid condensation transforma
tion,1-3 it appears that only one investigation has 
been made of early events, this being the shock tube 
study of water vapor condensation by Goldstein.4 
The present study was initiated to investigate the sig
nificance of various parameters in the condensation 
and film growth in a variety of materials.

Condensation is induced in the shock tube by uti
lizing the pressure increase across the shock wave. The 
bulk of the gas behind the shock wave is compressed 
adiabatically and heated very rapidly. However, 
the gas in the thermal boundary layer along the wall, 
essentially, will suffer an isothermal compression. 
Thus, if a gas is shocked and its resultant pressure is 
greater than the equilibrium vapor pressure at the wall 
temperature, the material in the thermal boundary 
layer will become supersaturated and condensation on 
the wall will ensue.

In this study, weak shock waves were passed through 
various vapors at or near their saturation vapor 
pressures. The resulting condensation was monitored 
by recording the intensity of a transmitted beam of 
monochromatic light passing through the shocked gas 
since a thin coating of condensed material influences 
the light reflective properties of the system.

E x p e r i m e n t a l

The shock tube was constructed of two pieces of 1.5- 
in. i.d. Pyrex pipe, the driver section being 3 ft. long 
and the channel 10 ft. long. Seals between the various 
sections of the tube were of Teflon gaskets. Prior to

a condensation experiment, the tube pressure was 
reduced to 1 n and a leak rate of 0.3 /¿/min. was main
tained. Shock velocity measurements were made with 
two photomultiplier light screens whose signals were 
recorded photographically from a Tektronix Type 
585 oscilloscope.

The optical system used to follow the condensation 
on the tube walls was composed of an Osram Model 
HBO 100 W /2  high-pressure mercury arc lamp, the 
light from which after collimation was passed through 
a Bausch and Lomb interference filter and then through 
the shock tube. The incident slit width was 0.125 in. 
The transmitted light impinged on a Dumont No. 
6292 photomultiplier tube and was read out on a 
Tektronix Type 515 oscilloscope. The mercury arc 
lamp was powered by a d.c. supply having a ripple of 
less than 1%. Observations were made 8.83 ft. below 
the diaphragm.

Modifications were made to measure the condensa
tion rate simultaneously at two different wave lengths,
i.e., at 5460 and 4000 A. Upon emerging from the 
shock tube, white light from the lamp fell onto a 4000-
A. filter which was inclined at 45°. This acted as a 
beam splitter by transmitting the 4000-A. radiation 
into the photomultiplier and reflecting all other radia
tion upward onto a 5460-A. filter and then into a second 
photomultiplier tube. The absorption spectrum of the 
inclined filter showed negligible changes in its trans-

(1) W. M. Nagle and T. B. Drew, Trans. Am. Inst. Chem. Engrs., 31, 
605 (1934).
(2) N. Fatica and D. L. Katz, Chem. Eng. Progr., 45, 661 (1949).
(3) J. F. Welch, Dissertation Abstr., 21, 3393 (1961).
(4) R. Goldstein, J. Chem. Phys., 40, 2793 (1964).
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mission characteristics. Outputs from the two photo
multiplier tubes were read out photographically on a 
Type 585 oscilloscope using a Type 82 dual trace plug
in unit for simultaneous display of both signals.

Materials studied were 2-butanol from Eastman 
Organic Chemicals (Eastman grade), methanol, CC14, 
CHC13, and pyridine from the J. T. Baker Co., hexane 
from Matheson Coleman and Bell (reagent grade), 
and absolute ethanol from United States Industrial 
Chemicals. All were used without further purification. 
Singly distilled water was studied in all water experi
ments.

Figure 1. T y p ica l tim e-tran sm ission  records fo r  various 
m aterials: A , 2 -bu tan ol: T2, 4 4 0 °K ., P 2 =  260 m m ., 
Pt/Pe =  13; B , eth an ol: T2, 4 9 0 °K ., P 2 =  250 m m ., 
P-JPt =  5 .37 ; C , eth an ol; T2, 3 5 0 °K ., P 2 =  87 m m ., 
P s/P a  =  1 .50 ; D , w ater: T2, 6 4 0 °K ., P 2 =  165 m m ., 
P 2/ P ,  =  7 .40 ; E , ch loro form : T2, 300 ° K ., P 2 =  530 
m m ., P 2/ P s =  2.40.

The tube wall was cleaned between series of runs but 
not between individual runs in a series on a compound. 
The test area was swabbed with methanolic KOH and 
rinsed three times with pure methanol. Vapors were 
evaporated into the evacuated shock tube from a glass 
bulb; initial pressures were measured on a Dubrovin 
gauge.

Helium, oil-pumped nitrogen, and Freon-12 were 
the driver gases. Aluminum foils, 1.0- and 0.8-mil 
in thickness, were used as diaphragms; these broke 
at pressure differences of about 1.5 and 1 atm., re
spectively.

Results

2-Butanol. Experiments were carried out with 2- 
butanol as the condensate, using helium gas as a driver 
and a diaphragm of 1.0-mil foil. A typical oscillo
scope Trace is shown in Figure 1. When this alcohol, 
at its saturation vapor pressure, was shocked it was 
observed that the intensity of light transmitted through 
the tube increased by 2-5%  within 5 nsec, after the 
passage of the shock. This initial increase was followed 
by oscillations in the intensity which lasted for approxi
mately 200 /isec. At this point a large decrease in 
intensity occurred which marked the end of the useful 
portion of the record. At no time during the oscilla
tions did the intensity return to its original level.

That the behavior apparent in the trace in Figure 1 
is indicative of the formation of a thin film of conden
sate on the tube wall may be seen from the following 
argument. Suppose a film of refractive index n\ 
exists between two media of refractive index n0 and n2, 
respectively; here n0 refers to the refractive index of 
the vapor and w2 to that of the wall material. If unit 
light intensity is incident upon this film, then the 
transmitted light intensity can be shown to be6

I =
I _  ( n° ~  wiV~ I _  ~  w2V~

Wo +  n j  JL W i +  n j  _

1 +
n0 TH ni — n2

_n0 +  nini +  n2_
+  2 no ni ni n2

.no -f- n4 ni -f- n2_
cos x

(1)

where x =  Here 6 is the thickness of the film
and X is the wave length of the incident light. If 
ni <  n2, the film formed is an antireflection film; the 
amount of light reflected at the surface is reduced and 
hence the transmitted intensity increases. As the 
film thickness increases, eq. 1 describes an oscillatory 
behavior whose minima are equal to the original 
intensity. Such behavior is as observed in Figure 1, 
with the difference that the observed intensity never 
returns to its original level. It is inferred that filling 
of surface irregularities with liquid and the subsequent 
removal of scattering centers from the glass surface is 
responsible for this increase.

It is seen from eq. 1 that maxima and minima in 
intensity occur at integral multiples of x = tt. Pre
sented in Table I are time-thickness data calculated 
for several runs for 2-butanol and other materials. 
In these calculations, the refractive index of the d -o
line of sodium was used for that at 5460 A. The un-

(5) A . V asicek , “ O p tics  o f  T h in  F ilm s,”  In terscience  Publishers, In c ., 
N ew  Y o rk , N . Y ., 1960, p . 112.
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Table I  : T y p ica l T im e-T h ick n ess  D a ta

■ ■ Time Oxsec.) for thickness of (cm. X  105) Pi,“ Pi,b Tl,
Material 1 2 3 4 5 6 7 mm. mm. •K. P 2/P  b c

2-B utan ol 5 20 55 90 135 200 300 1 9 .0 140 380 7 .0
2 -B utan ol 5 15 30 55 75 n o 1 8 .8 260 460 1 3 .0
2 -B utan ol 5 12 30 50 75 n o 145 1 9 .7 284 440 1 0 .4
2 -B utan ol 5 15 50 80 n o 1 5 .0 252 450 1 5 .9
E th an ol 15 45 120 200 1 9 .6 247 490 5 .3 7
M eth a n ol 45 250 1 9 .8 158 500 1 .4 4
C h loroform 15 30 60 100 140 225 320 219 527 300 2 .4 0
C arbon  tetrach loride 10 25 50 80 n o 150 138 304 337 2.20
H exane 10 30 80 140 21.8 270 370 1 .8 0

“ Subscript 1 refers to  conditions ahead o f  the shock . b Subscript 2 refers to  con ditions beh in d  th e shock . c P i/P s is th e supersatu r
a tion  ratio  re la tive  to  th e v a p o r  pressure o f  th e liqu id  a t  w all tem perature.

certainity in 6 introduced by this approximation was 
estimated to be less than 0.5% based on dispersion 
data for several liquids. Gas properties behind the 
shock were calculated using the method of Bethe and 
Teller6 with the required enthalpies being obtained 
from various sources.7 To substantiate further that 
the condensation of a film on the tube wall was being 
observed, simultaneous measurements were made of 
the intensity behavior using radiation of two dif
ferent wave lengths. The interference peaks in the 
intensity should occur earlier for the shorter wave 
length, but the calculated thickness at any time 
should agree for the two wave lengths. Curves for 
both wave lengths are seen to coincide on the thick
ness-time graph for 2-butanol given in Figure 2.

All photographs showed the characteristic large 
decrease in intensity which occurred at 160-200 
jusec. after the shock arrival and which marked the end 
of the oscillatory portion of the trace. Calculations 
demonstrated that this decrease could not be assigned 
to the arrival of the cold front into the viewing area. 
Consequently, this decrease is ascribed to the forma
tion of a lenticular structure such as would accompany 
the rupture of the film to lenses or droplets which scatter 
light and thus lead to a diminution in transmitted 
light.

Ethanol and Methanol. In general, the results for 
ethanol qualitatively resembled those of 2-butanol, the 
difference being that the condensation rate was lower 
for ethanol. Typical traces are shown in Figure 1. 
Supersaturations (P2/P 8) ranged from 5 to approxi
mately 1.2. Down to a supersaturation of 2, there was 
a gradual decrease in observed condensation rate. 
From supersaturations of 1.2 and 1.5 a rather different 
type of trace was obtained. In these instances, there 
was an increase in intensity as usual which was quickly

Figure 2. Sim ultaneous th ick n ess-tim e m easurem ents 
for 2 -bu tan ol: O, 5460 Â . ; • , 4000 A .

followed by a large decrease, below the original in
tensity, which is ascribed to the rupture of the film.

The condensation of methanol appears to be less 
extensive than that of either 2-butanol or ethanol, 
generally affording only one maximum and one mini
mum in intensity before film growth ceased.

Hexane. In view of its nonpolar nature and lack 
of association in the vapor phase, the behavior of hexane 
was compared with that of the alcohols. At super
saturations of about 2, behavior similar to that of

(6) H . A . B eth e  and  E . T eller, B allistics  R esearch  L a b ora tories , 
A berd een  P rov in g  G rou n d , M d ., R e p o rt  X -1 1 7  (1945).
(7) N . S. B erm an  and  J. J. M c K e tta , J . P h ys . Chem ., 66 , 1444 (1962) 
(2 -b u ta n o l); K . S. P itzer , J. C . M . L i, and  E . V . Iva sh , J . Chem . 
P h ys., 2 3 ,1 8 1 4  (1955 (m eth an ol) ; J. H . S. G reen , J . A p p l. Chem ., 11, 
397 (1961) (e th a n ol); F . D . R ossin i, et al., “ S e lected  P rop erties  o f  
P h ysica l and  T h erm od y n a m ic P roperties  o f  H y d ro ca rb o n s  and  R e 
lated  C om p ou n d s,”  Carnegie Press, P ittsbu rgh , P a ., 1953 (h ex a n e ); 
K . L i, J . P h ys . Chem ., 61, 782 (1957) (pyrid in e) ; E . G elles a n d  K . S. 
P itzer, J . A m . Chem. Soc., 75 , 5259 (1959) (ca rb o n  tetrach lorid e  and  
ch lo ro fo rm ); A . S. F riedm an  and L . H aar, J . Chem . P h ys ., 2 2 , 2051 
(1954) (w ater).
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ethanol was observed. At a supersaturation of about
1.3, the behavior resembled that of methanol.

Water. Initial experiments on water, with super
saturations ranging from 7 to 9, resulted in traces 
which were quite different from those of hexane and the 
alcohols and also different from those obtained by Gold
stein. An example is shown in Figure 1. At these 
higher supersaturations a film is observed to grow for 
a relatively long time, 100 to 200 ¿¿sec., although the 
growth rate was quite small. What occurs after this 
period is not entirely clear, but it involves the rupture 
of the film as indicated by the large decrease in in
tensity at about 200 ¿¿sec. The effect of lowering super
saturation and collision rate with the wall was seen to 
be an earlier rupture as with certain ethanol films. 
The difference in appearance between traces for water 
and the other materials previously studied is believed 
to be due to the relatively large surface tension of water 
which results in a less stable film. At supersaturation 
ratios of about 5, the water traces resembled Gold
stein’s more closely. In experiments discussed in this 
work, the films were stable for a larger period of time; 
reduced turbulence in the present shock tube is prob
ably responsible for the difference.

Carbon Tetrachloride and Chloroform. Since CC14 
is symmetrical and nonpolar, and CHC13 has low po
larity, a comparison of their behavior with that of the 
rest of the materials was of interest. Typical results 
for CHCh are shown in Figure 1. The traces quali
tatively resemble those of the alcohols and hexane, 
with one difference. For the previously studied ma
terials, the envelope of the oscillatory portion was a 
horizontal straight line. Here it is a straight line with 
a slope toward greater intensities.

Pyridine. To investigate the effect of surface 
tension, experiments were performed on pyridine, 
which has a surface tension of 38 dynes/cm., interme
diate to that of water and the other materials. Pyridine 
exhibited a decrease in intensity as condensation was 
initiated, as predicted by eq. 1 for a material of re
fractive index slightly higher than Pyrex. This ob
servation, of course, is additional evidence for the pro
duction of a film on the wall, as a “ reflection coating” 
is formed. Since the refractive indices of liquid and 
glass were so close the oscillations in intensity were of 
small amplitude.

Curves of thickness vs. time for typical runs with 
various materials are displayed in Figure 3.

Discussion

A point which should be discussed is the thermal 
stability of the various compounds at the tempera
tures that exist behind the shock. In experiments

Time, ¿¿sec.

Figure 3. D eposition  rates fo r  various m aterials.

with CCI4, CHCI3. and hexane, temperature rises of 
only 50 to 100° were obtained; decomposition would 
be negligible here. Pyrolysis in 2-butanol, methanol, 
and pyridine has been observed at temperatures above 
550°,8-10 considerably higher than those obtained in 
these experiments. It is thus clear that pyrolysis of 
the gases behind the shock wave in these experiments 
cannot be responsible for the observations on light 
intensity.

The compounds do not absorb light in the visible 
region, their absorption peaks being far into the ultra
violet. Any decomposition, however small, which 
might occur here could not give products with drasti
cally different spectral characteristics from the original 
material, so that absorption of the 5460-A. light would 
be negligible for any species present. In other words, 
there could be no enhanced transmission resulting from 
chemical breakdown.

Close inspection of the transmission records, as in 
Figure 4A, reveals that for 2-butanol a very sharp 
decrease (of about 1 ¿¿sec.) occurs immediately after 
the arrival of the shock front. To investigate this more 
closely, photographs were obtained at higher sweep 
speeds. Interestingly enough, under these conditions 
it is possible to resolve the initial spike into two parts : 
a decrease followed by a less obvious abrupt increase. 
The decrease can be interpreted in terms of the known 8 9 10

(8) F . Som en o, B ull. P h ys . R es. (T o k y o ) , 2 1 , 277 (1942).
(9) E . K uss, A ngew . Chem ., 49 , 483 (1936).
(10) C . D . H u rd  and  J. L . S im on , J. A m . Chem. Soc., 84 , 4519 
(1962),
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Figure 4. Sim ultaneous in ten sity -h eat gauge records for 
2 -bu tan ol: Pi =  11 m m .; Ti =  2 9 8 °K .; M i =  3 .13;
P 2/P1 =  10.0; distance betw een  light source and heat 
gauge is 1.98 cm .; distance from  diaphragm  to  heat 
gauge is 14.3 ft . T h e  in itial rising spike in  A  has 
been  in ked  over to  im p rove  reproduction  quality.

small though measurable reflectivity of the shock and a 
slight tilt with respect to the wall; the shock passage 
time over the slits is quite comparable to the width 
detected'. However, the second (increasing intensity) 
spike is associated with the condition of the wall 
surface. If the wall was cleaned with methanolic 
potassium hydroxide and rinsed with methanol, the 
second spike disappeared and the first intensity maxi
mum broadened very slightly. After six consecutive 
runs without recleaning in the manner described, the 
second spike reappeared. What is the responsible 
factor is not clear. However, it might be noted that 
this behavior is observed with less polar materials 
such as 2-butanol, chloroform, and carbon tetra
chloride rather than with polar molecules such as water, 
ethanol, and methanol.

Some plots of thickness vs. time have been displayed 
in Figure 3. In each case there seem to be two general 
regions to the curve, a region of decreasing growth rate 
from the onset of condensation continuing for 50 to 
100 ¿¿sec. followed by one of relatively constant growth 
rate.

One factor in the change of growth rate with time in 
the very early stages of the deposition and especially at 
times considerably less than those corresponding to the 
first datum point would lie in the changing nature of the 
surface as the condensation proceeds. As the film thick
ness increases, the condensation process changes from one 
of vapor condensing on a glass surface to one of vapor 
condensing on monolayer through multilayer and termi
nating on bulk liquid. It would be unexpected to find 
that the probability of a molecule condensing on the 
liquid is the same as for all of the earlier stages involved. 
As the growth continues, the rate approaches a con
stant value as condensation takes place on bulk liquid. 
Such effects would be expected to be most significant 
at very short times, although work by Shereshefsky11 
on evaporation of liquids from capillaries suggests that

the wall might have an effect on evaporation-conden
sation processes at distances up to 1000 A. from the 
wall.

Beyond this “ substrate influenced region”  phenom
enon, one would expect that some time would be re
quired to reach a steady state in flow. During this 
time, transient effects in heat transfer, mass flow, etc. 
would be smoothed. Following this transient period, 
in the steady state, condensation would proceed 
on an underlaying layer of molecules of liquid, with 
heat transfer taking place through the bulk. At 
present, the importance of these "ransient effects is 
not completely understood. Heat flux measurements 
which are in progress12 will be useful in clarifying the 
situation.

To summarize, oscilloscope traces for the longer 
lasting films showed two regions in the condensation 
process, first the region of rapidly decreasing growth 
rate followed by a region of relatively constant growth 
rate. Calculations based on the latter were made 
since any errors in choosing the slope will be small.

A condensation coefficient is defined as the fraction 
of gas molecules striking a cold surface which actually 
stick and, according to Mortensen and Eyring,13 is 
given by the ratio of partition functions for the mole
cules on the surface to those in the vapor phase. 
Because the vibrational degrees of freedom are the 
same for these two states, these do not have to be 
considered. However, the molecules in the surface 
experience restricted rotation and have a smaller 
rotational partition function. Therefore, the con
densation coefficient is given by the ratio of these ro
tational partition functions. Experimentally deter
mined values of the condensation coefficient generally 
agree with the calculated ones.13

In the past, rather than the condensation coefficient 
itself, the quantity measured has been the evapora
tion coefficient, the analog of the condensation coef
ficient for the evaporation process. The two coef
ficients are equal at a state of equilibrium between 
liquid and vapor.

It will first prove helpful to have at hand an estimate 
of the temperature rise in the film that would be ex
pected under steady-state conditions. An approxi
mate calculation of the temperature rise can be ob
tained from a heat balance. The heat q given off in 
the condensation of vapor on unit area is

(11) M . F o lm a n  and J. L . Shereshefsky, J. Phys. Chem., 59, 607 
(1955).

(12) W . R . S m ith  and  P . K icsk a , p riva te  com m u n ica tion .
(13) E . M . M orten sen  and  H . E yrin g , J. Phys. Chem., 64, 846 
(1960).
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q =  hêpdt

where h is the heat of vaporization per gram of liquid 
formed, 6 is the growth rate of the film, and p is the 
density of the liquid. This, of course, is equal to the 
sum of the heat which flows into the wall (here assuming 
constant wall temperature) and that which causes the 
temperature rise in the film ; i.e.

hdpdt = K(dT/d6)dt +  6CppdTdt

where K  is the coefficient of thermal conductivity, 
dT/d9 is the temperature gradient across the film, 
6 is the film thickness, and Cp is the heat capacity per 
gram. Values of 8 were taken directly from curves of 
thickness vs. time, and heat transfer between the 
film and gas and boundary layer effects were neglected. 
Temperature rises calculated by this method for 2- 
butanol, ethanol, methanol, hexane, CC14, and CHC13 
are of the order of 6, 2, 0.5, 1.5, 3, and 3°, respectively. 
In the calculation of the condensation coefficient, 
these temperature rises were included.

If the following computation of the condensation 
coefficient is to be applicable, the rate of flow from the 
vapor to the film must be small in comparison to the 
sound speed in the vapor. Under typical conditions 
with 2-butanol, the deposition rate in the later stages 
of the process is about 3.3 X 10~2 mole/sec./cm. of 
wall. If all of the molecules deposited come from near 
the wall (maximum depletion) and the density of the 
gas behind the shock is 0.01 mole/1. (at conditions of 
the typical run quoted above), then the deposition rate 
is 3.3 1. of gas/sec. Consequently, there must be a 
velocity directed toward the wall of magnitude equal 
to 280 cm./sec., which is considerably less than the 
sound velocity. In a typical run with 2-butanol, 
the film reached a thickness of about 7 X 1CU6 cm. 
before the useful portion of the trace ended, this cor
responding to a maximum removal of only about 7%  
of the gas in the tube. One may then, for simplicity, 
take the conditions at the center of the tube to be es
sentially the same as if there were no wall-directed 
transport; i.e., a steady state is assumed.

The net deposition onto the wall is given by

A =  1/i/3(py,Cw — phCw) (2)

where the first term in the parentheses accounts for 
the number of wall collisions from the vapor and the 
second gives the number evaporating from the liquid 
film at the temperature of the wall. The subscript 
w refers to the wall and pi, is the density of the saturated 
vapor at the temperature of the wall. As is usual, 
the evaporation and condensation coefficients have 
been taken to be equal and are represented by ¡3.

Using the experimentally determined values of A, 
the estimated wall temperature rise, and the condition 
of the shocked gas, the values of ¡3 summarized in 
Table II were obtained.

Table II : M easured C ondensation  Coefficients

Material P
Wall temp., 

°K .

2-B utanol 0 .0 3 2  ±  0 .0 0 5 312
E thanol 0 .0 2 6  ±  0 .0 0 5 297
H exane 0 .0 4  ±  0 .0 1 298
C arbon  tetrach loride 0 .0 5  ±  0 .0 1 307
C hloroform 0 .0 1 7  ±  0 .0 0 4 305
W a ter14 0 .0 3 6 283
W a ter16 0 .3 5  to  1 .0
W a ter16 0 .2 4 3
W a ter17 0 .0 4 2
C arbon  tetrach loride13 1 273
C h loroform 13 0 .1 6 275
M eth a n o l13 0 .0 4 5 273
H exane13 0 .7 0  (ca lcd .)
W a ter18 0 .0 3 6 273

Comparison of the condensation coefficients in 
Table II with those given by Mortensen and Eyring 
shows reasonable agreement for ethanol. For 2-butanol, 
(3 is of the same magnitude as their value for propanol, 
as might be expected. However, a value of ¡3 of 0.05 
was obtained here for CC14, much less than the pre
viously reported value of unity.13 The other values of 
/3 are similarly lower than the previously obtained 
values.

Discrepancies similar to these exist between values 
of ,8 of other materials obtained by various methods. 
Alty and McKay14 measured /3 for H20  by an evapora
tion method, obtaining a value of 0.036. In a recent 
study, Nabavian and Bromley16 obtained a value of 
(3 ranging from 0.35 to 1.0 from a measurement of the 
heat transfer coefficient of a H20  film on a copper tube. 
In still another study, Hickman,16 observing the evapo
ration from a jet flowing under vacuum, obtained a 
value of 0.243 for /3, which may reach unity if surface 
cooling is considered. This paper was discussed by 
Delaney, Housten, and Eagleton,17 who themselves 
found ,3 to be only 0.027. They suggested that the 
rate of vaporization from a rapidly renewed surface,

(14) T . A lty  and  C . A . M c K a y , P roc. R oy . Soc. (L on d on ), A 149, 
104 (1935).
(15) K . N a ba v ia n  and  L . A . B rom ley , Chem. Eng. Sci., 18, 651 
(1963).
(16) K . O. D . H ick m an , Ind . E ng. Chem., 4 6 , 1442 (1954).
(17) L . R . D ela n ey , R . W . H ou sten , and L . C . E ag leton , Chem. E ng.
S ci., 19, 105 (1964).
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such as Hickman’s, is much higher than it is from a 
stagnant surface.

Littlewood and Rideal18 have discussed the de
pendence of the condensation coefficient on the experi
mental method used. These authors feel that the heat 
and mass transfer fluxes of evaporation experiments 
could have some effect on interfacial equilibrium. In 
other words, lack of knowledge of the surface tem
perature is a large contributor to the uncertainty and 
the value of the experimentally measured condensation 
coefficient is dependent on the supply of heat to the 
surface (when the evaporation coefficient is being meas
ured). When heat transfer to the surface is sufficient, 
/3 will always be unity. They attributed much of 
Hickman’s success to the fact that surface cooling is 
almost eliminated in the jet.

Another aspect of the deposition process merits 
some attention here. All films observed in these ex
periments, as mentioned earlier, exhibited an abrupt 
turbidity increase that preceded the arrival of the con
tact surface as calculated from idealized shock tube 
theory. Though it has been shown that the actual 
arrival of the cold front can under certain conditions 
occur earlier than predicted,19 the diminished trans
mission intensity herein noted is assigned to a rupture 
of the film. In Figure 4 are displayed simultaneous 
light transmission and platinum thin film heat gauge 
measurements on a 2-butanol film; the time scale in 
Figure 4A is 50 nsec./cm. while in Figure 4B it is 500 
/isec./cm. In Figure 4A, it is evident that the heat 
gauges and the intensity data correlate. That is, both 
indicate the shock arrival. Moreover, the optically 
observed growth is accompanied by a concurrent in
crease in temperature. When the turbidity abruptly 
increases, about 150 /nsec, after the shock arrival, 
the temperature begins to drop. Displayed in Figure 
4B is the same heat gauge record simultaneously re
corded at a slower sweep speed. The first maximum 
corresponding to the ascribed rupture is apparent. 
This is followed by an oscillatory profile which termi
nates in a sharp drop about 600 /nsec, after the entry of 
the shock into the observation station, this being 
ascribed to the contact surface. Idealized shock 
tube calculations for this experiment show that the 
latter should arrive 1.09 msec, after the shock front. 
Rupture of the film into a lenticular structure would 
result in enhanced light scattering as observed. Except 
for a few cases of early breakup, the final breakup of 
the film appears to be the result of a flow-enhanced 
instability based on observations of the time-to- 
rupture. For the large range of conditions achieved 
in experiments on 2-butanol, it is evident that the film 
stability decreases with increasing particle velocity

Thickness at rupture, cm. X  105.
8 7 6 5 4 3  2 1

F ig u re  5 . T im e -to -r u p tu r e  b e h a v io r  o f  2 -b u ta n o l 
vs. p a r t ic le  v e lo c it y .

behind the shock front. This behavior is displayed 
in Figure 5 where the time between the onset of conden
sation and the rupture of the film is plotted against 
the particle velocity Mach number. Concomitant 
with the decrease of the time-to-breakup is a decrease 
in thickness at breakup as shown in Figure 5. Since 
breakup occurs at no particular thickness, the down
ward trend in stability with increasing particle velocity 
leads to the conclusion that the stability is dynamic in 
nature in the experiments summarized. Experiments 
are included here in which the supersaturation ratio 
was varied while the flow speed was held constant. All 
of the observations appear to fall on a common curve.

To summarize very briefly, all materials first de
posited as a continuous film which later broke up. 
Time-to-rupture data indicate that increasing particle 
velocity above the deposited film can be correlated with 
the rate of rupture. That is, films above which a high- 
velocity gas is flowing break up sooner than those in a 
low-velocity environment. Condensation coefficients 
computed from these shock tube studies, though 
probably low, are in fair agreement with those deter
mined by other techniques. The major source of error 
in this method appears to be the determination of the 
film temperature.
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(18) R . L ittlew ood  and  E . R idea l, Trans. F araday Soc., 52, 1598 
(1956).
(19) R . E . D u ff, P h y s . Fluids, 2 , 207 (1959).
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A number of carbonates—dimethyl, methyl ethyl, and diethyl—have been pyrolyzed in 
quartz reaction vessels with different surface-volume ratios. Unlike some recent reports, 
we find dimethyl carbonate to be extremely stable to pyrolysis and photolysis to at least 
350°. On the other hand, both methyl ethyl carbonate (MEC) and diethyl carbonate 
(DEC) pyrolyze with homogeneous, unimolecular kinetics in a temperature range where 
DMC is stable. The specific rate constants are: kMEo =  1013-710~4G’000/2-303/,:7’; kd e c  =  
1013-910- 46’000/2-303ii:r (sec.-1)- These kinetic factors suggest that the slow step in the 
reaction sequence is the same as that in esters with a /3-H atom in the alkyl group, i.e., the 
transfer of the d-H atom to the carbonyl oxygen with the concurrent breaking of the C -0  
bond to form the a-olefin and a carboxylic acid. The mechanism is analogous to the 
mechanism for xanthate pyrolysis. Our results show no evidence that alkyl radicals 
attack either the carbonyl oxygen or the ether oxygen of a carbonate in a radical displace
ment reaction.

Introduction
Wijnen1 and Thynne and Gray2 have studied the 

pyrolysis of dimethyl carbonate and report that it is 
a heterogeneous process on a quartz surface. Wijnen3 
has also reported that dimethyl carbonate photolyzes 
with the radiation from a medium pressure mercury 
arc. We have not been able to reproduce these 
results, indicating that the surface of our reaction 
vessel and our fight source differed from those of the 
previous investigations.

In a quartz vessel of 45-cc. capacity, with a surface 
to volume ratio (s/v) of 1.55 cm.-1, we find dimethyl 
carbonate to be stable at 350° for 1200 sec. at 10-mm. 
pressure. A significant percentage of both diethyl 
carbonate and methyl ethyl carbonate decomposes 
in 600 sec. at this temperature. Dimethyl carbonate 
has been photolyzed with full intensity of a Hanovia 
medium pressure mercury arc at various temperatures

up to 350° for 1200 sec. at 10-mm. pressure with only 
traces of CO, CH4, and CO2 as photodecomposition 
products. Dimethyl carbonate vapor, at 25°, shows 
no absorption from 2000 Â. to the visible within the 
experimental accuracy of our apparatus.4 5

The mechanism for ester decomposition has been 
quite firmly established. For carbonates, the gas 
phase6 decompositions of phenyl and benzyl ethyl 
carbonates have been shown to be first order and 
homogeneous in a “ conditioned”  stainless steel reactor.

(1) M . E .  J. W ijn en , J . Chem. P h y s ., 34 , 1465 (1961 ).

(2 ) S. C . S. T h y n n e  and  P . G ra y , Trans. F araday Soc., 58, 2403 
(1962 ).

(3) M . H . J. W ijn en , J . Chem . P h ys ., 3 5 , 2105 (1961).

(4) W e  w ish to  th a n k  D r . R . H . K n ip e  fo r  ob ta in in g  th e  absorp tion  
spectrum  o f d im eth y l carbonate .

(5) (a ) G . G . Sm ith , D . A . R . Jones, and R . T a y lo r , J . Org. Chem .
28 , 3547 (1 9 6 3 ); (b ) P . D . R itch ie , J. Chem. Soc., 1054 (1935 ).
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All the work was done at one temperature, and the 
pressure was monitored as a function of time to obtain 
the order and the corresponding specific rate constant. 
Since no variation with temperature was attempted, 
no energy of activation or pre-exponential factor was 
elucidated.

For xanthates, the effect of isotopes on the kinetics 
has established that the decomposition path is analogous 
to that of esters, the thionyl sulfur accepting the /?- 
hydrogen atom with concurrent elimination of an olefin. 
The intermediate compound OC(SH)SR is unstable 
and in a fast reaction forms COS and RSH. The 
organic carbonates pyrolyze to analogous compounds, 
olefin, CO2, and alcohol, and are presumed to follow 
the same path.

In the present work, the pyrolysis of two simple 
carbonates has been studied in the gas phase at low 
pressure, over a temperature range in a quartz reaction 
vessel. The effect of the surface-volume ratio has been 
determined, and the effect of any “ falloff”  in the de
composition at low pressure has been evaluated by 
studying the effect of inert gas on the rate.

The reaction of an alkyl free radical to displace the 
alkyl or an alkoxy group from a carbonate was also 
studied.

Materials and Apparatus

All of the carbonate esters used in the research were 
purified by gas chromatography.

The reaction cell was a quartz cylinder of 45-cc. 
capacity and s/v =  1.55 cm.-1. A similar vessel 
was packed with quartz shell tubing, all of their axes 
parallel to the axis of the reaction vessel, with a re
sultant s/v of 7.64 cm.-1. The reaction vessel was set 
into a furnace with a quartz window so that the con
tents of the reaction vessel could be exposed to the ra
diation from a medium pressure quartz mercury arc 
when desired. The reacted material was removed 
from a reaction vessel to a sample flask by a Toepler 
pump and then introduced onto a gas chromatographic 
unit (squalane on Pelletex) for analysis. The gas 
chromatographic apparatus had provision to trap any 
desired constituent for identification with the mass 
spectrometer.

Results

A mix of diethyl carbonate and acetone was photo- 
lyzed to see if the methyl radical from acetone pho
tolysis could displace a radical from diethyl carbonate. 
Both of the reactions

0  O

c h 3- +  c 2h 6o c o c 2h b ;z ±  c 2h 6o c o c 2h 6 — >

CHs

0
II

C2H6OCCH8 +  C2H60- (1)

and

0
II

CH3- +  C2H6OCOC2H6 — ^

0
II

C2H6OCOCH3 +  C2H6- (2)

involve small heats of reaction, but no evidence of the 
products of either of the reactions could be found in the 
temperature range from 150 to 350°. Even though 
diethyl carbonate pyrolyzes fairly rapidly at 350°, 
the products of the reaction do not conceal the products 
of reactions 1 and 2 on the gas chromatogram.

The pyrolysis of methyl ethyl carbonate and diethyl 
carbonate can be studied in the temperature range 
300-375°. Without heating all the tubing in the 
system, the highest pressure is restricted to about 20 
mm. The low pressure range emphasizes any surface 
effects. As previously noted, two s/v ratios were 
employed to check for surface effects. Within the pre
cision of our results the reaction was seen to be homogen
eous. Carbon dioxide was added as an inert gas to 
diethyl carbonate (75:1) without any effect on the 
rate, showing that the rate cdnstant was in the pres
sure-independent region and reinforcing the previous 
observations that surface plays a minor role. The 
products of the reaction of diethyl carbonate were 
ethanol, ethylene, and carbon dioxide and for methyl 
ethyl carbonate were methanol, ethylene, and carbon 
dioxide, in agreement with previous work5 on pyrolysis 
of other carbonates. The products were separated on 
a gas chromatograph and the various fractions trapped 
and identified. Since C 02 and ethylene do not separate 
well on the column, they were trapped together and 
analyzed on the mass spectrometer, which showed them 
to be present in equal amounts, again substantiating 
previous work. Once the one-to-one relationship 
was established, the C 02 in the products always was 
removed by KOH prior to the gas chromatographic 
analysis. Experiments at two pressure levels showed 
the reaction to be first order. As will be discussed 
in the next section, the reaction is both intramolecular
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and unimolecular. Since the concentrations of re
actants were so low they changed enough during the 
time of reaction to make it necessary to solve for the 
rate constant from the integrated form of the uni
molecular equation

, la
In y  — kt

where I0 and I  are the amounts of reactant at times 0 
and t sec., respectively. The moles of ethylene are 
equal to the moles of reactant consumed.

The rate constants are plotted in an Arrhenius graph 
in Pigure 1. The points of MEC are numerous 
enough to be analyzed by a least-squares treatment and 
result in fcM E c  =  1013-6 710~46’000/'2-3i)3-B2' with a standard 
deviation of 2 kcal./mole in the energy of activation. 
The intercept is precise within a factor of about 5. 
Within experimental error, the energies of activation 
of the two carbonates are seen to be equal, and the pre
exponential factor for the diethyl carbonate is about 
10° •2 = 1.6 times that for the methyl ethyl carbonate 
over the temperature range studied. The error in the 
slope results in A factors for the two carbonates which 
are indistinguishable when projected as the intercept 
at Tm.

Discussion
Methyl Radical Displacement of Ethyl Radical from 

Diethyl Carbonate. The lack of evidence for reactions
1 or 2 indicates that these rates are less than 5%  (ability 
to resolve products on a chromatography unit) of the 
rate of abstraction of H from diethyl carbonate by a 
methyl radical. The energy of activation for abstrac
tion from dimethyl carbonate is 8.9 kcal./mole2; the 
energy of activation for abstraction from diethyl 
carbonate is about 1.5 kcal./mole lower since /3-H 
atoms are more easily abstracted.

The relatively unfavorable rate for reactions 1 and
2 relative to methyl radical abstraction could be the 
result of relatively unfavorable pre-exponential factors 
for ki and fc2. However, as noted just below, some 
analogous displacement reactions by alkyl radicals are 
seen to dominate the competitive abstraction reaction. 
It is likely that the rates of the competitive reactions 
are controlled by the energies of activation, and re
actions 1 and 2 must have a minimum Ea01 of 11 kcal. 
mole.

No evidence exists for alkyl radical displacement in 
ketones

0 0-

R • +  RiCBi -h +  RiCRi ~f~*~ RCRa +  Up <3) 

R 0

1.50 1.55 1.60 1.65 1.70 1.75
(1 / T )K  X  10*.

F i g u r e  1 .  A r r h e n i u s  p l o t  f o r  d e c o m p o s i t i o n  o f  m e t h y l  
e t h y l  c a r b o n a t e  ( M E C )  a n d  d i e t h y l  c a r b o n a t e  ( D E C ) .

although radical addition to the carbonyl carbon is 
almost certainly an exothermic reaction. On the other 
hand, it has been shown that methyl radical or ethyl 
radical easily displaces a perfluoroalkyl radical from 
perfluoroacetone6-8 with an E^t of less than 7 kcal.,/ 
mole. (These unpublished results indicate that the 
figure may be less than 4 kcal./mole.)

O O
II II

R- +  CF3CCF3 — > RCCF3 +  CF3- (4)

A perfluoroalkyl radical does not displace a per
fluoroalkyl radical from a perfluoro ketone; only per
fluoroalkyl radical addition reactions are noted in the 
products.8

Urry9 has noted that the alkyl groups in vicinal 
triones equilibrate.

(6) G . O . P ritch a rd  and  E . W . R . S teacie, Can. J . Chem ., 3 5 , 1216 
(1957).
(7) S. J. W . P rice  and  K . O . K u tsch k e , ibid,.. 38 , 2128 (1960 ).
(8) A . S. G ord on , u n rep orted  w ork .
(9) W . H . U rry , M . H . P a i, and  C . Y .  C hen , J . A m . Chem. Soc., 8 6 , 
5342  (1964 ).
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OOO
m ill

2Ph C C C R 2 ^  R iC C C R x  +  R 2C C C R 2 (5)

He proposes that the reaction path is via acyl radical 
exchange

0 0 0  0 0 0

RjCO- +  RCCCR — > RCO- +  RiCCCR (6)

The single thread that seems to run through all the re
actions is that the reaction barrier is lowered when the 
carbonyl carbon and the attacking radical have widely 
differing electronegativities. Only in reactions 4 and 
6 is this condition met.

It should be mentioned that Price and Kutschke7 
report that an H atom does not displace a perfluoro- 
alkyl group from perfluoropentanone-2, in disagreement 
with the above hypothesis.

Unimolecular Decomposition of Diethyl Carbonate 
and Methyl Ethyl Carbonate. The pyrolysis of diethyl 
carbonate and methyl ethyl carbonate appears to be 
completely intramolecular because the products are 
only C2H4 and C 02, in a ratio equal to 1, and ethanol 
or methanol, respectively. If the reaction occurred 
via a radical path to any extent, then for diethyl 
carbonate we would expect to find CH3CH20 - as the 
radical carrier. Besides abstracting an H atom from 
the parent compound to form ethanol, CH3CH20 - 
would pyrolyze in this temperature range10 to give

CH3CH20- — ► C R r +  CH20  (7)

and

CH3CH20- — >  CHsCHO +  H- (8)

The methyl radical and hydrogen atom would abstract 
and appear as methane and hydrogen in the products.

In addition the radical resulting from the abstractions 
would decompose and the ethyl radical would appear

0
. II

CH3CHOCOC2H6 — >  CH3CHO +  C 02 +  C2H6- (9)

in the products, after abstraction, as ethane. Since 
neither methane, hydrogen, nor ethane appears in 
the products, the radical reaction path for diethyl 
carbonate decomposition is of no significance in this 
temperature range. The reaction to produce radicals

0
for a chain reaction involves the breaking of the OC-O,
0 -C , or the C -C  bond in DEC or MEC. All of these 
bonds are about 85 kcal./mole. Owing to this high

0 0 0 0 0 0 barrier, even long-chain reactions would be expected to 
have a very low rate in the temperature range of this 
work.

The lack of evidence for the decomposition of di
methyl carbonate also indicates that the intramolecu
lar reaction involving a five-membered complex does 
not compete with the six-membered complex involving 
the /?-H atom in the alkyl group. The reaction 
involving the five-membered complex is some 60 kcal./ 
mole more endothermic than the reaction involving 
the six-membered complex because no olefinic bond is 
formed.

The products in this work suggest two possible mech
anisms. Mechanism I is

Q 0
/  Il II

CH3CH2OCOR C2H 4 +  HOCOR (10)

followed by a rearrangement

0
II

HOCOR — ► C 02 +  ROH (11)

and mechanism II is

0

CH3CH2OCOR — C2H4 +  C02 +  ROH (12)

The first step in mechanism I is the generally accepted 
path for ester pyrolysis.11 For ethyl acetate pyrolysis 
the rate constant is 5 X 1012 IO-48.000/ 2-30357’. very 
close to the kinetic factors in this work, suggesting that 
the slow step in both systems is the same. Xanthates 
decompose to the mercaptan, olefin, and COS, quite 
analogously to the carbonates. Bader and Bourns12 
used marked sulfur as well as marked carbon in the 
xanthates to differentiate the analogous mechanisms 
I and II by isotope effects on the rate and concluded 
that their data support mechanism I.

Mechanism I is probably the correct path for the 
pyrolysis of the carbonates. There is one question 
which may be raised: why is the first step of mech
anism I always followed by rearrangement to the 
alcohol and C 02? No evidence for the competitive 
reaction

(10) P . G ra y , Chem . R ev., 5 9 , 239 (1959 ).
(11) C . H . D e P u y  and R . W . K in g , ib id ., 60, 431 (1960 ).

(12) R . F . W . B ad er and A . N . B ou rn s, Can. J . Chem ., 3 8 ,3 4 8  (1961 ).

The Journal o f Physical Chemistry



Pyrolysis of Carbonates in the Gas Phase 3017

0  0
II II

CH3CH2OCOH — > C2H4 +  HOCOH (13)

1
H20  co2

is found in the product distribution when the s/v ratio 
is increased fivefold or when an inert gas, C 02, is in 
the reaction vessel at 75-fold the pressure of the 
carbonate. These data suggest that the rearrange
ment reaction (11) is much faster than reaction 13. 
The activated complex for reaction 11 contains four 
atoms in a ring

0
IIc

C2Hj— 0<^ ^>0  

H

The OCO angle in carbonates is about 120°, and the 
OHO angle in hydrogen bonding is close to 180°. 
Since the C -0  bond is 1.32 A. in carbonates,13 the OHO 
distance is calculated to be 2.30 A. In hydrogen 
bonding in organic acids, the distance is 2.70 A .,13 
so that the H atom in the reaction complex associated

with reaction 11 can easily span the distance between 
the two oxygen atoms and is in an excellent position to 
be transferred. If the pre-exponential factors for re
actions 11 and 13 are about the same, as small a dif
ference in Aact as 6 kcal./mole in favor of reaction 11 
would determine its rate to be 100 times the rate of 
reaction 13 at 375°.

The ratio in pre-exponential factors between diethyl 
carbonate and methyl ethyl carbonate could be as large 
as 2 if the time when an H atom was close by the oxy
gen atom of the carbonyl was a small fraction of the 
total time. • The larger this fraction of time, the smaller 
the ratio of pre-exponential factors since the carbonyl 
would be shielded from the other ethyl group. The 
ratio would become 1 if the H atom were always near 
the carbonyl oxygen. Our result of 1.6 is not precise 
enough to make any quantitative statement but sug
gests that some shielding may occur.
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Influence of Adsorbed Positively Charged Polyelectrolytes on Polarographie 

Currents of Cationic Depolarizers. II

by Y. F. Frei and I. R. Miller

Polymer Department, The Weizmann Institute of Science, Rehovoth, Israel (.Received March 18, 1965)

The effect of adsorbed polyelectrolytes on diffusion currents and on current vs. time curves, 
during the lifetime of a single mercury droplet, was measured at selected constant poten
tials. Cationic depolarizers such as Cd2+ and Cu2+ and basic polyelectrolytes, for example, 
polyvinylpyridine and bovine serum albumin in acid solutions, were employed in these 
experiments. Positively charged polymers adsorbed on the mercury surface form a barrier 
against the transport of charges carried by cationic depolarizers and thus impede the dif
fusion current. The obstruction effect of the polymeric barrier can be suppressed by re
ducing, or even more by inverting, the charge of either the polyelectrolyte or the depolarizer. 
The polyelectrolyte charge was altered by varying the pH of the solution and the charge 
of the depolarizers by complexing anions. The impeding effect of the polymer charge in 
the surface was also controlled by screening with the aid of different concentrations of sup
porting electrolyte. The salt concentration affects the distribution coefficient of the de
polarizer between the aqueous solution and the surface phase.

Introduction
The influence of adsorbed surface-active materials on 

polarographic waves and currents has been investigated 
by many authors.1-8 Some investigators have con
centrated on the influence of the adsorbed materials 
on the current-voltage curves, considering the sup
pression of the diffusion currents, the changes in the 
wave shapes, and the shift in the half-wave potentials. 
Others have studied the effect of the kinetics of adsorp
tion on the polarographic currents, by measuring the 
variation in current with time on single drops and at 
fixed potentials.4 The problem has also been treated 
theoretically by solving the differential equations for 
the simultaneous diffusion of the surface-active ma
terials and the depolarizers.6'6 The structure of the 
adsorbed layer and its free energy of adsorption have a 
pronounced effect on the diffusion current through it; 
thus, a great deal can be learned from the diffusion 
current about the structure of the layer and the inter
acting forces.

One of the principal aims of the present study is the 
elucidation of the structure and conformation of ad
sorbed polyelectrolytes. It is considered that valuable 
information can be obtained by the use of polaro

graphic techniques, especially the measurement of 
current-time curves, which offer detailed information 
on the structure of partly saturated as well as fully 
saturated adsorbed monolayers of polyelectrolytes.

Experimental

The experiments were performed using a Shimadzu 
polarograph (Type RP-2). The surface of the mer
cury drop was polarized against a mercury pool, but 
the potentials were recorded relative to a saturated 
calomel electrode. The capillary was of marine 
barometer type, supplied with the instrument. A 
small pressure head was used in order to get long drop 
times, of the order of 10 to 15 sec. The curves were 
recorded without damping. Since the polarograms 
were taken with long drop times and at high chart

(1 ) C . T a n fo rd , J . A m . Chem. Soc., 74 , 211 (1952).
(2 ) C . N . R e illy  and  W . S tu m m , P rogr. P o la rc ., 1, 81 (1962).
(3) E . Y a co b se n  and  G . K a llan d , A n a l. Chim . A cta , 30 , 240 (1964).
(4 ) J. K u ta  and  I . S m oler, P rogr. P o la ro ., 1, 43 (1962).
(5 ) J . W eber , J. K o u te c k y , and  J. K o r y ta , Z . E lektrochem ., 63, 583 
(1959).

(6) P . D e la h a y  and I . T ra ch ten berg , J . A m . Chem. Soc., 79, 2355 
(1 9 5 7 ); 8 0 , 2095 (1958).
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speed, they also have the characteristics of current- 
time curves. Indeed, since the voltage change was 
very small (between 20 and 30 mv.) and the voltage de
pendence of the transfer constant also quite small, the 
curves are essentially similar to those obtained by 
Schmid and Reilly7 and Kuta and Smoler,8 who meas
ured true current-time (i-t) curves, and they are so 
designated later. They are indistinguishable from the 
(i-t) curves measured at constant potential. The 
(i-t) curves were recorded via a suitable amplifier on a 
Tektronix 5B 1A oscilloscope. In the type of capil
lary used, the mercury drops are formed in an environ
ment which allows concentration polarization. How
ever, in the presence of surfactants the concentration 
polarization is usually repressed, so that the difference 
between curves for first and subsequent drops disap
pears.

All materials used were of analytical grade. Poly
mers were prepared as previously reported.9'10 Doubly 
distilled water was used for preparing the solutions for 
polarography. The concentration of the depolarizers 
was about 10~3 M, while that of the supporting electro
lyte varied betweeen 0.05 and 1 N. The concentrations 
of polyelectrolytes were chosen so that a fully saturated 
monolayer was obtained within 1-10 sec.

Crystalline bovine serum albumin was employed 
(Armour Lot T68204).

Results

Poly-2-vinylpyridine (2PVP). 2PVP at a monomer 
concentration of 10 -3 M was added to 10-3 M Cd- 
(NC>3)2 solution in 0.2 M  KNO3 and 0.1 M HNO3. 
At drop times of 10 to 14 sec., a splitting of the current 
diagram for a single drop was observed (Figure 1). 
The discontinuities indicate the start and termination 
of the drop. An initial rise in current can be seen, 
followed by a fall and a subsequent rise once more. The 
ratio of the heights of the first and second rise depends 
on the voltage. The whole polarographic wave is de
pressed in comparison with the blank containing de
polarizer and supporting electrolyte only. The time 
taken for the current to reach its minimum value is 
independent of voltage. At a concentration of 2 X  10 _4 
N 2PVP and drop times of less than 15 sec., the polymer 
has no influence on the polarogram. At a polymer 
concentration of 5 X 10-4 A  a slight flattening of the 
current-time wave is just discernible. Above this 
value and up to about 2 X 10-3 A  the split illustrated in 
Figure 1 occurs. At still higher concentrations only 
the current rise through the surface fully covered by 
PYP is observed.

Above these concentrations there is an over-all sup
pression of the diffusion current which is independent

F igure 1. Polarogram s o f  C d 2 + in  th e presence o f  2 P V P : 
(a )  2 P V P , 8  X  1 0 - " i V ;  H N 0 3, 0.055 N ;  K N 0 3, 0.3 N ; 
C d 2+, IO “ 3 M . (b )  2 P V P , IO“ 3 N ;  H N O „, 0.06 N ; 
K N O s, 0.3 N ;  C d 2+, lO " 8 M . ( c )  2 P V P , 1.5 X  lO “ 8 N ; 
H N 0 3, 0.065 A ;  K N 0 3, 0.31V ; C d 2+, l O - ’ i l i .

of the polymer concentration. The split-wave char
acter of the current-time curves does not depend on 
the Cd2+ concentration. The addition of the polymer 
caused no shift in the half-wave potential. If the 
adsorption is diffusion controlled, it obeys the relation 
Ct1/2 =  constant, where C is the concentration of the 
surfactant and t the time from the beginning of growth 
of the drop till the current reaches its minimum. Table 
I shows that this relation holds true within the experi
mental error of the measurements.

These phenomena were not observed in CdCl2 solu
tions as Cd2+ gives with Cl-  neutral and negative 
complexes.1 CuS04 in 0.2 A  K N 03 and 0.1 A  H N 03 
as supporting electrolyte gave results similar to those 
obtained with Cd(N 03)2. In the voltage range 0 to

(7 ) R . W . S chm id  and  C . N . R e illy , J . A m . Chem . Soc. 80 , 2087 (1958).
(8 ) J. K u ta  and  I . S m oler, Z . E lektrochem ., 64, 285 (1960).
(9 ) I . R . M ille r  and  D . C . G rah am e, J . Colloid S ei., 16, 23 (1961).
(10) I . R . M iller  and  A . K a tch a lsk y , P roc . In tern . Congr. S urface 
A ctiv ity , 2nd, London, 1957, 159 (1957).
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T a b le  I  : C on cen tra tion -T im e  R elations at 
Saturation  P oin t

C, N t, sec. Ci'A X 102

2 X  1 0 “ 3 1 .5 2 .4 5
1 .2  X  1 0 - 3 3 .7 5 2 .3 2
0 .9  X  1 0 - 3 8 .2 5 2 .5 8

— 0.5 V., the first current rise is discernible only as a 
shoulder, and the current minimum is barely seen 
(see Figure 2a), indicating that in this voltage region 
the adsorbed 2PVP molecules do not constitute a 
very strong barrier to the approach of the Cu2+ to 
the mercury surface. This finding is in keeping with 
the only relatively small lowering of surface tension by 
the adsorbed 2PVP at potentials more positive than 
—0.3 v. with respect to s.c.e., shown in electrocapillary 
curves obtained in the presence of 2PVP.9

The polarographic waves of Pb(N 03)2 and Fe(N 03)3 
were not influenced by the presence of the polymer.

Poly-4-vinyl'pyridme (4PVP). The phenomenon of 
the double-peaked current-time polarogram was also 
observed with 4PYP. In this case, at 10~s M  monomer 
concentration, the second peak was the dominant one. 
The ratio between the two peaks was much less de
pendent on voltage than in the case of 2PVP (Figure 3). 
From the differential capacity curves measured by 
Miller and Grahame9 for 4PVP, it is seen that, while 
this substance is adsorbed at a more positive potential 
than 2PVP, the adsorption is weaker because of its more 
polar character. This is in keeping with the greater 
flexibility of 4PYP, which can be oriented on the posi
tively polarized mercury surface with the polar groups 
toward the water and the hydrophobic groups toward 
the mercury. At negative polarization, the orien
tation of the polar groups can be reversed.

In aqueous solutions, 4PVP serves as a smaller 
barrier to the depolarization of cations than 2PVP, 
probably because of the larger average distances be
tween the positive polymeric charges. Cu2+ as 
depolarizer gave at identical potentials the same results 
as did Cd2+ (Figure 2b).

Copolymers. A copolymer consisting of 40% 4-VP 
(4-vinylpyridine) and 60% MA (methacrylic acid) 
was also investigated. The influence of the copolymer 
on the polarograms of Cd2+ in nitrate solution was 
measured at high and low pH. At pH 1 and 10-8 N 
copolymer concentration, the same slight differentiation 
of the current-time curves into two peaks as obtained 
with 4PVP was observed. There was also a diffusion 
current depression. At a slightly higher pH (pH 2) 
the differentiation into two peaks became less distinct.

W
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Figure 2. Polarogram s o f  C u 2+ in th e presence o f  2 P V P , 
4 P V P , and B S A : (a )  2 P V P , JO- 3 N ;  H N 0 3, 0.1 N ;
K N 0 3, 0 .2 N ;  C u 2+, 9 X  1 0 “ 4 ilY. (b )  4 P V P , 5 X  1 0 A ;  
H N 0 3, 0.1 A ;  KNOa, 0.2 N ;  C u 2+, lO ^ M .  ( c )  B S A , 
0 .0 1 5 % ; H N 0 3, 0.1 N ;  K N 0 3, 0.2 N ;  C u 2+, 9 X  1 0 -* M .

Figure 3. P olarogram s o f C d 2 + in  the presence o f  4P V P , 
0.1 N  H N 0 3 and 0.2 N  K N 0 3 as supporting 
e lectro ly te : (a )  4 P V P , 5 X  1 0 N ;  C d 2+, 9 .5  X  1 0 ~4M .
(b )  4 P V P , 7.5 X  1 0 “ 4 N ;  C d 2+, 9 .2 X  1 0 -»  M .
( c )  4 P V P , 1 .10~3N ;  C d 2+, 9 X  1 0 -* M .
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No influence of the negatively charged copolymer on 
the current-time curves in the presence of Cu2+ or 
Cd2+ could be observed at pH 7.

Effect of Salt Concentration. The results indicate 
quite clearly that it is the positive charge of the ad
sorbed polyelectrolytes rather than the steric hindrance 
which is responsible for barring the approach of the 
positively charged depolarizer to the surface. The 
results of the experiments carried out in the presence 
of different concentrations of supporting electrolye 
further support this conclusion. As shown previously11 
and as is also evident from results not yet published, 
increase in salt concentration enhances the adsorb- 
ability of polyelectrolyte on the polarized mercury 
surface. If the steric hindrance were responsible for 
the barrier to the charge transfer across the interface, 
increase in salt concentration would cause the dif
fusion current to fall. If, however, access of the posi
tively charged depolarizer were barred by the screen 
of positive polymeric charges, increase in salt con
centration would have the opposite effect. It can be 
seen from Figures 4 and 5 that the second alternative 
is the prime factor in the effect of the salt concentration 
on the diffusion current.

In this respect 2PYP (i-t curve Figure 4) and 4PVP 
(■i-t curve Figure 5) behave similarly although there is a 
quantitative difference in their efficacy as a barrier to 
charge transfer.

Bovine Serum Albumin. Tanford1 investigated the 
influence of adsorbed acid bovine serum albumin 
(BSA) on the polarograms of Cu2+, Pb2+, and Cd2+. 
He used a BSA concentration of 1.23%. The curves 
obtained with Cu2+ in N 0 3~ were irreversible. In 
KC1, no influence of BSA was observed on the waves 
of Cd2+ and Pb2+ because of complex formation. It 
was therefore interesting to investigate the influence 
of acid BSA at lower concentrations. With a 0.015% 
solution of BSA in 10-3 M  Cu2+, 0.2 M  K N 03, and 
0.1 M H N 03, a general depression of the diffusion cur
rent was observed. The current-time curve showed 
that up to —0.6 v. relative to s.c.e., there was only a 
slight rise in current after full coverage of the surface 
by BSA (Figure 2c). At this potential (0.6 v.) the 
slope of the currents-time curve section, corresponding 
to the fully covered surface, begins to increase with in
creasing potential, indicating a rising tendency of the 
BSA to desorb. In a 0.15% BSA solution, practically 
complete suppression of the diffusion current was ob
served between 0 and —0.7 v.; the current begins to 
rise after —0.7 v. Only one peak was observed in the 
current-time curve.

With C d(N 03)2 as depolarizer the depression of the 
diffusion current and of the second peak in the Current-

Figure 4. C u rren t-tim e curves o f  2 P V P  a t various salt 
concentrations (a t  —0.75 v . ) :  2 P V P , 10 ~3 N ;  C d 2+, 1Q~3M ; 
H N 0 3, 0.1 N ;  (1 )  K N O s, 0.8 N ;  (2 )  K N 0 3, 0.6 N ;
(3) KNOa, 0.4 N ;  (4) KNOs, 0.2 N ;
(5) KNOa, 0.1 N ;  (6) KNOa, 0.

Figure 5. C u rren t-tim e curves o f  4 PVP a t various salt 
concentration s (a t  — 0.75 v . ) :  4PVP, 7 X 10~41V;
HN03, 0.105 N ;  C d 2+, 10 ~ °M ;  (1) K N 03, 0.6 N ;
(2) KNOa, 0.2 N ;  (3) K N 03, 0.1 N ;  (4) KNOa, 0.

time curve was greater than in the case of Cu2+ ( —0.6 
to —1 v.). Also in this case, at lower acid concen
trations, there is a potential dependence of the cur
rent across the covered surface. No polarographic

(11) I . R . M iller and A . Katchalsky, P roc . In tern . Congr. S urface  
A ctiv ity , 4th , B ruxelles, 1964, in press.
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wave could be observed in a 0.15% BSA solution. 
BSA did not influence the polarographic wave of 
Pb(N 03)2.

Discussion

It is known from independent measurements (un
published results) that about 10-14% of the surface 
area “ fully saturated”  by 4PVP and a slightly lower 
fraction of the area covered by 2PVP consists of 
loopholes, which are accessible to low molecular inert 
substances or reacting depolarizers. As these loop
holes are randomly distributed on the surface, any 
depolarizer in the near vicinity of the surface may 
encounter a reaction site. The low concentration of 
positively charged depolarizers in the layer of posi
tively charged polymeric chains protruding from the 
surface seems, therefore, to be responsible for the im
pedance of the surface reaction. This subsurface 
layer may be of the order of thickness of 50 A. The 
diffusion current is assumed to be controlled by the 
concentration gradient of the depolarizer in this layer, 
which is low at the moment when surface saturation 
is just reached, as the outer boundary of the layer is in 
Donnan equilibrium with a very low local concen
tration of depolarizer. However, in a very short time, 
depending on the thickness of the subsurface layer and 
on the Donnan distribution of the depolarizer on the 
two sides of the layer boundary, the gradient rises 
again.

An approximate quantitative treatment of the i-t 
curve as a function of the surface concentration of 
the polyelectrolytes was published in part I of this 
series. It involves the solution of the Fick differential 
equation, taking into account the variation with time 
of the diffusion and distribution coefficients of the 
depolarizer in the polyelectrolyte surface layer.

For a saturated polyelectrolyte surface layer, a 
solution of the differential equation can be readily 
obtained, and the current is given by the approximate 
expression

i t =  7.08 X 10*nmvtl/'D11/ ‘C°/[l +  (£//cDn) V z V ^ ]

(1)

In this equation n is the number of charges taking part 
in the electrode process; m is the rate of flow of mer
cury in g. sec.-1 ; C° is the concentration of the de
polarizer in the bulk of the solution; Di and Du are 
the diffusion constants of the depolarizer in the aqueous 
solution and in the polymeric surface phase, respec
tively; k is the distribution coefficient of the depolarizer 
between the two respective phases, and £ is the thick
ness of the surface phase. Here k  =  /csat and Du

Figure 6 Plot of the reciprocal of the salt concentrations 
(acid -I- salt) against the reciprocal of the current (drop age 
12 sec.) (values taken from Figure 4): 2PVP, 10~3 N ;
Cd2+, 10-3 N.

= Deat of part I of this series. Equation 1 is correct 
only when £ < <  "\/D\t.

The product (£/<cDn) can be determined from an 
analysis of the i-t curves in the region where the surface 
reached saturation with regard to the polymer mole
cules. The time when this saturation point is reached 
depends again, as pointed out previously,11 on the 
polymer concentration and on the diffusion coefficient 
of the polyelectrolyte.

The distribution coefficient k  can be obtained from 
the Donnan equilibrium. For the ordinary case when 
the supporting electrolyte CB »  C° and when the 
polyelectrolyte charge concentration in the surface 
vTp/£ is very high, it is given by

* =  (C V « r [(£ A r p) -  vY[i -  (* rp» /£ )] (2)

where r p is the polymer surface excess; v is the charge 
per polymer molecule; <f> is the osmotic factor of its 
counterions; v is the volume per residue of a polymeric 
molecule bearing one charge, and z is the valency of the 
depolarizers.

Equations 1 and 2 can be condensed into the form 

1/i =  1/io +  (A A ,)(1 /C sr  (3)

where

ia =  7.08 X I O W A ^ D A ’C0

and
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A =  -  »]■[ 1 -  (prp» /{) ]D n

log (1/i) can be plotted against log (1/C.) whence z 
can be evaluated. In the case of Cd(N 03)2 the valency 
of the diffusing ionic form of the depolarizer was found 
to be 1. In Figure 6, 1 /i is plotted against 1 /Ca 
for the case of depolarization of Cd2+ in the presence of 
2PVP with nitrate as supporting electrolyte. The

results indicate that Cd2+ has a tendency to complex 
formation even with nitrate and that cadmium here is 
chiefly in the form Cd(N 03)+.
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A Study of the Radiolysis and Luminescence Behavior of 

Dioxane-Benzene Mixtures

by Enrique A. Rojola and Robert R. Hentz

D epartm ent o f  Chem istry and R adiation  Laboratory , lb U niversity o f  N otre D am e, N otre D am e, In d ia n a  4-6556 
(.Received M arch  22, 1965)

G values for gas products in 7 -irradiation of pure, liquid dioxane were constant over the dose 
range (0.46-4.6) X 1019 e.v. g._1. These G values for a dose rate of 1.9 X  1018 e.v. g . - 1  
min. - 1 are as follows: H2, 2 .1 ; C2H4, 0.50; C2H6, 0.051; CO, 0.23; CH4, 0.035. Study 
of the polymer product indicated that dioxane dimers constitute the initial polymer prod
uct. (?(monomer — dimer) «  3.9. Hydrogen, biphenyl, polymer, and relative lumines
cence G values (p-terphenyl as scintillator) were measured for benzene-dioxane mixtures. 
The parallel behavior of hydrogen and polymer G value curves suggests that a common di
oxane precursor of hydrogen and polymer is protected from reaction by some kind of inter
action with benzene. Kinetic analysis of the C?(H2) results gives a =  0.21 M~l as the 
ratio of specific rate of excitation transfer to that of decay for the excited dioxane species 
that yields hydrogen. This analysis also indicates that thermal H atoms make a negligible 
contribution to the hydrogen yield from dioxane. A similar treatment of relative lumines
cence G values leads to an estimate of 65 M~l as the corresponding ratio for the excited di
oxane species that gives rise to luminescence. It is concluded that the latter species makes a 
negligible contribution to the yield of decomposition products and that the excited species 
that yields decomposition products is of very short lifetime. For protection to compete with 
decomposition it may be necessary that a molecule of benzene be a nearest neighbor to the 
labile excited dioxane species at the time of its formation.

Introduction

Numerous studies of decomposition, luminescence of 
added scintillators, and decay times in irradiated ben
zene, cyclohexane, and their mixtures have established 
significant differences in the radiation-induced behavior 
characteristic of these two substances.2 Among the 
many interesting questions raised by these studies are 
the following. What relationship exists between the 
phenomena of and the excited states involved in pro
tection and luminescence or the quenching of lumines
cence? To what characteristics of the system is the 
essentially different mechanism of sensitized lumines
cence and quenching in cyclohexane attributable as 
compared to that in benzene? What is the nature of 
the excited states involved in the various processes in 
the different systems— excited molecules, ions, collective 
excitations of the system? What is the nature of the 
energy deposition and localization process, and how does

it depend on characteristics of the system? To con
tribute to our understanding of some of these problems, 
the radiolysis and luminescence (with added p-ter- 
phenyl) of benzene-dioxane mixtures has been investi
gated, and the results are reported here. Dioxane was 
chosen because in most respects it is similar to cyclo
hexane while in one very important respect it is similar 
to benzene: namely, in dioxane, as in benzene, the 
existence of a lowest electronic transition with consider
able vibrational structure has been established.3

(1) (a ) In tern ation a l A to m ic  E n ergy  A gen cy , F e llow , 1963 -1964 , 
on  leave  from  th e  A to m ic  E n ergy  C om m ission  o f  A rgen tin a , (b ) 
T h e  R ad ia tion  L a b o ra to ry  o f  the  U n iversity  o f  N otre  D a m e  is op er
ated  un der con tract w ith  the U . S. A to m ic  E n ergy  C om m ission . 
T h is  is A .E .C . D o cu m e n t N o . C O O -38-404.
(2) R eference  t o  a ll th e  papers d evoted  t o  these su b jects  w ou ld  re
quire an extensive b ib liog ra p h y ; instead, reference is  m ade th rou gh 
ou t th is p aper t o  pertinen t recent p u b lica tions w h ich  serve  as an in tro 
d u ction  t o  th e  entire field.
(3) G . J. H ernandez and  A . B . F . D u n ca n , J . Chem. P h ys ., 3 6 , 
1504 (1962).
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Experimental
Chemicals. The 1,4-dioxane, Fisher Certified re

agent, was first purified by the method of Tunnicliff.4 5 
In this procedure, the dioxane is refluxed during and 
subsequent to addition of an aqueous K M n04-NaOH 
solution for a total of 30 min.; the dioxane is then salted 
out with NaOH and, after separation, is distilled in the 
presence of solid NaOH. A Nester-Faust spinning- 
band column was used, and the fraction boiling at 10 1— 
101.5° was collected. Dioxane purified in this manner 
was passed through a column of activated alumina to 
remove peroxides and then was recrystallized twice, 
rejecting one-fourth each time. No impurities were 
detectable by gas-liquid chromatography (a flame 
ionization detector was used with /?,/3'-oxydipropioni- 
trile at 80° and Apiezon-L at 80-150°) or ultraviolet 
spectrophotometry. No peroxides were detectable 
with acid I d  solution.

Benzene, Fisher Certified reagent, was recrystallized 
twice and distilled. No impurities were detectable by 
gas-liquid chromatography. Eastman scintillation 
grade p-terphenyl was used without further purification.

Procedures. Two-milliliter samples were degassed 
on a vacuum line by repeated cycles of freeze ( —77°), 
pump, and thaw with several bulb-to-bulb distillations. 
The degassed samples then were sublimed into 13-mm.
o.d. Pyrex ampoules fitted with break-seals, and the 
ampoules were sealed off. Samples were irradiated in a 
10-kc. 60Co source under conditions giving a dose rate 
of 1.87 X 1018 e.v. g. - 1  min. - 1  to a Fricke dosimeter 
solution using G(Fe3+) = 15.6. Dose to a particular 
solution was determined by correction for the electron 
density of the solution relative to that of the dosimeter. 
All irradiations were carried out at room temperature.

Gas products were recovered by a reflux technique 
that has been described.6 Fractions were collected at 
—77 and —196° and measured in a modified Saunders- 
Taylor apparatus. Gases were analyzed by mass spec
trometry.

For study of the polymer product it was necessary to 
irradiate separate samples to considerably higher doses 
than were used for study of gas products. An aliquot 
of irradiated sample, of a size dependent on dose, was 
transferred to a weighed bulb which was attached to 
the vacuum line. Benzene, dioxane, and volatile prod
ucts were slowly sublimed from the solidified sample into 
a bulb at —196° until a residue remained that appeared 
to be free of volatile material. This process ordinarily 
required 1-2 hr. Transfer then was allowed to proceed 
for several more minutes. For determination of poly
mer yield the residue was weighed and dissolved in a 
measured volume of hexane. This solution was ana
lyzed by gas-liquid chromatography (Apiezon-L at

80-150° and silicone grease at 80-200°), and the weight 
of polymer was obtained by correction of the weight of 
residue for the amounts of benzene and dioxane found. 
The sublimate also was analyzed chromatographically 
for peaks characteristic of the polymer. Only those 
peaks characteristic of the most volatile polymer com
ponents were present in measurable amount and cor
responded to less than 2 or 3%  of the corresponding 
peaks in the polymer fraction. Thus, a negligible frac
tion of total polymer was present in the sublimate, and 
no correction was made. Reproducibility of polymer 
determinations was about 5%. Special care was taken 
to minimize exposure to air although no increase in 
weight of polymer was observed after standing in air for 
about 24 hr. The molecular weight of polymer was 
determined by the Rast method using a known weight 
of polymer obtained from another aliquot of irradiated 
sample by the method described. Biphenyl yields were 
determined in separate irradiations by chromatographic 
analysis of the liquid.

An apparatus and procedure described in a previous 
publication6 was used to measure relative luminescence 
intensities from 25 ml. of degassed, 7 -irradiated solu
tions of benzene and dioxane containing 2.17 X 10-3 M  
p-terphenyl.

Results
G values (100-e.v. yields) for gas products in irradia

tion of pure, liquid dioxane were constant over the dose 
range (0.46-4.6) X 1019 e.v. g .-1. Thus zero-dose G 
values are indicated. These G values are as follows 
(with G values of Llabador and Adloff,7 for doses in 
excess of 1021 e.v. g .-1, in parentheses): H2, 2.1 (2.1); 
C2H4, 0.50 (0.56); C2H6, 0.051 (0.055); CO, 0.23 (0.30); 
CH4, 0.035 (0.046). At the high doses used by Llabador 
and Adloff, it was found necessary to protect initially 
formed C2H4 and CO from subsequent decomposition by 
addition of I2 in order to obtain the dose-independent G 
values given in parentheses for these compounds. The 
addition of I2 was found by these authors to suppress 
(7(CH4) and (r(C2H6) by 60 and 40%, respectively, with 
no effect on G(H2). The results of these authors also 
indicate an induction period for CH4 and C2H6 forma
tion which suggests that these are secondary products. 
Our results, to the contrary, show no induction period 
and give G values for CH4 and C2H6 comparable to 
those of Llabador and Adloff although the latter were

(4) D . D . T u n n icliff, T alania, 2 , 341 (1959).
(5) W . V a n  D usen, Jr., and W . H . H am ill, J . A m . Chem. Soc., 84, 
3648 (1962).
(6) M . B urton , P . J. B erry , and  S. L ip sk y , J . chim. phys., 52, 657 
(1955).
(7) Y .  L la ba d or and  J. P . A d lo ff, ibid., 61, 681 (1964).
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calculated for a dose three orders of magnitude greater 
than the dose used in our work. Ethanol and acetal
dehyde were identified among the liquid products, but 
quantitative determinations were not made.

The polymer product from pure dioxane is a pale 
yellow, viscous liquid. Both the color and viscosity 
increase with increase in dose. Chromatographic 
analysis of the polymer formed at 1.21 X 1021 e.v. g.-1 
showed at least 15 peaks. Comparison of the total peak 
area to the weight of polymer suggests that an appreci
able fraction of the polymer of high molecular weight 
escaped detection. In samples irradiated at low doses, 
small white crystals become visible in the polymer after 
standing several hours. On gentle heating, even at 
atmospheric pressure, the white crystals can be sub
limed out of the polymer and collected in an adjacent 
trap. The crystals do not reappear in the polymer. 
The isolated white crystals dissolved in hexane give 
two peaks in chromatography that correspond to the 
two principal peaks obtained in chromatographic analy
sis of the entire polymer product at low dose. These 
two products were separated by crystallization from 
methanol. Melting points of 130 and 156° and a 
molecular weight of 168, for both products, were ob
tained. These values are consistent with identification 
of the products as the meso and racemic forms of diox- 
anyldioxane.8

G(polymer)9 and molecular weight of polymer are 
given in Figure 1 as a function of dose in pure, liquid 
dioxane. Rough extrapolations to zero dose give 
G (polymer) «  3.9 and molecular weight ~  174. The 
zero-dose molecular weight indicates that dioxane 
dimers are the initial polymer products and higher 
molecular weight polymers are secondary products. 
Llabador and AdlofF obtained G (polymer) = 3.65. 
In pure, liquid benzene, G(polymer) =  0.97 was ob
tained at a dose of 1.20 X 1021 e.v. g.-1. This value is 
in good agreement with other reported values for 60Co 
radiation.10

Hydrogen, biphenyl, polymer, and relative lumines
cence yields are given for benzene-dioxane solutions in 
Figures 2 and 3.

Discussion

Effects in Pure Dioxane. The zero-dose polymer 
appears to be essentially pure dimer. Consequently, 
the relationship

G(H2) -  (l/2 )G 0(polymer) =  2.1 -  3.9/2 =  0.15 (1)

suggests that the major over-all reaction in radiolysis of 
pure liquid dioxane is

c 4h 8o 2------- - y2(c4H7o2)2 +  y 2H2 (i)

Figure 1. M olecu lar w eight and G va lue o f  po lym er 
as a  fu n ction  o f  dose in 7 -irradiation  o f  d icxan e:
O, O (p o ly m er); •  , m olecular w eight X  10~ 2.

iCCmsOs).

Figure 2. Y ie ld s  o f  h ydrogen , b iphenyl, and polym er 
in 7 -irradiation  o f  benzene-d ioxan e m ixtures: O ,
G (H 2) X  2, dose =  9 .2 X  10]s e .v . g . “ 1;
O ,  G (C i2H 10) X  102, dose =  1.09 X  1020 e .v . g .“ 1;
•  , G (p o lym er), dose =  1.20 X  1021 e .v . g ._1.

with G «  3.9. Because 3.9 is an imprecise, extrapolated 
value, no precise significance can be attached to the 0.15 
excess of G(H2) in eq. 1. However, small yields of 
hydrogen-deficient products (e.g., G(CO) =  0.23) do 
require hydrogen in stoichiometric excess over polymer. 
In radiolysis of dioxane, in contrast to cyclohexane,11 
ring fragmentation plays a significant role even in the 
liquid state; notably, G(C2H4) =  0.50 in dioxane as

(8) K . P ford te , A n n . Chem.., 625, 30 (1959).
(9) G (polym er) is ca lcu lated  on  th e  basis o f  m on om er un its in  the 
polym er. In  the  m ixtures the  exten t t o  w h ich  ea ch  m on om er is in 
corporated  in  the  p o lym er is uncertain . F o r  ca lcu la tion  o f G (p o ly - 
m er) in  th e  m ixtures, the  average m olecu lar w eight o f  th e  m ixture  
was used. S ince th e  m olecu lar w eights o f  benzene and  d ioxa n e  differ 
b y  on ly  1 2 % , little  u n certa in ty  is caused b y  this procedu re.
(10) S. G ord on , A . R . V a n  D yk en , and T . F . D ou m an i, J . P h ys. 
Chem., 62, 20 (1 95 8 ); W . G . B urns and  C . R . V . R eed , Trans. Farar- 
day Soc., 59, 101 ( i9 6 3 ) ;  T . G aum ann, Helv. Chim . A d a , 44, 1337 
(1 96 1 ); T . G aum ann, ibid., 46, 2873 (1 96 3 ); J. L a m b orn  and  A . J. 
Sw allow , J. P h ys . Chem., 65, 920 (1961).
(11) S. K . H o  and  G . R . F reem an, ibid., 68, 2189 (1964).
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Figure 3. R elative  lum inescence yields in 
7 -irradiation o f  air-free m ixtures o f  benzene 
and dioxane w ith  2.17 X  10 ~3 M  p-terphenyl.

compared to Gi(C2H4) =  0.12 in cyclohexane.12 Mass 
28 is the major peak in the 70-v. mass spectrum of 
dioxane, exceeding in magnitude that of the parent ion 
by a factor of about 3.3.13 Minor fragmentation proc
esses (e.g., that which gives a mass-15 peak 17% of the 
mass-28 peak in the 70-v. mass spectrum) can account 
for formation of small yields of methane and ethane as 
initial, rather than as secondary, products. The ob
served increases in molecular weight and yield of poly
mer with increase in dose suggest the addition of radi
cals, which otherwise would dimerize or disproportion
ate, to initially formed unsaturated products which are 
converted thereby into polymer of higher molecular 
weight than the dimer.

Benzene-Dioxane Mixtures; Hydrogen Yields. The 
hydrogen yield curve of Figure 2 suggests a protective 
effect of benzene14 15 on dioxane. Such an effect is con
sistent with lower values of ionization potential and 
energy of the first electronic transition for benzene16 17 as 
compared to dioxane.3 It is instructive to treat the 
hydrogen yields in the manner of Merklin and Lipsky.16 
In the reaction sequence and associated table of rates

D >D* enR0G»*/N0

B --------- B* eBR0GB*/N0

D* — ■> H2 h[D*]

B *  —>  no H2 h [ B*]

B * - ^ H 2 fc3[B*]

B* -  > no H2 fc4[B*j

D* +  B — > D +  B* fcs[D*][B]

D and B refer respectively to dioxane and benzene, eD 
and eB to their electron fractions, R0 to the dose rate in 
units of 100 e.v. I.-1 sec.-1, and Go* and Gb* to 100- 
e.v. yields of D* and B*. The steady-state treatment, 
based on the assumption that absorbed energy is par
titioned in proportion to electron fraction, yields a 
Merklin-Lipsky equation

_  ep(Gp  — Gb) _  1 +  a[B]
V~  ( G - G b) ~ 1 +  y[B]  U

where G , G o , and G b refer to 100-e.v. hydrogen yields 
from the mixture, pure dioxane, and pure benzene, 
respectively; a =  k6/(ki +  k2) and y = u G b (G d */- 
G b * — 1 ) / (G o  — G b) .

A plot of y as a function of [B]17 is shown in Figure 4 
with the least-square line based on all points except 
that for the highest benzene concentration (90 mole %). 
Thus, y[B] would appear to be <Kl over the whole

Figure 4. D epen den ce o f  77 on  m olarity  o f  benzene in 7-irradiation  
o f benzene-d ioxan e m ixtures; dose =  9 .2 X  1018 e.v . g . -1 .

(12) S. S ato, K . K ik u ch i, and  S. Shida, J . Chem. P h ys ., 4 1 , 221C 
(1964).

(13) A m erican  P etroleum  In stitu te  R esearch  P ro je c t  44, N ationa l 
B ureau o f  Standards, C ata log  o f  M ass S pectra l D a ta , Serial N o . 450, 
con tr ib u ted  b y  the  H u m b le  O il and  R e fin in g  C o ., B ay tow n , Texas.
(14) C f. J. P . M a n ion  and  M . B u rton , J . P h ys . Chem., 5 6 , 560 (1952) ; 
M . B urton , S. G ord on , an d  R . R . H en tz , J . chim . phys., 48, 190 
(1951).
(15) K . W atanabe, / .  Chem. P h ys ., 2 6 , 542 (1957).
(16) J. F . M erk lin  and S. L ip sk y , J . P h ys. Chem., 68, 3297 (1964).
(17) N o  special sign ificance w ith  respect t o  m echanism  is im plied  in 
use o f m ola rity  as th e  benzene con cen tra tion  un it. T h is  u n it is em 
p loyed  b y  M erk lin  and L ip sk y ; it  also perm its  a  d irect com p arison  
w ith  th e  lum inescence b eh a v ior o f  th is system . In  v iew  o f  th e  high 
benzene con centra tion s required fo r  s ignificant p ro tection , it  is  clear 
th a t the rate o f  the  excitation -tran sfer process  in v o lv e d  ca n n ot b e  de
term ined  b y  sim ple secon d -order kinetics. O n  th e  con trary , it  is 
possib le  th a t th is rate is related t o  th e  p ro b a b ility  th a t a  benzene 
m olecu le  is a  nearest n eigh bor t o  an  excited  d ioxane m olecu le  at the 
tim e o f  its form ation . In  th is  case, m ole  fra ction  w ou ld  b e  th e  ap
propria te  con cen tra tion  un it. S ince th e  ratio  o f  m ola rity  t o  m ole  
fra ction  varies b y  less th an  4 %  ov e r  th e  con cen tra tion  range used  in  
th is  w ork, th e  analysis is n o t  a ffected  sign ificantly  b y  th e  ch o ice  o f  
con cen tra tion  un it.
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range of [B], From the slope of the least-square line a 
value of a. =  0.21 M~l is obtained. In accordance with 
the interpretations of Merklin and Lipsky, the intercept, 
t] = 1.04, indicates that essentially all of the hydrogen 
yield from dioxane conforms to the postulated mecha
nism and can be suppressed by energy transfer to ben
zene. The results are thus consistent with the assump
tion of the mechanism that thermal H atoms (if pro
duced) make negligible contribution to the hydrogen 
yield from dioxane. Such a conclusion is consistent 
with the observation of a neghgible effect of added 
iodine on G(H2) from dioxane.7 In this view, formation 
of hydrogen in y-irradiation of pure, liquid dioxane must 
occur via the elimination of molecular hydrogen or the 
formation of “ hot”  H atoms or both. However, the 
major hydrogen formation processes should conform to 
the stoichiometry of reaction I, consistent with the near 
equality of hydrogen and dimer yields shown in eq. 1. 
Elimination of molecular hydrogen from a single mole
cule would not conform to the necessary stoichiometry 
unless both H atoms come from the same carbon atom 
which then inserts into a C-H bond of another dioxane 
molecule; nor would any reaction giving rise to dioxanyl 
radicals conform to the necessary stoichiometry, e.g., 
formation of “hot”  H atoms, unless the ratio of dispro
portionation to combination is neghgible. Dioxene 
was not sought in this work; however, it was not re
ported by Llabador and Adloff,7 who determined the 
liquid products.

Polymer and Biphenyl Yields in Mixtures. If the 
assumption is valid that absorbed energy is partitioned 
in proportion to electron fraction, then the polymer 
yield curve of Figure 2 constitutes rather conclusive 
evidence, in support of the analysis of hydrogen yield 
data, that dioxane is protected by energy transfer to 
benzene. At the very least, in the absence of any 
interaction, the polymer yield curve should be a straight 
line joining the extreme values of Cr(polymer) for the 
pure components. However, benzene appears to react 
rapidly with free radicals such as phenyl18 and cyclo
hexyl.* 19 Thus, if dioxanyl radicals are intermediates 
in formation of dioxane dimer, then addition of these 
radicals to benzene molecules, with increasing concen
tration of the latter, would result in conversion of more 
solvent monomer units to polymer than if the dioxanyl 
radicals simply recombined as in pure dioxane; under 
these circumstances, the polymer yield curve would lie 
above the straight line expected for no interaction. 
Because of the large doses necessitated in the polymer 
study and because of a lack of precise knowledge con
cerning all the elementary reactions involved in polymer 
formation in the mixtures, kinetic analysis of the poly
mer yield curve is not warranted. Very definitely, the

parallel behavior of the curves in Figure 2 for (^poly
mer) and (?(H2) suggests that a common dioxane pre
cursor of polymer and hydrogen is protected from reac
tion by some kind of interaction with benzene.

Work in this laboratory by Cramer20 has shown that 
the mechanism of biphenyl formation in radiolysis of 
benzene appears to involve addition of phenyl radicals to 
benzene followed by disproportionation and combina
tion reactions of the radical CeHsCeHe.18 With addi
tion of dioxane, particularly because (r(radical) is 
probably larger for dioxane than for benzene, the prob
ability of disproportionation of CeHsCeHe to biphenyl 
will change as a result of change in the nature of the 
radicals most frequently encountered by CeHsCeHe. 
Further, the reaction

C6H8 +  C4H80 2 - h>- C6H6 +  C4H70 2 (II)

may compete with addition of C6H6 to benzene. Again, 
in the absence of precise knowledge concerning all the 
elementary reactions involved, a kinetic analysis of the 
biphenyl yield data is not warranted. However, the 
rather sharp suppression of biphenyl yields on addition 
of dioxane to benzene (c/. Figure 2) seems more con
sistent with an appreciable role of reaction II than with 
a large change in the probability of disproportionation 
of C6H5C6H6 to biphenyl.

Relative Luminescence Yields. The relative lumines
cence yields may be analyzed in terms of a set of reac
tions and by a method analogous to those used in 
analysis of the hydrogen yields, but with some very 
significant differences.

enR oG v^/N o

B ------- cbR0Gb~/N0

— > D or product /cdDD*]

D *  +  X  — >  D +  X * fcDX[D *][X ]

D *  +  B — > D  +  B *  ¿db[D *][B ]

B * — >  B or product /cB [B *  ]

B *  +  X  — > B +  X * fcBx [B * ][X ]

X * — > X  fcx [X* ]

X * — > X  +  fo ke [X* ]

All previously used symbols have the same signifi

as) C . A . B arson  and J. C. B evin gton , Trans. Faraday Soc., 55, 
1266 (1959) ; E . L . E lie l, S. M eyerson , Z. W elva rt, an d  S. H . W ilen ,
J. A m . Chem. Soc., 8 2 , 2936 (1960).
(19) T . G aum ann, Helv. Chim. A cta , 44, 1337 (1961).
(20) W . A . C ram er, Thesis, U n iversity  o f  A m sterdam , 1961. Cf. 
E . A . C hern iak , E . C ollinson , and F . S. D a in ton , Trans. Faraday  
Soc., 60, 1408 (1964).
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cance, except that the possibility of different excited 
states, D *  and B *, being involved is specifically noted 
by a change in superscript. In addition, X  denotes 
p-terphenyl and fco, fcB, and fcx are summed rate con
stants for all reactions of D % B *, and X*, respectively, 
other than the excitation-transfer and emission processes 
specifically written for these species. The steady-state 
treatment gives

ep(ppGT)* — PbUb*) _  1 +  « '[B ]  
G e / / - P B ( ? B +  _  1 +  VWl

where

P d  =  fc p x [X ]/( fc p  +  fcDX[ X ] )  ( 4 )

PB =  fcBx[X]/(fcB +  ^Bx[X]) (5)

a' =  ^db/C^p +  fc o x [X ])  =  PD^DB/fcoxlX] (6)

y' =  a,pBGB*(G0*/GB* -  l)/(ppG b* -  pbGb+)
( 7 )

/  =  fce/(fce +  fcx) (8)

and Ge is the 100-e.v. yield of luminescence photons.
The results of Burton, et al.,21 suggest that for p- 

terphenyl in degassed dioxane, a reasonable value of 
Qn' =  fcp/fcpx would be about 4 X 10-3 M ((}' =  2.8 X 
10-3 M  was reported for cyclohexane). If the assump
tion is made that fcpx =  3fcpB, then fcD / f c p B  =  12 X 
1()“ 3 M  and about 90% of transfer their excitation 
to benzene at [B] — 0.1 M, which corresponds to about 
1 vol. %  of benzene. However, in a variety of systems 
(“ common”  solvent +  benzene +  scintillator) Q and 
Q' values show a significant change as benzene concen
tration increases above 1 vol. %  and do not become 
characteristic of pure benzene until a concentration near 
20 vol. %  is reached.21

In Figure 3, the relative luminescence yield, cGe 
(relative luminescence intensity divided by dose rate), is 
plotted against 6B. It is evident that some process 
approaches completion near 20 vol. %  of benzene.22 
If a'[B]is large compared to both unity and (pdL'd^ — 
PbCtb % /  (pbCtd *  — pb&'b * ), then 1 can be dropped in both 
numerator and denominator on the right-hand side of 
eq. 3, and eq. 3 can be transformed into eq. 9 where c is

cGq — c/ [ pbGt>̂  +  (Gtb̂  — (td^ pbcb] (9)

a constant which relates Ge to the measured relative 
luminescence yield. For values of «B A 0.175 the plot 
of cGe against eB in Figure 3 conforms very well to the 
least-square line

cGe =  53.9 +  44.0eB (10)

From the values obtained for cGe — c/ pbUd *  and

cJpbGb 4 at eB =  0 and 1, respectively, in eq. 10 and 
from the experimental value of cGe = c/poGn* at eB = 
0, the following ratios are obtained.

Gd^/Gb^ — 0.55 (11)
P b / p d  = 2.3 (12)

For p-terphenyl in pure, degassed benzene, Burton, 
et al.,21 report Qb' = 10-3 M. Use of this value and 
eq. 12 gives Qt>' =  5.1 X 10~3 M. Thus, a1 =  46 M -1 
(assuming fcDx =  3fcDB) and at eB =  0.175, a '[B ] = 
104 which is indeed large compared to both unity and 
to the value of (pdGt)^ — pbCtb ̂ ) / ( pbGt> ̂  — pbCtb^) =
I. 7.

Some Conclusions and Speculation. From the value 
of a' =  46 Af_1, a value of a*  (for D + which results in 
luminescence) =  a'(l +  [X]/Qp') = 65 M~l is ob
tained. This result may be compared with a =  0.21 
M~x for D* which gives rise to hydrogen. It is evi
dent that D *  and D* are different and, therefore, that 
D + makes a negligible contribution to the yield of 
chemical decomposition. Either ( t d *  is small com
pared “O C?(H2) =  2.1, equivalent to fciGr>*/(ki +  fc2), 
or a small fraction of the molecules D *  decomposes.

Since the first electronic transition in dioxane shows 
considerable vibrational structure,3 the corresponding 
excited state should have a lifetime of the order of 10-8 
sec. Consequently, it is tempting to identify D ̂  with 
this lowest electronic transition, as has been done in 
the case of benzene.23 However, a positive identifica
tion must await measurement of the decay time of 
D *  and measurement of Qd' for ultraviolet excitation. 
It is of interest to note that the value of Qn' =  5.1 
X 10 _ 3 M, in contrast with the Q' values for benzene 
and cyclohexane,21 is compatible with a diffusion-con
trolled, energy-transfer reaction for reasonable values 
of all parameters (sum of diffusion coefficients «  4 X 
10-5 cm.2/sec., sum of the van der Waals radii ~  5 A., 
decay time of D *  «  1.2 X 10~8 sec.).24 One might 
say that the behavior of dioxane is “ normal”  in that it 
may not be necessary to invoke any special attributes 
to interpret luminescence and quenching parameters, 
contrary to the situation in benzene and cyclohex
ane.21>23>24
. The value of a. =  0.21 M~1 suggests that the states 
represented by D*, which yield decomposition products, 
have a very short lifetime. Thus, the fraction of D*

(21) M . B arton , M . A. D illon , C. R . M u llin , and R . R ein , J. Chem. 
P hys., 4 1 , 2236 (1964).
(22) T h e  va lue o f «b  =  0 .175 correspon ds to  20 v o l. %  and 2.25 M .

(23) S. L ip sk y  and  M . B urton , J. Chem. P hys., 31, 1221 (1959 );
J. L . K ro p p  and M . B urton , ibid,., 37, 1742 (1962).
(24) C. R . M u llin , M . A. D illon , and  M . B urton , ibid., 4 0 , 3053 
(1964).
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protected from decomposition in essentially pure 
benzene, 11.27 M, is only 0.71. For protection to 
compete with decomposition it may be necessary that 
a molecule of protective agent be a nearest neighbor 
to an excited or ionized molecule at the time of its for
mation. Protection by charge or excitation transfer 
may be in competition with such processes of short 
lifetime as decomposition of an ion before neutralization, 
geminate recombination of an ion and its electron, or 
decomposition of highly excited molecules formed either 
directly or on ion neutralization. Whatever the 
process being prevented, it is responsible for essentially

the total yield of chemical decomposition. These 
conclusions would also appear to apply to benzene25 
and to cyclohexane (compare a =  0.84 M~l for ben
zene in cyclohexane16 and 1 /Q' — 360 for p-terphenyl 
in cyclohexane21) .

Acknowledgment. The authors are grateful to Dr.
M. Burton for suggestion of this problem and for 
helpful advice.

(25) H . F . B arzynsk i, R . R . H en tz, and M . B urton , t o  be  p u b lish e d ; 
D . B . P eterson, T . A rakaw a, D . A . G . W alm sley , an d  M . B u rton , 
t o  be published.

1-Pentanethiol: Heat of Vaporization and Heat Capacity of the Vapor1

by Herman L. Finke, Isham A. Hossenlopp, and William T. Berg

Contribution N o. I 40 from  the Therm odynam ics L aboratory o f  the Bartlesville Petroleum  R esearch Center, 
B ureau o f  M in es, U . S . D epartm ent o f  the In terior, Bartlesville, Oklahoma (Received M a rch  28, 1966)

The heat of vaporization of 1-pentanethiol between 356 and 400°K. is represented by the 
equation AHv =  12,784 — 6.243T — 0.01221 T2 * cal. mole-1. The vapor heat ca
pacity measured at five temperatures between 385 and 500°K. is given by the equation 
CP° =  3.927 +  0.11195T -  4.2289 X 10-6T2 cal. deg.-1 mole-1. The equation, B =  
— 73.5 — 110.78 exp(1000/T) cc. mole-1, was derived for the second virial coefficient from 
calorimetric data.

Introduction
As a part of the continuing research program on 

organic sulfur compounds of the Bureau of Mines, a 
study was made of the heat of vaporization and heat 
capacity of the vapor of 1-pentanethiol. The program 
is designed to obtain information concerning the 
variance of thermodynamic properties of carefully 
chosen members of families of compounds to enable 
calculation, by incremental methods, of tables of data 
for entire homologous series of sulfur compounds. As 
an example, the data presented here were utilized to 
this end, together with data for other 1-thiols in a 
recent publication from this laboratory2 to calculate 
tables of thermodynamic properties for 1-thiols through
1-eicosanethiol.

Experimental
Materials. The sample of 1-pentanethiol was part 

of the Standard Sample of Organic Sulfur Compound 
API-USBM (PC-48-66), prepared at the Laramie, 
Wyo., Petroleum Research Center of the Bureau 
of Mines. The purity determined by a time-tempera
ture study of the lowering of the freezing point was
99.94 mole %.

(1) T h is  in vestiga tion  w as p art o f  th e  A m erican  P etro leu m  In stitu te  
R esearch  P ro je ct  4 8 A  on  th e  “ P rod u ction , Iso la tion , and  Purifica
t io n  o f  Sulfur C om p ou n d s  and  M easurem ent o f  T h e ir  P rop erties ,”  
w h ich  the  B ureau  o f  M in es  con d u cts  at B artlesville , O lda ., and 
L aram ie, W y o .
(2) D . W . S co tt  and  J. P . M cC u llou g h , U . S. B ureau  o f  M in es  B u lle 
tin  595, U . S. G ov ern m en t P rinting O ffice, W ash in gton , D . C ., 1961.
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Apparatus and Physical Constants. Measurements 
were made in the vapor-flow calorimeter described by 
Waddington, et al.3 4 5 Briefly, for heat capacity de
terminations, the method consists of passing a meas
ured constant (steady-state) flow of vapor, generated 
by electrical evaporation in a cycling vaporizer, through 
a calorimeter in which the vapor is heated electrically 
by a measured and constant power input. For heat 
of vaporization determinations, the method is similar 
except that the vapor is not heated, and a measured 
amount of material is collected in a measured amount 
of time. The reported values are based on a molec
ular weight of 104.212 g./mole (19514a International 
Atomic Weights4b), the 1951 values of the fundamental 
physical constants,8 and the relations: 0° =  273.15°K. 
and 1 cal. =  4.184 joules (exactly).

Results
The experimental values of the heat of vaporization 

and vapor heat capacity are given in Tables I and II. 
The estimated accuracy uncertainty of the values of 
AHv and C'p° are 0.1 and 0.2%, respectively. The 
heat of vaporization may be represented by the em
pirical equation

A Hv =  12,784 -  6.243 T -  1.221 X lO "2! 12
cal. m ole-1 (356-400°K.) (1)

Equation 1 is claimed reliable only within the range 
of experimental observations. An estimate of the 
uncertainties involved by extrapolation may be ob
tained by comparing the values at 298.15°K. calcu-

Table II : T h e M ola l V apor H eat C a p a city  o f 
1 -P entanethiol (in  cal. d e g .-1 )

385.22 410.23 436.24 467.21 500.20

Cp (1 .0 0 0  atm .) 4 3 .63 8 4 5 .38 7 4 7 .46 3 4 9 .6 6 0
Cp (0 .5 0 0  atm .) 
Cp (0 .2 5 0  atm .)

4 1 .33 2
41 .051

4 3 .1 2 7
4 2 .9 4 4 4 4 .87 2 4 7 .1 2 6 4 9 .41 8

c P° 4 0 .78 6 42 .731 4 5 .711 4 7 .01 9 49 .341
-T(d*B/dT*),

ob sd .“ 1 .0 3 0 .8 4 0 .6 3 0 .4 2 0 .3 0
-T(d*B/dT*),

ca lcd .0 1.11 0 .8 0 0 .6 0 0 .4 3 0 .3 2

“ U n its: cal. d e g .“ 1 m o le “ 1 a tm .-1 . b C a lcu lated  from  eq . 2.

The effects of gas imperfection were correlated by the 
procedure described in an earlier paper.7 The vapor 
pressure equations given by Finke, et al.,6 were used. 
The empirical equation for B, the second virial coef
ficient in the equation of state, PV  =  RT( 1 +  B/V), 
is

B = -7 3 .5  -  110.78 exp(1000/T) cc. m ole"1
(385-500°K.) (2)

Observed values of B and — T(d2B /dT 2) =  lim (dCp/-
p  — >■ 0

dP) T and the ones calculated from eq. 2 are compared 
in Tables I and II.

From the values of Cp° and T given in Table II, 
the following empirical equation was derived for the 
heat capacity of 1-pentanethiol vapor

Table I: T h e  M o la l H eat o f  V aporization , Second V irial 
C oefficient, an d  G as D en sity  o f  1 -P entanethiol

T, °K. -P, atm. A Hv, cal.
,---------B
Obsd.

, cc.------*
Calcd.“

'--------- V,
Qbsd.&

CC.--------- s
Calcd .c

3 5 6 .0 8 0 .2 5 0 9014 ±  2 d 1910 1910 1 1 4 ,940 114 ,934
376 .43 0 .5 0 0 8705 ±  2 1670 1652 6 0 ,06 1 6 0 ,0 7 8
3 9 9 .8 0 1 .0 0 0 8337 ±  3 1406 1425 3 1 ,3 3 5 3 1 ,3 1 4

“ C alcu lated from  eq . 2 . b C a lcu lated  from  virial equation  
and C lapey ron  equation . c C a lcu lated  from  virial equation  and 
eq . 2. d A verage dev ia tion  from  the m ean o f  three observations.

lated from eq. 1 with those of Finke, et al.,6 calculated 
from the Clapeyron equation together with the value 
of dp/dT determined from the Cox equation fitted to 
values of observed vapor pressures. These two heat 
of vaporization values are 9838 ±  20 and 9825 ±  50 
cal. mole-1, respectively.

CP° =  3.927 +  0.11195 i 7 -  4.2289 X 10-6r 2
cal. degA1 mole-1 (384-500°K.) (3)

(3) (a ) G . W ad d in g ton , S. S. T o d d , and  H . M . H u ffm an , J . A m  
Chem. Soc., 6 9 , 22 (1 9 4 7 ); (b ) J. P . M cC u llou g h , D . W . S co tt, R . E 
P enn in gton , I. A . H ossen lop p , and  G . W ad d in g ton , ib id ., 7 6 , 4791 
(1954) ; (c ) G . W ad d in g ton , J. C . S m ith , K . D . W illiam son , and  D . W . 
S co tt, J  P h ys. Chem ., 6 6 , i0 7 4  (1962).
(4 ) (a) T h is  s tu d y  w as orig in ally  part o f  a larger p rogram  in  w h ich  a 
nu m ber o f the  results a lready h a ve  been  rep orted  using th e  1951 
p h ysica l con stants. U se o f th e  tab le  o f  la test recom m en d ed  a tom ic 
w eights and  fun dam enta l p h ysica l con stan ts  [cf. E . R . C oh en  and 
J. W . M . D u M o n d , R e p o rt  to  th e  A m erican  P h ysica l S ociety , 
W ash ington , D . C ., A p ril 1862] w ou ld  p rod u ce  less than  0 .0 1 %  
d ifference in  the final results, (b ) E . W ich er , J . A m . Chem. Soc., 74, 
2447 (1952).
(5 ) F . D . R ossin i, F . T . G u ck er, Jr., H . L . Joh n ston , L . Pauling, and
G . W . V in al, ib id ., 74, 2699 (1952).
(6 ) H . L . F inke, D . W . S co tt, M . E . G ross, G . W ad d in g ton , and
H . M . H uffm an , ib id ., 74 , 2804 (1952).
(7 ) J. P . M cC u llou g h , H . L . F in ke, J. F . M esserly , R . E . P enn ing
to n , I . A . H ossen lop p , and  G . W ad d in g ton , ib id ., 77, 6119 (1955).
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Studies of the Sedimentation Velocity of Ovalbumin in

Concentrated Salt Solutions1

by Julie Hill and David J. Cox

Clayton Foundation Biochem ical Institu te and the D epartm ent o f  Chem istry, The U niversity o f  T exa s, 
A u stin , T exas 78712  (.Received M arch  26, 1966 )

Sedimentation coefficients of ovalbumin have been measured in water at several concen
trations of each of the following salts: sodium chloride, potassium chloride, cesium chloride, 
magnesium chloride, and ammonium sulfate. Measurements have also been made in sol
vents consisting of deuterium oxide and various amounts of sodium chloride, potassium 
chloride, and cesium chloride. When the sedimentation coefficients obtained in the 
several experiments in a given salt are corrected to a reference viscosity and plotted against 
the densities of the respective solvents, straight lines result in every case. Apparent 
isodensity points have been calculated by extrapolation to the density axis from the experi
mental data for each set of solvents. The observed density intercept in a given salt is 
independent of the protein concentration used in the sedimentation experiments; the inter
cepts are in all cases below the reciprocal of the partial specific volume of ovalbumin, but 
they vary from one salt to another. The density intercepts in the various salts fall in the 
same order in water and deuterium oxide.

Introduction

It has often been useful to observe the sedimentation 
behavior of macromolecular species in aqueous solvents 
containing high concentrations of low molecular weight 
second solutes. Frequently, the purpose of experi
ments of this kind has been to demonstrate the effect 
of the particular second solute on the molecular weight 
or on the shape of the macromolecular particles. For 
example, some proteins are soluble only in concentrated 
salt solutions and not in the dilute buffers normally 
used for ultracentrifugation2’3; the determination of 
the molecular weight of such proteins in the ultra
centrifuge requires that their sedimentation be ob
served in the presence of large amounts of salt. Sedi
mentation in sucrose density gradients is a technique 
in general use for both preparative and analytical 
purposes. A number of proteins composed of sub
units appear to disaggregate in mixed solvents : bovine 
procarboxypeptidase-A in concentrated urea,4 myosin 
in concentrated urea6 or guanidinium chloride,6 and 
hemoglobin in concentrated sodium chloride or mag
nesium chloride.7

It is well known that the sedimentation behavior of

a macromolecule is considerably more difficult *o in
terpret in a three-component system than it is in the 
classical two-component case.8-10 In a system of one 
macromolecular solute in one solvent, the sedimenta
tion coefficient, at infinite dilution of the solute, is 
determined by the molecular weight, partial specific 
volume, and shape of the solute particles. When a 
second solute is present, the sedimentation velocity of

(1 ) T h is  w ork  w as su p p orted  b y  G ran t G M -1 1 7 4 9  from  th e  U n ited  
S tates P u b lic  H ea lth  S ervice.
(2 ) M . L . A n son , J . Gen. P h ys io l., 2 0 , 663 (1937 ).
(3) J. A . R u p le y  and  H . N eu rath , J . B io l. Chem ., 2 35 , 609 (1 96 0 ).
(4) J. R . B row n , D . J . C o x , R . N . G reensh ields, K . A . W alsh , M . 
Y a m asak i, and  H . N eu rath , P roc . N atl. A cad . S ci., U . S ., 4 7 , 1554 
(1961).

(5 ) D . B . W etla u fer an d  J. T . E dsa ll, B iochim . B iop h ys. A cta , 4 3 , 
132 (1960).

(6 ) E . F . W o o d s , S. H im m elfarb , and  W . F . H arrin g ton , X  B io l. 
Chem ., 238 , 2374 (1963 ).

(7 ) A . G . K irshn er and  C . T a n ford , B iochem istry, 3 , 291 (1964 ).
(8) J. W . W illiam s, K . E . V an  H o ld e , R . L . B a ld w in , and  H . F u jita , 
Chem. R ev., 58 , 715 (1958).

(9) G . S ca tchard , J . A m . Chem. Soc., 6 8 , 2315 (1946 ).

(10) E . F . C asassa and  H . E isenberg , J . P h ys . Chem ., 64 , 753 'I9 6 0 ) : 
6 5 , 427  (1961)
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the macromolecules is affected, in addition, by inter
actions between the two solutes. The behavior of 
three-component systems in the ultracentrifuge has 
been explored theoretically by the methods of irrevers
ible thermodynamics11'12; in these treatments, inter
action between the solutes is described in terms of 
cross-diffusion coefficients, effects of each solute on the 
chemical potential of the other, or preferential inter
action of the macromolecule either with the solvent or 
with the second solute. The practical usefulness of 
the thermodynamic treatment has thus far been limited 
by the fact that these interaction parameters are 
generally not experimentally accessible. It is not 
presently possible to predict how a given protein of 
known properties will behave in a given three-com
ponent system; nor is it possible to reason rigorously 
from observed sedimentation behavior to the molecular 
weight or other properties of the macromolecular com
ponent.

For these reasons, it seems worthwhile to proceed 
on an empirical basis to examine the sedimentation 
behavior of some well-characterized proteins in the 
presence of a number of second solutes. A consistent 
pattern may emerge from such a comparative study 
which will allow predictions to be made of the im
portance of interaction effects in other, less well-char
acterized systems.

This report describes the measurement of the sedi
mentation velocity of ovalbumin in the presence of 
large amounts of several common salts, both in water 
and in deuterium oxide. The experimental procedure 
is that originally used by Schachman and Lauffer.13 
Sedimentation coefficients are measured for the protein 
in aqueous solutions containing different amounts of a 
given second solute. The sedimentation coefficients 
are corrected to a reference viscosity, and the resulting 
viscosity-corrected sedimentation coefficients are 
plotted against the densities of the respective solvents. 
In the absence of interaction among the components, 
the viscosity-corrected sedimentation coefficient14 15 
should be given by

A f(l — vp) 
NQin-f/fo (1)

In eq. 1, S is the sedimentation coefficient; jj is the 
viscosity of the solvent; N is Avogadro’s number; 
M, v, and f/f0 are the molecular weight, partial specific 
volume, and frictional ratio of the protein; r is the 
radius of a sphere whose volume is Mv/N; and p is 
the density of the solvent. Dividing both sides of eq. 
1 by the viscosity of water, ijo, gives

M ( 1 — vp) 
N6rriorf/fo

(la)

where >?rei is the viscosity of the solvent relative to that 
of water. Equation la  predicts that a plot of Srj„\ 
vs. p will be a straight line which crosses the density 
axis at 1/v, if interaction effects are absent and if M, 
v, and f/fo do not vary with salt concentration. Con
versely, the degree to which the results fail to obey 
eq. 1 will provide an empirical index of the combined 
effect of solute-solute interaction and of variation in 
the parameters describing the macromolecules.

Experimental

Protein. Twice-crystallized ovalbumin, lot No. OA- 
510, was purchased from the Worthington Biochemical 
Corp. The sedimenting boundaries observed with this 
preparation were symmetrical in all solvents used. 
A sedimentation equilibrium experiment was carried 
out on a sample of this lot of ovalbumin at a mean 
protein concentration of 3 mg./ml. in 0.1 M  potassium 
chloride and 0.01 M  potassium phosphate buffer, pH
6.8. Rayleigh interference optics were used, and the 
data were handled in the usual way.16 Plots of the 
logarithm of protein concentration at equilibrium 
against the square of the distance from the axis of ro
tation were linear along the entire length of the solu
tion column; the molecular weight calculated from 
the slope of the plot, using a value of 0.749 for z7,16 was 
44,670, in agreement with data in the literature.17 
The mean deviation among the calculations from six 
photographs was ±100, and the maximum deviation 
was 200.

Solvents. All solvents ‘were prepared in 0.01 M  
potassium phosphate buffer, pH 6.8. Reagent grade 
salts and glass-distilled water were used in all cases. 
Deuterium oxide (99.6%) was purchased from Biorad 
Laboratories. Buffers were prepared in deuterium 
oxide by the addition of the appropriate weighed 
amounts of solid monobasic and dibasic potassium 
phosphate. The amount of protium introduced with 
the buffer salts was a negligibly small proportion of the 
total hydrogen in the resulting solutions. When ex-

(11) R . L . B aldw in , J . A m . Chem . S oc., 8 0 , 496  (1968 ).
(12) L . P eller, J . Chem . P h ys ., 29 , 415  (1958 ).
(13) H . K . S chachm an and M . A . L au ffer, J . A m . Chem . S oc ., 71, 
538 (1949).
(14) H . K . S chachm an, “ L ltra cen trifu g a tion  in  B ioch em istry ,1’ 
A ca d em ic  Press, N e w  Y o r k , N . Y . ,  1959.
(15) H . K . S chachm an in  “ M e th o d s  in  E n z y m o lo g y ,”  V o l. IY , 
A ca d e m ic  Press, N ew  Y o r k , N . Y . ,  1957, p p . 3 2 -1 0 3 .
(16) M , O . D a y h o ff , G . E . P erlm an n , and  D . A . M a c ln n e s , J. A m . 
Chem. Soc., 74 , 2515 (1952).
(17) H . G u tfreu n d , N ature, 133, 406  (1949).
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periments were done in deuterium oxide, the protein 
solutions were allowed to stand at room temperature 
for 1 to 1.5 hr. before the beginning of the centrifuge 
run, to allow for essentially complete hydrogen ex
change between the protein and the solvent. A longer 
delay between the preparation of the solutions and the 
beginning of the experiment had no detectable effect 
on the observed sedimentation coefficients.

Viscosity Measurements. Solvent viscosities were 
measured in standard capillary viscometers with out
flow times for water of 200-300 sec. at 20°. The in
struments used were calibrated with standard solutions 
of sucrose and of potassium chloride at several concen
trations. The observed viscosities of the standards 
agreed well with values in the literature18; it was con
cluded that no kinetic energy or end effect corrections 
were required.19 The accuracy of the measurements 
is estimated to be within ±0 .5% ; making due allow
ance for the presence of small amounts of potassium 
phosphate in each of the solvents, the measured vis
cosities agreed with literature data where these were 
available.18’20 Solvent densities were measured in 
triplicate in 1-ml. vented-cap pycnometers; the mean 
values were reproducible within ±0.001 g./cm .8.

Sedimentation Velocity Measurements. Sedimenta
tion velocity measurements were carried out at 20° in 
a Spinco Model E ultracentrifuge operated at 59,780
r.p.m. The movement of the boundaries was observed 
with schlieren optics at bar angles of 70 to 80°. Sedi
mentation coefficients were calculated from the rate of 
movement of the maxima of the boundaries; the photo
graphs from each run were measured several times. 
In a few cases, second-moment calculations14 were also 
done; the results were not different from those ob
tained by the maximum gradient method. Calcula
tion according to Baldwin21 of the error introduced by 
the use of the peak position also indicated that the 
effect should be negligible. A valve-type synthetic 
boundary cell was used for all of the measurements. 
The relative amounts of solvent and solution intro
duced into the cup and the centerpiece were so chosen 
as to allow the formation of the boundary near the 
center of the solution column. Thus, the redistribu
tion of the salts and the consequent rise of the base 
line at the ends of the column did not distort the ob
served gradient curve or shift its maximum during the 
course of the run.

In the case of cesium chloride, some solvents with 
densities higher than the apparent density of ovalbumin 
were used. In these cases, the solvent was placed in the 
centerpiece and the solution in the cup of the synthetic 
boundary cell ; negative sedimentation coefficients were 
observed and, at bar angles below 90°, the rising protein

boundary was observed as a trough rather than as a 
peak. It was found convenient in these cases to set 
the bar angle above 90°, thus inverting the photo
graphic record and converting the boundary to a peak 
similar to those found in the less dense solvents. It was 
found that such records could be read more reproduc- 
ibly than those obtained at bar angles below 90°. 
Moreover, this technique eliminated the necessity for 
the use of a positive wedge window in some of the ex
periments.

The measured sedimentation cc efficients were in 
general reproducible to ±0.03 svedberg unit or less. 
The error in a given viscosity-corrected sedimentation 
coefficient, of course, varied in proportion to the vis
cosity of the solvent. The most viscous solvents used 
were the most concentrated sucrose and sodium chlo
ride solutions. In these cases, the probable error 
in S ?̂rei reached ±0.06 svedberg unit; in most of the 
solvents, the error was considerably less than this.

For each second solute, five to eight sedimentation 
coefficients were measured, each at a different second- 
solute concentration and thus at a different density. 
In several solvents, the entire series was repeated at 
each of three or four protein concentrations. The values 
of (S?;rei were plotted against density and fitted to the 
best straight fine by the criterion of least squares; the 
intercept on the density axis was then calculated. The 
least-squares calculation was repealed, dropping one 
point at a time. The scatter of the density intercepts 
so obtained was taken as an index of the precision of 
the original result. Moreover, inspection of the in
tercepts calculated omitting each point in turn for 
a trend in the values served to alert us to the presence 
of any slight curvature in the plots. The labor re
quired for these calculations and for the handling of 
the sedimentation equilibrium results mentioned above 
was greatly reduced by the use of a Control Data 1604 
digital computer

Results
Viscosity-corrected sedimentation coefficients of oval

bumin were measured in aqueous solutions at various 
concentrations of sodium, potassium, magnesium, and 
cesium chlorides, and of ammonium sulfate The 
results were plotted as solvent density vs. Syiei (Figures
1-5). In each of the experiments shown, the protein 
concentration was 5 mg./ml. In each figure, the

(18) “ In tern ation a l C ritica l T a b le s ,”  V o l. 5, M c G ra w -H ill B o o k  C o ., 
In c ., N e w  Y o rk , N . Y . 1926, p . 33.
(19) J. T . Y a n g , Advan. P rotein  Chem ., 16, 323 (1961 ).

(20) S. L en gyel, J. T am as, J. G iver, and  J. H o lo ler ith , M a g y . K em . 
F olyoirat, 70 , 66 (1964).
(21) R . L . B aldw in , B iochem . J ., 65, 503 (1957 ).
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T ab le  I :  D en sity  In tercep ts  o f P lots o f  p vs. Sr¡Ki in  W a ter“

Ovalbumin eonen..
mg./ml. KC1, g./ml. NaCl, g./ml. CaCl, g./ml. MgCL, g./ml. (NH4)2S04, g./ml.

3 1 .2 7 4  ±  0.00S 1 .2 7 3  ±  0.004 1 .3 0 2  ±  0.001
(0 .0 0 5 ) (0 .0 1 0 ) (0 .0 0 3 )

4 1 .2 7 6  ±  0.005
(0 .0 0 8 )

5 1 .2 7 3  ±  0.003 1 .2 7 5  ±  0.006 1 .2 9 8  ±  0.001 1 .2 4 2  ±  0.002 1 .2 9 2  ±  0 .005
(0 .0 0 5 ) (0 .0 1 4 ) (0 .0 0 3 ) (0 .0 0 5 ) (0 .0 1 2 )

6 1 .2 6 5  ±  0.001
(0 .0 0 4 )

7 1 .2 8 2  ±  0.003 1 .2 9 3  ±  0.001
9 (0 .0 0 8 ) (0 .0 0 1 )

M ean  value 1 .2 7 2  ±  0.003 1 .2 7 6  ±  0.003 1 .2 9 7  ±  0 .003 1 .2 4 2 1 .2 92

“ D ensity  intercepts were ob ta in ed  b y  the m eth od  o f  least squares. T h e  least-squares ca lcu lations for each  p lo t  w ere repeated  om itting 
on e  experim ental p o in t a t a tim e. T h e  standard dev ia tion  am ong these latter ca lcu lations is given  in  ita lics ; th e n um ber in  parentheses 
is the largest dev iation  from  th e m ean value.

F igure 1. P lo t  o f  so lven t densities (p )  against 
v iscosity—corrected  sedim entation  coefficients (S ^ e  1) fo r  
ovalbu m in  in sodium  ch loride-w ater. V iscosities are relative 
to  w ater at 2 0 °. P rotein  con centration  5 m g ./m l.

straight line is shown which gives the closest fit to the 
experimental points by the criterion of least squares. 
Inspection of the results indicates that the points 
follow linear plots reasonably well; the scatter of the 
points may be evaluated by noting that the radius 
of the points as drawn in Figures 1-4 corresponds to 
0.04 svedberg unit along the Sijiei axis. The calculated 
points at which the five plots intersect the density axis 
are given in the third row of Table I.

The results in cesium chloride are of particular 
interest. Here, measurements were made at densities 
up to 1.58; at the highest densities, as expected, nega

Figure 2. P lo t  o f  p vs. SrirBi fo r  ova lbu m in  
at 5 m g ./m l. in  potassium  ch loride-w ater.

tive sedimentation coefficients were observed. Figure 
5 shows that the viscosity-corrected sedimentation 
coefficients are a linear function of density over a very 
large range of salt concentration. The availability 
of points taken at densities both above and below the 
intersection of the least-squares line with the density 
axis allowed the very precise location of the intercept. 
It may be noted, however, that when an independent 
calculation was done, using only the positive sedimen
tation coefficients— a calculation comparable with 
those done for the other salts—the result agreed very 
closely with that obtained using both the positive and 
negative sedimentation coefficients.
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Figure 3. P lo t  o f  p vs. Syrei fo r  ova lbu m in  
a t 5 m g ./m l. in  m agnesium  ch loride-w ater.

F igure 5. P lo t  o f p vs. Syni fo r  ova lbu m in  
at 5 m g ./m l. in  cesium  ch loride-w ater.

F igure 4. P lo t o f  p vs. Si]tei fo r  ova lbu m in  
a t 5 m g ./m l. in  am m onium  sulfa te-w ater.

In addition to the experiments at 5 mg./ml., com
plete sets of runs in sodium chloride, potassium chlo
ride, and cesium chloride were done at other protein 
concentrations. Several interesting points emerge 
from comparison of the results obtained in a given salt 
at several different protein concentrations. First, 
the data obtained at any given concentration, when 
assembled as a plot of p vs. Sr)Ie\, gave a good fit to a 
straight line in every case. The 5-mg./ml. experiments 
shown in the figures are typical; in fact, of all the sets

of points obtained, the sodium chloride experiments 
of Figure 1 fit a straight line least well. The calculated 
density intercepts of the linear plots are presented in 
Table I. Second, any barely significant curvature 
found at one concentration was normally absent from 
the data at the others; thus, the possible upward 
curvature of Figure 1 was not apparent at 3 or 7 m g./ 
ml. The apparent curvature in this case probably 
resulted from a fortuitous scatter in the data. Third, 
and most important, the plots derived from experi
ments in a given salt at several ovalbumin concentra
tions all converge toward the same point on the p- 
axis. The variation among the different density in
tercepts is of the same order as the uncertainty of the 
individual values. The separate values have been 
averaged, and the means are shown, with mean devia
tions, in the last row of Table I.

The density intercepts observed in the different 
salts may be compared by inspection of the last row 
of Table I. Two significant points are clear. First, 
in each of the five salts, the density intercept is sig
nificantly below 1/v; taking v for ovalbumin as 0.749, 
\/v is 1.335. Second, the difference between the ob
served density intercept and \/v varies from salt to 
salt. The difference is greatest in magnesium chloride, 
less in sodium or potassium chloride, and less still in 
cesium chloride or ammonium sulfate.

An analogous series of experiments was carried out in 
aqueous sucrose. A series of six centrifuge runs was 
done with ovalbumin at 5 mg./ml. in solutions of sucrose 
at various concentrations in water buffered at pH
6.8 with 0.01 M  potassium phosphate. The resulting
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p vs. Srirei plot appeared to show a very slight upward 
curvature; accordingly, six more runs were done, and 
the points from all the experiments were assembled as 
shown in Figure 6. A relatively large error in Sr)Ie\ 
was to be expected, since the viscosities of the solvents 
were quite high. Within the limits of this experimental 
error, the points (circles in Figure 6) defined a reason
ably good straight line. When experiments were 
done at three other protein concentrations, the results 
depicted by the other points in Figure 6 were obtained. 
Linear extrapolation toward higher densities from the 
experimental points would give a series of lines that 
cross at relatively low density and intersect the density 
axis at very different points. Behavior of this kind 
would indicate that the dependence of the sedimenta
tion coefficient changes from inverse to direct at some 
intermediate sucrose concentration. A more likely 
alternative would be that the plots are curved at the 
higher densities. Further experiments in these sol
vents were not done, because it was noticed that the 
results were also unusual in that the observed de
pendence of the sedimentation coefficient on protein 
concentration was extraordinarily high. It seemed 
likely that the peculiarities of the data might be due 
to the fact that the buffer salt present was insufficient 
to eliminate the primary charge effect. When the 
experiments were repeated at an ionic strength of 0.15 
M, the extreme concentration dependence did in fact 
disappear, but in this case the p vs .Srjlei plots curved 
upward at all protein concentrations. Evidently, 
the linearity of the first series of points resulted from 
the fortuitous compensation of unknown concentra
tion-dependent effects that would individually have 
caused the plot to curve in opposite directions.

For comparison with the results already described 
for aqueous salt solutions, analogous data were as
sembled for ovalbumin in solutions of sodium, potas
sium, and cesium chlorides in buffered deuterium oxide. 
Experiments in ammonium sulfate were not done be
cause hydrogen exchange between the ammonium ion 
and D 20  would have produced a solvent containing a 
mixture of light and heavy water. Similarly, no 
deuterium oxide experiments were done in magnesium 
chloride because this salt is obtained as a hydrate from 
which water cannot be removed; according to the 
literature,22 it loses HC1 on drying before it loses water. 
A complete series of experiments was done in the three 
solvents at each of three protein concentrations.

The results of the experiments at an ovalbumin 
concentration of 5 mg./ml. are shown in Figures 7-9. 
The results were in every way analogous to those in 
the corresponding aqueous solvents. Each individual 
p vs. Sfjrei plot—in a given salt and at a particular

Figure 6. P lo t  o f  p vs. Syrei fo r  ova lbu m in  in 
sucrose-w ater at several protein  con centrations: V, 9 m g ./m l.; 
A, 7 m g ./m l.;  O, 5 m g ./m l.;  G, 3 m g ./m l. Solid  line is a 
linear least-squares p lo t  o f  the 5 -m g ./m I. points.

F igure 7. P lo t o f p vs. Sijtei fo r  ova lbu m in  
at 5 m g ./m l. in  sodium  ch loride-deu terium  oxide.

protein concentration—was linear within experimental 
error. In a given salt, the plots constructed from 
experiments at different protein concentration con
verged to the same point on the density axis. The 
observed density intercepts are assembled in Table II. 
The partial specific volume of ovalbumin should be 
lower in deuterium oxide than in water, since the 
protein undergoes hydrogen exchange with the solvent.

(22) “ T h e  M e rck  In d e x ,”  6th  E d ., M e rck  and  C o ., In c ., R ah w a y . 
N . J „  1952, p , 590.
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Figure 8. P lo t o f p vs. S^rei for ovalbum in, at 
5 m g ./m l. in  potassium  ch loride-deu terium  oxide.

S!7rs[ (Svedberg units)

Figure 9. P lo t o f p vs. Srjiei fo r  ova lbu m in  at 
5 m g ./m l. in  cesium  ch loride-deu terium  oxide.

On the basis of the reported amino acid composition 
of ovalbumin,23 658 exchangeable hydrogens would be 
expected per molecule. If the partial molar volume of 
the protein is not affected by the exchange of hydrogen 
for deuterium, its partial specific volume would de
crease from 0.749 to 0.738 after complete exchange. 
All of the density intercepts in Table II were below 
1/0 (1.355) as was the case in water. It may also be 
noted that the density intercepts in the different salts 
fall in the same order in water and in deuterium oxide: 
in both cases, the intercepts in sodium and potassium

chlorides are close together and the intercept in cesium 
chloride is significantly higher.

T ab le  I I :  D en sity  In tercepts o f  P lots o f  p vs. SiiIei in 
D euteriu m  O xide“

Ovalbumin
concn.,
mg./ml. KC1, g./ml. NaCl, g./ml. CsCl, g./ml.

3 1 .3 0 3  ±  0.003  
(0 .0 0 9 )

1 .2 9 8  ±  0 .004  
(0 .0 1 0 )

1 .3 2 9  ±  0.001  
(0 .0 0 1 )

5 1 .2 9 9  ±  0.002  
( 0 .0 0 6 )

1 .2 91  ±  0.003  
(0 .0 0 8 )

1 .3 3 2  ±  0.001  
(0 .0 0 1 )

7 1 .3 0 7  ±  0.006  
(0 .0 1 3 )

1 .3 1 1  ±  0.001  
(0 .0 0 3 )

1 .3 2 7  ± 0 .0 0 1  
(0 .0 0 1 )

9 1 .3 0 5  ±  0.003  
(0 .0 0 6 )

M ean  value 1 .3 03  ±  0 .0 0 2 1 .3 0 0  ±  0 .0 0 7 1 .3 2 9  ±  0 .0 0 1

“ D eviations defined as in  T a b le  I.

Discussion
The sedimentation behavior of ovalbumin in con

centrated salt solutions follows a reasonably con
sistent pattern. The viscosity-corrected sedimenta
tion coefficients are linearly dependent on solvent 
density in the presence of each salt, the density in
tercept is depressed below 1/0 in each case, and the de
pression of the density intercept varies from one salt 
to another. Qualitatively similar results have been 
found with other systems described in the literature: 
influenza virus in concentrated serum albumin,24-25 
tobacco mosaic virus in serum albumin and in sucrose,13 
ribonucléase in several salts,26 and ovalbumin in urea.27 
Curved Sr;Tei vs. p plots have been observed for in
fluenza26-28 and vaccinia29 virus in sucrose, bovine 
serum albumin in a variety of solvents,26 and oval
bumin in sucrose as seen here. No cases have been 
reported in which eq. la  is obeyed in detail, excepting 
those in which the second “ solute”  was deuterium 
oxide.

(23) J. C . L ew is, N . S. Snell, D . J. H irsch m an n , and  H . F raen k el- 
C on ra t, J . B io l. Chem ., 186, 23 (1950 ).
(24) D . G . Sharp, A . R . T a y lo r , I . W . M cL ea n , Jr., D . B eard , and  
J. W . B eard , Science, 100, 151 (1944).
(25) D . G . Sharp, A . R . T a y lo r , I . W . M cL ea n , Jr., D . B eard , and  
J. W . B eard , J . B iol. Chem ., 159, 29 (1945).
(26) D . J. C o x  and  V . N . Schum aker, J . A m . Chem. Soc., 8 3 , 2433 
(1961).
(27) W . L . G agen  and J. H olm e, J . P h ys . Chem.., 68, 723 (1964).
(28) M . A . L au ffer and  W . M . S tan ley , J . E xptl. Med,.. 80 , 531 
(1944).
(29) J . E . Sm adel, E . G . P ickels, and  T . S h ed lovsk y , ib id ., 68 , 607 
(1938).
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Even if only those cases yielding linear plots of SriIei 
vs. p are considered, there is no lack of possible rationali
zations for the failure of most systems to obey eq. la. 
Such behavior could be accounted for by variation 
with density of the molecular weight, partial specific 
volume, or frictional ratio of the protein, or by solute- 
solute interaction. The form of the Srjrei vs. p plots for 
ovalbumin in the various salt solutions probably does 
not result from a variation in molecular weight. If 
the molecular weight of ovalbumin were a slowly vary
ing function of salt concentration, linear plots would 
not have been obtained. Even if a slight curvature 
had been missed, the plots constructed from runs at 
different protein concentrations would not have con
verged to the same density intercept. Finally, skewed 
boundaries would have been observed at intermediate 
salt concentrations. For these reasons, it seems un
likely that variation of the molecular weight of the 
protein with salt concentration is a serious factor in 
this particular case. Variation of the partial specific 
volume cannot be so readily dismissed, since the ap
propriate measurements have not been done for oval
bumin in these solvents. The little information that 
is available indicates that the partial specific volumes 
of proteins are not noticeably affected by the presence 
of large amounts of neutral salts.7'26 In the lack of 
specific information bearing on the point, however, 
the possible dependence of v on salt concentration 
can be ignored only with explicit reservations.

The effect of solute-solute interactions on sedimen
tation in three-component systems is almost certainly 
one important cause of the failure of such systems to 
obey eq. la. It was pointed out some time ago that 
if the particles representing the two components of a 
solvent were of different sizes, a protein would be ex
pected to behave as if it bound the smaller particles 
in preference to the larger, simply because the larger 
particles cannot approach the surface of the macro
molecule as closely as the smaller.13’30-31 In the sol
vents used here, ovalbumin would appear to bind water 
in preference to hydrated salt ions, and the effective 
density of the hydrodynamic unit would be decreased 
by the binding of the less dense component of the sol
vent. The steric exclusion idea is particularly attrac
tive in the present case for several reasons. First, it 
leads directly to the prediction that, if M, v, and f/fo 
do not vary with salt concentration, then an Snivel 
vs. p plot should be linear and should intersect the 
density axis below l/v, as was observed here.13’26'29 
Second, the degree to which the density intercept is 
depressed below l/v in a particular salt should be cor
related with the effective size of the hydrated ions in
volved, and such a correlation is observed here, at least

qualitatively. Third, the density intercepts in the 
presence of a series of salts should fall in the same order 
in water and in deuterium oxide, since the degree of 
hydration of the salt ions and thus their effective size 
should do so. Finally, the depression of the density 
intercept for different proteins in the same salt should 
be proportional to the surface area per unit weight 
of the protein and thus, for objects of the same shape, 
inversely proportional to molecular weight. Com
parison of the present data for ovalbumin with those 
previously obtained for ribonuclease26 reveals that such 
a relationship does exist between these two proteins.

It is unlikely, however, that the alteration of the 
effective density, which results from preferential steric 
exclusion of one component of the solvent from the 
surface of a macromolecule, accounts entirely for the 
behavior of a protein in a two-component solvent. 
Even if M  and v do not vary with salt concentration, 
the possibility of variation in the frictional ratio re
mains to be considered. A change in the shape of the 
macromolecule as the salt concentration varies would 
provide the most obvious occasion for f/f0 to vary 
with density. In a two-component solvent, however, 
there are other possible sources of variation in f/f0. 
The derivation of Stokes’ law assumes, for example, 
that the solvent has a uniform viscosity which has the 
same value at the surface of the moving particle as it 
does in the rest of the solvent. If it is accepted that 
the composition of a two-component solvent may vary 
with distance from the surface of the macromolecule— 
as the steric exclusion hypothesis requires— then the 
possibility must be considered that the effective vis
cosity of the solvent sheared by the passage of the sedi
menting particle may be different from that of the 
solvent as a whole.13 The magnitude of an error of 
this kind would be expected to vary with the compo
sition of the two-component solvent. Moreover, it is 
possible that the hydrodynamic volume of the protein 
might be different in different solvents. Either a shape 
change or an alteration of the local viscosity of the 
solvent or of the effective volume of the protein 
molecule would be formally expressed as a variation 
of the frictional ratio. The results given here could 
be accounted for either by continuous variation of / / / 0 
with salt concentration or by an alteration of the effec
tive density of the protein molecule resulting from 
preferential interaction with one component of the 
solvent. Which effect is of greater quantitative im

(30) S. Katz and H. K. Schachman, Biochim. Biophys. Acta, 18, 28 
(1955).
(31) V. N. Schumaker and D. J. Cox, J. Am. Chem. Soc., 83, 2445 
(1961).
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portance cannot be determined on the basis of sedimen
tation velocity data alone.

Considering the available information from a strictly 
empirical standpoint, at least one important conclusion 
may be drawn. The degree to which the behavior 
of a particular protein deviates from that predicted 
by eq. la  in a given salt can be measured. It cannot be 
assumed, however, that the same protein in another 
salt or another protein in the same salt will be abnormal 
to the same degree. The density correction required 
to extract, for example, the molecular weight of a given 
protein from sedimentation data obtained in a con

centrated solution of a particular salt will, in general, 
be unique for that combination of protein and salt. 
In view of the increasingly common use of two-com
ponent solvents for studies of proteins, a search for a 
pattern in the behavior of known systems would clearly 
be in order. In the meantime, the interpretation of 
experiments of this kind must be approached with some 
caution.

Acknowledgments. The authors wish to thank Dr. 
Charles R. Willms for his help with the sedimentation 
equilibrium experiment and Mr. Booker T. Dabney 
for his able technical assistance.

Kinetics and Thermodynamics of the Reaction between Iodine and Methane 

and the Heat of Formation of Methyl Iodide

b y  C .  A .  G o y  a n d  H .  O .  P r i t c h a r d

Chemistry Department, University of Manchester, Manchester IS, England (Received March S3, 1965)

The equilibrium CH4 +  I2 ^  CH3I +  HI has been studied in the gas phase over the tem
perature range 585-748°K. The heat of this reaction is calculated to be AH°29S =  12.67 ±  
0.05 kcal./mole, leading to a heat of formation of gaseous methyl iodide AHf°m =  3.40 
kcal./mole. The equilibrium is established via the reaction I +  CH4 —>- HI +  CH3, which 
has a rate constant k =  1016-0 exp[(—35.0 ±  l.l)\03RT\ cc. mole-1 sec.-1 over the tem
perature range 548-618 °K.

The reaction between HI and CH3I has been studied 
by Flowers and Benson1 over the range of tempera
ture 533-589°K. They propose a kinetic scheme 
involving the reactions

I2 I +  I equilibrium constant =  K p 

I +  CH3I ¿ T I 2 +  CH3

kz
CH3 +  HI ^  CH4 +  I

ki

We have found that it is possible to establish this equi

librium at somewhat higher temperatures over periods 
ranging from 3 days to a few hours (depending on tem
perature) by heating together I2 and CH4. Also, over 
a restricted temperature range, we have been able to 
determine the Arrhenius parameters of the rate
determining step k4.

E x p e r i m e n t a l

All experiments were carried out by sealing up known 
quantities of CH4 and I2 in a 300-ml. Pyrex flask. The

(1) M. C. Flowers and S. W. Benson, J. Chem. P h y s 38, 882 (1963).
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whole flask, up to and including the break-seal, was 
heated in an electric furnace. The temperature, 
which was constant to ± 1° over the volume of the 
vessel, was determined using a thermocouple cali
brated at the melting point of lead (600.5°K.). Each 
experiment was terminated by breaking the seal and 
pumping the hot gases into a liquid nitrogen trap con
taining solid ICN. (This converts the HI quanti
tatively2 into HCN, which is less likely to be lost by 
reaction with tap grease or metal parts of the gas 
chromatograph, and which, incidentally, is easier to 
resolve from CH3I with simple column packings.) 
The fraction containing the CH3I and the HCN was 
collected from this trap and analyzed using a gas 
chromatograph with thermistor detectors. Almost 
any column packing is satisfactory.

In the kinetic runs, reaction was never taken more 
than 10%  of the way toward equilibrium, and, to 
minimize the error in timing due to heating up the 
flask, the following modified procedure was adopted. 
The flask containing the reactants was brought to 
temperature equilibrium in a subsidiary furnace at 
550°K. and then moved into the reaction furnace. The 
reaction was terminated in the normal way. Experi
ments using a dummy flask containing unshielded 
thermocouples suggest that the uncertainty in the re
action time is about ± 2  min., which is negligible 
compared with the reaction times used (3-55 hr.).

Equilibrium Measurements. Two series of experi
ments were performed. The first series (A) of 10 rims 
was carried out at or about 630°K. using wide varia
tions in I2 and CH4 concentrations (over a factor of 20 
in each case), in order to establish that the equilibrium 
really was of the form

CH4 -f- I2 v — CH3I -f- HI

The concentrations of both CH3I and HI (be., HCN) 
produced were checked, but the calculated equilibrium 
constants are based on CH3I formation as being the 
more reliable. A second series (B) of 9 runs was then 
carried out over the range of temperature 585-748°K., 
a typical run having initially about 2.5 cm. pressure 
of CH4 and about 0.25 g. of I2. The results of these 
experiments are tabulated in Table I, and a least-squares 
plot of log K t v s .  1/RT has a slope of 12.67 ±  0.20 
kcal./mole, with an intercept of 0.759.

T h e  H e a t  o f  F o r m a t i o n  o f  M e t h y l  I o d i d e

Earlier thermochemical determinations of the heat 
of formation of CH3I have been discussed in detail by 
Hartley, Pritchard, and Skinner3 and by Carson, 
Carter, and Pedley,4 5 but it has so far not proved pos
sible to select a very precise value for this quantity.

Table I : The Equilibrium CH4 +  I2 CH3I +  HI

At- ( F ° t  -  H ° 2n ) / T ] ,  
cal. mole-1 A H °  298,

T , °K . Log K t deg. -i cal. mole-1

748 -2.9455 3.480 12,685
732 -3 .0 267 3.468 12,677
717 -3 .0 8 7 1 3.457 12,607
708 -3 .15 8 8 3.451 12,677
688 -3 .2 59 5 3.436 12,626
620 -3 .730 0 3.387 12,682
616 - 3 .7 1 1 0 3.385 12,545
607 -3.8063 3.378 12,623
585 -3.9688 3.364

Av.
12,592
12,635

The free energy function —(F°T — H°-m)/T is tabu
lated in the “ JANAF Tables” 6 7 for the molecules 
CH4, I2, and HI. The free energy function for CH3I 
was calculated according to the same formulas, using 
the vibration frequencies given by Herzberg6 and the 
internuclear separations given in ref. 7 .  It was found 
that the change in free energy function in the reaction 
was precisely linear over the temperature range 600- 
800°K., making interpolation of A [— (F°T — 7 7 0 298) / 7 '  ] 

at the experimental temperatures a trivial matter. 
Table I lists the interpolated values for each run, to
gether with the derived value of

A# ° 2 9 8  = —R T  In K t +  T A [ - ( F ° t -  H ° m ) /T ]

for the reaction. The result is that A ff0298 =  12.64 ±  
0.05 kcal./mole, where the limits quoted include eight 
of the nine results. (The results of all 19 determi
nations, be., series A and B, taken together also give
12.64 kcal./mole but with a somewhat larger spread.)

In the “ JANAF Tables,”  thermodynamic functions 
for diatomics are calculated including vibrational 
anharmonicity, but for polyatomic molecules it is 
neglected. Comparing the molecules CH4 and CH3I, 
the neglect of anharmonicity is unlikely to cancel, 
and the calculations shown in Table I were repeated 
assuming that the two lowest frequencies r3 and re

(2) C. A. Goy, D. H. Shaw, and H. O. Pritchard, J. Phys. Chem., 69, 
1504 (1965).
(3) K. Hartley, H. O. Pritchard, and H. A. Skinner, Trans. Faraday 
Soc., 46, 1019 (1950).
(4) A. S. Carson, W. Carter, and J. B. Pedley, Proc. Roy. Soc. 
(London), A260, 550 (1961).
(5) “ JANAF Interim Thermochemical Tables,”  Dow Chemical Co., 
Midland, Mich.
(6) G. Herzberg, “ Infrared and Raman Spectra,” D. Van Nostrand 
Co., Inc., New York, N. Y., 1945.
(7) S. L. Miller, L. C. Aamodt, G. Dousmanis, and C. H. Townes, 
J. Chem. Phys., 20, 1112 (1952).
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Figure 1. Arrhenius plot for the 
reaction I +  CH4 HI +  CH3.

in CH3I had values of u>exe =  5 cm.-1. This is likely 
to be an overestimate, but the resulting correction 
is only 30 cal./mole, giving AH°ms =  12.67 ±  0.05 
kcal./mole.8 * * * We therefore obtain the heat of forma
tion of gaseous CHSI as AH f °298 =  3.40 ±  (0.05 +  x) 
kcal./mole, where ± x  is the uncertainty in the heats 
of formation of CH4, 12(g), and HI, as given in the 
“ JANAF Tables.”

K i n e t i c  M e a s u r e m e n t s

The rate of formation of CH3I in the temperature 
range 548-618 °K. was found to be half order in I2 
and first order in CH4, consistent with the mechanism

1» ^  I +  I
I +  CH4 — ■> HI +  CH3 (4)

CH8 +  I2 — > CH3I +  I (2)

using the same numbering as Flowers and Benson. 
The over-all activation energy for the formation of 
CH3I is 53.2 ±  1.1 kcal./mole, and, making use of 
interpolated values of log K p for the dissociation I2 — 
21 from the “ JANAF Tables,”  one gets the rate con
stant for reaction 4, the rate-determining step. The 
values of k4 obtained in 14 experiments are plotted in 
Arrhenius form in Figure 1, and a least-squares fit to 
these points gives log A = 14.95 (cc. mole-1 sec.-1 
units) and E  =  35.04 ±  1.1 kcal/mole.

Flowers and Benson determined Arrhenius param
eters for ki and k3/k2 in their kinetic experiments. 
According to their reaction scheme, the K T which we 
have determined is related to their rate constants by 
the expression K T = kjc-jkjzi, giving fc4 = 1014-7 exp 
[(—34.1 ±  1 .5 )1W /R T ] cc. mole-1 sec.-1, in good 
agreement with our direct value. We therefore con
firm their conclusion that the frequency factor A4 for 
this reaction is higher than the conventional collision 
number.

Acknowledgment. We wish to thank Dr. G. Pilcher 
for several very helpful discussions.

(8) The agreement between this value and the slope of the van’t
Hoff plot is fortuitous since correction to T =  298°K. via the ap
propriate values of H°T — H°2m leads to a resultant slope of 12.37
kcal./mole.
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Electron Diffraction Study of the Structure and Conformational Behavior of 

Cyclopropyl Methyl Ketone and Cyclopropanecarboxylic Acid Chloride1“

b y  L .  S .  B a r t e l l , lb  J .  P .  G u i l l o r y ,  a n d  A n d r e a  T .  P a r k s

Institu te fo r  A tom ic R esearch and D epartm ent o f  Chem istry, Iow a  State U niversity , A m es, Iow a  
(.Received M a rch  2 6 , 1966 )

The -COCH3 and -COC1 derivatives of cyclopropane were found to exist in conformations 
similar to those previously reported for C3H5-CHO. cis and trans rotational isomers 
were observed rather than the trans and gauche isomers characteristic of noncyclic carbonyl 
derivatives. The dominance of the twofold over the threefold contribution to the barrier 
potential seems most easily interpreted in terms of a x-electron conjugative effect. Steric 
interactions in C3H5COCH3 and C3H5C0C1 made the trans isomers relatively less stable 
than in C3H5CHO. Bond lengths, bond angles, and amplitudes of molecular vibration 
were also determined for the molecules.

I n t r o d u c t i o n

In a recent electron diffraction investigation of cyclo- 
propylcarboxaldehyde it was discovered that the mole
cule exhibits a novel conformational behavior.2 Unlike 
unstrained alkyl carboxaldehydes in which the rotation 
of the CHO group is governed by a (nominally) three
fold barrier to internal rotation,3 4̂5 the cyclopropyl 
derivative is characterized by a twofold barrier. The 
Theory of restricted rotation about single bonds is, as 
yet, unsettled but the simplest model which accounts 
for the cis-trans isomerization observed in the cyclic 
aldehyde is Walsh’s x-electron model.6 Cyclopropyl- 
carboxaldehyde, viewed in this light, is an analog of 
butadiene or acrolein. It seemed desirable to study 
further examples of molecules with the formula of 
C3H5COX to determine whether the behavior of the 
aldehyde was representative. The present paper 
reports the results of an investigation of the methyl 
ketone (X  =  CH3) and the acid chloride (X  = Cl).

E x p e r i m e n t a l  P r o c e d u r e

Samples of cyclopropyl methyl ketone and cyclopro
panecarboxylic acid chloride obtained from the Aldrich 
Chemical Co. were further purified by fractional distil
lation. The level of impurities detected by gas phase 
chromatography was less than 1.5%.

Electron diffraction photographs were taken at room 
temperature with the diffraction unit at Iowa State

University employing an rs sector and an accelerating 
voltage of 40 kv. Specimen pressures of 30 and 14 
torr were used for the ketone and acid chloride, re
spectively. The corresponding exposure times for a 
beam of 0.6 pa. were 5.5 and 2.7 sec. for the 21-cm. 
camera distances and 14.0 and 9.5 sec. for the 11-cm. 
camera distances. Diffraction patterns were recorded 
on 4 X 5 in. Kodak process plates.

Intensities of the patterns were determined by 
measuring the absorbancies of four selected plates for 
each camera distance. Measurements were made with 
a considerably modified Sinclair Smith microphotometer 
equipped to give a digital output.

S t r u c t u r e  A n a l y s e s

The data were processed and analyzed using an IBM 
7074 digital computer and a method fully described 
elsewhere.7 Leveled experimental intensity and back
ground curves for the molecules are shown in Figures

(1) (a) Contribution No. 1671. Work was performed in the Ames 
Laboratory of the U. S. Atomic Energy Commission; (b) to whom 
correspondence concerning reprints should be addressed: Department 
of Chemistry, University of Michigan, Ann Arbor, Mich.
(2) L. S. Bartell and J. P. Guillory, J. Chem. P h ys ., 43, 647 (1965).
(3) J. P. Guillory and L. S. Bartell, H id ., 43, 654 (1965).
(4) R. W. Kilb, C. C. Lin, and E. B. Wilson, Jr., ibid., 26, 1695 
(1957).
(5) C. C. Lin and J. D. Swalen, Rev. M od . P h ys ., 31, 841 (1959).
(6) A. D. Walsh, N ature, 159, 167, 712 (1947); Trans. F araday Soc.,
45, 179 (1949).
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1 and 2. Indices of resolution were unity to within 
experimental error.

Experimental radial distribution functions, f(r), were 
calculated using a theoretical intensity function from 
q =  0 to q =  14 and experimental intensity data from 
q =  15 to q =  120. In all comparisons of experimen
tal and synthetic f (r) curves, the theoretical contribution 
to f (r)expti is consistent with the synthetic function.

Conformational analyses were made by comparing 
the experimental radial distribution curves with syn
thetic curves constructed for various distributions of 
rotational isomers. Por both molecules the presumably 
continuous isomeric distribution in the angle 6 of internal 
rotation (reckoned from the cis configuration) was 
represented by a small set of discrete conformers.

Figure 1. Experimental intensity and background 
curves for cyclopropyl methyl ketone.

In addition, simplifying assumptions about the ring 
parameters and the dependency of bond lengths and 
angles on 9 were made as described in ref. 1 to facilitate 
the analyses. These assumptions are believed to 
influence the reported parameters and conformational 
characteristics by less than the reported uncertainties.

Cydo'pro'pyl Methyl Ketone. The set of isomers 
chosen to represent the equilibrium distribution of the 
methyl ketone included s-cis (9 =  0°), both “ rigid” 
and “ distorted”  trans (9 =  180°), two gauche-\i\e mod
els (9 =  ±33° and ±60°), and an antigauche or twisted 
trans model (9 — 180° =  ±30°). These conformers 
are pictured in Figure 3.

The experimental radial distribution curve for C3H5- 
COCH3 is shown in Figure 4. Bond distances, bond 
angles, and amplitudes of vibration determined from a 
least-squares analysis of this curve are reported in 
Table I.

S-TRANS S-CIS

Figure 2. Experimental intensity and background 
curves for cyclopropanecarboxylic acid chloride.

A N T IG A U C H E , OR  
T W IS T E D  T R A N S

Figure 3. Molecular configurations investigated for 
cyclopropane deviatives. X  represents a methyl group 
or a chlorine atom. The dashed lines in the Newman diagrams 
indicate the projections of double bonds to the oxygen atoms 
if they are regarded as two bent single bonds (c/. Pauling, 
ref. 11). Bonds are staggered in t r a n s  and g a u c h e  

conformations, eclipsed in c i s  and a n t i g a u c h e .  7

(7) L. S. Bartell, L. O. Brockway, and R. Schwendeman, J. Chem. 
Phys., 23, 1854 (1955); R. A. Bonham and L. S. Bartell, ibid., 31, 
702 (1959); J. Am. Chem. Soc., 81, 3491 (1959).
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Figure 4. Experimental radial distribution curve for 
C3H5COCH3. The lower curve is a plot of the difference 
between the experimental and calculated f(r) curves.

Table I : Structural Parameters and Approximate Standard 
Errors Derived from Radial Distribution Analyses 
(in A. Units)

Molecule Distance re <r(r) V* « ( I )

C3H5COCH3 CH 1.126 0.050* 0.074° 0.050*
c c av 1.510 0.003 0.048 0.003
CO 1.225 0 . 0 2 0 * 0.049 0 .0 2 0 *
c - c av 2.556 0 . 0 2 0 0.048 0.030

ZCCOav* =  121.8 ±  2°, ZCC H a/ = 117.2 ±  3°
% cis-like =  80 ±  15; %  t r a n s - like = 20 ±  15

C3H5COCI CH 1.105 0.060* 0.080s 0.060*
CCav 1.506 0 . 0 0 2 0.049 0 . 0 0 2

CO 1.197 0.025* 0.039 0.025*
CCI 1.797 0.009 0.064' 0.009

ZCCOd =  127.6 ±  3° , ZCC H a/ = 120.7 ±  4O
ZCCCF =  1110 ±  2.5°, ZOCCl1* = 122.4 ±  2°
% cls-like = 85 ±  15; % iraras-like = 15 ±  15

0 Amplitude of vibration as reckoned from r g . * Standard 
errors for these poorly resolved peaks calculated using the method 
discussed by L. S. Bartell and B. L. Carroll, J . C h e m .  P h y s . ,  42, 
1135 (1965). '  Amplitudes corrected for failure of Born ap
proximation. d  Angles correspond essentially to s - c i s  isomers. 
Not corrected for shrinkage effect.

At an early stage of the analysis it was apparent that 
the molecules were predominantly in the s-cis configura
tion. Preliminary f(r)«pti curves displayed peaks at 
2.90 and 3.85 A., the positions and areas of which cor
responded closely to those expected for a pure s-cis 
model. These peaks can be ascribed to cis 0  • ■ • C r 
and Cm • • ■ CR distances (where the subscripts R, and M

refer to the ring and methyl group atoms, respectively). 
The longest 0  • • • Cr and shortest CM • • • CR distances 
would be expected to be approximately 3.4 A. for a 
gauche conformer. The absence of a distinct peak in 
the 3.4-A. region of the f(r) curve indicated that few 
gauche isomers were present.

Many different isomeric combinations were used in 
computing synthetic radial distribution curves. Five 
of the more significant combinations are shown in 
Figure 5 for the r -  2.6 to 5.2-A. region. A comparison 
of experimental and calculated curves for the s-trans 
model indicates that this isomer cannot be present in 
large concentrations.

A problem arose in treating the s-trans isomer. 
For the sake of discussion, let us denote as “ rigid”  the 
trans model constructed by adopting the bond lengths 
and angles determined from an analysis of the (pre
ponderantly cis) experimental f(r). This “ rigid”  trans 
model has perfectly normal bond lengths and angles but 
it is found to place its ring and methyl hydrogen atoms 
0.4 A. closer together than the normal 2.4-A. van der 
Waals diameter.8 In view of the likelihood that the 
trans configuration would spontaneously deform its 
bond angles to reduce this steric stress, an alternative 
trans model was constructed. In this “ distorted” 
trans conformer, the Cr- C 0- C m and C r- C r- C 0 angles 
are opened to increase the H r ■ • • H m distance to 2.3 A.

Standard deviations between the synthetic and the 
corresponding experimental f(r) curves were calculated 
for a variety of concentrations of s-cis, “ rigid” trans, 
“ distorted” trans, gauche, and antigauche isomers. 
Graphical methods yielded a composition of 80% s-cis 
and 20%  antigauche for the minimum standard devia
tion. A slightly poorer fit was obtained for the 80% 
s-cis, 10%  “ distorted”  trans, and 10%  antigauche 
combination. The standard deviation associated with 
an 80% s-cis and 20%  “ distorted”  trans model was at 
the outer limit of acceptibility. It may be concluded, 
therefore, that the equilibrium composition of C3H6- 
COCH3 consists of approximately 80% s-cis conformers 
and 20%  of forms in the general vicinity of the trans 
isomer. There is very weak evidence that the isomeric 
distribution in 6 about the nominally trans form is 
broader for the ketone than it is in the case of the 
corresponding aldehyde. The standard error in con
centrations is appreciable, being, perhaps, ±15% .

Cyclo'pro'panecarboxylic Acid Chloride. The experi
mental radial distribution curve for C3H5COCI iso
plotted in Figure 6. From the prominence of the 4.0-A. 
peak, it is evident that a majority of the molecules

(8) L. Pauling, “ The Nature of the Chemical Bond,”  3rd Ed., Cornell 
University Press, Ithaca, N. Y,, 1960, p. 260.
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Figure 5. Experimental and calculated radial distribution 
curves for various assumed isomeric concentrations 
of cyclopropyl methyl ketone.

exist in s-cis or cis-like forms. The isomeric set chosen 
for analyses included the models s-cis (6 =  0°), twisted- 
cis, tc{6 =  ±15°), tc(6 =  ±33°), tc{6 =  ±60°), and 
s-trans (6 =  180°). The s-trans form adopted repre
sented a “ distorted”  configuration in the same sense 
(and for the same reason) as the “ distorted”  trans 
isomer of the methyl ketone. The Cr-C 0-C1, and Cr-  
Cr-C o angles were increased from 110 and 118° to 
114 and 121.5°, respectively, in order to increase to 
2.73 A. the otherwise unduly short H r • • • Cl nonbonded 
distance.

The f(r) curve of Figure 6 was used to determine 
mean bond lengths, angles, and amplitudes of vibration. 
Least-squares results for the skeletal parameters cor
responding essentially to s-cis isomers are reported in 
Table I.

The Cr-C q-C I angle pertaining to the cfs-like isomers

Figure 6. Experimental radial distribution curve for 
C3H5COCI. The lower curve is a plot of the difference 
between the experimental and calculated f(r) curves.

cannot be established independently of the distribution 
in 6 of the isomers. Accidental similarities between 
the radial distribution for 33° tc isomers and (with 
somewhat shifted peaks) for the average of cis and trans 
isomers introduce into the diffraction analysis a de
cided correlation between the CMD-C1 angle and the 
distribution in 9. In an attempt to resolve this prob
lem, the optimum distribution in 6 was sought for each 
of three models which differed in s-cis and tc C-C-Cl 
bond angles. Bond angles of 110, 113, and 115° were 
investigated since this range is representative of angles 
in carbonyl compounds. In acetyl chloride, the closest 
model available for comparison, the angle has been 
reported to be 110° by electron diffraction9 and 112° 
by microwave spectroscopy.10

For each of the isomeric sets identified by its CCC1 
angle, synthetic radial distribution curves with various 
assumed concentrations of isomers were calculated for 
comparison with f(r)expti. Examples of these curves are 
shown in Figure 7 (ZCCC1 =  110°) and Figure 8 
(Z CCC1 =  113°) illustrating the region from 2.6 to 5.2 A. 
which is sensitive to conformational behavior. Re
sults of minimizing the standard deviations between 
observed and calculated f(r) curves with respect to 
isomeric concentrations are given in Table II. The 
best fit corresponds to a value of 111° for ZCCC1. 
A rough idea of the breadth of the distribution in 6 is 
also derivable from the table.

(9) Y. Morino, K. Kuchitsu, M. Iwasaki, K. Arakawa, and A. 
Takahashi, .7. Chem. Soc. Javan, 75, 647 (1954).
(10) K. M. Sinnott, J. Chem. Phys., 34, 851 (1961).
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Figure 7. Experimental and calculated radial 
distribution curves for various assumed isomeric 
concentrations of cyclopropanecarboxylic acid chloride; 
/  CCC1 taken to be 110°; tc represents twisted cis.

Table II : Distribution in Angle of Internal Rotation for 
CsHtCOCl. Results of Minimizing, with Respect to Isomeric 
Concentrations, the Standard Deviation between Observed and 
Calculated Radial Distribution Curves

9 for -Isomeric conce:ntrations for :assumed Z  OCCI--------- .
isomer 110oa HO06 113°& 113oc 1150&

0° 45% 35% 42% 35% 3%
±15° 15% 9% 15% 47%
±33° 45% 40% 30% 10% 16%
±60° 5% 0% 0% 6 %
180° 10% 5% 19% 25% 27%

0.050 0.060 0.063 0.098

“  Analytical minimization of <r(/) for set of three discrete iso
mers. 6 Analytical minimization of <r(/) for set of five discrete 
isomers. c Distribution giving nearly as small <r(/) as the opti
mum distribution. d Root-mean-square deviation between ob
served and calculated radial distribution curves from 2.6 to
5.2 i .

Figure 8. Experimental and calculated radial distribution 
curves for various assumed isomeric concentrations of 
cyclopropanecarboxylic acid chloride; /CCC1 taken to be 113°.

Discussion
The principal conclusion derived from this research 

is that the -COCH3 and -COC1 derivatives of cyclo
propane exhibit s-cis isomerization just as did the 
carboxaldehyde reported earlier. The barrier to in
ternal rotation cannot be understood on the basis of the 
interpretation advanced by Pauling for R-CHO and 
related compounds.11 Molecules following Pauling’s 
scheme preferentially stagger their bent bonds at oppo
site ends of the central C-C bond. In the present 
molecules, the bonds for s-cis are eclipsed. A  x- 
electron picture in which a conjugative interaction 
stabilizes cis and irons isomers provides perhaps the 
simplest rationalization of the observed behavior.6 
It also accounts for effects found in ultraviolet spectra 
of related molecules.12 It would seem, however,

(11) L. Pauling, ref. 8, pp. 140-142.
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that a conjugative interaction is not needed to account 
for the length of the central C-C bond,12 13 as discussed 
in ref. 2.

Although the conformational behavior of the methyl 
ketone and acid chloride resembles that encountered 
in the aldehyde, there are pronounced differences. 
For the aldehyde, nearly equal concentrations of s-cis 
and s-trans isomers were observed. By contrast, quite 
low concentrations of trans isomers were found for the 
methyl ketone and acid chloride derivatives which 
have bulkier groups to be accommodated. The reason 
for the difference is undoubtedly steric. As discussed 
in the foregoing, the methyl and chloride groups have 
insufficient clearances unless several bond angles are 
strained open. The clearances in the irans-methyl 
ketone resemble those in gauche n-alkanes,14 15 and the 
conformational free energy difference reported for the 
alkanes is quite sufficient to account for the present 
observations.

For cyclopropylcarboxaldehyde, a barrier to rotation 
in excess of 2.5 kcal./mole was found. A barrier of 
this magnitude implies a root-mean-square amplitude 
of oscillation of the cis form of 20° or less from the 6 = 
0° configuration. The methyl ketone data are con
sistent with such an amplitude. In the case of the acid 
chloride, however, a rather insidious pitfall was en
countered which nearly led to a (probably) false 
conclusion. Since the example provides a good 
illustration of the danger in relying upon automated 
programs of analysis, it is perhaps worth discussing 
briefly.

In initial analyses of the acid chloride distribution in 
6, a value of 110° for Z CCClwas adopted, corresponding 
to the angle reported in an electron diffraction study of 
CH3C0C1.9 The resulting distribution, listed in Table 
II, appears to be materially broader and flatter than 
the corresponding distributions in the aldehyde and 
ketone. As discussed in the preceding section, this 
seems to be an artifact of a correlation between assumed 
values for the C -C -C l angle and the distribution. At 
first glance the broadening toward gauche-kke forms 
appears like a physically plausible result stemming

from the H r  • • ■ Cl cis nonbonded distance. The H r  
■••Cl distance associated with a value of 110° for 
Z CCC1 is abnormally short and would lead to warping 
of the molecule out of cis planarity. When the Z CCC1 
is opened, however, the derived distribution approaches 
that of the aldehyde— and, simultaneously, the “ physi
cal”  basis for a broad, flat distribution vanishes be
cause the implied H r  • • • Cl distance increases. It 
seems more pleasing, subjectively, to accept the latter 
analysis with the larger C -C -C l angle and narrower 
distribution in 9 similar to that for the aldehyde and 
ketone, though the diffraction data do not firmly dis
criminate between the alternatives. The deceptive 
aspect is the fortuitous self-consistency of the physical 
and analytical implications of both alternatives.

Finally, it is interesting to note that Hoffmann has 
made calculations, based on his extended Hückel MO 
scheme, of the potential energy for internal rotation of 
the methyl ketone.16 He correctly predicted, before 
the electron diffraction results were made known, that 
the barrier function has minima in the vicinity of cis 
and trans rather than trans and gauche, and that the 
cis isomer is more stable than the trans. The predicted 
energy difference between cis and trans, which was un
corrected for molecular deformation to relieve steric 
stresses, was roughly within a factor of 2 of that crudely 
determined by electron diffraction. The above agree
ment, together with Hoffmann’s earlier qualitative 
success in the case of cyclopropyl carboxaldehyde,2 
is quite pleasing. It suggests that the Hückel model 
captures, in a simple manner, a significant portion of the 
molecular physics involved.
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(12) E. M. Kosower, Proc. Chem. Soc., 25 (1962); N. H. Cromwell 
and G. V. Hudson, J. Am. Chem. Soc., 75, 872 (1953).
(13) It can be calculated that this bond is about 1.49 A. in length if 
the ring bonds in the derivatives are assumed to have the same length 
as in cyclopropane itself.
(14) L. S. Bartell and D. A. Kohl, J. Chem. Phys., 39, 3097 (1963).
(15) R. Hoffmann, private communication, 1964.
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Electrode Potentials in Acetonitrile. Estimation of the Liquid Junction Potential 

between Acetonitrile Solutions and the Aqueous Saturated Calomel Electrode1 2 3 4 5

by I. M . Kolthoff and F. G. Thomas

School of Chemistry, University of Minnesota, Minneapolis, Minnesota, 55455 (Received March £6, 1965)

Standard potentials in acetonitrile (AN) have been determined of the systems ferrocene- 
ferricinium picrate and tris(o-phenanthroline)iron(II)-(III) perchlorates, using a platinum 
indicator electrode and silver-0.01 M  silver nitrate in AN as reference electrode. Also, the 
standard hydrogen potential has been estimated from hydrogen electrode potentials in 
sulfuric acid-tetraethylammonium bisulfate mixtures in AN vs. the above reference electrode. 
Conductance measurements of various salts are reported. Assuming that the tris(o- 
phenanthroline)iron(II)-(III) system has the same potential in water as in AN, we have 
derived the following values of standard potentials in AN vs. the standard hydrogen elec
trode in water (E°H)aq: tris(o-phenanthroline)iron(II)-(III) perchlorate, 1.120 v .; ferro- 
cene-ferrocinium, 0.348 v.; V 2H2/H +  0.30 v.; Ag/Ag+, 0.40 v. The liquid junction 
potential between a dilute solution in AN and the s.c.e. in water is of the order of 0.25 v. 
The solubility of ferrocene in water is 1.7 X 10-5 M.

Introduction
In polarographic studies in acetonitrile (AN) as 

solvent, the aqueous saturated calomel electrode (s.c.e.) 
has been used extensively as a reference electrode.2-6 
Although the use of the s.c.e. as a reference electrode in 
voltammetric studies in AN gives reproducible results, 
it nevertheless has the disadvantage of introducing an 
unknown liquid junction potential (Ei,) into the meas
urements. An exact comparison of electrode potentials 
in various solvents forever will be impossible because of 
the unknown liquid junction potential. By applica
tion of extra-thermodynamic considerations, efforts 
have been made in the literature to find a system the 
electrode potential of which is the same in various 
solvents, at the same activities of the constituents of 
the system, relative to the normal hydrogen electrode 
in water. The e.m.f. of such a system in two dif
ferent solvents would be equal to E ij. Pleskov6’7 
proposed the standard potential of the Rb—R b+ 
electrode, (E°nb)B vs. ( E ° h ) m , as an absolute constant 
in all solvents since the rubidium ion is large with a 
charge of one and is only slightly polarizable. Thus the 
electrostatic interaction between the rubidium ion and 
the solvent would be expected to be very similar in a 
variety of solvents and so the differences in the solva

tion energies (and the differences in (E°R b ) s )  are 
expected to be negligible. Strehlow8'9 improved on the 
assumption of Pleskov6-7 by calculating the solva
tion energies of the rubidium ion in various solvents 
from the concentrations of the saturated solutions of 
the alkali halides in the various solvents, making use of 
the method of Latimer, et al.10 Thus he was able to 
calculate the standard potential of the Rb-R b+ 
electrode in other solvents and relate the electrode

(1) Acknowledgment is made to the donors of the Petroleum Re
search Fund, administered by the American Chemical Society, for 
support of this research.
(2) I. M. Kolthoff and J. F. Coetzee, J. Am. Chem. Soc., 79, 870, 
1852, 6110 (1957).
(3) J. F. Coetzee and G. R. Padmanabhan, J. Phys. Chem., 66, 1708
(1962) .
(4) J. F. Coetzee, D. K. McGuire, and J. L. Hedrick, ibid., 67, 1814
(1963) .
(5) I. M. Kolthoff and F. G. Thomas, J. Electrochem. Soc., I l l ,  1064
(1964) .
(6) V. A. Pleskov, Usp. Khim., 16, 254 (1947).
(7) V. A. Pleskov, Zh. Fie. Khim., 22, 351 (1948).
(8) H. Strehlow, Z. Elektrochem., 56, 827 (1952).
(9) H. M. Koepp, H. Wendt, and H. Strehlow, ibid., 64, 483 (1960).
(10) W. M. Latimer, K. S. Pitzer, and C. M. Slanski, J. Chem. Phys., 
7, 108 (1339).
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potential scales in these solvents to the standard 
hydrogen electrode in water, (E°H)aq.

Strehlow9 further suggested that an oxidation- 
reduction system involving a metal complex, in which 
the multivalent metal ion is symmetrically surrounded 
by one or more large organic ligands, would be more 
suitable for interrelating the standard potentials in 
different solvents since the electric field at the periph
ery of such ions is much weaker than that of simple 
ions. Thus the differences in electrostatic interaction 
with the various solvents are minimized and the po
tentials at given activities of the constituents become 
less dependent on the solvent. Strehlow emphasized 
that the charges on the complex ions should be small 
and one of the species of the oxidation-reduction couple 
should preferably have zero charge. The couples 
suggested (ferrocene-ferricinium and cobaltocene-co- 
balticinium), however, were found to be influenced by 
the solvent and the difference in the standard electrode 
potentials for these couples in water and AN was cal
culated to be 0.06 v.,8'9 the potential being more 
negative in AN than in water.

Ward11 measured the potential of several cells of the 
type

Pt|MA32+, Ma33+||0.01 M  A gN 03[Ag

in AN, with M being iron or osmium and A being 
bipyridine, terpyridine, or o-phenanthroline. As
suming these oxidation-reduction couples have the 
same standard potentials in water and AN (relative 
to (E°H)aq), Ward calculated the potential of the 
silver-0.01 M  silver nitrate reference electrode in AN 
to be 0.291 v. relative to (E°H)aq- Ward also measured 
the potentials of the cells

Pt|Os(Bipy)32+, Os(Bipy)33+| |Os(Bipy)32+,
Os(Bipy)83+[Pt

and

Ag|AgNO3(0.01 M) (AN) 11 AgNO3(0.01 M) (water) |Ag

and was able to estimate the liquid junction potentials 
between these aqueous and AN solutions. These were 
found to be 0.225 and 0.269 v., respectively.

In the present work, the effect of ionic strength on 
the potentials of two of the oxidation-reduction couples 
studied by Ward,11 ferrocene-ferricinium and tris(o- 
phenanthroline) iron (Il)-tris (o-phen a n th roline)iron -
(III), has been determined and the conductivity of 
solutions of the salts of the metal complexes has been 
measured in AN. The standard potential of the hy
drogen electrode in AN, (E°b.)an , has also been es
timated relative to (E°H) aq using a platinum-hydrogen 
electrode in bisulfate-sulfuric acid buffer solutions in

AN. The potentials of all the electrodes studied in 
AN were also measured against the s.c.e. in order to 
estimate E ij.

Experimental

Materials. Acetonitrile was purified by the method 
of Coetzee, et al.,u the final distillation being from 
phosphorus pentoxide under a nitrogen atmosphere 
(b.p. 80.9-81.0° at 746 mm.; specific conductivity
l. 64 to 2.18 X 10-7 ohm-1 cm.-1 at 25°).

Tetraethylammonium perchlorate was prepared as 
described2; tetraethylammonium bisulfate and anhy
drous sulfuric acid were obtained from Dr. M. K. 
Chantooni, Jr.13

Silver Nitrate. Analytical reagent grade material 
was dried at 120° under vacuum and stored over an
hydrous magnesium perchlorate. Biscyclopentadien- 
yliron(II)-ferrocene was Matheson Coleman and Bell 
commercial grade recrystallized from petroleum ether B,
m. p. 174°. Biscyclopentadienyliron(III) picrate-fer- 
ricinium picrate was prepared by dissolving ferrocene 
(1 g.) and picric acid (1. 3 g.) in benzene (100 ml.) and 
adding benzoquinone (0.29 g.) dissolved in 75:25 
benzene-ethyl alcohol mixture (50 ml.).14 The re
sulting mixture was cooled in ice, the olive green solid 
filtered, and recrystallized from aqueous alcohol. 
An aqueous solution of the resulting orange-olive solid 
was analyzed spectrophotometrically and it was found 
that [Fe(C6HB)2+] =  [CeIBNsCb- ] within 2% with a 
total purity of 98 ±  2%. The product was used as 
such and stored over anhydrous calcium chloride. 
Tris(o-phenanthroline)iron(II) perchlorate was pre
pared as described,15 recrystallized from acetone, and 
dried under vacuum at 150° to give the anhydrous 
salt11 which was stored over anhydrous calcium chlo
ride. Tris (o-phenanthroline) iron (III) perchlorate was 
prepared as described,16 dried under vacuum at 150° 
to give the dihydrate,11 and stored over anhydrous 
calcium chloride.

Hydrogen (Airco High Purity) was passed through 
a commercial Deoxo Catalytic Purifier, dried by passing 
through concentrated sulfuric acid and then through 
potassium hydroxide pellets, and finally saturated with

(11) W. Ward, Ph.D. Thesis, University of Iowa, 1958; W. E. Ben
nett and W. Ward, Abstracts of the 133rd National Meeting of the 
American Chemical Society, San Francisco, Calif., April 1958, p. 40L.
(12) J. F. Coetzee, G. P. Cunningham, D. K. McGuire, and G. R. 
Padmanabhan, Anal. Chem., 34, 1139 (1962).
(13) I. M. Kolthoff, S. Bruckenstein, and M. K. Chantooni, Jr., 
J. Am. Chem. Soc., 83, 3927 (1961).
(14) P. L. Pauson, Quart. Rev. (London), 9, 391 (1955).
(15) F. P. Dwyer and H. A. McKenzie, J. Proc. Roy. Soc. N.S.W., 81,
93 (1947).
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7

A B
Figure 1. Half-cells used for potentiometric studies: A, 
reference half-cell; B, oxidation-reduction half-cell.
Notes: 1. silver-plated platinum wire; 2. electrode 
compartment; 3. reservoir; 4. side arm; 5. three-way- 
stopcock; 6. mercury contact; 7. ground-glass stopper;
8. polyethylene plugs; 9. intermediate compartment;
10. electrode compartment; 11. sinter disk; 12. platinum 
spiral electrode; 13. liquid level (slightly lower in the 
intermediate compartment); 14. connected to potentiometer.

AN vapor before bubbling over the platinized platinum 
electrode in the buffer solutions.

Cells. The reference cell (Figure 1) contained a 
platinum wire, electroplated with silver, sealed into 
the reference electrode compartment (2 in Figure 1) 
which was connected to a reservoir and side arm via a 
three-way stopcock. The three sections (2, 3, and 4) 
were filled with 0.1 M  silver nitrate in AN. The 
reference electrode was protected from the atmosphere 
by ground-glass stoppers. Electrical connection to 
the silver electrode was made by means of a mercury 
contact. The oxidation-reduction half-cell consisted of 
an electrode and an intermediate compartment sep
arated by a glass sinter. The solution under study 
was placed in both compartments. A bright platinum 
spiral electrode was placed in the electrode compart
ment through a polyethylene plug used to seal the 
compartment from the atmosphere. Electrical con
nection between the two half-cells was made by in
serting the side arm of the reference half-cell into the 
solution in the intermediate compartment through a 
polyethylene plug.

The half-cell for the hydrogen electrode was similar 
to the oxidation-reduction half-cell with the following 
modifications: hydrogen, saturated with AN, was 
admitted to the electrode compartment via a glass 
sinter in the base; three heavily coated platinized 
platinum electrodes, prepared by the usual electro
deposition technique from hexachloroplatinic acid 
solution,16 were used instead of the bright platinum 
spiral. The s.c.e. was prepared in the usual manner.16 
The conductivity cell had a cell constant of 0.0370 
cm.“ 1. The polarographic cell has been described 
previously.17

Instruments. A Leeds and Northrup Student po
tentiometer was used to measure all potentials to 
±0.2 mv. and conductivity measurements were made 
with an a.c. resistance bridge to within ± 1 % . All 
current-potential curves were recorded on a Leeds 
and Northrup Electrochemograph Type E. The 
dropping mercury electrode (d.m.e.) employed had 
the following characteristics: =  1.621 mg.^’
sec._1/', t =  3.95 sec., at zero applied voltage in 0.1 M 
tetraethylammonium perchlorate in AN with a mer
cury height of 53.7 cm. (cor.,). The rotated platinum 
electrode (r.p.e.) consisted of a 1-cm. length of plat
inum wire sealed through glass and was rotated at 600
r.p.m.

Technique. All measurements were carried out at
25.00 ±  0.02°. When measuring potentials relative 
to the silver-0.01 M  silver nitrate in AN electrode, 
electrical contact between the two half-cells via the 
side arm of the reference electrode was maintained only 
long enough for each individual potential to be meas
ured; between measurements on a given solution, the 
side arm was raised above the level of the solution in 
the intermediate compartment. The potentials of the 
two oxidation-reduction couples studied were de
termined using approximately equimolar mixtures of 
the reduced and oxidized forms. The effect of ionic 
strength on the potentials was determined by varying 
the concentrations of the components of the oxidation- 
reduction couples and by adding an indifferent electro
lyte (tetraethylammonium perchlorate). Potentials 
were measured at regular intervals up to 70 min. after 
mixing. In the case of the tris(o-phenanthroline)- 
iron(II)-tris(o-phenanthroline)iron(III) couple, the 
potential at zero time (time of mixing) was found by 
extrapolation.11 In the case of the ferrocene-fer- 
ricinium couple the steady potential, attained 5 min. 
after standing in the cell, was recorded.

(16) D. J. G. Ives and G. J. Janz, “ Reference Electrodes,”  Academie 
Press, New York, N. Y., 1961.
(17) L. A. Knecht and I. M. Kolthoff, Inorg. C h em 1, 195 (1962).
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The potential of the hydrogen electrode in bisulfate- 
sulfuric acid mixtures in AN, with hydrogen passing 
through the solution, was found to reach a steady value 
within 3 min. at each of the three electrodes used and to 
remain constant for at least 25 min. before some drift
ing occurred. Potential measurements with the s.c.e. 
as reference electrode were carried out in a similar 
manner to those with the silver-0.01 M  silver nitrate in 
AN reference electrode.

The current-potential curves of aqueous solutions of 
ferricinium picrate and of AN solutions of ferrocene 
were determined at the d.m.e. and the current-poten
tial curves of aqueous solutions of these compounds 
were measured at the r.p.e.

Results
Conductivity Measurements. Tris{o-phenanthroline)- 

iron(II) Perchlorate. The conductivities of solutions 
of the anhydrous salt in AN in the concentration range
4.67 X 10~6 to 1.14 X 10-3 M  were measured and 
plotted against the square root of the concentration, 
C‘A, in Figure 2, curve A. The results are expressed 
by the relation A0 = A0 — 1410C'I/2 and give a value of
191.9 ohm-1 cm.2 for A0. Thus X0 for the tris(o- 
phenanthroline)iron(II) cation is 87.4 ohm-1 cm.2 
((Xo)cio.- =  104.5 ohm-1 cm.218).

Tris{o-phenanthroline)iron{III) Perchlorate. Con
ductivities of solutions of the dihydrate in AN in the 
concentration range 8.09 X 10 6 to 1.26 X 10-3 M 
are plotted against C'1/! in Figure 2, curve B. Two 
series of results were obtained. In series 1, trans
ference of solutions from volumetric flasks to the con
ductance cell was done in the atmosphere, and with the 
more dilute solutions a color change from blue to 
reddish purple was observed, indicating that moisture 
from the atmosphere was causing decomposition of 
the tris(o-phenanthroline)iron(III) cation. When the 
measurements were repeated, series 2, using fresh 
solutions and doing all operations in a glove box filled 
with dry nitrogen, no color change was noticed with the 
dilute solutions for several hours and the plot of A„ 
vs. c1 h was found to remain linear down to the lowest 
concentrations studied. These results show that at 
concentrations greater than 10 “ 4 M  the small amount 
of moisture from the atmosphere has no appreciable 
effect on the conductivities of these solutions. How
ever, on standing for several days, 1.0 vaM solutions of 
tris(o-phenanthroline)iron(III) perchlorate became 
purplish in color, even when sealed from the atmos
phere, indicating that the tris(o-phenanthroline)iron-
(III) cation is slowly decomposed in AN solutions. 
Because of this, all solutions of this ion were freshly 
prepared prior to any measurements (potentiometric

Figure 2. Conductivities in acetonitrile: A, 
tris(o-phenanthroline)iron(II) perchlorate, • ; B, 
tris(o-phenanthroline)iron(III) perchlorate dihydrate, 3 ,  
series 1; ■, series 2; C, ferricinium picrate, A; a, b, and c, 
Onsager plots for A, B, and C, respectively.

or conductometric) being made. The results obey the 
relation Ac = A0 — 1920 C'/2 and give a value of 194.2 
ohm-1 cm.2 for A0; i.e., A0 for the tris(o-phenanthroline)- 
iron(III) cation is 89.7 ohm-1 cm.2.

Ferricinium Picrate. The conductivities of AN 
solutions of this salt are plotted against (71/2 in Figure 
2, curve C. The results are described by the rela
tion A0 =  A0 — 1820C1/s and give a value of 152.1 
ohm-1 cm.2 for A0; i.e., A0 for the ferricinium ion is 74.4 
ohm-1 cm.2 ((X0)c6h!nbo,- =  77.7 ohm-1 cm.218).

Potential Measurements. (a) Using the Silver-0.01 
M Silver Nitrate {in AN) Reference Electrode. Tris{o- 
phenanthroline) iron (II)-Tris (o-phenanthr oline)ir on- 
{III) Couple. The potentials developed by this couple 
at a bright platinum electrode, relative to that of the 
reference electrode (A°-01Ag)AN, at various ionic 
strengths were measured and used to calculate values 
of E' from the equation

E' =  Aceii — 0.0591 log [Fe(phen)33+] /

[Fe(phen)32+] (1) 18

(18) P. Walden and E. J. Birr, Z. physik. Chem., 144A, 269 (1929).
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i.e., E' is the standard potential of this couple at the 
given ionic strength, I  =  1/ 2SC'i.Zu2 relative to
(A'°-01Ag)AN. E' is plotted as a function of the square 
root of the ionic strength, I l/% in Figure 3, curves A1 
and A2, in the absence and presence, respectively, of 
tetraethylammonium perchlorate. Extrapolation of 
these plots to zero ionic strength gives a value of 
0.8459 v. for the standard potential of this couple in 
AN (relative to (F0-01Ag)AN.

The Ferrocene-Ferricinium Couple. The potentials 
developed by this couple (at a bright platinum elec
trode) with respect to the silver-silver nitrate reference 
electrode were measured and used to calculate values 
of E "  at various ionic strengths from the relation

E =  A c e l l  ~i~ 0.0591 log U fe rro ccn c /U fe rrio in iu m  4‘ (2)

E "  is plotted against the square root of the ionic 
strength in Figure 3, curves B1 and B2 (absence and 
presence of tetraethylammonium perchlorate, respec
tively). The extrapolation of curves B1 and B2 to 
zero ionic strength gives values of 0.0740 and 0.0738 
v. for the standard potential of this couple vs. 
(F ° -01 Ae) a n , respectively.

The potentials of the hydrogen electrode in various 
nonaged bisulfate-sulfuric acid buffers vs. (E0-01 Ag)AN 
are listed in Table I together with the calculated values 
of the hydrogen ion concentration and mean ionic 
activities for the various solutions. The values of E "'  
for the five buffer solutions studied were calculated 
from the equation

E " ’ =  Fee11 -  0.0591 log <W {PHS (in atm.) ) V* (3)

where pH2 is the pressure of hydrogen at the platinized 
platinum electrode. The measured pressure was cor
rected for the vapor pressure of the solvent and the

Table I : E.m.f. of the Hydrogen Electrode in 
Bisulfate-Sulfuric Acid Bufïers in AN v s .  Silver-0.01 M  

Silver Nitrate Reference Electrode in AN

[(CjHb)i-
NHSOi ]
added,

[H2SO4]
added,

[H+],
M

Ionic
strength,

I  PH2, - ôell» E '"  f
m M m M X 105 /± X 10* mm. V. V .

0.204 5.1 0.848 0.948 0.208 662.8 -0 .2 6 0 0 0.0315
1.02 20.0 2.562 0.897 1.018 662.8 -0 .2 2 7 0 0.0385
2.04 20.0 1.323 0.865 1.954 646.0 -0 .2 3 6 5 0.0418
2.04 50.0 8.33 0.860 2.084 662.8 -0 .1 9 1 7 0.0437
2.04 84.2 22.65 0.856 2.238 662.8 -0 .1 6 4 5 0.0453

height of the solution above the electrode. Extrapo
lation to zero ionic strength gives a value of 0.030 v. 
for the standard potential of the hydrogen electrode in 
AN (F ° -01Ak) a n - All the hydrogen potentials were

Figure 3. Effect of ionic strength, on electrode potentials 
in acetonitrile: A l, Fe(phen)32+-Fe(phen)s3+; A2, 
Fe(phen)32+-Fe(phen)33+ +  EtiNClOi; B l, 
ferrocene-ferricinium; B2, ferrocene-ferricinium +  Et^NClO* 
using [ferricinium]; B3, as B2 using Oferriomium-

measured at three different electrodes. Two of the■
electrodes, a and b, gave identical steady values for 
Foeii (recorded in Table I) while the third gave values 
between 0.5 and 1.0 mv. higher. It was noted that 
Fcen for the second buffer solution listed in Table I 
increased by 12 mv. on standing for 18 hr. This 
indicates that the proton activity slowly decreases on 
aging in agreement with previous observations on AN 
solutions which contain appreciable concentrations of 
solvated protons.13 Because of this, all buffer solu
tions were prepared immediately before the potential 
measurements were made.

(5) Using the S.c.e. as Reference Electrode. The 
four half-cells used above were connected to an aqueous
s.c.e. via a potassium nitrate-agar salt bridge and the 
potentials of the resulting cells are recorded in Table II.

Polarographic Studies, (a) AN Solutions. Fer
rocene in AN gives well defined anodic waves at the
d.m.e. in the concentration range 0.200 miff to 1.00 
miff using 0.1 iff tetraethylammonium perchlorate as 
supporting electrolyte. The plots of log i/(id — i) 
vs. E i . m . e .  (corrected for iR drop) for the five curves 
studied in this concentration range have a mean slope 
of 0.0585 ±  0.0006 v. which compares favorably with 
the theoretical slope of 0.0591 for a reversible, one-
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Table II : Potential Measurements Using the S.c.e. 
as Reference Electrode

E vs. 
s.c.e.,

Half-cell (AN solutions) v.
Pt|Fe(phen)32+ (1.881 X 10-4 Af), Fe(phen)33+

(1.882 X 10-* Af) 1.1155
Pt[Fe(phen)32+ (1.881 X 10-4 M ) ,  Fe(phen)33+

(1.882 X 10~4 Af), (C2Hb)4NC104 (0.1 Af) 1.0350
Pt|Fe(C6H6)2 (1.871 X 10~4 Af), Fe(C6H6)2+

(1.734 X lO“ 4 Af) 0.3442
Pt|Fe(CeH5), (1.871 X 10~4 Af), Fe(C6H6)2+

(1.734 X lO -4 Af), (C2H6)4NC104 (0.1 Af) 0.3260
H2 (646 m m .), Pt|(C2H5)4NHS04, H2S04, H +

(1.323 X 10-s Af) 0.0248
H2 (646 mm.), Ptl(C2H6)4NHS04, H2S04, H +

(7.10 X 10“6 Af), (C2H6)4NC104 (0.0993 Af) 0.0145
Ag|AgNOs (0.01 Af) 0.2725
Ag|AgN03 (0.01 Af), (C2H5)4NC104 (0.10 M )  0.2588

electron oxidation. The mean value of the diffusion 
current constant, I'd, for these curves at 0.55 v. vs.
s.c.e. is 3.99 ±  0.05 pa. mmole-1 sec.I/2 mg.1/3 and 
Ei/t is 0.379 ±  0.001 v. vs. s.c.e.

(6) Aqueous Solutions. The current-potential curve 
of an aqueous ferricinium solution (2 X  10-4 M) 
using the d.m.e. and 0.1 M  tetraethylammonium per
chlorate supporting electrolyte is well developed with 
Ei/, =  0.147 v. vs. s.c.e. However, the top portion of 
the wave is drawn out and a plot of Ed.m.e. vs. log 
(id — i)/ i  is only linear (slope 0.053) between Ed.m.e. 
= 0.20 to 0.12 v. At more negative voltages the slope 
continuously increases to a value of 0.88 at 0.02 v. 
This indicates that at the foot of the wave a reversible 
one-electron reduction may. occur but at potentials 
more negative than Ey, the reduction becomes ir
reversible. At higher concentrations of Fe(C6H5)2+ 
only the foot of the wave is observed, the current- 
potential curve passes through a maximum, and the 
current drops to a value smaller than the expected 
limiting current. This indicates that a film of the very 
slightly soluble ferrocene is formed on the drop which 
interferes with the reduction process. This is further 
indicated by the unusual shape of the instantaneous 
current-time curves for the individual drops at volt
ages more negative than that at which the maximum is 
observed on the current-potential curve.

Current-potential curves determined at the r.p.e. are 
shown in Figure 4 for: (a) I .I I4 X  10-4 M  Fe(C6H6)2+ 
in aqueous 0.1 M  tetraethylammonium perchlorate 
solution (curve A ); (b) saturated aqueous solutions of 
ferrocene with 0.083 M  (curve B) and 0.0204 M  (curve 
C) tetraethylammonium perchlorate as supporting 
electrolyte. The characteristics of these waves are

Figure 4. Current-potential curves of ferrocene and ferricinium 
ion in water using the r.p.e.: A, 1.114 X 10-4 Af 
ferricinium ion, 0.1 Af tetraethylammonium perchlorate 
supporting electrolyte; B, saturated ferrocene solution,
0.083 Af tetraethylammonium perchlorate supporting 
electrolyte; C, saturated ferrocene solution, 0.0204 Af 
tetraethylammonium perchlorate supporting electrolyte.

given in Table III. The slopes of the plots of log 
(id — i)/i vs. .©r.p.e. indicate that both the oxidation 
and reduction are reversible and involve a one-electron 
process with Ey, of 0.146 v. This is further supported 
by the observation that mixtures of these two species 
(ferrocene and ferricinium) yield composite current- 
potential curves at the r.p.e. which have Ey, values 
for the total wave of 0.145 to 0.146 v. in 0.1 M  tetra
ethylammonium perchlorate supporting electrolyte. 
If it is assumed that in aqueous media the limiting 
currents at the r.p.e. of equimolar solutions of ferro
cene and ferricinium are the same in the same sup
porting electrolyte, then it is possible to estimate the 
concentration of ferrocene in its saturated solution in 
aqueous 0.1 M  tetraethylammonium perchlorate. 
From the data of Table III this is found to be (0.715/ 
4.60) X  I .I I4 X  10-4 M  =  1.7 X 10-6 jlf.

Discussion
The plots of (7V! vs. Ac for AN solutions of tris(o- 

phenanthroline)iron(II) perchlorate and tris(o-phen- 
anthroline)iron(III) perchlorate (Figure 2, curves A 
and B) show these salts to be strong electrolytes 
which are highly dissociated at the concentrations 
used in the potentiometric studies. The Onsager 
relationships19 for these salts were calculated to be:

(19) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,”  
2nd Ed., Butterworth and Co. Ltd., London, 1959.
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Table HI: Characteristics of Current-Potential Curves of Ferrocene and Ferricinium Ion in Water at the R.p.e. (Supporting 
Electrolyte Tetraethylammonium Perchlorate)

Supporting Limiting Slope of jEJf.p.e.
electrolyte current, V 8 .  log ( i l  —  % )/ Ì

System concn,, M Electrode process fiSb. plot (v. v s .  s.c.e.)

Ferricinium, I.II4 X 10~ l  M 0 .1 Fe(C6H5)2+ +  e Fe(C2H6)2 4.60 0.0615 0.145
Ferrocene (saturated) 0.083 Fe(C6H6)2 -*  Fe(C6H6)2+ +  e 0.715 -0 .0575 0.144
Ferrocene (saturated) 0.0204 Fe(C5H6)2 Fe(C6H6)2+ +  e 0.705 -0 .0 5 8 0.148

A  =  Ao — 1020C'I/2 for Fe(phen)3(C104)2 and A0 = 
A0 — 1912(7I/2 for Fe(phen)3(C104)3 and are plotted in 
Figure 2, curves a and b, respectively. The latter is 
almost identical with the experimental plot (Figure 2, 
curve B). This agreement is rather fortuitous, es
pecially at the higher concentrations, because of the 
limitations of the Onsager equation, particularly 
when applied to 3:1 electrolytes in solvents of only 
moderate dielectric strength (dielectric constant of 
AN =  36.7).19 The conductivity results indicate 
that very little error will be introduced into the value 
of E° for the tris(o-phenanthroline)iron(II)-tris(o- 
phenanthroline)iron(III) couple calculated on the 
basis of complete dissociation of the salts. Thus the 
values of E' (Figure 3, curve A l) give a reliable value of 
E° (0.8459 v.) for this couple vs. (A0-01 Ag)AN, when 
extrapolated to zero ionic strength. Ward11 gives a 
value of 0.831 v. for this cell at 30° and an ionic strength 
of 5.4 X  10~3, in good agreement with our results. 
Regarding the effect of added tetraethylammonium 
perchlorate on the potential of this couple, the neutral 
salt added suppresses the dissociation of the iron(III) 
salt more than that of the iron (II) salt. Therefore, 
the potential of the system should become less positive 
(as is found). Also, there is the ionic strength effect 
which manifests itself in the same way as the salt ef
fect on the dissociation.

On the other hand, ferricinium picrate appears to 
be only a moderately strong electrolyte in AN since 
the experimental results deviate appreciably from the 
Onsager plot (Figure 2, curve c for which Ac =  Ao 
— 338 (71/2), indicating that significant ion pair forma
tion occurs. In order to allow for this in the calcula
tion of the standard oxidation-reduction potential of 
the ferrocene-ferricinium couple, the activity of the 
ferricinium was calculated by multiplying the con
centration of the salt by A/Ao. Values of Ac were 
interpolated from Figure 2, curve C for the concen
trations of ferricinium picrate used in the potential 
measurements. Since the values of E "  calculated for 
this couple using these assumptions were practically 
constant for the three experiments in which no tetra
ethylammonium perchlorate was added (Figure 3,

curve B l), it is considered that the simple conductance 
ratio gives a reasonable value for the activity coef
ficient of the ferricinium ion and that the average of 
these three values of E "  (0.0740 v.) is a reliable value 
for E° for this couple vs. (E0-01 a e ) a n . Ward11 gives a 
value of 0.0716 v. for this couple at 30°. This is the 
average of several experiments in which the concen
tration of ferricinium picrate was 2.17 to 8.65 X 10~4 M  
and that of ferrocene was 5.0 to 6.71 X 10“ 4 M. No 
corrections were made for the activity coefficients of the 
ferricinium ion in his work.

The concentrations of the solvated proton [H+] 
and the activity coefficients of the ions in the buf
fer solutions used to determine the standard potential 
of the hydrogen electrode in AN were calculated from 
the stoichiometry of the system and the relationships

i W  -  -  1-03 X  10. (4 ) .

K2 (H A ) =

[h 2s o 4;[h s o 4

[H+][H2S04HS04-]/2
[H2S04p

= 5.5 X IO-5 (5)1

= [(CT O N tlffBO«-]/» 
ai [(C2H6)4NHS04] x  ( j

and the Debye-Hückel expression

1.594Z1/2
° g Î  ~  1 +  0.48a/,/2 (7)

where I  is the ionic strength and a is “ the distance cf 
closest approach”  of the ions which has been taken as 
5 A. for all ions in this system. The activity coef
ficients of uncharged species and ion pairs were taken 
to be unity.

The standard potential E '"  in Table I should be a 
constant. The deviation from constancy may be due 
in part to incorrectly approximated values of activity 
coefficients, in part to liquid junction potentials, and 
finally to abnormalities of the hydrogen electrode in 
solutions containing relatively high concentrations of 
sulfuric acid. With decreasing ionic strength the 20

(20) I. M. Kolthoff and M. K. Chantooni, Jr., J. Phys. Chem., 66, 
1675 (1962).
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liquid junction potential should become negligible 
because at a smaller ionic strength the ions present 
have about the same mobility. A value of E = 
0.03o v. vs. (H9 "01A g )  a n  is extrapolated.

The standard potentials of the three electrodes 
studied relative to (2?0-01Ag)AN are listed in Table IV, 
column 2 and relative to (E° a % ) a n  in column 3. The 
potentials of these electrode systems relative to the 
standard potential of the silver electrode in AN,

Table IV : Standard Electrode Potentials in AN at 25°

,  —  --------------------—  E ° ,  v . -------------------------------------

Electrode
^------------ v s .  ( E 0,
This work

01Ag)AN-------------'
Ward’s data“ V S .  (£°Ag)AN

V S .

(F°H)aq

Pt|Fe(phen)32+,
Fe(phen)33+ 0.8459 0.831 0.7158 1.120

PtlFe(C6H5)2,
Fe(C5Hs)2 + 0.0740 0.0716 -0 .0561 0.348

PtlH„, H + 0.030 -0 .1 0 0 0.304
Ag|Ag + 0.13016 0 . 1 2 0 3 e 0 0.404

“ From ref. 11, at 30°; not corrected for ionic strength effects, 
activity coefficients all taken to be unity. b Calculated from the 
Nemst equation (see text). c Calculated from the Nernst equa
tion, assuming dAg+ = 0.01 M .

(E°Ag)AN, were calculated from the potentials relative 
to (¿?°’01Ag)AN and the Nernst equation assuming that 
the activity coefficient of the silver ion in 0.01 M 
silver nitrate in AN is given by the conductivity ratio 
(Ao.oi/Ao)AgNo3 in AN. This assumption was made 
because the experimental plot of Ac vs. (from the 
data of Walden and Birr18) has a slope approximately 
twice that of the theoretical Onsager plot, indicating 
that silver nitrate is only a moderately strong electro
lyte in AN (similar to ferricinium picrate). The 
value of Ao.oi/Ao for 0.01 M  silver nitrate in AN is 
estimated to be 0.63 from the results of Walden and 
Birr.18 The use of the conductivity ratio to obtain 
the silver ion activity, aAg+, is considered to result in a 
better value for {E°a b ) a n  than that obtained using the 
concentration of silver, uncorrected for ionic strength 
and ion-pair effects, and the value 0.130 v. vs. (E0-01 ae)an 
(Table IV) obtained using aAg+ should not be in error 
by more than 1 or 2 mv.

The potentials listed in Table IV ignore the liquid 
junction potentials between the silver-silver nitrate 
reference electrode and the half-cell under study. 
Ward11 has shown that in 0.01 M  silver nitrate solu
tions in AN, the transference number of the silver ion 
is 0.499, and since the mobilities of the main current- 
carrying ions in each of the three electrode systems 
are similar, the liquid junction potentials involved are

expected to be quite small (in the ease of the hydrogen 
electrode this is true only in very dilute solutions), 
probably no more than 2 or 3 mv.

Assuming that the standard potential of the tris(o- 
phenanthroline) iron (Il)-tris (o-phenanthroline) iron (III) 
couple is the same in AN as it is in water (1.120 v. 
vs. (E°u)m),lb the values of the standard potentials of 
the four electrode systems studied, relative to (E°H)aq, 
were calculated and are listed in the final column of 
Table IV. The potential of the silver-0.01 M  silver 
nitrate in AN reference electrode is 0.274 v. on this 
scale. The value for ( E ° A s ) a n  vs. (E°H)aq of 0.404 v. 
is in good agreement with that quoted by Ward11 
(0.41 v.) but is 0.034 v. more positive than Strehlow’s8'9 
value of 0.37 v., based on the rubidium scale, cor
rected for solvent effects. In view of the assumptions 
made regarding activity coefficients and liquid junc
tion potentials, these values are considered to be in 
error by no more than 5 mv.

Strehlow8'9 gives a value of 0.14 v. for (E°-r ) an  vs. 
(E ° b)  a,. This is considerably in error. It is based 
on the measurement of Hammett’s acidity function21 
of dilute solutions of sulfuric acid in AN with o-nitro- 
aniline as indicator and Pleskov’s data on the meas
ured pH of hydrochloric acid solutions in AN. Streh
low erroneously assumed that sulfuric acid is com
pletely dissociated in AN. In solutions which are not 
too dilute, sulfuric acid dissociates mainly according to 
the equation

2H2S04 H + an +  H2S04H S04-  (8)

with a dissociation constant given by eq. 5.13 Con
sidering the change of the acidity function as an ap
proximate indicator of the change of the standard 
hydrogen potential, a shift of 0.258 v. instead of 0.113 v. 
is calculated from Strehlow’s data. From our own 
measurements of the acidity function13 and the data 
of Coetzee21 22 for the constant

K*b h *  =  [BH +]/[B][(H +) a n ]

B representing a variety of bases, it can be concluded 
that ( F ° h ) a n  must be close to 0.30 v., which agrees 
with our experimentally determined value. Pleskov7 
measured the potential of the hydrogen electrode in AN 
solutions of hydrochloric acid, and assuming (E°r-3)an 
=  ( I ? 0 E b )a c j, obtained a value of 0.25 v. for ( £ ° h ) a n  

vs. (H°h)aq- Pleskov also assumed that hydrochloric 
acid is completely dissociated in AN, whereas it is in 
fact a weak electrolyte.13 Although Pleskov allowed

(21) L. P. Hammett and A. J. Deyrup, J .  A m .  C h e m .  S o c . ,  54, 272 
(1932); L. P. Hammett and M. A. Paul, i b i d . .  56, 827 (1934).
(22) J. F. Coetzee and D. K. McGuire, J .  P h y s .  C h e m . ,  67, 1810 
(1963).
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for the volatility of hydrochloric acid from its solutions 
in AN, he was unaware of the decrease in both the 
hydrogen ion activity and the volatility of hydrochloric 
acid on aging the solutions.13 Strehlow,8'9 using 
Pleskov’s7 value of 0.25 v. for (A°h)an (based on 
(E°Rb)an =  (E°Rb)aa =  — 2.92 V.) arrived at his value 
of 0.14 v. for (£7°h)an on the basis of his corrected 
value of —3.03 v. for (£°sb)AN- Similarly, Strehlow’s 
value of 0.37 v. for (E°Ag)AN is also based on Pleskov’s 
value measured relative to (E°r^ an- Since our value 
for (E°Ae)an is 0.034 v. more positive than Strehlow’s, 
it would appear that his calculated value for (E°-rQan of 
— 0.11 v. relative to (E°Rb)aq is in error by about 0.03 v. 
and that (E^riOan is close to —3.00 v., relative to 
( A ° h ) aq. The uncertainty in his calculations is appar
ently due to his use of concentrations instead of activ
ities of the saturated alkali halide solutions in AN 
and water to determine their solvation energies in AN.

Using a similar procedure to that used for the rubidium 
case, Strehlow8’9 calculated the difference between
(E ferrocene) AN and (E ferrocene) aq and SO obtained a
value of 0.34 V .  for (E° ferrocene)AN VS . (E°n)aq- This 
compares favorably with our value of 0.348 v. and 
indicates that the assumption used in this work that
(E Fe(phen)s2 + )AN VS . (E H )a q  equals (E Fe(phc.n) 3"+ ) aq IS a
good one.

The effect of added electrolyte (tetraethylammonium 
perchlorate) on the potentials of the iron phenanthroline 
and ferrocene half-cells is shown in Figure 3, curves 
A2, B2, and B3. In calculating the ionic strength of 
these solutions, allowance was made for the ion-pair 
formation of tetraethylammonium perchlorate using the 
relationship

Kdl
[(C2H6)4N + ][C l(V ],f

[(C2H5)4N C104]
=  5.6 X 10-2 (9)6

In curves A2 and B2, concentrations were used to 
calculate the potentials from the Nernst equation and, 
as expected, increasing ionic strength has the greatest 
effect on the potential of the iron-phenanthroline 
system (curve A2) because of the charges on the ions 
involved (2 +  and 3 + ). In curve B3, the activity of 
the ferricinium ion was used to calculate values of E "  
(eq. 2). The deviation of E "  from a constant value is 
quite small, indicating that the Debye-Hiickel rela
tionship (eq. 7) gives reasonable values for the activity 
coefficients in this system provided the liquid junction 
potential between the two half-cells does not vary in 
the range of ionic strengths studied.

Assuming that a plot of Ey, for the oxidation of fer
rocene in water at the r.p.e. vs. l ‘/! is linear, then a 
value of 0.152 v. (vs. s.c.e.) is estimated for Ey, for

ferrocene in water at zero ionic strength from the values 
of Ei/, for this oxidation in 0.083 and 0.0204 M aqueous 
tetraethylammonium perchlorate solutions (Table III). 
Since the oxidation at the r.p.e. is reversible, Ey, 
may be identified with E° for this system and hence 
(A0ferrocene)aq is estimated to be 0.394 V .  (E°a.c.e. =  
0.242 v .23) in good agreement with Strehlow’s value of 
+0.40 v.8’9 Thus, in this case, Ey, can be identified 
with E° for the system; however, in AN solution, in 
the presence of 0.1 M  tetraethylammonium perchlorate 
E "  is 0.332 v. vs. s.c.e. (from Table II and eq. 2), 
whereas Ey, for the oxidation of ferrocene at the d.m.e. 
is 0.379 v. vs. s.c.e. Thus, the oxidation of ferrocene 
appears to be retarded at a mercury electrode, cf. 
a platinum electrode, indicating that, although the 
oxidation is reversible, some interaction between the 
mercury and the ferrocene or ferricinium occurs which 
inhibits the oxidation process.

Liquid Junction Potential between AN Solutions and the
S.c.e. The potentials of the cells of Table II without 
added tetraethylammonium perchlorate were cor
rected for the effects of ionic strength using the plots of 
Figure 3 (curves A1 and B l). Using these potentials 
vs. s.c.e., corrected for ionic strength (Table V, column
2), the liquid junction potentials between the s.c.e. 
and AN solutions at zero ionic strength, (E ij)0, were 
calculated using the data of Table IV and are given in 
Table V, column 3. In addition, the liquid junction 
potentials of these cells when 0.1 M  tetraethylam
monium perchlorate is present in the AN solutions 
(Uu)0.i were also estimated from the data in Tables II 
and IV and are given in column 4 of Table V. Quite 
good agreement for the values of (Eij)0 is obtained 
with the four electrode systems studied in this work. 
The variation in the values of ( 7 ? i j ) 0 . i  for these four 
electrodes is undoubtedly due to the different effects 
of ionic strength on the potentials of the four elec
trodes, this effect being most pronounced on the tris- 
(o-phenanthroline)iron(II)-tris(o - phenanthroline) iron-
(III) electrode as expected. The results of other 
workers are also listed in Table V for comparison. 
By directly comparing a given electrode system in 
water with the same electrode system in AN, Ward11 
obtains values of E i j  which are in good agreement 
with our measurements using the s.c.e. From the dif
ference between Ey, of the alkali ions in water and AN 
in 0.1 M tetraethylammonium perchlorate and the dif
ference in the standard potentials of the alkali metals 
in both solvents, Ey, can be found from the measure
ments of Coetzee, et alJ Also from Coetzee’s meas-

(23) “ Handbook of Chemistry and Physics,” 42nd Ed., Chemical 
Rubber Publishing Co., Cleveland, Ohio, 1960-1961.
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Table V : Liquid Junction Potentials between Aqueous and AN Systems

Cell •E(Z-o) ®, v. (*lj)o,‘  v. (Blj)o.oi,6 v. Ref.

Pt Fe(phen)32+, Fe(phen)s3+||s.c.e. 1.127 0.249 0.157 This work
Pt Fe(C6H6)2, Fe(C5H6)2+||s.e.e. 0.351 0.245 0.220 This work
Pt H2, H +||s.e.e. 0.306 0.248 This work
Ag Ag+ (0.01 M ) s.c.e. 0.409 0.247 0.227 This work
Ag Ag+ (0.01 M ) s.c.e. 4 0.26 3
Pt Os(bipy)32+, Os(bipy)3s+||AN solution

Os(bipy)32+ Os(bipy)38 + | Pt aqueous solution 0.225° 0.232^ 11
Ag|Ag+ 0.01 M  (AN)||Ag+ 0.01 M  (aq.) Ag -0.119° 0.286° 11
E i / 2 of alkali ions in 0.1 M  (C2H5)4NC104 in AN v s .  s.c.e. 0.23 to 0 . 2 6 f 5

* j&ceii (Table IV) corrected for ionic strength effects and activity coefficients in AN solutions. 6 Based on (.EITgW = 0.404 v.; 
(U°-01Ag)AN = 0.274 v. ( v s .  c -®oeii. d Uncorrected for ionic strength effects. '  Corrected for activity coefficients ( /a*+)an =
0.632 (see text), (/Ag+)aq = 0.900 (ref. 19). 1 Assuming (Ii°Rb)AN v s .  ( E ° H)aq = 3.00 v. (see text).

urements, it appears that E u is of the same order of 
magnitude in propionitrile, isobutyronitrile, benzo- 
nitrile, phenylacetonitrile, and acetone as it is in AN. 
From the data of Table V it can be concluded that 
after correcting for ionic strength effects in the AN 
solutions, E m of solutions in AN vs. the s.c.e. is of the 
order of 0.25 v . ; i.e., 0.25 v. must be subtracted from 
the measured potential vs. s.c.e.

This value is completely at variance with the values 
of Eu (vs- s.c.e.) estimated by Nelson and Iwamoto.24 25 
They determined the half-wave potentials at the r.p.e. 
vs. s.c.e. of the reversible anodic waves of tris(4,7-di
methyl (o-phenanthroline) iron (II), bis (2,9-dimethyl-o- 
phenanthroline) copper(I), ferrocene, and benzyl fer
rocene in solutions in a variety of organic solvents which 
contained 0.1 M  lithium perchlorate as supporting 
electrolyte. Correction was made for the iR drop. 
We will only consider their results in water and AN 
for the two systems (ferrocene and 4,7-dimethyl(o- 
phenanthroline)iron(II)) which they studied in both 
solvents. With the 4,7-dimethyl(o-phenanthroline)- 
iron system they report a value of Ei/t in AN of 0.860 
v. and an “ extrapolated value”  of Ei/, in water of 
0.830 v. vs. s.c.e. This would indicate that Eu is 
only 0.030 v. However, Brandt and Smith26 report a

value of 0.88 v. (vs. (E°H)aq) for the oxidation potential 
of this compound in 0.1 M  aqueous sulfuric acid, i.e., 
0.64 v. vs. s.c.e. This indicates that Nelson and 
Iwamoto’s “ extrapolation”  technique for determining 
the oxidation-reduction potentials in water is question
able. Using Brandt and Smith’s value of the oxida
tion potential in water and assuming that the cor
rections for ionic strength effects are the same for this 
system in the two solvents as they are for the tris(o- 
phenanthroline)iron(II) system, we calculate that the 
liquid junction potential is 0.28 v., in fair agreement 
with our results. The data obtained by Nelson and 
Iwamoto24 with ferrocene do not differ much from our 
results (the small difference probably being due to the 
different types of junctions used between the solutions 
and the s.c.e.; they used a flowing type whereas we 
used an agar-saturated potassium nitrate bridge) 
and after allowing for ionic strength effects we derive a 
value of 0.26 v. for Eu from their results. Thus, the 
conclusion drawn by Nelson and Iwamoto regarding 
the small value of Eu in a host of organic solvents is 
not acceptable.

(24) I. V. Nelson and R. T. Iwamoto, Anal. Chern., 33, 1795 (1961); 
35, 867 (1963).
(25) W. W. Brandt and G. F. Smith, ibid., 21, 1313 (1949).
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The Solution Thermochemistry of Polyvalent Electrolytes. IV. 

Sodium Carbonate, Sodium Bicarbonate, and Tronala

by J. Paul Rupert,

Department of Chemistry, University of Pittsburgh, Pittsburgh, Pennsylvania 15218

Harry P. Hopkins, Jr., and Claus A. Wulff b

Department of Chemistry, Carnegie Institute of Technology, Pittsburgh, Pennsylvania 15213 
(.Received March 26, 1966)

The standard enthalpies of solution of sodium carbonate, sodium bicarbonate, and trona 
have been determined calorimetrically as —6.36, 4.46, and 5.67 kcal./mole, respectively, 
after correction for the heat effects arising from hydrolysis. Three solution thermochemical 
paths, leading to the enthalpy of formation of trona, agree well at —641.0 kcal./mole. Our 
data, when combined with those from other sources, also permit calculation of the standard 
entropies of trona as 72.6 cal./(mole °K.) and of the aqueous bicarbonate ion as 23 cal./ 
(mole °K ) .

This study was undertaken as a continuation of our 
investigation of polyvalent electrolytes. In addition 
to the commercial importance of the sodium carbonate- 
bicarbonate system, it is of interest because of the sub
sidiary processes concomitant with dissolution. Anal
yses of the observed enthalpies of solution of a car
bonate or bicarbonate are complicated by the heat 
effects due to such secondary phenomena-—in this case, 
hydrolysis. In a closed calorimetric system, with 
minimal vapor space, these secondary equilibria may 
be derived from the changes in state represented by 
eq. 1-3

H2C 03(aq) =  H+(aq) +  H C 03-(aq) (1)

H C 03-(aq) =  H+(aq) +  C 03- 1 2 3 4 5(aq) (2)

H20(1) *  H+(aq) +  OH"(aq) (3)

Values for the equilibrium constants governing 
these ionizations have been taken from literature data 
as follows: K\ =  4.45 (±0.05) X  10 7 8 (ref. 2-5), 
K2 =  5.68 (±0.07) X 10-u (ref. 6, 7), and K z =  1.01 
X 10_u (ref. 8). Pitzer9 has determined the standard 
enthalpy increments (calorimetrically) to be AHi° 
=  1.84, AH2° =  3.60, and Af73° =  13.36 kcal./mole. 
Other values for Afli, derived from the temperature 
dependence of equilibrium constants, are reviewed by

Wissbrun, et al.10 For our purposes, as will be shown 
later, uncertainties in this quantity of even 1 kcal./ 
mole are negligible. For Afi2° a value of 3.82 kcal./ 
mole has been reported6 from the temperature de

(1) (a) Presented at the 149th National Meeting of the American 
Chemical Society, Detroit, Mich., April 1965; (b) to whom corre
spondence should be addressed.
(2) (a) S. Aybar, Commun. Fac. Sci. Univ. Ankara, B10, 44 (1962); 
Chem. Abstr., 59, 13397 (1963); (b) S. Aybar, Commun. Fac. Sci. 
Ankara, B5, 22 (1954).
(3) R. Nasanen, P. Merilainen, and K. Leppanenen, Acia Chem. 
Scand., 15, 913 (1961).
(4) H. S. Harned and R. Davis, Jr., J. Am. Chem. Soc., 65, 2030 
(1943).
(5) Y. Kauko and H. Elo, Z. physik. Chem., A184, 211 (1939).
(6) Y. Kauko and A. K. Airola, Suomen Kemistüehti, BIO, 7 (1937).
(7) V. Y. Eremenko, Gidrokhim. Materialy, 28, 233 (1959); Chem. 
Abstr., 55, 7014 (1961).
(8) H. S. Harned and B. B. Owen, “ Physical Chemistry of Elec
trolytic Solutions,” Reinhold Publishing Corp., New York, N. Y., 
1958.
(9) K. S. Pitzer, J. Am. Chem. Soc., 59, 2365 (1937). The enthalpy 
of ionization of water, A H 3 0 , has been determined by J. D. Hale, 
R. M. Izatt, and J. J. Christensen, J. Phys. Chem., 67, 2605 (1963), 
and by C. E. Vanderzee and J. A. Swanson, ibid., 67, 2608 (1963), as 
13.336 ±0.018 kcal./mole. Since our primary interest is in the quan
tity AH t °  — A H z ° ,  we have used the older value of Pitzer in conjunc
tion with his value for AHi°. The difference between these values for 
AHz ° is insignificant in our work.
(10) K. F. Wissbrun, D. M. French, and A. Patterson, Jr., ibid., 
58, 693 (1954).
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pendence of K2, and a value of 4.2 kcal./mole (pre
sumably at 18°) is due to Thomsen.11

Experimental
Fisher sodium bicarbonate (NaHC03), certified to 

have a purity of 99.98% or better, was used without 
further purification. The sodium carbonate (Na2C 0 3) 
employed was Fisher Certified reagent grade, listed 
as 99.9% Na2C 03 (minimum). Eefore use the sodium 
carbonate was dried in an oven for at least 2 days at 
120°. Through the courtesy of Mr. R. E. Clagett, 
an analyzed sample (minimum 99%) of trona (Na2C 03 • 
NaHC03-2H20 ) was supplied by the Allied Chemical 
Corp. Owing to its incongruent solubility, this last 
sample was used without further purification. Its 
heat of solution was the same as that of a synthetic 
sample, prepared previously by Professor Clark C. 
Stephenson and one of the present authors (C. A. W.). 
All samples were dissolved into 950 ml. of distilled 
water at 25.0 ±  0.1°. Enthalpies of solution were 
calculated from the measured heats using gram formula 
masses of 84.01, 105.995, and 226.05 for sodium car
bonate, sodium bicarbonate, and trona, respectively. 
The solution calorimeter, which has been described 
previously,12 has as its temperature-sensing device a 
laboratory-wound resistance thermometer. The Muel
ler bridge circuitry and adjuvant electrical standards 
have also been described.

Discussion

NchCOz. In solutions of sodium carbonate, the pre
dominant secondary equilibrium can be characterized 
by the change in state

C 03- 2 * *(aq) +  H20(1) =  H C03-(aq) +  OH-(aq) (4)

the equilibrium constant for which is given by Ki =  
K 3/K2 =  1.8 X  10-4. For any molal concentrations, 
m, of carbonate originally dissolved, the extent of 
reaction 4 is described by the degree of hydrolysis a =  
(H C03_)/m . Assuming the activity of the water to 
be unity (minimum mole fraction of 0.995 in our solu
tions) and the common form of the Debye-Hiickel 
relation for ionic activity coefficients (presumed valid 
for the dilute solutions considered in this study), a 
can be related to Ki and the ionic strength, I, by

log Ki =  log a2/ (1 — a) +  log m +
1.0187V2/(1  +  Z'A) (5)

and

1 = m{ 3 — a) (6)

Equations 5 and 6 have been solved simultaneously, by 
an iterative process, for a in the range 0.007 to 0.090 m.

These values accord well with older experimental de
grees of hydrolysis reviewed in Mellor.18 From 
Pitzer’s data we obtain AB.° =  9.8 kcal./mole. Rep
resentative values of a and aAH°  are included in 
Table I. Sixteen determinations of the enthalpy of 
solution of sodium carbonate to give final concentrations 
in the range 0.007 to 0.085 m are also listed in Table I.

Table I : Enthalpies of Solution and Hydrolysis 
for Na2C03“

m a a l i l i 0 AUobsd
0.00702 0.126 1.234 5.039
0.00848 5.121
0.00921 5.152
0.01025 5.184
0.01138 0.098 0.960 5.274
0.01356 5.369
0.01664 5.356
0.02171 5.443
0.02547 5.530
0.03219 0.060 0.588 5.561
0.03998 5.610
0.04885 5.727
0.05735 5.722
0.06670 5.736
0.06833 0.033 0.323 5.782
0.07531 5.730

“ Units: kcal./mole.

The integral enthalpy of solution, AH(m)ohed, may 
be written as

AH(m)obsd =  A-Hs0 +  4>zX?n) "h oiAHi° (7)

where $L(m) is the apparent molal heat content of the 
solution at concentration m and AH's0 is the standard 
enthalpy of solution of Na2C 03

Na2C 03(c) =  2Na+(aq) +  C 03- 2(aq) (8)

A least-squares analysis of AHobsd — vs. a
[assuming the <f>i/m) of sodium carbonate to be similar 
to those for the alkali sulfates8] gives the straight fine 
AHobsd — <£l(m) =  —6.31 +  9.04a kcal./mole, with 
an average deviation of 0.02 kcal./mole. From this 
analysis the extrapolated standard enthalpy of solu

(11) J. Thomsen, “ Thermochemische Untersuchungen,”  Johann 
Ambrosius Barth Verlag, Leipzig, 1883.
(12) W. F. O’Hara, C. H. Wu, and L. G. Hepler, J. Chem. Educ., 38, 
519 (1961).
(13) Supplement to “ Mellor’s Comprehensive Treatise on Incrganic
and Theoretical Chemistry,” Vol. II, Suppl. II, Part 1, John Wiley
and Sons, Inc., New York, N. Y., 1962.
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tion is determined as AH$° =  —6.31 ±  0.05 kcal./ 
mole, and Aff4° =  9.0 kcal./mole in accord with 
Pitzer’s data.9 A better value of Aff8° may be ob
tained from an analysis AHobsd — aAH4° vs. m'/l 
[the usual concentration dependence of 0j/ to) ]. 
Known $L values for unhydrolyzed 2-1 electrolytes, 
such as the alkali sulfates,8 show that the linearity of 
<j>l with m /l holds best below m =  0.03. A least- 
squares straight line for AHohBd — a.AH° = AHS° +  
Arn/2 in the region 0.007 to 0.032 to is Affobsd — 
aAff4° =  —6.37 +  1.24m1/2 ±  0.03 kcal./mole 
(where the uncertainty is the root-mean-square de
viation). From this AH$° =  —6.37 kcal./mole, and 
the concentration dependence is similar to <£i/ to) for 
other 2-1 electrolytes. We have selected Aff80 = 
— 6.36 ±  0.08 kcal./mole.

Trona. Here again the major secondary equilibrium 
is represented by eq. 4. We define the extent of the 
hydrolysis by a =  (OH~)/m, which, making the same 
assumptions as before, is related to K\ by

log Ki =  log a (l +  a) / (1 — a) +  log to -f-
1.018Z1/!/ ( l  +  71/2) (9)

and
I  =  m(4 -  a) (10)

Table II contains representative values of a and 
a AH4° along with 11 determinations of the heat of 
solution to give final concentrations between 0.0045 
and 0.0550 to. The observed enthalpy of solution, 
AJ/obad, can be represented by

AiZobsd =  A£fn° +  (m) +  a All 4°

where Affu° is the standard enthalpy of solution for 
trona (eq. 11).

Na2C 03-NaHC03-2H20(c) =  3Na+(aq) +
C 03- 2(aq) +  H C 03-(aq) +  2H20(1) (11)

Considering the nature of the solute, an a priori 
estimate of <t>h(m) is difficult to make, and a reduction 
of the data was made by plotting AHohBd — aAH°  
vs. m /l. A  least-squares analysis gives the straight 
line A ff0bsd -  ctAH° =  5.65 ±  1.90 m h ±  0.04 
kcal./mole, which leads to an extrapolated value of 
Affu° =  5.65 ±  0.05 kcal./mole. The slope of this 
straight line compares remarkably well with the sum of 
<t>L values for a 1-1 and a 2-1 electrolyte. The relative 
partial molal heat content of water in the solution was 
assumed negligible within the estimated uncertainty.

NaHCOs. In solutions of sodium bicarbonate, the 
most important secondary reaction is

2HC03-(aq) =  H2C 03(aq) +  C 03- 2(aq) (12)

Table II: Enthalpies of Solution and Hydrolysis 
for Trona“

m a «AH,° AHobad
0.00429 0.026 0.256 5.991

0.00442 5.997
0.00893 5.911
0.00904 0.011 0.108 5.947

0.01381 6.041
0.01452 5.972
0.02159 6.033
0.05264 0.0017 0.017 6.077

0.05264 6.033
0.05264 6.020

Units: kcal./mole.

The extent of eq. 12, defined as a =  (CO3_2) / to (where 
to is the molal concentration of the sodium bicarbonate 
originally dissolved), can be calculated from the 
equilibrium constant =  Ki/Kx =  1.2 X  10~4
by

Ku =  a2/ ( l  — 2a)2Yco8-2YH2COj/72Hco3- (13)

Equation 13 may be reduced to a =  0.01 (independent 
of to) without loss of precision because aAff12°—the 
quantity of interest—is only 20 cal./mole, which is less 
than the experimental uncertainty. The observed 
enthalpies of solution have been fitted to a straight line, 
by the method of least squares, in the region 0.011 to 
0.090 to, and are given by Affobsd = 4.49 +  0.38to1/2 
±  0.02 kcal./mole. Several determinations below to =  
0.01, where the heat effects approached the lower limit 
of the calorimeter’s sensitivity, were not included in the 
least-squares analysis. For the change in state repre
sented by

NaHC03(c) =  Na+(aq) +  H C 03-(aq) (14)

the standard enthalpy increment is then 4480 — 20 cal. 
=  4.46 ±  0.05 kcal./mole.

The standard Gibbs free energy for eq. 14 is calcu
lated from the solubility, given in Mellor13 as 1.22 to, a 
tabulated mean activity coefficient14 15 y± = 0.503, and 
the relation Affi4° = — R T In 4to2y±2, as A(th° =  0.58 
kcal./mole.

From the above data A(Si4° =  (4.46 — 0.58)/0.298 =  
13 cal./(mole °K.). Utilizing the standard entropy 
values for NaHC0316 and Na+(aq),16 we calculate $ ° h co ,

(14) S. T. Han and L. J. Bernardin, Tappi, 41, 540 (1958).
(15) F. D. Rossini, D. D. Wagman, W. H. Evans, S. Levine, and I. 
Jafie, “ Selected Values of Chemical Thermodynamic Properties,”
National Bureau of Standards Circular 500, U. S. Government Print
ing Office, Washington, D. C., 1952.
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=  23 ±  1 cal./(mole °K.). This value agrees with that 
tabulated by Latimer, Pitzer, and Smith16 based solely 
on eq. 1.

From the standard enthalpies of solution of Na2C 03 
( —6.36 kcal./mole), trona (5.65 kcal./mole), and 
NaHC03 (4.45 kcal./mole) we can compute AHlb0 = 
—6.36 +  4.46 — 5.67 = —7.6 ±  0.2 kcal./mole, for

Na,CO»(c) +  NaHC03(c) +  2HaO(l) =
Na2C 03-NaHC0!r2H20(c) (15)

In view of the assumptions made concerning these 
solutions, independent routes to evaluating AHn° 
would be desiderata in checking our extrapolation pro
cedures. To this end we have measured the following 
heat effects. Each value is the average of several de
terminations (in cal./mole): (a) Na2C 03(c) into water 
to give a 0.055 m solution, AH =  —5739 ± 2 0 ;  (b) Na- 
H C 03(c) into (a) to give0.05 m C03~2 and H C 03~, AH = 
4220 ±  20; (c) NaHC03 into water to give a 0.055 m 
solution, AH =  4585 ±  10; (d) Na2C 03into (c) to give 
0.055 m C 03- 2 and H C03- ,  AH =  -6128  ±  10; (e) 
trona into water to give a 0.055 m solution, AH =  6056 
±  20. The enthalpy increment AH16° can be obtained 
from the sum AHa - f  AHb — AHe =  —7.67 ±  0.06 
kcal./mole and from the sum AHC +  AHd — AHe = 
—7.60 ±  0.04 kcal./mole. The excellent accord among 
the three values for AHU° gives a 'posteriori support 
for the extrapolation methods used to account for hy
drolysis effects.

Torgeson17 by a closely related procedure obtained 
AHu° =  —7.76 ±  0.02 kcal./mole, in reasonable agree
ment with our average value of —7.64 ±  0.10 kcal./ 
mole. For eq. 15, A615° =  —2.47 kcal./mole18 and 
ASU° =  (-7 .6 4  +  2.47)/0.298 = -1 7 .2  cal./(mole 
°K.). The above values and tabulated data16 for Na2- 
C 03, NaPICOa, and H20(1) lead to A fff° = —641.0, 
AG{° =  —569 kcal./mole, and S° =  72.1 ±  1.0 cal./ 
(mole °K.) for trona. An estimate for the entropy from 
Latimer’s19 rules is 73.9 cal./(mole °K.).
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(16) W. M. Latimer, K. S. Pitzer, and W. V. Smith, J. Am. Chem. 
Soc., 60, 1829 (1938).
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The Behavior of Some Carbonaceous Materials at Very High

Pressures and High Temperatures

by R. H. Wentorf, Jr.

General Electric Research Laboratory, Schenectady, New York (Received March 26, 1965)

Several different forms of elemental carbon and a number of organic compounds were 
exposed to pressures in the range 95-150 kbars and temperatures in the range 1300-3000° 
for periods of 0.2 to 50 min. The amount and kind of diamond formed were found to 
depend strongly on the kind of carbonaceous starting material used. Sometimes graphite 
formed. It appears that structural factors are involved and that the actual transformation 
to diamond may follow a number of complex paths.

L Introduction

Bundy1 has shown that the triple point of carbon 
among graphite, diamond, and liquid lies at about 125 
kbars and 4300°K. He also found that graphite trans
forms directly to diamond in times of a few milli
seconds or less at pressures exceeding about 120 kbars 
and temperatures exceeding about 3300°K. Alder 
and Christian2 have found evidence that graphite, com
pressed and heated by a strong shock wave to about 350 
kbars and 1000°K., transformed to diamond in a few 
microseconds. DeCarli and Jamieson3 actually re
covered particles of diamond which were formed from 
graphite which had been exposed to strong shock com
pression. In all the foregoing experiments the rates of 
transformation to diamond were so rapid and the local 
temperatures of the specimens were changing so rapidly 
that no measurements of the variation of reaction rate 
with temperature were reported.

This paper describes the results of some experiments 
in which various nondiamond carbons and compounds 
containing carbon were exposed to pressures in the 
range 95-150 kbars and temperatures in the range 
1300-3000°. Under these conditions most of these 
materials turn partially to diamond in periods of time 
of 0.2 to 55 min. In this way some estimates could 
be made of the variation of diamond formation rate 
with temperature. It turned out that, in spite of only 
one chemical element being involved in the reaction, 
diamond formation under these conditions was not 
a simple chemical reaction; instead the rate depended

strongly on the kind of carbonaceous material used and 
did not seem to follow any simple rate expression.

II. Experiments with Relatively Pure Carbon
In this set of experiments various kinds of relatively 

pure carbon, such as various graphites and carbon 
blacks, were compressed to pressures in the range 95 
to 150 kbars and then heated by 60-cycle a.c. for periods 
of 0.2 to 55 min. at temperatures ranging between about 
1300 and 3000°.

A. Experimental Procedure. The carbons were con
tained in small titanium tubes in a composite cylin
drical sample arrangement as shown in Figure 1. The 
composite cylinders were then placed in a high-com
pression “ Belt”  apparatus as described by Bundy1 and 
exposed to the desired pressures and temperatures. 
The heating current passed from one punch face 
through the molybdenum wire, through the titanium 
and carbon, and then out the other molybdenum wire 
to the other punch face. The titanium tubes were 
sealed, though not perfectly, by pinching their ends 
together after filling them; they were then flattened 
to 0.0508-cm. thickness.

The carbons were contained in relatively pure 
titanium for several reasons. The titanium isolated 
the carbon from contact with the pyrophyllite stone, 
which is known to contain small amounts of iron which

(1) F. P. Bundy, J. Chem. Phys., 38, 631 (1963).
(2) B. J. Alder and R. H. Christian, Phys. Rev. Letters, 7, 307 (1961).
(3) P. S. DeCarli and J. C. Jamieson, Science, 133, 1821 (1961).
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SECTION A -A

Figure 1. High-pressure sample.

is known to act as a catalyst for diamond formation. 
Titanium so far has not been found to be effective 
as a diamond-forming catalyst. The titanium tubes 
usually did not melt nor react very much with the 
carbon in these experiments, probably because of the 
formation of relatively refractory titanium carbides 
and/or the increase of melting point of titanium with 
pressure. Also, the high-pressure form of titanium4 5 
does not seem as reactive as the ordinary form. Finally, 
the titanium carried most of the heating current 
and thereby helped to maintain the carbon at a more 
uniform temperature. (Because diamond has a rela
tively high electrical resistivity, the local formation 
of diamond increases the local PR  heat production 
and hence the local temperature. The rate of diamond 
formation increases rapidly with temperature so that 
a regenerative process begins which accentuates tem
perature gradients in the carbon, unless the carbon 
carries only a small share of the heating current.)

The pressures in the apparatus used to compress the 
samples were estimated by reference to the resistance 
changes6 in bismuth (25, 88 kbars), barium (58, 140 
kbars), iron (131 kbars), and lead (160 kbars) at 25°. 
The increase of resistance associated with the change 
in titanium4 at about 90 kbars could often be observed 
during the compression of the sample.

It is likely that the local pressure fell during the 
heating period as a result of the density increases in 
the sample due to diamond formation and the forma
tion of stishovite and kyanite from the pyrophyllite. 
It is not possible to estimate the magnitude of this 
pressure decrease precisely, but it is not likely that an 
original pressure of 160-170 kbars ever fell below about 
130 kbars because in the hottest experiment of this 
series relatively large amounts of both diamond and 
stishovite were formed, while similar amounts of 
diamond and no stishovite were formed in flash

heating experiments by Bundy1 at 130 kbars. In 
view of the uncertainties regarding estimation of the 
pressure, the pressures listed for the various experi
ments are to be regarded as approximate, with possible 
errors of ±20  kbars relative to the reference pressures 
for resistance changes in Ba, Fe, Pb, etc.

Uncertainties also reduce the accuracy of the tem
perature reported for these experiments. The central 
parts of the reaction tubes were hotter than the ends 
because heat could flow more easily via the molybdenum 
wires. The central temperatures were estimated from 
the heating power input, using as references the powers 
required to melt nickel, titanium, and the titanium- 
carbon eutectic, and extrapolating for the probable 
effects of pressure on these melting points,6 while bearing 
in mind the probable dimensions and thermal conduc
tivities of the various portions of the sample. The 
small size of the sample magnifies small variations in 
the size and placement of the components. Thus, the 
temperatures reported here may be in absolute error 
by as much as 10% and in relative error by about 3%.

B. Experimental Observations. The findings in the 
high-pressure carbon heating experiments are listed in 
Tables I-III.

Table I : Experiments with SP-1 Graphite
fcd. temp., Time, Product Estd. vol.

°C. min. density, g ./cc. % diamond Remarks

150 kbars
25 50 2.25 0

1300 50 2.47 17
1300 50 c a .  2.6 25
1300 50 c a .  2.6 40 12% B4C added
1700 0.5 2.86 SO a

1700 2.5 2.84 SO b

1700 8.5 2.78 SO b

1700 35 2.97-3.2 70 b

2000 4 2.9-3.3 60 a

2100 0.1 3.0 50 b

2100 10 3.02 70 b

2400 2.5 2.97-3.2 70
2800 0.2

115 kbars

70+

1700 55 c d .  2.6

95 kbars
1700 60 2.25 0

1 3.1- and 2.19-1. lines of 5-oarbon present but not strong.
b 5-Carbon lines about as strong as diamond or graphite lines.

(4) J. C. Jamieson, Science, 140, 72 (1963).
(5) R. H. Wentorf, Jr., Ed., “ Modem Very High Pressure Tech
niques,”  Butterworth Inc., Washington, D. C., 1962, p. 229.
(6) See ref. 5, pp. 113-116; see also H. M. Strong, Acta Met., 12, 
1411 (1964).
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Table II: Experiments with Spectroscopic Carbon
(150 kbars)

Estd. temp., Time, Product Estd. voi.
°C. min. density, g./cc. % diamond Remarks

1700 50 c a .  2.31 5
1700 55 c a .  2.48 18 10% B4C added
2000 15 2.39 10 a

2000 50 2.34 8.5
2400 5 2.39 10
2400 15 2.42 13
2400 15 2.43 13

“ 3.1- and 2.1-Â. lines of 8-carbon present but not strong.

Table HI : Experiments with Carbon Blacks 
(150 kbars, 2000°, 15 min.)

Product density, Estd. voi.
Carbon g./cc. % diamond

Kosmos 40 2 .4r-2.6 55
Kosmos 40 50
Statex 2.97-3.2 70
Micronex std. 2.39 15
Micronex std. 2.25 0(1700°)

Three main types of carbon were examined: (1)
SP-1 graphite, a highly refined natural graphite, easily 
packed to density 2.0, made by the National Carbon 
Co. ; (2) regular spectroscopic grade carbch, in the form 
of powder salvaged from the turning of rods; (3) 
carbon blacks for reinforcing rubber.

X-Ray diffraction tests were made on most of the 
products. Often the relative strengths of the diamond 
and graphite diffraction lines could be used to estimate 
the fraction of diamond present in the product. It was 
difficult to estimate the fraction of diamond in the 
product by simply measuring its density on account 
of the frequent presence of another phase of carbon, 
tentatively called 5-carbon.

This new form of carbon appeared to be relatively 
abundant in certain of the products and was detected 
by its X-ray diffraction pattern, which features a 
strong line at 3.1 A., a medium line at 2.19 A., and a 
weaker line at 1.55 A. 5-Carbon was also found by 
Bundy in some flash-heated graphites which have been 
largely converted to diamond.1 So far, 5-carbon has 
not been prepared in a pure form, and its density and 
structure are unknown.

Most of the carbon products obtained in the above 
experiments were black, friable polycrystalline lumps. 
The diamond crystallites in them were too small to 
be seen as separate crystals under a microscope. The

X-ray diffraction patterns of the products also indicated 
a small diamond crystallite size, of the order of 1 n 
or less.

The new crystalline phase of carbon reported by 
Aust and Drickamer7 was never observed in any of the 
products of these experiments. Aust and Drickamer 
obtained this phase in best yield from single-crystal 
graphite exposed to pressures above 150 kbars at room 
temperature; the yield from other less perfectly crystal
line graphite was reported to be small.

C. Comments. One notes that the effect of reducing 
the initial pressure from 150 to 115 kbars is to reduce 
the amount of diamond formed, but when the initial 
pressure was 95 kbars, no diamond formed even though 
diamond was the stable phase during the experiment.

A comparison of Tables I -I II  shows that there are 
marked differences in the abilities of the various carbons 
to form diamond. SP-1 graphite forms diamond most 
easily, but a carbon black known as Statex is next best, 
and the other carbon blacks are all better diamond 
formers than is spectroscopic carbon. One could not 
ascribe this difference in behavior to differences in 
operating pressure produced by differences in initial 
density because, while SP-1 may be packed most densely 
with ordinary hand tools, the carbon blacks are notable 
for their low densities when packed, and spectroscopic 
carbon lies between. Besides, nearly as much diamond 
is produced from SP-1 at 115 as at 150 kbars. It 
appears that the differing behavior of these carbons 
in forming diamond is a consequence of their “ molecu
lar”  structure. However, “ giant molecules”  such as 
these carbons represent are difficult to characterize 
in simple ways with our present knowledge; we lack 
the tools to examine them as one would examine, 
for example, various steels. Bundy1 has shown in 
flash-heating experiments that at high temperatures, 
3000°K. and above, the differences in the rate of 
diamond formation out of various carbons are very 
slight. Presumably at these high temperatures the 
structural differences would be very slight.

There are other interesting items. One is that sig
nificant amounts of diamond may form from graphite 
at temperatures as low as 1300°, i.e., about as low as 
are found to be effective using metal alloy catalysts 
at pressures of 50 kbars or so. A  second item is that 
boron carbide may act as a promoter of diamond for
mation, doubling or tripling the rate. At a pressure 
of 67 kbars boron carbide and graphite mixtures do 
not form any detectable amounts of diamond at about 
1700°. (However, boron or boron carbide is known to 
accelerate diamond formation in the presence of metal

(7) R. B. Aust and H. G. Drickamer, Science, 140, 817 (1963).
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catalysts such as Fe, Ni, etc.) Boron carbide is known 
to be an effective graphitizing agent in the manu
facture of graphite from coke, etc. Evidently boron 
atoms make carbon atoms more mobile even though 
no molten phases are known to form, and boron is out
standing for its relatively rapid diffusion into diamond 
at high pressures and temperatures.8

After a few of the above experiments had been 
performed, the hope sprang up that the rate of forma
tion of diamond might follow a simple rule, e.g., a 
first-order reaction rate law. One might then de
termine the "activation energy”  for the slowest step 
with the usual plot of logarithm of the rate vs. reciprocal 
temperature. However, an inspection of the results 
of the experiments in Table I or II shows that at any 
particular pressure and temperature the rate is ex
tremely rapid at first, so that most of the diamond that 
is to be formed is formed in the first few minutes or 
less of heating; after this the rate becomes consider
ably slower. The reaction rate does not appear to 
follow a simple first-order law, but instead there seem 
to be strong nucleation effects from pre-existing nuclei 
which are rapidly consumed at first to leave a more 
resistant carbon (sometimes containing 5-carbon) in 
which nucleation and growth proceed more slowly. 
Probably many different kinds of atomic arrangements 
may act as diamond nuclei, and each kind of arrange
ment would be expected to have its own energy barrier 
value for diamond growth. The ones with the lowest 
barriers would be used most rapidly and would convert 
their immediate carbon environments into diamond. 
Further growth of diamond might require the surmount
ing of activation energy barriers of increasing height. 
Some of these higher barriers would have been present 
in the original mass; others would have been created 
as a result of the partial local transformation to di
amond, etc. Evidently, the conversion to diamond can 
never be complete until the product consists of a single 
crystal, an unlikely event for those who lack patience.

In a gas or a liquid a single value of activation 
energy may adequately describe a rate process because 
most of the reacting species have the same environ
ment. However, in a refractory, nonuniform solid 
such as carbon, the reacting species are not necessarily 
similar, and the final product may be reached by a 
variety of paths. An over-all description of such a 
process might involve several values of activation 
energy.

One can arbitrarily select a certain fractional con
version to diamond, say 10, 30, or 70%, and define an 
average rate as the inverse of the time taken to reach 
this diamond concentration. A  plot of the logarithm 
of this average rate vs. reciprocal temperature would

then yield an average activation energy for the forma
tion of diamond by all the processes operative up to the 
time the diamond concentration reached the arbitrary 
level. Such arbitrary average activation energies 
could be obtained for various diamond concentration 
levels for which data are available.

If one proceeds on this basis, with an interpolation 
or two from nearby diamond concentration levels and 
if one also estimates that the conversion to 70% 
diamond took place in about 3.3 msec, in the flash
heating experiments at 3600°K. of Bundy,1 one may 
prepare Tables IV and Y of average rate vs. reciprocal 
temperature for SP-1 graphite and Table VI for spec
troscopic carbon.

A plot of these calculations is shown in Figure 2. 
The probable range of error is indicated by the vertical

Table IV : Data for 30% Conversion of SP-1 Graphite

Temp.,
°c. 10‘/°K. Time, sec. Rate, B e e .-1 Log (rate)

1300 6.35 5000(estd.) 2 X IO’ 4 - 3 .7
1300 6.35 3600 2.8 X IO“ 4 -3 .5 5
1700 5.07 60 1.7 X 10~2 -1 .7 7
2000 4.4 6(estd.) 1.7 X 10-1 -0 .7 7
2100 4.2 3(estd.) 0.33 X 10“ 1 - 0 .5

Table Y : Data for 70% Conversion of SP-1 Graphite

Temp.,
°c. ioy°K. Time, sec. Rate, sec.-1 Log (rate)

1700 5.07 2000 5 X 10“ 4 - 3 .3
2100 4.2 12(estd.) 8 X 10~2 - 1 .1
2000 4.4 300(estd.) 3.3 X 10~3 - 2 .4
2100 4.2 600 1.7 X IO“ 3 -2 .7 7
2400 3.75 150 7 X IO“ 3 -2 .1 5
2800 3.25 10 1 x  1 0 - 1 - 1
3300 2.77 0.003“ 330“ 2.5“

“ Estimated from flash-heat data of Bundy.1

Table VI: Data for 10% Conversion of 
Spectroscopic Carbon

Temp.,
°C. io v ' k :. Time, sec. Rate, sec.-1 Log (rate)

1700 5.07 6000(estd.) 1 .7  x  10 -4 - 3.8
2000 4.4 900 1 . 1  x  10 -3 - 2.95
2400 3.75 300 3.3 X IO“ 3 - 2.5

(8) R. H. Wentorf, Jr., and H. P. Bovenkerk, J. Chem. Phys., 36, 
1987 (1962).
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extent of each estimated point. Some of the estimated 
rates may be on the low side because the amount of 
diamond formed may have remained nearly constant 
for the latter portion of an experiment, as mentioned 
earlier.

i/ t °K x I04

Figure 2. Plot of log (rate) v s .  reciprocal temperature 
for fractional conversions of carbons to diamond.

Also shown for comparison in Figure 2 is an area 
corresponding to the conversion of graphite to di
amond with a metal catalyst at say 67 kbars at 2000°K. 
Here the “reaction rate”  would be about 0.1 sec.-1 
for “ 70% conversion”  although with the catalyst 
the conversion is essentially zero on one side of a moving 
metal film and essentially 100% on the other side, so 
that the comparison is not exact.

One notes in Figure 2 that the slopes of the lines for 
experiments in the range 1300-2800° correspond to 
activation energies of 50-80 kcal./mole. This energy 
includes the pAV term. Such an energy is about that 
required to break two carbon-carbon bonds. How
ever, the lines which would connect the high tempera
ture point estimated from Bundy’s experiments1 with 
the points obtained at lower temperatures would have 
slopes corresponding to activation energies of about 
200 kcal./mole. Despite the experimental uncertainties 
in the data, it seems that processes involving higher 
activation energies come into play at higher tempera

tures. Higher activation energies would be expected 
for larger aggregations of atoms.

Figure 2 also indicates that the activation energy for 
diamond formation is about the same for SP-1 graphite 
and spectroscopic carbon although the rates differ by 
about a factor of 100. If this difference in rate were 
ascribed to the difference in the entropy change upon 
going to the activated state, the difference would be 
about 10 cal. °K .-1 mole-1. Thus, the activated 
states would be regarded as having more degrees of 
freedom relative to SP-1 graphite than relative to 
spectroscopic carbon. This is reasonable up to a 
point because SP-1 is the more perfectly crystalline 
material. However, 10 e.u. seems a large difference 
because the entropy of fusion of most metals is only 
about 2, and the two kinds of starting carbon could not 
differ in entropy by much more than this.

It seems more likely that the differences in reaction 
rates are due to differences in the probabilities that the 
activated complexes will drop into the final (diamond) 
states. Many configurations of activated states may 
not be suitable for diamond formation, and the con
figuration of an activated state during its lifetime is 
connected with the local structure of the solid. The 
ready formation of 5-carbon from some carbons and 
not others is also consistent with this view.

HI. Experiments with Organic Compounds
It seemed evident from a study of the diamond-form

ing behavior of various carbons, as described above, 
that what might be called structural factors played an 
important part in the formation of diamond. In 
order to explore these effects further, a number of 
different organic compounds were heated to about 
2000° for about 15 min. at a pressure of about 150 
kbars. Most of the compounds yielded diamond, 
but a few yielded graphite.

A. Experimental Procedure. The compounds tested 
were packed into small titanium tubes and exposed to 
high pressures and temperature just as were the carbons 
in the experiments described above. After cooling 
and release of pressure, the pyrolysis products were 
examined by various methods, including X-ray dif
fraction.

B. Experimental Findings. The behavior of the 
various materials tested in these experiments is sum
marized in Table VII. The densities and estimated 
diamond contents of the products are given, along with 
other remarks about them. (For example, density 
2.86-3.3 means that the density of the sample was 
somewhere between 2.86 and 3.3 g./cc.)

It was noticed that when graphite was the product of 
an experiment, the average resistance of the sample
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Table VII: Pyrolysis Experiments (150 kbars, 2000°, and 15 min., except as noted)

Charge
Product
density

Estd.
% diamond Remarks

Anthracene 2.2 0 Black, soft; excellent graphite by X-ray pattern
Anthracene 2.2 0 5 min., 2300°. Product was graphite
Anthracene 2.8-3.2 30 2300°. Hotter parts white, soft diamond; cooler parts black, soft graphite
Camphene 2.8-3.3 70 White, no scratch glass; X-ray shows strong diamond
Camphene 1.5 min., 2300°. No free C left; TiC instead
Anthracene: camphene, 1:1 50 Hotter parts white; cooler, black; scratch glass
Anthracene: camphene, 9:1 30 Hotter parts white; cooler, black; scratch glass
Anthracene:iron, 9:1 90 9 min. Extensive formation of diamond
Naphthalene 2.2 0 Black, soft; excellent graphite by X-ray pattern
Chrysene 2.2 0 Soft, black, no scratch glass
Fluorene >2.86 60 Hottest parts white diamond; cooler parts black graphite
Pyrene 50 Same as for fluorene
Pentaphenylcyclopentadiene <3.3 50 Same as for fluorene
Sucrose 2.5 40 Hottest parte white, soft diamond; cooler parts black, friable carbon. Ti

Polyphenyl 2.86-3.3 60
attacked severely in hot parts

Brownish red, brittle, glassy; strong diamond X-ray pattern
Camphor 60 Product nearly all white diamond
Polyethylene 2.8-3.3 60 White, insoluble; X-ray shows only crystalline phase is diamond
Adamantane 2.9-3.3 60 Same as for polyethylene.
Paraffin wax 2.8-3.3 60 Same as for polyethylene
Paraffin wax 1.83 ? 1300°. Soft, white, X-ray shows broad, weak diamond lines
Hexamethylenetetramine 0 X-ray shows graphite only
Diphenylamine <2.25 0 Soft, black; no scratch glass.
Octadecylamine 2.8-2.96 60 Scratchy, gray and black product.
Copper phthalocyanine 0 7 min. Black, brittle product; X-ray shows Cu and graphite
Raw peanut 60 5 min. Same remarks as for fluorene
Silicone rubber 0 X-Ray shows stishovite, graphite, perhaps SiC

usually decreased monotonously by about 5% during 
a 15-min. heating period. However, when some 
diamond was produced, the average resistance usually 
did not fall by quite as much and sometimes even 
increased by 1 or 2% for a few minutes early in the 
heating period. These resistance changes were not 
reproducible nor large enough to serve as reliable 
indicators of the course of the pyrolysis reactions.

The white diamondiferous products obtained in the 
above experiments were active in an adsorptive or a 
chemical sense, for they changed color when brought 
in contact with iodine in the following way. The di- 
iodomethane used to test the density of the products 
contained some dissolved iodine as the result of age, 
exposure to light, air, etc. When a fragment of the 
pyrolysis product was floated on a drop of the di- 
iodomethane, the liquid became nearly colorless in 
about a minute while the originally snow-white prod
uct became blue, green, yellow, and finally brown. 
Often, the white pyrolysis products would be similarly 
colored by traces of dissolved bromine in some of the 
other liquids used to estimate density.

C. Comments. Two unexpected results appeared 
in these experiments.

(1) Graphite of excellent crystallinity often was 
found as the sole product even though diamond was 
thermodynamically favored and even though, under 
the same conditions of pressure, time, and tempera^ 
ture, a pure carbon such as spectroscopic graphite or 
carbon black was found to change at least partly to 
diamond. Evidently compounds such as naphthalene, 
anthracene, or chrysene, which contain fused benzene 
rings, pyrolyze to graphites which are unusually re
luctant to form diamond. Most of the compounds 
which contain relatively large amounts of nitrogen 
also favor the formation of graphite to the exclusion 
of diamond. One might ascribe this effect of nitrogen 
to its tendency to form three covalent bonds; four 
covalent bonds are required to make a diamond struc
ture.

The experiments with anthracene mixed with cam- 
phene or iron show that the formation of diamond from 
anthracene is not impossible but instead requires some 
sort of seeding agent (camphene) or catalyst (iron). 
The camphor and peanut experiments illustrate that 
oxygen is not very effective as a blocker of diamond 
formation under these conditions and is not so effective 
as nitrogen. (Small amounts of nitrogen or oxygen
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could be removed by combination with the titanium 
tube wall ; the inside surface of the tube would usually 
be golden in color from TiN after nitrogeniferous com
pounds had been pyrolyzed. It is also likely that oxy
gen and hydrogen diffused rather rapidly in either 
direction through the hot tube wall.)

(2) The second unexpected result was that usually 
the diamond formed by pyrolysis of organic compounds 
was snow-white, often resembling paraffin wax or 
chalk in appearance and mechanical properties. By 
contrast, when carbons are transformed to diamond 
at temperatures of 2000 °K. and higher, the product 
diamond is usually black.1-3 Only rarely was the white 
product capable of scratching glass. Yet X-ray dif
fraction analyses of these white products showed that 
the only crystalline constituent was diamond though, 
of course, the diffraction lines were broad and indicated 
a small crystal size.

Because the ends of the titanium tube were much 
cooler than the midlength, as a result of the greater 
heat loss through the molybdenum lead-in wires, the 
response of the pyrolyzed material to different pyroly
sis temperatures could be estimated. Paraffin and 
camphene, for example, gave white products at both 
high and low temperatures (note also experiment with 
paraffin at 1300°). On the other hand, substances 
containing some aromatic rings, such as pyrene or 
pentaphenyleyclopentadiene, evidently first pyrolyze 
to a kind of “graphite”  which then becomes white 
diamond at higher temperatures. The pyrolysis of 
most carbonaceous materials is a complicated chemical 
process, and it appears that even at 2000° the effects 
of the initial molecular structure are detectable. Evi
dently, very slight changes in structure are sufficient 
to alter the outcome of the reaction. For examples, 
compare chrysene and pyrene, or fluorene and anthra
cene.

As an indication that sometimes not all of the initial

molecular structure is destroyed under these rather 
severe conditions, one may note that polyphenyl 
yielded a brittle, reddish brown product of rather 
high density. There is a family of red organic com
pounds known as rubrenes which might be described 
as highly branched chain polyphenyls of low molecu
lar weight, and it is very likely that the reddish diamond 
contains regions having rubrene structures derived 
from the polyphenyl starting material.

IV. Concluding Remarks
Aust, Bentley, and Drickamer9 have found that 

several kinds of large organic molecules, e.g., pentacene, 
hexacene, or violanthrene, appear to react with each 
other in a sort of cross-linking fashion at high pressures 
(200-500 kbars) and surprisingly low temperatures, 
190-300°K. Definite changes in the spectra and 
electrical behavior were thereby produced in these 
materials. They observed that the changes were 
more pronounced in single crystals than in polycrystal
line material, which could be said to illustrate in another 
way the importance of structural factors in reactions 
involving carbon at high pressures.

It is likely that some of the unusual chemical be
havior noted in the experiments described in this 
paper is not unique to carbonaceous materials but 
could probably be observed in other reactions carried 
out at high pressures and moderate temperatures. 
The elucidation of this behavior will probably not be 
easy, however, on account of the large numbers of 
complex large molecules which are likely to form.
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(9) R. B. Aust, W. H. Bentley, and H. G. Drickamer, J. Chem. 
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Exchange of Deuterium with the Hydroxyl Groups of Alumina
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The kinetics of the exchange of deuterium with the surface hydroxyl groups of alumina have 
been studied by infrared spectroscopy. It was observed that the reactivity of the different 
hydroxyl groups with deuterium varied. Of the three hydroxyl groups present (at 3785, 
3740, and 3710 cm.-1), the high-frequency one was found to be the most reactive. The 
kinetics of the exchange obey a logarithmic rate law similar to that observed frequently for 
chemisorption processes. The kinetics may be a consequence of surface heterogeneity. 
It was observed that the presence of platinum on the surface of the alumina increased the 
rate of exchange. However, the effect depended on the method of impregnation of the 
platinum, probably due to the presence or absence of halogen in the platinum salt used for 
the impregnation. A  study of the effect of platinum concentration for samples prepared 
by impregnation with chloroplatinic acid yielded complex results which may largely be a 
consequence of the presence of chlorine in the samples. Some evidence was obtained for a 
direct reaction (other than exchange) of deuterium with alumina at certain conditions.

The existence of hydroxyl groups on the surface of 
alumina has been shown by infrared spectroscopy.1’2 3 
Estimates of the concentration of such hydroxyl 
groups have been made by Hall and Lutinski8 using a 
technique based on the exchange of the hydroxyl 
hydrogen with deuterium as the temperature is slowly 
and continuously increased. The method was shown 
to be useful for distinguishing forms of hydrogen which 
have markedly different reactivities with deuterium. 
The results of these workers indicated the presence of 
at least three different forms of hydrogen on alumina. 
This agrees with the infrared studies of Peri and 
Hannan2 and of workers in this laboratory,4 * which 
have identified three different hydroxyl groups on 
alumina.

In the work of Hall and Lutinski,8 the exchange of 
deuterium with surface hydrogen was also studied with 
samples of alumina containing approximately 0.7% 
platinum. These samples were prepared by impreg
nation of alumina with chloroplatinic acid. It was 
observed that the presence of platinum did not mate
rially lower the concentration of surface hydroxyl groups 
on the alumina. Furthermore, it was concluded that 
the presence of platinum on alumina did not enhance 
the rate of exchange of deuterium with hydroxyl groups. 
However, it was also observed that the presence of

halogen (fluorine) on alumina markedly decreased the 
reactivity of the hydroxyl groups with deuterium. 
The platinum on alumina catalysts contained halogen 
by virtue of impregnation with chloroplatinic acid, 
and the authors pointed out that the presence of halogen 
very likely has a bearing on the comparison of the deu
terium-exchange activity of their alumina and platinum 
on alumina samples.

While the work of Hall and Lutinski has given a 
clear indication of the ease of exchange of deuterium 
with the hydroxyl groups of alumina and certain 
platinum on alumina catalysts, the kinetics of the ex
change were not investigated extensively. In the work 
discussed in the present paper, the kinetics of the ex
change of deuterium with the hydroxyl groups of alu
mina were studied in some detail. Additional informa
tion on the effect of platinum on the exchange was also 
obtained. The exchange reaction was followed by 
observing the change in the infrared spectrum (disap
pearance of OH and appearance of OD groups) as a

(1) D. G. Rea and R. H. Lindquist, 136th National Meeting of 
the American Chemical Society, Atlantic City, N. J., Sept. 1959.
(2) J. B. Peri and R. B. Hannan, J. Phys. Chem., 64, 1526 (1960).
(3) W. K. Hall and F. E. Lutinski, J. Catalysis, 2, 518 (1963).
(4) R. O. Steiner, J. L. Carter, and D. J. C. Yates, unpublished re
sults, Esso Research and Engineering Co., Linden, N. J., 1959.
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function of the time of exposure to deuterium. This 
was found to be a convenient way to follow the kinetics. 
There is also the additional interest that the study 
gives information on the exchange by another method, 
different from that employed by Hall and Lutinski. 
The infrared method is an especially good way to study 
the reactivity of a particular hydroxyl group on the 
surface, as distinct from simply measuring the over-all 
rate of exchange of deuterium with surface hydroxyl 
groups.

E x p e r i m e n t a l

Materials. The preparation of the A120 3 and Pt on 
A120 3 samples used in the present work has been de
scribed previously.5 6'6 The A120 3, designated (A) 
A120 3 in the previous publications, was prepared by 
heating ^-alumina trihydrate for 4 hr. at 600°. The
B.E.T. surface area of the final material was 295 m.2/g . 
The Pt on A120 3 catalysts were prepared by impregna
tion of the alumina with aqueous chloroplatinic acid, 
followed by drying at 120° and subsequent calcination 
in air for 1 hr. at 500°. Several Pt-Al20 3 catalysts were 
prepared using an aqueous solution of Pt(NH3)2- 
(N0 2)2 for the impregnation.

Most of the experiments on the exchange of deute
rium with the OH groups on alumina were made with 
a sample of (A) A120 3 which was wetted with distilled 
water in an amount equivalent to the quantity of im
pregnating solution used in the preparation of the 
platinum catalysts and then recalcined for 1 hr. at 
500°. This was done to ensure that the A120 3 and P t- 
A120 3 catalysts were treated as nearly as possible in 
the same manner prior to the deuterium-exchange 
experiments, so that the effect of the platinum on the 
exchange could be more clearly defined. The sample of 
(A) A120 3, wetted and subsequently recalcined in the 
manner described, is identified as (H) A120 3 in this 
paper.

The deuterium used in the exchange studies was 
supplied by the Matheson Co. and had a stated purity 
of 99.5%. The hydrogen was obtained from the Linde 
Co. Both gases were dried by passing them through 
a liquid nitrogen trap prior to use.

Apparatus. A detailed description of the apparatus 
has previously been reported5 in a study of the chemi
sorption of ethylene on alumina. The samples used 
were flakes 2 X  0.7 cm. in size with a “ thickness”  
of about 20 m g./cm .2. The flakes were prepared by 
pressing the powder at 15,000 p.s.i.

Procedure. The experiments reported in this paper 
were performed as follows. The samples were slowly 
heated to 600° while they were being evacuated. 
When the pressure reached 5 X 10“ 6 mm., the heating

Figure 1. Typical infrared spectra of (H) A I 2 O 3  as a 
function of time of treatment with D2 at 250° :
A, 0; B, 1; C, 10; D, 100; E, 1130 min.

was discontinued, and the sample was cooled to room 
temperature under vacuum. Some samples were 
reduced in hydrogen at 500° prior to a final outgassing 
to 5 X  10-6 mm. and were then cooled to room tempera
ture under vacuum. After cooling to room tempera
ture, the infrared spectrum was recorded. Following 
this, the sample was heated to the temperature to be 
used for the exchange experiment, and deuterium was 
admitted to the sample cell at a pressure of 15 cm. 
After the desired time had elapsed, the gas was evacu
ated from the cell. The sample was then cooled to 
room temperature and the spectrum again recorded. 
The amount of deuterium present during exchange cor
responded to a large excess, over 10 times the amount 
required to exchange all the surface hydroxyl groups.

R e s u l t s

The bulk of the data on deuterium exchange with 
the OH groups of alumina were obtained on the sample 
designated as (H) A120 3. Typical infrared spectra 
obtained at room temperature, before and after ex
posure to deuterium for varying periods of time, are 
shown in Figure 1. In the original spectrum, before 
exposure to deuterium, three different bands due to 
surface OH groups were observed. These bands 
occurred at wave numbers of 3785, 3740, and 3710 
cm._1. After exposure to deuterium, additional bands 
due to OD groups were observed at 2790, 2755, and

(5) P. J. Lucchesi, J. L. Carter, and D. J. C. Yates, J. Phys. Chem., 
66, 1451 (1962).
(6) P. J. Luechesi, J. L. Carter, and J. H. Sinfelt, J. Am. Chem. Soc., 
86, 1494 (1964).
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2730 cm.-1. The high-frequency OH group (3785 
cm.-1) exchanged more readily with deuterium than 
did the other OH groups. After exposure to deuterium 
for 10 min. at 150°, the 3785-cm.-1 band showed 
30% exchange compared to 9% for the 3740- and 3710- 
c m r 1 bands. However, the difference in exchange 
activity appeared to decrease with increasing tempera
ture. The remainder of the paper, including the data 
shown in Figures 2 through 5, is concerned with the 
high-frequency OH and OD groups.

Since the absorbance scale used in recording the in
frared spectra is a linear function of the amount of OH 
or OD present, the progress of the exchange reaction 
can be followed readily. Data showing the %  ex
change of the high-frequency OH group as a function 
of time over the (H) A120 3 at three different tempera
tures are given in Figure 2. The data show a good 
linear relationship between the per cent exchange 
and the logarithm of the time. Such a relation is 
frequently observed in chemisorption.7

In the experiments on (H) A120 3, the ratio of OD 
appearance (2790-cm.-1 band) to OH disappearance 
(3785-cm.-1 band) was essentially unity (Figure 3). 
The ratio was calculated simply as the ratio of the in
crease in absorbance of the OD to the decrease in 
absorbance of the OH, assuming the extinction co
efficients to be equal. The reaction with deuterium

Figure 2. Exchange of D2 with the hydroxyl groups 
of (H) A120 3: 0 ,7 5 °; □, 150°; A, 250°.

•SO°o
0

Figure 3. Ratio of OD appearance to OH disappearance 
on (H) A120 3: 0 ,7 5 ° ; □ ,150°; A, 250°.

Figure 4. Effect of Pt on the exchange of D2 with the 
hydroxyl groups of A120 3 at 150°. Pt impregnated on A120 3 with 
chloroplatinic acid solution: □, (H) A120 3; •*,, 0.001% Pt on 
A120 3; X ,  0.1% Pt on A120 3; ■, 0.6% Pt on A120 3.

Figure 5. Effect of Pt on the exchange of D2 with the 
hydroxyl groups of AI20 3. Pt impregnated on A120 3 with 
Pt(NH3)2(N 02)2 solution: O, (H) A120 3 at 75°; □, (H) A120 3 
at 150°; •, 0.6% Pt on A120 8 at 75°; ■, 0.6% Pt on A120 3 at 150°.

on the (H) A120 3 therefore appears to be limited to the 
exchange, there being no evidence for the additional 
formation of OD groups beyond that due to exchange. 
However, the situation does not appear to be the same 
for the (A) A120 3, which is different from the (H) 
A120 3 in that it was not wetted and recalcined. In the 
case of the (A) A120 3 there was evidence for a net for
mation of OD groups over and above that due to ex
change. A comparison of the ratios of OD appearance 
(2790-cm.-1 band) to OH disappearance (3785-cm.-1 
band), as well as the extents of OH exchange, for the 
(A) A120 3 and (H) A120 3 at 150° is given in the tabula
tion

Time on D2, ✓---- % OH exchanged— > ,--------OD/(100 — OH)-------->
min. (A) AlsOa (H) AI2O8 (A) AliOs (H) AI2O3

2 21 19 1.3 0.95
10 29 29 1.4 1.0

(7) B. M. W. Trapnell, “ Chemisorption,”  Butterworth and Co. 
Ltd., London, 1955, p. 106.
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Thus, while the extent of OH exchanged is the same for 
(A) A120 3 and (H) A120 3, there is an additional reaction 
of deuterium with the surface in the case of (A) A120 3.

Impregnation of alumina with platinum was found 
to increase the rate of exchange of deuterium with the 
surface OH groups, as shown in Figures 4 and 5 for 
the high-frequency OH group (3785 cm.-1). In the 
data presented in Figure 4 the platinum was im
pregnated from an aqueous chloroplatinic acid solution. 
An interesting dependence of the exchange on platinum 
concentration was found. On addition of 0.001% 
platinum, the exchange increased. However, further 
increase in the platinum concentration resulted in a 
decrease in the rate of exchange, until at 0.6%  platinum 
the rate was not significantly higher than that observed 
with the alumina alone. In the data presented in 
Figure 5 the platinum was impregnated from an aque
ous solution of Pt(NH3)2(N0 2)2. Here the data 
indicate that the presence of platinum significantly 
increases the rate of exchange even at the 0.6%  plati
num level, whereas in the samples prepared from chloro
platinic acid the effect was significant only at much 
lower platinum levels.

The results presented to this point are all for samples 
which were simply heated to 600° and outgassed prior 
to the exchange measurements. Data obtained on 
samples of Pt-AhCh prepared from Pt(NH3)2(N 02)2, 
in which the platinum was reduced in H2 for 1 hr. 
at 500° prior to the final outgassing, showed little 
effect of the reduction on the subsequent rate of ex
change of deuterium with the OH groups. Data on 
the extents of exchange after 1 hr. at 150° are shown 
below for a Pt-Al20 3 sample containing 2 wt. %  plati
num, and for a (H) A120 3 sample for comparison

-----------Ptr-AlsO*---------- ■%
Reduced Not reduced (H) AI2O8

% OH Exchanged 45 46 34

The difference shown between the reduced and non- 
reduced samples is probably within experimental 
error and not significant. Note that the extent of ex
change of the 2%  Pt sample is about the same as was 
observed on the 0.6% Pt sample (Figure 5) after 1 hr. 
at 150°. Thus, increasing the platinum content above 
0.6%  appears to have little effect.
Discussion

The present work has demonstrated the use of the 
method of infrared spectroscopy for studying the 
kinetics of a surface process involving the reaction of 
deuterium molecules from the gas phase with surface 
hydroxyl groups on alumina. Thus, infrared data are 
useful for characterizing reactivity as well as the struc
ture of adsorbed species.6’6’8

The observation of the present work that the high- 
frequency OH group exchanged faster than the lower- 
frequency groups appears to differ from the results of 
Peri and Hannan2 on alumina. These investigators 
reported that the lowest-frequency group frequently 
exchanged faster than the others. However, they used 
a 7-alumina, whereas the present work was conducted 
with ^-alumina, a crystallographically different form. 
The detailed surface environment of the OH groups on 
these aluminas could be quite different and could play 
an important role in determining the exchange activity 
of the OH groups. Furthermore, the exchange data 
reported by Peri and Hannan were obtained in a higher 
temperature range, 250-500°, compared to the range 
75-250° used in the present work. The results of the 
present study indicate that the differences in the rates 
of exchange of the various groups decrease with in
creasing temperature, and it is possible that the order 
of exchange activity might change at a sufficiently high 
temperature.

The reaction of deuterium with the surface hydroxyl 
groups of alumina is characterized by a strong decelera
tion of the rate as the reaction proceeds. The kinetics 
are best described by an exponential rate law, which is 
typical of many chemisorption processes.7 In the 
present case, if we let x equal the fraction of OH groups 
exchanged after exposure to deuterium for a time t, 
the rate law is

dx
r =  — =  6 exp(— ax) (1)

where b and a are parameters which are functions of 
temperature. These parameters can be evaluated 
from a plot of In (dx/dt) vs. x, which is a straight line 
with slope equal to —a and intercept equal to In b. 
The values of dx/dt for various values of x can con
veniently be evaluated by noting that dx/dt =  1/t- 
(dx/d In i). The quantity (da;/d In t) is the slope of a 
plot of x vs. In t, which in the case of the (H) A120 3 
can be obtained from Figure 2. The values of the 
parameters b and a as a function of temperature are 
summarized in Table I. From the temperature de-

Table I: Effect of Temperature on the Parameters b and a

Temp., °C. b, sec.-1 a

75 2.8 X  lO"6 28.6
150 6.1 X 10-4 23.1
250 2.9 X 10"3 12.9

(8) J. L. Carter, P. J. Lucchesi, J. H. Sinfelt, and D. J. C. Yates, 
Actes Congr. Intern. Catalyse, 3°, Amsterdam, 1964, &44 (1965).
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pendence of b the apparent activation energy E0 at 
the beginning of the exchange (i.e., at x =  0) can be 
calculated. When this is done, it is found that E0 
varies somewhat with temperature. In the range 75 
to 150°, E0 is 12 kcal./mole, decreasing to 7 kcal./mole 
in the range 150 to 250°. The parameter a character
izes the decrease in the exchange activity as the re
action proceeds and can be related to an increase in 
activation energy during the course of the exchange. 
This, in turn, may be a consequence of surface hetero
geneity. With regard to the detailed mechanism of the 
exchange, the information available is not sufficient 
to establish this with any certainty. Exchange re
actions of the type discussed here may be more com
plex than is initially apparent. For example, as Peri 
points out,9 the exchange of deuterium with surface 
hydroxyl groups does not require substitution of 
deuterium on the same site from which the hydrogen 
was removed. It is conceivable that a surface OD 
group could form by interaction of deuterium with an 
oxide ion with subsequent removal of hydrogen from an 
adjacent hydroxyl site. Finally, surface migration 
processes could be involved; e.g., deuterium could 
dissociate at selected sites on the surface and then 
migrate to hydroxyl groups to exchange, similar to the 
mechanism of Porter and Tompkins10 for hydrogen 
chemisorption on metals.

Turning now to the observed effect of platinum on 
the exchange, it should be noted that most of the data 
were obtained with nonreduced Pt-Al2Oa samples. 
The promotional effect of platinum on the exchange 
with such samples is similar to the results of Hall and 
Lutinski.3 These authors point out that reaction of 
deuterium with the oxygen on the platinum leads to 
formation of D20 , thus providing another mechanism 
of exchange in the system. They also indicated that 
the exchange was not enhanced if the platinum was 
reduced but was actually decreased. However, they 
obtained data showing that the presence of halogen 
markedly decreased the exchange activity. Since their 
Pt-Al203 samples all contained chlorine, the true

effect of the platinum was obscured, as the authors 
pointed out. In the present work, the effect of re
ducing the platinum was investigated using Ptr-Al20 3 
samples prepared from a nonhalogen containing plati
num salt to avoid the complications due to the halogen. 
While extensive data were not obtained on reduced 
samples, the available results indicate that the rate 
of exchange on a reduced platinum-containing sample 
is higher than that on alumina. Thus, when the 
alumina is impregnated with a nonhalogen-containing 
platinum salt, the rate of exchange is increased regard
less of whether the platinum is reduced or not. These 
results are therefore taken as evidence of a cooperative 
effect of platinum in the exchange of deuterium with 
the hydroxyl groups of alumina. It may be that the 
effect involves transport of active species between 
platinum sites and sites on the alumina surface. It 
seems possible that deuterium would dissociate on 
platinum sites and subsequently migrate to hydroxyl 
groups on the alumina to exchange. The platinum 
sites would thus serve as a source of reactive deuterium 
atoms.

The interfering effect of the halogen observed in the 
work of Hall and Lutinski may account for the un
usual dependence of the rate of exchange on the 
platinum concentration in the chloroplatinic acid 
preparations used in the present study. The decrease 
in the rate of exchange with increasing platinum con
centration above the 0.001%  platinum level may be 
related to the increasing halogen content. It seems 
possible that halogen displaces some of the more re
active OH groups from the surface, with the remaining 
OH groups exhibiting a lower over-all reactivity than 
is observed with the original OH groups on alumina. 
Alternatively, the halogen may serve as a trap for re
active species (deuterium atoms) migrating between 
platinum sites and hydroxyl groups on the alumina.

(9) J. B. Péri, J. Phys. Chem., 69, 220 (1965).
(10) A. S. Porter and F. C. Tompkina, Proc. Roy. Soc. (London), 
A217, 529 (1953).
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Proton Magnetic Resonance and Infrared Studies of Hydrogen Bonding

in Tri-n-octylammonium Salt Solutions1®

b y  W .  E .  K e d e r  a n d  L .  L .  B u r g e r

Chemical Laboratory, Battelle Northwest,lb Richland, Washington (.Received March SO, 1965)

Cation-anion hydrogen bonding in tri-ra-octylammonium salt solutions has been studied 
by measuring nuclear magnetic resonance and infrared absorption spectra. Solutions 
of tri-w-octylammonium salts were prepared by equilibration of tri-w-octylamine (TOA) in 
CC14 with aqueous acids. A  linear relationship between chemical shift of the N -H  proton 
and stretching frequency of the N -H  (or N -D ) group was found to exist although devia
tions were found for some salts containing larger anions. Relative strengths of the tri-n- 
octylammonium-anion hydrogen bonds are discussed.

I n t r o d u c t i o n

The partition of acids and of metal ions between 
aqueous acid solutions and organic solutions of long- 
chain alkylamines has been the Subject of considerable 
recent interest.2 In the process of this extraction, 
alkylammonium salts are formed in which the anions 
either are those of the acid present or are complex metal 
anions. Many salts of this type are very soluble in low 
dielectric constant solvents, and the low conductivities 
of their solutions indicate that they are in the form of 
nondissociated ion pairs.3 Formation of larger aggre
gates has also been found in some alkylammonium salt 
solutions.4 5 Hydrogen bonding would be expected to 
contribute to the interionic association in these solu
tions and perhaps to the formation of the larger aggre
gates. In the present work an attempt has been made 
to study the strength of cation-anion hydrogen bonding 
in solutions of tri-n-octylammonium salts by measure
ment of infrared and nuclear magnetic resonance spec
tra. Some preliminary measurements have already 
been reported.6

Both n.m.r. and infrared techniques have been used 
extensively in the past to study hydrogen bonding.6 
Sandorfy and co-workers have studied cation-anion 
hydrogen bonding in alkylammonium salts previously 
but mainly in the solid phase.7 Hydrogen bonding to 
anionic proton acceptors in other systems has also been 
studied recently by several workers.8 Reeves, et al., 
have studied intramolecular hydrogen bonding which, 
like the interionic bonding in the alkylammonium salts,

remains intact at all measurable concentrations in non
participating solvents.9 Fraenkel has measured n.m.r. 
spectra of some anilinium salts in solution and discussed 
cation-anion interaction.10

(1) (a) Work performed under Contract No. AT(45-1)-1350 be
tween the Atomic Energy Commission and the General Electric Co. 
Presented at the 18th Northwest Regional Meeting of the American 
Chemical Society, Bellingham, Wash., June 18, 1963; (b) formerly 
Hanford Laboratories, General Electric Co.
(2) See, for example, Y. Marcus, Chem. Rev., 63, 139 (1963); G. H. 
Morrison and H. Freiser, Anal. Chem., 36, 93R (1964).
(3) J. M. P. J. Verstegen, Trans. Faraday Soc., 58, 1878 (1962) ;
G. Duyekaerts, J. Fuger, and W. Millier, “ L’Extraction Liquide- 
Liquide par de Chlorhydrate de Trilaurylamine,” EURATOM 
Report No. EUR 426. f, Brussels, Belgium, 1963,
(4) E. Hôgfeldt, Svensk Kem. Tidskr., 76, 4 (1964).
(5) W. E. Keder and A. S. Wilson, Nucl. Sci. Eng., 17, 287 (1963) ; 
W. E. Keder, A. S. Wilson, and L. L. Burger, “ Amine Systems in 
Solvent Extraction,”  presented at the Symposium on Aqueous 
Reprocessing Chemistry for Irradiated Fuels, OECD European 
Nuclear Energy Agency, Brussels, April 1963.
(6) O. C. Pimentel and A. L. McClellan, “ The Hydrogen Bond,” 
W. M. Freeman, San Francisco, Calif., 1960; D. Hadzi, Ed., “ Hy
drogen Bonding,” Pergamon Press, Inc., New York, N. Y., 1959.
(7) B. Chenon and C. Sandorfy, Can. J. Chem., 36, 1181 (1958); 
C. Brissette and C. Sandorfy, ibid., 38, 34 (1959) ; P. Sauvageau and 
C. Sandorfy, ibid., 38,1901 (1960).
(8) H. Lund, Acta Chem. Scand., 12, 298 (1958); J. Bufalini and K.
H. Stem, J. Am. Chem. Soc., 83, 4362 (1961) ; J. B. Hyne and R. M. 
Levy, Can. J. Chem., 40, 692 (1962); J. B. Hyne, J. Am. Chem. Soc., 
85, 304 (1963); A. Allerhand and P. von R. Schleyer, ibid., 85, 1233 
(1963); G. Kotowycz, T. Schaefer, and E. Bock, Can. J. Chem., 42, 
2541 (1964).
(9) L. W. Reeves, ibid., 38, 748 (1960); L. W. Reeves, E. A. Allan, 
and K. O. Str0rrime, ibid., 38, 1249 (1960); E. A. Allan and L. W. 
Reeves, J. Phys. Chem., 66, 613 (1962); 67, 591 (1963); J. R. 
Merrill, ibid., 65, 2023 (1961).
(10) G. Fraenkel, J. Chem. Phys., 39, 1614 (1963).
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E x p e r i m e n t a l

The tri-n-octylamine (TOA) used was obtained from 
the Eastman Kodak Co. in the form of the solid hydro
chloride. This material had been purified by the 
method of Wilson and Wogman,11 and it was found to 
be stable over a period of several years at room temper
ature. The free amine form was prepared by repeated 
washing of the hydrochloride with aqueous ammonia 
and water. It was a nearly colorless, viscous liquid 
when first prepared, but it gradually became yellow, and 
a small amount of white solid precipitated over a period 
of several months. Carbon tetrachloride solutions 
of the free amine were found to be still less stable than 
the pure TOA, and evidence of decomposition was noted 
within 24 hr. after preparation of such solutions. As a 
consequence, all TOA solutions were prepared immedi
ately before use. Other chemicals used were reagent 
grade.

Infrared spectra were measured with a Perkin-Elmer 
Model 521 spectrophotometer, using CaF2 or Irtran II 
cells. Proton magnetic resonance spectra were ob
tained with a Varian DP-60 instrument and the audio 
side-band technique was used to measure chemical 
shifts. The probe temperature (33 ±  2°) was con
trolled only by room air conditioning.

Each salt solution was formed by stirring a quantity 
of amine solution vigorously for 5-10 min. with an equal 
volume of the appropriate aqueous acid or metal salt- 
acid solution. Infrared and n.m.r. spectral measure
ments were made on the solutions thus prepared. The 
infrared spectrum was also measured of a corresponding 
solution in each case which was prepared by extraction 
from acid which was as nearly deuterated as it is possi
ble to make with 99.8% D 20  and a minimum amount of 
nondeuterated, concentrated acid. The latter measure
ments proved convenient since there was no overlap of 
C-H  stretching and N -D  stretching frequencies in any 
of the salts studied.

R e s u l t s  a n d  D i s c u s s i o n

Hydrogen bonding has been, perhaps, most widely 
studied by infrared spectroscopy.6 In general, the 
effect of hydrogen bond formation upon the stretching 
mode in which the proton is involved is particularly 
marked. The frequency is shifted to lower values, the 
absorption peak is very much broadened, and the peak 
intensity is greatly increased. In many solutions 
which are only partially hydrogen bonded two stretch
ing frequencies can be observed, and equilibria have 
been studied by relative intensity changes with dilution 
and temperature variations. Complete hydrogen bond
ing would be expected in the substituted ammonium 
salt solutions, however, since conductivity measure

ments indicate that these solutions are not dissociated.3 
In this case the value of the N -H  stretching frequency 
may be used as an indication of the hydrogen bond 
strength.12

Proton magnetic resonance measurements have also 
been widely applied to the study of hydrogen bonding. 
Large downfield chemical shifts 3 are normally obtained 
for the protons involved, making this technique po
tentially more precise than infrared.6-13 Correlations 
between chemical shift and stretching frequency and 
between chemical shift and the enthalpy of hydrogen 
bond formation have been made and have been shown 
to be linear in certain cases.9-14 Reeves has emphasized 
that it is important to determine 3-values for complete 
hydrogen bond formation when making such correla
tions. For incompletely bonded systems only a single 
resonance peak with a weighted average 3 is usually 
observed because of rapid exchange of protons between 
bonded and unbonded sites.

In this work the infrared and n.m.r. spectra of CCL 
solutions of tri-n-octylammonium salts containing a 
wide variety of anions were measured. All solutions 
were measured at 0.22 M  concentration, and the chlo
ride, nitrate, and perchlorate solutions were measured 
over the concentration range from 0.01 to 0.5 M. As an 
example of the results obtained, Figure 1 shows the 
infrared spectrum of 0.22 M  TOA in CC14 (a) as pre
pared, (b) after contacting with 1 N  HC1, and (c) after 
contacting with partially deuterated 1 N  HC1. The 
N -H  and N -D  stretching absorption peaks are seen to 
be very broad and intense, and they occur in this case 
at 2420 and 1890 cm.-1, respectively, frequency values 
which indicate strong hydrogen bonding. For the 
other salts studied rN-n-values range upward to about 
3100 and j>n - d  to 2270 cm.-1, indicating significantly 
weaker hydrogen bonding. Dilution of the chloride, 
nitrate, and perchlorate salts causes either no change in 
rN-H or a shift to lower frequency. This effect will be 
discussed below.

It is of interest to note in passing that the stretching 
frequency spectrum of water dissolved in these solutions 
is significantly different from that dissolved in CCI4 
alone. For the tri-w-octylammonium chloride solution 
the frequencies are 3380 and 3760 cm.-1 compared to 
3615 and 3705 cm.-1, and the lower frequency peak is

(11) A. S. Wilson and N. A. Wogman, J. Phys. C h e m 66, 1552
(1962) .
(12) See, for example, G. Aksnes and T. Gramstad, Acta Chem. 
Scand., 14, 1485 (I960); T. Gramstad, ibid., 15, 1337 (1961).
(13) J. A. Pople, W. G. Schneider, and H. J. Bernstein, “ High-reso
lution Nuclear Magnetic Resonance,” McGraw-Hill Book Co., Inc., 
New York, N. Y., 1959, Chapter 15.
(14) J. D. Ferraro and D. F. Peppard, J. Phys. Chem., 67, 2639
(1963) .
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Figure 1. Infrared spectra of (a) 0.22 M  TOA in CCI4,
(b) 0.22 M  tri-n-octylammonium chloride in CCI4, and (c) the 
same prepared from partially deuterated hydrochloric acid.

Figure 2. Proton magnetic resonance spectra of (a) 0.22 M  

TOA in CCh and (b) 0.22 M  tri-n-oetylammonium chloride, 
showing chemical shifts relative to the methyl resonances.

relatively much broader and more intense. This spec
tral change and the fact that the solubility of water is 
much greater than in CC14 alone suggest specific bonding 
between the water and the salt.6

In Figure 2 the n.m.r. spectrum of 0.22 M  TOA in 
CCI4 is shown (a) before and (b) after equilibration

with 1 N  HC1. Formation of tri-n-octyl ammonium 
chlorides by extraction of HC1 introduces the N -H  
resonance at 10.7 p.p.m. downfield from CH3 and (in 
this case) a resonance just upheld from a-methylene. 
The latter resonance has been shown previously to be 
due to a combination of dissolved water and acid in 
excess of the stoichiometric amount.6 This spectrum 
shows that for tri-ra-octylammonium chloride solutions 
dissolved water protons exchange rapidly (in <  10-3 
sec.) with the excess acid present but that neither ex
changes rapidly with the proton on the nitrogen. The 
latter slow exchange rate makes it possible to determine 
a chemical shift value which is a property of the N -H  
proton alone. In certain other TOA salt solutions 
rapid exchange of N -H  protons does take place, making 
it impossible to obtain 5N_H-values. Infrared results 
for some of these salts are listed in Table I.

Table I : Stretching Frequencies for 
Tri-n-octylammonium Salts

Anion »■N-D »■N-H

h f 2- 1925
n 3- (1950) 2530
FeCLr 2300 3050
h 2p o 4- 1875 2450
p t c v - 26001dH-f 2100
h s o 3- 2030 2620
C0C142- 2620

To support the argument that tri-n-octylammonium 
salts do not dissociate at the concentrations of interest 
here, n.m.r. spectra of some representative examples 
were measured over the range 0.01 to 0.5 M  in CCI4. If 
ion pair dissociation occurred upon dilution of these 
salts it should cause a large shift of the N -H  resonances 
in an upheld direction. A downfield shift was actually 
observed, however, when the chloride, nitrate, and per
chlorate salts were diluted, as is shown in Figure 3. A 
detailed investigation of this dilution behavior has not 
yet been made, but since the 5-values are nearly in
dependent of concentrations above 0.1 M, a concentra
tion of 0.2 M  was chosen as acceptable for comparison 
of the N -H  chemical shifts for the salts of interest here.

While a shift of the N -H  resonances to lower mag
netic fields upon dilution of these solutions had not been 
predicted, it is perhaps not unreasonable to suggest 
that this is the result of the breakup of dimers (poly
mers) of the salts involved. It seems reasonable that a 
diminution in the dipole-dipole interaction between 
such ion pairs would result in the reinforcement of the
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Molarity of tri-rc-oetylammoimim salts in CCU.

Figure 3. Chemical shift of N-H protons of 
tri-ra-oetylammonium salts to. concentration in CCI4.

ion-ion interaction and hence in an increase in hydrogen 
bond strength, thus causing an increased downfield 
shift within the rather poor limit of accuracy at the 
lower concentrations. The 5-values for the nitrate and 
chloride salts form a straight line when plotted against 
the square root of total salt concentration. This may 
be taken as an indication that dimer formation alone is 
involved at these concentrations. No extensive studies 
on degree of aggregation of these salts in CCU have yet 
been made. The few boiling point measurements of 
Fomin and Potapova15 16 show complete dimer formation, 
however, at a concentration of 0.1-0.2 M  tri-n-octyl- 
ammonium nitrate in CCI4. Similar salts in hydrocar
bon solvents have shown aggregation of about this 
magnitude.4

Infrared spectra would be expected to show separate 
N -H  stretching frequencies for the independent ion 
pairs and for their dimers. The great width of these 
bands has made this observation difficult. Significant 
shifts toward lower frequencies upon dilution were 
found and are in general agreement with the n.m.r. 
results.

In Figure 4 chemical shifts 5N_H for a number of TOA 
salts with univalent anions are plotted against stretch
ing frequencies w - d obtained for corresponding salts 
prepared with deuterated acids. The chemical shift 
values are measured from the TOA methyl resonance 
which is 0.91 p.p.m. downfield from internal tetra- 
methylsilane. The points fall on a straight line within 
the estimated errors of the measurements which are 
±  0.2 p.p.m. in S and ±  30 cm._1 in v.

The chemical shift value for tri-w-octylammonium 
cyanide was obtained with a salt prepared by meta- 
thesizing dry tri-n-octylamrnonium chloride in CCI4 
with solid AgCN. Exclusion of water was necessary

Chemical shift p.p.m. downfield from methyl group.

Figure 4. Chemical shifts of N-H protons in 
tri-ra-octylammomum salt solutions plotted 
against N-D stretching frequencies of corresponding 
salts prepared with deuterated acids.

because of the rapid exchange of protons between it and 
the N -H  site. In the process of this experiment it was 
shown that the fo-H-value for tri-ra-octylammonium 
chloride is the same for dry CCI4 solution as for a solu
tion in equilibrium with 1 N  HC1 though, of course, in 
the former the water proton resonance is missing. 
This is a good indication that the varying amounts of 
water which extract into the different salt solutions 
studied do not interfere with the N -H  chemical shifts 
obtained if an independent N -H  resonance is in fact 
available.

The HC12~ salt was prepared by equilibration of the 
TOA-CCI4 with 10 N HC1. Earlier experience had 
shown that such a solution contains 2 moles of HC1/ 
mole of TOA and that the N -H  resonance is separate 
from that of the water-hydrogen bichloride combina
tion.6 Attempts to obtain 5N-H-values for F~ and 
HF2_ salts were unsuccessful even when anhydrous HF 
was used. Infrared spectra indicated that only the 
HF2-  salt is formed, even when the TOA/HF ratio is 
much greater than l .16 Rapid exchange between the 
N -H  and the HF2_ protons apparently prevents one 
from obtaining a 5N_H-value for the hydrogen bifluoride 
salt.

The fact that a linear relationship between S and v is 
obtained suggests that both properties have the same 
functional relationship to hydrogen bond strength. It 
seems reasonable that both properties may be linear in 
enthalpy of bond formation since this would be the 
most simple case. Although many examples to the 
contrary are known,6 such a linear relationship with

(15) V. V. Fomin and V. T. Potapova, Russ. J. Inorg. Chem., 8, 
509 (1963).
(16) T. C. Waddington, J. Chem. Soc., 1708 (1958).
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Chemical shift, p.p.m . downfield from methyl group.

F i g u r e  5 .  C h e m i c a l  s h i f t s  o f  N - H  p r o t o n s  i n  C C I 4 s o l u t i o n s  
o f  T O A  h a l i d e s  a n d  p o l y h a l i d e s  p l o t t e d  a g a i n s t  N - H  a n d  
N - D  s t r e t c h i n g  f r e q u e n c i e s  o f  t h e  s a m e  o r  c o r r e s p o n d i n g  
d e u t e r a t e d  s a l t s  ( l i n e  t r a n s f e r r e d  f r o m  F i g u r e  4 ) .

hydrogen bond strength has been observed in the past.14 
This relationship is likely confined to cases in which 
neither the proton acceptors nor the donors are very 
different. The present measurements cannot decide 
this point. If it is assumed that the chemical shift vs. 
enthalpy relationship for these tri-n-octylammonium 
salts is the same as that found for the group of com
pounds studied by Ferraro and Peppard, the hydrogen 
bond contribution to the ion pair formation in these 
salts is in the range of 4.0 to 5.4 kcal./mole.14

In Figure 5, <5N- h-values, which were obtained for 16 
tri-n-octylammonium halides and polyhalides, are 
plotted against N -H  and N -D  stretching frequencies 
measured for the same, or corresponding deuterated, 
solutions. The polyhalides were prepared according 
to the indicated stoichiometry by introduction of the 
proper amounts of elemental halogens into the TOA 
solutions during the process of equilibration with the 
aqueous acids. Only the polyhalide ions shown are 
available by this technique since introduction of a 
halogen into a solution of a halide lower in the periodic 
table would result in reduction of the halogen by halide 
ion from the aqueous phase during the process of ex
traction. The exact ionic constitution of the solutions 
measured is not known and may be a mixture of poly
halide anions averaging the designated stoichiometry.

Chemical shift, p.p.m . downfield from  methyl group.

F i g u r e  6 .  Sn - h  vs. vn- d f o r  0 . 2 2  M  t r i - r e - o c t y l a m m o n i u m  s a l t s  
o f  m o r e  c o m p l e x  a n i o n s  ( s o l i d  l i n e  t r a n s f e r r e d  f r o m  F i g u r e  4 ) .

The single (but very broad) infrared absorptions indi
cated, however, that only one anionic species was 
present in each case.

The points for the polyhalides also lie on a straight 
line within experimental error. The fine through the 
N -D  stretching data is the same as that shown in 
Figure 4. The values of both pN- d and 5n- h indicate 
that, of the ions studied, chloride forms the strongest 
hydrogen bonds. As would be expected, the strength 
of bonding decreases with increasing anion size. An 
interesting order of hydrogen bond strength emerges 
from these polyhalide data. The bond strength is 
dependent upon the identity of the halide ion and upon 
the number of halogen atoms attached to it but appears 
to be nearly independent of the identity of the latter 
halogen atoms.

In Figure 6 we have plotted vN- d  v s . 5n_h for tri-n- 
octylammonium salts of some more complex anions. 
In this case the points lie well above the solid line, 
which again has been transferred from Figure 4, and 
they appear to form a fine parallel to it. The position 
of these points corresponds to a greater chemical shift 
for a given N -D  stretching frequency. The reason for 
this “ extra”  chemical shift may be connected with the 
symmetry of the electron density along the H anion 
fine. As Pople, et al.,17 have pointed out, loss of axial 
symmetry would be expected to produce a downfield 
chemical shift.

The relative strength of anion-cation hydrogen bond
ing in the tri-n-octylammonium salts studied is in the 
expected order of electrostatic interaction. It is of 
interest to note that the most weakly hydrogen-bonded 
salts are those whose anions extract most strongly.2’11

(17) See ref. 13, p. 408.
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This indicates that the anion-cation bonding in the 
organic phase is of little importance in determination 
of the relative anion extractability. Rather, it appears 
that those anions which are the best proton acceptors 
extract most poorly because of their greater solvation

in the aqueous phase. Diamond, et al.,18 have suggested 
this explanation in their discussion of the selectivity of 
anion-exchange resin.

(18) B. Chu, D. C. Whitney, and R. M. Diamond, J. Inorg. Nucl. 
Chem., 24, 1405 (1962).

Studies of the Hydrogen Held by Solids. VII. The Exchange of the 

Hydroxyl Groups of Alumina and Silica-Alumina Catalysts with 

Deuterated Methane

b y  J o h n  G. L a r s o n  a n d  W .  K e i t h  H a l l

Mellon Institute, Pittsburgh, Pennsylvania (.Received March SI, 1965)

The exchange of CD4 (CH4) with the OH (OD) groups of silica-alumina and alumina 
catalysts was studied and the mixing of isotopes between CH4 and CD4 was investigated. 
Over alumina, mixing took place at a readily measurable rate at room temperature with an 
activation energy of 5.7 kcal./mole. It was found that the reaction was catalyzed by a 
small number (~ 5  X 1012/cm .2) of active sites and involved exchange with only about 
1%  of the catalyst hydroxyl groups. The surface density of active sites was measured 
by selective poisoning with C 02, NO, H20 , C2H4, and C3H6. A  primary isotope effect 
was found for the exchange of CH4 with D2 compared with CD4 with H2, indicating that 
the rate-determining step involved the dissociation of a CH or a CD bond. The rate of 
the mixing reaction was limited by the slowest step, i.e., the rupture of a CD bond. Over 
sihca-alumina, the activation energy for mixing was 33.4 kcal./mole; the reaction did 
not take place at a measurable rate below about 450°. As the surface hydroxyl groups 
are mobile at this temperature, all of the catalyst hydrogen was available for exchange. 
Therefore, the catalyst hydrogen content could be measured by exchange with CD4. Such 
results were in good agreement with those resulting from other methods. It was shown 
that isotopic mixing between CD4 and CH4 was a stepwise process, proceeding through 
exchange with catalyst hydroxyl groups, and that there was a primary isotope effect between 
exchange of CH4 with OD and CD4 with OH.

I n t r o d u c t i o n

In 1948, Parravano, Hammel, and Taylor1 reported 
that CD4 and CH4 could be equilibrated over a silica- 
alumina cracking catalyst. They cited the disap
pearance of CD4 as evidence that the C -D  bond was

ruptured during chemisorption and suggested that this 
step is a necessary prerequisite to catalytic cracking. 
A  thorough study was not made; the data were suf- * 70

(1) G. Parravano, E. Hammel, and H. S. Taylor, J. Am. Chem. Soc.,
70, 2269 (1948).
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ficient to outline only the gross aspects of the kinetics. 
It was not possible to decide, for example, whether the 
equilibration of a CD4-CH4 mixture involved a bi- 
molecular interaction or an exchange with the catalyst 
hydroxyl groups. While exchange between deuterated 
catalysts and a number of hydrocarbons has been 
examined, it appears that no further studies have been 
made with CH4. It was deemed worthwhile, therefore, 
to extend our studies of the interactions between 
paraffin hydrocarbons and acidic surfaces to include 
this molecule.

Experiments were made in which CD4 (CH4) was 
circulated over the catalyst; the exchange reaction 
with catalyst OH (OD) groups was continually moni
tored via a capillary leak into a mass spectrometer. 
The mixing of isotopes between CH4 and CD4 was also 
studied.

E x p e r i m e n t a l

Catalysts. The silica-alumina catalyst was from 
a batch of Houdry M-46 used previously2 in related 
studies with isobutane. It contained about 12.5% 
AI2O3 and was found to have a surface area of 270 m.2/g . 
The high purity silica gel sample had a surface area of 
565 m.2/g .; spark spectral analysis indicated a total 
metallic impurity of less than 10 p.p.m. The alumina 
sample was prepared from the neutral hydrolysis of 
aluminum isopropoxide. Its surface area was 158
m.2/g . and its total metallic impurity level was less 
than 50 p.p.m. Further information concerning its 
properties is detailed elsewhere.3

Catalyst Pretreatment. Oxygen at 100 torr was 
circulated over the catalyst at 515° for 16 hr. A liquid 
nitrogen cooled trap in the circulating loop collected any 
H20  or C 02 formed. When a deuterated catalyst was 
required, the catalyst was then repeatedly exchanged 
with D 2 gas at 515° until the catalyst hydrogen ap
proached the deuterium content of “ pure”  D 2 (99 atom 
%  D or better), as indicated by the mass spectral 
analysis.4 5 The catalyst was again treated with oxygen, 
after the hydrogen exchange, and finally was subjected 
to a 16-hr. evacuation at 515°.

Gases. A center cut of Phillips research grade 
methane was taken during vacuum transfer. Methane- 
di, methane-d3, methane-^, and methane-di were from 
Merck Sharp and Dohme of Canada, Ltd. These 
were further purified by the same method. The pro
pylene and ethylene were both Phillips research grade 
and were used without further purification except for 
“ degassing” by repeated cycles of freezing, pumping, 
and thawing. Carbon dioxide was obtained from the 
Matheson Co. After degassing, mass spectral analysis 
showed no detectable impurities. Matheson nitric

oxide was purified by passage through a silica gel 
column, followed by fractional distillation. Deuterium 
was obtained from General Dynamics Corp. Its 
isotopic purity was specified to be 99.5 atom %  D. 
Matheson hydrogen was electrolytic grade. Both 
hydrogen and deuterium were given a final purifica
tion by diffusion through separate heated palladium 
thimbles.

Equipment and Procedures. The exchange experi
ments were conducted under conditions of a differential 
reactor. The gas phase was circulated in a loop over 
the catalyst by a small all-glass pump.6 The reaction 
was monitored by allowing the gas phase to leak con
tinuously into a modified CEC 21-611 mass spectrom
eter. The capillary leak was constructed from a 6-in. 
length of copper tubing with an i.d. of 0.008 in. It 
was constricted at one point to give the proper flow 
rate. The end of the capillary was located in the 
center of the flow tube to ensure representative 
sampling. The calculated time delay through the 
capillary was of the order of a few seconds. The rate 
of circulation was rate limiting only when reaction 
half-times became less than a few minutes. The 
catalyst was thermostated to ±0 .5° by an automati
cally controlled electric furnace above 100° and by 
liquid baths below this temperature. Specific quanti
ties of gases or mixtures of gases could be transferred 
quantitatively from a calibrated gas buret attached to 
the circulating loop. In poisoning experiments, the 
quantity of the poison added to or removed from the 
catalyst was determined by measurement in the buret 
system, which was also used for the preparation of 
mixtures.

Treatment of Data. The methane exchange was 
followed by scanning m/e peaks 14 to 20. In cases 
where the composition was changing rapidly, m/e 
values were plotted against time and smooth curves 
were constructed to get the relative peak heights at 
the same instant of time. The isotopic composition 
was then calculated using cracking patterns deter
mined for each of the isotopic methanes. Relative sensi
tivities for the isotopic methanes were determined 
from binary mixtures. Corrections to the observed 
spectra for background were made (primarily H20  
at m/e 18 and 17). The good agreement between a 
statistically calculated methane equilibrium distribu

(2) J. G. Larson and W. K. Hall, J. Am. Chem. Soc., 85, 3570 (1963).
(3) W. K. Hall and F. E. Lutinski, J. Catalysis, 2, 518 (1963) ; W. K. 
Hall, F. E. Lutinski, and H. R. Gerberich, ibid., 3, 512 (1964).
(4) W. K. Hall, H. P. Leftin, F. J. Cheselske, and D. E. O’Reilly, 
ibid., 2, 506 (1963).
(5) W. K. Hall, W. E. Wallace, and F. J. Cheselske, J. Phys. Chem.,
63, 505 (1959); 65, 128 (1961).
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tion with that determined experimentally (see Table
II) is evidence that the method was satisfactory.

Results
Silica-Alumina Catalysts. The results of an experi

ment in which 1.56 cc. (NTP) of methane-d4 was cir
culated over 4.47 g. of catalyst at 496° are presented 
in Figure 1. Considering that 1.5 X 1014 OH/cm.2 
were initially present,4 the available H amounted to 
about 75 cc. (NTP). During the reaction (after 140 
min.), only 1.6 cc. had appeared in the gas phase so 
that only about 2%  of the catalyst hydrogen was ex
changed. The initial product was CDS1I; CD2H2, 
CDHs, and CH4 were formed through subsequent 
secondary reaction. (The partial pressure of CD3H 
does not extrapolate quite to zero because of the initial 
2%  CD3H impurity.)

Figure 2 shows that the disappearance of CD4 
follows first-order kinetics very closely; the data can 
be accurately described by a first-order rate constant. 
Evidently, back reaction can be neglected because of 
the small fraction of the total hydrogen exchanged. 
Therefore, the first-order rate constant is identical 
with that relating the rate to the distance from equi
librium6 for this special case.

The results of a related experiment, in which 1.4 
cc. (NTP) of CH4 was circulated over 4.07 g. of a deute- 
rated catalyst at 490°, are shown in Figure 3. The 
points are the experimental data; the lines were 
drawn on the basis of the theory described below. A 
comparison of the first-order rate constant for the dis
appearance of CH4 (18.8 X  10-3 min.-1) to that for 
the disappearance of CD4 (9.05 X 10-3 min.-1) indi
cated a primary isotope effect. When the rate of ap
pearance of D into the gas phase was plotted for this 
experiment, a linear curve resulted (Figure 4). The 
lack of deviation from linearity indicates that a large 
fraction of the total deuterium in the catalyst was 
equally available for exchange. At the experimental 
temperature, hydrogen is mobile on the catalyst 
surface.4 Hence, methane may be activated at a 
number of sites which is small compared with the total 
hydrogen present, provided that the mixing of hydrogen 
on the surface is fast compared with the rate at which it 
is removed from the surface.

When a 2.12-cc. (NTP) mixture of CD4 (42.5%) 
and CH4 (57.5%) was circulated over an undeuterated 
catalyst, Figure 5 resulted. These data show that there 
is no direct exchange between CD4 and CH4 molecules. 
The experiment of Parravano, et al.,1 was similar to this, 
except that they only analyzed for CD4 and CD3H. 
These data were insufficient to distinguish between 
possible exchange paths.

20 40 60 80 100 120 140
Tim e (M inutes)

F i g u r e  1 .  D i s t r i b u t i o n  o f  p r o d u c t s  d u r i n g  e x c h a n g e  
o f  C D 4 w i t h  h y d r o x y l  g r o u p s  o f  s i l i c a - a l u m i n a .

F i g u r e  2 .  F i r s t - o r d e r  d e p e n d e n c e  o f  e x c h a n g e  r a t e .

A model was derived to describe our results. As
suming that only one hydrogen (deuterium) atom is 
exchanged per interaction with the catalyst, and that 
the available OD is large compared with methane, the 
following reactions may be written

CH4 +  -O D  — > CH3D +  -OH (1)

CH3D +  -O D  - X CH2D2 +  -O H (2)

CH2D2 +  -O D - CHD3 +  -O H (3)

CHD3 +  -O D  — »  CD4 +  -O H (4)
These reactions lead to the rate equations
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d(CH4)/d i =  — fe(CH<) (5)

d(CH3D )/d i =  fciCCHd -  fc2(CH3D) (6)

d(CD2H2)/d¿ =  fc2(CH3D) -  ¿3(CD2H2) (7)

d(CHDs)/d i =  /c3(CD2H2) -  fc4(CD3H) (8)

d(CD4)/d f =  *4(CD3H) (9)

Equation 6 predicts a maximum at d(CH3D )/d i =  
0 when (CH4)/(CHsD) =  /c2/fci. While the preceding 
equations may be solved exactly without further as-

F i g u r e  3 .  D i s t r i b u t i o n ,  o f  p r o d u c t s  d u r i n g  
e x c h a n g e  o f  C H 4 w i t h  d e u t e r a t e d  s i l i c a - a l u m i n a .

F i g u r e  4 .  I n t e g r a t e d  r a t e  o f  a p p e a r a n c e  
o f  d e u t e r i u m  i n  m e t h a n e s .

Time (M inutes)

F i g u r e  5. E x c h a n g e  o f  CH4-C D 4 m i x t u r e  o v e r  s i l i c a - a l u m i n a .

sumptions, four rate constants are involved and only 
two of these (h  and /c2) are experimentally determined. 
Therefore, the model was further restricted by the 
assumption that the rate constant for exchange per 
hydrogen atom is &i/4 regardless of the molecule reacting;
i.e., that k2 =  (3/i)h, h  =  (V 2)fci, and fc4 =  ( y 4)fci. This 
is equivalent to assuming that secondary isotope effects 
are negligible, i.e., that a hydrogen atom of CD2H2 
has the same probability of reacting as a hydrogen 
atom of CH4. The integrated forms of eq. 5-9 now 
reduce to two parameters: ki and the initial pressure 
of CH4. The lines drawn in Figure 3 were calculated 
using this theory, taking fci from the first-order plot 
for the disappearance of CH4. The approximation 
to the experimental data was remarkably good, but 
could be improved further by taking into account the 
decrease in total gas pressure due to the leak into the 
mass spectrometer. This is indicated by the dotted 
line for CH3D.

An activation energy associated with the first- 
order rate constant for the disappearance of CD4 
was determined to be 33.4 kcal./mole over the range 
460 to 540°. The hydrogen held by silica gel did not 
exchange with methane below 600°. When the data 
for silica-alumina were extrapolated to this tempera
ture, it was determined that the exchange process over 
silica gel is only V1000 as fast as that over silica-alumina.
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Alumina Catalysts. The hydroxyl groups of alumina 
rapidly equilibrated with D 2 at 500°4 ; the catalyst 
hydrogen content could be measured readily from the 
isotope dilution which occurred. When CD4 was 
circulated over the catalyst at 525°, it equilibrated 
with the OH groups of the catalyst as rapidly as it 
flowed over the catalyst. This behavior was in marked 
contrast to that with silica-alumina under the same 
conditions where the exchange proceeded at a modest 
but readily measurable rate. The catalyst hydrogen 
content could be measured from the analysis of thedeute- 
rated methanes. A comparison of the results from 
the two gases is made in Table I. Table II demon
strates that the equilibrium distribution of methane 
was obtained.

Time (Minutes)

F i g u r e  6 .  R a t e  o f  e x c h a n g e  o f  a l u m i n a  
h y d r o x y l  g r o u p s  w i t h  C D 4  a t  1 3 5 ° .

Table I :  M e a s u r e m e n t  o f  H y d r o x y l  C o n t e n t  o f  t h e  
A l u m i n a  C a t a l y s t

M ethod O H /cm .> X  1 0 - “ “

D 2  e x c h a n g e  ( b e f o r e  C D 4  e x c h a n g e )  
C D 4  e x c h a n g e
D 2  e x c h a n g e  ( a f t e r  C D 4  e x c h a n g e )

2 . 5
2.6 
2 . 9

“  V a l u e s  o f  2 . 5  a n d  3 . 1  X  1 0 I 4 / c m . 2  w e r e  f o u n d  f o r  t h e  s a m e  
c a t a l y s t  u s i n g  t h e  D H A  m e t h o d ;  s e e  r e f .  3 .

Table II :  M e t h a n e  E q u i l i b r a t i o n  o v e r  A l u m i n a

■Mole %■
Compound Measd. Caled.“

c d 4 6 . 3 3 6 . 3 9
c d 3 h 2 5 . 4 5 2 5 . 2
c d 2 h 2 3 7 . 5 3 7 . 6
C D H S 2 4 . 4 5 2 4 . 8
C H , 6 . 3 1 6 . 1 3

“  E q u i l i b r i u m  c a l c u l a t i o n  f o r  D / H  =  1 . 0 1 1 .

When CD4 was circulated over the same catalyst 
at 135°, there was an initial rapid exchange followed by 
a slower process (Figure 6). The extent of exchange is 
indicated by the fraction of molecules which have picked 
up one hydrogen atom (for this extent of exchange, 
essentially no CD2H2 was present). These results 
demonstrated the heterogeneous character of the 
catalyst hydrogen; the fraction of the hydrogen which 
exchanged rapidly at this temperature amounted to 
only a few per cent of the total. Nevertheless, as the 
extent of exchange increased, it became evident that 
the hydrogen removed from the catalyst was equi
librated among the methanes. Hence, the equilibra
tion reaction is fast compared with the surface reaction

(exchange of the hydroxyl groups). The surface 
density of hydroxyl groups corresponding to the initial 
rapid process (zero time intercept of Figure 6) amounted 
to about 7 X  1012 OH/cm.2.

CH4 and CD4 equilibrated rapidly at room tempera
ture. This was quite interesting because carbon- 
hydrogen bonds must be broken in order for this to 
occur and methane is not easily dissociated. The 
results presented in Figure 7 indicate that isotopic 
mixing occurred through the exchange of only one hy
drogen (deuterium) atom per interaction with the 
surface. Methane-d3 and methane-rli were formed at 
approximately the same rate; methane-d2 was formed 
as secondary product. It is of particular interest that 
CH4 and CD4 disappeared at the same rate (Figure 8) 
whereas there was a strong isotope effect when they 
reacted separately.

When a mixture of CD4 and H2 (61.5% CD4) was 
circulated over the catalyst, isotopic mixing occurred 
at about the same rate found for the CD4-C H 4 equi
libration. From this and the fact that the H2-D 2 
equilibration was much faster (virtually instantaneous 
at —78°), it was inferred that the rate-controlling step 
was probably the rupture of a C -D  bond in the CD4. 
Since the mixing of CH4 with D2 proceeds about 1.8 
times faster than the reaction of CD4 with H2 (Table
III), it follows that the rate of mixing of CH4 with CD4 
is limited by the rate of breaking of the C -D  bond, 
viz., the slowest step.

In another experiment, CD4 was exchanged with the 
catalyst hydrogen at 138° and the number of D  atoms 
transferred to the catalyst was calculated from the 
analysis of the gas phase at the end of the experiment; 
this amount (3 X 1012/cm .2) was only about 1% of 
the total catalyst hydrogen. When the catalyst was

T he  Journal  o f  P h ysica l  Chem istry



Exchange op Hydroxyl Groups op A lumina with D euterated M ethane 3085

Figure 7. Distribution of methanes during exchange 
of equimolar CD4 and CH4 over alumina at 26°.

Figure 8. Proof that CD4 and CH4 exchange at the same rate.

Table in : Evidence that Rupture of the C-D Bond is the 
Rate-Determining Step of the Methane 
Equilibration Reaction

Mixture used Voi. reacted, cc. (NTP) k,a min.-1 X 102

CEU -f* D2 8.4 6.01
c d 4 +  h 2 8.8 3.38
c d 4 +  h 2 8.9 3.02
CEU +  Dì 8.9 5.65
CEU +  CD, 5.96 3.46

k — X/t log [(I — £eq)/(2; — Xeq)] where x = mole fraction of
CH4 (CD4). 6 Equivalent to 8.9 cc. (NTP) of CD4 +  2H2.

then exchanged with CH4, virtually all of the D atoms, 
which had been transferred to the catalyst in the first 
step, now reappeared in the gas phase. This experi
ment proved conclusively that the exchanging hydrogen 
is located on specific sites; it does not mix with the

bulk of the catalyst hydrogen. It may be supposed 
therefore, that the diffusion of hydrogen across the 
surface of the catalyst is slow at this temperature. 
The reacting hydrogen may be held as OH, adjacent 
to the catalytically active sites.

A series of experiments was conducted to determine 
the activation energy associated with the equilibration 
of CD4 and CH4 over alumina. A good Arrhenius 
plot, the slope of which corresponded to 5.7 kcal./ 
mole, was formed from rate constants determined in 
the range 0 to 62°. This was very much lower than 
the value for silica-alumina (33.4 kcal./mole).

The exchange between CD4 and CH4 could be com
pletely poisoned by the adsorption of a small amount 
of C 02. Peri6 * * found that C 02 was adsorbed on sites 
essential for the isomerization and polymerization of 
butene-1. These processes were not poisoned by C 02, 
however, because it was displaced by the olefin. This 
does not happen with methane below 300°.

A series of experiments was made to determine the 
number of sites required for the methane equilibration 
reaction. The catalyst was exposed to excess C 02 
(so that some remained in the gas phase) at room 
temperature. After 5 min. of contact, the gas phase 
was condensed into a liquid nitrogen trap from which 
it was regenerated and measured. By difference, it 
was found that 2.81 cc. (NTP) of C 02 had been re
tained by 1.61 g. of alumina. This corresponded to a 
coverage of 2.7 X  10ls C 02/cm .2. No observable 
exchange occurred when a mixture of CD4 and CH4 
was circulated over the catalyst for 34 min. More
over, no C 02 appeared in the gas phase (less than 1 X 
1012 C 02/cm .2 would have been detected). The mix
ture was removed and the catalyst was raised in tem
perature to effect desorption of a portion of the chemi
sorbed C 02. The C 02 removed was measured and the 
catalyst was cooled to room temperature for another 
equilibration reaction. These alternate processes were 
repeated using increasing desorption temperatures 
until the C 02 material balance was obtained (0.03 
cc. (NTP) of C 02 not recovered at 500°). Figure 9 is 
a plot of the amount of C 02 left on the catalyst as a 
function of the temperature at which it was removed. 
The catalyst first became active for the equilibration 
reaction after evacuation to about 300°, where the 
slope changes abruptly. In agreement with Peri,6 
this finding may be taken as evidence that there are 
several different kinds of chemisorbed C 02 present on

(6) J. B. Peri, Abstracts of Papers, Division of Colloid and Surface
Chemistry, 145th National Meeting of the American Chemical So
ciety, New York, N. Y „  Sept. 1963; Proceedings of the 3rd
International Congress on Catalysis, Amsterdam, July 1964, Preprint
No. I, p. 72.
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Figure 10. Poisoning plot for C02.

alumina; the portion poisoning the equilibration re
action was the more strongly adsorbed form.

The first-order rate constant for the equilibration 
reaction is plotted as a function of the C 02 remaining 
on the catalyst in Figure 10. The approximately linear 
relationship between the rate constant and the 
number of sites covered by strongly chemisorbed C 02 
suggests that these sites are homogeneous. Little 
reliable information is available on this subject al
though one frequently reads reports referring to the 
distribution of acid sites (weak, medium, and strong) 
on these materials. Work on the isobutane exchange 
system2 indicated that about 80% of the isobutane 
was adsorbed on silica-alumina catalysts in a homoge
neous manner.

The curvature at the slower rates (Figure 10) was 
probably caused by the removal of two types of C 02 
in this region, only one of which was acting as a poison 
for the reaction. Correcting for this, the number of 
sites active for methane equilibration amounted to
3-4 X  1012/cm .2.

Several simple compounds were found which adsorbed 
selectively on the sites required for methane equi
libration. Small measured increments of the poison 
were circulated over the catalyst with a diluent gas 
(methane). The disappearance of the poison from the 
gas phase was followed via the leak to the mass spec
trometer. The results obtained with nitric oxide are 
shown in Figure 11; they demonstrate the linear re
lationship between the rate constant for the methane 
equilibration reaction and the number of sites covered 
by poison. Similar poisoning plots were made for 
other gases, viz., C2H4, C3H6, and H20  (H2 +  0 2); 
the values of the number of active sites, as obtained

Figure 11. Poisoning plot for NO.

by linear extrapolation to the adsorption axis, are 
summarized in Table IV. All of these data lead to 
the conclusion that there are between 2 and 4 X  1012 
sites/cm.2. The result for H20  requires special 
comment. Water is a nonselective poison and, if added 
directly, much larger amounts would be required to 
poison the reaction. The sites can be selectively 
poisoned, however, by forming the H20  directly on the 
active sites by the reaction of hydrogen with oxygen. 
This also serves to identify the sites active for methane 
equilibration with those required for water formation.
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In a similar vein, C 02 was found to poison the equi
libration of C2D 4 with C2H4 and of H2 with D2. Since 
linear poisoning plots (similar to Figures 10 and 11) 
were obtained in all cases, it was concluded that the 
sites are all energetically equivalent.

Table IV : Number of Active Sites on Alumina as 
Determined by Poisoning the C D 4 - C H 4  

Equilibration Reaction
Poison

c o 2
H2 and 0 2 
Ethylene 
Propylene 
NO

Method used 
Selective desorption 
Reaction on site 
Selective desorption 
Selective desorption 
Selective desorption

Sites/cm.2 X 10~12
2-4 

2 or 4 
2 
4 
4

Discussion
The isotopic mixing of CD4 and CH4 over alumina 

involved exchange with several per cent of the catalyst 
hydrogen. Moreover, this hydrogen resided at very 
definite sites on the alumina surface. This was shown 
by the fact that the deuterons introduced by exchange 
with CD4 could be quantitatively recovered by a sub
sequent exchange with CH4; had the few OD groups 
introduced mixed with the much larger amount of OH, 
this would not have been possible under the conditions 
of the experiment. The small amount of hydrogen 
which exchanged between room temperature and 135° 
is believed to be located at sites where methane is 
dissociatively adsorbed.

It is instructive to consider a recent model of the 
alumina surface. Peri7 pictured the creation of active 
sites by the process of dehydroxylation; as water is 
removed, aluminum ions are exposed and adjacent 
surface O2- ions are formed. In this way, dual 
acid-base sites are created which tend to rehydrate 
readily. The driving force for this is so high that 
analogous processes occur with other molecules, e.g., 
with ammonia which is cleaved to form adjacent NH2 
and OH groups. Peri classified the residual hydrogen 
into five categories, depending upon whether a residual 
hydroxyl group had 0, 1, 2, 3, or 4 immediately adja
cent O2- ions; he found infrared bands in the OH 
stretching region corresponding to each. The 0  site, 
which has the lowest frequency (3700 cm.-1), cor
responds to isolated OH groups whose nearest neighbor 
sites are all vacant, i.e., sites where aluminum ions 
are exposed. Such OH groups have no immediately 
adjacent O2- ions, but nevertheless exchanged with D2 
most readily.8 Since the nearest neighbors are not 
0 2~, the next nearest neighbors generally are. This is 
exactly the situation required to afford a simple in
terpretation of our results.

Since methane is readily deuterated over alumina, 
it may be supposed that the molecule is cleaved as it is 
chemisorbed. If it reacted with the dual acid-base 
surface sites in a manner analogous to NH3 and H20, 
then AI-CH3 and adjacent OH groups would be 
formed. In some cases, the resulting aluminum alkyl 
would be simultaneously adjacent to an OH and an 
OD group so that on desorption it could equally well 
combine with either. Presumably, this could occur 
with any of the types of residual OH (OD) groups 
considered by Peri except one, viz., the A site where the 
hydroxyl group is surrounded by four O2- ions so that 
there are no adjacent vacant sites, but the situation 
at the C type would be most favorable. The exchange 
process can be expressed very simply as

CD4 +  0  OH ^  DO CH3 OH (10)
\  A  \  I A

A1 A1

The experimental data indicate that there are 3 X 
1012/cm .2 active sites. A completely hydroxylated 
alumina surface would contain (Peri’s model) 1.3 X 
1015/cm .2 of OH. When 90% dehydroxylated, 5 X 
10u/cm .2 of aluminum ions would be exposed and an 
equal number of O2- ions formed; the residual hy
droxyl content would be 1.3 X  1014/cm .2. It follows, 
therefore, that a large fraction of the residual OH groups 
would have adjacent exposed aluminum ions with an
O2- nearest neighbor. The surface density of such 
configurations is, however, at least an order of magni
tude higher than the density of active sites derived 
from the poisoning experiments. Hence, it must be 
concluded that all such configurations are not cata- 
lytically active. It is probable that only the high 
energy sites, which are created at the domain boun
daries,7 are strong enough to dissociate methane. 
Nevertheless, for each active site (3 X 1012/cm .2) 
there will be one readily exchangeable OH group (3 
to 4 X  1012/cm .2 found). It seems pertinent that 
the strong sites which dissociate CH4 are the ones 
which also strongly chemisorb C 02, NO, etc.

Figure 6 shows that a slower exchange process 
occurred in addition to the rapid exchange identified 
with hydroxyl groups adjacent to active sites. It 
seems reasonable to ascribe this slower process to the 
diffusion of hydrogen from distant locations, to posi
tions adjacent to the active sites. This allows one to 
reconcile the marked differences in behavior of silica- 
alumina and alumina. With the former, there was no 
evidence of heterogeneity of catalyst hydrogen; the

(7) J. B. Peri, J. Phys. Chem., 69, 211, 220, 231 (1965).
(8) J. B. Peri and R. B. Hannan, ibid., 64, 1526 (1960).
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activation energy for exchange was much higher and 
reaction did not occur at measurable rates below 400°. 
Evidently, on silica-alumina, the sites are not the same 
as on alumina; they appear to be weaker. Conse
quently, much higher temperatures are required to 
activate the methane molecule. At these tempera
tures (above 400°), the surface migration of hydrogen 
is rapid; hence, all of the catalyst hydrogen appears 
to be equivalent. In the case of CD4 exchange, the D 
left at the catalytic site by the adsorption of CD4 
is rapidly equilibrated with the total catalyst hydrogen 
and is not available for subsequent exchange with a 
CH4 molecule (Figure 5). This may be contrasted 
with the result from alumina where the exchanged 
hydrogen maintains its identity at the active site. 
While the exchange of methane over silica-alumina 
catalysts possibly does not follow the same mechanism 
as with alumina, the above arguments show that 
there is no inconsistency in a uniform picture for both.

The manner in which hydrogen is activated by alu
mina and silica-alumina surfaces is not at all understood. 
By analogy with the present methane results, hy
drogen may be cleaved on the alumina surface to form 
an Al-H  and an adjacent OH. Infrared data support 
the view that the analogous reaction occurs on the sur
face of ZnO.9 In both cases, the driving force seems to 
be the screening of (restoration of coordination around) 
the exposed cation. With silica-alumina, the situa
tion is even less clear and anything that is written 
must necessarily be classified as speculation. Studies 
of the exchange between the hydrogen held by isobutane 
and deuterated cracking catalysts have been interpreted2 
in terms of abstraction of the tertiary hydride ion by 
the catalyst to form the isobutyl carbonium ion; 
the nine hydrogens remaining on the carbonium ion 
then exchange freely with available catalyst hydroxyl 
groups. The identity of the tertiary ion is conserved 
either by hydride transfer from incoming molecules 
or by recombination with the carbonium ion on de
sorption. A model for the active sites on silica- 
alumina catalysts may be drawn from the developing 
understanding of the acidity of the X - and Y-type 
zeolites,10 with which they may be presumed to be 
related. When a zeolite is decationated, sites which 
function as Br0nsted acids first form. These may be 
described by

H+
O O O O  HO 0

On degassing above 500°, these sites are dehydroxylated 
and in the process pairs of defect sites are created. One 
of the pairs contains an anion vacancy and the other 
a cation vacancy. This pair may function to form 
carbonium ions from paraffins by hydride ion abstrac
tion, i.e.

0  O O O O
\  I V /  \  /

(CH3)3CH +  A1 t s i  +  A1 /S i — >
/  \  0  \  / \ 0  \

0  0  0  0  0  0

anion vacancy +  cation vacancy

(CH3)3C+
0  H O O O O

\  \  /  \ - /  \  /
AI /S i +  Al /S i (12)

/ \  0  \  / \ 0  \
0  0  O O O O

It seems doubtful whether these ideas should be ex
tended to methane, as the existence of a methyl 
carbonium ion seems very unlikely. It is, of course, 
possible that the over-all result is given by

0  O O O O
\  I \ - /  \  /

CH4 +  A1 >Si +  A1 /S i — >
/  \  0  \  /  \  0  \

0  0  0  0  0  0

O H O O CH30  O

A1 /S i  +  A1 /S i  (13)
/ \  0 \  / \ 0 \

0  0  O O O O

These equations indicate ways in which hydrocarbons 
may dissociate and adsorb, but they offer no insight 
into the mechanism of hydrogen exchange with catalyst 
deuteroxyl groups. They do, however, emphasize the 
important point that the ideas which have been de
veloped concerning the intermediates involved in 
exchange processes over silica-alumina do not fit well 
with the simple type of intermediate suggested by our 
data for alumina. In fact, with alumina, the methyl 
group is thought to be held by the aluminum ion with 
concomitant formation of a hydroxyl group, whereas 
extension of current thoughts concerning silica-

A1 /S i Al
/  \ 0  \  / \

0  0  0  0  0
o *

0

(11) (9) R. P. Eischens, W. A. Pliskiii, and M. J. D. Low, J. Catalysis, 1, 
180 (1962).
(10) J. B. Uytterhoeven, L. G. Christner, and W. K. Hall, J. Phys. 
Chem., 69, 2117 (1965).
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alumina would suggest that the methyl group be 
attached to oxygen and hydrogen to the cation. While 
this chemistry is plausible, it is highly speculative 
and should be so considered.
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Hydrogen Bonding. II. Phenol Interactions with Substituted Pyridinesla

b y  J e r o m e  R u b i n lb  a n d  G i l b e r t  S. P a n s o n

Chemistry Department, Rutgers, The State University, Newark, New Jersey (.Received April 5, 1965)

The hydrogen-bonding equilibrium constants of some substituted pyridines to phenol in 
carbon tetrachloride at 20 and 40° are reported. The constants are correlated with Ham
mett’s and Tafts’ substituent constants, the equation of the line having been calculated 
by the method of least squares. Thermodynamic data for the reaction are given. A 
steric effect caused by di-o-i-butyl groups is demonstrated, as well as a solvent effect which 
shows that the equilibrium constant value is dependent upon the solvent.

The hydrogen-bond formation of phenol to proton 
acceptors is well known and has been studied exten
sively.1 2 3 Investigations have been made from merely 
the molecular association of phenol alone,8 to such 
electron-pair donors as carbonyls,4 ethers,5 amides,6 
and alkyl halides.7 However, as indicated by the 
authors,2 comprehensive and complete studies are 
seriously lacking. The work of Gramstad is a note
worthy exception as can be seen by his contributions in 
this particular area. He has investigated the inter
action of phenol and/or pentachlorophenol with 
organophosphorus compounds,8’9 amides,10 nitrogen 
compounds,11 carbonyls and ethers,12 and sulfoxides and 
nitroso compounds.13 However, a complete and thor
ough study of the hydrogen bonding between phenols 
and pyridines had not been done. It was with this 
intention that the project was undertaken.

The previous communication had reported the equi
librium constants of some substituted phenols with 
pyridine in carbon tetrachloride.14 It is shown that a 
linear correlation exists for the logarithm of the as
sociation values vs. Hammett’s substituent constants. 
Continuing this investigation, the equilibrium con
stants of phenol with substituted pyridines are now

reported. A steric effect is studied as well as the effect 
on the value of the equilibrium constant by changing 
the solvent.

E x p e r i m e n t a l

The technique used for evaluating the equilibrium 
constants is the same as that reported previously.14

(1) (a) Parts I and II are excerpts of the thesis submitted to the Grad
uate School of Rutgers, The State University, by J. Rubin in partial 
fulfillment of the requirements for the Degree of Doctor of Philosophy, 
(b) E. I. du Pont de Nemours and Co., Richmond, Va.
(2) G. C. Pimentel and A. L. McClellan, “ The Hydrogen Bond,” W. 
A. Freeman and Co., San Francisco, Calif., 1960.
(3) (a) M. Iro, J. Mol. Spectry., 4, 125 (1960); (b) M. M. Maguire 
and R. West, Spectrochim. Acta, 17, 369 (1961).
(4) G. Aksnes, Acta Chem. Scand., 14, 1475 (1960).
(5) R. West, et al., J. Am. Chem. Soc., 86, 3227 (1964).
(6) N. D. Joesten and R. S. Drago, ibid., 84, 2696 (1962).
(7) R. West, et al, ibid., 84, 3221 (1962).
(8) G. Aksnes and T. Gramstad, Acta Chem. Scand., 14, 1485 (1960).
(9) T. Gramstad, ibid., 15, 1337 (1961).
(10) T. Gramstad and W. J. Freglevik, ibid., 16, 1369 (1962).
(11) T. Gramstad, Spectrochim. Acta, 16, 807 (1962).
(12) T. Gramstad, ibid., 19, 497 (1963).
(13) T. Gramstad, ibid., 19, 829 (1963).
(14) J. Rubin, et al., J. Phys. Chem., 68, 1601 (1964).
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The concentration of phenol was 0.025 M  as it was 
shown that no significant amount of self-bonding oc
curred at this dilution. The concentrations of the sub
stituted pyridine ranged from 0.01 to 0.10 M. A 
minimum of six determinations, each with a different 
amount of pyridine, was made, the average value 
being taken as the equilibrium constant.

The solvents were either spectroscopic grade or 
Fisher Certified. The chloroform was passed through 
a column of alumina before use. The compounds were 
obtained commercially, and all were purified by distil
lation in vacuo and/or recrystallization prior to use. 
The cells were matched fused silica, 10 cm. in length.

The measurements at 40° ±  1 were obtained by 
preheating the cell with the solution in a constant 
temperature bath. The thermodynamic parameters 
were obtained by solving the equation — RT In K  =  
AH° — TAS° for two temperatures.

Results and Discussion
A compilation of the results of the reaction of phenol 

with substituted pyridines is shown in Table I. Where 
previous work existed such as that of Halleux15 16 and 
Gramstad11 and comparisons could be made, the agree
ment is quite good.

Table I : Thermodynamic Data for Some Substituted 
Pyridines with Phenol in Carbon Tetrachloride

K,
Sub- l./mole, K, l./mole,

stituent 20° 40° AF°, kcal. AH°, kcal. AjS°, cal.

H 59 29 - 2 .4 - 6 .5 -1 4 .0
4-Methyl 82 41 - 2 .6 - 6 .4 -1 3 .0
3-Methyl 65 31 - 2 .4 - 6 .7 -1 4 .5
4H3thyl 77- 40 - 2 .5 - 5 .9 -1 1 .5
4-i-Butyl 84 45 - 2 .6 -7 .1 -1 2 .0
4-Cyano 12 8.4 - 1 .5 - 3 .2 -  6.0
3-Cyano 14 8.3 - 1 .6 - 4 .9 -1 1 .5
3-Bromo 15 9.2 - 1 .6 -4 .5 -1 0 .0

Some relationships between the equilibrium con
stants and other chemical or physical parameters have 
already been reported. Halleux had shown quali
tatively and Gramstad quantitatively that there is a 
relationship between the log of the association constants 
and the pK  of the proton donors. It was also reported 
that a linear correlation for the ionization constants 
of some substituted phenols with Hammett’s <r-values 
had been found.16 It thus seemed reasonable to expect 
a linear relationship between the logarithm of the as
sociation constants and the Hammett substituent 
constants for the system substituted phenols with 
pyridines and/or phenol with substituted pyridines.

Figure 1. Log k vs. Hammett’s <7-values. Points are: 
(1) 4-i-butyl, (2) 4-methyl, (3) Methyl, (4) 3-methyl, 
(5) hydrogen, (6) 3-bromo, (7) 3-cyano, (8) ■Lcyano.

Figure 2. Log k vs. Taft’s o-°-values. Points are: 
(1) 4W-butyl, (2) ‘Lmethyl, (3) Methyl, (4) 3-methyl, 
(5) hydrogen, (6) 3-bromo, (7) 3-cyano, (8) 4-cyano.

(15) A. Halleux, Bull. soc. chim. Beiges, 68, 381 (1959).
(16) A. I. Biggs and R. A. Robinson, J. Chem. Soc., 388 (1961).
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As mentioned previously, the initial phase of this 
study experimentally verified the former half of the 
assumption. Plots were then made to determine the 
linearity of the relationship for the substituted pyridine 
series. The results are shown in Figures 1 and 2. 
Although the agreement is good for both, the correla
tion is slightly better with Taft’s values. This was 
also found to be so for the plots of phenols with pyri
dine.

The regression line was calculated by the method of 
least squares and found to be y — —1.013a; +  2.235 
for the cr-values and y =  —1.063a; +  2.261 for the o-0- 
values. The p-constants here of —1.01 and —1.06 
are slightly less than the p-values of 1.14 and 1.21 for 
the substituted phenol series, the reason for the sign 
difference being obvious.

Steric Effect. It was then decided to study the 
effect of large groups in the ortho positions of phenol. 
The equilibrium constant of o-f-butylphenol was de
termined first and found to be 31. This is quite similar 
to the value of 39 for p-f-butylphenol. The smaller 
value may be due to the greater inductive effect of the 
substituent in the ortho position as compared to the 
further removed para position.

The equilibrium constant of 2,6-di-£-butyl-4-methyl- 
phenol was found to be 0.65, which is considerably less 
than the value of 42 for 4-methylphenol. Thus, it can 
be safely said that, while a single large group in an 
ortho position does not inhibit the reaction, two large 
substituents surrounding the hydroxyl group of 
phenol definitely do. This result concurs with that of 
Coggeshall,17 who studied simply the molecular associa
tion of substituted phenols.

Solvent Effect. As the hydrogen bond is considered 
principally an electrostatic attraction,18 it was thought 
that the value of the equilibrium constant for the 
reaction should be related to the dielectric constant of 
the solvent. The association of merely phenol to pyri
dine was then determined in other nonaqueous solvents 
to test this hypothesis. The choice of solvents was 
unfortunately restricted because of strong absorption 
in the near-infrared region. Table II shows how the 
equilibrium constant varies with the particular solvent.

Table II : The Equilibrium Constant of Phenol-Pyridine

Solvent K , l./mole, 20° U, D. e

Carbon disulfide 73 0 2.64
Carbon tetrachloride 59 0 2.24
Chloroform 17 1.02 4.81
Methylene chloride 17 1.54 9.08

It is obvious from this limited study that a linear 
relationship between the dielectric constant of the sol
vent and the equilibrium constant does not exist. More 
investigation must be made though, before it may be 
stated conclusively. Qualitatively, however, it may be 
said that the greater the dielectric constant, the smaller 
the value of the equilibrium constant. This, also, is as 
expected.

(17) N. D. Coggeshall, «/. Am. Chem. Soc., 69, 1620 (1947).
(18) C. A. Coulson, Research (London), 10, 149 (1957).
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Kinetics of Processes Occurring on the Catalyst Surface during the 

Oxidation of o-Methylbenzyl Alcohol over Yanadia

by T. Vrbaski

Sinclair Research, Inc., Harvey, Illinois 604-86 {Received April 6, 1965)

Rates of oxidation (disappearance) of o-methylbenzyl alcohol were measured in the tem
perature range from 300 to 350° using a fused vanadium pentoxide catalyst. The Hinshel- 
wood treatment suggests that the steady-state conditions are established on the catalyst 
surface. That the specific rate constant for the adsorption of oxygen agrees within one 
order of magnitude with those reported in the literature for the oxidation of other organic 
compounds over the same catalyst supports this conclusion. In this treatment it is sup
posed that only oxygen is chemisorbed on the catalyst surface; the rate of adsorption of 
oxygen and the rate of the chemical reaction are of the same order of magnitude; all the 
processes are first order in the concentration of each reactant, and the rate of desorption of 
oxygen from the catalyst is negligible. Application of the Hughes-Adams expression 
implies that the o-methylbenzyl alcohol is first chemisorbed on the catalyst and then reacts 
with the oxygen of the catalyst; the oxidation products desorb, and finally the catalyst is 
very rapidly reoxidized. The chemisorption of the o-methylbenzyl alcohol is probably a 
reversible process.

Introduction
A study of the vapor phase oxidation of o-methyl

benzyl alcohol over vanadium oxide as catalyst was 
recently carried out in this laboratory.1 This study 
clarified the reaction mechanism and provided, in addi
tion to kinetic data, clues for the interpretation of 
processes which occur on the catalyst surface.

o-Tolualdehyde was found to be the main product 
in the temperature range between 280 and 350°. 
Carbon oxides along with o-toluic acid and small 
quantities of per-o-toluic acid and phthalide were also 
formed. No correlation was made, however, of the 
rate data of disappearance of o-methylbenzyl alcohol 
in terms of kinetic expressions which were previously 
found by others to be useful in describing catalytic oxi
dation processes.

Kinetic studies of naphthalene, toluene, and benzene 
in the presence of vanadium oxide as catalyst were made 
by Shelstad, et al.,2 Downie, et al.,3 4 and Hayashi, 
et al.* The rate equation based upon a reaction scheme 
proposed by Hinshelwood5 provided good characteri
zation of the oxidation rates of individual compounds.

Alternatively, Hughes and Adams6 developed an

expression for unimolecular surface reactions which 
proved useful in the interpretation of data obtained 
in their study on the vanadia-catalyzed vapor phase 
oxidation of phthalic anhydride. Using this expres
sion they determined the heats of activation for both 
the irreversible adsorption of phthalic anhydride and 
the desorption of the oxidation products. In addition, 
they were able to calculate the heat of the reversible 
adsorption for phthalic anhydride, along with the 
entropy change for the reversible process.

In view of the potentially useful information which 
comparative studies may provide, it was of interest to 
attempt to apply both treatments to the oxidation of
o-methylbenzyl alcohol. In the present communica-

(1) T. Vrbalki and K. W. Mathews, J. Phys. Chem., 69, 457 (1965).
(2) K. A. Shelstad, J. Downie, and W. F. Graydon, Can, J. Chem. 
Eng., 38, 102 (1960).
(3) J. Downie, K. A. Shelstad, and W. F. Graydon, ibid., 39, 201 
(1961).
(4) R. Hayashi, R. R. Hudgins, and W. F. Graydon, ibid., 41, 220 
(1963).
(5) C. N. Hinshelwood, “The Kinetics of Chemical Change,” The 
Clarendon Press, Oxford, 1940, p. 207.
(6) M. F. Hughes and R. T. Adams, J. Phya. Chem., 64, 781 (1960).
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tion the corresponding rate constants for the oxidation 
of o-methylbenzyl alcohol in both the Hinshelwood and 
the Hughes-Adams expressions were determined. 
These data were correlated with available literature 
values for naphthalene, toluene, benzene, and phthalic 
anhydride, and the nature of the reactions occurring 
on the catalyst surface was discussed.

Experimental
The reaction system, the method of analysis, and the 

general experimental procedure used in this study were 
described in a previous communication.1

Results
In the simplest steady-state treatment by Hinshel- 

wood it is assumed that only oxygen is adsorbed on the 
catalyst surface, that its rate of adsorption and the 
rate of the chemical reaction are of the same order of 
magnitude, that the rate of desorption of the oxygen 
from the catalyst surface is negligible, and that all the 
processes are first order in the concentration of each 
reactant. According to this interpretation, the rate 
constant for the adsorption of oxygen should be inde
pendent of the organic compound employed at a given 
temperature and in the presence of the same catalyst. 
The rate of adsorption of oxygen should, therefore, be 
the common step for all reactions. If N  is the number 
of moles of oxygen consumed per mole of o-methyl
benzyl alcohol converted, then at the steady state the 
rate of adsorption of oxygen is equal to the rate of 
chemical reaction multiplied by the factor N. Thus

AaC„(l -  ft) =  N h C j 1 (1)

rr =  ArCrfll (2)

Alternatively, at a steady-state situation, the rate 
of reaction of oxygen is also equal to the rate of oxi
dation of the organic species multiplied by the factor 
N

k0C¿)i =  NfaCrfi (3)

Solving (1) for ft and substituting it into (2) the rate 
of o-methylbenzyl alcohol oxidation is

hJirCrCo
KC0 +  NhCt (4)

Inverting and also keeping the oxygen concentra
tion constant, eq. 4 becomes

Tr l ì + K ' (5)

where Ki is equal to N/kaC0.
The values of the rate constants in eq. 5 were cal

culated from experimental points given in Figure 7 of

ref. 1, by the general method of regression analysis. 
The results are listed in Table I. The solid lines in 
Figure 7 of ref. 1 were calculated from eq. 4 by using 
the values for the rate constants listed in Table I. 
The scatter of experimental points at 340 and 350° 
is probably due to the slightly higher temperature 
gradient in the catalyst bed under these conditions. 
The ratio N is the average of individual values de
termined from the product distribution data in each 
series of experiments at constant temperature. The 
logarithms of fca and fcr are linear functions of the re
ciprocal absolute temperature. The calculated Ar
rhenius temperature coefficient of kK is 28.0 kcal./mole, 
and that of kT is 9.4 kcal./mole.

Table I  : Constants of Eq . 4 and 5°

Temp.,
°C.

l/fcr, 
g. sec./l*

X i X 10 
g. sec./mole

K  X 10‘ , 
I./g. sec.

ÍT X 10«, 
l./g . sec.

300 2993.9 109.8 0.44 3.34
310 3005.5 72.6 0.67 3.33
320 2792.5 49.3 0.99 3.58
330 2264.9 34.7 1.40 4.42
340 2037.9 23.2 2.10 4.91
350 1675.0 14.8 3.29 5.97

“ Average C a = 9.3 X  10 M .  Average N  = 4.53.

In the Hinshelwood expression a first-order de
pendence of the rate on the concentrations of both the 
oxygen and the organic reactant is assumed. Experi
mental data,1-4’7 however, show that the reaction 
orders vary from 0.5 to unity depending on the com
pound employed. In fact, only the concentration de
pendence for xylene in the oxidation of o-xylene and 
that for oxygen in the oxidation of naphthalene were 
found to be first order.7-2 The adoption of an arbi
trary first-order rate dependence, as proposed by 
Hinshelwood, was found useful by various authors in 
correlating the results obtained in different systems.2-4 
It is therefore believed that the adoption of the same 
first-order rate dependence in this study was permissible 
although not absolutely correct in view of the ex
perimental results in ref. 1. The k% values of o-methyl
benzyl alcohol determined from a modified Hinshel
wood expression in which the dissociative adsorption 
of the oxygen is taken into account (K, =  N/ke.C01/'1

(7) H. Clark, G. C. Serreze, G. L. Simard, and D. J. Berets, unpub
lished results of the American Cyanamid Co. presented at the Gordon 
Research Conference on Catalysis, June 1956. See J. K. Dixon and 
J. E. Longfield, “Hydrocarbon Oxidation in Catalysis,”  Vol. VII, 
P. H. Emmett, Ed., Reinhold Publishing Corp., New York, N. Y., 
1960, p. 183.
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in eq. 5) were found to be about one-tenth of those 
listed in Tables I and II. The 2?a values, however, 
remained unaffected.

Table II : Constants from o-Methylbenzyl Alcohol, 
Benzene, Toluene, and Naphthalene Oxidations over 
Vanadium Pentoxide Catalyst at 350°

Reactant N
k& X IO«, 
l./g . sec.

kt X 106, 
l./g . sec.

E&, kcal./ Ex, kcal./ 
mole mole

o-Methylbenzyl
alcohol 4.53 3.3 59.7 28.0 9.4

Benzene“'6 3.07 3.3 0.9 7.7 27.2
Benzene' 3.07 4.4 12.8 8.7 28.1
Toluene“'“* 1.35 13.9 23.8 29.4 26.4
Naphthalene6 ~ 2 .7 9.3 1700/ 28.1 24.6

“ Downie3 and Hayashi4 observed an appreciable initial cata
lyst deactivation in the oxidation of toluene and benzene, respec
tively. Therefore, their data were based on a catalyst activity 
at an age of 20 hr. 6 See ref. 4. ' See ref. 9. d See ref. 3. 
* See ref. 2. f  The fcr value for naphthalene differs from that 
reported for toluene by a factor of 70 (ref. 3).

No attempt was made to interpret the dependence 
of the rate upon the oxygen pressure at constant con
centration of o-methylbenzyl alcohol (Figure 10 of ref.
1) with the Hinshelwood treatment because a very 
limited number of experimental results and no data on 
the product distributions from which the N values are 
determined were available.

The rate data were also correlated by the expression 
proposed by Hughes and Adams for surface reactions 
in which the rate-controlling step is either the ad
sorption of the organic reactant or the desorption of the 
oxidation products. The assumed reaction mechanism 
in their study of phthalic anhydride oxidation involves 
adsorption of phthalic anhydride followed by reaction 
with the oxygen of the catalyst, desorption of the oxi
dation products, and very rapid reoxidation of the 
catalyst. In this treatment two limiting cases are 
considered: (i) irreversible adsorption when fc_i =  0
and (ii) equilibrium adsorption when fc_i > >  /c2. 
The integrated rate equation is

2.3031 log (1 — x) — BpoX =  —At (6)

in which the conversion is given in terms of the initial 
partial pressure of organic reactant (p0) , the contact 
time (t), and the rate constants A and B.

Four isotherms were obtained from experimental 
data and plotted in Figure 1 as conversion of o-methyl- 
benzyl alcohol against initial pressure of o-methylbenzyl 
alcohol in the gas mixture at a constant oxygen concen
tration and 0.6-sec. contact time. The values for

Q

Figure 1. Conversion of o-methylbenzyl alcohol 
(OMBA) as a function of the initial partial pressure of 
the OMBA in the gas mixture. Average oxygen 
concentration 9.3 X 10~3 M  and contact time 0.6 sec.

constants A and B in eq. 6 of the most probable curves, 
shown by solid lines in Figure 1, were calculated from 
experimental points by the method of regression analy
sis. The results are summarized in Table III.

Table III : Constants of Eq. 6“

Temp., °C. A , sec.“ 1 B, atm.“ 1
A/B, atm. 

sec.“ 1 X 104

300 1.6 1580 9.9
310 1.8 1169 15.1
320 2.2 983 2 2 .2
330 3.6 1227 29.4

° Contact time 0.6 sec.

The same authors showed that the constants A  and B 
in eq. 6 were equal to &ife2&'/(&_! +  /c2) and &i/(fc_i +  
/c2), respectively, in a rate expression derived by 
applying a steady-state treatment to reactions occurring 
on the catalyst surface. The constants klt Jb_i, and 
fc2 are specific rate constants of adsorption and desorp
tion of organic reactant and desorption of oxidized 
reactant, respectively. The conversion factor k' 
changes the fraction of the surface occupied by the 
organic reactant to its true surface concentration. 
The ratio A/B consequently equals kjc' and is inde
pendent of the nature of the adsorption step.

The Arrhenius plots of constants A, B, and A/B
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listed in Table III are straight lines. The slope of the 
line for A/B gives the heat of activation for the de
sorption of oxidized o-methylbenzyl alcohol AHA =  
31 kcal./mole. In the case of irreversible adsorp
tion of o-methylbenzyl alcohol, the constant fc-i is 
zero and A = kjo'. The temperature coefficient of A 
gives the heat of activation of the irreversible adsorption 
of o-methylbenzyl alcohol AHA =  15 kcal./mole. 
In the case of equilibrium adsorption and assuming a 
slow desorption of oxidation products from the catalyst 
(&2 is small) B = fci/fc_i, which is the adsorption equi
librium constant K. The slope of the line for B in 
the Arrhenius plot represents the heat of adsorption 
of o-methylbenzyl alcohol AHi =  —16 kcal./mole. 
Finally, by using the conventional thermodynamic 
equation which combines the equilibrium constant K  
with AF, AH, and AS, the entropy change AS/ for the 
reversible adsorption of o-methylbenzyl alcohol was 
found to be —13 cal./(mole deg.).

It is not possible to interpret the dependence of the 
rate upon oxygen pressure with the Hughes-Adams 
expression in its present form. This could possibly 
be done by developing a modified equation in which 
the above relationship would be included. However, 
more experimental data than those presently available 
(Figure 10 of ref. 1) would be required.

Discussion
The Hinshelwood Treatment. In the Hinshelwood 

rate equations (4 and 5) it is assumed that in hetero
geneous catalytic reactions where the temperature is 
relatively low the rate of adsorption of the reactant is 
of the same order of magnitude or even smaller than 
the rate of the chemical reaction (ra 5  rr). It is noted 
that Taylor8 reported a slow adsorption on the catalyst 
surface under these conditions. Consequently, the 
values for fca should be in this case independent of 
the organic compound employed if the same catalyst 
is used.

The Langmuir approach, in which the concentrations 
in the gas phase are related to the surface concentra
tions (adsorption equilibrium), proved to be most 
successful only for high-temperature reactions in which 
red-hot metal wire catalysts were employed. In this 
treatment a necessary requirement is that ra and iy  
be much greater than rr.

In Table II a summary of data obtained from the 
present study and those reported by other authors2-4 
or calculated from kinetic results found in the litera
ture9 is presented. Although the fca values for toluene 
and naphthalene at 350° differ only by 30%, Hayashi’s 
value for benzene4 is about one-fourth that for 
toluene. Further information was obtained by

using data reported by Ioffe and Lyubarski9 in their 
study on the vanadia-molybdena-catalyzed oxidation 
of benzene. Both the rate constants Zca and kT at 350° 
and activation energies Ka and Er were calculated. 
These results compare well with those reported by 
Hayashi except for the kT value. The reasons for this 
discrepancy are not fully clear although the difference 
in the catalyst and potential difficulties inherent in 
comparing results of such complex reactions can, at 
least in part, account for it. The observed difference, 
however, appears to be of little significance, for it does 
not affect the consistency of the fca values.

The fca value for the oxidation of o-methylbenzyl 
alcohol obtained in the present study compares with 
the corresponding data reported for other aromatic 
compounds although there are some differences be
tween values obtained by various workers for benzene, 
toluene, and naphthalene. According to the assump
tions made above, fc. should be independent of the 
organic compound employed at a given temperature 
and in the presence of the same catalyst. The adsorp
tion of oxygen should be the common step for all re
actions. It is not possible to say at present how mean
ingful these differences are until information on the 
rate constant fca of a greater number of organic com
pounds becomes available. However, it appears that 
the fca values for the organic species vary within a 
relatively reasonable range and yet are within the same 
order of magnitude.

On the other hand, data in Figure 7 of ref. 1 show that 
the rate of disappearance of o-methylbenzyl alcohol is 
dependent upon the alcohol concentration in the carrier 
gas at low values of the alcohol concentration and at 
the higher temperatures. At higher concentrations 
and at lower temperatures the rate tends to become 
independent of the concentration of the alcohol. The 
order of reaction was found to be 0.48, and the activa
tion energy for the disappearance of alcohol, 20.0 kcal./ 
mole. The most logical explanation of this result is 
that the o-methylbenzyl alcohol undergoes oxidation 
predominantly in the adsorbed state, and its rate of 
adsorption on the catalyst surface tends to control 
under given conditions the over-all oxidation rate. 
If this is so, the Hinshelwood assumption that only 
oxygen is adsorbed on the catalyst surface does not 
appear to be completely correct. However, even with 
the organic compound adsorbed, the steady-state 
approach will remain valid if ra< ^  rT. This modifica
tion seems to be permissible, for it is inherent to the

(8) H. S. Taylor, J. Am. Chem. Soc., 53, 578 (1931).
(9) 1.1. Ioffe and A. G. Lyubarski, Kinetics Catalysis (USSR), 3, 223 
(1962).
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steady-state concept as outlined above. Furthermore, 
it was found that ka> >  fca. However, under steady- 
state conditions and also depending upon the actual 
concentrations of the components in the gas mixture, 
ra may become greater than ?v. This may well ex
plain why a large excess of oxygen is always required 
in the reaction mixture during the oxidation process.

Data on the isotope exchange of O18 with CO on 
oxidic catalysts10 indicate that the lattice oxygens of 
the catalyst do not participate to a larger extent in 
the process of oxidation of hydrocarbons at low tem
peratures. Under these conditions, when the step
wise oxidation of o-methylbenzyl alcohol is taking 
place, the reaction probably occurs mainly on account 
of the loosely chemisorbed oxygens on the surface. 
At higher temperatures when the direct oxidation 
process is taking place, the top layers of the catalyst 
were shown to participate in the reaction.1’11 This 
result and the evidence on the adsorption of o-methyl 
benzyl alcohol make it questionable that the Hinshel- 
wood treatment is applicable to the conditions of the 
direct oxidation process.

Inspection of the activation energy data in Table II 
shows that the E* value for o-methylbenzyl alcohol 
compares with those reported for toluene and naph
thalene, whereas the value for benzene is consistently 
three to four times lower. The reasons for this dis
crepancy are not fully clear. A tentative explana
tion, however, is that the catalytic sites which partici
pate in the oxidation of benzene are different from those 
in the oxidation of other compounds studied. Hayashi4 
came to a similar conclusion in his study of the cata
lytic deactivation in the oxidation of benzene and 
toluene. Further experimental work will be neces
sary to clarify this point.

Experimental data reported by Hughes and Adams6 
in their study on the vanadia-catalyzed oxidation of 
phthalic anhydride between 472 and 575° were used to 
calculate the activation energies Ea =  36.4 and ET =
22.6 kcal./mole. Furthermore, the value Et =  24.6 
kcal./mole for naphthalene was determined by using 
the available data from Shelstad’s work2 and approxi
mating the fcr value at 350° as 17.0 X  10“ 5 (ref. 3). 
The results agree well with those reported for the 
majority of the other compounds studied and are 
presented in Table II.

The low activation energy ET =  9.4 kcal./mole for
o-methylbenzyl alcohol, compared with the average 
value of 26.0 kcal./mole for other compounds, appears 
to be in good agreement with the much higher sus
ceptibility of alcohols toward oxidation.

The Hughes-Adams Treatment. In Table IV  a 
summary of the thermodynamic quantities Affi*,

AH2*, Affi, AH2*, ASi, and AFx obtained from the 
present study and those reported for phthalic anhy
dride is presented. Although the values for o-methyl
benzyl alcohol agree in their main outlines with those 
found for phthalic anhydride, there are some significant 
differences. No conclusion, however, can be drawn 
upon the exact nature of the initial adsorption step. 
This is because the thermodynamic values appear 
reasonable for both the assumed irreversible and the 
equilibrium adsorption of o-methylbenzyl alcohol.

Table IV: Thermodynamic Quantities Derived from the 
Experimental Rate Constants A  and B

Irreversible ✓------------ Equilibrium adsorption-
adsorption 

Ai?i*, A Hz*, 
kcal./ kcal./

AHi,
kcal./

a h 2,+
kcal./

ASi,
ca l./
(mole AFi,

Reactant mole mole mole mole deg.) cal./mole

o-Methylbenzyl
alcohol 15 31 -1 6 31 - 1 3 -8 1 0 0  at 320°

Phthalic
anhydride 11 44 -3 3 44 -2 9 -9 240  at 542°

(a) Irreversible Adsorption. The heat of activa
tion for the irreversible adsorption of o-methylbenzyl 
alcohol (Affi* =  15 kcal./mole) compares reasonably 
well with the value reported for phthalic anhydride 
(Affi* =  11 kcal./mole). The Arrhenius activation 
energy for the formation of o-tolualdehyde from o- 
methylbenzyl alcohol, calculated from the specific 
rates, was found to be 30.4 kcal./mole.1 The 
comparison of this value with Aff2* =  31 kcal./mole 
for o-methylbenzyl alcohol appears to be permissible 
since o-tolualdehyde was found to be the principal 
oxidation product in the temperature range from 300 
to 350°. The observed Arrhenius activation energy 
therefore represents either the heat of activation for 
the desorption of o-tolualdehyde, Aff2*, or that for 
the adsorption of o-methylbenzyl alcohol, Affi*, 
whichever is higher, unless the reaction is solely con
trolled by the adsorption of oxygen.

In an attempt to obtain information on the extent 
to which the presence of by-products such as carbon 
oxides, maleic and phthalic anhydrides, and o-toluic 
acid in the oxidation product affects the Aff2* value 
for o-methylbenzyl alcohol, plots of the rate of forma
tion of individual products against the initial alcohol

(10) L. Ya. Margolis and S. Z. Roginskii, Probl. Kinetiki i Kataliza, 
Ahad. Nauk SSSR, 9, 107 (1957).
(11) T. Vrbaski and K. W. Mathews, Symposium on Heterogeneous 
Catalysis, 150th National Meeting of the American Chemical So
ciety, Atlantic City, N. J., Sept. 1965.
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concentration in the carrier gas were constructed from 
experimental data reported in ref. 1. The rate iso
therms for the formation of o-tolualdehyde and carbon 
oxides were found to exhibit the same trends as observed 
for the disappearance of o-methylbenzyl alcohol (Figure 
7 of ref. 1), whereas the isotherms for both the maleic 
and phthalic anhydrides were straight lines. How
ever, the rates of formation of o-toluic acid showed an 
inverse linear dependence upon the alcohol concentra
tion, suggesting a superimposed mass-transfer effect. 
This phenomenon, however, appears to be of little 
significance in the over-all desorption process due to 
the small concentration of the acid formed under con
ditions employed in this study. It was therefore con
cluded that the desorption of the by-products from the 
catalyst surface proceeds in a fashion similar to that 
observed in the case of o-tolualdehyde, presumably 
with a heat of activation comparable to that found for 
the desorption of o-tolualdehyde.

(6) Equilibrium Adsorption. The results indicate 
that the AHi, AH ^ , and ASi values for o-methylbenzyl 
alcohol are consistently about one-half those reported 
for phthalic anhydride. The reasons for this difference 
are not fully understood. Values of the same constant 
in similar systems should be comparable and relatively 
small since they characterize the transition from the 
activated complex on the catalyst surface to the ad
sorbed molecule. The values for the free energy change 
AFi, calculated from the equilibrium constant K  at 
selected temperatures within the extremes, are compa
rable and quite negative.

Although no conclusion could be made from thermo
dynamic data on the nature of the initial adsorption 
step, other evidence obtained in the course of the work 
tends to support the reversible process. First, the 
products of oxidation such as o-tolualdehyde, o-toluic 
acid, phthalide, and phthalic anhydride were shown 
to desorb readily from the catalyst surface under condi
tions at which o-methylbenzyl alcohol is being adsorbed. 
Second, these compounds also appear to adsorb on the 
catalyst surface under the same conditions since they 
undergo oxidation, when used singly, in a manner 
similar to that observed in the case of o-methylbenzyl 
alcohol.1-6.12.13 Therefore, the equilibrium, rather than 
the irreversible adsorption of o-methylbenzyl alcohol, 
is the more probable process, f t  appears, however, 
when data are treated by the Hinshelwood model, 
that the equilibrium is not established on the catalyst 
surface during the actual oxidation process.

From average experimental data as treated by an 
expression derived by Hughes and Adams from the 
absolute rate theory,6 about 1/30,000 of the surface 
oxygen sites of the vanadium oxide were found to be

covered with o-methylbenzyl alcohol molecules in the 
actual oxidation process.14 This suggests that the 
surface was very sparingly populated with molecules 
of o-methylbenzyl alcohol during the oxidation process. 
Since a portion of the alcohol always remained un
reacted and therefore probably unabsorbed on the cata
lyst surface under conditions employed in this study, 
it was concluded that the rate of adsorption of o- 
methylbenzyl alcohol was relatively small. This result 
is in good agreement with the steady-state concept as 
outlined above.

To summarize the conclusions, the Hinshelwood 
treatment appears to be applicable to the oxidation of
o-methylbenzyl alcohol over vanadia under conditions 
of partial conversion when the stepwise oxidation is 
taking place if it is supposed that the o-methylbenzyl 
alcohol is also adsorbed on the catalyst surface. The 
assumption that steady-state conditions are estab
lished on the catalyst surface is confirmed. Supporting 
evidence for this is that the specific rate constant for 
the adsorption of oxygen agrees within one order of 
magnitude with those reported in the literature for the 
oxidation of organic compounds over the same catalyst. 
It is, however, questionable that the Hinshelwood 
mechanism is adequate under the conditions of the 
direct oxidation process at the higher temperatures. 
The Hughes-Adams treatment suggests that, even 
with the milder conditions used in this study, the 
chemisorbed organic species reacts with the lattice 
oxygens of the catalyst; the oxidation products then 
desorb, and very rapid reoxidation of the catalyst 
follows. The adsorption of o-methylbenzyl alcohol 
is probably a reversible process.

Nomenclature

k a Specific rate constant of oxygen adsorption, 1. g.-1 sec.-1 
k v  Specific rate constant of adsorption of o-methylbenzyl alco

hol, 1. g.-1 sec.-1
k T Specific rate constant of reaction of organic reactant, 1. g.-1 

sec.-1
k o  Specific rate constant of reaction of adsorbed oxygen, 1. g.-1 

sec.-1
C T Concentration of organic reactant in carrier gas, M  

C o  Concentration of oxygen in carrier gas, M  

ft Fraction of the catalyst surface covered with oxygen

(12) C. E. Morrell and L. K. Beach, U. S. Patent 2,443,832 (1948).
(13) W. R. Edwards and R. D. Wesselhoft, U. S. Patent 3.128,284 
(1964).
(14) rr => K{kT/h)k'6&-&Hi*/RT#AS**/R. rt = 1.23 X 10"»mole/
g. sec., = 31 kcal./mole, flj = 0.6and593°K. Assuming that
k has a value of unity and A i s  zero, fc' was found to be 3 X 1011
molecules of o-methylbenzyloalcohol/g. of catalyst. If the oxygen 
ions in the lattice are all 3.0 A. apart and the vanadium oxide has an
area of about 1 m.2 * */g., then about 1019 oxygen sites exist in 1 g. of
catalyst.
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02 Fraction of the catalyst occupied by o-methylbenzyl 
alcohol

ra Specific rate of adsorption of oxygen, moles g.-1 sec.-1
ra' Specific rate of adsorption of organic reactant, moles g.-1 

sec.-1
rr Specific rate of reaction of organic reactant, moles g.-1 

see.-1
E ,  Activation energy for the adsorption of oxygen, kcal./mole
E t  Activation energy for the reaction of organic reactant, 

kcal./mole
K i  =  N f k a . C c , ,  g. sec. mole-1
A  Experimental rate constant, sec.-1
B  Experimental rate constant = equilibrium constant K ,  

atm.-1
Partial pressure of organic reactant, atm.
Conversion of organic reactant, moles/mole

t  Contact time, sec.
A H i *  Heat of activation for the irreversible adsorption of organic 

reactant, kcal./mole

A H z *  Heat of activation for the irreversible desorption of prod 
ucts, kcal./mole

Affi Heat of reversible adsorption of organic reactant, kcal./ 
mole

Affj+Heat of activation for the reversible desorption of products, 
kcal./mole

AS: Entropy change for the reversible adsorption of organic
reactant, cal./(mole deg.)

ASj^ Entropy of activation for the desorption of oxidized prod
ucts, cal./(mole deg.)

k '  Conversion factor for changing the fraction of the surface 
covered to true surface concentration, moles/g. 

k  Transmission coefficient
k  Bolztmann’s constant, 3.295 X 10-24 cal./deg. 
h  Planck’s constant, 1.563 X 10-84 cal. sec.
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Nuclear Spin Relaxation in Solid n-Alkanes

by J. E. Anderson and W. P. Slichter

Bell Telephone Laboratories, Incorporated, Murray Hill, New Jersey (Received April 5, 1965)

A study has been made of the role of specific molecular motions in effecting nuclear spin relax
ation in normal alkanes in the solid state. Steady-state measurements of n.m.r. absorption 
exhibited the onset of premelting motion in certain members of a series of n-alkanes ranging 
between C6Hi4 and C4oH82, notably in the odd-numbered members studied in the series and 
in even-numbered members of sufficiently high molecular weight. The contribution of 
the rotation of methyl groups to the n.m.r. spin-lattice relaxation time has also been 
determined in these compounds and in various solid solutions of C8H i8 and C8D is to assess 
the intermolecular contribution to the spin-lattice relaxation. All of these studies were 
carried out between 100°K. and the respective melting points. In the studies of spin- 
lattice relaxation, T\ minima were seen in all the compounds at 150 ±  5°K., when measured 
at a radiofrequency of 50 Mc./see., and the temperature dependence of rI\ corresponded 
to an activation energy of 2.6 ±  0.2 kcal./mole for all the compounds. These Ti minima 
are ascribed to the threefold reorientation of the methyl groups. The magnitude of Ti 
at the minimum depends upon the relative abundance of methyl protons. It is concluded 
from steady-state measurements that the methylene protons are essentially immobile at 
these temperatures. The spin-lattice relaxation of the methylene protons is ascribed to 
spin diffusion to the methyl protons. A kinetic model for this process has been developed 
and is found to account satisfactorily for the observed dependence of the minimum Ti value 
on the CH8/C H 2 ratio.

Introduction
The n.m.r. spin-lattice relaxation time, Th has been 

widely used to characterize molecular motions in both 
solids and liquids. measurements are commonly 
analyzed in terms of the simple expression developed1-6 
for relaxation among pairs of magnetic dipoles

1  = K (7- - )  1(1 + 1)X>«-6 x
J-1 \  “ o  /  j

_____COQTc 4 q )Q T c I

1  +  (cO0T o ) 1 2 3 4 5 1  +  ( 2 cOoT c) 2;

In eq. 1, y  is the magnetogyric ratio of the nuclear spin 
/ ,  is the angular frequency of the applied radiofre
quency field, r(j represents the distance between mag
netic nuclei, A  is a constant that depends on the process 
of molecular reorientation, and rc is the correlation 
time for this motion. Differentiation of (1) with re
spect to co0To shows the existence of a maximum when 
co0Tc =  0.62. It is commonly assumed that rc de
pends on temperature according to the relation r0 =

r0° exp(AE/RT), where AE  is the activation energy o 
the relaxation process and r0° is a constant of the sys 
tern having the dimensions of time.

The derivation of eq. 1 is based on a model of non
interacting relaxing units. This model is unsatisfactory 
for solids wherein spin exchange between the relaxing 
units is rapid. The use of eq. 1 to analyze relaxation 
data for solids therefore often predicts Ti values that 
are much smaller than those experimentally observed. 
In this paper we shall explore the consequences of spin 
diffusion in a system in which a fraction qf the nuclei 
couple strongly to the lattice, while the remainder ex
perience weak coupling. We shall demonstrate by

(1) N. Bloembergen, E. M. Purcell, and R. V. Pound, Phys. Rev., 
73, 679 (1948).
(2) R. Kubo and K. Tomita, J. Phys. Soc. Japan, 9, 888 (1954).
(3) I. Solomon, Phys. Rev., 99, 559 (1955).
(4) E. O. Stejskal and H. S. Gutowsky, J. Chem. Phys., 28, 388 
(1958).
(5) E. O. Stejskal, D. E. Woessner, T. C. Farrar, and H. S. Gutowsky, 
ibid., 31, 55 (1959).
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means of a kinetic argument how the magnitude of Tx 
is affected by the extent of this coupling to the lattice.

E x p e r i m e n t a l

All of the protonated n-alkanes studied were reagent 
chemicals obtained from commercial sources. Per- 
deuterio-n-octane with an isotopic purity of 90% H 2 
and a 98% chemical purity was obtained from Merck 
Sharpe and Dohme of Canada, Ltd. The samples 
were used without subsequent purification and were 
sealed under vacuum. The n.m.r. spin-lattice relaxa
tion times were determined by the 180-90° pulse tech
nique of Carr and Purcell,6 using the null method. 
Pulse lengths were of the order of 1-4 nsec. The re
covery time of the system was about 10 ¿nsec. Further 
details of the pulse equipment may be found elsewhere.7 
The steady-state measurements were carried out on a 
Varian dual-purpose spectrometer operating under 
wide-line conditions. Values of the spin-spin relaxa
tion time T2 were obtained from the line width, 8H, 
using the expression T% =  I/7 (SH).1

S p e c i e s  o f  M o t i o n  i n  t h e  S o l i d

The n.m.r. second moment, M2, provides a quantita
tive description of certain kinds of molecular motion 
in solids. Values of ili2 for immobile nuclei can be cal
culated,8 as well as M2 values for nuclei undergoing re
orientations about specific molecular axes.9 Experi
mental second moments are then compared with the 
calculated quantities. Using the X-ray data of 
Muller,10 Andrew11 has shown that the second moment 
of a completely rigid w-alkane CnH2M+2 may be ex
pressed as M2 =  26.3 +  19.1/(rz- +  1) gauss2. Below 
their rotational phase transitions, experimental M2 
values for C/sHsg and C32H66 agreed closely with the 
calculated values, and it was concluded by Andrew 
that these molecules were essentially motionless. 
However, Andrew found the second moment for Ci8H38 
at low temperatures to be much smaller than the value 
calculated for immobile molecules. Similarly, the 
second moments for CuH^ and Ci6H34 at low tempera
tures were found12 to be smaller than those calculated 
from Andrew’s expression for rigid n-alkanes. More
over, as is seen from Table I, which includes both the 
foregoing results and additional results from the pres
ent study, the M2 values are found to increase with 
chain length, contrary to Andrew’s equation for rigid 
w-alkanes. The disparity in the case of CisH^ was as
cribed by Andrew to the presence of some effective mo
tion even at the lowest temperatures used.

In the present investigations by steady-state n.m.r., 
two peaks were seen in the derivative curves for the 
lower alkanes at 125°K., the lowest temperature

Table I : Wide-Line Data at 148°K.

Alkane Mz, gauss2
Tz (wide), 

/usee.
Tz (narrow) 

juaec.

C6II„ 17.1 3.2 24
C7H18 3.2 22
C8H1S 19.7 3.0 18
C10H22 20.7 3 .1 30
CuH24 3 .1 29
C12H26 19.5 3 .1 31
C13H28 21.5“ 3 .1 26
C14H30 21.6 3 .1
C16H34 23.5“ 3.0
C18H38 23.9^ 2.9
C28H58 25.7 2.8
C32H66 26.9 2.8
C4oH82 24.9 2.7

See ref. 12. 6 See ref. 11.

studied. The derivative curve for C7H i6, taken at 
150°K., is illustrated in Figure 1. The narrow com
ponent decreases in intensity with increasing chain 
length and cannot be clearly identified in alkanes higher 
than CiTLo. With the exception of C1JI24 and Ci3H28, 
to be discussed subsequently, these derivative curves 
were essentially independent of temperature over the 
temperature range studied, up to the temperature of 
the rotational transition (see below). Experimental

-H K  1.63 GAUSS

n - C 7H(6 ,i50°K

< — 12 GAUSS — »

Figure 1. The derivative curve for 
n-CvHu measured at 150 °K.

(6) H. Y. Carr and E. M. Purcell, Phys. Rev., 94, 630 (1954).
(7) W. P. Slichter and D. D. Davis, J. Appl. Phys., 35, 10 (1964).
(8) J. H. Van Vleck, Phys. Rev., 74, 1168 (1948).
(9) H. S. Gutowsky and G. E. Pake, J. Chem. Phys., 18, 162 (1950).
(10) A. Müller, Proc. Roy. Soc. (London), A120, 437 (1928).
(11) E. R. Andrew, J. Chem. Phys., 18, 607 (1950).
(12) D. F. R. Gilson and C. A. McDowell, Mol. Phys., 4,125 (1961).
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M<i values, obtained at 150 ±  5°K., increased with 
chain length and appeared to approach an asymptotic 
value of 25-27 gauss2. These data suggest the exist
ence of a low temperature crystal structure wherein 
the methylene protons are held rigidly on the molecular 
backbone, while the methyl protons appear to be freely 
reorienting on the time scale of the steady-state experi
ment. If this is the case, the intramolecular contribu
tion to Mi is calculated to be M2 =  18.5 — 46.3/(re +
1) gauss2. Assuming that the intermolecular contribu
tion has the same dependence on methyl concentration, 
the total theoretical M2 is 26.3 — 65.7/(n +  1) gauss2. 
The measured M% values agree with this expression 
within experimental uncertainty.

It is well known13-16 that the odd-numbered n- 
alkanes and their even-numbered homologs above C18- 
H3S undergo a phase transition below their melting 
points, which marks the onset of considerable motion 
in the solid. In the present work, this transition was 
manifest in CnII24, C13H28, C28H58, C32H66, and C40H82 by 
narrow absorption lines that were first observable some
what below the Curie temperature. These lines grew 
more intense as the temperature was raised. There 
was a sharp decrease in Ti in the same temperature 
interval. The Ti data for C13H28 are shown in Figure 2. 
Curves for the other four compounds are similar. All 
of the samples melted before T\ minima were reached. 
Similar behavior has also been observed in C94H190 by 
McCall and Douglass.16 In the course of such a phase 
transition, a wide distribution of frequencies of molecu
lar motion will occur, causing simultaneous changes in 
Ti and IV

Each of the thirteen alkanes studied gave a plot of 
log Ti vs. reciprocal temperature similar to those 
illustrated in Figure 3. Every member of the series ex
hibited a Ti minimum at 148 ±  5°K. The activation 
energy for the correlation time r0, mentioned above, 
was determined to be 2.6 ±  0.2 kcal./mole in all sam
ples. The Mi studies have shown the methyl protons 
to be the only mobile nuclei at this temperature. We 
therefore assign these minima to the threefold reorienta-

Table II: Values of the 148°K. T i Minimum in «-Alkanes

Alkane Ti (min.), msec. Alkane Ti (min)., msec.

c 6h 14 58 ±  2 Ci4H3„ 106 ±  2
C7Hi6 61 ±  2 C16H34 130 ±  5
c sh 18 66 ±  2 C18H38 140 ±  5
C10H22 77 ±  2 C28H58 214 ±  7
C11H24 87 db 2 C32H66 238 ±  15
C12H26 92 ±  2 C40IÏ82 300 ±  15
C13H28 99 ±  2

T°K

Figure 2. Temperature dependence of the spin-lattice 
relaxation time in ra-Ci3H28.

T°K

103/T°K

Figure 3. Temperature dependence of the spin-lattice 
relaxation time in n-C7H16, n-Ci4H3o, and n-C18H38.

(13) A. R. Ubbelonde, Trans. Faraday Soc., 34, 282 (1938).
(14) W. F. Seyer, R. B. Bennett, and F. G. Williams, J. Am. Chem. 
Soc., 66, 179 (1944).
(15) H. L. Finke, et al„ ibid., 76, 333 (1954).
(16) D. W. McCall and D. C. Douglass, Polymer, 4, 433 (1963).
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tion of the terminal CH3 groups. The magnitude of Tx 
at the minimum increases with chain length as indicated 
in Table II.

Terms corresponding to those within the sum shown 
in eq. 1 are generated by both mfermolecular and 
intramolecular local fields. For reasons that will be 
discussed subsequently, it is of interest to discriminate 
between intramolecular and mfermolecular contribu
tions to 2\. One method of singling out these contribu
tions is to reduce the infermolecular effects by isotopic 
substitution. If attention is confined to linear terms 
in composition, Tx can be represented by

±  = A + B x  (2)
i l

In eq. 2, A and B refer to the total intra- and infer
molecular proton-proton interactions, and x represents 
the mole fraction of the protonated molecules. The 
infermolecular relaxation caused by the deuterium 
nuclei is smaller than the corresponding proton relaxa
tion by (td/ th) 2 = 0.0236 and can be ignored over the 
concentration range studied. A plot of (1/Ti)max vs. 
mole fraction of C8H i8 in C8D 18 is shown in Figure 4. 
The extrapolated value of A is 12.6 sec.-1, and B is 
found to be 2.55 sec.-1. From the ratio B/(A +  B), 
we find that infermolecular local fields are responsible 
for 17% of the spin-lattice relaxation in pure C8H i8.

Discussion o f Tx Results
Perhaps the most interesting feature of the spin- 

lattice relaxation data is the variation of the methyl 
Tx minimum with chain length. Equation 1, which was 
derived for a system of noninteracting pairs of nuclei, 
implicitly presumes that all the nuclei are equivalent 
in their capability for spin-lattice relaxation. This 
situation does not occur in the rc-aJkanes. The steady- 
state experiments cited above show that the second 
moments of all members of the series are large at 
~150°K ., the temperature of the Tx minimum. The 
conclusion is that the methylene groups are effectively 
motionless and therefore should be inefficient in direct 
transfer of spin energy to the lattice. The methyl 
groups, however, are comparatively efficient in spin- 
lattice relaxation, owing to their rotation at appropriate 
frequencies in this temperature range. It appears that 
the mechanism for the dissipation of the spin energy of 
the methylene protons, following irradiation by the 
radiofrequency magnetic field, is that described by M c
Call and Douglass16 in n.m.r. studies of polyethylenes. 
If Ti «  Tx, as it is in the ra-alkanes, energy can dif
fuse within the spin system before being dissipated by 
the thermal motion of the lattice. Through this proc
ess of spin diffusion,16-18 the energy of the methylenic

Figure 4. ( l / r i ) mal plotted as a function of 
mole fraction C8Hi8 in C8Di8.

spin system is conveyed to the methyl sites, where the 
dissipation to the lattice is comparatively effective.

Since the CH3/C H 2 ratio is known in the n-alkane 
series, this over-all process of spin relaxation, which was 
described qualitatively for paraffinic polymers,16 can be 
examined quantitatively. We use the following ki
netic model. Let us divide a system composed of Np 
protons into two groups. N a. will represent all those 
protons contained within methyl sites, and Nb, the 
remaining methylene protons. The populations of the 
upper and lower spin states will be designated A+, 
A~, B+, and B~. At equilibrium in a magnetic field 
these quantities assume the values A0+, A0~, B0+, and 
B0~. Relaxation in this system may be described by 
the expressions

4i

A+Z^ZA~  (3)
4-i
fa

B+Z^ZB~  (4)

fa
A+ +  B - Z ^ Z A -  +  B+ (5)

k- 8
Equation 3 reflects the direct exchange of spin energy 
between the methyl sites and the lattice. Equation 4 
represents the direct coupling between the remaining 
methylene protons and the lattice. Equation 5 de
scribes the exchange of spin energy between the two 
groups of protons.17 18 19 The rate constants j, fc_2, and

(17) N. Bloembergen, Physics, 15, 386 (1949).
(18) A. Abragam, “ The Principles of Nuclear Magnetism,” Oxford 
University Press, London, 1961, p. 382.
(19) The use of eq. 5 assumes implicitly that fa )S> fa, fa.
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fc_3 may be evaluated in terms of the equilibrium 
populations: at equilibrium fa(A0+) = k -1(A0~), etc. 
Since (Aa+/A0~) = (Be+/B0~), we find fa ■= fc_3. By 
straightforward but lengthy algebra, the rate expres
sions for the two-component system can be expressed as

— (a  — a 0)  =  — 2 k i ( a  — a 0)  —

/c3fVB[(a -  a0) -  (/3 -  /30) ] (6)

^ (/?  ~  ft) — —2fa(j3 — ft) ~

M M (3 ~  f t )  —  ( a  —  eft] (7)

where

A + — A~■ — (3~
a ~ A+ +  A - ’  ̂ ~  /?+ +  p~’ 6 C'

The quantities a and [5 are proportional to the mag
netizations and therefore to the observed signals. 
Equations 6 and 7 have a general solution

(a -  eft =  C + e +  CLe- *-* (8a)

03 -  ft) = C"+e~*+< +  C '-e-*-1 (8b)
where $>± are the roots of the equation

$±2 — [2(fa +  fa) +  fc3A!p]$± +
2fa(kzNs -T faN  a )  - f-  ifafa  — 0

and

_  2ki -j- kzN-B — 1ft _  _____ ksNa______ ~
± ~ 2fa +  -  i t

The absolute values of C+ and Cft are established by 
the boundary conditions.

The experimental significance of fa and fa may now 
be seen by considering systems composed entirely of 
methyl sites or isolated methylene protons. The re
laxation process is then described by exp(—2 fat) or 
exp(—2kit), and we can associate l/(2ftj) and 1 /(2/ft 
with the Ti values of the isolated methyl and methylene 
protons, respectively. The term fa represents spin- 
lattice relaxation caused by spin flipping between the 
methylene and methyl sites. The relaxation process 
envisaged here is formally similar to the relaxation of 
the nuclear spin system by paramagnetic impurities, 
which was treated by Bloembergen.17 In his kinetic 
model, fa can be approximated

fa = [15 +  7(n -  2)]T , (9)

where n is the number of carbon atoms in the alkane. 
Taking his model to be an adequate basis for compari

son in the present case, and considering the range of 
values of n that occur here, we can estimate that fa is 
comparable to 1/T2 within two orders of magnitude. 
On the basis of the T2 data in Table I, it then follows 
that fa »  fa, fa in all the alkanes at 150°K. In this 
case, the system effectively relaxes by the expression20

[ ( a  +  f t  — (a o  +  f t ) ]  =  [ ( a  +  f t  —

(« 0  +  f t )  ]initialC t̂ Tl (1 0 )

where

Equation 10 can be seen to revert to (1) whenever fa =  
fa. If fa fa> fa, as is the case for the n-alkanes, this 
treatment predicts that the minimum values of Ti ought 
to vary linearly with the relative abundance of methyl 
sites. On the other hand, it shows that the position 
of the Ti minimum along the temperature axis and the 
activation energy of the relaxation process are in
dependent of the number of methyl sites. We have 
already mentioned the close agreement among the ac
tivation energies of the various alkanes and among

N U M B ER  O F M E T H Y L  P R O TO N S

F ig u re  5 . Th e  m eth y l T i m in im um  va lu e  in  th e ra-alkanes as a 
functio n  of the re la tive  num ber of m eth y l protons.

(20) Equations 10 and 11 m ay be obtained from  eq. 6 and 7 d irectly  
by im posing the condition th a t a common spin tem perature is  m ain
tained throughout the system  at a ll tim es.
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the temperatures at which Tt minima occur. Figure 5 
shows the linear relationship between the experimental 
T i  minimum values and the N p / N a  ratio. The agree
ment between theory and experiment is excellent. The 
Ti minimum for a system composed entirely of methyl 
sites can be determined from the slope of the line in 
Figure 5. A value of 22 msec, is obtained by this 
method. We extended the work of Gutowsky, et al.f 
to obtain a 24 ±  1 msec. T\ minimum in C(CH3)4 at 
114 ±  2°K., which can be attributed to CH3 rotation.

We now examine the separation of the intra- and 
mtermolecular contributions to T\. Using eq. 2, the Ti 
study of the C/His-C/Dis system indicated that a pro- 
tonated «-octane molecule completely surrounded by its 
deuterated analogs would give a T\ minimum of 79 
msec, at 50 Me. Application of eq. 11 eliminates the 
effect of methylene relaxation through the methyl 
“ sink”  and yields a value of 26 msec, for the intra- 
molecular contribution to methyl relaxation. Hub
bard21 has calculated the time variation of the nuclear 
magnetization of three equidistant, identical nuclei, 
using a semiclassical density-matrix theory of relaxa
tion, and has found that the relaxation consists of the 
sum of two terms that decay exponentially with dif
ferent time constants. Practically speaking, however, 
the decay of the magnetization is adequately repre
sented22 by a single exponential of the form appropriate 
to relaxation in the absence of correlation between rela
tive motions of pairs of spins.1-3 As calculated for a 
radiofrequency of 50 Mc./sec., the magnitude of the 
T1 minimum for relaxation via the rotation of methyl 
groups about the threefold axis, in a polycrystalline 
sample, is 28 msec. This calculation involves only pair
wise interactions,1-3 with no cross terms, and is in 
close agreement with our experimental results. Using 
an essentially classical calculation, Stejskal and Gutow
sky4 have developed an expression that predicts a T\ 
minimum for methyl rotation of 57 msec., at a resonant 
frequency of 50 Mc./sec. It seems that the latter cal
culation of the cooperative influence of the two neigh
bors that relax the third methyl proton is fundamentally 
an overestimate. Thus, it appears that the agreement 
between the 57-msec, value and some of our earlier ex
perimental results on relaxation in camphor23 was 
fortuitous. The methyl 7 / minimum in camphor is 50

msec, at a radiofrequency of 50 Me. However, the 
seven protons in the camphor molecule that are im
mobile at low temperatures were not adequately ac
counted for in calculating the magnitude of the T\ 
minimum: properly, their presence would raise the 
magnitude of the T\ minimum to be expected in cam
phor.

The ratio of 22 msec., the experimental value for the 
Ti minimum, to 28 msec., the calculated value arising 
from interactions within a CH3 group, shows that about 
79% of the methyl spin-lattice relaxation in the n- 
alkanes is generated within the CH3 group. The rela
tive magnitudes of these intra- and extra-group contri
butions should not differ greatly for any hydrocarbon. 
This suggests that the methyl i\ minimum, when ob
tainable, could provide a qualitative measure of the 
number of reorienting CH3 groups present in a solid 
sample. In principle, this figure can be measured 
quantitatively by the n.m.r. second moment. As 
illustrated in the M2 study of the «-alkanes, this method 
becomes increasingly insensitive as the relative con
centration of methyl protons decreases. In contrast, 
the T\ minimum is probably more sensitive to the 
number of reorienting CH3 groups as their concentra
tion diminishes; e.g., a sample with a 10% concentra
tion of mobile CH3 protons will have a much larger 
minimum than a sample with a 15% concentration. 
Using the slope of Figure 5, we have obtained satis
factory determinations of mobile CH3 content in a 
number of polyolefins7 and ethylene-propylene co
polymers.24 Of course, the treatment set forth here 
for mobile CH3 groups is applicable to any mobile 
unit, once its intrinsic relaxation time is known.
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A Relationship between the Carbon-13 Carbonyl Chemical Shifts and n -»• r* 

Transition Energies in Cyclic and Bicyclic Ketones

by George B. Savitsky, Keishi Namikawa, and George Zweifel

Departm ent o f  C hem istry ,  U niversity o f  C a liforn ia , Davis, C alifornia  (Received A p r il  6, 1965)

A considerable low-field shift in C18 carbonyl spectra is usually observed in simple five- 
membered ring compounds. The same low-field shift of the sp1 2 carbon is observed in cyclo- 
pentanone oxime, but it is much less pronounced in methylenecyclopentane when com
pared to its four- and six-membered analogs. It also appears that the low-field carbonyl 
shift no longer characterizes a five-membered ring when it is fused with another ring in 
bicyclic ketones. It is suggested that unusually low or high carbonyl chemical shifts in 
homologous compounds may be explained in terms of their electronic excitation energies. A 
good linear correlation between the carbonyl shifts in some cyclic and bicyclic ketones and 
the n —»- 7r* transition energies has been established.

Introduction
As an extension of a general program undertaken in 

our laboratory to study stereochemical effects on C13 
chemical shifts we have investigated the carbonyl 
shifts in some cyclic and bicyclic ketones and related 
compounds. This paper represents an attempt to 
rationalize the magnitude and direction of these 
shifts in terms of current theories of chemical shifts.
Experimental

The C13 spectra were measured under experimental 
conditions previously described.1 All shifts were 
measured with respect to an external aqueous sodium 
acetate-l-C13 reference but subsequently referred to 
benzene. The liquid compounds were measured neat, 
and the solids were measured as concentrated solu
tions in CC14. Succinic and glutaric anhydrides were 
measured in dimethyl carbonate, being not sufficiently 
soluble in other solvents to result in measurable 
signals. All compounds except the two listed below 
were commercial reagents of high purity. Bicyclo-
[2.2.1]hept-2-en-7-one and bicyclo[2.2.1]heptan-7-one 
were prepared from hexachlorocyclopentadiene by a 
series of steps described by Gassman and Pape.2

Results and Discussion
Although proton n.m.r. spectra of small- and medium

sized ring ketones have been reported by several 
authors,3 the analysis and interpretation of the spectra

have not been made because of their complexity. C13 
shifts of the carbonyl carbon for cyclopentanone and 
cyclohexanone were first reported by Lauterbur.4 5 
The considerable downfield carbonyl shift of cyclo
pentanone with respect to cyclohexanone was at that 
time attributed to the “ strain”  effect in the five- 
membered ring. More recent extension of this study 
to cyclic ketones of various sizes by Stothers and 
Lauterbur6 has indicated, however, that this low-field 
shift is not exhibited by the supposedly more strained 
cyclobutanone. Thus, the carbonyl shift in the five- 
membered cyclic ketone is significantly lower than 
either one of its four- and six-membered homologs 
(about 10 p.p.m. lower than in cyclobutanone and 
about 8 p.p.m. lower than in cyclohexanone). The 
same authors found other instances of low-field car
bonyl shifts in five-membered rings, that in thujone 
being about the same as in cyclopentanone, that in 2- 
cyclopentenone being 11 p.p.m. lower than in 2-

(1) G . B . Sav itsky  and K . N am ikaw a, J . P h y s . Chem .,  67, 2430
(1963) .
(2) P . G . Gassm an and P . G . Pape, J . Org. Chem.,  29, 160 (1964).
(3) H .  Prim as, K . F re i, and H s .  H .  G ünthard , Helv. Chim. A cta ,  41, 
35 (1958); K . B . W iberg and B . J . N ist, J . A m . Chem. Soc.,  83, 
1226 (1961); F . A . L . A n et, Can. J . Chem.,  39, 2316 (1961).
(4) P . C . Lau terb u r, “ Determ ination of O rganic Structures by P h ysi
cal M ethods,”  V o l. 2, Academ ic Press In c ., New Y o rk , N . Y . , 1962.
(5) J . B . Stothers and P . C . Lau terb u r, Can. J . Chem.,  42 , 1563
(1964) .
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cyclohexenone. In five-membered v-butyrolactone the 
carbonyl shift is 7 p.p.m. lower than in four-membered 
/3-propiolactone. Our recent value on the carbonyl 
shift of the six-membered 5-valerolactone (—43.6
p.p.m. with respect to benzene) shows that the five- 
membered cyclic lactone is also about 6 p.p.m. lower 
than its six-membered analog, the situation being 
again similar to the corresponding cyclic ketones.

In Table I we have listed some additional information 
obtained in our laboratory on the C13 shifts of sp2 
ring carbons in four-, five-, and six-membered rings, 
together with some literature results for comparison.

Table I: C 13 C hem ical Shifts (in  p .p .m .)  w ith  R esp ect to  
B enzene on  sp 2 C arbons in  Som e Sim ple F ou r-, F iv e -, and 
S ix-M em bered  R in g  C om pounds

sp2 ring carbon
Compound Ring size chemical shift

2 -M eth ylcyclop en tan on e 5 - 9 1 . 6
2 -M eth ylcycloh exan on e 6 - 8 3 . 6

3 -M eth ylcyclop en tan on e 5 - 8 8 . 2
3 -M eth ylcycloh exan one 6 - 8 0 . 9

Succin ic anhydride 5 - 4 7 . 3
G lutaric anhydride 6 - 3 8 . 7

C yclopentanon e oxim e 5 - 3 7 . 7
C yclohexan one oxim e 6 - 2 8 . 3

M ethylen ecyclobu tan e 4 - 2 1 . 5
M ethylen ecyclopentane 5 - 2 2 . 9
M ethylenecyclohexane 6 - 2 0 . 2

C yclobu tan one 4 - 7 9 . 0 “
C yclopentanone 5 - 8 9 . 3 “
C yclohexanone 6 - 8 1 . 0 “

,8-Propiolactone 4 - 4 2 . 4 “
7-B utyrolactone 5 - 4 9 . 4 “
3-V alerolactone 6 - 4 3 . 6

“ See ref. 5.

These results indicate that the low-field shifts of the 
sp2 carbons in five-membered rings are common to all 
carbonyl carbons. It can be seen that, in spite of the
2-methyl and 3-methyl substituents, the low-field 
shift of the five-membered with respect to the six- 
membered ring is still apparent. Also, since the 
carbonyl shift in 3-methylcyclohexanone is practically 
the same as in cyclohexanone, it appears that the 
carbonyl shift is insensitive to the so-called “ 3-alkyl 
effect.” 6

In case of the sp2 carbon bonded to the nitrogen in 
the cyclic oximes, the same pronounced low-field shift 
in the five-membered compound is observed. On the

other hand, in the methylene series, although the same 
inversion in trend is observed on the ring sp2 carbon, 
it is much less pronounced, amounting to less than a
2-p.p.m. downfield shift in methylenecyclopentane as 
compared to its four- and six-membered analogs. It 
appears, therefore, that the pronounced low-field 
shift is not simply characteristic of the five-membered 
ring but depends on the type of group attached to the 
ring sp2 carbon.

No other physical properties seem to point to similar 
inversion in trend on the five-membered ring in the 
first few members of cyclic ketones. Thus, for ex
ample, the dipole moments of cyclic ketones increase 
monotonically with the increase in ring size from the 
four-membered to the six-membered ring, attaining a 
maximum value for cyclohexanone and then decreasing 
slowly up to the eight-membered compound, the values 
being, respectively, 2.76, 2.86, 3.08, 3.04, and 2.93
D., in this order.7

It appears that this inversion in trend can be ex
plained in terms of the theory developed by Pople 
and Karplus8 which assumes the dominance of para
magnetic shielding in C18 chemical shifts. This theory 
which is based on the approximate LCAO molecular 
orbital treatment of diamagnetism formulates the 
chemical shift as a function of total electronic charge 
on the atom in question, the bond orders of bonds 
around it, and the average electronic excitation energy 
AE. All other factors being equal or relatively un
important, the effect of AE to which the negative 
value of paramagnetic contribution is inversely pro
portional is as follows. The low excitation energy 
will lead to a low-field shift and vice versa. Inter
estingly enough, the results obtained from ultraviolet 
measurements on some cyclic ketones9 in an inert 
solvent (isooctane) show that cyclopentanone has the 
lowest n -*■ r* transition energy among four- to ten- 
membered cyclanones. Recently, Closson and Haug10 
reported that the n -*■ ir* transition energy of the five- 
membered butyrolactone (Xmax 214.0 myu) is also sig
nificantly lower than that of the four-membered propi- 
olactone (Xmax 207.2 m/r). If these particular transi
tions are roughly indicative of the average excitation

(6) E . L . E lie l, “ Stereochem istry of Carbon Com pounds,”  M cG raw - 
H ill Book C o ., In c ., New Y o rk , N . Y ., 1962, p . 240.
(7) H s . H . G ünthard and T . Gäum arm , Helv. Chim. A cta ,  34, 39 
(1951); R . A rn d t, H s . H . G ünthard , and T . Gäum ann, ib id .,  41, 
2213 (1958).
(8) J . A . Pople, / . Chem. P h ys .,  37, 53, 60 (1962) ; M . K a rp lu s and 
J . A . Pople, ib id .,  38, 2803 (1963); J . A . Pople, M ol. P h ys .,  7 , 301 
(1964).
(9) E . M . Kosower and G . S . W u, J . A m . Chem. Soc.,  83, 3142 
(1961).
(10) W . D . Closson and P . H aug, ib id .,  86, 2384 (1964).
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energies AE, the low-field shifts in cyclopentanone and 
butyrolactone may be understood if one assumes that 
other factors are relatively less important in homolo
gous compounds of this type or follow essentially the 
same trend as AE.

Table II : C arbony l C arbon  C h em ica l Shifts and n  —*- x*  
Xmax o f  Som e B icy c lic  C om poun ds

“ See ref. 2 ; in  isooctane. b D eterm in ed  b y  us, in  cyclohexane, 
using th e C ary record ing spectrom eter.

Listed in Table II are the carbonyl carbon chemical 
shifts of four bicyclic compounds measured by us which 
are interesting from the following points of view.

In spite of the different positions of the carbonyl 
group and ring sizes in I, III, and IV the carbonyl 
chemical shifts are very close in value. Therefore, the 
low-field shift can no longer be used for the characteri
zation of five-membered rings when they are fused with 
other rings.

Compound II is of interest because of the pronounced 
effect of the double bond (10 p.p.m. upfield shift in 
comparison with I) which is not conjugated with the 
carbonyl. This is probably due to the strained geome
try of the molecule. The carbonyl shift in C6H6CH2- 
C O O C H <  in which the x-system of the benzene ring 
is two bonds away from the carbonyl group was found 
to be —44.7 p.p.m., which compares with the -42 .0 - 
p.p.m. shift of the carbonyl in C H 3C O O C H 3. Thus, 
the effect on the carbonyl shift of the x-system two 
bonds away from the carbonyl group is normally at

best very small and in the opposite direction of the 
effect which is exemplified by compound II.

It can be noted again that, in comparison with the 
three remaining bicyclic ketones, the low chemical 
shift of II is associated with the high n —► x* transition 
energy which is again in qualitative agreement with 
theory.

If one assumes that AE plays a dominant role in the 
carbonyl chemical shifts of cyclic and bicyclic ketones 
and that n —► x* transition energies are approximately 
proportional to AE, one would expect to find a linear 
correlation of the type

fco — +  i

A plot of the carbonyl chemical shifts vs. n -*■ x* A max 
for the 12 cyclic and bicyclic ketones (listed in Tables 
II and III) is shown in Figure 1. The least-square 
linear fit yields the following regression coefficients: 
a =  —0.474 and b =  53.5 p.p.m. The coefficient of 
correlation is 0.873, and the root mean square of devi
ations is 1.95 p.p.m.

Table III: C arbony l C h em ica l Shifts and n  -*• x *  Xmai o f 
Som e C y clic  K eton es

Compound Carbonyl shift® n —► Xmax̂
C yclobu tan one - 7 9 . 0 2 8 1 .5
C yclopentanon e - 8 9 . 3 3 0 0 .1
C yclohexanone - 8 1 . 0 2 9 1 .4
C ycloheptanon e - 8 3 . 7 2 9 1 .8
C yclooctan on e - 8 6 . 7 2 9 0 .5
C yclonon an one - 8 6 . 6 2 9 2 .6
C yclodecanon e - 8 3 . 8 2 8 8 .3
C yclopentadecanone - 8 1 . 0 2 8 5 .9

“ D a ta  taken  from  ref. 5 for  cy c lic  ketones, 
from  ref. 9 for cyclic  k eton es; isooctane solvent.

b D a ta  taken

A similar plot for the 10 acyclic ketones (listed in 
Table IV) is shown in Figure 2. Again, the trend is in 
the same direction, but the least-square linear fit 
results in a different correlation line with the regression 
coefficients a =  —0.861 and b =  161.7 p.p.m., the 
coefficient of correlation being 0.912 and the root mean 
square of deviations 1.78 p.p.m. It may be noted, 
however, that only three points deviate significantly 
from the correlation line established for the cyclic 
ketones. These points correspond to the ketones in 
which the carbonyl group is bonded to two bulky 
groups simultaneously.

Such linear correlations cannot be extended to car
bonyl compounds in general or even to ketones whose 
carbonyl group is conjugated to a double bond and
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Figure 1. T h e  p lo t  o f carbon yl carbon  chem ical shifts vs.
Xmax o f  n  —»■ tt* transitions o f som e cy c lic  and b icy c lic  ketones: 
(1 )  cyclobu tan one, (2 )  cyclopentanon e, (3 )  cyclohexanone,
(4 )  cyeloheptanone, (5 )  cyclooctan one, (6 )  cyclononanone,
(7 )  cyclodecanon e, (8 )  cyclopentadecanone, (9 )  com pou nd  I, 
(1 0 ) com pou n d  I I , (11 ) com pou n d  I I I ,  (12 ) com pou nd  IV .

F igure 2. T h e  p lo t  o f  carbon yl carbon  chem ical shifts vs. 
Xmai o f n  —*• -rr* transitions o f  som e a cyclic  ketones, R C O R ':  
(1 )  O H ,, C H 3; (2 )  C H 3, C 2H 6; (3 )  C H 3, i-C 3H ,;  (4 )  C H 3, 
i-C 4H ,;  (5 )  C H 3, i-C 4H 9; (6 )  C 2H 6, C 2H 6; (7 )  C 3H ,, C 3H ,; 
(8 )  i -C 3H 7, j-C 3H y; (9 )  i-C 4H 9, i-C „H 9; (1 0 ) i -C 4H 9, f-CbH ,.

T a b le  I V : C arbon y l C h em ica l Shifts and n  - >  7r* X ^ *  o f 
Som e A cy c lic  K eton es R C O R '

n R ' Carbonyl shift6 n s. _* \ a ̂ TT Amar

CH3 c h 3 - 7 7 . 2 2 7 7 .5
c h 3 c 2h 5 - 7 8 . 4 2 7 8 .5
c h 3 Í-C3H7 - 8 2 . 3 2 8 3 .5
c h 3 f-C 4H 9 - 8 3 . 1 286
CH3 j-C 4H 9 - 7 8 . 4 2 8 2 .5
C Ä c 2h 5 - 8 1 . 4 2 7 9 .5
C3H, c 3h , - 8 1 . 1 283
í-C 3H , î-C 3H , - 8 7 . 7 239
Í-C4H 9 f-C 4H 9 - 8 7 . 9 290
¿-C4H 9 i-C 4H 9 - 8 7 . 9 287

“ P . M aron i, Ann. Chim. (P aris), 2, 757 (1957); hexane sol-
ven t. b A ll chem ical shifts taken  from  ref. 5 excep t for  d ip ropy l
ketone w hich  was m easured b y  us.

whose charge densities and bond orders must be 
strongly affected by resonance interaction. Further
more, even in the series of saturated ketones, the trend 
is evidently modulated by variation in electronic 
structure. Thus, according to the numerical formula
tion of the Pople-Karplus theory, a variation of 10% 
in AT? should result in about a 40-p.p.m. variation in 
the carbonyl chemical shifts if all other factors would 
remain constant. This amounts to about a 1.3-p.p.m. 
variation per l-npi shift in n -► t *  Xma*. The slope 
of the correlation line for the cyclic ketones indicates 
only about a 0.5-p.p.m. variation per m/i. The 
correlation established for the acyclic ketones is about 
0.9 p.p.m. per 1-mp shift and is thus closer to the 
theoretically predicted value.

The magnitudes of the n —► w* transition energies 
considered in this work are in themselves of great 
theoretical interest. In particular, the relatively high 
n — 7r* transition energy of compound II, as compared 
with its saturated analog, I, merits some discussion. 
The increase in the n t* AE cannot be ascribed to 
the interaction of the 7r-system of the carbon-carbon 
double bond with the unshared pair of electrons in the 
p orbital of oxygen because, as it was pointed out by 
Cookson and Hudec,11 this orbital is orthogonal to the 
x-systcm. For the overlap integral with the oxygen p 
orbital to have a nonzero value it must be nonparallel 
to the carbon-carbon double bond. This condition is 
satisfied in dehydronorcamphor, V, and the interaction

V

results in a significant intensification of the n —► t *  

transition11 [Xmax 304 mp (e 290)]. We have recently 
measured the C13 n.m.r. spectra of dehydronorcamphor, 
Y, and found the carbonyl shift to be —87.7 p.p.m. 
This is about 3 p.p.m. higher than the value predicted 
from the correlation established for the cyclic ketones. 
This small deviation may not be indicative of the 
effect of the double bond-carbonyl interaction dis
cussed by Cookson and Hudec. However, the shifts 
of the two nonequivalent double-bond carbons (—7.2 
and —13.6 p.p.m.) in dehydronorcamphor, as com
pared to the shift of the two equivalent double-bond 
carbons in compound II ( — 5.5 p.p.m.), indicate that 
there is a considerable deshielding and polarization of 
the carbon-carbon double bond in the former.

It is possible that the highly strained geometry of 
compound II is responsible for its rather short n

(11) R . C . Cookson and J . Hudec, J . Chem. Soc., 429 (1962).
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7r* wave length. This is compatible with the explana
tion of the abnormally short wave length of the four- 
membered propiolactone in terms of bond angle strain 
advanced by Closson and Haug.10 According to their 
interpretation, reduction of the internal angles leads to 
an increase in the s-character in the (r-bond of the 
carbonyl group, which in turn leads to the shortening of 
both the a- and x-bonds and thus raises the x*-level.

This explanation is also compatible with the high 
energy of the n —*■ x* transition observed in cyclo- 
butanone in comparison with the other members of 
the series. However, this theory fails to explain the 
lowest n x* transition energy in cyclopentanone. 
Also, compounds I and III would be expected to differ 
significantly, in the degree of strain, yet their n —►

x* transition energies are experimentally indistinguish
able. At the same time, compound IV should be less 
strained than either I or III and does show a lower n — 
x* transition energy, which is in qualitative agreement 
with the strain theory.

In spite of the preliminary and tentative nature of 
the correlations presented in this work, they point to the 
importance of considering excitation energies in the 
discussion of C13 chemical shifts.
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Intrinsic Viscosity of Linear Polyethylene in a ©-Solvent

by Carl J. Stacy and Raymond L. Arnett

R esearch D iv ision , P h illip s  P etroleum  C om pany, B artlesville, Oklahoma 74-004 (Received A p r il  8 , 1965)

An investigation of critical precipitation temperatures has established the ©-temperature 
for the system, linear polyethylene-dodecanol-1, at 138° and has estimated ©-temperatures 
for other solvents with the same polymer. The intrinsic viscosity-molecular weight rela
tionship for linear polyethylene in dodecanol-1 at 138° is found to be fo]e =  3.16 X IO-3 X 
M Q'h, where M e ( =  (M ‘A) , i 2) is that viscosity-average molecular weight appropriate for 
©-conditions. The mean-square molecular radius obtained from these measurements is 
compared with recent theoretical estimates.

I. Introduction
Unbranched polyethylene as the simplest hydro

carbon polymer is of unique importance to conforma
tion concepts.1-3 Much attention has been given 
recently to its ratio of mean-square radius to molecu
lar weight, as unperturbed by long-range segment- 
segment interaction,3-7 including estimates from both 
theory4’5 and experiment.3'6 However, the experi
mental values have not included results from intrinsic 
viscosities measured under ©-conditions. It is the 
purpose of this paper to report such measurements.

II. Experimental
Polymers. The linear polyethylenes used in this 

investigation are whole polymers. Those numbered

(1) M . V . Volkenstein , “ Configurational S ta tistics of Polym eric 
C h a in s,”  Interscience Pub lishers, In c ., New Y o rk , N , Y ., 1963.
(2) P . J . F lo ry , “ P rincip les of Polym er C h em istry ,”  Cornell U n ive r
s ity  Press, Ith a ca , N . Y ., 1953.
(3) M . K u ra ta  and W . H . Stockm ayer, Fortschr. H ochpolym er- 
F orsch., 3 , 196 (1963).
(4) C . A . J . Hoeve, J . Chem. P h y s ., 35 , 1266 (1961).
(5) K . N agai and T . Ish ikaw a , ib id ., 37 , 496 (1962).
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1 through 9 in Table I have previously been character
ized6 7 8'9 as to molecular weight. Although they have a 
relatively broad molecular weight distribution, ilfw/T fn 
=  11.3, the distribution function (logarithmic normal 
by number of molecules) is sufficiently well known to 
allow calculation of the appropriate viscosity-average 
molecular weights. Polymer 11 is a relatively narrow 
distribution linear polyethylene10 having the ratio 
M w/Mn =  1.6.

Table I : In trinsic V iscosity  o f  L inear P olyeth ylenes in  
D oceeanol-1  a t 138°

Polymer h ie Mw x  10-» M e  x io-'
2 0 .6 7 3 82 4 4 .7
1 0 .6 7 9 92 5 0 .2
3 0 .7 2 6 . 101 5 5 .2
6 0 .8 1 7 118 6 4 .4
7 0 .8 7 5 122 6 6 .6
8 0 .8 2 7 133 7 2 .6
9 1 .0 72 165 9 0 .0

11 1 .5 8 317 2 8 2 .0

Figure 1. Sum m ary o f phase equilibria  data.

The 0-conditions found by this work are listed in 
Table II. The most promising solvents for polymer 
work, from the standpoint of chemical stability of both 
solvent and polymer, are biphenyl and dodecanol-1. 
The viscosity measurements reported here were made 
using dodecanol-1 at 138°.

Q-Conditions. A problem in this investigation was 
finding a solvent for linear polyethylene with an 
experimentally accessible 0-temperature. Obvious cri
teria (boiling points, chemical stability, etc.) were used 
to select a list of possible solvents which included those 
previously suggested as 0-solvents for branched poly
ethylene (nitrobenzene,11 amyl acetate,11 2-ethyl- 
hexyl adipate12). The list was narrowed by prelimi
nary observation of the precipitation temperature of 
a single polymer sample from a 0.5% solution. 0- 
Temperatures were estimated for several solvents by 
measuring precipitation temperatures over a concen
tration range for several molecular weights.13 Shultz 
and Flory14 suggest that, when whole polymers are 
used in these experiments, the temperature, 0, is found 
by correlating the critical precipitation temperatures 
with an average molecular weight that lies between 
ilfw and Mz. We used Afw measurements, which in 
view of a constant Mz/Mw ratio for the logarithmic 
normal distribution will correctly give 0 at =
0.

Results of phase equilibria measurements on a single 
sample are summarized in Figure 1. The required 
amorphous phase separation is confirmed by the well- 
established maxima in the curves. For contrast, a 
few points for p-xylene are included. This solvent 
shows only the increasing precipitation temperature 
with polymer concentration characteristic of crystalli
zation from good solvents.2-15

Table II: 0-C on d ition s for L inear P olyeth ylene

Solvent e, °C.

D iphenylene oxide v̂ 1 1 8
B iphenyl ~ 1 2 5
D odecan ol-1 138
2 -E th ylh exyl sebacate 150
2 -E th ylh exyl adipate 170
N itrobenzene > 2 0 0
D ib u ty l phthalate > 2 0 0

Viscometry. Polymer solutions were prepared in 
the same manner as for measurements of scattered

(6) P . J . F lo ry , A . C ife rri, and R . C hiang , J . A m . Chem . Soc., 83 ,1023 
(1961).
(7) C . A . J . Hoeve and M . K . O’B rien , J . P olym er S ci., A l, 1947 
(1963).
(8) R . L . A rn e tt, M . E . Sm ith , and B . O . B u e ll, ib id ., A l, 2573 
(1963).
(9) C . J . Stacy and R . L . A rn e tt, ib id ., A2, 167 (1964).
(10) Sam ple k in d ly  supplied by Joseph J . Sm ith , P la stics D iv isio n , 
Union Carbide Corp . See W . L . C a rrick , R . W . K lu ib e r, E . F . 
Bonner, L . H . W artm an, F . M . Rugg, and J . J . Sm ith , J . A m . Chem . 
Soc., 82 , 3883 (1960).
(11) See re f. 2, p . 574.
(12) L . D . M oore, J r ., J . P olym er S ci., 36 , 155 (1959).
(13) See re f. 2 , p . 547.
(14) A . R . Shu ltz and P . J . F lo ry , J . A m . Chem . S oc., 74 , 4760 
(1952).
(15) L . M andelkern, “ C rysta lliza tio n  of Polym ers”  M cG raw -H ill 
Book C o ., In c ., New Y o rk , N . Y ., 1964.
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light.9 Solution concentration was varied by making 
dilutions of stock solutions in the viscometer. The 
viscometer is similar to others described in the litera
ture. Provisions were made for dilution, for inert 
atmosphere, and for two shear rates.

The viscometers were rigidly mounted in a stirred 
silicone oil bath regulated to ±0.01° near 138°. 
They were cleaned with a filtered solvent and flushed 
dry with filtered nitrogen. The hot filtered solution 
was added and manipulated by means of valves so as 
to be lifted and timed as it flowed between fiduciary 
marks. Flow times for the solvent were about 100 
and 200 sec. for the upper and lower bulbs, respec
tively. The shear rate dependence of the observed 
viscosities was quite negligible for the polymers re
ported here.

Relative viscosities (corrected for kinetic energy) were 
calculated from the measured flow times, t, by means of 
the expression

¿ (solution) +  C/t (solution)
¿(solvent) +  (^/¿(solvent)

The constant C was determined for each bulb in each 
viscometer.

III. Results and Discussion
Treatment of Observations. The quantity, (In vr)/c, 

was fitted by the method of least squares to the equar 
tion2

(ln „r) / c =  [v] +  k "[v]*c (1)

with the polymer concentration, c, in grams per deciliter. 
Values of ft" so determined appeared to scatter in a 
random fashion, and, since there is no reason apparent 
for k"  to differ among the polymers in this series, we 
computed a mean ft" weighting each value according 
to the goodness of fit of the data giving that value. 
The weighted mean for ft" is 0.20 with an estimated 
standard deviation of 0.05. This numerical value was 
put back in eq. 1 and [q] was redetermined by the 
method of least squares for each polymer. These final 
values of [??] are listed in Table I together with ap
propriate molecular weight data. It is estimated from 
prior measurements carried out in the same way that 
the standard error in determination of our intrinsic 
viscosities is 0.016. Figure 2 displays the fit of (In 
rir) vs. c with ft" constant. There appears to be no 
significant departure from linearity.

Molecular Weight Dependence. The Flory-Fox rela
tion for 9-conditions and polydisperse polymer can be 
written

W e =  K M ^ - K  =  $(6*?/W 'h (2)

where M e is the symbol we give for that particular 
viscosity-average molecular weight appropriate under
9-conditions and s0 is the root-mean-square molecular 
radius. Since Me is the square of the weight average of 
M'h and since the relation between M e and Mw for 
our polymers (except polymer 11) is the same as that 
given by Chiang,16 we have Mw/Me =  (Mw/M n)'/4 
or Me = M„/(11.3)1/1 for polymers 1-9. The values 
for M e so calculated are listed in Table I. The dis
tribution of polymer 11 is narrow enough to estimate 
M w/M e with little error regardless of its distribution 
form. We assumed the logarithmic normal form and 
calculated M e = Mw/(1.6)1/4 to include in Table I.

The second column of Table I was correlated with 
the fourth by the method of least squares allowing the 
exponent of M e to be an adjustable parameter. In the 
fitting each pair of variables was given a statistical 
weight in accord with the reliability of the determi-

Figure 3. M olecu lar w eight dependence o f  intrinsic v iscosity  
o f  linear polyeth ylene in  dodecanol-1  at 138°.

(16) R . Chiang , J . P olym er S ci., 3 6 , 91 (1959).
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nations of [77 ]e and MQ? The value for the exponent 
found by this procedure was 0.46 with a standard error 
of estimate of 0.03. We conclude the exponent does 
not differ significantly from 1/ 2. With the exponent 
set at y 2 a second least-squares fitting gave the value 
K  =  3.16 X 10-3 with a standard error of estimate of 
0.07 X 10~3. The data and the second fitted line are 
shown in Figure 3.

Molecular Radius. In order to calculate a molecu
lar dimension from the experimentally determined 
value of K  by means of (2), it is necessary to have a 
value for the constant, $. Numerical values of $  
calculated from theory are 2.86 X 1021 and 2.84 X 
1021 as quoted by Yolkenstein2 for the Kirkwood- 
Riseman theory and Zimm theory, respectively. An 
experimentally determined value of $  =  2.5 X 1021 
is quoted by McIntyre, et al.a Each of these values is 
judged to be that appropriate for 0-conditions, and each 
is the value for [77 ]e expressed in deciliters per gram, 
s0 in centimeters, and M  in grams per mole. Solving
(2) for 6s02/M ( = ( A /$ ) V*) we find 1.07 X H) - 16 
cm .2 mole/g. when the theoretical value of $  is used 
and 1.17 X 10-16 from the experimental value. The 
estimated standard deviation (occasioned by the un
certainty in K) for each of these values is 0.02 X 10-16.

Hoeve4 has made a direct calculation of 6s02/M  for 
polymethylene taking into account the possibility of 
additional steric hindrance from certain conformations 
of adjacent gauche states. His result is given in terms 
of an undetermined parameter having the meaning of 
the frequency of occurrence of these adjacent states. 
The parameter can be fixed by forcing agreement be
tween calculation and experiment for the temperature 
coefficient d In s02/d  In T. When this is done using 
the weighted mean of the observations of Ciferri, 
Hoeve, and Flory18 (d In s02/d  In T =  —0.433), the 
calculated value for 6s02/M  becomes 1.133 X 10~16 
cm.2 mole/g. at 160°.19 On using this same tempera
ture coefficient, the calculated value becomes 1.159 X 
10~16 at 138°. Thus, this work coupled with the works 
of Hoeve and Ciferri, et al., supports the value 2.5 X 
1021 for 3>.

(17) D . M cIn ty re , A . W im s, L . C . W illiam s, and L . M andelkern, 
J. P h ys . Chem.. 66 , 1932 (1962).
(18) A . C ife rri, C . A . J . Hoeve, and P . J . F lo ry , J . A m . Chem. S oc., 
83 , 1015 (1961).
(19) H oeve4 chose the value d ln  so2/d  ln  T  — — 0.44 and so obtained 
6so*/M  = 1.128 X  10-H at 160°.
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Radiolysis of Cyclohexane-iZ12-Cyclopeiitane Mixtures

by John Y. Yang and Inge Marcus

N orth  A m erican  A via tion  S cience Center, Thousand Oaks, C aliforn ia  (Received A p r il  9 , 1965)

The yields of dimers and olefins in irradiations of C6Di2-C 6Hi0 solutions have been deter
mined and these values are compared with the corresponding yields from radiolysis of 
CeHur-CeHio solutions. In CeD^-CsHio solutions, cyclopentene and bicyclopentyl yields 
are much higher and, in contrast to C6Hi2-C 5Hio solutions, the cyclohexene-d10 yields are 
somewhat less than those corrected for energy absorption in the cyclohexane component 
alone. The nature of the solvent-solute interaction between cyclohexane and cyclopentane 
is accounted for by hydrogen abstraction reactions. The nonideal behavior of the cyclo
hexene and cyclopentene yields in the radiolysis of C6Hi2-C 6Hio solutions is attributed to
disproportionation processes, C6Hn- +  C6H 9-----V  C6Hi0 +  C6Hi0 and C6Hh- +  C6H9- — >■
C6Hi2 +  C6H8, in which the rate constant k9 is greater than kl0.

Introduction

In the radiolysis of saturated hydrocarbon pairs, 
there is a reasonable expectation that chemical as 
well as physical effects on each of the components might 
be proportional to its concentration. Such ideal be
havior has been observed by Muccini and Schuler1 
in irradiations of cyclohexane-cyclopentane solutions 
by high energy electrons. However, in irradiations by 
Co60 7 -rays, at much lower dose rates, departures from 
statistically expected product yields have been reported. 
The bicyclohexyl1 yields are found to be depressed, but 
the cyclohexene2 yields are shown to be increased by the 
presence of cyclopentane in cyclohexane. Since cy
clohexene and bicyclohexyl yields are related (at least 
to some extent) by radical combination and dispropor
tionation processes,3 the above observations appear 
somewhat puzzling. Therefore, we have carried out 
Co60 7 -irradiations of cyclohexane-di2-cyclopentane 
solutions in order to study further the nature of such 
solvent-solute interactions.

Experimental Results

Experimental procedures have been described else
where.4 Cyclohexane-d12 was purified by gas chroma
tography, but it still contained two unidentified con
taminants each amounting to less than 0.05%.

The yields of dimers and olefins in irradiations of 
cyclohexane-di2-cyclopentane solutions are summarized 
in Tables I and II. Due partly to the presence of im

purities in cyclohexane-d12, the cyclopentene yields at 
low cyclopentane contents could not be measured 
accurately and these are not reported. In Table II, 
the differences in cyclohexene-di0 yields from those 
expected according to proportionality to cyclohexane-

Table I  : D im er Y ields from  
C yclohexane-di2-C y clop en ta n e  Solutions“

Electron 
fraction 

of CeDii, e (?(bicyclopentyl)
(? (cyclopentyl- 
cyclohexane) (? (bicyclohexyl)

1 . . . 0 .8 5
0 .9 9 5 . . . 0 .1 6 0 .7 9
0 .9 9 0 .0 4 0 .3 4 0 .7 0
0 .9 5 0 .2 0 0 .5 3 0 .4 0
0 .8 9 0 .2 5 0 .4 2 0 .2 2
0 .6 9 0 .5 0 0 .4 1 0 .1 3
0 .5 0 0 .8 1 0 .3 5 0 .0 6
0 .3 1 0 .9 4 0 .2 4 0 .0 3
0 .1 2 1 .1 5 0 .1 0
0 1 .2 5

“ T o ta l dose =  2 X  1020 e .v ./g . o f  sam ple.

(1) G . A . M uccini and R . H . Schuler, J. P h ys . Chem., 64, 1436 
(1960).
(2) S . Z . Tom a and W . H . H a m ill, J . A m . Chem. Soc., 86, 4761 (1964).
(3) C . E . K lo ts and R . H . Johnsen, Can. J . Chem., 41 , 2702 (1963).
(4) (a) J . Y . Yang and I .  M arcus, J. Chem. P h ys., 42, 3315 (1965) ; 
(b) J . Y . Yang  and I .  M arcus, to be published.
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dn contents are calculated and given as AG(C6D io) 
values. Because of small uncertainties in cyclopentene 
measurements, cyclopentene yields in excess of those 
expected from proportionality to the cyclopentane 
content are not tabulated. In the radiolysis of cyclo- 
hexane-di2 alone, hexene-2 was not detected and hexene- 
1 was found only as a minor product with G (hexene-1) 
being about 0.1.

Table II  : Olefin Y ields from  
C yclohexane-d i2-C y clop en ta n e  Solutions“

Electron fraction
of CeDi2, « G(CtHs) G(CeDio) € X GofCöDio) AG(CflDio)

1 0 .9 8 0 .9 8
0 .9 9 5 0 .9 0 0 .9 7 — 0 .0 7
0 .9 9 0 .8 8 0 .9 7 —0 .0 9
0 .9 5 0 .8 2 0 .9 3 - 0 . 1 1
0 .8 9 0 .6 7 0 .8 7 - 0 . 2 0
0 .6 9 1 .5 0 .5 6 0 .6 8 - 0 . 1 2
0 .5 0 1 .7 0 .4 2 0 .4 9 - 0 . 0 7
0 .3 1 2 .3 0 .2 4 0 .3 0 - 0 . 0 6
0 .1 2 2 .8 0 .1 4 0 .1 2 + 0 .0 2
0 3 .0

“ T o ta l dose =  2 X  10“  e .v . /g .  o f  sam ple.

Discussion

In the radiolysis of cyclohexane-di2-cyclopentane 
solutions, the bias in favor of cyclopentyl dimer yields 
is even higher than that reported by Muccini and 
Schuler1 for irradiations of cyclohexane-cyclopentane 
solutions. In contrast to the cyclohexane-cyclo
pentane system,2 the cyclopentene yields are higher 
and cyclohexene-dio yields are somewhat less than those 
expected from proportionality to each of the com
ponents. Muccini and Schuler1 have shown that the 
initial radiation-induced formation of cyclohexyl and 
cyclopentyl radicals follows an ideal behavior and they 
accounted for the lower cyclohexyl dimer yields by 
proposing the abstraction reactions

CeHir +  C6H10 - X  C6H12 +  C6H 9- (1)

C6H9- +  C6H12 - X  C6H10 +  C6Hu- (2)

in which the rate constant fa is greater than fa. They 
further proposed dimer formations by radical recombi
nations

c 8h u- +  c 9h u. - X  c 12h 22 (3)

C6H„. +  C5H9- - ÎV  CuH* (4)

C*H9. +  c 6h 9- c 10h 18 (5)

for which the rate constants fa, fa, and fa are shown to 
be virtually identical. In the C6D i2-C sHxo system, 
hydrogen abstraction from cyclohexane would be in
hibited owing to the deuterium isotope effect. The 
observed high bicyclopentyl yields together with the 
low values of bicyclohexyl serve to confirm the im
portance of such hydrogen abstraction reactions.

The observed nonideal behavior in cyclohexene and 
cyclopentene formations is not as easily explained. 
Toma and Hamill2 attributed the higher cyclohexene 
yields to charge transfer from cyclopentane ions to 
cyclohexane, resulting in proportionally greater re
actions by cyclohexane. This mechanism, however, 
is not consistent with our olefin yield data. Most 
probably, olefin formation may arise both by radical 
disproportionation and by molecular dissociation as 
in reaction 6.

C6H12+ +  e — >■ C6H12* — >  C6H10 +  2H (6)

In the radiolysis of cyclohexane-d12, disproportionation 
by the C6Dn • radical would be inhibited by an expected 
deuterium isotope effect and the observed G(cyclo- 
hexene-dio) may be attributed largely to molecular 
dissociation. In cyclohexane-di2-eyclopentane solu
tions, the observed cyclopentene yield is higher at the 
expense of the cyclohexene-dio yield. Apparently, 
charge transfer from cyclopentane ~o cyelohexane-di2 
does not take place. Since the ionization potential 
of a hydrocarbon is scarcely affected by deuterium 
substitution,5 6 we expect charge-transfer processes in 
cyclohexane-cyclopentane solutions, likewise, to be not 
appreciable.

It is further observed that cyclohexene-dio yields are 
only slightly smaller than those expected from pro
portionality to the cyclohexane-di2 content. This 
shows that contribution to cyclohexene-dio formation 
by radical disproportionation must be small, since 
large isotope effects in both hydrogen abstraction and 
radical disproportionation reactions are expected to 
give rise to C6H8 formation at the expense of C6D i0. 
The cyclohexene yield from cyclohexane is about three 
times that from cyclohexane-di2, and the difference may 
be attributed largely to disproportionation of the cyclo
hexyl radical. For cyclohexane and cyclohexane-oY 
samples each irradiated to a dose of about 2 X  1020
e.v./g., the difference in G(C6Hio) and G(C6D i0) values 
is about 2.0 and G (bicyclohexyl) from cyclohexane 
radiolysis is 1.45. The ratio 2.0/1.45 is in close agree
ment with the C6Hn ■ radical disproportionation to 
recombination rate constant ratio of 1.31 as reported

(5) F . H . F ie ld  and J . L . F ra n k lin , “ E lectron  Im pact Phenom ena,”
Academ ic Press, In c ., New Y o rk , N . Y ., 1957.
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by Klots and Johnsen,3 showing that our assumption 
is justified.

In the radiolysis of cyclohexane-cyclopentane mix
tures, disproportionation of cyclohexyl and cyclopentyl 
radicals may proceed by four different paths as

C 6H u . +  C 6H i r  - CsH io +  CeHl2 (7)

C 6H 9- +  C 6H 9- - C 6H 8 +  C 6H io (8)

C 6H 9- +  C eH n - C SH 10 +  C 6H 10 (9)

C 5H 9- +  C 6H u - -^  C 6H 8 +  C 6H 12 (10)

The rate constants for recombination of cyclohexyl 
and cyclopentyl radicals are shown to be nearly iden
tical.1 Since, in the absence of hydrogen abstraction 
reactions 1 and 2, each of the radical yields and its 
corresponding dimer yields are found to be statistical, 
the disproportionation rate constants k7 and ks must also 
be nearly the same. If we discount appreciable energy 
or charge transfer from cyclopentane to cyclohexane, 
the observed nonideal behavior of the cyclohexene and 
cyclopentene yields can be accounted for only by a dif
ference between the rate constants k9 and kw.

We now examine probable activated complexes

H/

I
O .  , D

H
II

respectively, for reactions 9 and 10 and compare these 
with similar activated complexes

H _  £

D O  O  u
III IV

for the abstraction reactions 1 and 2. Since it has been 
demonstrated that fci >  fc2, we may suggest that the 
driving force facilitating hydrogen abstraction from 
cyclopentane is due to a smaller free energy difference 
between the cyclopentyl radical and cyclopentane as 
compared to that between the cyclohexyl radical and 
cyclohexane. Such a suggestion is consistent with the 
known strain (6 kcal.) in cyclopentane resulting from 
repulsion between eclipsed hydrogen atoms.6 The

heats of formation7'8 at room temperature for liquid 
cyclohexane, cyclopentane, cyclohexene, and cyclo
pentene are, respectively, — 3 6 . 7 ,  — 2 5 . 3 ,  — 9 . 7 ,  and
1.2 kcal./mole. Thus, the free energy difference be
tween the cyclopentyl radical and cyclopentene is 
likewise smaller than that between the cyclohexyl 
radical and cyclohexene. In reactions proceeding 
from the activated complexes I and II, the rate-de
termining processes are, respectively, the scission of 
the C -H  bond in the C6Hn • radical to give cyclohexene 
and that in the C6H 9- radical to give cyclopentene. 
Therefore, we may expect k9 >  kw at least to the same 
degree as h  >  fc2.

It is interesting to note that interactions in the radi
olysis of cyclohexane and cyclopentane may be ac
counted for by chemical processes alone. Certainly, 
possible effects due to energy or charge transfer2'9 
appear to be small, yet the photoionization potentials 
for cyclohexane (9.88 e.v.) and cyclopentane (10.51 
e.v.) are highly different.10 For example, the dif
ference is comparable to that between cyclohexane 
(9.88 e.v.) and cyclopentene (9.01 e.v.) and even more 
than some other paraffin-olefin pairs. Charge transfer 
between a large number of saturated hydrocarbon 
pairs has been investigated by Hardwick,11 and the 
extent of such processes is found to be relatively small, 
at least at low acceptor concentrations. On the other 
hand, very large contributions to paraffin-olefin inter
actions by energy or charge transfer are well demon
strated.2'4 We may conclude, therefore, that the 
difference in ionization potentials cannot be the sole 
factor controlling the rate of charge transfer. Charge 
exchange must compete with ion neutralization. The 
cross sections for such processes apparently depend 
greatly on the availability of x-electrons in the acceptor.
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The Intradiffusion12 and Derived Frictional Coefficients for Benzene and 

Cyclohexane in Their Mixtures at 25°

by Reginald Mills

D iffu s ion  R esearch U n it, R esearch School o f  P h ysica l Sciences, A ustra lian  N ationa l U niversity, 
Canberra, A .C .T .,  A u stra lia  {R eceived A p r il  12, 1965)

The intradiffusion coefficients of both benzene and cyclohexane in mixtures of these two 
components have been measured over the whole mole fraction range at 25°. The limiting 
values of these intradiffusion coefficients agree well with the corresponding limiting mutual- 
diffusion coefficients. Calculations have been made of certain of the frictional coefficients, 
Rik, which relate to the interaction of isotopic species.

Introduction

In recent years, the view has been advanced that 
data from diffusion studies might be most informative 
from a fundamental standpoint if expressed in the form 
of frictional coefficients. One type of system of con
siderable interest in this respect is the ternary one in 
which two of the components are chemically identical 
and differ only in isotopic composition. Frictional 
coefficients which are related to the interaction 
between the isotopic species can be obtained from ex
perimental data and their variation with a changing 
environment studied. In order to calculate this par
ticular type of frictional coefficient, intradiffusion and 
mutual-diffusion coefficients must be available together 
with activity coefficient data for any given system. 
At the present time there are very few suitable sets of 
intradiffusion data that can be used for this purpose be
cause to be meaningful such measurements must be de
termined with precision of the order of a few tenths of 
1%.

Recent studies in this laboratory on the benzene- 
diphenyl3 and urea-water2 systems4 have shown that 
precision of this order can be obtained. Both of these 
systems are, however, limited in the range of concen
tration that can be studied owing to solubility con
siderations. The benzene-cyclohexane system was 
therefore selected for study as the liquid components 
are completely miscible over the entire composition 
range at 25°. Mutual-diffusion coefficients for the sys
tem obtained by the accurate Gouy method have been 
reported by Hamed,6 and activity coefficients can be

calculated from the relations given by Scatchard 
Wood, and Mochel.6 Some measurements of the intra- 
diffusion coefficients of benzene in the system have 
been made by Collins and Watts7 but at three concen
trations only and designed to test empirical viscosity 
relations.

(1) Th e meaning of the term  “ in trad iffusion”  is  presented as fo llow s. 
In  a section of a homogeneous m ulticom ponent system  at uniform  
tem perature, le t a portion of one of the components present be re
placed by an iso top ically labeled form  of the same component and 
hence by a new component whose concentration m ay be separately 
m easured. Fu rth e r, le t the chem ical differences between the new 
and orig inal components be negligible w ith  regard to diffusion in  the 
system . Then equivalent and opposite concentration gradients w ill 
be established between these two components w hich w ill resu lt in  
equivalent and opposite flows re la tive  to  the volum e-fixed fram e of 
reference. (O f course, under the specified conditions, th is fram e of 
reference w ill coincide w ith  the solvent-fixed and num ber-fixed fram es 
of reference). I t  is  th is m utual diffusion between the tw o chem ically 
equivalent components w hich we define to be in trad iffu sion . Th e  
“ intrad iffusion coefficient”  fo r these components is  obtained by 
treating  the system  as a two-component system  and applying F ic k ’s 
law s. In  the te x t, the intrad iffusion coefficient is  represented by the 
sym bol, D t . The relation of th is in trad iffusion  coefficient to other 
diffusion coefficients, as w ell as the reasons fo r introducing it , is  d is
cussed in  a recent paper by A lb rig h t and M ills .2
(2) J . G . A lb rig h t and R . M ills , J . P h y s . Chem ., 69 , 3120 (1965).
(3) R . M ills , ib id ., 67 , 600 (1963).
(4) Fo r convenience we refer to the benzene-diphenyl or benzene- 
cyclohexane system s. I t  should be understood however th a t, when 
considered in  relation to intrad iffusion and fric tio n a l coefficients, these 
system s are te rn ary ones consisting of the two components referred 
to above together w ith  a labeled but chem ically identica l species of 
either one of them .
(5) H . S . H am ed , D iscu ssion s F araday S oc., 24 , 7 (1947).
(6) G . Scatchard , S . E . W ood, and J . M . M ochel, J . P h y s . Chem ., 43 , 
119 (1939).
(7 ) D . A . C o llin s and H . W atts, A u stra lian  J . Chem ., 17, 516 (1964).
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Experimental

Materials. Analar grade benzene was found by 
gas chromatographic analysis in the previous study3 
to be sufficiently pure for diffusion studies. Cyclo
hexane purified for spectroscopic use was kept over 
sodium wire for several days and then distilled, the 
middle fraction being collected. Its density was 0.7732
g./ml. compared to the value of 0.7738 g./ml. reported 
by Timmermans.8 Benzene and cyclohexane both 
labeled with Cu were used as the tracer species and ob
tained from the Radiochemical Centre, Amersham, 
England.

Mixtures of benzene and cyclohexane were made up 
approximately by weight and their densities deter
mined later by using a set of three matched pycnom
eters. The data and equations given by Wood and 
Austin9 were then used to compute the mole fractions 
accurately from these measured densities.

Apparatus and Procedure. The diaphragm cell 
technique used in this study has been described in the 
first paper of this series.3 One small modification was 
the use of Teflon stoppers to seal both bottom and top 
compartments. Rotation of plugs within the stoppers 
allowed complete sealing of the compartments for the 
intradiffusion measurements. The design also allowed 
a negligible amount of the contents of the compartments 
to be retained in the stoppers. In previous designs 
a small systematic error may be caused by retention of 
small amounts of the cell contents within the capillaries 
and their subsequent release into the cell when it is 
opened for sampling.

Calibration and counting procedures were the same 
as in ref. 3.

Results
The intradiffusion coefficients measured in this work 

are given in Table I. The average error in the coeffi
cients was estimated to be ±0 .3% , and this was verified 
by replicate measurements at the same concentration. 
In this table and in the Discussion which follows, sub
scripts for the components of the system under study are 
assigned in this manner: labeled benzene, 1 ; benzene, 
2; labeled cyclohexane, 3; cyclohexane, 4. The sub
script v indicating the volume-fixed frameof reference is 
used on the intradiffusion coefficients to be consistent 
with the mutual-diffusion data.

Discussion
In order to examine broad relations among the mutual- 

diffusion, intradiffusion, and viscosity coefficients, the 
relevant data are plotted together in Figure 1. Ex
cellent agreement is obtained between the limiting 
mutual-diffusion coefficient for cyclohexane in benzene

T ab le  I :  In tradiffusion  C oefficients o f B enzene and 
C yclohexane in  B en zen e-C ycloh exan e  M ixtures a t 25°

Mole % OX>+7*s OX>Q

cyclohexane om.ysec. cm.2/sec.

0 2 .2 4 7 2 .1 0 4
9 .9 9 2 .3 0 8 2 .1 2 4

19 .21 2 .1 4 2
2 0 .1 2 2 .3 6 2
2 4 .8 5 2 .3 6 9 2 .1 3 2
3 8 .89 2 .3 5 2
4 0 .8 0 2 .0 7 3
60 .31 2 .2 6 4
67 .21 1 .8 72
7 8 .9 2 1 .7 33
8 1 .23 2 .1 1 8

100 .00 1 .8 95 1 .4 75

as reported by Harned4 and the intradiffusion coefficient 
from this work, the respective values being 2.101 and 
2.104 X 10~5 cm.2/sec. For benzene in cyclohexane, 
the measured value of the intradiffusion coefficient 
is 1.890 X 10-6 cm.2/sec., whereas a value of 
1.876 X 10~6 obtained by extrapolation of mutual-dif
fusion values is given by Harned.4 However, it will 
be observed from Figure 1 that it would not be un
reasonable to extrapolate the latter values to the limit
ing intradiffusion figure and for the sake of consistency 
in later calculations, this has been done.

It is noteworthy also that the maxima in both intra
diffusion coefficient curves coincide almost exactly 
with the minimum in the viscosity curve at about 76 
mole %  benzene. The curve for the “ activity-cor
rected” 10'11 mutual coefficients DA also has a maximum 
but at about 60 mole %  benzene. In the system under 
study essentially three frictional coefficients can be con
sidered to be involved in the process of viscous flow. 
One coefficient relates to the interaction between unlike 
molecules and the other two to interaction between like 
molecules for each of the two chemical components. 
Since intradiffusion involves two of these, the better 
correlation with the viscosity data as compared to 
mutual diffusion where only one interaction is involved 
is not unexpected. In fact, if the viscosity and dif
fusion coefficients can be related, it should be possible

(8) J . Tim m erm ans, “ Physico-Chem ical Constants of Pure Organic 
Com pounds,”  E lse v ie r Pub lish ing C o ., Am sterdam , 1950.
(9) S . E . Wood and A . E . A u stin , J . A m . Ckem . S oc., 67 , 480 (1945).
(10) D v' — Z>v/(b  In  0 2 / d In  x i) where D v is  the observed m utual 
diffusion coefficient and a% and Xi are the therm odynam ic a c tiv ity  and 
mole fractio n , resp ectively, of component i . 11

(11) In  re f. 3 , the mole fraction  of species i  was represented by N {. 
H ow ever, since the use of Xi to represent mole fractio n  is  in  more gen
eral use, it  is  adopted here.
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Figure 1. C om parison  o f v iscosity , m utual-diffusion, and 
intradiffusion coefficients in  ben zen e -cy c loh ex a n e  
mixtures at 2 5 °.

to do so by using some combination of the two intra
diffusion coefficients without recourse to the mutual co
efficients.

For the reasons outlined in a previous paper,3 there 
seems little point in using the diffusion data from this 
study to test equations of the Hartley-Crank type. 
Such equations are applicable only to regular solutions, 
and the present system does not come under this 
category.

We propose, however, to examine this system by 
calculating frictional coefficients and studying their 
variation with composition. This should be of con
siderable interest as the system is the first in which the 
isotopic frictional coefficients, in particular, can be calcu
lated over the whole composition range with sufficient 
accuracy to be meaningful. The Ri!c formalism which 
was first introduced by Onsager12 will be used. The 
isotopic coefficients, Rik, can be calculated from an 
equation given by Albright and Mills2

_  I" F0c0(d In as/g)c8) _  1 8a
R ik -  R iy  10oo /T  ( D V b +  ci(Ht)T.

(1)

Figure 2. G raph  o f Rn,/1000RT fo r  ben zen e-cycloh exan e  and 
ben zen e-d ip h en yl m ixtures in  w hich  com pon ents are 
separately labeled to  g ive  ternary system s.

where the subscripts i and k each refer to either of the 
two isotopic forms of the same chemical species, and 
0 refers to the other component, s refers to the sum of 
the concentrations of these two forms, R is the gas con
stant, T the absolute temperature, Vt the partial molal 
volume in milliliters per mole, ct the concentration in 
moles per liter, and 8 is the Rronecker delta. The 
coefficients, R{0 for interaction between differing chem
ical species may also be simply determined from the 
equation

Ri o —
RTV0cB(à In aBfàca) 

1000/R (2)

In Table II are listed the Rik and Ri0 coefficients for 
the benzene-cyclohexane and benzene-diphenyl3 sys
tems.

(12) L . Onsager, A n n . N . Y . A cad . S ci., 46 , 241 (1945).
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T able  II  : F riction a l C oefficients fo r  th e System s 
B en zene-C yclohexan e and  B en zen e -D ip h en y l a t  2 5 °“

Mole % ✓----Benzene—cyclohexane---- , ✓-------Benzene-diphenyl-------■.
ben- -&L2 Ru Ru Ä12 -See Ä16
zene 1000Ä77 1000RT 1000RT IOOOjRT 1000BT lOOOfiT

l - 4 . 9 1 - 7 . 3 5 - 5 . 7 3 9
2 - 5 . 2 2 - 7 . 3 0 - 5 . 6 8 7
5 - 5 . 6 5 - 7 . 1 7 - 5 . 5 1 5

10 - 5 . 5 5 - 6 . 9 9 - 5 . 2 6 3
20 - 5 . 3 0 - 6 . 7 2 - 4 . 8 3 3
30 - 4 . 9 9 - 6 . 5 5 - 4 . 5 7 4
40 - 4 . 7 1 - 6 . 4 9 - 4 . 3 3 9
50 - 4 . 4 4 - 6 . 5 2 - 4 . 1 6 6
60 - 4 . 2 2 - 6 . 6 4 - 4 . 0 5 6
70 - 4 . 0 5 - 6 . 8 5 - 4 . 0 1 6 - 7 . 3 4 - 1 6 . 4 5 - 9 . 5 6 9
80 - 3 . 9 7 - 7 . 2 3 - 4 . 0 2 0 - 6 . 0 0 - 1 4 . 6 4 - 8 . 1 1 7
90 - 3 . 9 5 - 7 . 8 8 - 4 . 1 0 4 - 4 . 9 4 - 1 3 . 1 7 - 6 . 8 3 1
95 - 3 . 9 6 - 8 . 4 0 - 4 . 1 6 7 - 4 . 4 5 - 1 2 . 3 3 - 6 . 2 6 9
98 - 3 . 9 7 - 8 . 4 7 - 4 . 2 2 2 - 4 . 1 7 - 1 1 . 7 2 - 5 . 9 4 3
99 - 3 . 9 7 - 7 . 5 4 - 4 . 2 2 5 - 4 . 0 8 - 1 1 . 2 3 - 5 . 8 3 3

“ L abeled  benzene, 1 ; benzene, 2 ; labeled cyclohexane, 3 ; 
cyclohexane, 4 ; labeled diphenyl, 5 ; diphenyl, 6.

The frictional coefficients derived from the intra
diffusion measurements are plotted in Figure 2.

The first feature of interest is that Rse, the coefficient 
for diphenyl-diphenyl friction is much greater than 
any of the other coefficients. In fact, it is about 2.5 
times as great as the f?i2 benzene-benzene interaction 
in the same system, thus giving a rough correlation 
with size. The rapid increase of Rm with increasing 
diphenyl concentration is probably connected with the 
fact that the component is approaching its saturated 
solution value. The marked effect of environment on

the benzene-benzene interaction is also evident in the 
values of Rn for the two systems, the system with di
phenyl having an effect increasing rapidly with the con
centration of diphenyl.

A second feature observable in the Figure 2 is the 
behavior of the two curves in the benzene-cyclohexane 
system. It will be seen that at compositions where 
each component is at low concentration, in a large 
excess of the nonisotopic one, the corresponding fric
tional coefficients Rn and Ru rise to a maximum value 
and then drop sharply. It is not clear at this stage 
whether this effect is real or is an artefact. It is ap
parently not observed in Ä68 interaction for diphenyl 
nor for urea in water.2 Also as Tyrrell13 has pointed 
out, the expected error in this type of frictional co
efficient increases rapidly as the concentration of the 
components becomes very small. From the form of 
the curves, if the effect is due to error, it is evidently 
not from a random but from a systematic one.

Finally, it is noteworthy that the behavior of the 
two systems is quite different with regard to relations 
between the frictional coefficient Ri0 which is derived 
from the mutual-diffusion coefficient and the isotopic 
coefficients Rik. In the benzene-diphenyl system it is 
evident from Table II that the coefficients are linearly 
related and in fact can be expressed by an equation of 
the form

Ru =  0.24Ä56 +  0.76Fi2 (3)

which is accurate to about 1%. However, no functional 
relation of this kind is applicable to the benzene- 
cyclohexane system, but it is observed that the Ru 
coefficients are very close to the Rn ones.

(13) H . J . V . T y rre ll, J . Chem. Soc., 1599 (1963).
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A Study of Diffusion in the Ternary System, Labeled Urea-Urea-Water, at 25° 

by Measurements of the Intradiffusion Coefficients1 of Urea2

by J. G. Albright3 and R. Mills

D iffu sion  R esearch U n it , R esearch School o f  P hysica l Sciences, A ustra lian  N ationa l U niversity , Canberra, 
A ustra lia  (.Received M a y  10, 1966)

The term “ intradiffusion”  has been defined to facilitate the description of diffusion in cer
tain multicomponent systems. The relations between the “ intradiffusion coefficient”  
and the other diffusion and transport coefficients in ternary systems containing two forms of 
the same chemical species have been formulated. Intradiffusion coefficients measured at 
25° for the system labeled urea-urea-H20  up to total solute concentrations of 4 moles/1. 
are reported. The coefficients, f2i2, for the interaction between the two forms of urea, ob
tained from these data, are shown to be linear with concentration over the above range.

Introduction

Recent work4 * in binary mixtures of organic liquids 
has shown that accurate tracer-diffusion coefficients 
of organic components labeled with C14 can be ob
tained with the diaphragm cell method. There are, 
however, no data of comparable accuracy for organic 
molecules in aqueous solution. In the study now 
reported, the techniques used in the above work have 
been applied to the measurement of intradiffusion 
coefficients of urea labeled with C14 in the system 
labeled urea-urea-H20. This system was chosen for 
study because accurate mutual-diffusion and activity 
coefficients for the system urea-H20  are available in the 
literature6 which when combined with intradiffusion 
data allow computation of frictional coefficients. It 
was thought also that data of this kind for a compound 
which is important in biological systems would be of 
considerable interest.

Because the experimental system in which intra
diffusion coefficients were measured is a ternary sys
tem, a formulation is derived in which the four dif
fusion coefficients that describe a ternary system are 
expressed in terms of the intradiffusion and mutual- 
diffusion coefficients for the solute. These coef
ficients when combined with the relevant thermo
dynamic activity data are used to obtain the transport 
coefficients which appear in the linear equations that 
relate the flow of the components to the gradients of 
chemical potential.

Theory
In the description of diffusion processes in liquids, it is 

convenient to employ two types of flow equations. 
Following Gosting,6 we can term these experimental

(1) Th e  meaning of the term  “ intrad iffusion”  is  presented as fo llow s. 
In  a section of a homogeneous m ulticom ponent system  a t uniform  
tem perature, le t a portion of one of the components present be 
replaced by an isotopically-labeled form  of the same component and 
hence by a new component whose concentration m ay be separately 
m easured. Fu rth e r, le t the chem ical differences between the new
and original components be negligible w ith  regard to diffusion in  the
system . Then equivalent and opposite concentration gradients w ill
be established between these two components w hich w ill resu lt in
equivalent and opposite flows re lative  to  the volum e-fixed fram e of 
reference. (O f course, under the specified conditions, th is fram e of 
reference w ill coincide w ith  the solvent-fixed and num ber-fixed 
fram es of reference.) I t  is  th is m utual diffusion between the two 
chem ically equivalent components w hich we define to be in trad if
fusion. Th e  “ in trad iffusion  coefficient”  for these components is  
obtained by treating the system  as a two-component system  and ap
p lying  T ic k ’s law s. In  the te xt, the intrad iffusion coefficient is  repre
sented by the sym bol, Z )t.

W e have introduced the term  intrad iffusion because of the inade
quacy and am biguity of the term s tracer diffusion and self-diffusion 
w hich are comm only used to describe the type of system  considered 
in  th is defin ition. The intrad iffusion coefficient w ill be num erically 
equal to the tracer-diffusion coefficient in  th is case. H ow ever, it  
should be emphasized th a t the meanings of the two term s d iffer sig
n ifican tly . In  the process associated w ith  the la tte r, attention is 
focused on a diffusing component w hich m ay or m ay not have a 
chem ically equivalent component in  the system  and w hich is  in  
very low  concentration in  an essentially homogeneous environm ent. 
W ith  the form er, it  is  clear from  the chem ical id en tity  of the two 
isotopic components th a t the intrad iffusion coefficient is  independent 
of the ratio  of the concentrations of the two components and depends 
only on the sum of th e ir concentrations and the concentrations of the 
other components of the system . The term  intrad iffusion is  also re
lated to the term  self-d iffusion; self-diffusion is  the special case of 
intrad iffusion for system s th at contain no other components than two 
isotopic form s of a chem ical species.
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flow equations and theoretical flow equations. Experi
mental flow equations, which are based on Fick’s 
laws, employ diffusion coefficients to describe the rela
tions between flows and concentration gradients. 
Theoretical flow equations have their basis in the 
thermodynamics of irreversible processes and employ 
transport coefficients to describe the relations between 
flows and thermodynamic forces.

Experimental Flow Equations. Isothermal diffusion 
in one dimension for the ternary system, labeled urea- 
urea-H20, can be completely described in terms of the 
flows, Ji, the diffusion coefficients, Dik, and the con
centration gradients, bct/dx, by the equations

— (J: 1) v =  (Du), —  +  (Di2)v —  (1)

— (J2) v =  (D2i)v — f- (D22)t — (2)

The values of the coefficients Dik, defined by eq. 1 
and 2 may be related also to the mutual-diffusion coef
ficients for the system urea-H20. In a system under
going mutual diffusion, a homogeneous mixture of the 
isotopic forms of each of the two components is inter- 
diffusing and no distinction is made for any differences 
attributable to isotopic effects; i.e., we assume that 
the ratios of the isotopic forms are constant through
out the system. If in such an experiment observations 
are made from which an isotopic form of the solute is 
distinguished from the rest of the solutes, then the 
system, although otherwise unaltered, may be form
ally treated as a ternary system. Equations 1 and 2 
may then be applied to the system with the added 
restraint that ci/c2 is a constant independent of x 
or time. We may write

W t =  -  ( 4  =  ~ D , -* ~  (i =  1, 2) (7)Cs Cs O X

where 1 and 2 denote labeled urea and urea, respec
tively; the subscript 0 is reserved for the solvent, 
water. The subscript v  denotes the volume-fixed 
frame of reference which is defined by the equation

S  =  0 (3)
¿=0

in which Vt is the partial molal volume of component 
i in milliliters per mole. If length and time are meas
ured in centimeters and seconds, respectively, then the 
diffusion coefficients have the dimensions of square 
centimeters per second. For this development, con
centration is to be measured in moles per liter. From 
the following considerations it is shown that the four 
diffusion coefficients in eq. 1 and 2 are directly related 
to the intradiffusion coefficient and mutual-diffusion 
coefficient for the system.

In a system undergoing intradiffusion, the sum of 
the concentrations of the two solute forms is initially 
constant and remains constant with time throughout 
the system within experimental error.7 Thus we may 
write the equation

dci/àz = — àci/àx (4)

Equations 1 and 2 may now be written
hr

- ( 4  =  (-in cD ü O v  -  (Dfl)v] =ox
hr

(D'h T x ( i = 1 ,2 )  (5)

and thus

( D %  =  (flu ), -  ( D 12) ,  =  (A *)t -  (D21)v (6)

where
C l +  c2 =  cs

(J l) v +  (j :2)v =  (J s) v

(8)

(9)

Here, D , is the mutual-diffusion coefficient that would 
be obtained for either form of the solute at concentra
tion c8. By noting that

O X  CB o x
(10)

we may now write with the use of eq. 1 and 2, the 
equations

- W v  =  ( D a ) ,  -  ^  +  ( D a ) ,  -  ™  (* =  L 2)Cs o x  Cs o x

(11)
Hence

( -  (Dü) ,  +  -  (D&) , )
\CS Cs /

ÒCs

Ò X
a  =  1 , 2)

(12)

from which it follows that

(2) Portions of th is paper were presented at the A N Z A A S m eeting in  
Canberra, A u stra lia , Ja n . 20-25*, 1964.
(3) V isitin g  N .I.H . Fe llow .
(4) R . M ills , / . P h ys. Chem., 67 , 600 (1963).
(5) L . J . Gosting and D . F . A ke ley, J .  A m . Chem. Soc., 74, 2058 
(1952).
(6) L . J . Gosting, “ Advances in  Protein  C hem istry ,”  V o l. X I , A ca
demic Press, In c ., New Y o rk , N . Y ., 1956, p . 429.
(7) Experim ental evidence ind icates th at th is assum ption for in tra- 
diffusion is reasonable for most system s where the isotopic masses of 
the diffusing components d iffer by less than about 5% . Fo r greater 
mass differences, the possib ility of isotope effects cannot be excluded.
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A  =  (A i)T +  -  (A O t =  ( A 2)v +  -  ( A A  (13)
Cl c2

F* = S  (5« +  c,vk/coFo) ~  (19)j = 1 ÔÆ

Equation 13 may now be combined with eq. 6 to yield 
the general result

( A A  =  -  ( A  -  A A )  +  S « (A )V (i =  1, 2)

(* =  1, 2) (14)

where is the Kronecker 5.
It may be noted that eq. 14 will apply for the sol

vent-fixed and number-fixed frames of reference with 
the appropriate change of the subscript v. For a 
discussion of frames of reference, the reader is referred 
to Kirkwood, et al.,s and Woolf, Miller, and Gosting.9

Theoretical Flow Equations. According to the theory 
of the thermodynamics of irreversible processes, 
flows and thermodynamic forces for isothermal dif
fusion are related to the rate of entropy production, 
<r, by the equation

Ta =  E  JtX t (15)
¿ = o

Here T is the absolute temperature, is the flow of 
component i, X t, the thermodynamic force, is the 
negative gradient of the chemical potential of com
ponent i, —Vfif, and n is the number of solutes. A 
further postulate of the theory is that linear relations 
exist between flows and forces. This condition may 
be written in the form

- ( ■ T i h  =  E  (A*)sVM* «  =  0, 1, 2) (16)
4 = 0

where S denotes a class of frames of reference which 
includes the solvent-fixed and volume-fixed frames of 
reference.9 The coefficients, A t, are transport coef
ficients. By beginning with eq. 16 and writing equa
tions in which the forces and flows are independent, 
Woolf, Miller, and Gosting9 give relations for the sol
vent-fixed and volume-fixed frames of reference in 
one-dimensional systems. They write for a ternary 
system the equations

2 g.
- W o  =  E  ( A A  ^  ( ¿ = 1 , 2 )  (17)

where here the subscript 0 denotes the solvent-fixed 
frame of reference. For the volume-fixed frame of 
reference they write

" ( 4  =  E  ( A A A  ( ¿ = 1 , 2 )  (18)
4 = 1

where

For these cases the Onsager reciprocal relations, another 
postulate of the theory of the thermodynamics of ir
reversible processes, may be written

(A*)o =  (Ai)oJ ( A A  =  ( A A  (20)

If the flows for a particular frame of reference in the 
theoretical and experimental sets of equations are 
equated, the coefficients, Lik, may then be expressed 
in terms of the coefficients, Dik. Dunlop and Gost
ing10 and Woolf, Miller, and Gosting9 have developed 
equations relating the two sets of coefficients for the 
solvent-fixed and volume-fixed frames of reference, re
spectively.

At this point several further simplifications may be 
made which again arise from the chemical equivalence 
of solutes 1 and 2. These concern the partial molal 
volumes, Vt, and the activity coefficients, y t. In a 
solution of total solute concentration cs, it is clear that 
Vi — Vi =  Fa and, similarly, yx =  y2 = yB, where 
again the subscript s signifies that the two isotopic 
forms of the solute are not to be distinguished, but 
are to be considered as a single solute. It may be seen 
also that

à In aH 1 àys 5g (i =  1, 2)
de* ys öcs ck (k =  1, 2) (21)

where at is the activity of component i. By intro
ducing these conditions together with eq. 14 into ex
pressions given in ref. 9 and 10, the general equations

(A*)» =  m -

and

( A A  =  (R T )-1

lOOOc^A-
_c0FoCs2(d In as/d cs) +

( - D i-\~k CiC2 ( D +) v'

Co FoCiCjrDy
_1000cs2 (d In as/d cs)

a  = i, 2) 
J (k =  1, 2)

+

( - D
Cl c2(-DA

(22)

a  =  l, 2) 
J (k =  1, 2)

(23)

may be derived.
An alternative representation of the theoretical flow 

equations is obtained by expressing the forces as being

(8) J . G . K irkw ood , R . L . Bald w in , P . J . Dunlop, L . J . G osting, and 
G . Kegeles, J . Chem. P h ys ., 33, 1505 (1960).
(9) L . A . W oolf, D . G . M ille r, and L . J . G osting, J. A m . Chem . S oc., 
84, 317 (1962).
(10) P . J . Dunlop and L . J . G osting, J . P h ys . Chem ., 63, 86 (1959).
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proportional to the flows. The original equations for 
this representation were given by Onsager,11 and for 
our system may be written as

= (¿ =  0,1,2)  (24)
tte k=0

where the Onsager reciprocal relations

Roc =  Rm (f 7̂  k) (25)

apply. Onsager includes the restrictions

£  Rikck =  0 (t =  0, 1, 2) (26)
4 = 0

from which it may be shown that the coefficients, Rm 
are independent of the frame of reference of the flows.

From eq. 17 and 24-26, a relation among the coef
ficients, Rik and (Lik)0 (for i =  1, 2, and k =  1, 2), 
is obtained which with the application of eq. 22 yields 
the result

Roc — RT
UqCq (d In a ,/dc8) _ 

lOOODv

1 . àik
( D V »  +  Ci(D%_

(* =  1, 2) 
(fc =  1, 2)

(27)

It may also be noted from eq. 26 and 27 that

Äio — R io  — R o i — R o2 — — Roo —Cs
RTVqCs (d In a,/dc,) 

1000DV
(28)

Experimental
Materials. Analar reagent grade urea was purified 

by one recrystallization from water with the mother 
liquor removed by centrifugal drainage. In this 
process, care was taken to avoid heating the urea 
above 65°. Conductivity measurements on aqueous 
solutions of the recrystallized urea showed that ionic 
impurities were negligible. It is known that a major 
impurity in urea is biuret which results from its thermal 
decomposition. Tests on concentrated solutions 
showed that the purified urea contained less than 0.02% 
biuret by weight. The urea labeled with C14 was ob
tained from the Radiochemical Centre, Amersham, 
England. Purified nonradioactive urea was added to 
the labeled urea to give a total weight of 0.5 g. and 
the combined sample was recrystallized once from water 
with centrifugal drainage. The Analar KC1 which 
was used for the calibrations of the diaphragm cell 
was recrystallized once from water followed by cen
trifugal drainage. Naphthalene for the scintillator 
solution was recrystallized once from methanol.

Figure 1. Sectional v iew  o f  the assem bly o f  the b o tto m  p lu g : 
A , T eflon  b o d y ; B , stainless steel v a lv e ; C  and D , 
brass k n obs; E , glass tu bes; F , ru bber sleeves.

Apparatus. Diaphragm cells with magnetic stirring 
of the type designed by Stokes12 were used. The 
glass sinters in these cells were Pyrex brand of porosity 
No. 4 (5-10 ¡a) * A  special bottom plug for the cells 
was developed and is shown in Figure 1. This plug is 
inserted with valve B open to ensure complete filling. 
B is then closed by holding knob C and rotating knob
D. The internal chamber in the Teflon body A  is 
then dried by drawing in turn water, acetone, and air 
through the side tubes E. The tubes E are sealed 
with caps F before inserting the cell into the thermo
stat. At the end of an experiment and after the top 
compartment has been emptied, the cell may be in
verted and diffusion from the diaphragm into the 
bottom section quickly and simply quenched by re
moving one of the caps, opening B, and forcing a little 
of the solution through the diaphragm by air pressure. 
The cells, after initial alignment, were permanently 
strapped to a brass rod with a slotted base which in 
turn fitted into a mount in the thermostat. This 
allowed the cells to be located reproducibly in a fixed 
position relative to the magnets with the diaphragm 
within 1° of being horizontal. The stirring rods were 
normally rotated at 60 r.p.m. although in some ex
periments the speed reached 90 r.p.m. The water

(11) L . Onsager, A n n . N . Y . A cad . S ri., 46 , 241 (1945).
(12) R . H . Stokes, J. Am. Chem. Soc., 72, 763 (1950).
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thermostat was maintained at 25.00° to within ±0.01°. 
The temperature was measured by a calorimeter 
thermometer which had been calibrated against a 
platinum resistance thermometer. The conductivity 
bridge used for measuring the concentrations of solu
tions of KC1 and the apparatus for counting have been 
described previously.4

Experimental Procedure. All solutions were pre
pared gravimetrically. The cells were calibrated in 
the usual manner by allowing an aqueous solution 
containing 0.5 mole/1. of KC1 to diffuse into pure 
water. The scintillator solution was essentially that 
previously used in this laboratory except that the 
concentration of naphthalene was reduced to 20 g./l. 
for the more concentrated solutions to avoid precipi
tation. Counting procedures were similar to those 
described in previous papers.4

Results
The intradiffusion coefficients measured in this work13 

are recorded in Table I. The experimental error in 
these measurements was estimated to be ±0.3% .

T a b le  I  : Intradiffusion  C oefficients betw een  U rea and 
U rea L abeled  w ith  C 14 in  A queous Solutions a t 25°

ca, b X o Ca, (D+)v, X  10»,
mole/1. cm.2/sec. moles/1. em.2/sec.

0 .1 1 .3 74 2 .0 1 .2 34
0 .2 5 1 .3 70 3 .0 1 .1 63
0 .5 1 .3 44 4 .0 1 .1 0 7
1 .0 1 .305

Discussion
In Figure 2, diffusion coefficients, Dv, measured by 

Gosting and Akeley6 for the binary system urea-H20  
are compared with the values of (Dt)v reported in this 
work which were measured over the same range of 
concentration. It is apparent that at infinite dilution, 
the two curves converge approximately to the same 
limiting value. This convergence for nonelectrolytes 
is predicted by theory13 14 and has previously been 
found to be true experimentally (see for example ref. 

4)‘An analytical expression for the coefficient, (DT)V, 
has been derived in the following manner. In the 
first instance, the curve was fitted to a cubic equation 
by the method of least squares which gave an inter
cept at zero concentration for (0% . of 1.386 X 10-5. 
Since the extrapolation of the data obtained from 
experiments performed with the Gouy method is 
probably the more accurate, we have adjusted the

Figure 2. C om parison  o f values o f  D v m easured b y  
G osting and A keley5 for  the system  urea-ELO  
w ith  the values o f  ( 2 ) i ) v m easured in  this w ork.

value of the constant in the analytical equation to be 
1.3817 X 10~6. In so doing, we allow for the possi
bility of small systematic errors in the diaphragm 
cell method which may arise from such effects as con
vection in the diaphragm due to stirring. The modi
fied analytical expression becomes

(Df)v X 105 =  1.3817 -  0.0840c +
0.0035c2 c ^ 4 (29)

Analytical expressions for the values of Dv and In y 
for aqueous solutions of urea given by Gosting and 
Akeley6 are

Dv X  106 =  1.3817 -  0.0783oc +  0.004646c2
c 5$ 4 (30)

and

In y =  -0.0373oc +  0.003684c2 c ^ 4 (31)

From data listed by Gucker, Gage, and Moser,16 
we have also derived an expression for F„ (in milli
liters per mole) for the urea solution, which is

V. =  44.221 +  0.275c -  0.01207c2 c ^ 4 (32)

By substitution of eq. 29-32 into each of the eq. 22,

(13) I t  should be emphasized here th a t, w ith in  the error of measure
m ent, the urea labeled w ith  C 14 is assumed to be chem ically equiva
lent to the unlabeled urea. I f  it  were believed th at such an assump
tion was not leg itim ate, then the measured diffusion coefficients 
should be term ed tracer-diffusion coefficients.
(14) See, for exam ple, eq. 5c and 8 of R . J . Bearm an, J . P h ys . Chem., 
65, 1961 (1961).
(15) F . T . G ucker, J r ., F . W . Gage, and C . E . M oser, J . A m . Chem. 
Soc., 60, 2582 (1938).
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23, and 27, we have calculated normalized values of 
(Li2)0, (Li2) v, and R12, respectively, at a series of con
centrations. These data are listed in Table II. Values 
of Rw which were obtained from data reported by 
Ellerton, et al.,u have also been included in Table II 
(it should be noted that these authors use the opposite 
sign for Rilc from that used in this article).

T able  I I : T ran sport C oefficients for th e System , 
L abeled  U rea -U rea -F L O  at 25°

Cs, (Ln)oRTca2 (Liz) yR TcB* Rn Rio
moles/1. C1C2 X 10-6 C1C2 X 10-6 1000RT 1000RT

0 .2 5 0 .0 07 - 0 .0 0 0 4 - 6 . 1 5 - 1 . 3 1 4
0 .5 0 0 .0 29 - 0 .0 0 2 1 - 6 . 1 0 - 1 . 3 2 2
0 .7 5 0 .0 6 3 - 0 .0 0 6 0 - 6 . 0 4 - 1 . 3 3 6
1 .0 0 0 .1 1 0 - 0 .0 1 2 8 - 5 . 9 9 - 1 . 3 4 0
1 .2 5 0 .1 6 8 - 0 .0 2 3 3 - 5 . 9 4 - 1 . 3 5 0
1 .5 0 0 .2 3 8 - 0 .0 3 8 1 - 5 . 8 8 - 1 . 3 6 2
1 .7 5 0 .3 1 7 - 0 .0 5 8 0 - 5 . 8 3 - 1 . 3 7 2
2 .0 0 0 .4 0 5 - 0 .0 8 3 5 - 5 . 7 7 - 1 . 3 8 4
2 .2 5 0 .5 0 2 - 0 .1 1 5 1 - 5 . 7 2 - 1 . 3 9 7
2 .5 0 0 .6 0 6 - 0 .1 5 3 3 - 5 . 6 6 - 1 . 4 1 3
2 .7 5 0 .7 1 8 - 0 .1 9 8 5 - 5 . 6 0 - 1 . 4 3 0
3 .0 0 0 .8 35 - 0 .2 5 1 1 - 5 . 5 5 - 1 . 4 4 8
3 .2 5 0 .9 5 7 - 0 .3 1 1 3 - 5 . 4 9 - 1 . 4 6 5
3 .5 0 1 .0 85 - 0 .3 7 9 4 - 5 . 4 4 - 1 . 4 7 1
3 .7 5 1 .2 16 - 0 .4 5 5 4 - 5 . 3 8 - 1 . 5 0 7
4 .0 0 1 .352 - 0 .5 3 9 5 - 5 . 3 3 - 1 . 5 2 8

In Figure 3, we plotted the values of Ri2 as a func
tion of concentration and included for comparison the 
values of Rw. It is evident from this figure that the 
values of Rn are linear with respect to concentration up 
to concentrations of 4 moles/1. These points have 
therefore been fitted to a straight fine by the method of 
least squares to obtain the relation

Rn/1000RT =  - 6 .2 1  +  0.220cb c ^ 4 (33)

It will be observed that the values of Rw are not 
linear with respect to concentration; however, for 
both cases the coefficients have only a small variation 
with concentration. This is consistent with the fact 
that the activity coefficients (see eq. 31) only change 
slightly over the same range. The significance of the 
linearity with concentration of the coefficients, Rn, 
cannot be evaluated at this stage and must await 
further studies on comparable systems. We now 
propose to measure the intradiffusion coefficients of 
other organic molecules in aqueous solutions with a 
view to making such inter comparisons and to studying 
the relation of dipole moment and other molecular 
properties to the values of Rw and Rn.

Figure 3. G raph  o f values o f  — S is /lO O O lfr  and 
—& 0/IOOO R T  as a fu n ction  o f th e con centration  c8.

The expressions derived in this paper together with 
the results in Table II give some indication of the 
relative merit of the different formulations which 
have been used to express the linear laws for the case 
of isothermal diffusion. All three representations 
given by eq. 22, 23, and 27 have the merit that the 
Onsager reciprocal relations apply in a simple manner. 
However, the relation given by eq. 27 has the following 
advantages.

(1) As has been noted by other authors,16 17’18 the 
values of the coefficients, Rik, are independent of the 
frame of reference for the flows.

(2) The expression for the coefficients, R12, pre
sented in eq. 27 depends only on ca and not on the 
individual values of Ci and c2, whereas the expressions 
for (L12)0 and (Ln)v involve the product ci^. In 
this connection, it can be shown that if one considered 
a case of not 2 but n equivalent isotopic forms of the 
solute, the values of the coefficients, Rik, with i ^  
k for the interaction between any two of the solutes, 
would be equal to the expression presented in eq. 27 
with ca as the sum of the concentrations of all the 
isotopic solutes.

(3) The results in Table II indicate that for a 
nonelectrolyte the values of Rn do not vary greatly with 
concentration and extrapolate to a finite value at 
zero concentration while the values of (Li2)0 and 
(Li2)t vary greatly with concentration and become zero

(16) H . D . E lle rto n , G . R einfelds, D . E . M ulcahy, and P . J . Dunlop, 
J. P h ys. Chem ., 68, 403 (1964).
(17) R . W . L a ity , ibid., 63, 80 (1959).
(18) P . J . D unlop, ib id ., 68 , 26 (1964).
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at zero concentration. Although the values of Ri2 
in Table II are for the interaction between two iso
topic solutes, it is reasonable to suppose that this 
relative variation would apply to nonisotopic forms of 
organic solutes also.

These considerations tend to reinforce the view that 
Onsager’s11 presentation of the linear laws in terms of

the coefficients, Rik, is the more fundamental formula
tion and the more useful one.
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The Heat Capacity and Entropy of Hexamethylbenzene from 13 to 340°K . 

An Estimate of the Internal Rotation Barrier

by M . Frankosky and J. G. Aston

Contribution No. 126 from the Cryogenic Laboratory of the College of Science of the Pennsylvania State 
University, University Park, Pennsylvania (.Received April 16, 1966)

The heat capacities of hexamethylbenzene were measured from 13 to 340°K. Assignment of 
the normal coordinates permitted calculation of an entropy which was compared with that 
calculated from heat capacity and vapor pressure measurements. A value for the barrier 
hindering internal rotation is deduced.

Introduction
An inspection of a Hirschfelder model of hexamethyl

benzene reveals considerable repulsion between methyl 
groups. Spectroscopic evidence has been presented 
to show that the molecule has S6 symmetry in the 
crystal at room temperature.1

There is a transition in the crystal at 116.48°K., 
and spectroscopic studies above and below this transi
tion have been interpreted as indicating that it is 
associated with the molecule becoming nonplanar.2

Recently a normal coordinate treatment of the mole
cule which included all modes except those of internal 
rotation has been made on the basis of C6h symmetry.3 
This permits a calculation of the standard entropy for 
the molecule in the vapor at any temperature if the 
barriers hindering internal rotation are assumed. 
Since the frequencies will be altered little by sym
metry, the spectroscopic entropy can be calculated 
for the symmetry S6 (<r =  6) as well as C 6h (<r =  1 2 ) .

The results can be compared with a third-law entropy. 
For this purpose we have measured the heat capacities 
from 13 to 340°K., along with the heat of transition at 
116.48°K , on a pure sample of hexamethylbenzene. 
These values along with the vapor pressures and heats 
of sublimation derived from the data of Seki and 
Chihara4 5 allow the evaluation of the standard entropy 
at 323.15 and 343.15°K. Heat capacity and heat of 
transition data are available, but these only extend 
down to 85 °K. and have an accuracy of only a few per 
cent.6-7

(1) O . Schnepp and D . S . M cC lure, / . Chem. P h ys ., 26 , 83 (1957).
(2) O . Schnepp, ib id ., 30 , 48 (1959).
(3) M . A . Kovner and A . M . Bogomolov, F iz. Sb. L ’vovsk. Goa. TJniv., 
3 , 84 (1957).
(4) S . Seki and H . C h ihara , Collected P a p ers  F ac. S ci. Osaka TJniv., 
Ser. C, Chem., 11, 1 (1950).
(5) H . M . H uffm an, G . S . P a rks, and A . C . D an ie ls, J . A m . Chem. 
Soc., 52, 1547 (1930).
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Experimental
The sample consisted of 37.112 g. (in vacuo) of hexa

methylbenzene which was purified in this laboratory by 
zone melting and was subsequently found to contain 
less than 0.1 mole %  impurity. The purification by 
zone melting and determination of the melting point 
and purity from the freezing point of this substance is 
described elsewhere.6 7 8 9 10 11 The melting point of the sample 
was 165.66°, and the theoretical melting point of the 
pure substance has been calculated to be 165.75°.

Apparatus. The hexamethylbenzene sample was 
placed inside a gold-plated, copper calorimeter which 
replaced the gold calorimeter in the adiabatic assembly 
designated as J(I).9-11 The present assembly, 
designated as J(II), is fitted with a gold-plated, 
stainless steel O-ring to facilitate loading of the sample 
into a vessel which could be made vacuum-tight with
out subjecting the sample to excess heat as with solder
ing methods. The O-rings were found to be vacuum- 
tight throughout two cycles between room temperature 
and the X-point of helium.

A strain-free platinum resistance thermometer desig
nated Pt-G-5 was used for all temperature measure
ments. The calibration has been described previ
ously.12 Just prior to this series of measurements the 
thermometer was checked at the oxygen point against 
its original calibration.13 During this series the ice- 
point resistance was measured and found to be un
changed.

The calorimetric assembly was operated adiabatically 
in all measurements.

Results
Heat Capacities. The heat capacity of hexamethyl

benzene was obtained by subtracting the heat capacity 
of the calorimeter from the heat capacity of the calo
rimeter and sample. The results of the measurements 
are presented on a molar basis in Figure 1, which is a 
graph of the deviation from the rounded values in 
Table I. In Table I, column 1 gives the temperature 
while column 2 gives the molar heat capacities. The 
approximate rises were: 14-50°K , AT ~  2.2°; 
50-100°K, AT ~  4.4°; 130-200°K, AT «  4.7°; 
200-333°K., AT ~  11.3°. The transition region is 
omitted since this is dealt with in Figure 2. It was 
found near room temperature that sufficiently adia
batic conditions could be maintained only within 10° 
of the bath temperature. The heat capacity curves 
were then drawn through these points in preference to 
values obtained at the end of a continuous range. 
The points at temperatures above those at which 
adiabaticity could be maintained tended to be higher 
although relatively smooth indicating a systematic error.

Figure 1. D ev ia tion  o f  the experim ental heat eapaeities:
•, this research; 9 ,  H uffm an, Parkes, and D aniels; © , Parkes, 
Thom as, and Spaght; O, M om otan i, Suga, Seki, and N itta .

Other values obtained from the literature are also 
plotted as designated in Figure 1.

Huffman and co-workers reported rounded values 
obtained from points within ± 2 %  from a smooth 
curve and with an estimated reliability of ± 3 % . 
The present results approximate the —3%  line of their 
data.6'6 The data of Momotani, et al., was taken in 
an apparatus similar to Huffman’s,7 and it is expected 
that the long equilibrium times will effect the apparent 
heat capacities determined by a nonadiabatic method.

Transition. In the present measurements the second- 
order transition in the heat capacities was observed 
at a substantially higher temperature than observed 
previously.6 This can be attributed to the higher 
purity of the sample in the present work and perhaps 
to a difference in the crystal dependent on its purity 
and history. Parks purified his hexamethylbenzene by 
recrystallization from ethanol.

Some difficulty was found in reproducing heat 
capacity points in the region of the solid-solid transi
tion. The results are displayed in Figure 2. In

(6) G . S . P a rks, S . B . Thom as, and M . E . Spaght, J . P h ys. Chem., 
36, 882 (1932).
(7) M . M om otani, H . Suga, S . Seki, and I .  N itta , P roc. N a il. Acad. 
S ci. Ind ia , A2S, 74 (1956).
(8) J . E . Overberger and J . G . Aston , A n a l. Chem., 37 , 1167 (1965).
(9) J . G . Aston and G . J . Szasz, J . A m . Chem . Soc., 69 , 3108 (1947).
(10) J . A . M orrison and G . J . Szasz, J . Chem . P h ys., 16, 280 (1948).
(11) J . G . Aston, H . L . F in k , G . J . Jan z, and K . E . R usse ll, J . A m . 
Chem. Soc., 73, 1939 (1951).
(12) D . M . Nace and J . G . Aston, ib id ., 79 , 3627 (1957).
(13) P . M itacek, J r ., and J , G . Aston, ibid., 85, 137 (1963).
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T a b le  I : M ola r  H eat C apacities at R ou n d ed  T °

T Cp, cal. T Up, CB.1.

14 1 .7 1 2 125 3 8 .7 3
15 1 .872 130 3 9 .4 7
16 2 .0 4 4 135 3 9 .9 6
18 2 .4 8 9 140 4 0 .3 0
20 3 .0 3 5 145 4 0 .6 3
25 4 .5 9 5 150 4 0 .9 2
30 6 .2 6 7 160 4 1 .3 7
35 7 .9 4 9 170 41.92
40 9 .6 9 6 180 4 2 .6 5
45 1 1 .4 8 190 4 3 .5 5
50 1 3 .27 200 4 4 .5 8
55 15 .06 210 4 5 .7 3
60 1 6 .77 220 4 6 .9 5
65 1 8 .38 230 4 8 .2 3
70 1 9 .88 240 4 9 .5 6
75 2 1 .3 6 250 5 0 .99
80 2 2 .7 6 260 52 .51
85 2 4 .1 8 270 5 4 .06
90 2 5 .6 7 280 5 5 .6 7
95 2 7 .19 290 5 7 .3 2

100 2 8 .7 8 300 5 9 .0 3
105 3 0 .4 5 310 6 0 .8 0
110 3 2 .21 320 6 2 .6 4
115 3 4 .1 8 330 6 4 .5 3
116 .48 (transition ) 335 6 5 .4 6

340 6 6 .4 2

“ R ou n d ed  gram  m olecular heat capacities o f  hexam ethylben - 
zene. 0 °C . =  2 7 3 .1 5 °K .; l e a l .  =  4.1833 international jou les; 
m olecular w eight =  162.276.

Series I the sample was slowly cooled to liquid nitrogen 
temperatures while maintaining a dynamic vacuum of
10 ~6 mm. in the cryostat can. Before the measure
ments of Series I were taken, the sample was slowly 
heated with the calorimeter heater to a temperature just 
below the transition temperature. The times re
quired to reach equilibrium were approximately 1 hr. 
just before the transition, approximately 2.5 hr. within 
the transition, and approximately 1 hr. just after the 
transition. The necessity of adhering to a slow cooling 
through the transition became apparent when repro
duction of the data was attempted. In Series II 
an attempt was made to resume heat-capacity deter
minations at some point above the transition. In 
cooling, the transition region was passed. The sample 
was heated immediately to a temperature above the 
transition, and then drift-free heat capacities were ob
served. After completion of Series II, the sample was 
maintained at approximately 129°K. for 10 hr. It 
was then slowly cooled to 118°K. The points then 
observed in Series III showed that supercooling was 
possible and that this probably accounted for the

T, °K.

F igure 2. M olar heat ca p a city  o f  hexam ethylbenzene 
in  the transition  region.

spurious results near the transition temperature. 
Above the transition, times to reach equilibrium in
creased and at the highest temperatures were over 3 hr. 
for each heat capacity point.

Table II gives the heats of transition observed for 
0.22896 mole of hexamethylbenzene. Numbers 1, 2, 
4, and 5 were observed after slow cooling through the 
transition. Number 3 was observed after rapid cooling 
following number 2. Since the heat capacity curve 
changes slope rather drastically after the transition, 
equations for the heat capacities in the region im
mediately before (C') and after (C") the transition 
were required for extrapolation into the transition 
region. These are given in footnote b of Table II.

C' was integrated between the initial temperature 
and the midpoint of the transition and C "  was inte
grated between the midpoint and the final tempera
ture for each heat of transition determination, and the 
sum of the two integrations was subtracted from the 
total heat input to obtain a value of AH due to causes 
other than normal heat capacity. The standard de
viation is rather large for a measurement of this type 
and is probably due largely to the same effects which 
made normal heat capacity measurements difficult to 
reproduce in this area of the curve.
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Table II: H ea t o f  T ran sition  at 116 .48°K .°

Heat input,

/ ’ 11B..8
1 C'dT +

J  Ti
rT t
| o ' 'd r 6 AH, cal./

Temp, interval, °K. cal. •/ 116.48 0.22896 mole

(i) 1 0 4 .5 5 5 -1 2 7 .0 6 8 6 2 8 .0 1 6 5 6 7 .7 8 9 60 .221
(2 ) 1 0 8 .5 0 3 -1 2 9 .9 8 9 6 18 .702 5 5 5 .740 6 2 .96 2
(3 ) 1 0 5 .3 4 1 -1 2 7 .9 0 0 6 1 7 .2 3 0 5 7 2 .380 45 .850°
(4 ) 1 1 2 .9 8 9 -1 2 8 .6 6 1 4 7 3 .5 2 3 4 1 1 .0 1 7 6 2 .5 0 6
(5 ) 1 0 7 .4 4 3 -1 2 7 .0 7 3 5 6 1 .2 3 4 5 0 0 .8 6 2

A v .
6 0 .3 7 2
6 1 .5 1 5

A if(tra n s .)  =  268.7 ±  5 .4 ca l./m o le

° 0 °C . =  2 7 3 .1 5 °K .; m olecular w eight =  162.76. 6 Includes 
calorim eter: C' =  0 .24800T  -  0.27247 X  lO “ 3! 72; C "  =  0 .29922T  
— 0.66910 X  1 0 _3r 2. '  N o t  in cluded  in  average.

The value of AH thus deduced represents the heat of 
transition. If all the transition were to occur at 
116.48°K., it corresponds to an entropy of transition of 
268.7/116.48 =  2.307 e.u. The entropy which the 
compound gains during the real transition is obtained 
as the difference between the area under the curves of 
Cp vs. In T extrapolated from above and below 116.48 
and the area under the heat capacity curve Cp vs. 
In T corresponding to the solid line in Figure 2. The 
two highest points were taken consecutively. The 
value thus obtained is 2.410 e.u. The calculation can 
readily be performed by short extrapolations of the 
data in Table I and the data in Figure 2 together with 
the upper three heat capacity values at 116.31, 116.67, 
and 117.01°K. which are 252.0, 245.5, and 93.77 cal./ 
mole and not given to sufficient accuracy in Figure 2. 
The fact that the entropy calculated by the latter 
(proper method) is higher merely indicates that the 
hypothetical isothermal transition is unstable with 
respect to the real transition. The latter method of 
calculation must be used for entropy calculations of the 
solid.

Huffman and co-workers observed a bump in the 
heat capacity curve at 151 °K. No deviation from a 
smooth curve was observed in the present results. 
While their results may have been due to impurity, it is 
doubtful that the 0.1% impurity in our sample could 
markedly affect the calorimetric behavior.

Derived Heat of Vaporization and Vapor Pressure. 
To evaluate the entropy, values of the heat of sublima
tion and vapor pressures are required. Vapor pressure 
data have been obtained from 306.45 to 343.15°K. 
by Seki and Chihara by an effusion method.4 It is 
possible to test the consistency of these data making use 
of heat capacity equations for the solid and for the

gas in this region. The necessary equation for the 
solid was derived from our experimental data by least 
squares using the IBM  7074. It is, for T between 
270 and 350°K.

Ce =  41.651 +  0.35954 X  1 0 -8r  +
0.19977 X  10-6T2 +  0.63493 X 10-6T3 (1)

The average barrier for- internal rotation of the six 
methyl groups in the gas was taken as 9000 cal. as a 
preliminary value althougn this is 1130 cal. higher than 
the highest value later estimated. Other uncertainties 
did not justify recalculation. Then, using these 
values, the heat capacities of the ideal gas were cal
culated at integral temperature increments over the 
same temperature range. An equation for these was 
derived by least squares. It is

Ce =  43.155 +  0.62615 X 10-3T +
0.29257 X 10- T 2 +  0.45104 X 10-6T3 (2)

Equations 1 and 2 combined with the Clausius- 
Clapeyron equation yield the following equation for the 
vapor pressure

_51
log P(mm.) =  8.262196----- ----------b 0.756855 log T +

0.0291336 X 10-3T +  0.00338022 X 10“ 6T2 -
0.003349077 X 10- 6P3 (3) 

The heat of sublimation is given by 

AHr =  17,765 +  1.50417 +  0.133305 X 10- 3T2 +
0.03093 X 10-6T3 -  0.04597 X 10- 6P4 (4)

In deriving eq. 3 and 4 the following expression, re
ferred to as 2, was plotted against 1/T using the vapor 
pressure data of Seki and Chihara.

2 =  4.575638 log P(mm.) -  3.46395 log T -  
0.133305 X 10 -3P -  0.01546667 X 10-6P2 +

ATT
0.01532417 X lO ^P 3 =  — —0 +  /  (5)

The best straight line was drawn through the five 
points at higher T with the slope of the upper three. 
This choice was made because the upper three values 
were completely consistent with the equations while 
the lower ones showed a trend indicating development 
of a systematic error. The value of AH is thus based 
on the upper three points alone.

Table III compares the experimental values of the 
vapor pressure with those calculated using eq. 3.

The Derived Colorin',etric Entropy. Table IVA 
summarizes the calculation of the entropy of the crystal
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T ab le  H I : C om parison  o f  C alcu lated and E xperim ental 
V a p or Pressures

T ■Pobsd X 10» mm. Pealod X 10» mm. P  obad/Pcalod

3 0 6 .4 5 1 .8815 2 .4 4 1 5 0 .7 7 1
3 1 3 .1 5 4 .1 56 2 4 .5 6 6 4 0 .9 1 0
3 1 7 .4 5 6 .6 43 6 6 .7 27 3 0 .9 8 8
3 2 8 .2 5 1 7 .885 1 6 .992 1 .0 53
3 3 8 .2 5 4 0 .2 3 3 7 .9 2 7 1 .061
3 4 3 .1 5 57 .943 55 .211 1 .0 49

at 323.15 and 343.15°K., respectively. The values of 
the integrals above 15°K. were obtained by tabular 
integration from Table I. Corrections for curvature 
are negligible. Estimates of uncertainties can readily 
be made from Figure 1. The value of AS for the transi
tion has already been discussed. In view of the ob
viously complicated nature of any Debye treatment for 
the solid, use was made of the relation valid at low 
temperatures.

Part B of Table IV summarizes the calculation of the 
entropy of the hypothetical ideal gas at 1 atm. at the 
same two temperatures.

Spectroscopic Assignment. The frequencies used in 
the calculation of the standard entropy of the gas were 
taken from the work of Kovner and Bogomolov.3 
These are listed in Table V where to' refers to fre
quencies peculiar to the ring alone, u "  refers to those 
of the ring and the methyl groups (considered as point 
masses) together, v refers to hydrogen stretch, S 
to hydrogen bend, y to methyl rocking in and out of 
plane, and F to hindered rotation. Assuming S6 
symmetry, all modes are either infrared or Raman 
active. Actually, of the 17 different frequencies below 
1000 cm.-1, i.e., those contributing appreciably to 
the entropy, seven have been observed in the infrared 
and Raman. For thermodynamic calculations, the 
observed frequencies were used in preference to cal
culated values, which for the most part were slightly 
lower than those observed for frequencies below 1000 
cm.-1. Since the low-lying frequencies are more im
portant for thermodynamic calculations, it is reasonable 
that their contribution to the standard entropy will be 
too high because calculated values had, of necessity, 
to be used for the unobserved frequencies. In order to 
estimate the extremes of the internal contribution to 
the entropy, the Einstein functions were summed 
using only calculated frequencies and again using as 
many observed frequencies as possible. At 343.15°K.

T ab le  IV “

A . T h e  experim ental m olar en trop y  o f  solid  hexam ethylbenzene 
at 323.15 and 343 .15°K .

323.16°K. 343.15° K .

0-15 .00  °K ., Cu / 3 
1 5 .0 0 -1 1 5 .7 2 °K , graphical fC p

0 .6 2 4 0 .6 2 4

d i n  T 2 5 .74 2 2 5 .7 4 2
1 1 5 .72 -116 .48°K ., graphical fC D 0 .8 0 4 0 .8 0 4
T ransition , graphical as discussed 
1 2 6 .48 -124 .95°K ., graphical / C p

2 .4 1 0 2 .4 1 0

d i n  T
1 1 4 .95 -323 .15°K ., graphical fC p

2 .3 4 7 2 .3 4 7

d i n  T 4 4 .6 4 4 4 4 .6 4 4

S323.15 ~  So
323 .15 -343 .1 5 °K ., graphical fC p

7 6 .57 1  e.u.

d in  T 3 .9 0 7

$343.15 — So 8 0 .4 7 8  e.u.

B. T h e  experim ental m olar en trop y  o f  hexam ethylbenzene
va p or  at 323.15 and 343 .15°K .

323.15°K. 343.15°K.

S t°k  — $ o°k:. (so lid ) 76 .571 8 0 .4 7 8
AHt/T  (su b lim ation ) 5 4 .9 7 4 5 1 .4 6 7
—R  In 7 6 0 /p  (com pression ) - 2 2 .0 8 6 - 1 8 .8 4 2

St°k . — $ o°k . (gas) 1 0 9 .4 5 9  e.u. 1 1 3 .1 0 3  e.u
v  =  11.322 X  10~ 3 at 3 2 3 .1 5 °K ., p  =  57.943 X  1 0 ~ 3

at 343 .1 5 °K .

C. T h e  m olar en trop y  o f  hexam ethylbenzene v a p or  from  
spectroscop ic and m olecular data at 323.15 and 34 3 .1 5 °K .

( A B C  =  0.11579 X  1 0 -1I° g .3 cm .6)

323.15°K. 343.15°K .

Srot +  5trana (<T =* 6 ) 6 9 .06 6 6 9 .54 3
$vib 3 2 .9 6 0 3 5 .5 3 2
Sint rot (V o =  7870 cal. m o le -1 ) 7 .4 4 4 8 .0 2 8

109 .470 113 .103

“ M olecu lar w eight =  162.276; 1 cal. =  4.1833 international
jou les; 0 °C . =  273 .15°K .

the contribution to the entropy from the internal 
modes amounted to 43.56 e.u. for the former and 43.02 
e.u. for the latter, or a difference of 0.54 e.u. Since 
most of this difference is due to the seven observed 
frequencies below 1000 cm.-1, it is reasonable that the 
spectroscopic entropies as given in Table IV could be 
as much as 1 e.u. lower, but not higher.

Barrier. The frequency for the hindered rotation 
was taken as 362 cm.-1 as calculated from the relation
ship

= ± J j L
Vo 2H T 2 /red (7)
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T ab le  V : F requ en cy  A ssignm ent for  H exam ethylben zen e on  th e Basis o f  S6 S ym m etry“

Ag Bu Eg Eu
p ia v  M , dp ia v M l

Cl)' (508) 167, 552, 1542 (229 ), 1454 124, (792 )
O)" 171, (550 ), (1298) 187, 707, 1333 (34 3 ), (450 ), (1385) 241, 538, (1050)
V (2918), 2976, (2985) 2900, 2976, (2985 ) (2918), (2985), (2985 ) 2900, 2976, 2976

y (992), 1037 959, 1042 961, 1011, 1095 1028
s (1365), (1465), 1464 (1373), (1430), 1470 1 4 7 0 ,(1 5 8 3 ) (1373), (1430), (1456), 1480
r 362, 362 362 362

°  Values in  parentheses are observed  frequencies.

n was taken as 3,14 15 V0 as 7870 cal., and 7red as 5.29 
X 10-40 g. cm.2 as calculated from the following bond 
lengths: (C -C )„ =  1.40 A., Car-C al =  1.53 A., and 
C-H  = 1.09 A.16 Atomic weights of 12.011 and 1.008 
for carbon and hydrogen, respectively, give a molec
ular weight of 162.276.

For 1,2,3-trimethylbenzene two barriers of 2100 cal. 
and one of 750 were assigned16a; however, the measured 
third-law entropy16b indicates a considerably higher 
average value. Pitzer and Scott17 assign a barrier of 
2000 cal. hindering rotation in o-xylene,14 which has 
since been raised to 2100 cal.16a

It is reasonable then to assume that in hexamethyl
benzene with each methyl group doubly hindered and 
not having the freedom in the plane of the ring that the 
partially substituted polymethylbenzenes have, that 
the barrier will be much higher than 2.1 kcal.

Discussion. The values for the entropy of the ideal 
gas at 1 atm. calculated from the experimental data in 
Table IVB at 323.15 and 343.15°K. are based on the 
three vapor pressure points at the higher temperatures. 
Table I VC summarizes the calculation of the en
tropy of the ideal gas at the same two temperatures 
assuming a symmetry number of 6 and an average 
barrier of 7870 cal. mole-1 for the internal rotation of 
the six methyl groups, chosen to obtain a reasonable 
agreement with the experimental values.

In order to estimate the possible error in the experi
mental entropies of the ideal gas introduced by our 
interpretation of the vapor pressure data, a recalcula
tion was made considering all the vapor pressure 
points.

Table VI summarizes a calculation of the entropy at
303.15, 313.15, 323.15, and 343.15°K. using equations 
for log P  and AH obtained by giving equal weight to all 
of the vapor pressure data of Seki and Chiara.

The differences in the entropy, at 323.15 and 
343.15°K, between the two tables probably indicate 
the maximum error possible in Table IV.

Assuming a symmetry number of 6, the average

T a b le  V I : E n trop y  C om parison  U sing H eats  of 
Sublim ation  and Pressures D eriv ed  from  a Least-Squares 
A nalysis o f  A ll V a p or Pressure P oin ts“

T S (solid)
Sub

limation Compression iSexptl incaici!

3 0 3 .1 5 7 2 .64 7 6 4 .88 9 - 2 6 .6 1 9 110 .917 110 .753
3 1 3 .1 5 74 .613 6 2 .69 5 - 2 4 .5 4 8 1 1 2 .760 112 .639
3 2 3 .1 5 76 .571 6 0 .6 2 2 - 2 2 .6 0 9 1 1 4 .584 114 .513
3 4 3 .1 5 8 0 .47 8 56 .783 - 1 9 .0 8 6 118 .175 118 .225

“ U n its: ° E ,  cal., m ole.

barrier to obtain satisfactory agreement with experi
ment is then 2985 cal./mole for the six internal rota
tional modes.

It is evident that the vapor pressure data are such 
that only the upper and lower limits of 7870 and 2985 
cal./mole-1 can be placed on the estimated barrier. 
Any possible errors in the solid heat capacities are 
negligible compared to the uncertainty in the vapor 
pressure equation.

A series of vapor pressure measurements by the 
transpiration method are being carried out in this 
laboratory which, it is hoped, will largely remove this 
uncertainty in the limits of the barrier thus estimated.
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The Effect of D20  on the Thermal Stability of Proteins. Thermodynamic 

Parameters for the Transfer of Model Compounds from H20  to D20 1,2

by Gordon C. Kresheck,3 Henry Schneider, and Harold A. Scheraga

D epartm ent o f  C hem istry, Cornell U niversity, Ithaca, N ew  Y ork  (Received A p r il  19, 1965)

Solubility data have been obtained for propane, butane, and several amino acids in H20  
and D20 . The solubility of the hydrocarbons was measured as a function of temperature 
in order to determine enthalpies and entropies of transfer from H20  to D 20 , whereas enthal
pies of transfer were obtained calorimetrically at 25° for the amino acids and also for 
several alcohols. Thermodynamic parameters for the transfer of the nonpolar portions 
of the amino acids and alcohols were computed on the basis of the assumption that the con
tributions of the polar and nonpolar portions are additive. The enthalpy of transfer 
was negative for the hydrocarbons as well as for the hydrocarbon portions of the amino 
acids and alcohols; the entropy of transfer was negative for the two former classes of com
pounds. The free energy of transfer was negative (but became less negative with increasing 
temperature) for hydrocarbons and positive for the nonpolar portions of the amino acids 
at 25°. Assuming that the behavior of the amino acids most closely reflects the situation 
which exists in proteins even though the free amino acids contain charged a-amino and 
a-carboxyl groups, it is predicted that hydrophobic bonds between protiated amino acid 
side chains will be stronger in D20  than in H20. This prediction was confirmed by ex
periments on detergent micelles, in which it was found that the critical micelle concentration 
is lower in D20  than in H20.

Introduction
The substitution of D 20  for H20  has been found to 

affect the thermal transition curves of poly-y-benzyl- 
L-glutamate,4 ribonucléase,6 phycoeyanin,6 and gelatin,7 
but not that of DNA,8 and to alter the rate of modi
fication of ovalbumin by urea,9 and of the thermal in
activation of catalase.10 It is not possible to state, 
on an a priori basis, whether the effects observed 
with these macromolecules are due to a difference in 
hydrogen bond strength, when deuterium is substituted 
for hydrogen, or to a possible difference in hydrophobic 
bond strength when protiated nonpolar groups having

nonexchangeable hydrogens are placed in D20 , on the 
one hand, and in H20  on the other. It appears that

(1) T h is work was supported by a research grant (A I-01473) from  
the N ational In stitu te  of A llerg y and In fectious D iseases of the 
N ational In stitu te s of H ealth , U . S . Pu b lic  H ealth  Service, and by a 
research grant (GB-2238) from  the N ational Science Foundation.
(2) Presented, in  p a rt, before the M eeting of the Am erican Society 
of B io log ical Chem ists, Chicago, 111., A p ril 1964.
(3) N ational In stitu te s of H ealth  Postdoctoral Fe llo w  of the N a
tional Cancer In stitu te , 1963-1965.
(4) M . C a lv in , J . H erm ans, J r ., and H . A . Scheraga, J . A m . Chem . 
Soc., 81 , 5048 (1959).
(5) J . H erm ans, J r ., and H . A . Scheraga, B ioch im . B iop h ys . A cta , 
36, 534 (1959).
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the O -D • • • 0  bond is stronger than the O-H • • • 0  
bond in D 20  and H20 , respectively6 7 8 9 10 11; further work on 
the relative strengths of such bonds is in progress in our 
laboratory. However, since there is no information 
available on the effect of D -H  substitution on hydro- 
phobic bond strength, this study was carried out in 
order to obtain thermodynamic parameters for the 
transfer, from H20  to D 20 , of nonpolar model com
pounds and of polar compounds bearing nonpolar 
groups. Specifically, the solubilities, in H20  and in 
D 20, of hydrogen-containing propane and butane (at 
several temperatures) and of various amino acids at 
25° were determined. In addition, enthalpies of trans
fer of amino acids and alcohols from H20  to D 20  
were measured in a calorimeter. Also, the critical 
micelle concentration (c.m.c.) of a detergent was meas
ured in the same two solvents. The resulting data 
provide information about the relative strengths of 
hydrophobic bonds between protiated nonpolar groups 
in H20  and D 20 , respectively.

A theoretical treatment of the relative strengths of 
hydrophobic bonds in H20  and D 20  is in progress.12 
The theoretical work is based on previous treatments 
of the structure of liquid13 H20 , liquid11 D20 , solutions 
of protiated hydrocarbons14 15 in H20 , and hydrophobic 
bond strengths between protiated nonpolar groups16 
in H20.

Experimental

A. Materials. Propane and butane were pur
chased from The Matheson Company, East Ruther
ford, N. J., and were 99.92 and 99.94 mole % , respec
tively. by the manufacturer’s analysis. The amino 
acids used were a chromatographically pure grade 
(Mann Research Laboratories). Carefully dried and 
distilled methanol16 and ethanol16 containing less than 
0.1% water were provided by Mr. M. E. Friedman17 
of this laboratory. All other alcohols were either 
reagent or spectral grade. Laboratory distilled water 
was deionized prior to use and 99.7% D20  (acquired 
from the U. S. Atomic Energy Commission, Chemical 
Processes Branch, Savannah River Branch, Aiken, S. C.) 
was bottled by the Cornell University Department of 
Chemistry.

Dodecylpyridinium bromide (DPB) was obtained 
from K  & K  Laboratories, Inc., Plainview, N. Y .; 
it was used to prepare dodecylpyridinium iodide (DPI) 
by crystallization twice from saturated aqueous K I 
solutions and twice from distilled water.

B. Solubility of the Hydrocarbons. To determine 
the solubility of propane and butane a known quantity 
of the hydrocarbon gas was introduced from a gas 
buret into a calibrated volume which contained a

weighed quantity of water and then stirred until 
equilibrium was attained (3 to 4 hr.). The amount 
of hydrocarbon in solution was taken to be equal to 
the difference between the amount introduced into the 
reaction vessel and the amount remaining in the vapor 
phase. The amount in the vapor phase at equilibrium 
was determined from the partial pressure of the hydro
carbon and the volume of the vapor space in the re
action vessel, this latter quantity being computed from 
the volume of the liquid used in the experiment and 
that of the reaction vessel when empty. The density 
of 99.7% D20  at the various temperatures employed 
was computed with the formula given by Kirshen- 
baum,18 using the density data of Steckel and Szapiro19 
for 100% D20 , and literature values20 21 for that of H20. 
In computing the number of moles of gas introduced 
into the apparatus and that in the vapor phase at equi
librium, small deviations from ideality (less than 3%) 
were accounted for using the compressibility factor data 
of Silberberg, et al.n Application of this correction 
consists of computing the number of moles in the volume 
of interest using the ideal gas law and then dividing 
this quantity by the compressibility factor for the ap
propriate temperature and pressure.

The procedure usually followed was to measure first 
the solubility at the lowest temperature of interest and 
then at increasingly higher temperatures using the 
material already in the apparatus. At 4° the partial 
pressures employed were about 0.5 and 0.7 atm. and 
at 50°, 1.2 and 1.6 atm. for propane and butane, re-

( 6 )  D .  S .  B e r n s ,  B iochem istry,  2 ,  1 3 7 7  ( 1 9 6 3 ) .
( 7 )  W .  F .  H a r r i n g t o n  a n d  P .  H .  v o n  H i p p e l ,  A rch . B iochem . B iop hys., 
92,  1 0 0  ( 1 9 6 1 ) .
( 8 )  H .  L .  C r e s p i  a n d  J .  J .  K a t z ,  J . M ol. B io l.,  4 ,  6 5  ( 1 9 6 2 ) .
( 9 )  R .  H .  M a y b u r y  a n d  J .  J .  K a t z ,  N atu re,  1 7 7 ,  6 2 9  ( 1 9 5 6 ) .
( 1 0 )  W .  R .  G u i l d  a n d  R .  P .  v a n  T u b e r g e n ,  Science,  1 2 5 ,  9 3 9  ( 1 9 5 7 ) ,
( 1 1 )  G .  N é m e t h y  a n d  H .  A .  S c h e r a g a ,  J . Chem. P h ys .,  4 1 ,  6 8 0  
( 1 9 6 4 ) .
( 1 2 )  G .  N é m e t h y  a n d  H .  A .  S c h e r a g a ,  w o r k  i n  p r o g r e s s .
( 1 3 )  G .  N é m e t h y  a n d  H .  A .  S c h e r a g a ,  J . Chem. P h ys.,  3 6 ,  3 3 8 2  
( 1 9 6 2 ) .
( 1 4 )  G .  N é m e t h y  a n d  H .  A .  S c h e r a g a ,  ib id .,  3 6 ,  3 4 0 1  ( 1 9 6 2 ) .
( 1 5 )  G .  N é m e t h y  a n d  H .  A .  3 c h e r a g a ,  J. P h ys . Chem .,  6 6 ,  1 7 7 3  
( 1 9 6 2 ) ;  6 7 ,  2 8 8 8  ( 1 9 6 3 ) .
( 1 6 )  A .  I .  V o g e l ,  “ P r a c t i c a l  O r g a n i c  C h e m i s t r y , ”  L o n g m a n s ,  G r e e n  
a n d  C o . ,  N e w  Y o r k ,  N .  Y „  1 9 5 1 ,  M e t h o d  I ,  p .  1 6 6 .
( 1 7 )  S e e  M .  E .  F r i e d m a n  a n d  H .  A .  S c h e r a g a ,  J . P h ys . Chem .,  t o  b e  

p u b l i s h e d ,  f o r  d e t a i l s  o f  p u r i f i c a t i o n .
( 1 8 )  I .  K i r s h e n b a u m ,  “ P h y s i c a l  P r o p e r t i e s  a n d  A n a l y s i s  o f  H e a v y  

W a t e r , ”  N a t i o n a l  N u c l e a r  E n e r g y  S e r i e s ,  M a n h a t t a n  P r o j e c t  
T e c h n i c a l  S e c t i o n ,  D i v i s i o n  I l l - V o l u m e  4 A ,  M c G r a w - H i l l  B o o k  C o . ,  
I n c . ,  N e w  Y o r k ,  N .  Y . ,  1 9 5 1 .
( 1 9 )  F .  S t e c k e l  a n d  S. S z a p i r o ,  Trans. F araday Soc.,  5 9 ,  3 3 1  ( 1 9 6 3 ) .
( 2 0 )  “ H a n d b o o k  o f  C h e m i s t r y  a n d  P h y s i c s ,  ”  4 2 n d  E d . ,  T h e  C h e m i c a l  

R u b b e r  C o m p a n y ,  C l e v e l a n d ,  O h i o ,  1 9 6 0 - 1 9 6 1 .
( 2 1 )  I .  H .  S i l b e r b e r g ,  P .  K .  K u o ,  a n d  J . J .  M c K e t t a ,  J r . ,  P etrol. E ngr., 
2 4 ,  C 9  ( 1 9 5 4 ) .
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spectively. All solubility data are reported normal
ized to a partial pressure of hydrocarbon of 1 atm. 
The deviation from the mean of the solubility values 
obtained in duplicate experiments was less than ±0 .5%  
in most instances.

The apparatus employed for the solubility measure
ments was designed for this purpose and also to study 
the adsorption of hydrocarbon gases at a water- 
polystyrene interface. One of its features was that all 
joints and stopcocks associated with the vessel in which 
the gas and liquid were equilibrated were grease- 
free. Details concerning its construction are provided 
elsewhere.22

C. Solubility of the Amino Acids. The solubility 
of the amino acids was determined gravimetrically. 
The procedure employed consisted of shaking an excess 
of the solid amino acid with solvent at 25 ±  0.1° in 
sealed test tubes for a minimum of 24 hr., filtering, 
and then weighing a 4-ml. aliquot of solution, removing 
the solvent, and finally weighing the residue. The 
solvent was removed in two steps; in the first, the 
major portion was removed by evaporation at 70° and 
in the second, the samples were heated to constant 
weight at 110°.

D. Calorimetry. Enthalpies of transfer of the 
amino acids and alcohols were determined with the aid 
of an adiabatic solution calorimeter modeled after the 
one recently described by Benjamin.23 They were 
evaluated either from the difference in the integral 
heats of solution of solid solute in H20  and in D 20  in 
the dilute solution range or from the difference in the 
heat of dilution of a small quantity of a dilute H20  
solution of solute with relatively large amounts of H20  
or D20  (about 3 ml. of a 0.8% solution diluted with 40 
ml. of water).

The heat changes in all processes measured calori- 
metrically were determined from the measured temper
ature change, the known heat capacity of the calorim
eter vessel, the heat capacity of the solvent, and the 
heat associated with opening the sample cell. The 
effect of the solutes on the total heat capacity of the 
solutions was estimated since such low concentrations 
were used that the resulting errors are outside the limits 
of our experimental precision, ±0 .1% , which is com
parable to that found by Benjamin.23 Measurements 
were not corrected for small deviations from 25.00°, 
normally ±0.05°, and are expressed in terms of the 
defined calorie (4.184 absolute joules). Solid samples 
were dried in vacuo over P20 5 for a minimum of 24 hr. 
prior to use, and liquid samples were stored in sealed 
bottles in a desiccator over CaCl2. Weights were cor
rected to vacuum.

The integral heat; of solution, AHB, and the enthalpy

of transfer, AHt, measured by the direct solution tech
nique, were calculated from the measured heat change 
upon solution, q, the weight of solute, g, and the 
molecular weight, M, of the solute, with the aid of the 
equations

and

Afft =  (A //s)diO ~  (A iia)HjO

(1)

(2)
The AHt values, obtained from the dilution experi
ments were calculated by means of the equation

(3)

where qt is the heat change accompanying the transfer 
of solute from H20  to D 20  and is represented by

Qt =  ?mix — Smo — Sdii (4)

The term gmix represents the heat of dilution of the 
H20  solution of solute with D20 , qH,o is the heat as
sociated with the mixing of an equal amount of solute- 
free H20  with D20 , and gd;i is the heat of dilution of the 
H20-solute solution with H20 . Since the weights of 
H20  and D 20  used in the experiments with solutes 
were not always the same as when H20  was added to 
D20 , qbm was corrected for this difference24 on the basis 
of the results of Narten.25

Enthalpies of transfer, evaluated by the dilution 
procedure, correspond to the process in which solute 
molecules in a dilute solution in H20  are transferred 
to a more dilute 94% D 20  solution. The values and 
precision obtained with this procedure were essentially 
the same as those obtained by the direct solution 
technique and required fewer determinations for their 
evaluation. Most measurements were made using 
the dilution procedure for this reason, and also because 
it was found to be less sensitive to small amounts of 
H20  present in experiments with D20 , and because it 
is not subject to difficulties arising from the slow rate 
of solution of solid samples.

It is considered that the integral heats of transfer, 
AHt, measured by the two procedures, correspond, to a

(22) H . Schneider, G . C . K resheck, and H . A . Scheraga, J . P h y s . 
Chem., 69 , 1310 (1965).
(23) L . Ben jam in , Can. J . Chem., 41 , 2210 (1963).
(24) In  essence, th is correction depends on the lin e a rity  of the p lot of 
the excess enthalpy of m ixing against the mole fraction  of D 2O, X d2o, 
in  the region 0.94 to 1.0 for X n 2o- Th e  ratio  of qm\K to the w eight of 
H 2O was equal to 1.620 ±  0.003 ca l./g ., on the basis of the four de
term inations listed  at the bottom of Tab le  V I I .
(25) A . N arten , J . Chem. P h y s ., 41 , 1318 (1964).

The Journal of Physical Chemistry



E f f e c t  o f  D 20  o n  t h e  T h e r m a l  St a b il it y  o f  P r o t e in s 3135

good first approximation, to those which would be 
measured at infinite dilution. Thus, if the properties 
of the solute in the standard state are taken to be those 
of the solute in an infinitely dilute solution, AHt may 
be identified with the corresponding change in the 
standard partial molal quantity, &Flt°. The precision 
of the final values of AHt° is estimated from duplicate 
determinations to be ±  50 cal./mole or less.

E. Detergent Micelles. The detergent DPI was 
used because a spectral change occurs above the 
c.m.c. when micelles are formed26'27; this provides 
a simple and sensitive determination of the c.m.c. 
Mukerjee and Ray27 have obtained an ultraviolet dif
ference spectrum in the range 280-380 mg and assumed 
that the difference spectrum arises from micelle forma
tion. Using this method, we have determined the 
c.m.c. from the concentration dependence of the 
absorbance of DPI at 287 mg, in both H20  and D 20  
at 22°. Both 1-cm. and 2-mm. quartz cells were used 
to cover a wide concentration range. The cells were 
maintained at constant temperature in a Beckman DU 
spectrophotometer.

The c.m.c. was also determined by a conductivity 
method,28 using an Industrial Instruments, Inc., 
conductivity bridge, Model RC16B2, and a Fisher 
low-conductivity type conductivity cell immersed in 
a water bath at 25°. Measurements were made at 
1000 c.p.s.

Results

A. Hydrocarbons. The solubility data obtained 
in the present study for propane and butane in H20  
(Figure 1) agree favorably with those of Claussen and 
Polglase29 and Wishnia30 31 but are somewhat higher 
than those of Morrison and Billet81 at temperatures 
below 30° in the case of propane and over the entire 
temperature interval investigated in the case of butane. 
The values of Wetlaufer, et al.,32 agree closely with those 
of Morrison and Billet and are not plotted. The values 
of McAuliffe33 are lower than those of all other workers.

The variation of the logarithm of the solubility of the 
hydrocarbons in H20  and D 20  as a function of the re
ciprocal of the absolute temperature is compared in 
Figure 2. These curves show that the solubility, on a 
mole fraction basis, is greater in D20  than in H20  at 
low temperature, and that the difference becomes 
smaller as the temperature increases. At the highest 
temperatures (45-55°) the values become equal within 
experimental error.

As indicated in Table I, the solubilities on a molar 
basis at the lower temperatures are higher in D 20  
than in H20 , and this behavior is analogous to that 
found when concentrations are expressed in terms of

Figure 1. The solubility of propane and butane in 
H20  as a function of temperature: O, present study;
□, Wishnia80; A, Claussen and Polglase29;
V, Morrison and Billet31; •, McAuliffe.83

mole fractions. However, when concentrations are 
expressed in terms of molality, the solubility is greater 
in H20  than in D 20. The relationships observed when 
the concentrations are expressed in mole fraction 
and molar terms arise because the molar volumes of 
the two solvents are similar, as indicated in ref. 11. 
The trends observed on a molality basis result from the 
-~10% difference in the molecular weight of D20  and 
H20.

It is evident that, because the solubilities depend on 
concentration unit used, the relationships involving 
the free energy and entropy of transfer will also vary 
with the particular units employed in computing them.

(26) W. D. Harkins, H. Krizek, and M. L. Corrin, ./. Colloid Sci., 6 , 
576 (1951).
(27) P. Mukerjee and A. Ray, J . P h ys . Chem ., 67, 190 (1963).
(28) J. E. Adderson and H. Taylor, J . Colloid Sci., 19, 495 (1964).
(29) W. F. Claussen and M. F. Polglase, J . A m . Chem. Soc., 74 ,  4817 
(1952).
(30) A. Wishnia, J . P h ys . Chem., 6 7 , 2079 (1963). Thanks are due 
to Dr. Wishnia for sending us the exact values for the butane data 
shown in this paper.
(31) T. J. Morrison and F. Billet, J . Chem. Soc., 3819 (1952).
(32) D. B. Wetlaufer, S. K. Malik, L. Stoller, and R. L. Coffin, 
J . A m . Chem. Soc., 86, 508 (1964).
(33) C. McAuliffe, N a t u r e ,  200, 1092 (1963).
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Table I : Variation of Solubility Relationships with Concentration Units

Hydro
carbon

Temp.,
°C.

✓---------------Mole fractioi
m o

1 x  10s---------------- >
DîO

------------------------M
m o

X 10*------------------------
D20

/--------------------- m
H2O

X 1 0 «------------------ .
D20

Propane 4 6 .2 4  ±  0 .0 2 6 .6 8  ±  0 .0 7 3 .4 6  ±  0 .01 3 .6 8  ±  0 .0 3 3 .4 6  ±  0 .01 3 .3 3  ± 0 . 0 3
25 2 .7 4  ±  0 .01 2 .8 3  ±  0 .01 1 .5 3  ±  0 .01 1 .5 6  ±  0 .01 1 .53  ±  0 .01 1.41  ±  0 .0 1
50 1 .5 3  ±  0 .01 1 .5 4  ±  0 .01 0 .8 4  ±  0 .01 0 .8 4  ±  0 .0 0 0 .8 5  ±  0 .01 0 .7 6  ±  0 .0 0

Butane 4 5 .7 9  ±  0 .01 6 .2 5  ±  0 .0 3 3 .21  ±  0 .01 3 .4 4  ±  0 .0 2 3 .21  ±  0 .01 3 .1 2  ± 0 . 0 2
25 2 .2 7  ±  0 .01 2 .3 5  ±  0 .0 2 1 .2 6  ±  0 .01 1 .29  ±  0.01 1 .26  ±  0 .01 1 .1 7  ±  0 .0 1
50 1.19  ±  0 .01 1.21 ±  0 .01 0 .6 6  ±  0 .01 0 .6 6  ±  0 .01 0 .6 6  ±  0 .01 0 .6 3  ±  0 .0 1

l I I I I_____ 1______ 1-------- 1------- 1
2.9 3.0 3.1 3.2 3.3 3.4 3.5 3.6

Butane
T - 'x lO 3

Figure 2. The solubility of propane and butane 
as a function of temperature in H20  and in D20.

Hence, the thermodynamic parameters for mixing 
will differ, and this difference will be included in the 
transfer parameters. Difficulties arising in this way 
can be eliminated if mole fraction units are employed.34 
Accordingly, the standard free energy of solution was 
computed using the relation

AF° =  -R T  I n l j  (5 )

where X 2 represents the mole fraction of dissolved 
hydrocarbon, choosing the standard state for this 
species to be mole fraction unity and for the hydro
carbon gas, 1 atm. It can easily be shown that the

free energy change obtained using these units is es
sentially equal to the unitary free energy change,35 
AFu°, that is, the free energy change resulting only 
from the interactions of solute and solvent.

The variation in AFn° with temperature could be 
expressed by the polynomial

AFu° =  A +  BT +  CT2 +  DT3 (6)

obtained by a least-squares procedure, with a standard 
error of estimate36 equal to or less than 0.006 kcal./ 
mole. The values of the coefficients for the various 
systems are summarized in Table II. The standard 
enthalpy of solution, the standard unitary entropy of 
solution, and the corresponding change in the excess 
partial molal heat capacities may be deduced from eq. 6 
as

AH° = A — CT2 — 2DT3 (7)

ASU° =  - B  -  2CT -  3DT2 (8)

ACP =  -2 C T  -  QRT2 (9)

and their confidence limits may be estimated from the 
variance and covariance of the coefficients.36’37 The 
values of AH° and ASn° computed from eq. 7 and 8, 
together with the 90% confidence limits for several 
temperatures, are represented in Figures 3 and 4 for 
propane and butane, respectively. It is evident 
from these figures that the difference in AH° and A<SU° 
for solution in the two solvents is significant only over 
a limited temperature interval. In the case of pro
pane, the differences are significant at low temperatures 
but lose their significance somewhere between 25 and

(34) Of course, if concentrations are expressed in units other than 
mole fractions, conversion of AF° to the unitary35 AFu° corresponds 
to a conversion from the units used to mole fractions.
(35) W. Kauzmann, Advan. Protein Chern., 14, 1 (1959).
(36) G. W. Snedecor, “ Statistical Methods,”  4th Ed., Iowa State 
College Press, Ames, Iowa, 1946, p. 347.
(37) We are indebted to Dr. S. R. Searle, Biometrics Unit, Cornell 
University, for advice and assistance in the statistical treatment of the 
solubility data.
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Table II : Coefficients of Polynomials of Eq. 6

System A B C D

Propane-H20 -13.84232 8.12266 X 10 ~2 0 -1.56749 X 10 —2
Propane-D20 -25.01314 1.87925 X IO"1 -3.41536 X 10 ~4 2.09408 X 10 —2
Butane-H20 -16.39287 9.32092 X IO“ 2 0 — 1.91123 X IO“7
Butane-D20 -38.33623 3.08356 X IO“ 2 -7.04660 X 10~4 5.79321 X 10-2

Figure 3. Thermodynamic parameters for the solution of 
propane in H20  and in D20. The difference between the 
standard free energy of solution in the two solvents is 
indistinguishable on the scale employed. The vertical lines 
represent the 90% confidence limits for the standard enthalpy 
and entropy of solution. The corresponding limits for the 
free energy change are less than 10 cal./mole.

50°; in the case of butane the differences are significant 
only at low temperature.

The ACp data and their 60% confidence limits are 
shown in Figure 5, and numerical values together with 
their 90% confidence limits are shown for several 
temperatures in Table III. In the H20  systems ACp 
increases with temperature and also with chain length, 
and, except for propane at 25° and butane at 4°, the 
values at 4, 25, and 50° agree with those computed by 
Nfimethy and Scheraga,14’38 which are shown in Table
III. In the D 20  system, ACP seems to decrease with 
temperature but, except for the low temperature region 
in the case of butane, the differences in A(7P for the 
H20  and D 20  systems are not significant at the 90% 
confidence level (Table III). However, the differences 
are significant over an appreciable temperature range 
at the 60% confidence level as shown in Figure 5.

Figure 4. Thermodynamic parameters for the solution of 
butane in H20  and in D20. The difference between the standard 
free energy of solution in the two solvents is indistinguishable 
on the scale employed. The vertical lines represent the 90% 
confidence limits for the standard enthalpy and 
entropy of solution. The corresponding limits for the free 
energy change are less than 10 cal./mole.

The differences between AFU° in the two solvents 
are small and cannot be seen on the scale employed in 
Figures 3 and 4, but may be visualized readily from the 
plot of the free energy of transfer of the hydrocarbons 
from H20  to D 20 , AFt°, where

AF t° =  (A F u° ) d2o -  (A F u° ) h2o (10)

Such a plot is shown in Figure 6. The salient feature 
of these curves is that the transfer process seems to 
become less favorable as the temperature is raised. 
Because of experimental error, it is not possible to de
termine at what temperature, if at all, AFt° becomes 
equal to zero or positive in sign. Numerical values

(38) The theoretical values for 4° were kindly supplied by Dr. G. 
N&nethy.
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Figure 5. The partial molal excess heat capacity 
of propane and butane in H20  and D20. The vertical 
lines represent the 60% confidence limits.

Table III : ACp and Its 90% Confidence Limits as a 
Function of Temperature

Tem p., ,---------- ACP, ca l./m ole  deg.------- —s
System °c. Exptl. Theoret.14»88

Propane-H20 4 7 2 .3  ±  3 .1 7 0
25 8 3 .6  ±  3 .6 90
50 9 8 .3  ±  4 .2 102

Propane-D20 4 9 2 .8  ±  2 1 .4
25 9 1 .9  ±  4 .7
50 8 9 .5  ±  2 5 .1

Butane-H20 4 8 8 . 0  ±  4 .7 77
25 1 0 1 .9  ±  5 .4 99
50 1 1 9 .7  ±  6 .4 115

Butane-D20 4 1 2 3 .6  ±  2 0 .5
25 1 1 2 .2  ±  5 .4
50 9 2 .4  ±  2 1 .7

for AFt° for several temperatures are shown in Table
IV.

Curves representing the variation with temperature 
of the enthalpy of transfer, AHt°, are shown in Figure 7. 
These have a minimum between 30 and 40° but veri
fication of its existence is not possible with the present 
data because the confidence limits are rather wide.

Figure 6. Standard free energy of transfer from H20  to D20  
of propane and butane. The 90% confidence limits are shown 
for butane only; those for propane are comparable in size, and 
their numerical values are given in Table IV.

Table IV: Thermodynamic Parameters and Their 90% 
Confidence Limits for the Transfer of Propane and Butane 
from H20  to D20

Hydro
carbon

Temp.,
°C.

- A F t ° ,

cal./mole
-

cal./mole — A S t ° ,

Propane 4 38.4 ±  9.8 531 ±  188 1.78 ±  0.57
25 14.4 ±  3.2 222 ±  88 0.70 ±  0.33
50 2.4 ±  10.2 225 ±  194 0.69 ±  0.61

Butane 4 40.2 ±  11.4 619 ±  279 2.09 ±  1.63
25 17.4 ±  4.4 142 ±  142 0.42 ±  1.65
50 4.5 ±  11.3 355 ±  238 1.08 ±  1.56

In any event, it can be seen from Figure 7 and the data 
in Table IV that the values of A77t° at 4° are signifi
cantly greater at the 90% confidence level than those 
at 25 and 50° in the propane system and from the value 
at 25° in the butane system.

Curves of ASt° as a function of temperature can be 
shown to have minima similar to those found with 
AHt° but, again, the wide confidence limits preclude 
verification of their existence. Values of A$t° at several 
temperatures are given in Table IV.

The fact that both AHt° and ASt° are negative sug
gests that the structural order of the solvent in the hy
drocarbon solutions is greater in D20  than in H20. 
Furthermore, the larger negative values for AHt° at lower 
temperatures suggest that the structural order increases 
with a decrease in temperature, faster in D 20  than in
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Table V : Solubility Data“ Used for Calculating the Free Energy of Transfer of the Amino Acids from H20  to D20  at 25°

(AiyOaa - 
(AFt°)u, (AFt°)*Iy,

Compound Side chain v H!o Xp2o cal./mole cal./mole

Glycine H 5.578 X 10~2 
5.646 X IO“ 2

5.889 X IO“ 2 
5.881 X IO“ 2 -2 8  ±  4

d l -Alanine CH, 3.209 X 10“ 2 
3.167 X IO“ 2

3.360 X IO“ 2 
3.289 X IO“ 2 -2 4  ±  3 4 ±  3

D]>a-Aminobutyric acid CHüCHs 3.490 X IO“ 2 
3.486 X IO"2

3.502 X IO“ 2 
3.512 X IO“ 2 - 3  ±  1 25 ±  3

Dju-Norvaline CH2CH2CH3 1.292 X IO“ 2 
1.289 X IO“ 2

1.263 X IO-2 
1.272 X IO“ 2 13 ±  0 41 ±  3

DL-Norleucine c h 2c h 2c h 2c h 3 1.495 X IO“ 8 
1.459 X IO“ 3

1.463 X IO“ 3 
1.428 X IO“ 3 13 ±  0 41 ±  3

i>Norleucine c h 2c h 2c h 2c h 3 2.235 X IO“ 8 
2.273 X IO“ 5

2.195 X IO“ 3 
2.220 X IO“ 3 13 ±  0 41 ±  3

L-Phenylalanine CHüC Ä 2.873 X IO“ 3 
3.000 X IO“ 8

2.491 X IO"8 
2.527 X IO"3 127 ±  1 155 ±  2

“ The double entries in the X h2o and X o ^ o  columns represent duplicate independent determinations.

Figure 7. Standard enthalpy of transfer from H20  to D20  of 
propane and butane. The 90% confidence limits are shown for 
butane only; those for propane are given in Table IV.

H20 . In this connection, it is of interest to note that the 
calculated fraction of unbroken hydrogen bonds increases 
faster,11 with decreasing temperature, in pure D 20  
than in pure H20.

B. Amino Acids and Alcohols. The values of the 
mole fraction, X, o f the amino acids at saturation in 
H20  and in D 20  at 25° are shown in Table V. Our 
values for solubility in H20  agree within a few per cent 
with those of other workers,39 with the exception of 
the data for norvaline for which data are not available 
for comparison.

The standard free energy of transfer from H20  to D 20, 
AFt°, was computed in terms of the standard unitary 
free energy of solution. The standard state employed 
for the solute was a hypothetical solution in which 
the concentration of solute is mole fraction unity, but 
in which it has the properties it would possess in an 
infinitely dilute solution, so that t2/-X2 -► 1 as X 2 -*■ 0, 
where y2 is the activity coefficient of the solute. The 
chemical potential of the solute in the saturated 
solution, ¿¿2, is related to Xi and the chemical potential 
of the solid solute, ms, by means of the equation

i¿25 =  /i2 =  +  RT In x 272 (11)

where ¡1 2 ° is the chemical potential of the solute in the 
standard state. The standard unitary free energy of 
solution, AEu0, is given by the expression

AEU° =  /i2° -  M2S =  -R T  In X 272 (12)

Consequently, for the transfer from H20  to D20

(39) E. J. Cohn and J. T. Edsall, “ Proteins, Amino Acids, and Pep
tides,”  Reinhold Publishing Corp., New York, N. Y., 1943, p. 199.
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Table VI: Integral Heats of Solution for Several Amino Acids and the Related Transfer Values Calculated frcm the 
Solution and Dilution Data

W t. of W t. of
solute, solvent, A H g , ,---- ------------------ AHt°, cal./mole----•---------------->

Compound Solvent mg. g. g, eal. cal./mole Soin. Dil. Average

Glycine h 2o 39.2 40.9529 1.701 3259 -195  ±  74 -1 8 4  ±  34 -1 9 0  +  27
27.1 40.9788 1.273 3528
50.9 39.9336 2.357 3478
43.2 40.6130 1.928 3352
43.5 40.8231 1.982 3422
49.6 41.5999 2.313 3502
27.2 41.1264 1.215 3355
27.8 40.9100 1.277 3450
54.5 40.9155 2.449 3375

3413 ±  83°

D20 34.1 44.8910 1.463 3222
50.7 44.3351 2.174 3220
43.9 44.8046 1.847 3160
52.7 46.8011 2.294 3269
43.9 44.9118 1.804 3086
42.7 45.0747 1.895 3332
33.6 44.9036 1.428 3192
39.8 45.7795 1.728 3261

94% D20 46.1 43.3836 1.961 3195
38.5 42.9323 1.662 3242

3218 ±  65“

dl- Alanine H20 72.0 39.8013 1.778 2200 -322 -3 3 4  ±  19 -3 2 8  ±  17
d 2o 70.5 43.9862 1.486 1878

DL-a-Aminobutyric acid h 2o 54.1 38.9496 0.802 1528 -353 -395  ±  12 -3 7 4  ±  21
d 2o 53.0 42.7439 0.604 1175

L-Norvaline h 2o 49.4 39.8959 -0 .231 -548 -406 -452  +  5 -429  ±  23
d 2o 56.2 44.0529 -0 .458 -954

“ Average value of AH ,  with standard deviation.

A F °d2o — A i ,°H2o =  (m 2°)d2o — (m2°)h2o —

-R T  In -  RT In =  AFt° (13)
(A2)h20 (72)h20

Since the concentrations of amino acids in saturated 
solutions in H20  and in D20  on a mole fraction basis are 
similar, and since many of the physical properties of 
H20  and D20  are similar,11 it is likely that deviations 
from ideal behavior in the two solvent systems will be 
almost identical. Thus, it is reasonable to assume that 
the activity coefficients in eq. 13 may be considered 
equal, so that eq. 13 may be written as

(AFt°)u ~  -R T  In (14)

Values for (AFt°)u, together with their standard devia
tions, computed with eq. 14 are shown in Table V. 
The contribution of the nonpolar portion to (AFt°)u 
for the various amino acids was obtained by subtracting

the value observed for glycine; these results are given 
in the last column of Table V. It can be seen that, 
except possibly for alanine, (AFt°)u for the nonpolar 
side chains is positive. This behavior is opposite to 
that found with the hydrocarbons.

The results obtained by direct measurement of the 
integral heat of solution of several amino acids in H20  
and D20 , AHb, are presented in Table VI. The values 
obtained for the partial molal enthalpies of transfer 
from H20  to D 20 , AHt°, determined both by direct 
solution and by the dilution technique, are also given. 
Details concerning the dilution experiments with the 
amino acids and also those with the alcohols are pre
sented in Table VII. The average of the AHt° values 
obtained by the solution and by the dilution techniques 
are shown in Table VI. It is evident from the data in 
Table VI that AHt° is negative for the transfer of 
glycine, and that it becomes more negative with in
creasing length of the nonpolar side chain. An
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Table VII: Summary of the Data Related to the Dilution Experiments for the Enthalpy of Transfer of Various Amino Acids 
and Alcohols from Dilute H20  to Dilute D20  at 25°

Average
Wt. of W t. of Wt. of imix.“ ÎHîO ,“ — idil,“ - i t . “ - A  H t° , — A Ht°,

Compound solute, mg. HîO, g. D 2O, g. oal. oal. cal. cal. cal./mole cal./mole

Glycine 5 6 .7 3 .0 0 9 2 4 4 .5 2 3 6 4 .7 3 2 4 .8 7 5 0 0 .1 4 3 189 1 8 4  ±  34
3 8 .1 3 .0 0 3 8 4 4 .3 4 2 1 4 .7 8 7 4 .8 6 6 0 0 .0 7 9 156
3 2 .2 3 .0 0 0 2 4 3 .9 5 8 5 4 .7 7 4 4 .8 6 0 0 0 .0 8 6 201
5 5 .2 2 .9 7 0 9 4 4 .2 6 3 7 4 .7 0 7 4 .8 1 3 0 0 .1 0 6 144
3 6 .4 2 .9 9 6 8 4 3 .9 4 8 7 4 .7 7 9 4 .8 5 5 0 0 .0 7 6 157
2 2 .7 2 .9 6 8 6 4 3 .1 6 3 2 4 .7 3 1 4 .8 0 9 0 0 .0 7 8 2 58

d l-Alanine 5 4 .7 3 .0 0 4 9 4 4 .2 7 7 6 4 .6 7 4 4 .8 6 8 0 0 .1 9 4 316 3 3 4  ±  19
2 7 .5 2 .9 9 9 0 4 4 .4 3 7 5 4 .7 5 0 4 .8 5 9 0 0 .1 0 9 353

DL-a-Aminobutyric 3 2 .6 2 .9 9 7 3 4 4 .1 1 0 2 4 .7 3 4 4 .8 5 5 0 0 .1 2 1 383 3 9 5  ±  12
acid 4 6 .5 2 .9 9 6 8 4 4 .3 0 4 2 4 .6 7 2 4 .8 5 5 0 0 .1 8 3 4 0 6

m>Norvaline 5 4 .2 2 .9 9 0 8 4 4 .3 2 9 5 4 .6 3 8 4 .8 4 5 0 0 .2 0 7 4 47 4 5 2  ±  5
2 6 .7 3 .0 0 4 2 4 4 .2 9 7 0 4 .7 6 3 4 .8 6 7 0 0 .1 0 4 4 56

m>Norleueine 2 2 .7 2 .9 9 1 5 4 4 .1 0 4 1 4 .7 5 6 4 .8 4 6 0 0 .0 9 0 520 512  ±  7
2 7 .3 3 .0 0 8 1 4 4 .3 1 5 2 4 .7 6 8 4 .8 7 3 0 0 .1 0 5 505

L-Phenylalanine 4 6 .0 3 .0 0 4 5 4 4 .3 3 8 4 4 .7 8 8 4 .8 6 7 0 0 .0 7 9 284 3 0 8  ±  2 4
6 9 .2 3 .0 0 5 2 4 4 .2 6 9 3 4 .7 3 0 4 .8 6 9 0 0 .1 3 9 332

Methyl alcohol 5 1 .4 2 .9 9 6 0 4 4 .3 5 3 2 4 .4 4 8 4 .8 5 4 0 .0 8 8 0 .3 1 8 198 182  ±  16
2 6 .8 2 .9 9 2 5 4 4 .2 9 9 0 4 .6 6 3 4 .8 4 8 0 .0 4 6 0 .1 3 9 166

Ethyl alcohol 4 2 .6 3 .0 0 0 4 4 4 .3 4 4 7 4 .5 6 1 4 .8 6 1 0 .0 1 4 0 .2 8 6 309 311 ±  2
4 5 .8 3 .0 0 5 6 4 4 .3 3 3 4 4 .5 4 3 4 .8 6 9 0 .0 1 5 0 .3 1 1 313

n-Propyl alcohol 6 5 .3 3 .0 0 6 1 4 3 .9 1 0 5 4 .4 2 7 4 .8 7 0 0 .0 2 5 0 .4 1 8 385 3 8 3  ±  2
2 3 .5 3 .0 0 9 0 4 4 .3 7 0 9 4 .7 1 7 4 .8 7 5 0 .0 0 9 0 .1 4 9 381

Isopropyl alcohol 4 6 .0 3 .0 1 0 2 4 4 .2 8 5 3 4 .5 5 0 4 .8 7 7 0 .0 2 0 0 .3 0 7 401 4 0 5  ±  4
2 3 .5 3 .0 0 0 8 4 4 .2 4 0 8 4 .6 9 1 4 .8 6 1 0 .0 1 0 0 .1 6 0 409

ra-Butyl alcohol 3 8 .8 2 .9 9 4 0 4 4 .4 1 9 7 4 .5 8 3 4 .8 5 0 0 .0 3 0 0 .2 3 7 4 53 4 6 9  ±  16
5 3 .9 3 .0 0 9 0 4 4 .2 5 6 0 4 .4 8 0 4 .8 7 5 0 .0 4 2 0 .3 5 3 4 8 5

sec-Butyl alcohol 4 6 .9 3 .0 0 9 4 4 4 .3 9 7 5 4 .5 8 4 4 .8 7 5 0 .0 2 1 0 .2 7 0 4 27 4 3 3  ±  6
3 0 .4 2 .9 9 5 6 4 4 .3 6 5 3 4 .6 6 0 4 .8 5 3 0 .0 1 3 0 .1 8 0 4 39

¿-Butyl alcohol 3 7 .0 3 .0 0 2 4 4 4 .3 5 7 7 4 .6 3 2 4 .8 6 4 0 .0 1 6 0 .2 1 6 433 4 5 0  ±  17
4 4 .4 3 .0 0 3 8 4 4 .3 3 6 7 4 .5 6 7 4 .8 6 6 0 .0 1 9 0 .2 8 0 4 67

ra-Pentyl alcohol 3 3 .3 3 .0 0 5 0 4 4 .3 5 9 7 4 .6 5 3 4 .8 6 8 0 .0 2 7 0 .1 8 8 498 4 9 5  ±  4
2 8 .2 3 .0 0 5 8 4 4 .3 6 1 4 4 .6 9 0 4 .8 7 0 0 .0 2 3 0 .1 5 7 491

Benzyl alcohol 1 0 6 .3 3 .0 0 6 2 4 4 .3 1 1 8 4 .5 7 2 4 .8 7 0 0 0 .2 9 8 303 2 8 5  ±  18
4 3 .4 2 .9 9 6 9 4 4 .3 3 4 0 4 .7 4 8 4 .8 5 5 0 0 .1 0 7 267

H 20 3 .0 0 0 5 4 4 .5 0 3 0 4 .8 7 4
. .  . 2 .9 9 7 7 4 3 .9 9 9 8 4 .8 4 5

3 .0 1 1 0 4 4 .3 3 3 8 4 .8 6 9
3 .0 0 0 8 4 4 .2 8 9 3 4 .8 6 4

“ Definition of symbol given in text.

analogous trend is present in the alcohol series (Table 
VII). Branching has a small effect on the heat of 
transfer in the case of both propanol and butanol. 
The value of —140 cal./mole, obtained by Benjamin 
and Benson,40 for the difference between the integral

heat of mixing extrapolated to infinite dilution of CH3- 
0H -H 20  and CH30 D -D 20  agrees favorably with our 
value of —182 ±  16 cal./mole (Table VII).

(40) L. Benjamin and G. C. Benson, J. Phys. Chem., 67, 858 (1963).
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An interesting similarity is shown between the in
fluence of the length and configuration of the nonpolar 
portions of the various alcohols on (i) the partial 
molal enthalpy of transfer from dilute H»0 to dilute 
D20 , AHt°, (ii) the heat of solution in H20 , H  — 
H °,41 and (iii) the enthalpy of transfer, Affvap, from the 
vapor phase to dilute aqueous solution.42 These data 
are compared in Figure 8. An analogous side-chain 
influence was noted by Lange and Mohring for the heat 
of dilution of the same alcohols.43

The thermodynamic parameters for the transfer of 
the nonpolar portions of amino acids and alcohols from 
H20  to D20  at 25°, computed on the assumption that 
the contributions of the polar and nonpolar portions 
are additive, are summarized in Table VIII. The 
validity of additivity for computing values for the 
thermodynamic transfer parameters for model com
pounds has recently been demonstrated.22 It has also 
been shown that the enthalpy and partial molal heat 
capacity of transfer from water to 6 M  urea are essen
tially the same for an amino acid side chain when it 
exists as part of an amino acid or as part of a dipeptide.44 
Data for the transfer of hydrocarbons at 25° are also 
included in Table VIII. It is clear from these results

Tbale VUI: Thermodynamic Parameters Obtained for the 
Transfer of Various Nonpolar Groups from a Dilute 
Solution of H20  to a Dilute Solution of D20  at 25°

AFt°,

o<11 -A S t° ,
Group How obtained cal./mole cal./mole e.u.

Methyl Ala-Gly 4 ± 3 138 rfc 24 0.48 ±  0.06
EtOH-MeOH 129 db 11
Butane-propane - 3  ±  4 - 8 0  dr 117 -0 .2 8  ±  1.18

Ethyl a-NH2Bu-Gly 25 ±  3 184 rfc 24 0.70 ±  0.06
PrOH-MeOH 201 =fc 11

n-Propyl Norval-Glv 41 d= 3 239 rfc 25 0.94 dr 0.06
BuOH-MeOH 287 =fc 16
Propane - 1 4  rfc 3 222 dr 88 0.70 dr 0.30

n-Butyl Norleu-Gly 41 ±  3 322 rfc 20 1.22 dr 0.05
PeOH-MeOH 313 d= 11
Butane - 1 7  =fc 4 142 db 142 0.42 dr 1.65

Phenyl Phe-Ala 151 d= 2 - 2 0  rfc 21 0.44 dr 0.06
BzOH-MeOH 103 rfc 17

that there is a head group effect on the transfer param
eters. The values of AF °  for the hydrocarbons are 
negative (about —15 cal./mole), whereas those for the 
propyl and butyl groups computed from the amino 
acid solubility data are positive (about 40 cal./mole). 
It is worth noting that Wetlaufer, et al.,32 also obtained 
evidence for a head group effect in a transfer process, 
in which nonpolar groups were transferred from H20  
to 6.96 M  urea. In their experiments, AFt° de-

Figure 8. Comparison of the experimental values obtained 
in this study for the enthalpy of transfer of various 
alcohols from H20  to D20  with corresponding partial 
molal enthalpies of solution41 and enthalpies of 
vaporization from dilute aqueous solution42 at 25°.
The line is drawn through the experimental points.

termined from solubility data of amino acids was about 
50 cal./mole more negative than that obtained from 
hydrocarbon solubilities. Head group effects have 
been observed also for the adsorption of the nonpolar 
portions of carboxylic acids, alcohols, and amino acids 
at a polystyrene-water interface.22

There is an apparent leveling off of the transfer 
parameters at the third and fourth carbon atom 
beyond the head group. This is, perhaps, reflected 
by the same value for AF °  for propane and butane and 
for the norvaline and norleucine side chains. Also, 
the values of AHf° determined for the 1-butanol and
1-pentanol side chains and for propane and butane 
are not significantly different. On the basis of these 
results it would be expected that AHt° for the amino 
acid side chains would begin to level off beyond the 
butyl group.

A plot of — Aflt° as a function of — ASt° for the amino 
acid series is shown in Figure 9. From this plot there 
appears to be a linear relationship between these two 
quantities, within the experimental error. In view of 
the temperature dependence of the transfer parameters 
for propane and butane, the slope of this fine would be

(41) See ref. 39, p. 182.
(42) J. A. V. Butler, Trans. Faraday Soc., 33, 229 (1937); R. Ave- 
yard and A. S. C. Lawrence, ibid., 60, 2265 (1964).
(43) E. Lange and K. Môhring, Z. Elektrochem., 57, 660 (1953).
(44) G. C. Kresheck and L. Benjamin, J. Phys. Chem., 68, 2476 
(1964).
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Figure 9. Plot of — A H t °  v s .  — AS t °  for glycine, alanine, a -  

aminobutyric acid, norvaline, and norleucine at 25°.

Figure 10. Concentration dependence of optical density at 
287 mji (open symbols) and relative conductivity (filled 
symbols) of DPI in H20  (circles) and in D20  (squares).
The breaks in the curves occur at the c.m.c.

expected to depend on temperature. The value of this 
slope can easily be shown to indicate if AFt° will be 
positive, as with the amino acids, or negative, as with 
the hydrocarbons. Linear relationships for other 
transfers involving water have been found by several 
groups of workers.15'41'42.45 46

C. Detergent Micelles. The c.m.c. of DPI was de
termined in H20  and in D 20  by the spectral method at 
22°, and by the conductivity method at 25°, the results 
being shown in Figure 10. The conductivity data

have been corrected by application of Walden’s rule.46 
The values of the c.m.c. are shown in Table IX . The 
plots of specific conductance vs. molarity in Figure 10 
were superposable up to the c.m.c. within experimental 
error. The c.m.c. in H20  was distinguishably higher. 
Despite the fact that the values of the c.m.c. differ 
somewhat according to the method used to determine 
them, the lower value in D20  (using a given method) 
seems to be a real effect. Schick47 has also observed 
similar discrepancies in the c.m.c. determined by dif
ferent methods.

Table IX : Values of C.m.c. for DPI

Temp., .------------------C.1m.c.------------------.
Solvent Method °C. m M

h 2o Spectral 22 5.42 X  10-» 5.4o X  IO -3“
Conductivity 25 6.00 X  10“ 3 5.98 X  10~3

d 2o Spectral 22 4.09 X  10~3 4.5o X  IO "3
Conductivity 25 4 .9 i X  10~3 5.42 X  10“ 3

“ This value is in good agreement with those previously re
ported.26'27

Discussion
The negative free energy of transfer of hydrocarbons 

from H20  to D20  indicates that hydrophobic bonds 
involving these molecules (e.g., their association in 
aqueous solution) will be stronger in H20  than in D20. 
The positive free energy of transfer found for the non
polar side chains of amino acids and for DPI indicates 
that hydrophobic bonds involving the side chains of 
these molecules will be stronger in D 20, in contrast 
to those involving hydrocarbons. The contrasting 
behavior between hydrocarbons and the other com
pounds at 25° suggests that the sign of the free energy 
of transfer depends on whether or not a polar group is 
attached to the nonpolar residue. Because of the head 
group effect, it is difficult to make a straightforward 
extrapolation from the behavior observed with model 
compounds to that which obtains in proteins. How
ever, it is reasonable to consider amino acids as more 
suitable than hydrocarbons as models for protein side 
chains. On this basis, it may be predicted that hydro- 
phobic bonds involving the protiated nonpolar side 
chains of proteins will be slightly stronger in D 20  than 
in H20. Accordingly, it would be expected that, at 
25°, hydrophobic bonds would make a slightly larger

(45) E. F. G. Herington, J .  Am. Chem. Soc., 73, 5883 (1951).
(46) S. Glasstone, “An Introduction to Electrochemistry,”  D. Van 
Nostrand Co., Inc., New York, N. Y., 1942, pp. 64, 65.
(47) M. J. Schick, J .  Phys. Chem., 67, 1796 (1963).
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contribution in maintaining the native structure of a 
protein48 49 50 51 in D 20  than in H20.

The factors determining the variation with tempera
ture of the stability of protein structures in water 
have been discussed by Scheraga, et al.i9 They con
cluded that, although hydrophobic bonds become 
stronger with increasing temperature, proteins de
nature eventually because of other factors. If the free 
energy of transfer of nonpolar amino acid side chains 
were to become more positive with increasing tempera
ture, like that for hydrocarbons, then hydrophobic 
bonds involving these side chains would become stronger 
with increasing temperature at a somewhat greater rate 
in D20  than in H20. An immediate consequence of 
this would be that proteins would be more stable to 
thermal modification in D 20 , if all factors remained 
unchanged, when deuterium was substituted for hy
drogen. Interestingly, such an effect has been ob
served for ribonuclease,6 gelatin,7 and catalase.10 For 
ribonuclease, the free energy of unfolding was esti
mated8 to be 1 kcal./mole more positive in D20  than 
in H20. The magnitude of this difference is such that 
it would not take an unreasonable number of hydro- 
phobic bonds between aromatic and the larger nonpolar 
side chains to account for a good part of it. It cannot 
be stated, however, with any degree of certainty that 
the observed behavior8’7’10 is due only to differences in 
hydrophobic bond strength since intramolecular hy

drogen bonds may also be subject to an isotope effect. 
Without doubt, the observation of Appel and Yang60 
that deuterated helices of poly-L-glutamic acid and 
poly-L-lysine in D20  have the same thermal stability 
as protonated ones in H20  when changes in optical 
rotation are plotted against degree of dissociation in
stead of pH or pD is pertinent.

Finally, it is interesting to cite a paper,61 appearing 
at the time of submission of this article, which reported 
similar results for the transfer of argon from H20  to 
D20 ; these results agree with ours for the hydrocarbons.

Acknowledgment. It is a pleasure to acknowledge 
the assistance of Mr. Gary Davenport in the construc
tion of the calorimeter and the aid of Mr. John Voumakis 
and Mrs. E. Stimson in determining the solubilities 
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(48) The choice of amino acids instead of hydrocarbons as model 
compounds for evaluating differences in hydrophobic bond strength 
between protein side chains in H2O and D 2O does not invalidate the 
use of hydrocarbons as model systems for the theory14.15 of hydro- 
phobic bonding in proteins. This is so because A ft0 is small com
pared to the free energy of formation of hydrophobic bonds; thus, 
the small magnitude of A ft° falls within the limits of error of the 
theory of hydrophobic bonding in a given solvent (i.e., H2O or D2O).
(49) H. A. Scheraga, G. NAmethy, and I. Z. Steinberg, J. Biol. 
Chem., 237, 2506 (1962).
(50) P. Appel and J. T. Yang, Abstracts, Meeting of the American 
Society of Biological Chemists, Chicago, 111., April 1964, p. 216.
(51) A. Ben-Naim, J. Chem. Phys., 42, 1512 (1965).
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Photochemical Rearrangement Reactions of 2-n-Propylcyclopentanone

by R. Srinivasan and Sheldon E. Cremer

IBM  Watson Research Center, Yorktown Heights,. New York 10598 (Received April 19, 1965)

Photolysis of 2-n-propylcyclopentanone in the vapor phase at about 140° with 3130-A. 
radiation gave rise to carbon monoxide, ethylene, propylene, 1-pentene, a C7 hydrocarbon, 
cyclopentanone, and frans-4-octenal. The production of carbon monoxide, along with 
C2, Cb, and C7 hydrocarbons, and the formation of irans-4-octenal represent well-known 
primary processes in cyclic ketones. However, the formation of cyclopentanone and 
propylene in equivalent amounts represents the first observation of the Norrish type II 
process in an alicyclic ketone. The quantum yield for this process has been determined 
to be 0.08. The reaction was essentially unaffected by adding oxygen or by carrying it 
out in the liquid phase. Photolysis of 2-(n-propyl-2,2-d2)cyclopentanone showed, as in 
other instances, the specific nature of the hydrogen atom that underwent intramolecular 
transfer.

Introduction

The occurrence of an intramolecular hydrogen migra
tion process on the irradiation of aliphatic ketones with 
at least one proton on the 7-carbon atom has long been 
recognized.1 The mechanism of this process was 
postulated to involve a six-membered cyclic inter
mediate (i) in which the bonds break along the broken

0-"
H /  /

h ; i>

A

lines to give an olefin and the enol form of the ketone.2 3 
Indirect evidence for this mechanism has been obtained 
by deuterium-labeling experiments,8 while very re
cently the enol form of the ketone that is obtained 
transiently has been directly observed by infrared spec
troscopy.4

Although cyclic ketones with at least six carbons in 
the ring may possess hydrogen atoms attached to the
7-carbon atom, the analog of the type II process has not 
been observed. Thus this process in cyclohexanone 
would be expected to give 5-hexen-2-one via the inter
mediate ii. A careful search for this product in both 
the vapor phase and liquid phase photolysis of cyclo

hexanone has failed to give positive results.5 This 
study was undertaken to see if the type II process 
would occur in a cyclic ketone which had hydrogen atoms 
on a 7-carbon along a side chain rather than in the ring 
itself.

Experimental
2-n-Propylcyclopentanone (K & K  Laboratories) 

was fractionated on a 24-plate spinning-band column. 
A  narrow middle cut was collected and used. 2-(n- 
Propyl-2,2-^) cyclopentanone was synthesized by the 
condensation of propyl bromide-2,2-d2 with 2-earb- 
ethoxycyclopentanone, followed by hydrolysis and de
carboxylation of the condensate. The propyl bro
mide had an isotopic purity of over 98 atom %  ac-

(1) For a review see, J. N. Pitts, Jr., J. Chem. Educ., 34, 112 (1957).
(2) W. Davis, Jr., and W. A. Noyes, Jr., J. Am. Chem. Soc., 69, 
2153 (1947).
(3) R. Srinivasan, ibid., 81, 5061 (1959).
(4) G. R. McMillan, J. G. Calvert, and J. N. Pitts, Jr., ibid., 86, 
3602 (1964).
(5) R. Srinivasan, unpublished work.
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cording to the manufacturer (Merck Sharp and Dohme, 
Montreal). This purity could not have changed during 
the course of the synthesis of the 2-n-propylcyclo- 
pentanone.

Photolyses were carried out in a quartz cell 3.0 cm. 
long and 5.0 cm. in diameter, which was fitted with a 
break-seal to remove the volatile products for analysis. 
The light source was a Hanovia S-100 medium pres
sure mercury arc filtered by 2 mm. of Pyrex glass 
(Corning 0-53). It transmitted ~ 5 %  at 2800 A. and 
~ 3 6 %  at 3000 A. In each experiment, a measured 
quantity of the ketone was introduced into the cell, 
which was then evacuated, degassed, and sealed. The 
cell was placed in a furnace, allowed to come up to tem
perature, and irradiated.

Analyses were conducted by a combination of vapor 
phase chromatography and mass spectrometry.

Results

Products. In a typical photolysis at 147°, the prod
ucts that were measured and their relative amounts 
were: carbon monoxide, 1.70; ethylene, 1.05; propyl
ene, 5.43; cyclopentanone, 5.3; ¿rans-4-octenal, 3.2. 
The identity of the cyclopentanone was established by 
infrared analysis and by comparison with the authentic 
material. 1-Pentene was identified qualitatively while 
a C7H14 product that was found was taken to be n-pro- 
pylcyclobutane. The aldehyde was found to be iso
meric to the starting material. Its infrared spectrum 
showed strong absorptions at 2720, 1735, and 975 cm.-1. 
The intense absorption at 975 cm.-1 and the lack of any 
strong absorption below 850 cm.-1 was indicative of the 
exclusive formation of the trans product.6 The nuclear 
magnetic resonance spectrum showed a proton distri
bution of 1 :2 :6 :5 at the r-values 0.22, 4.55, 7.85, and
8.9. However, this in itself does not distinguish be
tween the structures

CH3CH2CH2CH =CH CH 2CH2CHO

cyclopentanone (within experimental error) was ob
served in all of the experiments in the vapor phase. 
The stoichiometry of the reactions is given by

O

CH3CH2CH2 CO +  C2H 4 +  CSH 10 (1)

-*■ CO +  CH2CH2CH2OHC3H7 (2)

C3H 6 +  CH2CH2CH2CH2CO (3)

CH3CH2CH2 C H =C H C H 2CH2CHO (4 )

Quantum Yields. The light source was calibrated 
with a diethyl ketone actinometer at 120° (4>co = 1). 
The quantum yields for carbon monoxide, cyclopenta
none, and 4-octenal were 0.03, 0.08, and 0.05, respec
tively. These values, which were obtained by averag
ing the results from at least four runs, were reproducible 
to ±10% . Since the yield of ethylene was 0.62 of 
that for CO, the quantum yields for reactions 1 and 2 are 
0.02 and 0.01, respectively. In the presence of 11.2 
mm. of oxygen, the quantum yield of cyclopentanone 
was 0.08; that of propylene was not determined al
though its formation was observed. In the photolysis 
of 2-n-propylcyclopentanone as a liquid, the quantum 
yields for cyclopentanone and fraws-4-octenal were 0.19 
and 0.38, respectively. These values may be uncertain 
by as much as ±50% , as the absorbed intensity was 
calculated from the geometry of the optical train. No 
effort was made to look for emission of radiation from 2- 
n-propylcyclopentanone on excitation.

Deuterium-Labeling Studies. The results of the 
photolysis of 2-(n-propyl-2,2-d2) cyclopentanone

O
ch2cd2ch3

iii

CH3CH2CH =CH CH 2CH2CH2CHO
iv

both of which are possible. It was observed7 that 
photolysis of 2-methylcyclopentanone gave only trans-
4-hexenal (no C H =C H 2 grouping in the infrared spec
trum), while 2-ethylcyclopentanone gave ¿rans-4-hep- 
tenal (proton distribution of 1 :2 :6 :3 in the r-ranges
0-1, 4-5, 7-8.5, and 9 rather than a distribution of 
1 :2 :7 :2 ) exclusively. By analogy, the single com
pound that was formed in the present instance was 
taken to be irans-4-octenal.

The equivalence between the yields of propylene and

as a function of reaction conditions are given in Table I. 
The procedure that was used to coat the walls with deu
terium oxide has been described.3 In one experiment 
photolysis of the “ light”  ketone was carried out in a cell 
that had previously been coated with deuterium oxide. 
The isotopic composition of the cyclopentanone that 
was obtained in this experiment was: d0 99.2%; di 
0.8%. The amount of cyclopentanone-di is less than 
the uncertainty in the analysis and is hence not signifi
cant.

(6) R. Srinivasan and S. E. Cremer, J. Am. Chern. Soc., 87, 1647 
(1965).
(7) R. Srinivasan and S. E. Cremer, unpublished work.
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Table I: Photolysis of 2-(ra-Propyl-2,2-d2)cyclopentanone

Conditions

“ Untreated”  quartz cell 
‘Untreated”  quartz cell, 

repeat of above 
Quartz cell, flamed out and 

then coated with D20  
Quartz cell from above, 

coated again with D20  
Uncoated cell, unfiltered arc

Isotopic composition of 
-----------products-----------

Time, % pro- % cyclopentanone®
min. pylene-di do * di

150 1005 88.8 11.2 0.0

150 1006 90.0 9.1 0.0

180 1006 92.3 7.7 0.0

150 1006 82.4 17.6 0.0
15 1006 93.0 7.0 0.0

“ Not corrected for small (~ 2 % ) quantity of unlabeled ketone 
in starting material. 6 Refers to same isotopic content as start
ing material.

Discussion
The equivalence in the yields of propylene and cyclo- 

pentanone, the lack of any effect on their formation on 
the addition of oxygen, and the equal facility with which 
these products are formed, both in the vapor and 
liquid phases, leave no doubt that reaction 3 is an ex
ample of the Norrish type II process. This appears to 
be the first instance in which the reaction has been ob
served to involve an alicyclic ketone. The exclusive 
formation of propylene-di in the photolysis of the deu
terium-labeled ketone strongly favors a mechanism 
analogous to that observed in the aliphatic ketones, i.e., 
one that involves a six-membered intermediate

hv

While it may seem that the formation of cyclopenta- 
none-rio rather than cyclopentanone-di as the major 
product is a point of difference between the present 
system and the earlier results3 with 2-hexanone-5,5-d2, 
it should be borne in mind that both the temperature 
and the pressures used were quite different in the two 
systems. The temperature was more than 100° higher,

which would tend to decrease the amount of water 
adsorbed on the walls. The pressures were tenfold 
greater, which would slow down the diffusion of active 
species to the walls. Under these circumstances the 
rearrangement of the enol form of the ketone that is 
formed in reaction 5 to the keto form is probably not a 
wall reaction but a homogenous reaction in the gas 
phase for the most part. Since the starting material 
could not be freed entirely from H2O, the rearrange
ment with H20  as the other reactant would invariably 
proceed with loss of labeling. The results in Table I 
merely point out that attempts to minimize this ex
change by coating the walls with D 20  proved to be 
futile.

The most significant conclusion that can be drawn 
from the present study is the importance of the geom
etry of the proton which undergoes transfer with re
spect to the carbonyl group. Two different require
ments arise, depending on the abstracting atom.8 In

the Norrish type II process the oxygen of the carbonyl 
group is the abstracting atom, and its bonding orbital 
lies in the plane of the cyclopentanone ring. As a result 
it can easily abstract only a proton in the side chain 
and not one on the ring (there is no 7-carbon in cyclo
pentanone but the argument is applicable to cyclohexa
none). The proton migration which leads to trans-4- 
octenal involves the carbon of the carbonyl group as the 
abstracting atom. The bonding orbital on this carbon 
is perpendicular to the ring so that only a proton on a 
carbon in the ring can successfully undergo bonding. 
This would readily explain why the product is ex
clusively 4-octenal and not 5-octenal. The selectivity 
in the protons that undergo transfer implies that the 
ring is virtually intact at the instant of the migration.

(8) The authors wish to thank Dr. Edwin F. Ullman, who first sug
gested this interpretation.
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Electrokinetic Phenomena at the Thorium Oxide-Aqueous Solution Interface1

by H . F. Holmes, Charles S. Slump, Jr., and C. H . Secoy

Oak Ridge National Laboratory, Oak Ridge, Tennessee (Received April 19, 1966)

Electrokinetic effects of aqueous solutions in porous plugs of thorium oxide have been in
vestigated from the standpoint of irreversible thermodynamics. A  kinetic electroosmotic 
technique was used to determine the electrokinetic potential. This method gave results in 
agreement with streaming potential data except in the presence of acidic solutions. The 
cell constant for bulk electrical conductance was observed, in some cases, to be dependent 
on the nature of the electrolyte within the plugs. Despite variations in cell constants, 
the measured surface conductances of several plugs and capillaries of thorium oxide could 
be interpreted in terms of the specific surface conductivity. The specific surface con
ductivities were much larger than those predicted from the classical theory of surface con
ductance. The mechanism of surface conductivity in this system was ascribed to the con
ductivity of ionizable surface hydroxyl groups.

Introduction
According to the theory of irreversible thermody

namics,2 fluxes, Ji (such as electric current, mass flow, 
and chemical reaction rate), can be expressed by phe
nomenological relations of the type

Ji =  (i =  1, 2, .... n) (1)

Thus, a given irreversible flux is a linear function of the 
forces (here represented by X k) present in the system, 
provided that the system is in a state of microscopic 
reversibility. If the fluxes and forces are chosen prop
erly, the Onsager reciprocal relation3 states that the 
matrix of the phenomenological coefficients must be 
symmetric, i.e.

L a  =  L kt (2)

In the case of electrokinetic phenomena, the fluxes 
are electric current, I, and volume flow rate, dF /d i 
=  V, while the forces at constant temperature are the 
potential gradient, E, and the pressure gradient, P. 
Thus

I  =  LnE +  LeP  (3)

V  = L J E  +  L is P  (4)

where L u  is the electrical conductance, L 22 is the 
permeability, and L e is the electrokinetic coefficient 
with the Onsager reciprocal relation taken into account.

Onsager’s reciprocal relation has been shown to be 
valid for a wide variety of electrokinetic systems.4 
Electrokinetic effects can now be expressed in terms of 
the phenomenological coefficients; for example, the 
streaming potential

(EJF)m  =  —Le/Tu (5)

The study of electrokinetic effects in porous plugs is 
fraught with pitfalls, both experimental and theoretical. 
Unless otherwise noted, subsequent discussion will be 
based on the following assumptions which are common 
to this type of investigation. (1) The electrokinetic 
system is in a state of microscopic reversibility. (2) 
The ratio of the dielectric constant to the viscosity of 
the solution {D/rj) is constant throughout the double 
layer. (3) Either the geometry of the plug is inde
pendent of time and the nature of the electrolyte within 
its pores, or changes in geometry must be recognized 
and their effects determined. (4) The radius of 
curvature of the pores is much larger than the thickness 
of the double layer.

For a plug of arbitrary geometry, the electroosmotic

(1) Research sponsored by the U. S. Atomic Energy Commission 
under contract with the Union Carbide Corp.
(2) S. R. deGroot, “ Thermodynamics of Irreversible Processes,” 
Interscience Publishers, Inc., New York, N. Y., 1951.
(3) L. Onsager, Phys. Rev., 37, 405 (1931); 38, 2265 (1931).
(4) D. G. Miller, Chem. Rev., 60, 15 (1960).
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flow rate due to an applied potential in the absence of a 
pressure gradient is6

F p = o =  fEdA  (6)
47rrj

integrated over the total cross-sectional area, A. 
Thus

^  AE 
P ” °  4  TTV fcb

(7)

where AE  is the applied potential between the ends of 
the plug, f  is the electrokinetic potential at the slipping 
plane, and kb is the cell constant for electrolytic con
ductance through the bulk solution within the pores of 
the plug. From eq. 4 and 7

-Le =  DfZ/4irijfcb (8)

where l is the length of the plug.
The present paper describes a series of experiments 

undertaken for the purpose of studying the electro- 
kinetic properties of the thorium oxide-aqueous solu
tion interface in porous plugs.

Experimental
The porous plugs were constructed of powdered 

thorium oxide which had been prepared by calcining 
two different batches of thorium oxalate at 650° for 
4 hr. in air. Part of batch A was divided into smaller 
portions, which were subsequently fired for 4 hr. 
more at 800, 1000, 1200, and 1400°, respectively. 
Batch B was subsequently fired at 1600°. Most of the 
investigations reported here were carried out on the 
material from batch A.

The specific surface areas of the various samples, as 
determined by the B.E.T. nitrogen adsorption tech
nique, ranged from 0.99 to 14.7 m.2/g ., while the X - 
ray crystallite sizes varied from 200 to more than 2500
A. As expected, the specific surface areas decreased, 
and the crystallite sizes increased with increasing 
firing temperature. The average particle sizes, which 
were independent of firing temperature, were 2.7 and
1.2 n for batches A and B, respectively. Spectro- 
graphic analyses revealed that no impurities were 
present to an extent greater than a few parts per 
million.

Deionized water and reagent grade chemicals were 
used at all times. The experiments were carried out at 
room temperature (24.7 ±  0.4°), and the system was 
protected from the atmosphere by Ascarite.

The glass electrokinetic cell is illustrated schematically 
in Figure 1. The powder, in the form of a thick 
aqueous slurry, was introduced into the electrokinetic 
cell and retained by a disk of filter paper at each end of

Figure 1. Porous powder electrokinetic conductance cell:
C, capillaries of identical known radii; F, filter paper disks; 
R, polyethylene or Teflon retaining rings; P, probe 
electrodes; T, porous plug of Th02; W, working electrodes.

the plug. Probe electrodes of platinized platinum 
gauze were pressed against the filter paper by a tightly 
fitting polyethylene or Teflon ring. The plug was 
packed by a vacuum applied to the end opposite that 
which was being filled, resulting in a void space of 60 
to 70%. The cell was constructed in such a way as to 
make each plug 1.00 cm. in length with a diameter of 
about 0.6 cm.

A bright platinum electrode was installed at each end 
of the cell, a few centimeters removed from the plug 
itself, the pair serving as working (current-carrying) 
electrodes in the electrcosmotic experiments. The cell 
was provided with vertical identical capillaries of k n o w n  
radius near each end of the plug. Blank runs were 
carried out with the cell completely assembled except 
for the thorium oxide, and no electrokinetic effects were 
observed.

A.c. resistance measurements at 2000 c.p.s. were 
made with a Jones bridge coupled to an oscillator and 
tuned amplifier, with an oscilloscope used as the de
tector. Whenever the oscilloscope pattern indicated 
the presence of polarization, the resistance measure
ments at 2000, 1000, and 500 c.p.s. were extrapolated 
to infinite frequency and the extrapolated resistance 
used in all calculations. The plug resistance was 
measured across the probe electrodes. Previously 
calibrated conductivity cells were placed on both the 
entrance and exit sides of the electrokinetic cell in order 
to monitor the specific conductivity of the bulk solu
tion, X b , within the system. The cell constant for the 
plug was determined from the product of these two 
values (plug resistance and X b )  after X b on the exit

(5) J. Th. G. Overbeek in “ Colloid Science,” Vol. I, H. ft. Kruyt, 
Ed., Elsevier Publishing Co., New York, N. Y., 1952, Chapter V.

V olum e 69, N um ber 9  September 1966



3150 H . F . H o l m e s , C. S . S h o u p , Jr ., a n d  C. H . S e c o t

side of the plug was found to agree within 1% of the 
value of Xb on the entrance side.

Streaming potentials were determined as a function 
of the applied pressure by the use of a high input im
pedance pH meter with a millivolt scale. The po
tential drop across the plug was measured with and 
without the application of a known pressure, and the 
difference was taken as the streaming potential. The 
applied pressure seldom exceeded 50 cm. of water al
though a residual pressure drop of up to 100 cm. of 
water due to gravity was sometimes present. The 
residual pressure drop was the same before and after 
the application of the known pressure and had no 
effect on the streaming potential measurement it
self.

The electrokinetic coefficient, Le, can be determined 
from electroosmotic experiments in a number of ways. 
The two most common methods are: (1) determina
tion of the electroosmotic flow rate under an applied 
potential by measuring the volume flow rate in a 
horizontal capillary of known radius and (2) determina
tion of the electroosmotic pressure developed by an 
applied potential under the condition that no net flow 
occurs through the plug.

In the present investigation, a kinetic electroosmotic 
technique was used to determine Le and L22 simul
taneously. An electrical potential was applied across 
the working electrodes and adjusted to give a known 
potential drop across the probe electrodes. The latter 
was measured potentiometrically, with a Leeds and 
Northrup K-3 potentiometer serving as the primary 
potential-measuring instrument.

The height of the liquid level in one of the two capil
laries at the ends of the porous plug was then monitored 
as a function of time. If h0 is the equilibrium height 
of the liquid levels with the electrodes shorted and hi 
is the height in either capillary at time t, then from 
eq. 4

tit2 dh/dt = LeAE +  2Lnghp (9)

where r is the radius of the two identical capillaries, p 
is the density of the solution, g is the acceleration due 
to gravity, h is hi — h0, and AE  is the applied potential 
as measured across the probe electrodes. By following 
the change in height of one of the liquid levels with a 
cathetometer or traveling microscope as a function of 
time it is possible to use the linear relation

Ah/ At =  {Le/icr^AE +  (2L22p^ /tjt2)A (10)

Here h is the average value of h during the time in
terval At, and M  is the linear distance traveled by the 
same liquid level during that time interval.

Potential gradients of 1 to 7 v./cm . and time in

tervals of 100 to 300 sec. were used to obtain plots 
similar to that shown in Figure 2. From the intercept 
and slope of these plots, Le and L22, respectively, were 
determined by the method of least squares. It is 
to be noted in Figure 2 that line A does not pass through 
the origin as would be expected from eq. 10 for a truly 
constant permeability. Small deviations (always less 
than 10%) in both Le and L22 were characteristic of all 
the data obtained. Repeated experiments with the 
polarity of the electrodes reversed and, with the flow 
in first one direction and then in the other, indicated 
the presence of small degrees of both electrical asym
metry and hydrodynamic asymmetry. No method of 
either eliminating or reproducibly measuring these 
asymmetries was found. It was assumed that the 
best data were obtained by using the mean values found 
for Le and L22 from the four combinations of electrical 
polarity and flow direction. In actual practice, it was 
only necessary to measure a few points in each of two 
groups well separated on the h axis and draw the best 
straight line through them.

-6 - 5 - 4 - 3 - 2 - 1 0 1  2 3 4 5 6
h (cm)

Figure 2. Typical electroosmotic data: NH4OH (pH 10.10) 
on porous plug of Th02 (k b  =  9.70 cm.-1); A, E  =
0.00 v./cm. (probe electrodes shorted); B, E  =  3.30 v./cm. 
(open and closed points represent different experimental 
runs); C, E  =  4.40 v./cm.; average f  =  —20.7 ±  5% mv.; 
average L22 = 4.13 X 10-9 ±  5 %  cm.6 dyne-1 sec.-1.

Results and Discussion
Cell Constants and Surface Conductance. Experi

mental measurements of the cell constant in porous 
plugs of Th02 using KC1 solutions revealed that it is 
highly dependent on the specific conductivity of the 
bulk solution, X b , particularly at low electrolyte con
centrations. The apparent cell constant, k', was ob
served to increase with increasing KC1 concentration,
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approaching a constant value with relatively concen
trated solutions.

This behavior implies that one or more additional 
conductance mechanisms are present. In subsequent 
discussion the additional conductance is treated as 
surface conductance. With solutions of specific con
ductivity sufficiently high for the surface conductance 
to be negligible compared to the total conductance, the 
apparent cell constant was independent of Ab and was 
therefore assumed to be equal to kb. Although /cb for 
the various plugs ranged from 4.69 to 10.57 cm.-1, 
the ratio k'/kb was very nearly the same at any given 
specific conductivity (Figure 5).

In an attempt to determine if this phenomenon is 
unique with porous plugs, two ceramic Th02 capil
laries were obtained with geometrically measured cell 
constants of 94.5 and 144.4 cm.-1. The apparent cell 
constant of each capillary was measured with KC1 solu
tion flowing through it. Initial resistance measure
ments showed a strong time dependence, indicating 
that the solution was penetrating slowly into the porous 
structure of the capillary walls. (The ceramic Th02 
was many orders of magnitude less porous than the 
porous plugs.) In an attempt to correlate the re
sistance measurements with the macroscopic capillary 
geometry, the solution was permitted to flow through a 
previously rinsed (deionized H20) and dried (120°) 
capillary and its resistance measured as a function of 
time. Extrapolation of the resistance readings to zero 
time gave reproducible results. By following this 
procedure, the apparent cell constants were determined 
as a function of KC1 concentration and are illustrated 
in Figure 3. The extrapolated values of fcb for the two 
capillaries were found to be 97.3 and 145.6 cm.-1. 
These values compare quite favorably with the geo
metrically determined cell constants. This fact lends 
additional support to the use of kb values for the 
porous plugs as determined in concentrated solutions. 
The ratio k'/kb was observed to follow a curve similar 
to those for the porous plugs (Figure 5).

If the electrokinetic system is represented as a pair 
of parallel conductance paths, the total conductance 
can be expressed as

_ 1 _  Ab 
~  R ~ k'

Ab
kb (ID

where As and ka are the specific surface conductivity and 
its associated cell constant. This equation can be 
rearranged to yield an expression for the specific sur
face conductivity

10'7 (O'6 (O'5 (O'4 10'3 (O'2 (O'1 (0°
(ohm*1 cm-1)

Figure 3. Cell constants for Th02 capillaries; KC1 solutions.

For a single capillary, ks/kb = a/2, where a is the 
radius of the capillary. In the case of the two T h02 
capillaries used in the present investigation, this ratio 
is 0.045, and thus the specific surface conductivity of 
the Th02 capillaries can be readily determined. Since 
As is independent of geometry, it should be the same 
for the porous plugs as for the capillaries, thus making 
it possible to determine ks for the various porous plugs 
whose apparent cell constants have been determined by 
the use of KC1 solutions at different concentrations. 
Once ks and kb have been established for a particular 
plug, it should be possible to determine As for a variety 
of electrolytes.

Measurements of the apparent cell constant as a 
function of the concentration of other electrolytes, 
however, revealed that the value obtained for fcb 
was dependent on the electrolyte used for its evaluation. 
In general, the variation of k' with concentration of a 
given electrolyte followed a smooth curve. The use of 
different electrolytes often resulted in displaced curves, 
with k' approaching a constant value characteristic of 
the electrolyte used at high concentration within a 
particular plug.

The nature of the variation of fcb with the electrolyte 
used for its determination was complex and not entirely 
reproducible. In general, however, 10-4 N or greater 
concentrations of Na^Os or acid solutions caused a 
downward shift in the values obtained for k' and thus a
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(ohm-1 cm '1)

Figure 4. Apparent cell constant as a function of 
electrolyte specific conductivity showing electrolyte shift. 
Batch A Th02, plug No. 52: O, H20, KC1;
Q, NasCOs; A, H2S04.

to 

0.8 

0.6
%

0.4

0.2 

0
10~7 10'6 10'5 10'4 10“3 10~2 (O'1

(ohm “ 1 c m " 1)

Figure 5. Normalized apparent cell constant, k ' / k b , as a 
function of electrolyte specific conductivity: •, A Th02, plug 
No. 52 (after electrolyte shift); O, A Th02, plug No. 52 
(before electrolyte shift); A, A Th02, plug No. 31 and No. 50, 
H20, KC1; A, capillaries, H20, KC1.

lower value for kh than determined previously by the 
use of other solutions. Subsequent use of KC1 usually 
resulted in a variation of k' identical with that of the 
electrolyte used immediately prior to the introduction 
of the KC1 solution. Some of these effects are illus
trated in Figure 4 for a porous plug of Th02 from 
batch A.

Despite the complexities involved in the electrolyte 
shifts observed for the cell constants, the ratio k'/kb 
was found to be essentially independent of the history 
of the sample, provided the appropriate value of kh 
is used. This independence is illustrated in Figure 5 
in which the variation of k'/kb with specific conductivity 
of the solution is shown to be the same for the capil
laries and porous plugs, even in the presence of electro
lyte shifts.

The value of Ln obtained for the porous plugs varied 
considerably from plug to plug, but all were of the 
order of magnitude of 10 ~9 cm.6 dyne-1 sec.-1. For a 
given plug, L22 was reproducible to within ±10% . 
In contrast to the variations of k' and kb with the 
electrolyte studied, the measured permeability of the 
plugs showed no dependence on the electrolyte present 
within the plug. Since permeability is more sensitive 
to geometry than the cell constant is, this implies that 
the cell constant variation is not necessarily due to a 
gross change in the geometry of the plug but may be 
due to some sort of surface effect.

Since the ratio k'/kb was essentially the same for the 
plugs and capillaries investigated, the variation in the 
specific surface conductivity, X8, of “ indifferent”  
electrolytes such as KC1 must be less than the experi
mental errors involved in determining it. By use of 
eq. 11 and X8 for KC1 obtained from the capillaries, 
kB was evaluated for a limited number of plugs, making 
it possible to determine X8 for electrolytes other than 
KC1. The specific surface conductivity so determined 
is illustrated in Figure 6 for a variety of plugs and 
capillaries. No significant differences were observed 
among the Th02 plugs from different batches of T h02 
nor among the plugs which were prepared from Th02 
calcined at different temperatures.

X̂  (ohm'1 cm'1)

Figure 6. Specific surface conductivity as a function of 
electrolyte specific conductivity: O, H20  and KC1 
in porous plugs; □, H20  and KC1 in capillaries;
•, NH4OH in porous plugs; A, NajCCb in porous plugs.
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An important feature of the results shown in Figure 6 
is the fact that they are some two to three orders of mag
nitude larger than would be predicted from the classical 
theories of surface conductance.6 Most of these 
theories attribute surface conductivity solely to an 
excess of ions in the diffuse part of the double layer 
while assuming that those ions in the Stern layer are 
immobile. Most of the reported surface conductivity 
values have been obtained from experiments with the 
glass-aqueous solution interface. Although highly 
divergent, these reported results are consistently larger 
than would be predicted from the classical theories. 
However, Urban, White, and Strassner6a succeeded in 
agreeing fairly well with the experimental results by 
adding to the classical theory a term involving the 
mobility of ions in the Stern layer. McBain and 
Foster615 also concluded that their experimental sur
face conductivities for glass were much too large to be 
attributed solely to ions in the diffuse layer. Failure 
of the classical theories of surface conductance is 
even more strikingly illustrated by considering reported 
results for materials other than glass. For comparison 
with Figure 6, theoretical values for specific surface 
conductivity range from about 10-9 to 10-8 ohm-1, 
with the larger values obtained by also considering the 
mobility of ions in the Stern layer. This discrepancy 
between the experimental and theoretical values is 
also apparent in the reported surface conductivities for 
T i02,7 Sn02,8 and Fe2037 although the authors at
tributed this excess surface conductivity to the semi
conducting properties of the bulk oxide.7 Although 
Th02 has some semiconductor properties at very high 
temperatures, this characteristic is negligible at or
dinary temperatures.

It would appear that there is an extra surface con
duction mechanism which can be many times larger 
than those considered in the classical theory. Many 
workers, in interpreting electrokinetic data for oxide 
surfaces in aqueous media, have used an acid-base 
model involving ionization of surface hydroxyl groups. 
It seems equally probable that this same model can 
qualitatively explain the large surface conductivity of 
oxide surfaces. Several features of Figure 6 point to 
this mechanism. One of these is that the surface 
conductivity is relatively independent of the bulk 
conductivity (bulk ionic concentration). This fact 
indicates that the concentration of the surface con
ducting species is also relatively independent of bulk 
ionic concentration. Actually, one would expect that, 
in the absence of strong specific adsorption, the surface 
would be saturated with hydroxyl groups regardless of 
bulk ionic concentration. If the major mechanism for 
surface conduction is ionization of surface hydroxyl

groups, it should be dependent on pH. Evidence for 
this is seen in Figure 6 with the consistently high values 
obtained with NH4OH. Further evidence for this may 
be seen in the consistently high values for the surface 
conductivity of glass in solutions of HC1 and HNQ3 6 
In all fairness it should be pointed out that the results 
for the Th02 surface conductivity in NaAXh solutions 
are slightly, but consistently, lower than those in KC1 
solutions. According to the present hypothesis, the 
results for Na2C 03 should more closely resemble those 
for N H 4O H  since Na2C 03 solutions are basic. It is 
quite possible that, in this case, we are dealing with 
strong specific adsorption. As a matter of fact, the con
cept of an immobile surface carbonate ion has been used 
to explain the adsorption of C 02 on Th02.9 It should 
also be pointed out that a model involving ionizable 
surface hydroxyl groups has been used in interpreting 
electrokinetic data obtained for the Th02 surface in 
aqueous solutions.10 The relationship between sur
face conductance and the electrokinetic potential will 
be discussed in a subsequent section.

Electrokinetic Potentials. The observed streaming 
potential was a linear function of the applied pressure 
in all cases, as it should be in the absence of turbulent 
flow. With neutral or basic solutions the values of La 
determined from streaming potential and electro- 
osmotic measurements under identical conditions were 
in good agreement. Once the plug had been exposed 
to acidic solutions, however, the electroosmotic experi
ments almost invariably gave values for Le that were 
considerably smaller in absolute value than those from 
streaming potential measurements. According to the 
Onsager reciprocal relation,3 identical values of Le 
should have been obtained from the two types of experi
ments. Differences in the electroosmotic and stream
ing potential data may be related to the unexplained 
variation of the cell constant with the nature of the 
electrolyte which was discussed in the previous section. 
Experimentally identical values of Le could be ob
tained by using cell constants calculated from electrical 
conductivity measurements taken with KC1 as the 
electrolyte before and after exposure to acidic solu
tions for the streaming potential and electroosmotic 
data, respectively. However, the data were not

(6) (a) F. Urban, H. L. White, and E. A. Strassner, J. Phys. Chem., 
39, 311 (1935); (b) J. W. McBain and J. F. Foster, ibid,., 39, 331 
(1935).
(7) D. J. O’Connor, N. Street, and A. S. Buchanan, Australian J. 
Chem., 7, 245 (1945).
(8) D. J. O’Connor and A. S. Buchanan, ibid., 6, 278 (1953).
(9) C. H. Pitt and M. E. Wadsworth, “Carbon Dioxide Adsorption 
on Thoria,”  Technical Report, University of Utah, Salt Lake City, 
Utah, Feb. 15, 1958.
(10) P. J. Anderson, Trans. Faraday Soc., 54, 130 (1958).
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treated in this manner, for there seems to be no valid 
reason for using two different cell constants for the 
identical porous plug. This anomaly should not be 
taken as implying failure of the Onsager reciprocal 
relation in acidic solution as it is probably due to an 
inadequacy in the classical experimental definition of 
the phenomenological coefficients. Failure of one or 
more of the four basic assumptions listed in the intro
duction may be responsible. Resolution of this im
portant and presently unexplained anomaly must, of 
necessity, await further experimental work.

Some of the pertinent electrokinetic potential data 
are shown in Figure 7. Th02 samples from batches 
A and B are seen to have significantly different electro- 
kinetic potentials in KC1 solutions. As a matter of fact, 
no positive electrokinetic potential was ever observed 
with Th02 from batch B. If one compares the electro
kinetic potential of batch A in Na^Ch and Na^SCh 
solutions, one infers that there is specific adsorption of 
the carbonate ion. This is in line with the postulated 
effect of Na^CCh on surface conductance.

The effect of pH on the electrokinetic potential is 
illustrated in Figure 8. Although the Th02 from batch 
A had an isoelectric point at a pH of approximately 9.5, 
no positive electrokinetic potential was observed for 
batch B over the pH range studied. The isoelectric 
point for batch A agrees quite favorably with that ob
tained from electrophoresis measurements on other 
Th02 samples.11’12 However, the values of the re
ported electrokinetic potentials were different in all 
cases.

Brief investigations of Th02 plugs from a variety of 
sources, including single crystals, indicate that the 
electrokinetic potential is strongly influenced by the 
method of preparation. For example, an increase in 
the calcining temperature of batch A produced an in
crease in the electrokinetic potential of Th02 in pure 
water or very dilute KC1 solutions. The effect of 
calcining temperature has also been noted in heat of 
immersion measurements13 on Th02 samples from 
batch A. The effect of calcining temperature on the 
electrokinetic potential of Th02 has been noted briefly 
by Anderson.10 Douglas and Burden11 obtained dif
ferent electrokinetic potentials for Th02 before and 
after grinding the sample to a smaller particle size. 
The three samples of Th02 studied by Sowden and 
Francis12 had approximately the same isoelectric point 
but gave very different results for the electrokinetic 
potential and surface charge density.

The complex behavior of the electrical double layer 
is not limited to the thorium oxide-aqueous solution 
interface. Of the three samples of Sn02 investigated 
by O’Connor and Buchanan,8 two gave positive electro-

io'7 i o 6 io-5 10-4 10~3 10' 2
Xù (ohm- * cm- ')

Figure 7. Electrokinetic potential as a function of electrolyte 
specific conductivity; open points, by streaming potential, 
closed points, by electroosmosis: •, A Th02, plug No.
30, KC1; AA, A Th02, plug No. 51, Na2804; V, A Th02, 
plug No. 52, Na2C03; B Th02, plug No. 60, KC1.

Figure 8. Electrokinetic potential as a function of pH; open 
points, by streaming potential; closed points, by electroosmosis: 
O*, A Th02, plug No. 50, NH4OH and HC1; V, A Th02, plug 
No. 52, Na2C03; B Th02, plug No. 60, NH4OH and HC1.

kinetic potentials while the third was negative. The 
initial positive electrokinetic potential of A120 3 could 
be changed to negative by ignition above 1000° and 
then back to positive by grinding lightly.14 Morimoto 
and Sakamoto15 attributed their results for the de
pendence of the electrokinetic potential of T i02 on 
calcining temperature to a phase transition between

(11) H. W. Douglas and J. Burden, Trans. Faraday Soc., SS, 350 
(1959).
(12) R. G. Sowden and K. E. Francis, Nucl. Sci. Eng., 16, 1 (1963),
(13) H. F. Holmes and C. H. Secoy, J. Phys. Chem., 69, 151 (1965).
(14) D. J. O’Connor, P. G. Johansen, and A. S. Buchanan, Trans. 
Faraday Soc., 52, 229 (1956).
(15) T. Morimoto and M. Sakamoto, Bull. Chem. Soc. Japan, 37, 
719 (1964).
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anatase and rutile. Quantitative differences in their 
three samples of T i02 were ascribed to differences in 
impurities. However, Th02 has no solid phase transi
tion, and samples from the same batch (identical im
purity concentration) show a dependence on calcining 
temperature. The electrokinetic properties of the 
T i02 surface has also been shown to be dependent on the 
size of the particles.16 It is interesting to compare 
the pH dependence of the electrokinetic potential for 
batch B with the results of Street17 for synthetic sap
phire. He found that while powdered specimens 
exhibited an isoelectric point, bulk specimens did not.

Apparently, the properties of the electrical double 
layer at an oxide-aqueous solution interface are com
plex functions of the chemical and thermal history of 
the sample. The behavior of amorphous surfaces 
such as glass is not quite so complex.6 Until this de
pendence can be put on a concrete basis, electrokinetic 
results for such systems must be assumed to be valid 
only for a specific sample. This fact has also been 
emphasized by Anderson10 in his work on Th02.

Surface Conductance and the Electrokinetic- Potential. 
Classical theories of surface conductance treat this

phenomenon as an exponential function of the electro
kinetic potential.5 An inspection of Figures 6, 7, 
and 8 fails to reveal any obvious relationship between 
surface conductivity and the electrokinetic potential. 
The exponential dependence in the classical theories 
arises from a consideration of excess ions in the double 
layer due to the potential difference. It seems logical 
that these excess ions would make a contribution to 
surface conductance. However, in the present system, 
and others as well, it is quite probable that the con
tribution of the excess ions in the double layer is 
masked by a second mechanism which is much larger 
in magnitude. It is equally probable that this second 
mechanism is the conductivity of ionizable surface 
hydroxyl groups. Perhaps a better test of the classical 
theories of surface conductance would be a system in 
which the solid surface is not so intricately associated 
with the liquid as is the case in oxide-aqueous solution 
systems.

(16) E. J. W. Verwey, Ree. trai, chim., 60, 625 (1941).
(17) N. Street, Australian J. Chem., 17, 828 (1964).
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Galvanic Cells with Molten Bisulfate Solvents

by Ralph P. Seward and Jerome P. Miller1

Department of Chemistry, The Pennsylvania State University, University Park, Pennsylvania 
(.Received April 21, 1965)

Fused bisulfates, mainly ammonium bisulfate, have been used as solvents in galvanic cells 
which appear to operate reversibly with silver and mercury®, mercury(II) platinum elec
trodes. The latter electrode with excess solid mercury® sulfate and m ercury®) sulfate 
present served as the reference electrode. The dependence of cell e.m.f. on m ercury®) 
concentration has been investigated. The silver electrode is shown to behave ideally 
with respect to silver ion concentration but to be dependent on the acidity or basicity of the 
solvent in an unexpected way.

While galvanic cells have been most fruitfully em
ployed in evaluating the thermodynamic properties of 
fused salt solutions, their use has largely been con
fined to cells having fused nitrates or halides as sol
vents. The investigation reported here was undertaken 
with the object of finding other fused salts which would 
serve as solvents in reversibly operating cells. Meas
urements on cells with bisulfate solvents, mainly am
monium bisulfate, are described below and the results 
are discussed. The strongly acidic nature of fused 
bisulfates precludes the use of more active metals as 
electrodes, but silver has been found to be satisfactory 
and platinum inert. Solute salts have been limited 
to sulfates since most common anions would react with 
the solvent forming volatile or unstable acids.

Experimental

Materials. M ercury® sulfate was prepared by the 
reaction of aqueous mercury (I) nitrate and sulfuric 
acid solutions. Other salts were commercial reagent 
quality chemicals. Ammonium bisulfate after 2-3 
hr. at 110° under about 1 mm. pressure melted at 145°. 
Potassium bisulfate as received melted at 212°. So
dium bisulfate, obtained as the hydrate, was de
hydrated under vacuum at about 110°. It then 
melted at 183°. When analyzed for bisulfate hydrogen 
and ammonium by the method of Kolthoff and Stenger2 
the ammonium bisulfate was found to contain excess 
acid, in three different lots amounting to 0.42, 0.48, 
and 0.66 wt. %  when calculated as H2S04. The excess 
sulfuric acid content of the sodium bisulfate was 2.1%. 
Some maximum freezing point (100%) sulfuric acid

was prepared in order that the effect of excess sulfuric 
acid and of excess base (ammonium sulfate) on the cell 
e.m.f. values could be explored.

Electrodes. A platinum wire immersed in fused bi
sulfate in contact with an excess of both solid mercury (I) 
sulfate and solid mercury (II) sulfate served as the 
reference electrode. The reference electrode, a glass 
tube about 10 X 1.0 cm., was suspended in a larger 
tube (3.5 cm. diameter) where it was surrounded by a 
solution of variable content with which it was in 
electrolytic contact through an asbestos fiber junction. 
Dipping into the solution in the outer tube were also a 
thermistor probe, a thermocouple junction, a mechanical 
stirrer, and a second electrode. Two cells designated 
as A and B have been investigated. In cell A, the outer 
electrode was the same as the reference electrode ex
cept that the solution in contact with the platinum 
wire was unsaturated, and of variable concentration 
in mercury(II) sulfate. In cell B, the electrode in the 
outer chamber was a piece of silver foil.

Operation. Weighed amounts of the desired materials 
were placed in the larger tube, brought to 160°, and 
stirred continuously during measurements. Excess 
mercury® and m ercury®) sulfate was stirred in 
fused ammonium bisulfate and this mixture then added 
to the reference electrode. After 0.5 hr., the silver 
foil electrode was dipped into the melt and within 1

(1) From the Ph.D. Thesis of J. P. Miller, The Pennsylvania State 
University, June 1964; supported by the U. S. Atomic Energy 
Commission under Contract AT(30-1)-1881.
(2) I. M. Kolthoff and V. A. Stenger, “ Volumetric Analysis,”  Inter
science Publishers, Inc., New York, N. Y., 1947.
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Table I : E.m.f. of Cell A as a Function of HgSOi Concentration at 160°

103(HgSOi) 1.134 1.295 1.590 1.788 1.839 2.211 2.250
E , v .  0.06900 0.06626 0.06083 0.0583 0.05581 0.04950 0.0484

min. stable e.m.f. measurements could be made. 
The silver foil was not kept continuously in the melt 
but pulled out and allowed to cool except when meas
urements were being made. This was done to minimize 
the attack of the solvent on the metal. An experi
mental determination showed that silver immersed 
in ammonium bisulfate at 150-160° lost 0.17 mg./cm.2 
hr. Under the conditions of cell operation this is not 
sufficient to alter the silver content in the surrounding 
solution by a significant amount. Moist nitrogen was 
bubbled through the cell to prevent decomposition of 
the solvent into pyrosulfate and water.

The thermistor probe actuated a relay to control 
current in a furnace which surrounded the cell, main
taining the temperature at 160 ±  1°. Temperatures 
were obtained from a chromel-alumel thermocouple and 
all of the e.m.f. values were measured with a Leeds and 
Northrup Type K3 potentiometer, a Leeds and North- 
rup Type E galvanometer serving as null point de
tector.

Solubility Measurements. Excess solid was stirred in 
molten ammonium bisulfate for about 2 hr. at 160° and, 
after standing 0.5 hr. to permit excess solid to settle, 
samples of clear solution were removed by means of a 
preheated pipet. After cooling and weighing the 
samples, they were dissolved in water and mercury (I) 
precipitated and weighed as Hg2Cl2, mercury (II) as 
HgS, and silver as AgCl. Solubilities in moles of 
solute per mole of ammonium bisulfate at 160° were 
found as Hg2S04 0.00065, HgS04 0.0085, and Ag2S04 
0.0215.

Viscosities. The viscosities of certain solutions were 
measured, using Cannon-Fenske viscometers. A  West- 
phal balance was employed to obtain the densities 
needed for calculation of the viscosity.

Results and Discussion
Cell A may be formulated as

Pt
Hg2S04(c), HgSCP

N H ja so ,
reference electrode (A)

where (c) indicates the crystalline state and the ref
erence electrode is the one described above. Hence 
the left-hand electrode differs from the reference 
electrode only in having a lower and variable concen
tration of HgS04. Electromotive force values for

Figure 1. Dependence of e.m.f. of cell 
A on HgSOi concentration.

various concentrations are given in Table I and graph
ically in Figure 1. Concentrations throughout this 
paper are the ratios of the number of moles of the 
species whose formula appears in parentheses to the 
number of moles of bisulfate ion in the solution.

The effect of variation in sulfate ion concentration 
was studied by adding ammonium sulfate to the cell. 
The results are presented in Table II.

Table II: Variation of E.m.f. of Cell A with Changes 
in S042- Concentration

(HgS04) =  2.23 X lO“ 3
108(SO42- )  3.41° 7.08 9.61 12.5 26.6
E ,  v. 0.0487 0.0637 0.0668 0.0694 0.0868

“ Excess acid; the figure is that of (H2S04).

It is assumed that junction potentials are a negligible 
factor in all of the measured e.m.f. values. Trans
port through the junction should be essentially all by 
NH4+ and HS04_ ions and the solutions sufficiently 
dilute that the activities of these ions on each side of 
the junction should not differ by a significant amount.

If the electrode reaction is Hg22+ =  2Hg2+ +  2e_ , 
the e.m.f., for ideal solute behavior and with 2.ZRT/F 
— 0.0861 v. at 433 °K., should be
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E =  E° +  EieS
0.0861 , (Hg2+)2

(1)

In the presence of excess solid Hg2S04, (Hg22+) = 
A sp /(S042“ ). If complete dissociation of HgS04 and 
no reaction of S042- with the slightly acidic solvent to 
form H S04“  are assumed, (Hg2+) =  (HgS04). Hence

E = E° +  Eiei
0.0861 ,

2 °g
(HgSQ4)2(SQ42~)

Ksp (2)

This equation is not consistent with the rise in e.m.f. 
with increasing (S042-) observed and shown in Table II.

If incomplete dissociation of HgS04 is assumed, 
(Hg2+) =  (HgS04)X eg/(S042- )  which gives

E = E° +  Eiet
0.0861  ̂ (HgS04) 2K 2eq

2 °§ (SOS-)Ksp (3)

The slope of a plot of E vs. log (HgS04), if (S042-) 
is assumed constant, should be 0.0861 v. The line 
shown on Figure 1, drawn with this slope, is consistent 
with the experimental values at higher concentrations 
of HgS04. Equation 3 predicts qualitatively the 
dependence of E  on (S042-) which was observed. 
The slope of E vs. log (S042-) is 0.031 rather than the 
predicted value of 0.043. This disagreement could be 
the result of nonideal behavior, related to that shown 
below for silver sulfate solutions. If the concentra
tion of HgS04 on the left side of cell A is increased to 
saturation, the two electrodes become identical and 
the e.m.f. must become zero. If the straight line in 
Figure 1 is extrapolated to E  =  0, the concentration 
corresponding to this point is found to be 0.0083, 
which agrees with the measured solubility within the 
experimental uncertainty of the latter.

Cell B had a silver electrode and silver sulfate in 
solution in the outer electrode chamber. With the 
same reference electrode as cell A, cell B may be 
formulated as

Ag
Ag2S04

n h 4h s o 4
reference electrode (B)

The e.m.f. of cell B was measured as a function of 
silver sulfate concentration including the special case 
of saturation, and as a function of the acidity or basicity 
of the solution as altered by adding varying amounts of 
H2S04 and (NHJ^O«.

The measurement with excess solid Ag2S04 was made 
with the idea that the e.m.f. might be calculated and 
agreement with the observed value would show that the 
electrodes were truly reversible. The cell reaction in 
this case is

2Ag(c) +  2HgS04(c) +  S042“  (anode) — >
Hg2S04(c) +  Ag2S04(c) +  S042“ (cathode) (4)

Using values of standard enthalpies of formation 
and entropies as given by Latimer3 for the four solids 
involved, AG°298 =  —15.6 kcal., which corresponds to 
an e.m.f. of 0.338 v. The observed value was 0.3335 v., 
in reasonable agreement. Since the heat capacity of 
HgS04 has not been measured and the entropy of 
HgS04 was only an estimated value, a more accurate 
comparison, taking into account the difference in 
temperature and the S042“  activities, could not be 
made. When ammonium sulfate was added to the 
solution around the silver electrode the e.m.f. did 
increase, as it should according to the cell reaction 
equation. The increase, however, was much smaller 
than that predicted on the assumption that S042“  
activity is proportional to S042- concentration. The 
effect of added sulfate is described further below.

Since the solvent originally contained a small ex
cess of sulfuric acid, ammonium sulfate was added to 
neutralize it. As the cell e.m.f. was changed when this 
was done, the effect of adding sulfuric acid and am
monium sulfate was investigated extensively with solu
tions having several different silver sulfate concentra
tions. For any solution containing a definite quantity 
of silver sulfate, addition of sulfuric acid increased the 
cell e.m.f. and addition of ammonium sulfate decreased 
it. These changes were reversible in that the e.m.f. 
may be altered by adding either the acid or base and 
then restored to its original value by addition of an 
equimolar amount of the other. The silver electrode 
thus acts as an indicator for this titration although 
why it does so is not clear. This behavior is shown 
graphically in Figure 2, where the parallel curves be
come linear with a slope of —0.30 at higher sulfate 
concentrations and become slightly steeeper on the 
acid side. All sulfate concentrations have been cal
culated on the assumption that the reaction H2S04 
+  S042- =  2HS04“  is complete. Hence the number of 
moles of S042“  is assumed to be the sum of moles of sul
fate added, as ammonium sulfate and silver sulfate, less 
the number of moles of sulfuric acid present or added. 
Where the acid is in excess, the concentration is re
corded as (H2S04). The decrease in E  with increasing 
sulfate concentration is opposite to what had been ex
pected. A decrease in E  corresponds to an increase in 
silver ion activity. Any complex ion formation with 
silver ion or simply the effect of the presence of doubly 
charged anions around the silver ions would be ex
pected to decrease the silver ion activity.

(3) W. M. Latimer, “ Oxidation Potentials,”  Prentice-Hall, Inc., 
New York, N. Y „  1952.
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The dependence of the cell e.m.f. on silver ion con
centration was investigated by taking values of E 
at three arbitrarily selected sulfate concentrations from 
each curve of Figure 2. When these E values were

Figure 2. Dependence of e.m.f. of cell B on acid 
and base concentration: 103(Ag+) for I, 0.80;
II, 1.18; III, 1.68; IV, 2.58; V, 2.88.

plotted against the logarithms of the silver ion con
centrations, three parallel straight lines were obtained. 
The slope of these lines was —0.086 ±  0.002 v., in 
agreement with the value predicted for ideal behavior 
of the silver ion. To include nonideal behavior as well, 
the cell e.m.f. may be described by the equation

E ~ E° +  En — 0.086 log (Ag+)7Ag+ (5)

where E° is a standard potential for the silver electrode, 
Er the reference electrode potential, and y an activity 
coefficient. If y is assumed to be unity in those solu
tions for which the calculated sulfate concentrations are 
zero, on substitution of the measured e.m.f. and silver 
ion concentration, a numerical value of E° +  E-r may 
be obtained. When this was done for six solutions 
with silver ion concentrations varying from 0.8 X
10-3 to 2.88 X 10-3 and e.m.f. values from 0.487 to 
0.441 v., values of E° +  E-r from 0.2200 to 0.2221 v. 
were obtained, the mean value being 0.2206 v.

Activity coefficients for the silver ion in solutions con
taining excess H2SO4 or S(V ~ may be obtained from 
the curves of Figure 2. For the region of excess sulfate 
ion concentration where the curves are very close to 
straight lines, the activity coefficient is empirically

log 7 =  4.5 (SO42-)  (6)

The utility of this relation will be illustrated by a 
calculation of the solubility of Ag2S04 in pure am
monium bisulfate. When excess solid Ag2S04 was

present and enough ammonium sulfate was added to 
neutralize the original excess of sulfuric acid, the cell 
e.m.f. was 0.3339 v. In this solution (Ag+) =  2(S042_) 
and log 7 =  2.25(Ag+). On substituting this for log 
7 in eq. 5 and solving for the silver ion concentration, 
(Ag+) =  0.0392, and thus (Ag2S04) = 0.0196. This 
value is thought to be more nearly correct than the 
measured value of 0.0215. The slight excess of acid 
in the solvent which had been used for the solubility 
measurement had not been neutralized. This acid, by 
reaction with the sulfate ions from silver sulfate, would 
cause the silver ion concentration to be higher than it 
would have been in a neutral solvent.

As the changes in cell e.m.f. which accompanied in
crease in sulfate ion concentration could not be ac
counted for in terms of a simple silver-silver ion elec
trode reaction, various changes in the solution were 
investigated. A cell was set up identical with cell B 
except that the ammonium bisulfate solvent was com
pletely replaced by an equimolar mixture of sodium 
bisulfate and potassium bisulfate. The titration curve 
here was of the same nature as that for the ammonium 
salt solvent, decreasing e.m.f. with increasing sulfate 
content. A  cell having (Ag+) =  12.6 X  10~3 had an 
e.m.f. of 0.3860 v. at the point corresponding to zero 
sulfate ion content. The e.m.f. for this concentration 
of Ag+ when calculated by eq. 5 is 0.3841 v. It is con
cluded that the cell characteristics are not significantly 
dependent on the presence of the ammonium cation.

Other substances which might form in the cell 
owing to solvent decomposition are water and pyro- 
sulfate. The effect of addition of each was investi
gated. Passing water vapor into the cell did not pro
duce any detectable change, nor did addition of potas
sium pyrosulfate.

The viscosity of ammonium bisulfate with various 
additions of ammonium sulfate was measured at five 
different temperatures in the 160-180° range. As 
a bisulfate melt is a favorable situation for hydrogen 
bonding, the structure of the melt may well be quite 
different from simple random mixing. It was thought 
that the anomalous effect of sulfate ion on the silver- 
silver ion electrode might be caused by a change in the 
structure of the medium accompanying addition of 
sulfate ion. Should this be so, evidence of such a 
change might show up in viscosity. Experimentally, 
it was found that the viscosity of the melt increased 
on the addition of ammonium sulfate, and also on the 
addition of silver sulfate. The temperature coefficient 
of the viscosity, however, was found to be independent 
of sulfate concentration. To ± 2 % , the observed 
viscosities in centipoises are given by 17 =  0.00197- 
[1 10(SO42- )]e407° /r. Although the viscosity in
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creases caused by rather small increases in sulfate ion 
content do suggest a significant change in the struc

ture of the melt, why this should increase the silver 
ion activity is not evident.

Thermochemistry of Interconversion of H2B20 3(g) and H3B30 3(g )1

by Lawrence Barton, Satish K . Wason, and Richard F. Porter

Department of Chemistry, Cornell University, Ithaca, New York (Received April 26, 1965)

The thermochemical stability of gaseous H2B2O3 has been investigated. Alternate routes 
in the preparation of H2B20 3 were employed to establish upper and lower limits in All0 for 
the reaction H3B30 3(g) +  ' / 20 2(g) =  H2B20 3(g) +  76B2H6(g) +  y 3B203(s). The methods 
of chemical preparation involve the reaction of boroxine with oxygen and the reaction of 
diborane with oxygen under electrical discharge conditions. The molecules H2B20 3 and 
H3B30 3 have been shown to be precursors to each other. Mechanisms for the interconver
sion reactions have been suggested from results of isotopic substitution experiments in the 
H3B30 3~02 and H2B20 3-B 2H6 reactions using infrared and mass spectrometric techniques. 
From these observations, a mechanism for the formation of boroxine in the explosive 
reaction of pentaborane-9 with oxygen is proposed.

Introduction

Reactions of gaseous boranes with oxygen are fre
quently explosive and lead to the formation of stable 
boron oxide. For this reason, it has been difficult to 
isolate partially oxidized compounds having both 
B-H  and B -0  bonds. One interesting intermediate 
was observed in the reaction of B6H9 with oxygen by 
Bauer and Wiberley.2 3 Later, Ditter and ShapiroSa 
identified the compound as H2B20 3 from its mass spec
trum. This compound is also observed as a product 
in the reaction of gaseous boroxine (H3B30 3) and 0 2.3b 
When mixtures of B2H6, H2B20 3, and 0 2 are heated, 
an explosive reaction occurs and boroxine is observed 
as a product.4 5 The high temperature stability of 
boroxine was demonstrated from its preparation in a 
reaction of H20(g) and elemental boron at temperature 
of about 1400°K.6 Taken collectively these observa
tions suggest that H2B20 3 and H3B30 3 are precursors to 
each other under different sets of experimental condi
tions. In the work described in this paper, certain 
aspects of the thermochemistry and reaction mechanism

of the conversion of H2B20 3 to H3B30 3 and H3B30 3 to 
H2B20 3 are examined. Two procedures for the prepa
ration of H2B2(V B 2H6 mixtures used in these studies 
are described below.

Experimental
It has been reported that H2B20 3 is unpredictably 

explosive in the condensed state. Thus, although very 
low pressures were used in this work, caution was ob
served at all times.

The first method for the preparation of H2B20 3 was

(1) Work supported by the U. S. Army Research Office (Durham) 
and the Advanced Research Projects Agency; presented at the 149th 
National Meeting of the American Chemical Society, Detroit, Mich., 
April 1965.
(2) W. H. Bauer and S. E. Wiberley, Abstracts of Papers, 133rd 
National Meeting of the American Chemical Society, San Francisco, 
Calif., April 1958, p. 13L.
(3) (a) J. F. Ditter and I. Shapiro, J. Am. Chem. Soc., 81,1022 (1959); 
(b) S. K. Wason and R. F. Porter, J. Phys. Chem., 68, 1443 (1964).
(4) G. H. Lee, W. H. Bauer, and S. E. Wiberley, ibid., 67, 1742 
(1963).
(5) W. P. Sholette and R. F. Porter, ibid., 67, 177 (1963).
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the reaction of boroxine with oxygen. Solid boroxine 
was prepared by passing H20(g) over a mixture of B(s) 
and B20 3(1) at a temperature of about 1400°K. and 
condensing the product in a bulb at liquid nitrogen 
temperatures. Hydrogen, which is one of the by
products of the reaction, was removed by pumping. 
The apparatus is illustrated in Figure 1. Solid borox
ine was warmed to room temperature and diborane 
which is formed by partial decomposition was removed. 
Oxygen at 40 torr pressure was added to the bulb 
slowly through a 1.25-mm. Teflon needle valve and the 
reaction vessel was then heated to 60°. Product gases 
were withdrawn into a 10-cm. infrared cell and spectra 
were recorded on a Perkin-Elmer Model 337 grating 
infrared spectrophotometer. Bands due to B2H6 and 
H2B20 3(g) were observed. No improvement in the 
yield of H2B20 3(g) was observed when the reaction 
products were re-analyzed after 24 hr. At room tem
perature the yield of H2B20 3 was very low. When the 
reaction between boroxine and oxygen was carried out 
at ~ 8 5 ° a slight explosion was observed. Infrared 
spectra of the products indicated bands due to B2H6(g) 
and H-jB-jOsCg). This behavior is similar to that 
reported by Lee, Bauer, and Wiberley.4 In a separate 
experiment,6 180 2 was substituted for ordinary oxygen 
and the reaction with boroxine (containing ordinary 
oxygen) was carried out at 60° in the manner just 
described.

A second method of preparation of H2B20 3 starting 
with diborane was developed. Oxygen was slowly 
added to diborane (20 torr pressure at room tempera
ture) through a Teflon needle valve in a 300-ml. Pyrex 
bulb. An electric discharge was maintained near the 
neck of the flask with an ordinary Tesla discharge coil. 
The flow rate of oxygen, controlled by a pressure head 
of oxygen, had to be sufficiently slow to prevent “ flash
ing”  (i.e., rapid oxidation of diborane) and fast enough 
to cause the small intermediary concentrations of 
higher boranes to be oxidized rather than to polymerize 
further to give solid boranes. The correct oxygen flow 
rate was distinguished by the appearance of a white 
layer of boric oxide on the walls of the vessel, thickest 
near the point of discharge. A very slow flow rate of 
oxygen resulted in the formation of a yellow-white 
deposit which contained high molecular weight boranes. 
Under these conditions the yield of H2B20 3 was ex
tremely low. The presence of the intermediary boranes 
B4Hio, B5H11, and BeHio in concentrations of the order 
4, 1.5, and 0.5%, respectively, was shown by allowing 
diborane to leak slowly into a mass spectrometer in 
the presence of an electrical discharge. The prepara
tion of these boranes from B2H6 under electrical dis
charge conditions has been described by Kotlensky

To Vacuum Line

Figure 1. Apparatus for the preparation of H2B20 3 
from the reaction of oxygen with boroxine.

and Schaeffer.6 7 Maximum yields of H2B20 3 were ob
tained when a ratio of B2H6:0 2 of 1:1.25 was used. 
The whole procedure required about 30 min.

Thermodynamic Stability o f H2B20 3(g)
Reaction of gaseous boroxine with 0 2 yields H2B20 3, 

B2H6, and B20 3(s) as final products.315 The thermo
dynamic stability of H2B20 3(g) was determined from 
measurements of AF° for the reaction

H3B30 3(g) +  y 20 2(g) =  H2B20 3(g) +
7eB2He(g) +  V3B20 3(s) (1)

By utilizing the two procedures described above start
ing with either H3B30 3 or diborane, it was possible to 
approach reaction 1 under different experimental con
ditions. In the first series of experiments, a reaction 
vessel (Figure 1) containing boroxine and oxygen was 
joined to the inlet of a mass spectrometer. The vessel 
was immersed in an oil bath that could be heated to 
about 150°. A small quantity of gas was withdrawn 
and ion currents at m/e 27, 32, 71, and 83 were moni
tored. These correspond to the major ion peaks for 
B2H6, 0 2, H2B20 3, and ILBsCh, respectively. Im
mediately following the mass spectral analysis, the 
total pressure in the reaction vessel was measured. 
Diborane and oxygen were the major constituents and 
their partial pressures were calculated from the total 
pressure and the relationship P b2h, /F o2 =  1.27 (In)/ 
(J32) which was obtained by calibration with a low pres
sure sample of B2H6 and 0 2 of known composition. 
For reaction 1 we have

(6) Sample contained 98% IaCh and was obtained from Yeda Re
search and Development Co. Ltd., Rehovoth, Israel.
(7) W. V. Kotlensky and R. Schaeffer, J. Am. Chem. Soc., 80, 4167 
(1958).
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Table I : Thermodynamics of the Reaction BsCbHsCg) +  ViOjfg) — *■ BaChihCg) +  VeBjHeCg) +  1/ 3B20s(s)

Temp, 
of K V 
deter-

Initial system Sample history
minatibn,

°K. atm.
•P02,
atm.

ÌH2B2O3
-?H3B303 K p

- A H ,

kcal./mole

B2H6 +  0 2 +  discharge Immediate analysis 298 2.9 x  10 -3 1 .5  x  10 -6 1.3 X 103 9.6 X 104 10 .2
Immediate analysis 298 3.9 x  10 -3 1 . 1  x  10 -5 3.5 X 103 4.2 X 106 1 1 . 1
Sample maintained at 

323 °K. for 30 min. 298 3.8 x  10 -3 1.5 X IO- 4 1 . 6 X 1 0 » 5.0 X 104 9 . 9
Sample maintained at 

298 °K. for 36 hr. 298 2.0 X IO“ 3 2.3 X 10~4 1.2 X 103 2.9 X 104 9.5
Sample warmed to 373 °K. 373 7.9 X IO- 3 1.4 X 10~3 2.3 X 103 2.7 X 103 10 .3
Sample warmed to 373 °K. 373 9.4 X IO- 3 1.4 X 10~3 2.5 X 102 3.1 X 103 10 .4

B3O3H3 +  O2 Sample warmed to 331 °K. 331 1 .0  x  10 - 1 1 . 1  x  10 -2 6.2 X 103 3.8 X 102 7.0
Sample warmed to 331 °K. 298 8.2 X 10~2 6.1 X IO” 3 4.4 X 102 3.7 X 103 8 . 3
Sample maintained at 

298 °K. for 6 hr. 298 6.7 X 10- 2 3.5 X IO" 3 2.2 X 102 2.7 X 103 8 .1

( P b 2H6) /6 / Pu&ioA ,n.
Keq~ (Pô W bJ  { )

The partial pressure of H3B30 3 was too low for measure
ment by conventional methods. However, a good 
approximation to eq. 2 is given by

where the pressure ratio of H2B20 3 to H3B30 3 in eq. 2 
has been replaced by a ratio of total ion intensities. 
This is equivalent to assuming that the ionization cross 
sections for the two molecules are nearly equal. Equa
tion 3 may be further simplified by the relation ImBjOa/ 
ZhjBjOj =  1.6( /7i) / ( / 83) which was obtained by analysis 
of complete mass spectral patterns. The high concen
tration of B2H6 in the reaction products results largely 
from the partial decomposition of solid boroxine. 
When the sample is heated, the decomposition reaction 
also yields an excess of B20 3(s) in the solid coating in 
the reaction vessel. In another series of experiments, 
samples of H2B20 3 were prepared from B2H6 and 0 2 
by the electrical discharge technique. Partial pres
sures of gaseous components in the products were 
determined mass spectrophotometrically. After cor
rection or H2(g) which is produced in the discharge, 
the data were treated in the same manner as for the 
H3B30 3- 0 2 reaction.

Equilibrium constants for reaction 3 computed from 
the experimental results, are listed in Table I. The 
heat of the reaction was calculated from values of Keq 
and the standard entropy change. Entropies of gase
ous B2H6, 0 2, and solid B20 3 were taken from the 
“ Janaf Tables.” 8 * * A  value of S° HsBaOs $ H2B2O3

was estimated to be 1.0 ±  1.0 cal./deg. mole at 300°K. 
This estimation was based on the D 3h (six-membered 
ring) and C2v (five-membered ring) structures for H3B30 3 
and H2B20 3, respectively. Uncertainties in the abso
lute entropies of H3B30 3(g) and H2B20 3(g) are in the 
vibrational contributions since the lowest vibration 
frequencies for the molecules have not been observed. 
However, at ordinary temperatures, the vibration terms 
will nearly cancel in evaluating the entropy difference 
for the two molecules. A somewhat similar comparison 
can be made for cyclohexane and cyclopentane where 
the entropy difference is only 1.3 e.u. at 300 °K. Re
sults of AH° calculations are shown in Table I.

Interconversion of H 2B20 3(g) and HsB30 3(g)
H3B30 3- 180 2 Reaction. In Figure 2, we compare mass 

spectral patterns for the highest mass groupings for 
H2B20 3 prepared in the reaction of boroxine with ordi
nary oxygen and with 180 2. The spectral pattern for 
H2B20 3 having the normal boron isotope abundance is 
similar to that reported by Ditter and Shapiro.3a The 
mass spectrum of H2B20 3 obtained from the reaction 
with 180 2 shows that the isotope distribution in the 
product is not statistical in all three oxygen atoms but 
is weighted towards the species H2B2180 2160. A 
small quantity of H2B2180 3 is present but the H2B2180 2160  
constitutes about 80% of the total amount of 
H2B20 3. On the basis of this result, it is inferred that 
0 2 reacts without rupture of the 0 - 0  bond. To 
account for a homogeneous gas phase reaction between 
HsB30 3(g) and 0 2(g), we might assume that a biradical

(8) “ Janaf Interim Thermochemieal Tables,”  The Dow Chemical
Co., Midland, Mich. Data for B2H6 were taken from the tabulation
of Dec. 31, 1964; for O2, March 31, 1961; for B2O3, Dec. 31, 1964.
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Figure 2. Mass spectral data illustrating the effect of 
isotopic substitution upon the reaction of H3B3O3 with 0 2 and 
H0B0O3 with B2H6 (9 10B /nB = 1:1.2 in B2H6).

H -B 02 is formed as a transient second product. This 
species, rather than HO-B =  0(g), could be a precur
sor to B2H6 and B20 3, which are the stable final prod
ucts. However, since B20 3 appears as a solid, it is 
possible that the reaction proceeds by a heterogeneous 
path.

BuHg-HzBiOz Discharge Reaction. At ordinary tem
peratures and low pressures, reaction between di- 
borane and H2B20 3 was not observed. Results of a 
mass spectrometric study of the discharge reaction are 
illustrated in Figure 3. A  continuous discharge main
tained at the reaction vessel resulted in a diminution in 
H2B20 3 and an increase in H3B30 3. When the dis
charge was first applied, the ion intensity of HB20 8+ 
did not change noticeably. This effect was observed 
whenever a small amount of oxygen was present initially. 
After this residual 0 2 had been removed by reaction 
with the intermediate boranes, the intensity of HB20 3+ 
dropped rapidly as indicated. The effect of the 
discharge on the disappearance of B2H6 and appear
ance of B4H10 is also noted in Figure 3.

Some information related to the mechanism of con
version of H2B2Q3 to H3B30 3 was derived from obser
vations on reaction mixtures prepared by adding 10B2H6 
to B2H6-H 2B20 3 samples containing the natural 
i°B /nB isotope abundance. Mass spectral patterns 
obtained for these mixtures are compared with that 
for normal H3B30 3 in Figure 2. Analysis of these 
data show that the main product, other than that with 
the normal isotopic spectrum is H3uB210BO3. From 
the observed 10B /UB composition of the diborane, it is 
evident that boron exchange is not a major factor and 
that a preferred mechanism is involved. This be
havior can be interpreted on the basis of the postulated 
reaction

BH3(g) +  H2B20 3(g) =  HaB30 3(g) +  H2(g) (4)

50

0
100

H 2 B 20 3 (n o rm a l B
ab undance)

P ro d u ct o f  H3B 3O3 + I 8O2

. . l i l i .69 70 71 72 HjB̂ Ô inormal B 
a b u n d a n c e iF

72 73 74 75 76 77 78 Produet of H2b2o3 + b2h6
(enriched In l0B)

80 81 82 83 84 80 81 82 83 84Mass m/e

___  (x 1/3)

UI6.6) e 
lH3B3°3H8 3 /
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Figure 3. Curves showing the variation with time of the 
concentrations of the major species involved in the reaction 
of B2H6 with H2B2O3 in an electrical discharge.

Figure 4. Infrared spectra of a mixture of B2H6 and 
H2B20 3 taken at intervals during the course of 
reaction in an electrical discharge. Lower curve 
is for the final mixture of B2H6 and H3B3O3.

The formation of higher molecular weight boranes under 
discharge conditions supports the supposition that BH3 
is the actual intermediate. Recently, direct evidence 
for BH3 and BH2 intermediates has been reported.9*10 

The main features of the discharge reaction between 
B2H6(g) and H2B20 3(g) were confirmed by observing 
changes in the infrared spectra of a mixture of the two 
compounds. The discharge was applied to a small 
Pyrex thimble joined to a 10-cm. infrared cell. A

(9) T. P. Fehler and W. S. Koski, J. Am. Chem. Soc., 86, 2733 (1964).
(10) T. P. Fehler and W. S. Koski, ibid.. 87, 409 (1965).
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series of spectra for one set of experiments is shown in 
Figure 4.

Discussion
As we noted in Table I, variations in AII° values for 

reaction 1 are dependent on the method of sample 
preparation. The experimental data from B2H6-  
H2B20 3 samples obtained by the discharge technique 
indicate a higher stability for H2B20 3(g) than the 
data obtained from the H3B30 3- 0 2 reaction. In the 
electrical discharge experiment, the chemical mechanism 
for formation of H2B20 3 is assumed to involve the 
reaction of oxygen with the borane intermediates as 
in the B6II<j 0 2 reaction. 2’3a In this case, the main 
products (aside from H2) are B2H6(g) and H2B20 3(g) 
while 0 2(g) and H3B30 3(g) are in relatively small yield. 
In the H3B30 3- 0 2 reaction, H3B30 3 is present initially 
in the reaction vessel and a high concentration of 0 2 
is arbitrarily fixed. Thus, the two sets of data tend to 
establish upper and lower limits on K eq and on the 
value of AH°. From the results given in Table I, 
we obtain for the “ best value”  of A //°298', 9.5 ±  1.5 
kcal./mole. This value was combined with the heats 
of formation for B2H6(g),8 B20 3(s),8 and H3B30 3(g)n 
of 7.5, —305.3, and —291 ±  2 kcal./mole, respectively, 
to give a heat of formation of —200.4 ±  3.5 kcal./mole 
for H2B20 3(g) at 298°K. The stability of H2B20 3(g) 
could have been determined by a thermochemical 
analysis of the reaction

7aH3B30 3(g) +  V20 2(g) =  H2B20 3(g) (5)

However, this would not afford an independent check 
on the heat of formation of H2B20 3(g) since the AH° 
for reaction 5 is a combination of the AH° for reaction 1 
and AH° for the reaction

y 2B2H6(g) +  B20 3(s) =  H3B30 3(g) (6)

on which the heat of formation of H3B30 3(g) is based.11
The observation of Lee, Bauer, and Wiberley4 that 

H3B30 3 is a product in the explosive oxidation of B6H9 
may be accounted for in a mechanism similar to that 
proposed in reaction 4. Under the conditions of their 
experiment, when oxygen is added to B6H9 in a 3:1 
molar ratio, the products should contain B2H6, H2B20 3, 
and unreacted oxygen. The explosion that occurs when 
this mixture is heated should result in a sudden tem
perature rise to shift the equilibrium

B2H6(g) =  2BH3(g)

to the right, thus generating a transient concentration 
of BH3. Under such conditions, reaction 4 is possible. 
The presence of intermediate boranes in these explosive 
oxidation reactions has been postulated previously.2'12 
A calculation based on the heat of formation of H2B20 3 
obtained here and published values for BH3 (i.e., 
18 kcal./mole) and H3B30 3 indicates that reaction 4 is 
exothermic to the extent of 110 kcal./mole. Since 
gaseous boroxine is unstable with respect to B2H6 
and B20 3 at ordinary temperatures, reaction 4 provides 
a mechanism for the ultimate decomposition of H2B20 3 
to B20 3 and H2.

The chemical behavior of H2B20 3 with respect to its 
formation from H3B30 3 and its precursor relationship 
to H3B30 3 is consistent with the C2v structure13

0

H—B B— H

\  /
0 — 0

This structure enables us to visualize the reaction of 
H3B30 3 and 0 2 as an “ addition”  of 0 2 to boroxine and 
reaction 4 as an insertion of a BH group into the 
H2B20 3 ring at the 0 - 0  bond. The mass spectral 
patterns in Figure 2 show that H2B2180 3 is a minor 
product in the H3B30 3- 18 0 2 reaction. The origin of this 
species is not entirely clear but it could be obtained 
from a reaction of 180 2 with traces of B4H i0 or B6H 9,
i.e., pyrolysis products from B2H6. Similarly, the 
production of small amounts of 10B2nBO3H3 in the 
reaction of traces of oxygen with the higher boranes 
produced from 10B-enriched diborane upon electrical 
discharge. Interconversion reactions between H2B20  
and H3B30 3 also may lead to some redistribution of 
isotopic species.

Appearance potential measurements gave an ioniza
tion potential of 13.6 ±  0.2 v. for H2B20 3(g). The 
major ion fragments on electron impact are HB20 3+, 
H B 02+, and HBO+. Appearance potentials for these 
ions are 15.5 ±  0.2, 14.5 ±  0.4, and 14.5 ±  0.4 v., 
respectively. The ionization potential of H2B20 3 
is close to the value of 13.5 v. reported for H3B30 3(g).6 11 12 13

(11) R. F. Porter and S. K. Gupta, J. Phys. Chem., 68, 280 (1964).
(12) A. T. Whatley and R. N. Peace, J. Am. Chem. 80c., 76, 1996 
(1954).
(13) C. C. Costain, W. V. F. Brooks, and R. F. Porter, “ The Micro
wave Spectrum and Structure of H2B2O3,” to be published.
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Estimation of the Dielectric Constant of 

Water to 8OO01

by Arvin S. Quist and William L. Marshall

Reactor Chemistry Division, Oak Ridge National Laboratory, 
Oak Ridge, Tennessee (Received March 8, 1965)

The electrical conductances of dilute aqueous solu
tions of K 2SO42 and other salts have been measured 
in this laboratory at temperatures to 800° and pressures 
to 4000 bars. In order to use the Onsager limiting 
law3 to calculate the theoretical variation of conduct
ance with concentration, the dielectric constant of the 
solvent must be known. Although this constant for 
water has not been measured at temperatures above 
393°, it has been estimated to 800° and densities of
1.0 g. cm.-3 by Franck.4 These estimates were based 
on a graphical fit of the Kirkwood equation for the 
dielectric constant of polar liquids6-6 to several sets of 
experimental data. Since 1956 additional results on 
water have been published. Therefore, we have 
reviewed the previous and more recent data and have 
applied computer techniques in an attempt to obtain 
better estimates of this constant at high temperatures 
and pressures.

The experimental data used by Franck were those of 
Wyman7-8 (0 to 100°, 1 atm.), Akerlof and Oshry9 
(110 to 370° in the presence of vapor), and Fogo, 
Benson, and Copeland10 (377 to 393° at densities from 
0.2 to 0.5 g. cm.-3). Other earlier measurements 
include those of Kyropoulos11 (20° to pressures of 
3000 kg. cm.-2 or 2942 bars), Lees12 (0 to 50° at pres
sures to 12,000 kg. cm.-2 or 11,770 bars), Harris, 
Haycock, and Alder13 (25.6° to pressures of 127 atm.), 
and Scaife14 15 (20° at pressures to 6000 kg. cm.-2 or 
5884 bars). More recent measurements are those 
of Owen, et al.1B (0 to 70° at pressures to 1000 bars), 
Vidulich and Kay16 (0 to 40° at atmospheric pressure), 
and T. E. Gier and H. S. Young17 (at 200, 250, 301, 
and 350° at pressures to 2000 bars).

By using a modification of Franck’s approach,4 
the Kirkwood equation

(2e +  l)(e -  1) =  4 icNdf  ¡j.2g \
9e m  \  +  3fc77 (1)

(where e is the dielectric constant, N is Avogadro’s 
number, k is the Boltzmann constant, M  is the molecu
lar weight in grams mole-1, a is the polarizability,

which is 1.58 X 10-24 cm.8 mole-1,18 p is the dipole 
moment of the water molecule, T is degrees Kelvin, 
and g is the Kirkwood correlation factor that accounts 
for orientation between neighboring molecules) was 
used to calculate p2g from the various values of di
electric constant. Densities of water were obtained 
from the tabulation of Voukalovitch19 20 21 22 23 24 25 along the liquid- 
vapor equilibrium curve, and from those values of 
Kennedy20 -24 and Sharp26 at higher temperatures and 
pressures. Values of p2g calculated in this manner 
from several sets of data are shown in Figure 1.

At low densities (and of necessity at high tempera
tures for water, which has a critical temperature of 
374° and critical density of 0.32 g. cm.-3), short-range 
interactions between molecules (e.g., hydrogen bonding) 
should become small, and, as density approaches zero, 
the Kirkwood correlation factor theoretically should

(1) Research sponsored by the U. S. Atomic Energy Commission 
under contract with the Union Carbide Corp.
(2) A. S. Quist, E. U. Franck, H. R. Jolley, and W. L. Marshall, 
J. Phys. Cherr,., 67, 2453 (1963).
(3) L. Onsager, Physik. Z., 28, 277 (1927).
(4) E. U. Franck, Z. physik. Chem. (Frankfurt), 8, 107 (1956).
(5) J. G. Kirkwood, J. Chem. Phys., 7, 911 (1939).
(6) G. Oster and J. G. Kirkwood, ibid., 11, 175 (1943).
(7) J. Wyman, Jr., Phys. Rev., 35, 623 (1930).
(8) J. Wyman, Jr., and E. N. Ingalls, J. Am. Chem. Soc., 60, 1182 
(1938).
(9) G. C. Akerlof and H. I. Oshry, ibid., 72, 2844 (1950).
(10) J. K. Fogo, S. W. Benson, and C. S. Copeland, J. Chem. Phys., 
22, 209 (1954).
(11) S. Kyropoulos, Z. Physik, 40, 507 (1926).
(12) W. L. Lees, Dissertation, June 1949, Department of Physics, 
Harvard University.
(13) F. E. Harris, E. W. Haycock, and B. J. Alder, J. Chem. Phys., 
21, 1943 (1953).
(14) B. K. P. Scaife, Proc. Phys. Soc. (London), B68, 790 (1955).
(15) B. B. Owen, R. C. Miller, C. E. Milner, and H. L. Cogan, 
J. Phys. Chem., 65, 2065 (1961).
(16) G. A. Vidulich and R. L. Kay, ibid., 66, 383 (1962).
(17) A. W. Lawson and A. J. Hughes in “ High Pressure Physics and 
Chemistry,”  Vol. I, R. S. Bradley, Ed., Academic Press Inc., New 
York, N. Y „  1963, Chapter 4, iv.
(18) R. M. Waxier and C. E. Weir, J. Res. Natl. Bur. Std., A67, 163 
(1963).
(19) M. P. Voukalovitch, “ Thermodynamic Properties of Water and 
Steam,” 6th Ed., Veb Verlag Techniek, Berlin, 1958.
(20) G. C. Kennedy, Am. J. Sci., 248, 540 (1950).
(21) G. C. Kennedy, ibid., 255, 724 (1957).
(22) G. C. Kennedy, W. L. Knight, and W. T. Holser, ibid., 256, 590 
(1958).
(23) W. T. Holser and G. C. Kennedy, ibid., 256, 744 (1958).
(24) W. T. Holser and G. C. Kennedy, ibid., 257, 71 (1959).
(25) W. E. Sharp, “ The Thermodynamic Functions for Water in
The Range —10 to 1000°C. and 1 to 250,000 Bars,”  University of 
California Radiation Laboratory Report UCRL-7118, 1962.
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DEN S ITY  ( g - c m - 3 )

Figure 1. Calculated values of y ? g  (from the 
Kirkwood equation) for water.

approach a value of unity. Accordingly, the dipole 
moment of the water molecule would approach 1.87, 
the value reported for an isolated water molecule.26 
If the Kirkwood equation is correct, the term ¡i2g should 
then approach 3.50 (1.872) at low densities and high 
temperatures. This behavior is observed in Figure 
1, where it is seen that ¡Ag extrapolates to approxi
mately 3.50 at zero density. This observation based 
on experimental measurements substantiates the use 
of the Kirkwood equation.

Values of ix2g obtained from the data of Owen, et al.,w 
and Lees12 initially decrease as the density increases 
from approximately 1 g. cm.-3 to higher values along 
the 0 and 10° isotherms. The viscosity of water in 
this low-temperature region also initially decreases 
with increasing density. Both g.2g and viscosity 
isotherms at 20° and higher show a steady increase 
with increasing density.

The points at 360 and 370° in Figure 1 calculated 
from the constants of Akerlof and Oshry deviate from 
the smooth curve. A  corresponding deviation in 
dielectric constant was mentioned by Akerlof and 
Oshry. Consequently, these two points were omitted 
in the determination of equations for n2g as a function 
of temperature and density. Those values of ju2g 
obtained from the data of Gier and Young show some 
unexpected behavior. At 250, 301, and 350°, with 
increasing density they extrapolate to n2g values higher 
than the calculated values at 200° (compared at the 
same density at densities higher than approximately 
0.9 g. cm.-3). Also, when their experimental dielectric 
constants are plotted against density (not shown), 
at a density of 1.0 g. cm.-3 the extrapolated value for 
the dielectric constant at 250° is somewhat greater

than the experimental value at 200°. The reverse 
behavior would be expected.

Several types of equations estimating n2g as a 
function of temperature and density were fitted to the 
data in Figure 1 (excepting those of Gier and Young) 
by the use of a generalized least-squares program.27 
The equation that best fitted the data had the form

v?g =  3.50 +  d{A, +  A,id) +  A 3(d)2)f(T ) (2)

where Ah A2, and A% are adjustable parameters, d 
is the density in g. cm.-3, and i(T) is a function of 
temperature (°K.) represented by either of the three 
equations

î{T) =  21-0-6 (3 )

f(T) =  T~Ai (4 )

f  (T) = e~A'm (5 )

where A4 is another adjustable parameter. In obtain
ing the parameters for eq. 2 through 5, several combina
tions of the various sets of experimental data were 
tried. Those parameters considered most reliable 
were obtained by combining and using the data of 
Owen, et al.u (88 points, 0-70°, by 10° intervals, 1- 
1000 bars, by 100-bar intervals), Lees12 (22 points), 
and Akerlof and Oshry9 to 350° (25 points, every 10° 
from 110 to 350°, as given in the table in their paper), 
and three values joining Owen’s data to the Akerlof- 
Oshry data (80, 90, 100°). All data were given equal 
weight. Each of the functions represented by the 
combination of eq. 2 with eq. 3, 4, or 5 fitted the ex
perimental data equally well as judged from the 
standard error of each parameter and variance of fit 
obtained from the least-squares program. The param
eters obtained for the combinations of eq. 2 with eq.

Table I : Values for Parameters in Eq. 2 and 3, 2 and 4, and 
2 and 5

c, caled, e, caled, 
at 800° at 200°

and and 
1.0 g. 1.0 g.

Eq. Ai Ä2 As At cm.-* cm. "8

(2) and (3) 175 136 -111 15.1 42.3
(2) and (4) 11.0 167 -9 4 0.35 16.9 44.1
(2) and (5) 12.2 13.7 -9 .8 0.00113 12.9 42.6

(26) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,”  
2nd Ed., Butterworths Scientific Publications, London, 1959, p. 1.
(27) M. H. Lietzke, “ A Generalized Least Squares Program for the 
I.B.M. 7090 Computer,”  USAEC Report ORNL-3259, 1962.
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Table I I :  D ielectric C on stant o f W ater C alcu lated  from  E q . 1 -3  U sing the Param eters from  T a b le  I

Temp., /----------------------------------------------------------------------------------------------- Density, g. cm .-8-
° c . 0.0001 0.1 0.2 0.3 0.4 0.5 0.0 0.7 0.8 0.9 1.0

0 ( 8 8 .4 ) “ 8 8 .4
25 (7 8 .1 ) “ 7 8 .5

100 ( 5 4 .6 ) “ 5 8 .0
200 (3 4 .3 ) “ 3 6 .4 4 2 .3
300 ( 2 0 .0 ) “ 2 3 .8 2 8 .4 3 3 .0
400 1.001 1 .8 3 3 .1 3 4 .9 7 .1 9 .7 1 2 .7 1 6 .0 1 9 .5 2 3 .2 2 6 .8
500 1 .001 1 .7 1 2 .8 1 4 .3 6 .1 8 .3 1 0 .8 1 3 .5 1 6 .5 1 9 .5 2 2 .6
600 1 .0 0 0 1 .6 3 2 .5 8 3 .9 5 .4 7 .3 9 .4 1 1 .7 1 4 .2 1 6 .8 1 9 .4
700 1 .0 0 0 1 .5 6 2 .4 0 3 .5 4 .9 6 .5 8 .3 1 0 .4 1 2 .5 1 4 .8 1 7 .0
800 1 .0 00 1 .5 1 2 .2 6 3 .2 4 .5 5 .9 7 .5 9 .3 1 1 .2 1 3 .2 15 .1

“ F o r  liqu id  in  equilibrium  w ith  va p or  at th e tem peratures show n in  th e heading.

3, 4, or 5 are given in Table I. For comparison, 
calculated values are included for the dielectric constant 
of water at 2 0 0  and 800° at a density of 1 .0  g. cm. - 3  
using these parameters.

Since eq. 2 and 3 gave an intermediate value at 800°, 
this combination was used to calculate the dielectric 
constants for water at integral temperatures and 
densities given in Table II. The values are generally 
somewhat lower (10-20%  at 1.0 g. cm.-3 ; 3%  at 0.6 
g. cm.-3 ; no difference at 0 .2  g. cm.-3) than those of 
Franck. 4 With eq. 2 and 3 the average deviation of 
the calculated dielectric constants from the experi
mental values used to obtain the parameters was 1 .1%.

At densities from 0 to 1.0 g. cm. - 3  the value of n 1 2g  
for water might be expected to lie between the limits 
of 3.50 (where g  is unity) and 15.55 (Figure 1, at 0° 
and d  =  1.0 g. cm.-3). B y  substituting these limiting 
values for g tg  into the Kirkwood equation, boundaries 
of 6.53 and 23.1 for the dielectric constant were ob
tained at 800° and a density of 1.0 g. cm.-3. The 
calculated constant (15.1) given in Table I I  lies within 
these limits.

When only the data along the liquid-vapor equi
librium curve were used to obtain the parameters, it 
was found that a combination of eq. 2 and 4 gave the 
best fit, using parameters of 43.0462 (Ax), 43.3064 
(A2), —14.7365 (A3), and 0.318561 (A4). The average 
deviation of the calculated dielectric constants from 
the experimental values (from 0-350°) was 0.12%  
with the largest difference (0.39%) at 350°.

A c k n o w le d g m e n ts . The authors wish to thank Pro
fessor J .  E. Ricci, New York University, for helpful 
discussions on this work. The advice of Dr. M. H. 
Lietzke, ORNL, on the use of his computer program 
is gratefully acknowledged.

Dissociation Studies in High Dielectric 

Solvents. Y. Magnesium Sulfate as an 

Unassociated Salt in N-Methylformamide

by Gyan P. Johari and P. H. Tewari

Chem istry D epartm ent, U niversity o f  Gorakhpur, Gorakhpur, Ind ia  
CReceived M a y  19, 1965)

We have demonstrated that M gS04 behaves as a 
slightly associated salt in formamide, and the Fuoss- 
Onsager theory predicts its conductance data satis
factorily. 1 This salt has been found as completely 
unassociated in another amide solvent, N-methyl- 
formamide ( D  =  182.4).2 The solvent was purified by 
keeping it over anhydrous A1C13, refluxing, and frac
tionally distilling it at least four times under reduced 
pressure (specific conductance 0.8-1.5 X 10 -6  mho 
cm.- 1 , viscosity 0.0165 poise, and density 0.99885 g./ 
ml. ; viscosity and density values are in good agreement 
with the literature value3).

The apparatus and the m o d u s  o p e r a n d i  for the con
ductance measurements have been described in previous 
communications. 1 The conductance of the solution 
was obtained by subtracting the conductance of the 
solvent of the same batch determined separately in a 
cell. All resistance measurements were obtained from 
solutions prepared from solvents which were purified 
less than 24 hr. before.

(1) G . P . Johari and  P . H . T ew ari, J . P h ys. Chem., 69, 696 (1965).
(2) G . R . L eader and  J. F . G orm ley , J . A m . Chem. Soc., 73, 5731 
(1951).
(3) C . M . F ren ch  and  K . H . G lover, Trans. F araday Soc., 51, 1417 
(1955).
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Table I

C  X  I O 4  5,  M  3 . 0 6 8  5 . 5 9 9  7 . 9 6 0  1 0 . 7 0 1  1 3 . 8 2 1  1 9 . 4 7 1  2 7 . 0 3 2
E q u i v .  c o n d u c t a n c e  4 3 . 4 4 0  4 2 . 7 5 0  4 2 . 3 3 9  4 1 . 8 9 1  4 1 . 4 3 0  4 0 . 7 5 1  4 0 . 0 2 2

The equivalent conductance concentration data of 
MgSCh (same as used in the previous study1) at 25° are 
shown in Table I.

The data were analyzed by the Fuoss-Onsager equa
tion4 for unassociated electrolytes in the form

A =  A0 — Sc^ +  Ec log c +  J c  (1)

on an IBM  7094 computer using a Fortran program 
similar to that described by K ay6 (higher terms in 
c*/! were neglected and the Einstein correction term in 
the viscosity was set to zero).

The results of the analysis are given below where 
A0 is the limiting equivalent conductance, a ,j is the 
ion-size parameter from J  terms in the equation, and 
oA is the standard deviation in AA-units of the data 
from the equation.

A° S E J  a j

4 5 . 3 1  ±  0 . 0 1  1 0 9 . 2  5 6 . 7 5  2 8 8 . 3  3 . 3 8  ±  0 . 1 0  0 . 0 0 2

Thus eq. 1  describes the conductance data very 
well. An ion size of 3.38 A. is a reasonable value for 
M gS04. The experimental data in the phoreogram do 
not show any crossover at the limiting law curve.4 
This is because in this case the theoretical crossover 
concentration C x is 8.32 X  10 -6 M  and the maximum 
concentration C'max is 4.42 X  10~6 M .  Evidently 
these concentrations are too low to be observed in the 
conductance data reported.

This work adds to the small group of known high 
charge symmetrical salt-solvent systems, whose con
ductance data are adequately represented by the 
modem theory. It also suggests that the well-known
2-2 salt which is highly associated in water9 is unas
sociated in N-methylformamide. At present we hope 
to extend this study to other 2-2 salts as well as to 
mixtures of N-metliylformamide with solvents of 
lower dielectric constant.

A c k n o w le d g m e n t . The authors wish to thank Dr.
R. P. Rastogi, Head of the Chemistry Department, 
for providing the necessary facilities and the research 
group of Dr. G. Atkinson of the University of Maryland

(4) R . M . F u oss and  F . A ccascin a , “ E lectro ly tic  C on d u cta n ce ,”  
In terscien ce  Publishers, In c ., N ew  Y o rk , N . Y . ,  1959.
(5) R . L . K a y , J . A m . Chem. Soc.,  82, 2099 (1960).
(6) H . S. D u n sm ore  and  J. C . Jam es, J . Chem. Soc.,  8 2 , 2099 (1960).

for computer processing of the data. G. P. J .  is thank
ful to the University Grants Commission, New Delhi, 
for granting a fellowship.

Some Electrochemical Aspects of Germanium 

Dissolution. Valence States and 

Electrode Potential

by Walter E . Reid, Jr.

N ational B ureau  o f  Standards, W ashington, D . C.
{Received Decem ber SO, 1964 )

Germanium has been reported to dissolve anodically 
in aqueous solutions with a valence of 4.1 At high 
current densities and on prolonged electrolysis, the for
mation of a white to orange-red oxide film is usually 
observed on the Ge at the solution-gas interface. The 
formation of this film and the fact that it contains 
divalent germanium have been explained in various 
ways.1-3 This evidence indicates that Ge dissolves 
with valences of both 2 and 4. Anodic dissolution 
efficiencies of about 103-105%  have, in fact, been re
ported.4 Investigation of the equilibrium potential 
of the Ge electrode has also indicated that Ge2+ is 
involved.6

In the present investigation the anodic dissolution 
of Ge was examined to determine if the accompanying 
formation of divalent Ge is governed by thermodynamic 
or kinetic processes or by both and to determine 
quantitatively the ratio of Ge2 +/Ge4+ produced. From 
this information an estimate could then be made of 
the standard electrode potential of germanium.

Experimental
Preliminary experiments showed that, for an as

sumed dissolution valence of 4, Ge (n and p types)

(1) F . Jirsa, Z . anorg. allgem. Chem.,  268 , 84 (1952).
(2) F . B e ck  and  H . G en sch er, Z . Elektrochem .,  63, 500 (1959).
(3) D . R . T urner, J . Electrochem . Soc.,  103, 252 (1956).
(4) M . V . Sullivan, D . L . K lein , R . M . F inne, L . R . P om pliano, and  
G . A . K o lb , ib id .,  110, 412 (1963).
(5) B . L o vrecek  and J. O ’M . B ockris , J . P h ys . Chem.,  63, 1368 
(1959).
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dissolved anodically with an efficiency of 10 1-10 5%  
at room temperature in both acidic and basic solutions. 
In no case was the formation of finely divided elemental 
Ge observed at the anode.

To determine quantitatively the amount of divalent 
Ge produced, the Ge was dissolved in acidic K I  solu
tions and the Ge2+ then oxidized by iodine generated 
electrolytically i n  s i tu . Although preliminary experi
ments showed that solutions of K I  of concentrations 
5, 10, and 20 wt. %  were equally effective, most of the 
experiments were performed in a 20% K I  solution 
which was 1 M  with respect to H 2S O 4. The high acidity 
was necessary to prevent precipitation of metagermanic 
acid as the germanium content of the solutions in
creased. The anode compartment was a four-neck 
flask containing a Teflon-encased stirring magnet, a 
siphon tube leading to the cathode compartment (a 
beaker containing the same solution used in the anode 
compartment), a gas inlet and exit (exit tube exhausting 
into a water trap of about 0.5-cm. head), an auxiliary 
Pt electrode for generating I2 i n  s i tu , and a very small 
siphon which was used initially to prepare the solutions * 
as described below. The siphons were both equipped 
with glass frits to minimize diffusion between the two 
compartments being used. A  brass clamp, attached 
to a long copper rod which passed through a rubber 
stopper, was used to support the Ge rod specimen 
used. The anode ensemble could be placed in the 
anode compartment, and, after flushing the flask with 
N2, the Ge specimen could be lowered into the solution.

Nitrogen was bubbled through the 1 M  H2SO4 
solution placed in the anode compartment for 1 hr. 
before the K I  was added to ensure that most of the dis
solved oxygen would be removed. This usually gave a 
colorless solution upon addition of the K I, but in those 
cases where a yellow color did appear some Ge was dis
solved anodically using a removable auxiliary Ge anode 
and an external cathode v ia  the small auxiliary siphon 
until the solution was colorless. Then, I2 was gener
ated until a very slight yellow color appeared. This 
was taken as the reproducible starting point for the 
experiment. The siphon connecting the anode and 
cathode compartments was filled by suction, and the 
Ge electrode to be used was placed in the solution.

The Ge was dissolved anodically at a fixed current 
for a definite time. After this, I 2 was generated in  
s i tu  using the Pt anode at a fairly low constant current 
with moderate stirring until the appearance of a slight 
yellow color. The number of coulombs ( i t )  required 
to produce the I2 was taken as the number of coulombs 
required to oxidize the Ge2+ formed in the Ge dissolu
tion process. The visual detection of the end point 
was found to be accurate to within 0.2 mg.

Although there was some heating of the solutions 
at the higher current densities for the experiments of 
2-hr. duration, this was not considered a significant 
factor since the short-time experiments at similar 
current densities gave essentially the same results. 
The exposed area of the p-type Ge anode used was 
8 cm.2. Its resistivity was 18 ohm-cm.

Experimental Results
Ge was dissolved at various current densities to 

determine if the amount of Ge2+ produced was related 
to the current density. The results are given in Table 
I.

T ab le  I

Current Total
density, coulombs for Coulombs % coulombs Mole %

ma./cm.2 Ge dissolution for I 2 for Ge2 + G e* +

6 6 0 .2 5 4 .2 8 .0
13 30 1.0 3 .3 6 .5
31 92 3 .0 3 .3 6 .3
90 294 1 1 .2 3 .8 7 .3

In other experiments performed in a similar manner 
for longer periods of time the results in Table I I  were 
obtained.

T ab le  II

C a le d , w t.
C u rr e n t
d e n s ity ,

m a ./
c m .2

T im e ,
m in . C o u lo m b s

W t. o f G e  
d isso lv e d , 

g .

o f G e
d isso lv e d , g ., 

0 . 1 8 8 1 3  m g. =  
1  cou lom b

%  an o d e  
e ffic ie n cy , 

a c tu a l/c a lc d . 
w t . X  10 0

90 125 5250 1 .0 2 8 8 0 .9 8 7 7 1 0 4 .2
44 120 2520 0 .4 8 9 3 0 .4 7 4 1 1 0 3 .2
38 120 2160 0 .4 2 1 0 0 .4 0 6 4 1 0 3 .6

Discussion
It is thus clearly established that germanium dis

solves anodically with valences of Ge2+ and Ge4+ and 
the average amount of Ge2+ appearing is about 7 mole 
%  of the total, a value which is independent of the 
current density within experimental error. Since the 
fraction of Ge2+ formed is independent of current den
sity, its formation is attributed to the relative free energy 
of formation of the two species rather than to certain 
interfacial phenomena which could affect their relative 
rates of formation.

Previous qualitative observations of oxide forma
tion at the Ge solution-gas interface2 can be reconciled
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with the above data as follows. For n-type and high 
resistivity p-type Ge the potential drop at the Ge 
solution interface can become large enough at very 
high current densities for 0 2 to be evolved in H2S 0 4 
solutions. As shown elsewhere,6 the actual potential 
drop at the Ge solution interface is always fairly low 
for low resistivity p-type Ge even at high current 
densities. The actual potential of the bulk Ge may 
be very high, however. At the solution-gas interface 
of a Ge anode dissolving at moderate current densities, 
there generally exists a large potential gradient. The 
high charge on the Ge increases its wettability consider
ably,7 and the solution tends to be drawn up onto the 
part of the Ge anode which is not in the solution. 
At these higher potentials the formation of 0 2 or I2 
occurs readily, and I2 evolution can easily be observed 
near the solution-gas interface at moderate to high 
current densities for a brief period after electrolysis is 
begun when acidic K I  solutions are used. This be
havior may have caused small errors in the values 
reported above. Normally, an oxide film is formed at 
the solution-gas interface on the polarized anode. 
This results because of the insolubility of the reaction 
products in the small amount of solution drawn up on 
the anode; this oxide film usually increases in thickness 
and area with time. The scarcity of solution above the 
solution-gas interface favors the formation of divalent 
Ge compounds such as GeO since the availability 
of oxidizable materials other than Ge is limited. 
(Qualitatively it was observed that, when the solution 
was stirred so that the solution occasionally wetted 
the oxide film, it usually became white. When the 
solution was not stirred, the oxide film was orange in 
color indicating a higher concentration of lower valent 
Ge ions.) In some cases the growth of the oxide 
films was observed to extend below the solution-gas 
interface, but this was attributed to the growth process 
of the oxide film.

The oxide film was soluble in the solutions used, 
but its dissolution rate was low. In one case the thin 
oxide film formed at the solution-gas interface after 
about 10 hr. at 10 ma./cm.2 was a transparent glass 
which was very hard and brittle. In this case the oxide 
formed almost entirely at the interface and did not 
extend for any appreciable distance onto the region 
above the solution.

Since the oxide film normally contains both Ge2+ 
and Ge4+ oxides, it is very likely to have semiconductor 
properties of its own which may be considerably 
different from those of Ge. For those experiments 
listed in Table II  any oxides formed were easily washed 
off with water.

The possibility exists that an anodic surface com

pound involving I~  ions may be involved in the dis
solution of Ge in K I solution.8 This could have an 
effect on the Ge2+/Gu4+ ratio. This point was ex
amined by following the pH change of the solution as 
Ge dissolved in 1  M  NaCl and in 10%  K I in 1 M  NaCl 
as the pH changed from 8 to 3. In 1 M  NaCl the anodic 
reaction is

Ge +  3H20  — >  H2Ge03 +  4H+ +  4e~

For the NaCl solutions the pH change was followed 
with a glass electrode. For the K I  solutions a mixed 
indicator was used. Repeated cycling between two 
fixed pH values at 2 to 5 ma./cm.2 required, within 
experimental error (~ 4% ), the same number of cou
lombs for the anodic and the cathodic processes, both 
with and without K I in the solution, showing that the 
anodic process does not involve 1 “  ions directly for 
these experimental conditions.

The Ge Electrode Potential
Examination of the data in Table I shows an aver

age Ge4+/Ge2+ mole ratio of about 13.4 for a wide range 
of current densities. It is assumed this ratio exists 
at the unpolarizcd Ge electrode. Using the E °  

(vs . n.h.e.) values obtained elsewhere6 for the couples 
Ge2+/Ge° =  0.24 v. and Ge4+/Ge2+ =  0.00 v., the 
value of the couple Ge4+/Ge° is calculated to be 0.12 
v. There are experimental difficulties in measuring 
the standard electrode potential of Ge in highly acidic 
solutions,6 but the expected value in 1 M  H2S 0 4 can 
be estimated in the following way. Making the 
reasonable assumption that the formation of divalent 
and tetravalent Ge involves two reactions and knowing 
the average value of the fraction (/1) of coulombs 
going to form Ge4+ ions (from Table I), it is shown that

E ° a e =  (1 —  /l)F °G e2+ /G e» +  f \ E °  Gei+/Ge»

or

E °G e  =  0.037(0.24) +  0.963(0.12) =  0.124 v.

in good agreement with the expected thermodynamic 
value (ref. 7, p. 205) and the E ° Ge (~ 0 .12  v.) estimated 
from the experimental value of the Ge electrode po
tential obtained by Lovrecek and Bockris at pH 0.6 
The proof of this equation is based on general thermo
dynamic considerations. The path of formation of 
hydrated tetravalent Ge ion can be considered to 
involve two states

(6) W . E . R eid , Jr., J . P h ys. Chem., 69, 2269 (1965).
(7) C . G . B . G arrett, “ T h e  E lectroch em istry  o f  S em icon d u ctors ,”  P . J. 
H olm es, E d ., A ca d em ic  Press, In c ., N ew  Y o r k , N . Y . ,  1962, p . 153.
(8) W . W . H a rvey , W . J. Lafluer, and H . C . G atos, J . E lectrochem . 
Soc „  109, 155 (1962).
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(1)

(2)

If, however, all of the ions formed in (1) are not oxi
dized in step 2, then the standard electrode potentials 
must be corrected. Assuming that the process is 
reversible and no other equilibria are involved, we have

— (4Z — 2«) Aobadff =  — [2ZE%0r -f- 2 ( Z  — a )  E ^ - ^ i ]

where Z  is moles of Ge ions formed, a  is net moles of Ge2+ 
formed, Z  — a  is moles of Ge4+produced, and 4Z — 2 a  is 
equivalents of Ge dissolved; a  is not arbitrary but is 
determined by the experimental conditions.

Substituting into the above equations

E 2 =  E °2 — R T / 2 '5  In aGe>+/aGeO 

E 2—4 =  E ° 2—i — R T / 2£F In OQe4+/aGe2 +

E i  =  E ° 4 — R T / A S  In aGe4+/aGe«
O F O  __ 77TO I 77» O
¿ L i 4 —  Jb  2 " I  L i 2 — 4

V.ZG* V.

E ° i - ^  =  0.00 v.

Ge — >  Ge2+ +  2e~

Ge2+ — ►  Ge4+ +  2e~

The free energy change would then be given by 

& G °  =  - 4 F F ° 4 =  -  (2$ E ° 2  +  2 S E V 0  

which gives
77T O  I 77TO£j 2 t  &  2-4

2M ° 2  +  2/ * E V . =

gives

R obgd =
2Z

----------Æ°4
2Z — a

R T

(4Z  -  2a)fF

— -------- (2 A °4  -  E \ )  -
¿Z —  a

l (Z  —  a )  In  flGeA -h  ce l n  flGe2+]

or

The present state of knowledge of Ge ions in solution 
does not enable a precise evaluation of the last term 
in this equation to be made; however, the standard 
electrode potential of Ge can be estimated to be 0.124 v. 
since Z and a  are constant, and only the activities are 
variables.

The effect of impurity type and concentration in the 
Ge anode and electrolyte composition on the fraction 
of divalent ions formed was not investigated.

The relatively large amount of Ge2+ formed at the 
Ge anode suggests much smaller differences than exist 
between the relative values of the respective Ge couples.

The constancy of the Ge4+/Ge2+ ratio over such a wide 
range of current densities indicates, however, that the 
extrapolation of this ratio to zero current may be valid. 
Reconciling these two facts requires that the activities 
of the Ge2+ and Ge4+ ions be fairly small or that the 
electrode be, at most, only slightly reversible. The 
data suggest that both factors may be involved. Ir
respective of the validity of the assumptions made, the 
calculations do show that the true equilibrium value 
of the Ge4+/Ge2+ mole ratio will not be substantially 
less than that reported here, and E °  for this electrode 
will be within a few millivolts of the potential value 
indicated.

Aqueous Solubilities of n-Dodecanol, 

n-Hexadecanol, and n-Octadecanol by a 

New Method

by Frank P. Krause and Willy Lange

The P rocter &  Gamble Com pany, M ia m i V a lley  Laboratories, 
C incinnati, Ohio 46289  (.Received F ebru ary  28, 1965 )

n-Hexadecanol and n-octadecanol have attracted 
considerable interest for retarding evaporation from 
lakes and reservoirs.1 This usage and the improved 
drought tolerance of plant seedlings grown in soil to 
which long-chain fatty alcohols have been added2 
made experimental data on the water solubility of the 
alcohols desirable. The conventional method of solu
bility determination failed with these alcohols because
(a) during the agitation of the crystals in water, film 
fragments are dispersed in the solution and are very 
difficult to remove and (b) saturation of the solution 
is lost during the removal of dispersed matter and 
transfer to a new vessel due to adsorption of the al
cohols at the newly available air-water and glass-water 
interfaces.

In the present method, solution in water of the C 14- 
labeled fatty alcohols proceeds from a virtually sta
tionary surface film that is in contact with excess al
cohol in the bulk phase. Any turbulence in the solu
tion is avoided. Film fragmentation and dispersion 
does not occur, and hence no processing of the solu
tions prior to the determination of the dissolved 
alcohol is needed.

(1) V . K .  L a  M er, E d ., “ Retardation of Evaporation by M onolayers: 
Transport Processes,”  Academic Press In c ., New Y o rk , N . Y . ,  1962.
(2) W . Lange, B ull. In tern . A ssoc. H ydrology, 9, 71 (1964).
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Experimental

M a t e r ia l .  The fatty alcohols were C 14-labeled at 
position 1. n-Dodecanol with a specific activity of 25 
mcuries/g. was prepared in this laboratory (CnH23Br, 
Grignard addition of C 140 2, reduction of the tagged 
lauric acid). n-Hexadecanol and n-octadecanol with 
specific activities of 6 mcuries/'g. were purchased.3 All 
three compounds were purified by vapor phase chroma
tography. In each case, 10 mg. was processed and 
4-5 mg. of the major fraction collected. Dodecanol 
was passed through a 0.6 X 200 cm. column of 30% 
diglycolic acid polyethylene glycol on 60/80-mesh 
Chromosorb W at 180° with helium carrier at a flow 
rate of 50 cm.3/min., hexadecanol through a 0.5 X 
75 cm. column of 10%  Dow-Corning silica-free silicone 
(prepared from high-vacuum silicone stopcock grease 
by petroleum ether (b.p. 38-56°) extraction of the 
silicone fraction) on 60/80-mesh Chromosorb W at 
162° with helium at 62 cm.3/min., and octadecanol 
through a 0.6 X 75 cm. column of 20% Tween 80 on 
60/80-mesh HMDS-Chromosorb W at 180° with a 
helium flow rate of 67 cm.3/min.

The purified dodecanol was diluted with 99 parts 
of an inactive, 99.5% pure n-dodecanol. The purified 
hexadecanol and octadecanol were used as is. All 
three compounds were kept in hexane solution at con
centrations of 0 .1- 1% . The fatty alcohols were free 
of comparatively water-soluble impurities, such as 
lower homologs; e .g . , two solubility determinations 
with dodecanol at 16°, one with 1 mg. and the other 
with 5  mg., gave the same results.

A p p a r a t u s .  Saturated aqueous solutions of the 
fatty alcohols were prepared in a closed cylindrical 
glass container with rounded bottom. Near the 
bottom was a horizontal, eye dropper type outflow tip 
which was capped by a hollowed-out rubber stopper. 
The top was stoppered with a downward-curving glass 
vent tube containing a wad of glass wool. A Teflon- 
coated spherical magnet at the bottom of the vessel 
stirred the solution. The vessel had a cross-sectional 
area of 60 cm.2 and a volume of about 700 ml. It was 
stored in a constant-temperature box.

S o lu t io n  o f  F a t ty  A lc o h o ls  i n  W a te r . About 500 ml. 
of distilled water in the vessel was sterilized by boiling 
and was then cooled to or below the test temperature 
after closure of the vessel. (Sterilization was effected 
because fatty alcohols are an excellent carbon source 
for certain microorganisms.4 5) An aliquot of the hexane 
solution of the fatty alcohol was quickly transferred 
to the surface of the water, and the hexane was evapo
rated with a stream of heat-sterilized and cooled ni
trogen. Care was taken that the evaporating hexane

droplets remained near the center of the water surface. 
When all the hexane had evaporated, the fatty alcohol 
crystals or droplets were held in place by the surface 
film. The amounts of fatty alcohols used were 1-5  
mg. of dodecanol, 0.2 mg. of hexadecanol, and 0.1 
mg. of octadecanol, respectively. In one test, 5 mg. 
of solid dodecanol was added as such to the surface of 
the water at 16°.

After the addition of the fatty alcohol, the water was 
agitated with a magnetic stirrer at such a predeter
mined rate that in the absence of a film the surface of 
the water rotated roughly at the rate of 1 r.p.m., as indi
cated by a marker or speck of dust on the surface. The 
films reduced the movement of the surface to a few 
revolutions per day. When the surface movement 
increased, the film was considered to have become de
fective, and the test was discarded.

Samples of the solution were periodically withdrawn 
from the eye dropper type tip for fatty alcohol determi
nation by removing the rubber cap and permitting the 
aqueous solution to jet out of the vessel in a thin stream. 
The first 5-10  ml. was discarded. The following 10-25 
ml. was collected in a 50-ml. graduate. Exposure of 
the jet stream to open air was minimized, and use of a 
funnel was avoided. After collection of the sample, 
the graduate was immediately closed with a glass 
stopper, and the solution was made ready for counting.

Solution of the films was allowed to proceed until 
the fatty alcohol concentration in the water was con
stant. This usually required 1-2  weeks (Figure 1). 
The slow approach to equilibrium may well be due to 
the time required for adsorption of the fatty alcohol 
on the glass surface of the containing vessel. Under 
these circumstances the analysis of samples withdrawn 
into a clean graduated cylinder and analyzed will not 
be subject to error due to adsorption of the dissolved 
alcohol on this fresh surface.

D e te r m in a t io n  o f  F a t t y  A lc o h o ls  in  W a te r . Without 
delay, the solution samples collected for analysis were 
diluted with about 10 ml. of ethanol and were then 
extracted with 10 ml. of hexane. Five milliliters of 
the hexane layer was diluted with 5 ml. of a phosphor- 
toluene stock solution6 and counted in a liquid scintil
lation spectrometer. From the sample count, the 
count of a similarly prepared standard of about the 
same concentration, and the hexane and solution 
volumes, the concentration of the fatty alcohol in the 
solution was calculated.

(3) Isotopes Specialties Co., Burbank, Calif.
(4) F. P. Krause and W. Lange, A p p l. M icrob iol., 13, 160 (1965).
(5) J. D. Davidson and P. Feigelson, In tern . J . A p p l. R adiation  Is o 
topes, 2, 1 (1957).
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Figure 1. D eterm in ation  o f  th e so lub ility  o f h exadecanol in 
w ater at 34° w ith  excess a lcohol in  th e b u lk  phase. A pproach  
to  equilibrium  con centration  from  undersaturated and 
supersaturated solutions. Supersaturation obta in ed  b y  heating 
the w ater w ith  excess hexadecanol at th e  in terface for  1 
day  at 80 ° and coolin g  to  34°.

Completeness of the extractions was ascertained by- 
separate tests in which ethanol solutions of similar but 
known amounts of the labeled fatty alcohols were 
transferred into ethanol-water systems, extracted with 
hexane, and the fatty alcohols then determined as 
described. Direct addition of the same quantities of 
the fatty alcohols in hexane to the phosphor solution 
also gave the same counts.

V a l id i t y  a n d  A c c u r a c y  o f  th e D e te r m in a t io n s . Satu
ration equilibrium at 34° with hexadecanol was ap
proached as described and also by starting with a solu
tion initially supersaturated at 80°. The results 
(Figure 1) show that, within the limits of accuracy of 
the tests, the same equilibrium concentrations were 
obtained.

Probably the largest source of error in the determi
nation was the slight warming of the solutions above 
the temperature of the ambient air by the magnetic 
stirrer. Although allowance for the heating was made 
in the recorded temperatures, the corrections were 
uncertain by 1-2 °, as determined in pilot tests. Pri
marily for this reason, the accuracy of the determina
tions is estimated at only ± 10 % . The solubility of 
octadecanol at 34° is probably even less accurate.

Results and Discussion
In Table I are listed the solubilities of dodecanol, 

hexadecanol, and octadecanol at 34° and at other 
temperatures below and above the melting point of the 
alcohols. Kinoshita6 reported a formula

Inc = - 1 .3 9 »  +  5.53 (1)

to relate with good accuracy the solubility c (mole/ 
liter) of the normal primary alcohols from butanol to 
decanol in water at 25° to n , the number of carbon 
atoms in the alcohols. Data calculated by eq. 1 are 
included in the table. As expected, the solubilities 
of the fatty alcohols increase with increasing tem
perature, decrease with increasing chain length of the 
alcohols, and are exceedingly low for hexadecanol and 
octadecanol. The calculated solubilities agree ap
proximately with the experimental solubilities. With 
allowance for the temperature difference, the agreement 
is quite good for dodecanol, which is liquid at 34°. 
The solubility of hexadecanol, however, is definitely 
lower than that given by eq. 1, probably because the 
compound is a solid at 34°. At 25° the actual solu
bility of hexadecanol may be only half the calculated 
one. The solubility of octadecanol is apparently in 
good agreement with eq. 1  but, being exceedingly low, 
merits no further consideration.

Table I : Solubilities o f  F a tty  A lcoh ols  in  W ater

D o d e c a n o l H e x a d e c a n o l O cta d e ca n o l
T e m p ., (m .p . 2 5 ° ) , (m .p . 4 9 ° ) , (m .p . 5 9 ° ) ,

° C . m o le / 1. X  1 0 9 m o le / 1. X  1 0 9 m o le / 1. X  1 0 9

E xp tl.
16 9 ,1 0 0
34 15 ,600 33 4
49 19 ,300
55 127
65 22

C alce , b y  eq . 1
25 14 ,400 55 3

Polymorphism should not be a factor in the present 
solubility determinations since the same results (within 
experimental error) were obtained with bulk phase 
formed by evaporation of a hexane solution below the 
melting point and by crystallization from a melt 
floating on the water surface (Figure 1). The exist
ence of fatty alcohol hydrates7 * may have only a minor 
bearing on these determinations.

The new method for the determination of aqueous 
solubilities may be applicable to a variety of synthetic 
and biological surface-active compounds of extremely 
low solubility.

(6) K. Kinoshita, et al., B ull. Chem. Soc. Japan , 31, 1081 (1958).
(7) A. S. C. Lawrence, A. Bingham, C. B. Capper, and K. Hume,
J. P h ys . Chem ., 68, 3470 (1964).
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Knudsen and Langmuir Measurements 

of the Sublimation Pressure of 

Cadmium(II) Fluoride

by G. Besenbruch, A. S. Kana’an, and
J .  L. Margrave

D epartm ent o f  Chem istry, R ice U niversity, H ouston, T exas  
( Received M a rch  S, 1965)

Sublimation pressures for CdF2 have been measured 
over wide ranges of temperature by both the Knudsen 
and Langmuir techniques utilizing a vacuum semi
micro balance. Vaporization data for CdF2 were re
ported by Ruff and LeBoucher,1 who investigated the 
vapor pressure of CdF2 over the temperature range 
1689-2023 °K . by a boiling point technique. Brewer, 
e t  a l . ,2 in their review of thermodynamic properties of 
gaseous metal dihalides, derived the heat of subli
mation, Ai7°298 =  76 kcal. mole- 1 .

Experimental

The vapor pressure studies were carried out with an 
Ainsworth RVA-AU-2 semimicro balance which re
corded the weight loss of the sample as a function of 
time. The sample (either a single crystal or a powder 
contained in a Knudsen cell) was suspended by a tung
sten wire and enclosed in a quartz or Vycor tube. A 
Kanthal wire-wound tube furnace with a Barber- 
Coleman controller, Model 622, was used for main
taining the sample at the desired temperature ( ± 1 ° )  
as measured by a calibrated Pt—P t-10 %  Rh thermo
couple suspended inside the Vycor tube, with the 
junction and sample at the same level. The Knudsen 
cell was machined from a spectroscopic grade graphite 
rod and the orifice in the lid was 2.46 mm. in diameter 
and 0.56 mm. deep. The CdF2 single crystal (surface 
area -  1.43 ±  0.2/cm.2) was obtained from Semi- 
Elements Inc., Saxonburg, Pa. After the Langmuir 
studies were completed, the crystal was powdered for 
the Knudsen studies.

For increased accuracy, two or more measurements 
of the rate of weight loss at each temperature were 
made and the vapor pressure was calculated from the ap
propriate equations3 on the assumption that CdF2(g) 
is the vapor species. Mass spectrometric studies of 
related fluorides by Klemperer4 and Ehlert, e t  al.,6 
showed that only the metal difluoride vapors result 
from heating the solids at temperatures in the range 
of these studies. Also, there was no evidence for a 
reaction between the graphite crucible and CdF2(g).

Thermodynamic calculations show that such reaction 
is unlikely under the conditions of these experiments. 
The Clausing factor used in the calculations was W o  =

T ab le  I : Sublim ation  Pressures o f C d P 2 b y  the
K nudsen  M eth od

— A ( F ° t  — 
H°m )/T, c a l. AH°298.16,

T ,  ° K . P re ss , o b sd ., a tm . d e g .- 1  m o le  _ 1  k c a l ,  m o le  1

1092 2 .8 7  X  10-® 4 1 .8 7 3 .1 8
1098 4 .0 7  X  IO -6 4 1 .8 7 3 .1 7
1118 6 .7 0  X  1 0 -« 4 1 .7 7 3 .2 7
1128 8 .3 6  X  1 0 -6 4 1 .7 7 3 .3 2
1138 1 .0 2  X  IO "6 4 1 .7 7 3 .3 8
1148 1 .3 3  X  1 0 -« 4 1 .6 7 3 .4 2
1158 1 .6 7  X  1 0 “ 6 4 1 .6 7 3 .4 5
1160 1 .6 8  X  1 0 -« 4 1 .6 7 3 .47
1172 2 .3 2  X  1 0 -« 4 1 .6 7 3 .5 3
1183 2 .9 2  X  1 0 "6 4 1 .5 7 3 .5 8
1191 3 .6 0  X  1 0 -« 4 1 .5 7 3 .61
1193 3 .7 8  X  1 0 “ s 4 1 .5 7 3 .6 3
1203 4 .7 9  X  10_6 4 1 .5 7 3 .6 5
1214 6 .1 3  X  1 0 -« 4 1 .4 7 3 .7 0
1223 7 .4 3  X  10“ 6 4 1 .4 7 3 .7 0
1235 9 .7 1  X  10 -* 4 1 .4 7 3 .7 5
1245 1 .1 9  X  1 0 " 4 4 1 .3 7 3 .7 8
1255 1 .5 1  X  1 0 “ 4 4 1 .3 7 3 .8 2

A v . 7 3 .5 2

T ab le  II  : Sublim ation  Pressures o f  C d F 2 b y  the 
Langm uir M eth od

— A ( F ° t  -  
c a l. AI?0298.H>,

T ,  " K . P r e ss , o b sd ., a tm . d e g .- 1  m o le  1 ]k c a l, m o le “ 1

921 9 .7 6  X  10 —« 4 2 .3 7 2 .7 2
941 2 .0 8  X  IO -« 4 2 .3 7 2 .8 1
951 3 .3 1  X  IO "8 4 2 .2 7 2 .8 7
9 6 1 .5 4 .2 5  X  1 0 “ 8 4 2 .2 7 2 .9 1
971 6 .8 8  X  1 0 -« 4 2 .2 7 2 .9 7
982 8 .5 2  X  IO “ 8 4 2 .2 7 3 .0 3
992 1 .3 5  X  IO “ 7 4 2 .1 7 3 .0 8

1002 1 .7 0  X  1 0 ^ 4 2 .1 7 3 .1 1
1012 2 .5 0  X  1 0 -7 4 2 .1 7 3 .1 5
1022 3 .3 6  X  IO “ 7 4 2 .0 7 3 .2 0
1041 6 .2 0  X  IO “ 7 4 2 .0

A v .
7 3 .2 7
7 3 .0 1

(1) 0. Ruff and L. LeBoucher, Z . anorg. allgem. Chem ., 219, 376 
(1934).
(2) L. Brewer, G. R. Somayajulu, and E. Brackett, Chem. R ev., 63 , 
111 (1963).
(3) J. L. Margrave in “ Physico-Chemical Measurements at H igh  
Temperatures,” J. O’M. Bockris, J. L. White, and J. D. MacKenzie, 
Ed., Butterworth and Co., Ltd., London, 1959, Chapter 10.
(4) W. Klemperer, J. Chem. P h y s ., 40, 3471 (1964).
(5) T. C. Ehlert, R. A. Kent, and J. L. Margrave, J . A m . Chem. Soc.,
86, 5093 (1964).
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0.492 as obtained from the tabulations of Iczkowski, 
e t  a l . ,e relating the length/radius of the orifice to W 0. 
The surface area was assumed to decrease linearly 
with the weight loss and corrections for this changing 
area were made in the calculation of the rate of weight 
loss per unit area. This change was less than 35%  
of the original area.

Results and Discussion

The observed sublimation pressures, P k  and P l , 
are given in Tables I  and II. The experimental 
data were fitted to a log P  vs. l / T  equation by the 
least-squares method using an IB M  1620 computer. 
The Knudsen and Langmuir data are fitted by eq. 
1 and 2, respectively

log P k  =  7.391 ±  0.015 -
(14.089 ±  0.080) X  10 3 

T

(1)

log P L =  7.563 ±  0.021 -
(14.341 ±  0 .113) X  10 3 

T

(2)

and are plotted in Figure 1.
The second-law heats of sublimation obtained from 

Clausius-Clapeyron plots are

A H ° i m  =  64.47 ±  0.36 kcal. mole- 1

(Knudsen experiments)

and

A ff°99o =  65.62 ±  0.52 kcal. mole- 1

(Langmuir experiments)

When corrected to 298°K. assuming A(7P =  —9.0 
cal. deg.- 1  mole-1 for the sublimation process, these 
heats are identical within experimental error, A H ° vm =
72.0 ±  3.0 kcal. mole- 1 . The small uncertainties are 
standard deviations of the experimental points from 
the straight line and do not include the uncertainties 
in the temperature, surface area, orifice cross section, 
and A C P values; a more realistic appraisal of the results 
suggests ± 3  kcal. mole- 1  as the possible error for the 
second-law heat of sublimation.

A  combination of the vapor pressure data with the 
free energy functions from Brewer, e t  a l . ,2 produces an 
average third-law heat of sublimation at 298 °K . of
73.3 ±  3.0 kcal. mole- 1 . Thus, A F I ° 2w =  72.6 ±
3.0 kcal. mole-1 is the selected sublimation energy for 
CdF2. P i  is always slightly lower than P k and from 
the ratio, P l/ P k , one concludes that ah, the Langmuir 
coefficient, is in the range 0.9-1.0.

Figure 1. Sublim ation  pressure o f cadm ium  fluoride.

The second-law entropies of sublimation obtained 
from Clausius-Clapeyron plots are

A/S°hs5 =  33.82 ±  0.07 e.u. (Knudsen experiments)

and

AjS ° 99o =  34.61 ±  0.10 e.u. (Langmuir experiments)

These values are in excellent agreement with the cor
responding values obtained from the data given by 
Brewer, et al.2 When corrected to 298°K ., the entropy 
of sublimation of CdF2, A<S°298 =  45.8 ±  0.5 e.u.

The heats and entropies of sublimation obtained by 
both methods are in satisfactory agreement when one 
considers the difficulty of maintaining isothermal con
ditions and of finding a nonreactive cell, along with the 
uncertainties in the thermodynamic functions. The 
results are also in reasonable agreement with the early 
work of Ruff and LeBoucher.1

The atomization energy of CdF2(g) may be calcu
lated from the heat of sublimation and other avail
able thermochemical data.7-9 One finds AH &°  =  158.6 
±  3 kcal. mole- 1  as compared with 153.2 given by 
Brewer, et al.,2 and thus an average C d-F bond energy 6 7 8 9

(6) R . P . Iczk ow sk i, J. L . M argrave , an d  S. M . R ob in son , J. P h ys . 
Chem ., 67, 229 (1963).
(7) G . N . L ew is and  M . R an d all, “ T h e rm o d y n a m ics ,”  rev ised  b y
K . S. P itzer  and  L . B rew er, 2nd  E d ., M cG ra w -H ill B o o k  C o., In c ., 
N ew  Y o rk , N . Y . ,  1961, p . 672.
(8) (a) R . P . Iczk o w sk i and  J. L . M argrave, J . Chem. P h ys ., 30, 403 
(1959) ; (b ) J. G . S tam per and  R . F . B arrow , Trans. Faraday Soc., 
54, 1592 (1958).
(9) E . R u d zitis , H . M . F eder, and  W . N . H u b b ard , J . P h ys. Chem., 
67, 2388 (1963).
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of 79.3 ±  1 kcal. mole- 1 . Herzberg10 and Gaydon11 12 
found the data on CdF(g) inadequate for establishing 
the dissociation energy. B y  comparison with the 
ratios D (M n-F)/ Affa° (MnF2) =  0.46,12 D (Cr-F)/ 
Ai/a° (CrF2) =  0.47,13 and the general conclusions from 
studies of group I I  and group IV  mono- and di
halides,14 15’16 one estimates D(Cd-F)/Al7a0(CdF2) =  0.46 
±  0.02 andD(Cd-F) =  73 ±  5 kcal. mole- 1 .
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(10) G . H erzberg, “ M olecu la r S pectra  and  M olecu la r  S tructure. I. 
S pectra  o f  D ia tom ic  M olecu les ,”  D . V a n  N ostra n d  C o ., In c ., N ew  
Y o rk , N . Y . ,  1950.
(11) A . G . G a y d on , “ D issocia tion  E n erg ies ,”  C hapm an  and H all, 
L td ., L o n d o n , 1953.
(12) R . A . K en t, T . C . E hlert, and  J. L . M a r g ra v e ,./ .  A m . Chem. Soc., 
86 , 5090 (1964).
(13) R . A . K e n t and  J. L . M argrave , t o  be published .
(14) G . D . B lue, J. W . G reen, T . C . E hlert, and  J. L . M argrave, 
N ature , 199, 804 (1963).
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The Relation between Electrochemical and 

Spectroscopic Properties of the Halide and 

Pseudohalide Ions in Solution

by E. Gusarsky and A. Treinin

D epartm ent o f  P h ysica l C hem istry, H ebrew  U niversity ,
Jerusalem , Israel (.Received M arch  10, 1965)

The reducing power of the halide and pseudohalide 
ions, as measured electro chemically, increases in the 
following order1 : F - , NCO- , C l- , N 3- , B r- , SC N - ,
I - , SeCN- , TeCN - . This sequence also should be 
reflected in the electronic spectra of the ions, especially 
in their charge-transfer-to-solvent (c.t.t.s.) bands which 
involve a kind of an oxidation-reduction process (the 
halide ions display only this type of excitation). Thus 
we expect a gradual shift of the c.t.t.s. band to longer 
wave lengths when proceeding along the series from 
F -  to TeCN - . This is actually the case for the halide 
ions.2 3 The c.t.t.s. band of N 3-  has been studied8 and 
though its Amax could not be exactly located it is prob

ably close to that of B r- . NCO-  appears to reach its 
peak in the vacuum ultraviolet spectrum.4 5 The spec
trum of SC N -  was first reported by Rabinowitch,6 who 
assigned the inflection in the 220-m/t region to a c.t.t.s. 
band with Amax 224 rn/i. No evidence was given to 
this assignment and it was recently stated that the 
peak actually lies in the vacuum ultraviolet spectrum.6 
The electronic spectra of SeCN-  and TeCN -  have not 
been reported before. We wish to report here some 
results concerning the spectra of SC N - , SeCN- , and 
TeCN -  and to show the relation between the electro
chemical and spectroscopic series.

Experimental
K N CS (C.p.) was twice recrystallized from ethanol 

and dried over CaCl2 in a vacuum desiccator. The sol
vents used were of Spectrograde quality and all other 
materials of Analar grade. Aqueous solutions of 
NaNCSe and NaNCTe were prepared by shaking Se 
and Te, respectively, in 10 - 1  M  NaCN solutions. 
Accurately weighed quantities of Se were dissolved 
(c a . 1  mg. in 50 ml.) whereas Te dissolved only slightly 
after long shaking and warming, so the concentration 
of TeCN -  could not be determined.

All of the spectra were taken with a Hilger Uvispek 
spectrophotomer in a thermostated cell compartment;
5-mm. silica cells were used. The sample differed 
from the reference solution only by containing ~ 2  X  
10 -4 mole/1. of the solute investigated.

Results and Discussion
Figure 1  shows some of the results obtained. There 

is a close resemblance between the spectra of the three 
anions, showing a gradual shift to long wave lengths as 
the electronegativity of the group V I atom decreases. 
In water they all display a long wave length “ shoulder”  
with a relatively high intensity, which is presumably 
due to the overlap of two electronic transitions. The 
properties of the long wave length band (A), as studied 
for SC N - , lead to its assignment to a c.t.t.s. origin. 
Thus, it appears to be sensitive to environmental 
effects and its response is of the same type as that of a 
c.t.t.s. band7: relative to H20  it is blue shifted by al
cohol and red shifted by CH3CN. A large red shift

(1) (a) L . B irck en bach  and K . K ellerm ann, B er., 58, 786 (1 92 5 ); 
(b ) G . R . L e v i and A . P erotti, Gazz. chim. ital., 8 8 , 640 (1958).
(2) F o r  recent da ta  see J. L . W eeks, G . M . A . C . M eabu rn , and  S. 
G ord on , R adiation  R es., 19, 559 (1963).
(3 ) I . B urak  and A . T reinin , J. Chem. P h ys ., 39 , 189 (1963).
(4) I . B u rak  and  A . T rein in , u n published  results.
(5) E . R ab in ow itch , Rev. M od . P h ys ., 14, 112 (1942).
(6) J. C . B arnes and  P . D a y , J . Chem. Soc., 3889 (1964).
(7) I .  B urak  and A . T reinin , Trans. Faraday Soc., 59, 1490 (1963).

The Journal of Physical Chemistry



Notes 3177

Figure 1. T h e  absorption  spectra  o f SO N  , SeC N  , 
and T e C N ~  (unless otherw ise stated, a t 2 5 °).

F igure 2. C orrelation  betw een  hvjm. 1  o f  X "  and th e 
decom position  v o lta g e  o f 0.1 M  K X  (fro m  F igure 3, ref. la ) .  
F o r  B r “  and I "  h v „mlL refers to  th e  low -energy band.

was also observed in liquid NH3.8 9 On the other hand, 
the overlapping band (on its short wave length side) 
appears to follow the regular blue shift with increase in 
polarity of the solvent. The c.t.t.s. nature of band A is 
also reflected in its relatively large temperature sen
sitivity (Figure 1). In CH3CN d (h v mKi) / d T  ~  24 
cm.- 1  deg.- 1 , which is close to that displayed by I  -  9) 
and in its being considerably blue shifted by adding 
sucrose and K F  to the aqueous solution.

When water is replaced by CH3CN, the c.t.t.s. band 
of I -  is red shifted by 3600 cm.- 1  and em»x is hardly 
affected. Assuming10 the same effect on SON-  we 
estimate the following data for its c.t.t.s. band in 
aqueous solution: h vmax =  5.75 e.v., €m.x 3500 M ~ l 
cm.- 1 . The position of this band can be also estimated 
from the spectra of the charge-transfer complexes.3

The data for some thiocyanate complexes seem to be in 
agreement with locating its c.t.t.s. band at about 220 
mju. Moreover, there is photochemical evidence that 
irradiation of SC N -  at 228 m/j leads to release of elec
trons to the solvent.4

Figure 2 shows the relation between the spectroscopic 
and electrochemical propertiesla of the halide and 
pseudohalide ions, X -  (h v max of the halides were taken 
from ref. 2; /¡vmax of SeCN-  and TeCN -  were estimated 
from Figure 1). The nearly linear relation should be 
considered only as an empirical result since the slope 
of the line is larger than 1. The proper correlation 
should take into account the dissociation energy of 
X 2, the solvation energy of X , and entropy effects. 
The proper slope was obtained for the halides when all 
these terms were taken into account.11 However, 
Figure 2 may be helpful for estimating the positions of 
the c.t.t.s. bands of other ions in this series.

From the energy of the c.t.t.s. band information can 
be derived about the electron affinity of the ion. The 
electron affinity of SCN had been determined by the 
magnetron technique12 13; the value obtained is 46 
kcal./mole. Since the hydration energy of SC N -  is 
close to that of B r-  and I , -13 this value seems to be too 
small to account for a c.t.t.s. band in the 220-m,u region, 
unless the corresponding transition leads to an excited 
SCN radical which is unlikely for the lowest energy 
band. Using the theoretical expression relating h vm«  
of a c.t.t.s. band to the radius of the ion14 and putting 
rscN- =  1-95 A .,15 we obtain E  ~  69 kcal., where E  is 
the vertical ionization potential of the ion. The dis
crepancy between this and the magnetron value is 
rather large and can be only partly due to the strain of 
the radical produced by the vertical process. For the 
halides the magnetron and c.t.t.s. results agree rather 
well. The origin of the discrepancy for SC N -  is not 
clear.

A c k n o w le d g m e n t . We gratefully acknowledge the 
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DA-91-591-EUC 3583).

(8) D . Shapira  and A . T rein in , un published  results.
(9 ) M . Sm ith  and M . C . R . S ym ons, Trans. Faraday Soc., 54, 338 
(1958).
(10) In  liqu id  N H s ( — 3 3 °) th e  c .t .t .s . ban ds o f b o th  ions are red 
sh ifted  b y  ~ 1 4 0 0  c m ._1 w ith  respect t o  their C H aC N  so lu tion s .8
(11) A . T rein in , P h .D . Thesis, H eb rew  U n iversity , Jerusalem , 1958.
(12) M . Page, A d va n ces  in  C h em istry  Series, N o . 36, A m erican  
C hem ical S ociety , W ash in gton , D . C ., 1962, p . 68.
(13) (a) D . F . G. M orris, J. Inorg . N u d . Chern., 6 , 295 (1 9 5 8 ) ; 
(b ) V . P . V asilev, et al., Zh. F iz. K h im ., 34 , 1763 (1960).
(14) G . Stein and A . T reinin , Trans. Faraday Soc., 55, 1086 (1959 ).
(15) K . B . Y atsim irsk i, Izv . A kad. N a u k  S SSR , Otd. K h im . N auk, 
398 (1948).
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Orientation in Pyridine-Iodine Complexes

by P. L. Kronick

The F ranklin  Institu te Research Laboratories, Chem istry D ivision, 
Philadelphia , P ennsylvan ia  19108  (Received M arch 15, 1965)

In solution, pyridine and iodine form a molecular 
complex with a blue-shifted iodine band and an un
usually high heat of formation ( — 8.0 kcal.).1 On the 
basis mostly of spectroscopic and thermodynamic 
properties, it is believed that the interaction between 
the donor and acceptor components in this complex 
involves the unpaired electrons on the nitrogen atom in 
pyridine. The simple 1 : 1  complex pyridine-iodine is 
believed to be not a 7r-complex but an n-complex.

When iodine is absorbed by solid poly(4-vinylpyri- 
dine) in fairly small amounts, an adduct is formed 
which resembles the pyridine-iodine solutions. Films 
of the adduct, for example, have the blue-shifted io
dine bands. Also, the system is reversible,2 desorbing 
iodine under high vacuum, but much more slowly 
than polystyrene-iodine. Because of similarities in 
chemical composition and in physical behavior be
tween iodine-poly(4-vinylpyridine) on one hand, and 
iodine-pyridine and 4-picoline solutions in aliphatic 
hydrocarbon solvents on the other, it seems likely that 
both should have similar structures.

The actual configuration in this type of complex, 
however, has been determined directly only for the 4- 
picoline-bromine crystal.3 As expected, the conforma
tion is not the same as that in benzene-halogen com
plexes in which the halogen molecules interact with the 
x-electrons of the benzene ring.4 5 In the complex with 
picoline, the halogen molecules interact specifically 
with the nitrogen atoms, forming linear arrays, the 
B r-B r-N  directions being inclined to the planes of the 
rings by 13 °. This angle of inclination may mean that 
crystal-ordering forces are operating in defining the 
complex in the crystal and raises the question whether 
the solid state configuration is at all comparable to that 
in amorphous phases. Some information about this 
question can be obtained from a measurement of the 
dichroism of the shifted iodine band in oriented poly- 
(4-vinylpyridine)-iodine films.

Experimental

Poly(4-vinylpyridine) was prepared by peroxide- 
initiated polymerization of 4-vinylpyridine. The poly
mer was dissolved in pyridine and cast as films. When 
peeled from the substrate and stretched, the films 
became negatively birefringent, the direction of

Figure 1. D ich roism  o f the sh ifted  iod ine absorption  
ban d  in oriented p o ly v in y lp y rid in e -iod in e  film.

greatest molecular polarizability being perpendicular 
to the direction of stretch. This behavior is to be 
expected from the simplest model of deformation of 
high polymers, the aromatic ring planes assuming 
orientations perpendicular to the direction of stretch; 
the main chains, parallel.6

Films of polyvinylpyridine are brittle and difficult 
to stretch. To facilitate uniform drawing for the di
chroism measurement, they were cast for support on 
a 5-mil polyethylene substrate, which itself showed no 
absorption in the near-ultraviolet region and did not 
absorb iodine. The thickness of the polyvinylpyridine 
layer was 1  to 10 p . The double films were then 
oriented by stretching. The complex was formed by 
exposing the oriented films to iodine vapor in the 
presence of air.

(1) C . R e id  and R . S. M u llik en , J . A m . Chem. Soc., 76, 3869 (1 95 4 ).
(2) S. B . M ainth ia , P . L . K ron ick , and  M . M . L abes, J . Chem. P h y s ., 
4 1 , 2206 (1964).
(3) O . Hassel, “ In vestiga tion  o f M olecu lar S tructures,”  U . S. D e p a rt 
m ent o f  C om m erce  O ffice o f  T ech n ica l Services, P u b lica tion  B oard  
R e p o rt  155,783 (1960).
(4) O . H assel and  K . O. Strom m e, A cta  Chem. Scand., 12, 1146 
(1 95 8 ); 13, 1781 (1959).
(5) R . D . A ndrew s, J. A p p l. P h ys ., 2 5 , 1223 (1954).
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The dichroism of the shifted iodine band was ob
served by vertically polarizing the two beams of a 
Bausch and Lomb 505 spectrophotometer with Glann 
polarizers and measuring the spectrum of the stretched 
film with the direction of stretch first parallel and then 
perpendicular to the polarization direction. The 
spectra are shown in Figure 1. It is seen that the ab
sorption intensity is strongest for light polarized in the 
direction of the stretch. The electronic transition of 
the iodine is 3n 0+ 12+, polarized perpendicular to
the molecular iodine axis.6 Thus the dichroic ratio 
E\\ / E ±  of 1.50 indicates that the axes of the iodine 
molecules are preferentially oriented perpendicular to 
the direction of stretch. Since the pyridine rings are 
also perpendicular to the molecular chains, the iodine 
molecules are parallel to the planes of the aromatic 
rings.

We were unable to measure directly the degree of 
orientation of the chains in the polyvinylpyridine 
part of the film because of interference from the poly
ethylene substrate both in the quartz-ultraviolet 
absorption spectrum and in the birefringence effect. 
The polyethylene film itself was stretched to a bire
fringence of 0.005, corresponding to 0.41 for (cos2 </>)av, 
the average orientation cosine, calculated from the 
expression (cos2 <f>)av =  2(An/An00) +  l/% using known 
parameters.7 This value in turn corresponds to a 
stretch ratio of 1.15 , both experimentally and theo
retically.7-8 The dichroic ratio of the CH2 rocking 
frequency in polyethylene with this stretch ratio7-9 
is the same as that for our shifted iodine band. Poly
vinylpyridine being essentially amorphous has a dif
ferent internal texture than polyethylene; yet it would 
seem that the polyvinylpyridine chains “ follow” 
the orientation of the polyethylene substrate, at least 
at low degrees of stretch.

These observations show that the iodine molecules 
interact strongly with the pyridine rings, taking up 
fixed orientations with their long axes parallel to the 
planes of the rings. The stability of the complex 
over that of the polystyrene complex is independent 
evidence of interaction with the nitrogen atom. Thus 
the iodine molecules may lie folded over the 
pyridine rings but parallel to the C4-N  direction; they 
may lie in arrays tending toward linear C4-N ~ I-I 
arrangements; or they may be perpendicular to C4-N. 
The symmetrical perpendicular arrangement gives, 
to a first approximation, zero overlap, not to be ex
pected in such a strong complex. Geometric considera
tions and the results for the picoline-bromine crystals3 
are more consistent with the linear model. None of 
these structures is consistent with the “ oblique model.” 1

A c k n o w le d g m e n t . The assistance of Mr. P. J. 
Hackett in determining the spectra is ^gratefully 
acknowledged.

(6) J. H am . J . A m . Chem. Soc., 76, 3886 (1954).
(7) R . S. S tein  and F . H . N orris, J . P olym er Set., 2 1 , 381 (1956).
(8) B . B au le, O . K ratk y , and R . T reer, Z . physik . Chem., 50B , 255 
(1941).
(9) M . C . T o b in  and M . J. C arrano, J. P olym er S ci., 2 4 , 93 (1957).

The Entropy of K 3Fe(CN) 6  and Fe(CN)63-(aq). 

Free Energy of Formation of Fe(CN)63-(aq) 

and FeiCNV-iaq)1

by R. H. Busey

Chem istry D iv ision , Oak R idge N ational L aboratory, Oak R idge , 
Tennessee (Received M arch  %5, 1966)

Hepler, e t  a l . ,2 give 63.4 ±  1.0 cal. deg.- 1  mole-1 
for the standard partial molal entropy of the ferricy- 
anide ion, Fe(CN)e3-(aq). This result was derived in 
the usual manner from their measurements of the heat 
of solution of K 3Fe(CN)« combined with other thermo
dynamic data available from the literature. For the 
entropy of K 3Fe(CN)6 required in the calculation, they 
used 100.4 cal. deg.- 1  mole- 1  and referred to heat 
capacity measurements of Stephenson and Morrow.3 
They apparently do not include, however, in the 
estimated uncertainty of ± 1 .0  cal. deg.- 1  mole- 1  in 
the entropy of Fe(CN)e3-(aq) the uncertainty attached 
by Stephenson and Morrow to their value for the en
tropy of K 3Fe(CN)3. The latter uncertainty is con
cerned with what portion of the magnetic entropy (R  
In 2 for the spin-paired 3d6 complex) exists below 15  °K .

More recently Watt, e t  a l .,*  determined calorimetri- 
cally the standard heat changes, AH ° ,  for the reactions

Fe3+(aq) +  6CN- (aq) =  Fe(CN)63 -(aq) (1)

Fe2+(aq) +  6CN- (aq) =  Fe(CN)64-(aq) (2)

These data were combined with appropriate entropy 
data from the literature, which included the above 
value for 52°(Fe(CN)63-(aq)), to obtain AF °  for each

(1) R esea rch  sponsored  b y  the U . S . A to m ic  E n ergy  C om m ission  
un der con tra c t  w ith  U n ion  C arbide  C orp .
(2) L . G . H ep ler, J. R . Sw eet, and  R . A . Jesser, J . A m . Chem. Soc., 
82 , 304 (1960).
(3) C . C . S tephen son  and  J. C . M o rro w , ibid., 78, 275 (1956).
(4) G . D . W a tt , J. J. Christensen, and  R . M . Iza tt, Inorg . Chem., 4 , 
220 (1965).
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reaction. It is the purpose of this note to show that 
data have existed in the literature since 1961 which 
may be employed to remove the major portion of the 
uncertainty in Stephenson and Morrow’s value for the 
entropy of K 3Fe(CN)6 and to present revised values 
for the thermodynamic properties of Fe(CN)63-(aq) 
and Fe(CN)64-(aq).

Stephenson and Morrow observed a small anomaly 
near 13 1  °K . in the low-temperature heat capacity of 
K 3Fe(CN)6. They considered the anomaly to be 
magnetic in nature because none was observed in their 
heat capacity measurements on diamagnetic K 3Co- 
(CN)e, which is isomorphous with the iron salt. Utiliz
ing the heat capacity of K 3Co(CN)6, they estimated 
that the anomaly extended over a temperature range 
of 100° and had an entropy of 0.9 ±  0.2 cal. deg.-1 
mole- 1  associated with the gradual transition. They 
give the entropy increase between 15 and 298.16°K. 
as 99.58 cal. deg.- 1  mole- 1  and add a Debye extrapola
tion estimate of 0.81 (exclusive of any magnetic en
tropy) for the interval 0 to 15 °K . to give 100.4 cal. 
deg.- 1  mole- 1  at 298.16°K. To indicate the uncer
tainty they attach to this value, a direct quotation from 
their paper is given: “ Since the Debye extrapolation 
ignores any magnetic contribution, an additional 
term may be necessary. We have suggested that this 
amounts to 0.5 cal. deg.- 1  mole- 1 ; its maximum could 
be 1.38 cal. deg.- 1  mole- 1 .”  (0.5 cal. deg.- 1  mole-1 
is the difference between the magnetic entropy and the 
estimated entropy associated with the anomaly: R  
In 2 — 0.9 =  0.5.) Unfortunately, at least two fre
quently used tabulations5’6 of thermodynamic proper
ties list the value 100.4 with no qualifying statement.

Gregor and Fritz7 have measured the heat capacity 
and magnetic susceptibility of K 3Fe(CN)6 from 0.6 to 
20 °K . Ohtsuka8 has also made adiabatic demagneti
zation measurements on K 3Fe(CN)6; his measurements 
extend to ~ 0 .2 °K . This latter investigation clearly 
demonstrates that the magnetic entropy of R  In 2 is 
fully developed at a temperature of a few degrees 
above 0°K . Using this information the revised value 
for the entropy of K 3Fe(CN)6 at 298.15°K. is calcu
lated to be: S%98.15 =  0.87 +  1.38 +  99.58 =  101.83 cal. 
deg.-1 mole- 1 . The heat capacity data of Gregor and 
Fritz from 5 to 15 °K . were joined smoothly to the data 
of Stephenson and Morrow above 15  °K . and extrapo
lated to 0°K . using the Debye T z law. The resulting 
curve was utilized to obtain the lattice entropy at 15  °K ., 
0.87 cal. deg.- 1  mole- 1 , exclusive of the magnetic 
entropy of R  In 2 =  1.38 cal. deg.- 1  mole- 1 . The 
entropy increase from 15 to 298.15°K., 99.58 cal. 
deg.- 1  mole- 1 , is Stephenson and Morrow’s result.3

There remains the question of the nature of the

anomaly near 13 1  °K . Although this is of no conse
quence to the thermodynamic properties under con
sideration, it is of interest to consider the possible 
origin of the anomaly. It is suggested that the anomaly 
is the result of a change in crystal structure due to a 
distortion of the octahedral anion and/or its orienta
tion in the crystal. The absence of a corresponding 
transition in K 3Co(CN)6 is not too surprising since, in 
spite of the close similarity of the room temperature 
crystal structures9’10 of the two compounds, there are 
other significant differences in their properties; e .g . ,  
the difference in the M -C stretching frequencies11 
reflects the stronger metal to cyanide bonding in the Co 
complex. Such crystal structure changes are not un
common among salts containing octahedral halide an
ions.12

The revised value for the standard partial molal 
entropy of Fe(CN)e3-(aq) becomes ¿ 2°(Fe(CN)63-(aq)) 
=  64.8 cal. deg.- 1 mole- 1  using the above revised 
value for the entropy of K 3Fe(CN)6 with the heat 
and free energy of solution data given by Hepler, e t  a l .2 
For reaction 1  Watt, e t  a l . ,4 have measured A H i °  =  
—70.14 kcal. mole- 1 . Using partial molal entropy 
values given by Latimer13 and 5 2 °(Fe(CN)63-(aq)) =
64.8 cal. deg.- 1 mole- 1 , the standard entropy and free 
energy changes are: A S i °  =  —34.3 cal. deg.- 1 mole-1 
and A F i °  =  —59.9 kcal. mole- 1 . The latter value 
combined with values for the standard free energy of 
formation of Fe3+(aq)14 and C N - (aq)13 gives the stan
dard free energy of formation of ferricyanide ion: 
AFf0(Fe(CN)63-(aq)) =  176.6 kcal. mole- 1 .

For reaction 2 Watt, e t  a l . ,4 measured AH 2°  =

(5) K . K . K e lle y  and  E . G . K in g , U . S. B ureau  o f  M in es  B u lletin  592, 
U . S. G overn m en t P rin tin g  Office, W ash in gton , D . C ., 1961.
(6) L andolt^ B om stein , “ F ahlenw erte u n d  F u n k tion en  aus P hysik , 
C hem ie, A stronom ie, G eop h ysik  u n d  T e ch n ic ,”  I I  B an d , 4 T eil, 
K a lorisch e  F ustandsgrossen, Springer-V erlag, B erlin , G ottingen , 
H eidelberg , 1961.
(7) L . V . G regor and  J. J . F ritz , J . A m . Chem. Soc., 83 , 2832 (1961). 
C ertain  statem en ts m ade in  th is  p a p er are erroneous or  m isleading 
because th e  authors m isqu ote  Stephenson and  M o r ro w ’s estim ate o f  
the e n trop y  associated  w ith  th e  heat ca p a city  a n om aly  near 1 3 1 °K . 
as 0 .09  ±  0 .02  instead o f  0 .9  ±  0 .2  ca l. d e g .-1  m o le -1 .
(8) T . O htsuka, J . P h ys . Soc. Japan, 16, 1549 (1961).
(9) N . A . C urry  and  W . A . R un cim an , A cta  C ryst., 12, 674 (1959).
(10) V . B ark h a tov  and H . Z h d an ov , A cta  Phyaicochim . U R S S , 16, 
123 (1942).

(11) S. M izu sh im a  and I . N akagaw a, K agaku  no R yd ik i, 10, 173 
(1956).
(12) R . H . B usey , R . B . B evan , Jr., and  R . A . G ilbert, J . P h ys . 
Chem., in  press.
(13) W . M . L atim er, “ O xidation  P oten tia ls ,”  2nd  E d ., P ren tice - 
H a ll, In c ., N ew  Y o rk , N . Y ., 1952.
(14) W . A . P a tr ick  and  W . E . T h om p son , J . A m . Chem . S oc., 7 5 ,
1184 (1953), g ive  fo r  the F e -F e 2 + cou ple , 0 .409 v . T h is  g ives 
AF’f ° (F e 2+(a q )) =  —18.86 kcal. m o le -1 . U sing —0.771 v . ls for
th e  F e2+- F e 8 + cou p le , A F |°(F e3+(a q )) =  —1.09 kca l. m o le -1 .
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— 85.77 kcal. mole- 1  and calculated A S 2°  for the reaction 
in order to obtain a value for A F 2° . For the entropy 
calculation they employed Latimer’s13 value for 
5 2°(C N - (aq)) and Hepler’s values for & °(F e 2+(aq))16 
and S2°(Fe(CN)64-(aq)).1 2 The latter value is based 
upon the standard oxidation potential for the ferro- 
cyanide-ferricyanide couple16 and Hepler’s2 values for 
& °(Fe(C N )63-(aq)) and the heat of oxidation of Fe- 
(CN)64-(aq) to Fe(CN)63-(aq) with Br2(l). As pointed 
out by Hepler, e t  a l.,2 this latter measurement is more 
uncertain than desired because of the slowness of the 
oxidation of Fe(CN)64-(aq) by Br2(l). Instead of 
calculating AF 2°  17 as done by Watt, e t  al., the observed 
AH2° =  —85.77 kcal. mole- 1  may be used to calculate 
a value for 5'2°(Fe(CN)64-(aq)), giving a result which 
should be better than that obtained by Hepler, e t  al., 
because this heat of reaction observation is superior 
to that obtained for the oxidation of Fe(CN)64-(aq) 
by Br2(l). Using —0.356 v .16 for the potential of the 
ferrocyanide-ferricyanide couple and AFf0(Fe(CN)63- 
(aq)) =  176.6 kcal. mole- 1  given above, there is ob
tained AFf°(Fe(CN)64-(aq)) =  168.4 kcal. mole- 1 . 
The standard free energy and entropy changes for re
action 2 then are calculated to be: A F \ ° =  —50.3 
kcal. mole- 1  and AS 2°  =  —119.0 cal. deg.- 1  mole- 1 . 
From the latter the partial molal entropy of the ferro- 
cyanide ion is calculated to be ¿’2°(Fe(CN)64-(aq)) =
24.0 cal. deg.- 1  mole- 1 . This may be compared to the 
value 18 .1 cal. deg.- 1  mole- 1  computed from data 
given by Hepler, e t  a l.,2 but using 101.8 cal. deg.-1 
mole- 1  for the entropy of K 3Fe(CN)6. Table I  sum
marizes the results derived.

Table I : T h erm odyn am ic P roperties o f  K 3F e (C N )6, 
F e ( C N V - ( a q ) ,  an d  F e (C N )64- (a q )  a t 298 .15°K .

A H  f ° , A S f ° , A F f ° , S °  o r  S t ° ,

k c a l. c a l. d e g .- 1 k c a l. c a l. d e g .“ ]
m o le  - 1 m o le “ 1 m o le - 1 m o le  - 1

K 3F e (C N )6(c ) 0 .7 - 9 5 . 8 - 2 7 . 9 1 0 1 .8
F e (C N )63- (a q ) 1 5 0 .6 - 8 7 . 2 1 7 6 .6 6 4 .8
F e (C N )e4_(a q ) 1 3 0 .2 - 1 2 8 . 0 1 6 8 .4 2 4 .0

Of primary importance to the above calculation of 
the thermodynamic properties of Fe(CN)64-(aq) is 
the value of the potential observed by Kolthoff and 
Tomiscek16 for the Fe(CN)64--Fe(CN)63- couple. 
A verification of this value has recently been obtained18 
which contradicts the suggestion by Hepler, e t  a l . ,2 
that the value of the potential may be quite uncertain. 
As emphasized by Hepler, e t  a l ., however, more reliable 
thermodynamic properties of Fe(CN)e4-(aq) may be

obtained by measuring the low-temperature heat 
capacity of ICFelUNVSHsO to obtain the third-law 
entropy and by combining this entropy with heat and 
free energy of solution results to get a more reliable
S2°(Fe(CN)64-(aq)).

(15) H . C . K o  and L . G . H epler, J . Chem. E ng. Data, 8 , 59 (1963).
(16) I . M . K o lth o ff  and W . J. T om iscek , J. P h ys. Chem., 39, 945 
(1935).

(17) T h is  com p u ted  AF20 is n o t  in d epen dent o f  the  va lue fo r  the  
p oten tia l o f  th e  F e (C N )6 4 --F e (C N )s 3 - cou ple  as im p lied  b y  W att, 
et al. In  th e  ca lcu la tion  th e y  used jS2° (F e (C N )6 4_(a q )) , an  en trop y 
va lue w hose d eriva tion 2 em p loyed  this poten tia l.
(18) J. Jordan and G . J. E w ing, In org . Chem ., 1, 587 (1932).

Revised Thermodynamic Properties of 

Aqueous Strontium Ion

by Richard M. Noyes

U niversity o f  Oregon, Eugene, Oregon, and M a x  P lanck  Institu t 
fü r  physikalische Chemie, Gottingen, G erm any  
{Received A p r il  18, 1965)

Dr. E. Glueckauf of the Atomic Energy Research 
Establishment at Harwell has called the author’s 
attention to an anomalous entropy of hydration of 
aqueous strontium ion reported previously.1 Exami
nation has revealed that this anomaly arises from a 
mistake in a listed value for the free energy of forma
tion of strontium vapor.

Both Bureau of Standards Circular No. 5002 and 
Latimer3 give 39.2 kcal./mole, 26.3 kcal./mole, and 
39.325 cal./mole deg. for A H t° ,  AF { ° ,  and S ° ,  respec
tively, for strontium vapor at 1 atm. fugacity and 25°. 
The entropy of the crystalline standard state at the 
same temperature is 13.0 cal./mole deg.

These entries are not internally consistent, and fur
ther correspondence has revealed that a mistake of 
about 5 kcal./mole was made in calculating the free 
energy of formation from the entropy and enthalpy 
data. Dr. Leo Brewer of the University of California 
has pointed out that corrected free energy values of 
about 31.2  kcal./mole may be found in two more recent 
compilations.4’5 Use of the corrected value significantly

(1) R . M . N oyes , J . A m . Chem. Soc., 84, 513 (1962).
(2) “ Selected  V alues o f  C h em ical T h erm od yn a m ic P roperties ,”  
N a tion a l B ureau o f S tandards C ircu lar 500, U . S. G overn m en t 
P rin tin g  O ffice, W ash in gton , D . C ., 1952.
(3) W . M . L atim er, “ T h e  O xidation  S tates o f  th e  E lem ents and their 
P oten tia ls  in  A qu eou s  S o lu tion s ,”  2nd E d ., P ren tice-H a ll, In c ., N ew  
Y o rk , N . Y „  1952.
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affects some of the previously estimated thermody
namic properties of aqueous strontium ion.

The entropy changes in ref. 1  were computed as 
( A H 0 — AF ° ) / T  in order to avoid an inconsistency as
sociated with the usual entropy convention for aqueous 
ions as discussed elsewhere.4 5 6 7 This calculation ac
centuated the effect of the error and led Dr. Glueckauf 
to notice the anomaly. Values of A F ° ei and AS°ei 
for the hydration of Sr2+ in Table I  of ref. 1  should be 
changed to —344.8 and —50.2, respectively. Although 
the entropy of hydration of strontium ion still seems 
surprisingly closer to that of calcium than of barium, 
the anomaly is certainly reduced to relatively minor 
proportions.

Entropy calculations in a subsequent paper did not 
use properties of strontium vapor and are not affected 
by this change. However, values for F °ei and eeff 
in Table I of ref. 7 should be changed to 241.8 and 2.430, 
respectively. The latter change is in the direction to 
make an even smoother curve when effective dielectric 
constant is plotted against radius for aqueous alkaline 
earth ions.

A c k n o w le d g m e n t . The author is deeply indebted to 
Dr. Glueckauf for calling his attention to a glaring 
discrepancy that should have disturbed him earlier and 
to Dr. Brewer for telling the author of more recent 
reference works that he should have checked. The 
work on properties of aqueous ions has been supported 
by a grant from the National Science Foundation. 
This manuscript was prepared at the Max Planck 
Institut fur physikalische Chemie while on a National 
Science Foundation Senior Postdoctoral Fellowship.

(4) D . R . Stu ll and  G . C . Sinke, “ T h erm od y n a m ic P roperties  o f  the 
E lem en ts,”  A m erican  C hem ical S ociety , W ash ington , D . C ., 1956.
(5) R . H u ltgren , R . L . Orr, P . D . A nderson , and  K . K . K elley , 
“ S elected V alues o f  T h erm od y n a m ic P roperties  o f  M eta ls  and  A l
lo y s ,”  John  W iley  and Sons, In c ., N ew  Y o rk , N . Y ., 1963.
(6) R . M . N oyes , J. Chem. Educ., 4 0 , 2, 116 (1963).
(7) R . M . N oyes , J. Am. Chem. Soc., 8 6 , 971 (1964).

Diffusion Coefficients of Iodine Atoms in 

Carbon Tetrachloride. A Correction

by Richard M. Noyes

University of Oregon, Eugene, Oregon, and Max Planck Institut 
fur physikalische Chemie, Gottingen, Germany 
(.Received April 12, 1965j

Levison and Noyes1 recently used a photochemical 
space intermittency technique to estimate that the

diffusion coefficients of iodine atoms in carbon tetra
chloride are 8.0 X  10 -6 and 11.8  X  10~6 cm.2/sec. at 
25 and 38°, respectively.

Professor R. H. Stokes of the University of New 
England in Armidale, New South Wales, has expressed 
his concern that these values are much larger than any 
that have been reliably reported for any stable species 
in the same medium. Although diffusion coefficients 
of free radicals have never before been measured in 
liquid phase, there seems no reason to expect them to be 
so greatly different from those of comparable stable 
species. The assumptions inherent in the experimental 
technique have therefore been re-examined.

The technique appears to be unexceptionable pro
vided the areas of illumination are sufficiently uniform 
and sufficiently sharply defined. Because of the finite 
size of the light source employed, the beams in the 
experiment lost resolution as they traversed the cell. 
A  somewhat elaborate mathematical technique was 
developed to correct for this situation if the beam re
mained of uniform intensity as it diverged. This 
assumption may be fairly reasonable for small beams 
but certainly fails for large beams where the chief 
effect of divergence is a fuzzing of the boundaries with
out affecting the intensity in the center. Such a 
fuzzing would cause atom concentrations in the large- 
beam experiments to be larger than they would be for 
homogeneous beams with the same area and same total 
incident light.

An examination of Figures 3 and 4 of the original 
reference1 indicates that the experimental points do not 
exactly fit the shape of the theoretical curve and that 
the divergence is in the direction of too high atom con
centrations with large beams. The original fit of these 
curves to the experimental points was designed to 
minimize deviations throughout the entire range of ob
servations. If the fitting is designed to emphasize the 
small beams only, the curves should be shifted to the 
left 0.14 and 0.17 log unit at 25 and 38°, respectively. 
Diffusion coefficients computed in this way are 4.2 X  
10 ~5 cm.2/sec. at 25° and 5.3 X 10~6 cm.2/sec. at 38°.

Although these values are still somewhat larger than 
might have been anticipated from the behavior of 
stable species, they are not sufficiently out of line to 
cast doubt on the basic validity of the method. The 
difficulties encountered in this case emphasize the need 
to use an intense virtual point source of light if photo
chemical space intermittency is to become a valuable 
technique.

These corrected diffusion coefficients are in better

(1) S. A . L evison  and  R . M . N oyes , J. Am. Chem. Soc., 86, 4525
(1964).
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agreement with values predicted by conventional 
equations for diffusion-controlled reactions.1 2 At least 
at 25°, the measured diffusion coefficient is still some
what larger than that predicted by the equation that 
treats an atom as a stationary sink in an isotropic con
tinuum; however, the discrepancy is not as large as it 
previously appeared to be.2

A c k n o w le d g m e n t . The original experimental work 
was carried out at the University of Oregon and was 
supported in part by the U. S. Atomic Energy Com
mission. The opportunity to discuss this situation 
with Professor Stokes was provided by a Fulbright 
award to visit the Victoria University of Wellington, 
New Zealand. The manuscript was prepared while 
on a National Science Foundation Senior Postdoctoral 
Fellowship at the Max Planck Institut fur physikal- 
ische Chemie.

(2 ) R . M . N oyes, J . A m . Chem. Soc., 86, 4529  (1964).

On the Role of Water in Electron-Transfer 

Reactions. I

by I. Ruff

Institute of Inorganic and Analytical Chemistry, L. Edtvds 
University, Budapest, Hungary (Received November 16, 1964)

The kinetic investigation of electron-transfer re
actions revealed, in general, that the high rate of these 
reactions could not be accredited simply to collisions of 
the reaction partn ers.2 Making use of the number of 
collisions per unit time, good agreement could be 
reached between calculated and experimental reaction 
rates by assuming relatively large ionic sizes.

Eyring and co-workers1 and Marcus3 explained 
electron transfer using a model which allowed electron 
transfer even when the reactants were separated from 
each other by a considerably larger distance than the 
sum of their respective ionic radii. Both theories 
have been based on the electrostatic properties of the 
more or less isolated activated complex.

In the present paper a new model is suggested to 
explain the velocity of electron-transfer reactions on 
the basis of tunnel effect, where more emphasis is 
laid on the properties of the solvent—particularly of 
water—than in the above-mentioned theories.

According to experience, the electron-transfer re
actions are first-order reactions in the involved ions.

Thus, the rate of reaction can be described in general 
by the equation

k T  (  E *  \
V =  — Xe e x p ( J  [ o x ]  [ r e d ]  (1 )

where v is the rate of exchange, k  is the Boltzmann 
constant, T  is the absolute temperature, h  is the Planck 
constant, %e gives the probability of the electron’s 
transfer in activated state to the other ion (the trans
mission coefficient of the electron), E *  is the energy of 
activation, R  is the universal gas constant, and [ox] 
and [red] are the concentrations of the lower and higher 
charged ions, respectively. Hence, to evaluate the 
rate constant

__ k T  (  E * \

(2)

Xe and E *  is to be determined theoretically.
I f  the Xe electron transmission coefficient is supposed 

to be the probability of the transfer of an electron 
through a potential barrier lying between the ions, 
then for the determination of Xe the shape of the 
barrier, its height, the distance of the two interacting 
ions, and the kinetic energy of the electron must be 
known. Some informations on these parameters can 
be gained through the following considerations.

It  is well known that only those ions are stable in 
solution for which the bonding energy of the attached 
electron falls between certain limits, determined by 
the nature of the solvent; e .g . , in water an electron 
cannot be bonded to an ion with an energy lower than 
the bond strength between an electron and a hydrogen 
atom dissolved in water. On the other hand, however, 
it cannot be bonded with an energy higher than the 
bond strength of an electron in the H20  molecule; 
otherwise, the solvent would suffer chemical decompo
sition. Thus, in water (at equilibrium conditions) 
only such ions can exist which have oxidation-reduction 
potential values confined to the

- 2 .4  v. <  a0 <  + 2 .10  v. (3)

range. The upper limit is given here by the thermo
dynamically calculated normal oxidation-reduction 
potential of the

H H+ +  e (I)

process, while the lower limit is given by that of the

(1 ) R . J . M arcu s, B . J. Zw olinski, an d  H . E yrin g , J . P h ys . Chem ., 
58 , 432 (1954 ), and  references therein.
(2) A . C . W a h l, Z . E lektrochem ., 64, 90 (1960).
(3 ) R . A . M a rcu s, J . Chem., P h ys . 24 , 966 (1 95 6 ); 2 6 , 867 (1 95 7 ); 
Can. J . Chem ., 3 7 , 155 (1 95 9 ); D iscussions Faraday Soc., 29 , 21 
(1 9 6 0 ); J . P h ys . Chem ., 67 , 853 (1963).
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H20  ^  OH +  H+ +  e (II)

process. In  the calculation of the potential of equi
librium II, the heat of hydratation of the OH radical 
was supposed to be zero4 5; thus this value was most 
probably too low. Using in the calculation the hy
dration energy of one hydrogen bridge, the men
tioned oxidation-reduction potential will be about 
— 2.4 v. (The origin of the potential scale is set by 
the normal potential corresponding to the

H2 ^  2H+ +  2e (III)

process.)
Thus, the energy of the electron bonded to the ion 

may cover a range of 4.5 e.v. Its position related to 
the relative energy levels of equilibria I  and I I  is ex
pressed by the normal oxidation-reduction potential.

These energy conditions are plotted schematically 
in Figure 1. The “ donor”  level represents here the 
state of the very electron which is attached by smallest 
energy to the ion with lower charge, i . e . ,  the state of 
the electron which is involved in the exchange. The 
“ acceptor”  level is, on the other hand, the lowest, yet un
filled energy level of the ion with higher charge. These 
two states are energetically equivalent since they refer 
to two ions of the same element, being in different 
states of oxidation.

A one-direction exchange means the transfer of an 
electron from the donor level to the acceptor level. 
This can happen in one of the following ways.

(1) A hydrogen atom is formed and it “ transports”  
the electron to the acceptor level if the energy of acti
vation is larger than (or equal to) the difference be
tween the donor state and the bond energy of the elec
tron attached to the hydrogen atom, which is repre
sented by the upper horizontal line. This electron 
transport may run, however, faster than determined by 
the diffusion velocity of the hydrogen atom since the 
electron can go from hydrogen atom to hydrogen atom 
also by tunnel effect. This is so because the exchange 
reactions are carried out generally in strong acidic 
solutions, where the mutual distance of hydrogen ions 
is a few Angstroms. Hence, in this case, the electron 
moves “ quasi-free”  up to the acceptor ion in the 
nearly periodic potential field of the hydrogen ions.

According to another theory,6 the “ free”  electron 
bound to a proton may move with the Grotthus mech
anism. This mechanism is supported by the experi
mental fact that the Fe(II)-Fe(III) exchange proceeds 
in ice too, and the process is not diffusion controlled.6

(2) I f  the energy of activation is smaller than E °  
(see Figure 1), then the kinetic energy of the electron 
(which is regarded approximately equal to the acti-

P o s it io n  co o rd in a te .

Figure 1.

vation energy) is not sufficient to overcome the barrier. 
In this case it can reach the acceptor ion only with the 
aid of the tunnel effect.

Utilizing these ideas one can determine the param
eters of the potential barrier opposing the exchange re
action. The shape of the barrier is in close approxi
mation rectangular (dotted line in the figure); its 
height is given by

E °  =  2.10 -  E 0 e.v. (4)

where E 0 is the energy corresponding to the oxidation- 
reduction potential. Thus, to describe the passage 
of an electron through the rectangular potential, 
we can use the Gamow equation

Xe — exp^—‘̂ d \ //2 m ( E °  — E * ) ^  (5)

where m is the mass of the electron and d  is the width 
of the barrier. Since the donor ion will be activated, 
quite independently of its distance from the other 
reactant, electron transfer is possible at all values of
d . Therefore, in a 1  M  solution (with respect to both 
ions) an average value for d  (9.4 A.) may be used in the 
calculation of the resultant reaction rate.

In order to calculate the %e transmission coefficient 
and in consequence to determine theoretically the K  
rate constant defined by eq. 2, it would be necessary 
to calculate E * ,  in addition to the above parameters.

E *  is, according to the Frank-Condon principle, the 
thermal energy which is necessary for the rearrange
ment of water molecules caused by the new charge 
distribution due to the electron transfer.1 One can 
imagine this fact as follows: the electron can leave

(4) W . M . L atim er, “ O x idation  P oten tia ls ,”  P ren tice  H a ll, I n c . , 
N e w  Y o rk , N . Y . ,  1953.
(5) R . A . H o m e  and  E . H . A xe lrod , J . Chem. P h y s ., 4 0 ,1 5 1 8  (1 9 6 4 ).
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T a b le  I

S y s te m E*, k c a l ./m o le Eo, V.“
lo g  (

A E  X 10«, e rg s  \
hT \ /
—  X e I, c a lc d . lo g  (

fhT \
— Xe ), e x p t l.

R e f .

E lectron-transfer reactions
V ( I I ) - V ( I I I ) 1 3 .2 0 .2 5 2 0 .5 8 . 1 7 .6 6
C e (I I I ) -C e ( I V ) 7 .7 - 1 . 6 1 5 4 .0 5 .1 4 .1 c

H ole-transfer reactions
C o (en )32 +-C o (  en )33 + 1 4 .3 ~ - 0 . 1 ~ 2 7 ~  7 6 .4 c
V ( I I I ) - V ( I V ) 1 0 .7 - 0 . 3 3 2 6 .0 7 .5 7 .6 c
F e ( I I ) -F e (I I I ) 9 .9 - 0 . 7 7 1 9 .5 8 . 2 7 .8 c
N p (V ) -N p (V I ) 8 .3 - 1 . 1 5 1 4 .6 8 . 8 8 . 1 d
T 1 (I )-T 1 (II I ) 1 2 .1 - 1 . 2 5 1 0 .4 6 .0 6 .0 c
F e (C N )64- -F e (C N )6 3- 4 .7 - 0 . 3 6 1 8 .2 8 .3 6 .3 C f
M n ( V I  ) -M n (  Y I I  ) 1 0 .5 - 0 . 5 6 9 .4 9 .6 1 0 .0 ' f
C e (I I I ) -C e ( I V ) 2 3 .0 - 1 . 6 1 - 3 . 0 1 8 .2 c
C o ( I I ) -C o ( I I I ) 2 1 . 6 - 1 . 8 1 - 5 . 5 . . . 1 6 .7 9

See ref. 4. 6 K . V . K rishn am u rty  and  A . C . W ah l, J. Am . Chem. Soc., 80, 5921 (1958). 0 See ref. 1. d D . C ohen, J. C . Sullivan,
and  J. C . H indm an, J. Am . Chem. Soc., 76, 552 (1954). '  R eca lcu la ted  to  th e p H  o f  th e  k in etic m easurem ents. /  See ref. 2. " J. 
Shankar and B . C . de Souza, J. Inorg. Nucl. Chem., 24, 693 (1963).

the ion with smaller charge only if the thermal excitation 
had already removed the ligands from its first coordi
nation sphere to a distance corresponding to the com
plex of the ion with higher charge. Thus, an excitation 
of the ligands producing valence vibrations is the re
quired condition for electron transfer.

The calculation of E *  is, however, in this way very 
problematic because, generally, the corresponding 
bond energies and force constants are unknown though 
the applicability of the described model can be con
trolled by comparing the observed Xe-values with the 
data calculated by the combination of (5) and the 
measured E *  values.

Up to this point only the upper limits of the possible 
donor-energy values have been considered. The 
electron transfer, however, can be envisaged in another 
way, too. This happens namely if the electron is 
excited from the level corresponding to process I I  
(represented in the figure by the lower horizontal 
line) to the acceptor state, whereas the appropriate 
amount of activation energy must be yielded. An 
H20 +  molecule, an electron deficiency (a hole), is 
created in this process, which can move comparatively 
fast to the donor state in the periodic potential field 
of the water molecules. When arriving at the donor, 
the hole recombines with its electron. As in the ex
ample of electron transfer, the hole can reach the ac
ceptor level only by tunnel effect if the excitation 
energy is smaller than the difference between the con
sidered state and the energy corresponding to the 
process II. (From the point of view of the electron,

the acceptor level is a donor level.) The circum
stances are in this case completely analogous to that 
of the electron tunneling with the only deviation that 
now

E °  — 2.4 — E o  e.v. (6)

(Taking into account the hole, the energy scale is now 
reversed, and hence the opposite sign of the original 
E o  —  2.4 term.)

According to the cited principles, two ways are 
available for every electron-transfer reaction: one by 
“ electron transfer”  and another by “ hole transfer.”  
The two ways of reaction are parallel, and therefore 
the rate-determining process is the faster one. One 
can thus admit that the electron-transfer reactions 
take place mainly by “hole transfer”  if the ion pair has 
a smaller normal oxidation-reduction potential than 
about —0.1 v., and they occur mainly by “ electron 
transfer”  if the oxidation-reduction potential of the 
partners is higher than this value.

If, however, it turns out that in the different modes 
of reaction the smaller probability of tunneling is 
coupled with lower energy of activation and the 
larger probability with the higher one, then it may 
happen that the two rates of reaction are commensu
rable (see eq. 1) and so may be observed experimentally. 
This is the case, for example, in the Ce(III)-Ce(IY) 
exchange reaction.1

The pH dependence of the reactions has two reasons.
(1) The change in pH of the solution may result in 
a change of the coordination sphere of the reactants
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( e .g . , hydrolysis), thus causing a deviation in the 
Franck-Condon restriction by the change of the force 
constants; this means a change of the activation energy. 
Thus, the reaction order in hydrogen ion is governed 
by coordination chemical laws. These reasons are 
responsible for the pH dependence of the C e(III)- 
Ce(IV) reaction, proceeding by hole transfer. (2) 
The limits of the potential in reactions I and II  are 
also pH dependent, and thus another “ slight”  pH 
dependence can be observed6 (eq. 5). This later phe
nomenon was taken into account in calculating the 
Mn0 4 2_-M n 0 4_ and Fe(CN)64~-Fe(CN)63_ systems. 
When both effects are significant, their separation is 
very difficult. .

In Table I  the log ( x e k T / h )  values calculated with the 
aid of (5) according to the described method are com
pared with the measured values of the action constant. 
(For the calculation of the observed action constant, 
the experimentally obtained values of the entropy of 
activation were used.) In some exchange reactions,
e .g . , U(IV)-U(VI), the agreement between calculated 
and observed values seems to be poor. The explanation 
for it is that these ions preferably form polynuclear 
hydroxy complexes, and therefore the OH-  bridges 
existing between the reactants are involved in the 
electron transfer.

The Ce(III)-Ce(IV) and Co(II)-Co(III) hole-trans
fer reactions unfold an interesting fact. According to 
experience here Xe >  1- Up to Eyring’s theory about 
the rate of reaction

Xe =  e x P ^ T  ( 7 )

where AS* is the entropy difference due to activation. 
Positive AS* means that the degrees of freedom of the 
activated complex grow larger. According to the model 
suggested in the present paper, this is obvious. The 
activation energy belonging to the mentioned ex
change reaction happening by hole transfer is namely 
higher than E ° , which refers to a “ free”  hole. The 
increase in the degrees of freedom is thus reasonable.

Regarding the figures collected in the table, we have 
to remark that, when a reaction proceeds by two-elec
tron transfer, the probability of the simultaneous 
tunneling of two electrons is given by the square of 
the single electron's transfer probability. The T1(I)- 
T l(III) exchange was calculated on this basis.

(6 ) I . R u ff, A cta  Chim , Acad . S ci. H ung., in  press.

Electron Trapping in Rigid 

Ethanol-Methyl-2-tetrahydrofuran Mixtures

by L. Shields

D epartm ent o f  P hysica l Chem istry, The U niversity o f  Leeds, L eeds 2, 
E ngland  (.Received January 28, 1965)

Color centers produced by ionizing radiation in 
rigid organic solvents have been assigned to trapped 
or solvated electrons1’2 although the latter term im
plies the orientation of solvent molecules to an unrealiz
able extent. The trapped electron bands are solvent 
dependent having less energy in methyl-2-tetrahydro- 
furan (MTHF) than in alcohols1 ; in this respect they 
resemble the optical absorption bands of solvated 
halide anions which are shifted to low energies in low 
polarity solvents.3 In mixed solvents the halide bands, 
ascribed to charge-transfer-to-solvent transitions,4’6 
move continuously, but not uniformly, with mole 
fraction of either solvent between the limits set by the 
bands in each pure solvent. These observations are 
interpreted in terms of a continuous interchange of 
solvent molecules between the solvation shell and the 
bulk solvent, thus allowing for the continuous varia
tion of the solvation shell with solvent composition. 
The nonuniformity of the shift is attributed to preferen
tial solvation by the more polar solvents, particularly 
those solvents containing hydroxyl groups. The effect 
of solvent composition on the trapped electron band in 
relation to the solvation spectra of halide ions in mixed 
solvents should test the application of the term “ sol
vated”  electrons to these color centers.

The nature of trapping sites in vitreous ethers and 
alcohols has been discussed.1 In the former, electrons 
are trapped in relatively large holes, and in vitreous 
alcohols the electric field of the electron is sufficient 
to align the hydroxyl dipole of the peripheral layer of 
molecules and thereby further confine and stabilize 
the electron. Following from a simple description for 
the electron trapped in a spherical potential well, it 
can be shown that the optical band energy is governed 
by cavity size which is solvent dependent. The

(1) M . J. B landam er, L . Shields, and  M . C . R . S ym ons, J. Chem . 
Soc., 1127 (1965).
(2) W . H . H am ill, J. P . G u arin o, and M . R . R on a yn e , J . A m . Chem . 
Soc., 84, 500 (1962) ; 8 4 ,4 2 3 0  (1 96 2 ); R adiation  R es., 1 7 ,3 7 9 (1 9 6 2 ) .
(3) M . J. B landam er, T . R . G riffiths, L . Shields, and M . C . R . 
Sym ons, Trans. Faraday Soc., 60, 1524 (1964).
(4) M . Sm ith  and  M . C . R . S ym ons, D iscussions Faraday Soc., 2 4 , 
206 (1956).
(5) T . R . G riffiths and M . C . R . S ym ons, Trans. F araday Soc., 5 6 , 
1125 (1960).
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electrons possess less kinetic energy, but less stability 
through polarization, in large cavities.

Experimental
The procedure for recording optical spectra of glasses 

in the region of 77°K . has been described.6
Color centers were produced by subjecting vitreous 

mixtures of M TH F and ethanol, purified by standard 
distillation techniques, to y-rays from a Co60 source.

Electron spin resonance (e.s.r.) measurements were 
made at 9.4 kMc./sec.

Results and Discussion
The band at c a . 18,000 cm.- 1  assigned to the elec

tron trapped in ethanol (extern) is retained in solvent 
mixtures containing as little as 0.15 mole fraction of 
ethanol. This band is observed as an absorption 
maximum on a rising absorption due to light scattering 
and the absorption of the molecular free radical1

Absorbance

F igure 1. O ptica l absorption  o f  irradiated m ixture o f 
m eth y l-2 -tetrahydrofuran -ethan ol. M o le  fraction  o f  eth anol: 
(1 )  0.33, (2 )  0 .29, (3 )  0.23, (4 )  0 .15, and (5 )  0.09.

Absorbance 
Arbitrary Units

Figure 2. O ptica l absorption  spectra o f  irradiated 
m ixture o f  m ethy l-2 -tetrahydrofuran -ethan ol at 77 °K . 
and  w arm ed to  77 +  5 ° K ,  77 +  1 0 °K ., 77 +  1 5 °K ., 
and 77 +  3 0 °K . M o le  fraction  o f  ethanol 0.23.

F igure 3. E .s.r. spectra o f  irradiated m ixture o f  ethanol and 
m ethyl-2 -tetrahydrofuran  at 7 7 °K . M o le  fraction  o f  ethanol
0 .45 : ( a ) ----------- b efore  bleaching a n d -------------after bleaching;
(b )  difference spectrum . H „ is th e field fo r  w hich  g =  2.0023.

(Figures 1  and 2). The e_EtoH band is extinguished 
in mixtures containing less than 0.15 mole fraction of 
ethanol and replaced by the band (8000 cm.- 1 ) of the 
trapped electron in a methyl-2-tetrahydrofuran en
vironment (e—2 m t h f ) .  Within the composition range 
0.15 to 0.35 mole fraction of ethanol the optical bands 
characteristic of electrons trapped in the pure solvents 
coexist (Figure 1).

Associated with the optical band at 8000 cm.- 1  
is a narrow e.s.r. absorption line which is in evidence 
in the e.s.r. spectra of the irradiated solvent mixtures 
supporting both species e- EtoH and e 2mthf. The 
broad e.s.r. line of e- EtoH is less evident in these systems 
but preponderates in mixtures containing greater than 
0.4 mole fraction of ethanol (Figure 3 and Table I).

The coexistence of the e 2mthf and e~EtoH bands in 
certain solvent mixtures indicates that the two trapping 
sites are different in kind and not just different in the

T a b le  I : E .s.r. Characteristics A ssociated  w ith  th e C olor 
C enter in  V itreous E th a n ol-M eth y l-2 -tetra h yd rofu ra n  
M ixtures a t 7 7 °K .“

M o le  fr a c t io n  o f e th a n o l A H m s , g a u ss

0 .0 , 0 .1 5 , 0 .2 5 , 0 .2 9 , 0 .3 3 5 ±  1
0 .3 7 7 ±  1
0 .4 0 12 ±  1
0 .4 5 10 ±  1
1 .0 14 ±  1

° T h e  g fa c to r  fo r  th e lines was 2.001 ±  0.001. b A//ms is the 
line w idth  betw een  positions o f  m axim u m  slope.

(6) F . S. D a in to n  and  G . A . Salm on, P roc . R oy. Soc. (L o n d o n ), A28S, 
319 (1965).
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degree of confinement or dielectric properties. Unlike 
the solvated halide ions, the solvation shell of the 
trapped electron cannot interchange solvent molecules 
with the bulk solvent. Consequently, the band 
positions do not reflect the bulk solvent composition. 
The orientation of O-H bonds serves to differentiate 
in kind the electron trapped in an ethanol from a 
methyl-2-tetrahydrofuran environment. Although no 
phase separation was evident, the mixtures might 
separate into domains of pure ether and ethanol 
character, in which case no specific difference in the 
kind of electron traps existing in rigid ethanol and 
methyl-2-tetrahydrofuran could be inferred.

A  mixture showing the near-infrared band, together 
with an intermediate absorption, showed the relative 
stability of the latter subject to heating (Figure 2). 
Electrons trapped in mixed ethanol and ether environ
ments would be responsible for the intermediate optical 
(and e.s.r.) absorptions, which correspond to deeper 
potential traps than those provided by pure ether.

A c k n o w le d g m e n t . The author thanks Professor F. S- 
Dainton for helpful discussions and colleagues at the 
Cookridge Radiation Research Institute for experi
mental assistance. This work was done during tenure 
of a Brotherton Research Fellowship of the University 
of Leeds.

Refractive Index Dispersion in Equine 

Hemoglobin Solutions1  2 3 4 5 6 7

by W. H. Orttung and J .  Warner

D epartm ent o f  C hem istry, U niversity o f  C alifornia , R iverside, 
C alifornia  92502  (.Received F ebruary 18, 1965)

Refractive index dispersion has been measured for 
several globular proteins in solution,2-4 but the avail
able data on hemoglobin6-7 do not include wave length 
dependence. The data reported here were taken to 
complement Kerr effect optical dispersion studies,8 
but appear to be of some intrinsic interest, not only 
because regions of heme absorption are spanned, but 
also because hemoglobin is more a-helical than most 
other globular proteins. The refractive indices of 
dilute solutions of horse met- and oxyhemoglobin 
were measured in the 500-700-mg range using a Brice- 
Phoenix differential refraetometer9 10 modified by the 
addition of an Engis SO5-01 monochromator and tung
sten lamp. The contribution of the visible and near
ultraviolet spectrum to An / c  was calculated by the

Kramers-Kronig relation and subtracted from the 
data. The residual dispersion was normal, but con
siderably less than that of other nonheme globular 
proteins.

Experimental
Hemoglobin was prepared from freshly drawn 

horse blood run directly into iced saline citrate solution 
to prevent clotting. The cells were spun out, then re
suspended and washed five times with 1%  NaCl. 
The packed cells were hemolyzed with 0.5 vol. of cold 
water and 0.4 vol. of cold toluene. The pH was 
brought to 6.8 by bubbling a 4 :1  mixture of C 0 2 
and 0 2 through the slurry and then crystallization was 
allowed to proceed overnight. Most of the cell bodies 
were separated by centrifugation and one washing 
with cold water. Two recrystallizations were carried 
out by raising the pH to 7.4 with 1  M  K 2H P 04, adding 
a minimum amount of water to achieve solution, and 
centrifuging, with removal of more cell bodies. An 
equal volume of cold saturated (NH^SCh was then 
added for recrystallization. All steps were carried 
out at 0°. Methemoglobin was prepared from oxy
hemoglobin by ferricyanide oxidation according to 
Benesch, e t  a l . ,w and crystallized by dialysis against 
2 parts of 4 M  (NH^SCh and 1  part of 2 M  (NH4) r  
HPO4. Concentrated stock solutions of both oxy- and 
methemoglobin were prepared and dialyzed extensively 
against cold distilled water, the concentrations then 
being determined by evaporation to dryness at 110 ° . 
Dilutions of the stock solutions were made by weight 
with distilled water. Volume concentrations, c, in 
grams per milliliter, were calculated from weight 
fractions. The quality of the dilutions was monitored 
on a Cary 14 spectrophotometer.

Calibration of the refraetometer at 25° was carried 
out in a manner similar to that described previously.11

(1) T h is  in vestiga tion  w as su pported  in  part b y  P u b lic  H ea lth  
S ervice R esearch  G ran t G M 11683-01 from  th e  D iv is io n  o f  G en era l 
M e d ica l Sciences.
(2) G . E . P erlm ann  and L . G . L on gsw orth . J. A m . Chem . S oc., 70, 
2719 (1948).
(3) M . H alw er, C . G . N u ttin g , and  B . A . B rice , ib id ., 7 3 , 2786 
(1951).

(4) T . L . M cM e e k in , M . L . G roves , and  N . J. H ip p , A d va n ces  in  
C h em istry  Series, N o . 44, A m erican  C hem ical S ociety , W ash in g ton , 
D . C ., 1964, p . 54.

(5) J. L . S tod d a rd  and  G . S. A d air, J . B io l. Chem ., 5 7 , 437  (1 92 3 ).
(6 ) O . L a m m  and A . P ou lson , B iochem . J ., 30 , 528 (1936 ).
(7 ) A . R ossi-F an elli, E . A n ton in i, and  A . C a p u to , J . B io l. Chem ., 
236 , 391 (1961).

(8) W . H . O rttun g, J . A m . Chem. Soc., 8 7 , 924 (1965 ).
(9) P h oen ix  P recis ion  In stru m en t C o ., P h ilad elp h ia  4 0 , P a .
(10) R . B enesch , R . E . B enesch , an d  G . M a cd u ff, Science, 144, 68 
(1964).

(11) W . H . O rttun g, J . P h ys . Chem ., 6 7 , 1102 (1963 ).
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X, m/x.
500 550 600 650 700

Figure 1. R efra ctiv e  increm ents fo r  oxyh em og lob in  ( t o p )  and 
m ethem oglobin  (b o t to m ) solutions in  distilled  w ater a t 15°. 
A bsorption  peaks and h alf-w idths are in dicated  b y  the 
h orizon ta l lines be low  each  set o f  data. T h e  line 
th rou gh  each  set o f  poin ts is th e sum  o f  a  spectral 
and a residual con tribu tion , th e la tter being eq . 5.
T h e  concentrations, 108c, w ere as fo llow s : O, — 4.579,
• , —4.636, □ , — 10.031 fo r  oxyh em og lob in ; O, —4.537,
• , - 7 .1 5 9 ,  □ , - 7 .7 4 7 ,  O -, -1 0 .9 9 5 ,  and 0 ,  -1 4 .4 1 7  
for m ethem oglobin .

The calibration did not change significantly in cooling 
the refractometer to 15 °, the temperature at which 
data were taken. Values of An / c  at 15 °  are plotted 
vs. v =  1/X in Figure 1. (An  — n  —  no, where n  and 
n 0 are the refractive indices of solution and solvent.) 
The precision of the data is close to the limiting pre
cision of the apparatus.11

Calculations
For present purposes, the Kramers-Kronig relation12 

may be put into the form

(An/c) sp
2303 f  ” 

2 ir iM  P  J o

< v ' )
,/2 _ (1)

where e ( v ' )  is the molar extinction coefficient at v ' =  
1/X ', M  is the corresponding solute molecular weight, 
P  indicates the principal value of the integral, and 
(An/c)sp is the contribution of the absorption spectrum 
to An / c  at v. The spectra of met- and oxyhemo
globin from 250 to 700 m^13 were plotted vs. v. It was 
assumed that e corresponds to M  =  16,700. Each 
spectrum could be fitted by seven gaussian functions 
of the type

e ( r )  =  eoe- 4 1 n 2 ^ -  ( 2 )

the parameters of which are given in Table I. F itting 
of the spectra with gaussians is a mathematical step 
that simplifies the calculations; i . e . ,  if eq. 2 is substi
tuted in eq. 1, the following approximate result may be 
deduced14

(An/c)sp 2303cp 1̂  - ß i ( p -  n )2 

2tt’AM  vo ei!d t (3)

where /32 =  4 In 2/ y 2. For present purposes, eq. 3 is 
satisfactory for | (v  — vo)/y\ ^ 2. Far from regions of 
absorption, when |(r — v0)/y\  ^  2, eq. 1 and 2 become

(An/c)sp
2303eo y  1  
2 tr n M  2 V /În 2  r02 -  v1

(4)

The contributions of each of the seven gaussians to 
An/c were then calculated from eq. 3 and 4 and summed 
to obtain the total contribution for the spectral region 
250-700 rri/x. The calculated contribution was sub
tracted from the data of Figure 1  and the remainder 
was plotted vs. v2. A  straight line of the form

(An/c)exPti — (An/c)sp =  a  +  b X  10 ~ V  (5)

was fitted to the methemoglobin data by least squares, 
giving a  =  0 .1731 ±  0.0007 and 10 46 =  25.3 ±  2.4. 
A straight line with the same slope and a  =  0.1753 
could be drawn through the end regions of the oxy
hemoglobin data. The spectral contributions were then 
combined with eq. 5 and plotted in Figure 1 for com

(12) See, fo r  exam ple, L . D . L an d au  and  E . M . L ifsch itz , “ E lectro
d yn am ics  o f  C on tin u ou s  M e d ia ,”  A d d ison -W esley , R ead in g , M ass., 
1960.
(13) R . L em berg  an d  J. W . L egge, “ H em atin  C om p ou n d s and  B ile  
P igm en ts ,”  In terscien ce  Publishers, In c ., N e w  Y o r k , N . Y . ,  1949, p. 
749. T h e  data  rep orted  here are fo r  th e  hum an (o x y ) an d  o x  (m et) 
species, b u t  are in  sa tis fa ctory  agreem ent w ith  ou r ow n  C a ry  14 
m easurem ents on  horse h em oglob in  in  th e  vis ib le  region , as m igh t be 
exp ected  fro m  th e  fa c t  th a t  th e  spectrum  is insensitive t o  species 
d ifference fo r  th is m olecu le .
(14) G . E . P ak e  and  E . M . P urcell, P h y s . R ev., 74 , 1184 (1948).
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parison with the data. The agreement is good for 
methemoglobin, but there are noticeable deviations 
for oxyhemoglobin that are undoubtedly partly ex
plained by some monochromator slit width averaging 
of the peaks (2-mm. slits were used and the mono
chromator dispersion was 6.6 mg/mm.).

T a b le  I  : G aussian P it  o f  Spectra

X, m/i vo, cm.-1 y, cm. 1 eo

M eth em oglob in

630 15870 1060 4 .2
500 20000 4000 9 .5
406 24650 1400 125
388 25800 1300 30
369 27100 5400 2 7 .0
300 33300 5100 1 6 .0
265 37750 3200 3 1 .5

O xyh em oglobin

576 17355 550 1 6 .0
540 18540 1100 1 5 .0
450 22200 3200 1 1 .0
416 24050 1400 118
394 25400 1200 1 7 .0
349 28670 6200 2 8 .4
275 36363 4220 3 5 .8

Discussion

Earlier results2’3 gave 104 5b =  33-36 for other non
heme globular proteins, a significantly higher range 
than the hemoglobin results reported here. Far- 
ultraviolet or infrared transitions of the heme groups 
would cause greater dispersion in the visible and there
fore predict an opposite difference. The peptide 
chains must therefore be responsible for the difference 
observed.

Variations in amino acid composition were considered, 
but a rough calculation suggested that this effect would 
not account for the magnitude of the difference. A 
hypochromic effect in the 190-mg peptide band15 16'16 
was also considered (hemoglobin is considerably more 
a-helical than the other proteins), but the predicted 
reduction in slope was only a fraction of the observed 
difference. We have therefore observed a significantly 
lower dispersion in the globin as compared to other pro
teins that have been studied, but have not established 
a quantitative explanation.

(15) I .  T in o co , Jr., A . H a lp e m , an d  W . T . Simpson, in  “ P o lya m in o  
A cid s, P o lyp ep tid es , and  P ro te in s ,”  M . A . S tahm ann, E d ., U n iver
s ity  o f  W iscon sin  Press, M a d ison , W is., 1962, p . 157.
(16) K . R osen h eck  and  P . D o t y , P roc . N atl. A cad . S ci. U . S ., 47, 
1775 (1961 ).

Volum e-Energy Relations in  Liquids at 0°K . 

by A. A. Miller

General E lectric R esearch Laboratory, Schenectady, N ew  York  
(Received M arch 15, 1965 )

B y a special (nonlinear) extrapolation of measured 
liquid densities, Doolittle1 derived the relation, In 
Vo =  10/M , for the specific volumes of n-alkanes in 
the hypothetical liquid state at 0°K . These values 
were shown to agree with several earlier, independent 
estimates.1'2 Additional confirmation by more recent 
methods will be presented later.

For ethane, which consists of only two methyl groups, 
Vo =  1.396 cc./g. or 21.0 cc./mole of CH3. For the 
infinite polymethylene chain, v0 =  1.00 cc./g. or 14.0 
cc./mole of CH2. Comparison of these molar volumes 
shows that p0(H) =  7.0 cc./mole, with no contribution 
by the internal carbon atom. Thus, the minimum 
volume at 0 °K ., where (duE /dv)T =  0, can be attributed 
entirely to the attraction-repulsion of the peripheral 
H atoms. B y  comparison, the v a n  d e r  W a a l s  volumes 
are t>w(CH3) =  13.67, (CH2) =  10.23, (H) =  3.45, and

I
(-C-) =  3.33 cc./mole.3

I
The vaporization energy, e0, for the hypothetical 

liquid at 0°K . is given by the B  constant of the Frost- 
Kalkwarf vapor pressure equation: e0 =  — 2 .3 R B

cal./mole.4-6 Thodos and co-workers have reported 
the F - K  constants for saturated aliphatic,6 olefinic,7 
naphthenic,8 and aromatic9 hydrocarbons, and miscel
laneous compounds including C C I 4 .10 It  was shown 
that B  is an additive function of the chemical structure. 
For the n-alkanes,6 following ethane ( B  =  —1070°), the 
slope of the linear plot of B  vs. the number of carbon 
atoms gives AB  — —340“/methylene unit. Hence, 
e0(CH3) =  2.45 and e0(CH2) =  1.55 kcal./mole, and 
the ratio is 1.58, which is close to the ratio of the 
number of H atoms in the two groups. For the co
hesive energy densities, (e/ v )0 =  1 17  cal./cc. for CH3

(1) A . K . D o o little , J . A p p l. P h ys ., 22, 1471 (1951).
(2) A . P . M athew s, J . P h ys. Chem ., 20 , 554 (1916).
(3) A . B on d i, ibid., 68, 441 (1964).
(4) See E . A . M oelw yn -H u gh es , “ P h y sica l C h em istry ,”  P ergam on  
Press, In c ., N e w  Y o rk , N . Y ., 1961, p . 696 ff.
(5) A . A . M iller, J. P h ys . Chem., 68, 3900 (1964).
(6) N . E . S ondak  and G . T h od os , A .I .C h .E . J ., 2 , 347 (1956).
(7) C . H . Sm ith  and  G . T h od os , ibid., 6 , 569 (1960).
(8) G . J. P asek  and  G . T h od os , J . Chem. E ng. D ata, 7 , 21 (1962).
(9) D . L . B o n d  and G . T h od os , ibid., 5 , 288 (1960).
(10) E . C . R eyn es  and G . T h od os , In d . E ng. Chem. Fundam entals, 1, 
127 (1962).
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and 110  cal./cc. for CH2, using the Doolittle v<, values. 
B y  linear extrapolation of vaporization energy vs. 

liquid density plots, it was found earlier that (e/ v )o  ~  
1 17  cal./cc. for the C6 to Cu n-alkanes.6

The following new relationship between e0 and v0 
and the van der Waals constants a  and b is proposed

e0 =  ab/ v  o2 (1)

This originates from the equation e0 =  a '/ v 0, for a van 
der Waals liquid, 11 12 with the argument that the a ' 
applying at 0°K . and the van der Waals a  applying at 
the critical point are related as a 1 =  a (b / v B) .  It will 
be recalled that, in terms of the critical constants, 
a  =  27/t2T02/64Pc and b =  R T e/ S P c. B y  structural 
additivity, Thodos has derived a  and b values which 
give excellent agreement with the observed critical 
constants for olefinic, saturated aliphatic, naphthenic, 
and aromatic hydrocarbons. 12 B y  eq. 1, using the 
Thodos €o, a , and b values, we may compute v0.

Table I  compares several estimates of for n -  
alkanes. For the van der Waals rule, 2 v0 =  zcv0 
where z a =  ( P V / R T ) 0, the critical constants reported 
by Kobe and Lynn were used. 13 Although the methods 
of Riedel14 15 and Pitzer are similar, the latter’s equation16 17 

with reported “ acentric factors” 16 and critical densi
ties18 gives v0 values which are 5%  lower. After meth
ane, the other four methods show agreement to within 
2%. Above C8Hi3, however, v0 =  e w/M and eq. 1 
give diverging values, and for C20H42, v0 =  1.036 and 
0.976 cc./g., respectively. The zero-point volumes of 
the crystalline s o l id s 1’’  are 2 to 3%  lower than the values 
in the first column of Table I.

T a b le  I : Specific V olum es o f  n -A lkan e L iqu ids a t 0 °K .

e10/M (ab/ eo) V 2 ZCV0 Riedel14 Pitzer16

c h 4 1.88 1 .7 8 1 .7 5 1 .6 4
c 2h 6 1 .3 9 6 1 .4 0 1 .4 0 1 .3 3 5 1 .2 8
C 3H s 1 .2 5 6 1 .2 7 1 .2 6 1 .2 3 5 1 .1 7
c 4h 10 1 .1 8 9 1 .1 9 1.20 1 .1 8 0 1.12
C 6H i2 1 .1 5 0 1 .1 5 1 .1 6 1 .1 5 0 1 .0 9
c 6h 14 1 .1 2 3 1.12 1 .1 3 1 .1 3 0
c ,h 16 1 .1 0 5 1.10 1.10 1 .1 1 6 1 .0 5
c 8h 18 1 .0 9 2 1 .0 8 1.10 1 .1 0 5

The v0 values, computed by eq. 1, for four compact 
molecules with spheroidal symmetry, are compared in 
Table I I  with “ hard-core volumes,”  v * , derived by 
Flory and Abe from thermal expansion coefficients at 
25°.18 Based on Thodos’ e0-values, the cohesive energy 
density at 0°K . is compared with the Flory p *  energy 
parameter. 18

T a b le  I I :  V o lu m e-E n ergy  Param eters for 
Spheriodal M olecules

VO,
cc ./g .a

V*,
cc ./g .6

eo/vo,
cal./cc.

P *
ca l./cc .6 Ratio

C 6H 6 0 .8 8 0 0 .8 8 5 163 150 0 .9 2
C C k 0 .4 9 2 0 .4 8 5 146 136 0 .9 3
C-C6Hl2 0 .9 8 0 1.00 133 127 0 .9 5
C ( C H 3)4 1 .1 4 1 .1 9 102 95 0 .9 3

“ B y  eq. 1. b See ref. 18, a t 25°.

B y the van der Waals rule, v0 =  z cvc) and eq. 1, we 
obtain

eo(cal./mole) =  (0 .0 5 2 7 zo~ 4)P T c

It  may be noted, in passing, that if v0 =  z cv0, 6 =  
v^/S vo, rather than b =  i y  3, a well-known discrepancy 
in the van der Waals equation.

Discussion
The scope of the simple relation, e0 =  ab/ v02, requires 

further empirical examination, particularly since its 
theoretical basis is not immediately apparent.

The Frost-Kalkwarf vapor pressure equation, in a 
reduced form, has been shown to apply to a broad 
range of polar and nonpolar, organic and inorganic 
liquids, where hydrogen bonding is absent. 10’ 19 For 
such liquids, the empirical constants of the F - K  equa
tion can be calculated from a single reduced vapor pres
sure point. Thus, the critical pressure and tempera
ture and the normal boiling point, for example, are 
sufficient to define vQ v ia  eq. 1 and also va v ia  the van der 
Waals rule: vc =  (%R2VP0)1/2.

A thermochemical interpretation of the F - K  equa
tion, in terms of AH ° 0 and ACP, has been discussed. 20 
The present work, together with the e - p  relations re
ported previously,6 may be useful for deriving an 
alternate interpretation, with the liquid volume as an 
explicit parameter.

(11) See ref. 4, pp . 378, 379.
(12) G . T h od os , A l .C h .B . J ., 1, 165, 168 (1 95 5 ); 2 , 508 (1956) ; 3, 
428 (1957).
(13) K . A . K o b e  and  R . E . L yn n . Chem. Rev., 52, 117 (1953).
(14) L . R iedel, Chem. Ingr.-T ech ., 26, 257 (1954).
(15) See G . N . L ew is and  M . R andall, “ T h erm od y n a m ics ,”  M cG ra w - 
H ill B o o k  C o ., In c ., N ew  Y ork , N . Y „  1961, p. 621.
(16) K . S. P itzer, et cd., J . A m . Chem. Soc., 77, 3433 (1955).
(17) See A . B on d i, J . P h ys. Chem,., 58, 929 (1954), T a b le  V , eq. 2.
(18) P . J. F lo iy  and  A . A be , J. A m . Chem. Soc., 86, 3563 (1964).
(19) See D . G . M iller and G . T h od os , Ind . E ng. Chem. Fundam entals, 
2 , 78, 80 (1963), fo r  th e  reduced  F - K  eq u ation  in  term s o f the R iedel 
ctc-param eter.
(20) A . B o n d i and  R . B . M cC on a u gh y , P roc. A m . P etrol. In st., Sect. 
I l l ,  42, 40 (1962).
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X-Type Thermal Anomaly in 

Tetrauranium Enneaoxide at 348°K.

by Edgar F. Westrum, Jr ., Yoichi Takahashi,

D epartm ent o f  C hem istry, U niversity o f  M ich iga n ,
A n n  A rbor , M ich igan

and Fredrik Grpnvold

Chemical Institute A , U niversity o f  Oslo, B lindern , Oslo, N orw ay  
(Received M arch  17, 1965)

The contraction in the lattice constants of U 4 O 9  

between 293 and 359°K. observed by Gr0nvold1 and 
the divergence of the heat capacity2 above 270°K. 
from that of the structurally closely related triuranium 
heptaoxides3 led Westrum and Gr0 nvold3>4 to deduce 
the probable existence of a transition near 350°K. in 
this substance. Heat capacity measurements have 
subsequently revealed the reality of this predicted 
phenomenon.

Experimental

The preparation and characterization of the sample 
has been recorded. 2 Heat capacity measurements 
were made both in the Mark I I I  cryostat5 and, at higher 
temperatures, in the Mark IV 6 thermostat. In both 
instances the quasi-adiabatic technique was employed. 
The heat capacity of the 82.5-g. sample represented 
about 61 and 42% of the total in the cryostat and ther
mostat, respectively. All measurements were referred 
to calibrations or standardizations of the National 
Bureau of Standards.

The curvature corrected data obtained are presented 
in Table I in terms of the defined thermochemical 
calorie of 4.1840 joules and in chronological sequence 
so that the approximate temperature increments 
employed in the measurements may usually be deduced 
from the adjacent (mean) temperatures. The probable 
errors of the heat capacity and the derived thermo
dynamic functions are less than 0.1% . The data accord 
well with previous adiabatic heat capacity measure
ments on this sample made in another laboratory.2 

The enthalpy ( H ° m  — H ° MS.u )  and entropy (#S°4no — 
S ° 298.15) increments over the temperature range are 
9152 cal./g.f.m. and 28.04 cal./(g.f.m. °K .) based on 
the formula U 4 O 9 .

A  X-type thermal anomaly with a peak near 348°K. 
is apparent in Figure l .7 -11 I f  the heat capacity of 
the closely related «-UO2.33 phase (i.e., 1/ia-'UiOi) is 
used to represent the lattice (vibrational) heat capacity, 
the excess enthalpy of the transition in UO2.25 (i.e.,

T ab le  I  : H eat C a p a city  o f  T etrauranium  E nneaoxide“

T T C p T Cp
Series I 198 .05 5 5 .1 5 3 4 2 .3 2 8 4 .2

2 0 7 .0 7 5 6 .7 8 3 4 6 .0 9 8 6 .6
2 8 5 .0 4 6 8 .2 6 2 1 6 .3 7 5 8 .3 4
2 9 5 .2 6 6 9 .6 4 2 5 5 .0 9 6 4 .21 Series IV
3 0 0 .8 2 7 0 .5 9 2 6 1 .2 3 6 5 .0 6
3 0 3 .2 9 7 0 .8 9 306 .31 7 1 .4 6 3 4 3 .6 8 5 .3
3 0 8 .1 0 7 1 .6 3 3 1 1 .9 4 7 2 .6 6 3 4 6 .9 8 8 .1
3 1 3 .7 0 7 2 .9 6 3 1 7 .4 9 7 4 .01 3 4 7 .6 9 0 .0
3 19 .21 7 4 .7 6 3 2 2 .2 9 7 5 .4 5 3 4 9 .9 9 6 .2
3 2 9 .9 5 7 8 .5 1 3 5 1 .2 8 8 .1
3 3 5 .1 5 8 0 .6 Series I I I 3 5 4 .4 8 4 .4
3 4 0 .2 8 8 3 .2 3 5 7 .5 8 2 .0
3 4 5 .3 3 8 6 .7 3 0 9 .6 9 7 2 .1 2 3 6 2 .4 7 9 .4
3 4 9 .1 0 9 7 .0 3 1 5 .2 3 7 3 .4 9 3 6 7 .5 7 7 .5

3 2 1 .3 8 7 5 .1 4 3 7 5 .7 7 5 .4
Series I I 3 2 7 .4 4 7 6 .9 1 3 8 5 .0 7 5 .1

3 3 2 .7 0 7 9 .5 6 3 9 2 .5 7 5 .6
190 .02 5 3 .7 0 3 3 7 .8 6 8 1 .8 3 9 9 .2 7 6 .0

° U n its: cal., g .f.m ., ° K . ;  g.f,.m. o f U 4O 9 =  1096.3. Series I,
I I , and I I I  in  M a rk  I I I  cryosta t; series I V  in M a rk  IV  th erm o
stat.

V 4U4O9) between 240 and 390°K. aggregates to 150 
±  2  cal./g.f.m., and the corresponding entropy in
crement is 0.45 ±  0.01 cal./(g.f.m. °K.).

The mechanism of the transition is presumably of 
structural origin in view of the well-behaved para
magnetism of the oxide above the antiferro- to para
magnetic transition at 6 .4°K . 12 and up to 450°K .7 
The structure of U 4 O 9  is related to the fluorite-type 
structure of U 0 2, but with interstitial oxygen atoms. 13 
The resulting unit cell is cubic with quadrupled axial

(1) F . G r0n vold , J . Inorg . N ucl. Chem., 1, 357 (1955).
(2) D . W . O sborne, E . F. W estrum , Jr., and H . R . L oh r, J . A m . Chem. 
Soc., 79, 529 (1957).
(3) E . F . W estrum , Jr., and F . G r0n vold , J . P h ys. Chem. Solids, 23, 
39 (1962).
(4) E . F . W estrum , Jr., and  F . G r0n vold , “ T h erm od y n a m ics  o f  
N uclear M ateria ls ,”  In ternation al A to m ic  E n ergy  A g e n cy , V ien na , 
1 9 6 2 ,  p .  3 .

(5) E . F . W estru m , Jr., J . Chem. E duc., 3 9 , 443 (1962).
(6) J. C . T row brid g e  and  E . F . W estru m , Jr., J . P h ys . Chem ., 67, 
2381 (1963).
(7) E . F . W estru m , Jr., et a l., un published  data.
(8) G . E . M o o re  and  K . K . K elley , J . A m . Chem. Soc., 6 9 , 2105 
(1947).
(9) E . F . W estrum , Jr., and F . G r0n vold , ibid., 81 , 1777 (1959).
(10) M . M . P o p o v , G . L . G a l’ C henko, and  M . D . Senin, Z h. N eorgan. 
K h im ., 3 , 1734 (1958).
(11) W . M . Jones, J. G ord on , and  E . A. L on g , J . Chem. P h ys ., 20, 
695 (1952).
(12) M . J. M . L eask , L . E . J. R oberts , A . J. W alter, and  W . P . W olf, 
J . Chem. Soc., 4788 (1963).
(13) H . H ering  and P . P erio, B ull. soc. chim. France, 351 (1952).
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Figure 1. H eat capacity  o f  U 0 2.2s------O------com pared
w ith  data  on  th e sam e sam ple b y  O sborne, et a l . , ------□ ------, 2
and w ith  th at o f  U 0 2 ------▼----- ,7 -------------- ,8
a-XJ02.33 ' "  *G* — *,S /3-XJO2.33 “  * — • —,3 TJO2.66 
------ A------ ,9 ..............and UOa . , u ............. 8

dimensions compared to U 0 2 according to Belbeoch, 
e t  a l . ,1* and Willis,18 while Andresen16 indexed it as 
tetragonal with A  =  2 a  V §  and C  =  2 a . Placement 
of the interstitial oxygen atoms in the cubic interstices 
with eight oxygen atoms as nearest neighbors is clearly 
objectionable from a chemical point of view, and the 
thorough neutron diffraction study of single crystals 
of U4O9 by Willis15 has shown that incorporation of 
the interstitial oxygen atoms is accompanied by ejec
tion of about 10%  of the oxygen atoms from their 
positions in the fluorite-type structure. The interstitial 
and ejected oxygen atoms are located in the vicinity 
of the center of the cubic interstices, 60% of them 0.86
A. away along the (110) directions and 40% 1.05 A. 
away along the ( 1 1 1 )  directions. Although the de
tailed ordering of the interstitials has not yet been 
worked out, it is apparent that about half of the uranium 
atoms are formally present as U6+. Thus, a formula 
2U 02-U20 6 represents the situation better than 
3U 02-U 03.

At low temperatures an ordered arrangement of 
interstitial and displaced oxygen atoms is expected, 
which again results in an ordered distribution of the 
cations. It  seems tempting to relate the X-type 
thermal anomaly with an order-disorder process in
volving the interstitial and displaced oxygen atoms 
although no changes in the structure of U4O9 have yet 
been reported in this temperature region.

In the zeroth approximation, the extra oxygen atom 
in U4O9 may either be in a fixed position or randomly 
distributed over four positions, which, for U 0 2l26, 
would lead to an entropy increment of 1/ J l  In 4 or 
0.68 cal./(g.f.m. °K .). The actual situation is ap
parently much more complicated, in that different 
possible modes of ejecting the normal oxygen atoms 
tending to increase the entropy may exist, while the 
requirement of even distribution of U 4+ and U6+ will 
appreciably reduce the entropy. Detailed delineation 
of the structure is an obvious desideratum.

The thermal effect may be somewhat broadened by 
radiation damage to the sample accumulated over a 
10-year period at room temperature. Although repe
tition of the measurements after conditioning the sample 
at high temperature would test this point, a more 
thorough elimination of this possibility will be achieved 
by heat capacity measurements to 800°K. on a new 
sample at the University of Oslo.

A c k n o w le d g m e n t . The partial financial support of 
the U. S. Atomic Energy Commission is appreciated.

(14) B . B elbeoch , C . P iekarski, and  P . P erio , A cta  Cryst., 14, 837
(1961).
(15) B . T . M . W illis, J . phys. radium , 2 5 , 431 (1964).
(16) A . F . Andresen, E n larged  S ym p osiu m  on  R e a cto r  M aterials, 
S tock h olm , Sw eden, O ct. 1959.

Dissociation and Homoconjugation of Certain 

Phenols in Acetonitrile

by J .  F. Coetzee1 and G. R . Padmanabhan2

D epartm ent o f  Chem istry, U niversity o f  P ittsburgh, Pittsburgh, 
Pennsylvan ia  15218  (R eceived M a rch  25, 1965)

As compared to water, acetonitrile provides striking 
differentiation in the dissociation of Br0nsted acids, 
mainly as a result of the following three factors. (1) 
The proton-acceptor power of acetonitrile is smaller 
than that of water by five powers of ten, as given by its 
reaction with a reference acid of type BH +.3 Hence, 
the primary reaction of BreSnsted acids with the solvent, 
which is the first step in the over-all dissociation reac
tion

(1 ) A d dress  all corresp on den ce  t o  th is  author.
(2 ) F ro m  th e  P h .D . thesis o f  th is au th or, U n iversity  o f  P ittsburgh , 
1963.
(3) J. F . C oetzee  and  D . K . M cG u ire , J . P h ys . Chem ., 6 7 , 1810 
(1963 ).
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H B"+ +  S SH +B("~1)+ ^  SH+ +  B Cn-1)+

(1)

where n  can be positive, negative, or zero, is less com
plete in acetonitrile than in water. (2) The dielectric 
constant of acetonitrile (36.0) is smaller than that of 
water (78.5). Hence, for purely electrostatic reasons, 
as indicated by the Born equation, the second (dissocia
tion) step of reaction 1 will be more sensitive to varia
tions in the effective radii of the ions in acetonitrile 
than in water, particularly for acids with n  values other 
than + 1 .  (3) A  critical factor for acids with n  values
that are negative or zero is the limited capacity of 
acetonitrile to stabilize anions by hydrogen bonding. 
Consequently, subtle variations in the polarizability or 
other properties of the anion affect the equilibrium con
stant of reaction 1  much more markedly in acetonitrile 
than in water. In fact, certain anions derive stability 
by resorting to hydrogen bonding with undissociated 
acid, with the result that dissociation reactions such as 
the following occur.

2HB° +  S SH +B H B - SH+ +  BH B~ (2)

Considerable qualitative information is available on 
the differentiation of uncharged or anionic acids in 
acetonitrile, mainly from the results of empirical po- 
tentiometric titrations.2 However, quantitative infor
mation is lacking. The main exception is provided by 
the results of a conductometric and spectrophotometric 
study by Kolthoff, Bruckenstein, and Chantooni on 
hydrochloric, hydrobromic, nitric, sulfuric, and picric 
acids.4 In this communication we report the results 
of an exploratory potentiometric study of five phenols 
in acetonitrile. We have shown before that under prop
erly controlled conditions the glass electrode responds 
reversibly to hydrogen ion activity in anhydrous ace
tonitrile.6 The measurements reported here were 
carried out in a similar manner.

Experimental

Sohio acetonitrile was purified as described before.6 
Allied Chemical Co. C.p. phenol was used without fur
ther purification, The remaining phenols were re- 
crystallized and then dried i n  v a c u o  as indicated: 
Eastman White Label o-nitrophenol (from methanol, at 
25°) and p-nitrophenol (water, 50°); Fisher reagent 
grade 2,4-dinitrophenol (water, 40°); and Baker and 
Adamson picric acid (twice from acetone, 80°). Tetra- 
ethylammonium perchlorate and picrate were prepared 
as described before.6 Tetraethylammonium o-nitro- 
phenoxide and p-nitrophenoxide, and tetrabutylam- 
monium phenoxide and 2,4-dinitrophenoxide, were pre
pared by titrating the phenol with tetraalkylammo-

nium hydroxide, using a glass electrode to detect the 
equivalence point. The solutions were evaporated and 
then cooled in ice, and finally the salts were recrystal
lized from ethyl acetate and dried i n  v a c u o  at 40-50°.

M e a s u r e m e n ts . For each phenol the potential of a 
Beckman General Purpose No. 1190-80 glass electrode 
was measured in a series of 10 to 15  buffer solutions con
taining a constant concentration (5.0 X  10 ~4 M )  of 
phenoxide and varying concentrations (typically 2.5 
X  10 -4 to 5 X  10 - 1  M )  of the corresponding phenol, 
using the instrumentation described before.6 Absorb
ance measurements were made with a Beckman Model 
D B spectrophotometer, using a matched pair of silica 
cells (Beckman No. 46007). Further details are given 
in ref. 2.

Results and Discussion
The results obtained at 25° are presented in Tables 

I  and I I  and Figure 1. Equilibrium constants were 
calculated as described elsewhere for amines.7 The 
results in Table I I  lead to the following conclusions.

(1) All phenols tested, except picric acid, form rela
tively stable homoconjugate complexes, BH  • • • B - . 
In addition, unsubstituted phenol also forms a 2 : 1  
complex, (BH)2B _. The existence of such complexes 
is well established, even in the solid state,8 and their for
mation has been inferred from the shapes of titration

T a b le  I : S p ectrop hotom etric D eterm in ation  o f  F orm a tion  
C on stant o f  H om ocon ju g a te  C om plex  o f  o -N itrop h en ol 
in  A cetonitrile

Ch b “  C-B-b  [B-lmaasd'5 [B H B  “ ] 4 [ H B ] ‘  K t J

5 .0  x 1 0 -«  2 .0  X  10-« 1 .9  X  10-« 1 .2  X  10“ « 5 .0  X  10"* 130
5 . 0 X 1 0 - «  2 . 0 X 1 0 - «  1 . 3 X 1 0 - «  7 . 5 X 1 0 - «  5 . 0  X  10"* 119
5 .0  X  1 0 -2 2 .0  X  10-« 3 .1  X  10-» 1 .7  X  10"« 5 .0  X  10~2 109
5 .0  X  10-2 5 .0  X  10-«  8 .0  X  10"« 4 .2  X  10"* 5 .0  X  10"» 105

“  T o ta l (an a lytica l) m olar con centration  o f  o-n itroph enol. 
6 T o ta l m olar con centration  o f  tetraeth ylam m on ium  o -n itro - 
phenoxide. ‘  M easured b y  absorbance a t 452 my. B H B -  has 
absorption  m axim um  a t low er w ave  length. V a lid ity  o f  B eer ’ s 
law  established. d [B H B - ] =  C b -  — [B - ] measd* [H B ] =  
C h b  -  [B H B - ]. f  K m  =  [B H B - ] / [ B - ] [H B ], assum ing th a t 
/ b h b - / / b - / h b  ~  1. A verage va lu e  o f  1.1 X  102 assum ed.

(4 ) I . M . K o lth o ff , S. B ruck en stein , and  M . K . C h a n toon i, Jr., 
J . A m . Chem . Soc., 83 , 3927 (1961).
(5 ) J. F . C oetzee  and  G . R . P adm an abhan , J . P h y s . Chem.., 6 6 , 1708
(1 9 6 2 ) .
(6) J. F . C oetzee , G . P . C unn in gham , D . K . M cG u ire , and  G . R . 
P ad m an abh an , A n a l. Chem ., 3 4 , 1139 (1962 ).
(7 ) J. F . C oetzee  an d  G . R .  P ad m an abh an , J . A m . Chem . S oc., in 
press.
(8 ) D . H a d z i, A . N o v a k , and  J. E . G ord on , J . P h y s . Chem ., 67 , 1118
(1 9 6 3 ) .
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T ab le  I I :  F orm ation  C onstants o f  H om ocon ju g a te  C om plexes and A c id  D issociation  C onstants o f  Phenols in 
A cetonitrile  (A N )  a n d  W a ter (W )

Acid ( — P . K , , i ) a n (-piCf,2)AN“ (-p iff,i!)A N 6 (p E D a n ' (P-K»)wd Apifa'

Phenol 5 .7 6 2 6 .6 1 0 .00 1 6 .6
o-N itrophen ol 2 .0 0 / N on e 2 2 .0 7 .2 3 1 4 .S
p -N itroph en ol 3 .1 5 1 .7 8 4 .9 3 2 0 .7 7 .1 5 1 3 .5
2 ,4 -D in itrophen ol 2 .0 0 N on e 1 6 .0 4 .1 1 1 1 .9
2 ,4 ,6 -T rin itrophenol N on e 1 1 .0 " 0 .7 1 1 0 .3

“ R eferring to  reaction : B H B -  +  B H  ; ±  (B H )2B~". 6 R eferrin g to  over-a ll reaction : B ~  +  2 B H  ; ±  (B H )2B ~ . c F rom  m easure
m ents on  solutions contain ing 1.0 X  10 ~2 M  E t4N C 104 as w ell, add ed  to  m aintain  con stant ju n ction  p oten tia l C alcu lation s as described 
elsewhere fo r  am ines (ref. 7 ). d F rom  com pilation  in  R . A . R ob in son  and R . H . Stokes, “ E lectro ly te  S olu tion s,”  B u tterw orth s and 
C o. L td ., L on don , 1959. 6 A p X a =  (p TLOan — (p-Ka)w. /  V alue from  T a b le  I :  2.04. E stim ated  uncerta in ty  in  p K  va lu es: ± 0 .1 .  
° Private com m u nication  from  I . M . K o lth o ff and M . K . C h an toon i, Jr., U n iversity  o f M in nesota. O n this basis, au toprotolysis  con 
stant o f  acetonitrile (ref. 5 ) becom es 3 X  10~ 29. C alibration  o f  scale o f  acidities is discussed further in  ref. 7.

log (CHB^Ca-)

Figure 1. R esponse o f  glass electrode in  ph en ol-p h en ox ide  
buffers in  aceton itrile  a t a  con stant salt con centration  o f 
5 .0  X  1 0 -4 A f; I , p h en ol; I I ,  o-n itroph en ol; I I I ,  p icric  acid .
In  all cases, potentia ls refer to  arb itrary  zero a t Ch b  =  C b -

curves in several solvents; for a literature survey, see 
ref. 2.

(2) Substitution of either phenol or p-nitrophenol 
with a nitro group in the o r th o  position to the hydroxy 
group markedly reduces homoconjugation, and sub
stitution of the latter phenol in both or th o  positions en
tirely eliminates complexation. This effect is attrib
uted mainly to stabilization of the acid form by intra
molecular hydrogen bonding. That such stabilization 
occurs is indicated by the fact that whereas o -  and p -  
nitrophenol have similar dissociation constants in 
water, the former acid is considerably weaker than the 
latter in acetonitrile. This conclusion is supported by 
the infrared data of Brooks and Morman,9 which show 
that in acetonitrile some hydrogen bonding between 
hydroxy and nitro groups persists even in compounds 
such as 2-hydroxy-3-nitrobenzaldehyde, in which strong 
competitive hydrogen bonding to the carbonyl group

occurs. On the other hand, in aqueous solution o -  
nitrophenol shows little or no intramolecular hydrogen 
bonding,10 undoubtedly owing to effective competi
tion from hydration.

(3) The results show no evidence of dimerization of 
phenols in acetonitrile, in agreement with the behavior 
of other acids in this solvent.11

(4) In acetonitrile, differentiation in the dissocia
tion of the phenols listed is increased by 6 pK  units (8 
kcal. mole- 1 ) over that observed in water. The stabili
zation of the acid form caused by o r th o  substitution 
must be more than offset by stabilization of the anion, 
undoubtedly in part as a result of the increasing 
polarizability.

(5) A serious limitation of acetonitrile as a medium 
for acid-base reactions is the unavailability of a rela
tively strong base for this solvent. Any attempt to 
generate the lyate ion, CH2CN~, in sufficiently high 
concentration ( e .g . , by treating acetonitrile with lithium 
or sodium metal) leads to polymerization of the solvent. 
Alkali metal hydroxides are virtually insoluble (the 
absolute activity of the high charge density hydroxyl ion 
is extremely high in a nonhydrogen-bonding solvent), 
and anhydrous solutions of tetraalkylammonium hy
droxides are unstable. Phenoxide ion is the strongest 
stable base that we have encountered in acetonitrile 
(pffb =  28.6 — 26.6 =  2.0). However, the homocon
jugation undergone by this ion would detract from its 
usefulness as a base. It  will be worthwhile to investi
gate the applicability of a hindered phenoxide, such as 
the tetraalkylammonium salt of 2,6-di-f-butylphenol,

(9 ) C . J. W . B ro o k s  and  J. F . M orm a n , J . Chem . S oc., 3372 (1961 ).
(10) L . B . M agn u sson , C . A . C ra ig , and  C . P ostm u s, Jr., J . A m . 
Chem . Soc., 8 6 , 3958 (1 96 4 ).
(11) J. F . C oetzee  and  R . L o k , J . P h y s . Chem ., 69 , 2690 (1965 ).
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High Resolution Mass Spectrum 

of Piperidine

by L. W. Daasch

Chem ical Research and Developm ent Laboratories, Edgewood A rsenal, 
Edgewood, M arylan d  (Received M arch  26, 1966)

Budzikiewicz, Djerassi, and Williams1 refer to their 
cleavage mechanisms for piperidine as tentative and in 
need of verification by isotope labeling or high resolu
tion mass spectrometry. Such a spectrum2 under a 
resolution of about 1  in 2500 [A h / H  =  0.01 ] is presented 
in Table I . 3

Mass determinations for the fragments which pro
duce the single peaks at m / q  42, 43, 44, 56, 57, and 70

T a b le  I : M ass S pectrum  o f  P iperidine

Intensity,
m/q Empirical formula arbitrary units'

26 c 2h 2 16
27 C 2I I 2 44

C H N 3
28 C 2H 4 18

c h 2n 80
N 2 (ba ck g rou n d ) 17

29 c 2h 6 18
C H 3N 64

30 C H 4N 71

39 CaHs 37
40 a H 4 3

c 2h 2n 3
41 C 3H b 30

C 2H sN 10
42 C bEu n 68
43 c 2h 6n 58
44 C bH bN 84

54 C bH b 3
C 3H 4N 7

55 c 4h 7 21
c 3h 6n 4

56 CsHeN 100
57 c 5h 7n 100
70 c 4h 8n 26

“ S ince instrum ental ad justm ents w ere necessary w hile these 
da ta  w ere being  ob ta in ed , th e relative intensities from  on e 
grou p  o f  peaks to  a n oth er (as in d ica ted  b y  th e  spaeings in  th e 
ta b le ) sh ou ld  b e  con sidered  as o n ly  app rox im ate ly  correct.

prove that the ion formulas proposed for these frag
ments by B , D, and W are correct. This is equally 
true for the major peak contributing to m / q  28 and 29 
whose structures were apparently chosen by B, D, and 
W on the basis of the ease with which nitrogen assumes 
a positive charge in ionization reactions. Note, how
ever, that both m / q  28 and 29 have contributions 
from hydrocarbon fragments. The fragments (CH3- 
NHCH2)+, m / q  44 and (CH3NH)+, m / q  30 require 
transfer of hydrogen and the moderately intense 
hydrogen-deficient hydrocarbon fragments C4H7, CsH6, 
and C2H 3 probably result from these abstracting 
reactions. The hydrocarbon ions could be formed con
currently, with the corresponding nitrogen-containing 
ion, in competing reactions, or from an initial frag
mentation without rearrangement and then subse
quent loss of hydrogen.

C6HuN + — >  CH4N + +  C4H7

CH4N  +  C4H7+ 
or

CsHuN4- — ►  CH3N  +  C4H8+

C4Hs+ — ►  H +  CJE[7+

There is no evidence in these spectra of the hydro
carbon ion immediately above m / q  5 5  ( o r  m / q  41) as 
might be expected from the second reaction mechanism.

Some indication of the purity of this sample of piperi
dine was obtained from a gas chromatographic analysis 
in which only 0 .0 1 %  impurity was detected. 4

(1 ) H . B u d z ik iew icz, C . D jerassi, and  D . W illiam s, “ In terp reta tion  o f  
M a ss  S pectra  o f  O rganic C om p ou n d s,”  H o ld e n -D a y , In c ., San 
F ra n cisco , C a lif., 1964, p p . 9 8 -1 0 2 .
(2) J. B eyn on , “ M ass S p ectrom etry  an d  Its  A p p lica t io n  t o  O rganic 
C h em istry ,”  E lsev ier P ublish in g C o ., N e w  Y o r k , N . Y . ,  p p . 52, 53.
(3 ) P eaks in  p arent range and  severa l v e r y  w ea k  peak s are n o t  in 
clu d ed  in  th e  data . T h e  lo w  reso lu tion  spectru m  is  in  agreem ent w ith  
th a t  g iven  in  “ C a ta log  o f  M a ss  S p ectra ,”  A m erican  P etro leu m  
In stitu te  R esea rch  P ro je c t  44, A gricu ltu ra l an d  M ech a n ica l C ollege  
o f  T exas , C ollege  S ta tion , T exas, S pectru m  N o . 618. S pectrom eter 
used  here is a  M o d e l 21-110 dou b le  fo cu sin g  instru m ent, m an u fa c
tu red  b y  C on so lid a ted  E lectrod yn a m ics  C orp .
(4) R esu lts  ob ta in ed  b y  M r . R o b e r t  G ru la , C R D L , are m u ch  ap
precia ted .

The Behavior of Alkali Metal Cations in the 
Pores of Silica Gel

by Russell W. Maatmau

D epartm ent o f  Chem istry, D ordt College, S iou x  Center, Iow a  
( Received A p r il  1, 1966)

Tien interpreted the interaction of alkali metal 
cations with silica gel in terms of ion exchange, physical
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sorption, and ion exclusion from small pores.1 This 
conclusion was based on his experimental results along 
with those of Dalton, e t  a l . ,2 and Dugger, e t  a l .3 4 5 It  is 
the purpose of this note to show that there has been 
some misinterpretation of the results of Dalton, e t  a l .,  

and that there is therefore no need to postulate physical 
sorption and ion exclusion for these systems.

Tien found that the gel preference for cation is in 
the order Cs >  Rb >  K  >  Na >  Li. This order, 
determined by a very accurate tracer method, is in 
agreement with the results for K , Na, and Li of Dugger, 
e t  a l. (who did not work with Rb and Cs), taking into 
account their reported experimental error. Tien, 
however, bases much of his interpretation on a seem
ingly contradictory order deduced from pH measure
ments reported by Dalton, e t  a l. There is actually 
no contradiction among the results reported in ref.
1-3 . The pH values reported by Dalton, e t  a l ., were 
given to indicate that the amount of exchanged metal 
cation was orders of magnitude less than the amount of 
unexchanged metal cation in the pores. This gel and 
other commercial silica gels must be acid-treated before 
pH differences as small as those found by Dalton, e t  a l .,  
who did not acid-treat, can be used to deduce differ
ences in the amount of exchange. To show that the 
gel which has not been acid-treated does not give the 
desired reproducible results, compare the equilibrium 
pH values obtained by Dalton, e t  a l . , with those of 
Daniel, et a l .,*  who used the same materials in very 
similar experiments and who measured pH values for 
the same reason. The difference between the two sets 
of experiments is that the former equilibrium was at
tained at 22° and the latter at 80°, although in both 
cases the measurements were made at room tempera
ture. The pH values are, respectively: Cs, 2.7, 2.4; 
K , 3 .1, 2.8; Na, 2.6, 2.5; Li, 2.2, 2.7. The order is 
thus radically different. It does not seem likely that 
the temperature of equilibration is the important 
variable. Rather, there is an impurity problem: 
the necessity of acid-treating such gels to eliminate 
such surface reaction problems has been shown.6’6

There then remains no experimental result indicating 
that some experimental conditions can alter the order 
Cs >  Rb >  K  >  Na >  Li found by Tien. Since 
Dugger, e t  a l ., determined affinities by H+ release from 
the surface, their results (and, by inference, those of 
Tien, who observed metal-metal exchange) can be 
interpreted in terms of ion exchange with surface H+, 
without invoking physical sorption. It  seems difficult 
to visualize H + release from the surface connected with 
physical sorption. Furthermore, while Dalton, e t  a l .,  
did suggest that large, hydrated ions are excluded from 
the smallest pores, this effect has been shown not to

exist.7 (Reference 7 had, however, not appeared when 
ref. 1  was submitted.) B y  considering a geometric 
effect found at any solution-solid interface, it was 
shown that even hydrated A l3+ of radius 5-7 A., much 
larger than any alkali metal ion, can enter the smallest 
pores in all the gels used by this group. There thus 
seems to be no need to postulate either physical sorp
tion or ion exclusion from small pores in alkali metal 
cation-silica gel systems.

Dugger, e t  a l . , in considering the silica gel reactions 
of 22 very different cations, found reasonable correla
tion with the tendency of the cation to hydrolyze. 
On the other hand, with ions as similar as the alkali 
metal cations only small differences in reactivity are 
expected and found. To make a correct prediction 
of affinity order, one would obviously need detailed 
knowledge concerning several factors; an “ order of 
hydrolysis”  is not enough. Rosseinsky8 * * * * showed that 
the matter is very complicated: cation hydration, the 
nature of the anion, and other factors must be con
sidered.

A c k n o w le d g m e n t . This work has been supported by
A.E.C. Contract At (11-1)-1354.
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Observations Concerning Directly and 

Nondirectly Bonded 1 3 C-H Couplings with 

Respect to Symmetry Considerations

by T. Vladimiroff

Departm ent o f  Chem istry and Chemical E ngineering, Stevens 
Institute o f  Technology, H oboken, N ew  J ersey  
( Received A p r il  6, 1965)

The Fermi1 contact contribution to n.m.r. spin-
spin coupling for nuclei N and N ' was first given by 
Ramsey2 to be
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<5Fn n '  =  ~-(2/3^)(167r/3ft/3)27N7N'S(-®n — -®o) 1 X
n k j

(0|5(?*n)S*|k.) <w|5(fiN)Sy|0) (1)

7 n  is the gyromagnetic ratio of nucleus N, ¡0 }(|?i)) 
represents the ground (excited state) of the molecule 
with energy E 0( E r) ,  d ( fkn ) is a ô-function centered on 
nucleus N, S* is the electron spin operator, and all 
the other symbols have their usual meaning. After 
making the “ average energy”  approximation1 2 some 
progress has been made by McConnell3 using a molecu
lar orbital approach and by Karplus and Anderson4 5 
using a valence-bond wave function. Recently Pople 
and Santry6 used eq. 1  in conjunction with a molecular 
orbital approximation. Exact calculations, however, 
are difficult, and any general observations that can be 
made are helpful. Some preliminary results on the 
basis of symmetry considerations are reported here.

Consider the operator R  which reflects the electronic 
states of ethylene in the plane of symmetry which is 
perpendicular to the C-C  axis of the molecule. All 
the states of this molecule may be characterized as 
symmetric, |/S), or antisymmetric, |A), such that 
Ê | îS) =  |S) and R|A) =  — |A). Equation 1  may be 
written as a sum of contributions due to symmetric 
and antisymmetric states. In the light of this, the 
direct and indirect 13C-H  coupling in ethylene can be 
written as

ôFi3c2_Hi =  K ^ 2 ( E s — A?o)—:<(01 ô (r*c2) S * I X
Ski

(Æf|*(#WÔy|0) +  K Z ( E a  ~  K ) - 1 X
A k j

<0|«(f*a)â*|4) <4|î (̂ /hJÔ î |0) (2) 

5Fhcs- c2- hi =  ( E s  — Ko)~1(0|5(fjtc,)S*|$) X
S kj

<£|5(r,Hi)S,|0> +  K T ( E a  -  E 0)-> X
A k j

(0|ô(^ ,)S ,|A )(A |5(fiHl)S,|0}

Since the value of a matrix element is invariant under 
any symmetry operation, it follows that

<0|«OWâ*|S> =  R<0|5(?*c,)S*|S> =  (0|5(r*c2)'S*|S>

<0|5(r*c,)S*|A> =  R(0|ô(f,o»)S,|A) =  — <0|«(f*oOâ*|^.)

It  becomes obvious that the terms in the expansion of 
ô îscj-Hi and SFuc2- c2- hi are identical in magnitude but 
have different signs for the antisymmetric contributions. 
Denoting the symmetric and antisymmetric contribu
tions by S  and A , eq. 2 may be written as

5Fi«o2—Hi =  S  +  A  

Ô1 laCa-Cs-Hi =  S  —  A

The data of Lynden-Bell and Sheppard6 for ethylene

(/ 1SC2—Hi =  156.4 c.p.s. and >/iscs- c2- hi =  —2.4 c.p.s.) 
imply that the symmetric and antisymmetric contri
butions are 77.0 and 79.4 c.p.s., respectively.

The difference in magnitude and relative sign for 
the directly and nondirectly bonded 13C -H  coupling 
can be interpreted as the result pf approximately equal 
contributions from the symmetric and antisymmetric 
states. Molecular symmetry requires that these 
contributions add in the case of the former and cancel 
in the case of the latter. Thus, a minimum of two ex
cited states must be considered when eq. 1 is used. This 
analysis also suggests that in the “ average energy”  
approximation7 * * * * * different A-values should be used in 
the case of direct and indirect couplings because the 
symmetric ground state used in such calculations could 
not be expected to take into account the symmetry 
properties of all the excited states. Couplings in other 
molecules with a high degree of symmetry are presently 
being investigated in this laboratory.

A c k n o w le d g m e n t . The author wishes to thank Dr.
E. R . Malinowski and Dr. T. J .  Dougherty for helpful 
discussions and acknowledges the support of the U. S. 
Army Research Office (Durham), Contract D A-31- 
124-ARO(D)-90.

(1) E . F erm i, Z . P h ysik , 60, 320 (1930).
(2) N . F . R am sey , P h ys. R ev., 91, 303 (1953).
(3) H . M . M cC o n n e ll, J . Chem. P h ys ., 2 4 , 460 (1956).
(4) M . K arp lu s and D . H . A nderson , ibid., 3 0 , 6 (1959).
(5) D . P . S an try  and  J. A . P op le , M ol. P h ys ., 8 , 1 (1964).
(6) R . M . L yn d en -B e ll and  N . S heppard, P roc . R oy . Soc. (L o n d o n ), 
A 269 , 385 (1962).
(7) T h e  “ average en ergy”  ap p rox im ation  has also b een  d iscussed b y  
M . K arplus, J . Chem . P h ys ., 33 , 941 (1960), and  A . D . M cL a ch la n , 
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Ionization Potentials and Mass Spectra 

of Cyclopentadienylmolybdenum 

Dicarbonyl Nitrosyl and

1,3-Cyelohexadieneiron Tricarbonyl1

by Robert E . Winters and Robert W. Kiser

D epartm ent o f  C hem istry, K a n sa s State U niversity ,
M anhattan, K a n sa s  66504  (Received A p r i l  12, 1966)

Recently, we reported2 mass spectrometric studies 
of the ionization and dissociation in several transition 
metal carbonyls. From the measured ionization 
potentials it was suggested that the electron removed
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upon ionization may be considered to have been local
ized on the metal atom rather than in the carbonyl 
groups. Unimolecular decompositions of the parent 
molecule ions of these carbonyls by apparent stepwise 
losses of CO groups were indicated. In order to 
study these phenomena in more complex systems, we 
have investigated the mass spectra and ionization 
potentials for two substituted transition metal carbonyls 
of varying composition: cyclopentadienylmolybdenum 
dicarbonyl nitrosyl and 1,3-cyclohexadieneiron tri
carbonyl.

Experimental

The samples of cyclopentadienylmolybdenum di
carbonyl nitrosyl and 1,3-cyclohexadieneiron tricar
bonyl were kindly provided by Dr. R. B. King of Mellon 
Institute. Low-voltage mass spectrometry indicated 
that no volatile impurities were present in the two 
compounds.

The mass spectra and ionization potentials were 
determined with a Bendix (Model 12-100) time-of- 
flight mass spectrometer. The instrumentation has 
been described previously.1 2 3 Mass spectra for each of 
the compounds were obtained at nominal electron 
energies of 70 e.v.

The experimental ionization efficiency curves for 
the parent molecule ions were interpreted using the 
extrapolated voltage difference method described by 
Warren4 5 and the method of Lossing, Tickner, and 
Bryce.6 Since the compounds were not sufficiently 
volatile to use any of the noble gases for calibration 
purposes, mercury (from the diffusion pump) and oxy
gen (from a small air leak) backgrounds in the mass 
spectrometer were used to calibrate the ionizing voltage 
scale. Spectroscopic values for the ionization potentials 
of mercury (10.43 e.v.6) and of oxygen (12.08 e.v.7) 
were employed for this purpose.

Decomposition products were repeatedly cleaned 
from the ion source and the Wiley magnetic electron 
multiplier components throughout this study. Also, 
frequent replacement of tungsten filaments was neces
sary. The mass spectra were found to remain constant 
and the ionization potentials were reproducible to 
within the quoted error limits (one standard deviation) 
for independent runs.

Results and Discussion

Ionization Potentials. The ionization potentials de
termined for cyclopentadienylmolybdenum dicarbonyl 
nitrosyl and 1,3-cyclohexadieneiron tricarbonyl are
8.1 ±  0.2 and 8.0 ±  0.2 e.v., respectively. The fact 
that the ionization potentials are lower than those of 
the substituents8 but only slightly greater than the

ionization potentials of the metals again suggests that 
ionization subsequent to electron impact involves the 
removal of an electron associated with the metal 
atom—possibly from a hybrid molecular orbital in
volving considerable contribution from the metal 
atomic orbital. As one would anticipate, therefore, 
the ionization potentials of these substituted metal 
carbonyls are comparable to the ionization potentials2 
of the corresponding metal carbonyls, e.g., iron penta- 
carbonyl and molybdenum hexacarbonyl.

Mass Spectra. A  partial monoisotopic mass speer 
trum of the important ion fragments formed when 
C6H5M o(CO)2NO was sublimed into the ion source 
is shown in Table I. The isotopic abundances were 
found to agree, within the experimental error, with the 
presently accepted values.9

The ion of greatest mass which was observed was 
the parent molecule ion. No indication of association 
of molecules in the gas phase was detected and there 
was no evidence of thermal decomposition in the ion 
source. Fragmentation ions formed by loss of CO 
groups in preference to cleavage of nitrosyl or cyclo- 
pentadie'nyl groups were found. This is not surprising ; 
the stronger bonds are between the metal and NO or 
C5H5 groups.10 Also, the presence of M oC6H6+ ions 
and the absence of M oNO+ ions in the mass spectrum 
indicate that the M o-C 6H6 bond is somewhat more 
difficult to rupture than the M o-NO bond.

Dissociation involving loss of hydrocarbon aggregates 
smaller than CjHs from CbH6M o(CO)2NO was observed,

(1) This work was supported in part b y  the TJ. S. A tom ic Energy 
Commission under Contract N o. A T(11-1)-761 with Kansas State 
University; a portion o f a dissertation presented b y  R . E . W inters to  
the Graduate School o f Kansas State University in partial fulfill
ment o f the requirements for the degree o f D octor o f Philosophy.
(2) R . E. W inters and R . W . Kiser, Inorg. Chem., 3 , 699 (1964); 
4, 157 (1965); J. Phys. Chem., 69, 1618 (1965).
(3) E . J. Gallegos and R . W . Kiser, J. Am . Chem. Soc., 83, 773 
(1961); J. Phys. Chem., 65, 1177 (1961).
(4) J. W . Warren, Nature, 165 , 810 (1950).
(5) F . P. Lossing, A . W . Tickner, and W . A . Bryce, J. Chem. Phys., 
19, 1254 (1951).
(6) C . E . M oore, “ A tom ic Energy Levels,”  National Bureau o f Stand
ards Circular 467, U. S. Governm ent Printing Office, W ashington, 
D . C., 1958.
(7) G . Herzberg, “ M olecular Spectra and M olecular Structure. I. 
Spectra of D iatom ic M olecules,”  D . Van N ostrand C o., Inc., New 
Y ork, N . Y ., 1950.
(8) Y . K aneko, J. Phys. Soc. Japan, 16 ,1 5 8 7 (1 9 6 1 ): I (C O ) =  14.11 
e .v .; A . G . Harrison, L . R . H cnnen, M . J. Dauben, Jr., and F. P. 
Lossing, J. Am . Chem. Soc., 82, 5593 (1960): I(CsHs) =  8.69 e .v .; 
G. G . Cloutier and H . I . Schiff, J. Chem. Phys., 31, 793 (1959): 
I  (NO) =  9.25 e.v .; W . C . Price and A . D . W alsh, Proc. Roy. Soc. 
(London), A179, 201 (1941): I (C 6H 8) =  8.40 e.v.
(9) J. H . Beynon, “ M ass Spectrom etry and Its Applications to  Or
ganic Chem istry,”  Elsevier Publishing Co., Amsterdam, 1960, pp. 
557, 559.
(10) C. T . M ortim er, “ R eaction Heats and B ond Strengths,”  Per- 
gamon Press, New York, N. Y ., 1962, pp. 149-154.
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Table I : Relative Abundances of the Principal Positive 
Ions from Cyclopentadienylmolybdenum Dicarbonyl 
Nitrosyl at 70 e.v.

Relative Relative
abun- abun-

m/e Ion dance m/e Ion dance

249 C6H6Mo(CO)2NO + 64.6 137 C3H3Mo + 95.0
221 C6HsMo(CO)NO + 46.2 n o MoC + 47.1
193 C5H6MoNO + 72.4 98 Mo + 51.9
167 C3H3MoNO+ 96.3 81.5 C3H6Mo2+ 34.1
163 C6H5Mo + 100.0

e.g., the formation of C3H3Mo+. An ion similar to 
this, FeC3H3+, has been reported11 to occur in the mass 
spectrum of ferrocene.

The doubly charged MoC6H52+ ion appears in sig
nificant quantity in the mass spectrum of this com
pound. This ion is very abundant; it is much more 
abundant than the commonly encountered relative 
abundances of approximately 0.01 to 0.1% for doubly 
charged ions in many hydrocarbons.12 Similar ob
servations of the great intensity of doubly charged ions 
in the mass spectra of the carbonyl compounds were re
ported in earlier studies of molybdenum hexacar- 
bonyl.2

Hoehn, Pratt, Watterson, and Wilkinson13 have re
ported a partial mass spectrum for the perfluoro deriva
tive of 1,3-cyclohexadieneiron tricarbonyl, i.e., C6F8- 
Fe(CO)3. Ions corresponding to C6F8Fe(CO)2+, (V  
F8FeCO+, and C6F8Fe+ were noted; it was suggested 
that they were formed by a stepwise loss of CO from 
the parent molecule ion. The most abundant ions 
detected In the mass spectrum of the analogous Cs- 
H8Fe(CO)3 are shown in Table II. Ions formed by suc
cessive removal of CO groups from the parent molecule 
ion were detected also in the mass spectrum of this 
compound. However, two striking differences were 
noted in the fragmentation of the C6H8-iron tricarbonyl 
and the previously studied C6F8iron tricarbonyl.

First, C6H6FeCO+ was formed upon electron impact

Table II: Relative Abundances of the Principal Positive 
Ions from 1,3-Cyclohexadieneiron Tricarbonyl at 70 e.v.

m/e Ion
Relative

abundance m/e Ion
Relative

abundance

220 C6H8Fe(CO)3 + 1.0 84 FeCO+ 10.6
192 C6H8Fe(CO)2 + 3.5 80 c ,h 8+ 1.7
164 C6H8FeCO + 0.9 79 CeH7+ 3.2
162 C6H6FeCO + 2.4 78 CeHe+ 2.4
134 C3H6Fe+ 57.8 56 Fe+ 100.0
112 Fe(CO)2+ 0.9 39 c 3h 3+ 3.0

in addition to the C6H8FeCO+ ion fragmented by simple 
removal of two CO groups. Also, no ion of com
position C6H8Fe+ was detected in this study; however, 
CeH6Fe+ ion was observed in large abundance. The 
deficiency of C6F6FeCO+ and C6F6Fe+ in the mass 
spectrum of the perfluoro derivative13 may be due to 
the greater strength of the C -F  bonds as compared 
to the C-H  bonds in the ionic species.

The second striking difference in the cracking patterns 
for these two related compounds lies in the intensities 
of the metal carbonyl ions of the type Fe(CO)I+. 
Iron dicarbonyl and iron monocarbonyl ions were 
found to have a low abundance in the C6H8Fe(CO)3 
mass spectrum and no Fe(CO)3+ was observed. Since 
the iron carbonyl ions were the most abundant ions in 
the cracking pattern of C6F8Fe(CO)3, the low abundance 
(or absence) of similar ions in the mass spectrum of the 
hydrogen-containing compound indicates that the 
CeHs-Fe-1- bond is stronger than the C6Fa-Fe+ bond.

Acknowledgment. The authors wish to express their 
appreciation to Dr. R. B. King of the Mellon Institute 
for the gift of the compounds used in this study.

(11) F . W . M eLafferty, Anal. Chem., 28, 306 (1956).
(12) See, for example, F. H . Field and J. L . Franklin, “ Electron Im 
pact Phenomena and the Properties o f Gaseous Ions,”  Academ ic 
Press Inc., N ew York, N . Y ., 1957, p. 183.
(13) H . H . Hoehn, L. Pratt, K . F . W atterson, and G . W ilkinson, 
J. Chem. Soc., 2738 (1961).

Solubilities o f  Fluorocarbons in Cyclohexane 

and 1,4-Dioxane

by J. L. Carson, R. J. Knight, I. D. Watson, and
A. G. Williamson

Department o f  Chemistry, University o f Otago, Dunedin,
N ew  Zealand (Received A p r il  14-, 1966)

Konecny and Deal1 have reported solubility measure
ments for mixtures of 1-hydroperfluoroheptane with 
paraffins, aromatics, and polar compounds, which they 
interpret as indicating that the behavior of C7Fi6H in 
paraffins and alkylbenzenes is dominated by the fluoro
carbon chain while in polar solvents specific interactions 
involving the CH group of C7F15H strongly influence the 
solution behavior.

The solubilities of C7Fi6 and C7FiEH in cyclohexane 
and 1,4-dioxane reported here are in qualitative agree

(1) J. O. K onecny and C. H . Deal, J. Phys. Chem., 67, 504 (1963).
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ment with this observation. However, comparison of 
the data for several systems suggests that the critical 
solution temperatures themselves may be a better in
dication of the interactions than is the comparison of the 
solubility parameters derived from the solubility meas
urements with those obtained from latent heats of 
vaporization.

Experimental

A.R. grade cyclohexane was purified by the method 
described by Dyke, Rowlinson, and Thacker.2 A.R. 
grade 1,4-dioxane was purified by the method described 
by Vogel3 followed by repeated fractional crystalliza
tion. 1-Hydropentadecafluoroheptane was prepared 
by the method described by La Zerte,4 et al. The prod
uct was fractionally distilled in a 14-plate column, the 
middle fraction (b.p. 94.4r-95°) being used for the solu
bility measurements. Gas chromatographic analysis5 
showed this material to consist of 70% n- isomer and 
30% branched chain isomers of C7F15H. The nuclear 
magnetic resonance spectrum indicated that the isomers 
present were ones in which the chain branching oc
curred well away from the terminal hydrogen atom. 
Solubility data shown in Figure 1 for both the isomer 
mixture and for 99.7% pure n- isomer prepared by 
preparative scale gas-solid chromatography6 indicate 
that the solubility behavior of C7F16H with cyclohexane 
is unaffected by the presence of the branched chain iso
mers. Perfluoroheptane was supplied by the Birming
ham University Chemistry Department and was shown 
by gas chromatographic analysis to consist of a mixture 
of isomers of C7F16 of which the major component (70%) 
was n- isomer. In view of the results with the two sam
ples of C7F15H, the C7F16 was used without further 
purification.

Solubilities were measured by the cloud point method 
on mixtures prepared by weight in sealed Pyrex tubes. 
Temperatures were measured with laboratory calibrated 
thermometers accurate to 0.1° and the data shown in 
Figure 1 are the means of three determinations which 
agreed within 0.3° or better.

Results and Discussion

The liquid-liquid solubilities are shown in Figure 1 
and the upper critical solution temperatures in Table
I. This table also shows the values of 5H, the solubility 
parameters derived from the approximate relation7

4AT„ =  (V f  +  V u XSf  -  5h ) 2 (1)

where VF and Vs  are the molar volumes of the fluoro
carbon and hydrocarbon, respectively, at 25°, Sf is the 
solubility parameter of the fluorocarbon at 25°, and T„ 
is the upper critical solution temperature. The values

0 0.2 0.4 0.6 0.8 1.0
Volume fraction of hydrocarbon.

Figure 1. Solubilities of C7F15H and CiFu in cyclohexane 
and dioxane: A, CyFis-dioxane; B, CrFir-cyclohexane;
C, (^FisH-cyclohexane: •, n-CrFisH;
O, 70% n-CiFisH mixture; D, CrF^H-dioxane.

used for 5F for C7F]6 and C7F15H are 5.85 and 6.3, re
spectively.8 Also shown are values of 5H* taken from 
the latent heats of vaporization of the hydrocarbons.8 
The differences between oH and SH* for the mixtures of 
C7F15H with cyclohexane and with dioxane are con
sistent with Konecny and Deal’s1 classification. How
ever, we consider that comparisons of the differences in 
the values of (5F — Sh) for C7FK5 and C7F16H solutions 
calculated from eq. 1 are a more direct indication of 
the interactions. Since %  — 52) for a given pair of

(2) D . E . L . D yke, J. S. Rowlinson, and R . Thacker, Trans. Faraday  
Soc., SS, 903 (1959).
(3) A . I. Vogel, “ Practical Organic Chem istry,”  Longmans Green 
and Co., London, 1951.
(4) J. D . L a Zerte, L . J. Hals, T . S. R eid, and G . H . Smit, J . A m . 
Chem. Soc., 75, 4525 (1953).
(5) C. G . Pope, A n a l. Chem ., 35, 654 (1963).
(6) R . C . Stewart, unpublished results.
(7) R . L . Scott, J . P h ys . Chem ., 6 2 , 136 (1958).
(8) J. H . Hildebrand and R . L . Scott, “ Regular Solutions,”  Prentice- 
Hall, Inc., Englewood Cliffs, N . J., 1962, p . 172.
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compounds 1 and 2 is generally less temperature de
pendent than are the individual 8, the uncertainties 
involved in comparing data derived from different 
critical solution temperatures with data for 25° are 
minimized.

Table I : Comparison of Critical Solution Temperatures and 
Solubility Parameters for Solutions of C7P16 and C7FuH

Mixture To, °K. SjB - 5h Ref.

C7F16 +  C7H16 323 2.62 8.5 7.4 a

C7F16 +  CeHi2 350 2.88 8.7 8.2 This work
C7F16 -j- CeHg 387 3.20 9.0 9.2 a

c7f 16 +  c4h 8o2 431 3.32 9.2 10.06 This work
C7F15H 4 - C7H16 305 2.58 8.9 7.4 1
C7F15ÏÏ +  C6ÏÏ12 331 2 .8 6 9.2 8 . 2 This work
c 7f15h  +  c 6h 6 314 2.87 9.2 9.2 1
C7F15H +  C4H80 2 308 2 .8 6 9.2 1 0 .0* This work

“ J. H. Hildebrand, B. B. Fisher, and H. A. Benesi, J .  A m .  

C h e m .  S o c . ,  72, 4343 (1950). 6 From solubility in nonpolar
solvents.

For both C7Hi6 and c-C6H12, the change in ( S F  — <5H) 
in going from C7FW to C7FiBH is practically negligible. 
For benzene, on the other hand, the value of (6p — <5H) 
is 0.33 unit lower in C7Fi5H than in C7Fi6 and for dioxane 
the difference is 0.46 unit. We interpret these changes 
as indicating that the interactions of C7F16 and C7Fi6H 
with heptane and cyclohexane are virtually the same 
but that in benzene there is a considerable contribution 
to the solution behavior from interactions between the 
CH group and the 7r-electrons of the benzene molecule, 
the indications of which are suppressed in the com
parison of Sh with ¿¡h*. In dioxane, the interaction be
tween the oxygens and the CH group of the C7Fi6H is 
sufficiently strong to show even in the comparison 
of 8jj and fe*. The same conclusions are suggested by 
the direct comparison of the T,. values. For both 
n-heptane and cyclohexane, Tc for C7FUH mixtures is 
about 20° lower than for C7Fi6 mixtures. For benzene, 
the difference is 73° and for dioxane it is 123°. The 
interactions suggested by this comparison have been 
revealed in n.m.r. spectroscopy in solutions of both 
CHCI39 and C7Fi5H 10 in benzene. The heats of mixing11 
of C7Fi5H with dioxane are also consistent with the 
formation of hydrogen bonds between dioxane and 
C7F1BH.

(9) W . G . Schneider, J . P h y s . Chem ., 66, 2653 (1962).
(10) D . L . Anderson, R . A . Smith, S. K . A lley, A . G . W illiamson, 
D . B . M yers, and R . L . Scott, ib id ., 66, 621 (1962).
(11) R . J. K night and A . G . W illiamson, unpublished results.

Chem ical Species Containing P 32 and S35 

Subsequent to the Neutron Irradiation 

o f  Thiourea1

by Cleon C. Arrington and Robert W. Kiser

D epartm ent o f  C hem istry, K a n sa s State U niversity , M anhattan,
K a n sa s 6650J/. {Received A p r i l  27, 1965 )

The chemistry of recoiling atoms following bombard
ment with heavy nucleons has been investigated in 
some depth. However, a detailed understanding of the 
nature of the products to be expected from the neutron 
irradiation of a given substance and satisfactory 
explanations of the modes of formation of all of the 
products are yet to be realized. In an early study, 
Whitmore2 investigated the production of phosphorus- 
32 from sulfur-32 in the neutron irradiation of thiourea; 
he reported the chemical oxidation state of the phos- 
phorus-32 produced and discussed a possible mode for 
its formation. There have been no further studies 
of the neutron irradiation of thiourea since Whitmore’s 
investigation and a brief report by Adams and Camp
bell.3

The purpose of this note is to present the results of 
an investigation of the labeled products formed upon 
neutron irradiation of thiourea, the nature of the 
species resulting from the recoil and radiation damage 
effects, and the relative quantities for both sulfur-35 
and phosphorus-32 in these species.

Experimental
Sample Irradiation. Thiourea (Matheson Coleman 

and Bell, reagent grade) was recrystallized three times 
from ethanol and dried for 24 hr. over sulfuric acid. 
Two 5.0-g. samples were irradiated in air in the ORNL 
graphite pile. Pertinent data concerning the irradia
tions are: thermal neutron flux, 5 X 1011 cm.-2 sec.-1 ; 
irradiation time, 3 days; 7-ray flux, 7 X  106 r./hr.; 
sample temperature, ~ 50°.

Counting Procedures. Total activity measurements 
for P 32- and S^-containing samples were made using a 
Packard Tri-Carb liquid scintillation spectrometer 
and PPO-POPOP-naphthalene-dioxane scintillator so
lutions.4 A Geiger-Muller “ dip counter”  tube (window

(1) This work was supported by  the U. S. A tom ic Energy Comm is
sion under Contract N o. A t(ll-1 )-7 5 1  with Kansas State University. 
It  is a portion o f a Dissertation presented by  C . C. Arrington to  the 
Graduate School of Kansas State University in partial fulfillment of 
the requirements for the degree o f D octor o f Philosophy in Chemistry.
(2) F . E . W hitm ore, N ature, 164, 240 (1949).
(3) A . Adam s and I. G . Campbell, Trans. F araday Soc., 59, 2001
(1963).
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thickness ~ 3 0  mg./cm.2) and a Borg-Warner scaler 
also were used to determine the total P32 activities. 
The counter was regularly standardized with aqueous 
solutions of P 32 standard (as H3P320 4).

With the Packard Tri-Carb liquid scintillation spec
trometer, the S36 and the P32 activities were deter
mined in separate counting channels. With 620 v. on 
the photomultiplier tubes only the P 32 activity was 
counted. With 920 v. on the photomultiplier tubes, 
both the P 32 and the S36 activities were counted. 
The count rates at the higher voltage were corrected 
appropriately to yield the S36 activities. The small 
amounts of C14 and P 33 produced in the irradiation 
(less than 1%  of the S36 produced) were neglected. 
The average of all determinations for the two samples 
gave 388 ±  16 /¿curies of P32 and 77.8 ±  1.5 /¿curies 
of S35 produced. The error limit represents one 
standard deviation.

Analytical Methods. Paper electrophoretic tech
niques similar to those employed by Lindner and 
Harbottle4 5 and Grassini and Lederer6 were used in the 
chemical separations of the ionic species. In the 
analyses 0.1 N NaOH electrolyte was used with a com
mercial paper electrophoresis apparatus and a constant 
potential gradient of 33 v./cm . With three parallel 
1 X 12 in. Whatman 3 M M  chromatography paper 
strips, currents were less than 25 ma.

Samples of 20-100 X per strip were analyzed for 2.5 
hr. The strips were dried at 25° and cut into 0.4- 
0.5-in. sections. Each section was placed into separate 
scintillation solutions and counted. No carriers were 
employed in these experiments.

The mobilities of species containing the P 32 and the 
S36 activities were compared to the mobilities of authen
tic samples. Radiolabeled P 0 43- and S042- standard 
samples were used to establish the ionic mobilities. 
The ionic mobility of S2- was determined from a basic 
S2“  solution and development of the strip with a Pb- 
(OAc)2 solution.

Electrophoretic analysis of the irradiated samples 
indicated that essentially all of the sulfur-35 was con
tained in ionic species. Theoretical considerations 
indicated that the parent thiourea molecule should be 
labeled at least in part. It was found that in basic 
solutions, the thiourea hydrolyzed to yield S2~. There
fore the amount of labeled thiourea present was de
termined by reverse isotope dilution and recrystalli
zation to constant specific activity. The values ob
tained by this technique compared well with values 
determined from 9-xanthenol derivatives.7

Results and Discussion

The electrophoresis of the irradiated samples indi

cated the activity to be principally in the form of S2- 
and S042- (67 and 29%, respectively). A  portion of 
the S2- activity determined was found to be due to the 
hydrolysis of labeled thiourea. From the reverse 
isotope dilution experiments, thiourea was found to 
contain 31% of the total sulfur-35 produced. By 
difference, S2~ contained 36% of the total sulfur-35 
formed. About 4%  of the S35 activity was found to 
remain at the origin of the electrophoresis strip. The 
lack of mobility of this labeled species leads us to the 
conclusion that it is probably covalent in nature. We 
cannot satisfactorily explain the lack of oxidation 
of the S36 produced. It is possible that the double 
bond to the sulfur atom makes the bond less susceptible 
to rupture during recoil of the S36 atom. This would 
lead to a higher percentage of the S36 being found in 
the thiourea molecule and as S2~. The S36-containing 
species, as determined, accounted for all of the S36 
produced in the sample.

The P 32 species found to remain on the strip accounted 
for only 57% of the total P 32 produced in the sample 
and was found to be distributed among hypophos- 
phate (61%) and phosphate (39%). The hypophos- 
phate ion or its precursor was found to be oxidized to 
phosphate upon storage of the sample at room tem
perature during the analyses. This phenomenon also 
has been observed to occur in inorganic salts.3-6’8 
Adams and Campbell3 have investigated the effect 
of oxygen in the lattice upon the final oxidation state 
of the recoiling P 32 atom and concluded that in matrices 
in which the molecule itself does not contain oxygen 
and where oxygen is carefully excluded, the P 32 can be 
expected to be in a + 5  oxidation state. Where oxygen 
is present, the percentage of labeled + 3  oxyanions 
increases significantly. Oxygen is considered to act 
as a scavenger, stabilizing the recoil species in a state 
which leads to + 3  oxyanions upon dissociation of the 
sample. Since the samples reported in this study were 
irradiated in air, it is concluded that the presence of 
oxygen had such an effect and therefore a significant 
portion of the activity (43%) was incorporated in + 3  
oxyanions of phorphorus.

The data indicate that, in the recoil processes for 
both the sulfur-35 and phosphorus-32, most of the

(4) T . W . Lapp and R . W . Kiser, J . P h y s . Chem ., 66, 152 (1962).
(5) L . Lindner and G . H arbottle in “ Chem ical E ffects o f Nuclear 
Transform ations,”  Vol. I, International A tom ic Energy Agency, 
Vienna, Austria, 1961, p. 485.
(6) G . Grassini and M . Lederer, J . Chromatog., 2 , 326 (1959).
(7) R . W . Kiser, M . D . Shetlar, and G . D . Johnson, A n a l. Chem ., 
33, 314 (1961).
(8) R . F . C . Claridge and A . G . M addock, Trans. F araday S oc., 59, 
935 (1963).
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bonds to these atoms are broken (the recoil energy of 
P 32 is of the order of 200 kev.) and that, subsequent to 
the thermalization of these atoms (little ionization is 
expected), the resulting species are either oxidized or 
reduced by their immediate surroundings to form 
matrix-stabilized precursors of the observed products.

M easurem ent o f  the Spin-Lattice Relaxation 

Tim es o f  D im ethyloctylam ine Oxide through 

the Critical M icelle Concentration

by Kenneth D. Lawson and Thomas J. Flautt

The P rocter & Gamble C om pany, M ia m i V alley  Laboratories, 
Cincinnati, Ohio /¡S2S9 {Received M a y  S, 1966)

The nuclear spin-lattice relaxation times (Ti) of the 
various proton moieties of the nonionic surfactant 
dimethyloctylamine oxide [CH3(CH2)7N (0 )(CH3)2] 
(DCgAO) have been determined. The measurements 
were made on oxygen-free solutions of DCgAO in D20  
at 32°. A Varian Associates Model A-60 spectrometer 
was used and the T% values were determined by the 
progressive saturation method.1 A “ doped”  water 
sample with a known relaxation time was used to 
calibrate the instrument. The preparation of the 
surfactant has been described elsewhere.2 The experi
mental Ti values are shown in Figure 1 as a function 
of the concentration of DCgAO in moles per liter. 
There was no indication that there is more than one T\ 
for a band of a given chemical shift. However, the 
method used to determine the relaxation times would 
indicate multiple Ti values only if a substantial dis
tribution were present. All of the Ti values show an 
apparent maximum near the critical micelle concentra
tion (c.m.c.) of the surfactant.3 The magnitudes of 
the relaxation times are in the order Ti .ch« <  Ti .nch, <  
Ti .cchj at any given concentration.

The apparent increase in the Tj values (decrease in 
the relaxation rate) with increasing concentration below 
the c.m.c. is not fully understood. On the basis of 
viscosity data the opposite trend would be expected. 
The increase in 2\ may be a result of the physical 
configuration of the hydrocarbon chains of the DCgAO 
molecules in the monomer state. Thermodynamic 
studies of similar systems4 5 have indicated that below 
the c.m.c. long hydrocarbon chains may curl or fold 
in order to reduce the amount of contact with the 
solvent. If a change in the degree of curling occurs 
as the c.m.c. is approached, the intramolecular and

Figure 1. Spin-lattice relaxation times of 
DCgAO as a function of concentration.

intermolecular contributions to the relaxation times 
would change. An unfolding of the chains would 
replace H -H  interactions by H -D  interactions and/or 
increase distances between interacting protons and 
thus increase the relaxation times. Further work 
is underway to investigate this possibility.

At concentrations greater than the c.m.c. the DCgAO 
exists in two forms, as monomers and micelles. Any 
given surfactant molecule will be exchanging between 
the two environments at some relatively rapid rate. 
It has been shown6 that in such a system an average 
spin-lattice relaxation time will be observed if < <  
Ti,i, and t\ < <  Ti.j, where h and ij are the average life
times of a nucleus or molecule in states i and j and T i. i 
and Ti,j are the spin-lattice relaxation times of the re
spective states. If the above conditions are fulfilled in 
the present system, it should be possible to express the 
observed relaxation times in terms of the relaxation 
times of the monomeric and micellar species by the 
equation

1 /T i =  (c.m.c./c)/!Fitmon + [(c —  c . m . c . ) / c ] / T ,i , mio

(1)
where c is the total concentration of the surfactant.

Assuming that the above equation adequately de
scribes the system, plots of c /T \ against (c — c.m.c.) 
will be straight lines with intercepts of c.m.c./7\,m0n

(1) J. A . Pople, W . G . Schneider, and H . S. Bernstein, “ H igh Reso
lution Nuclear M agnetic Resonance,”  M cG raw-H ill B ook  C o., Inc., 
N ew  Y ork, N. Y ., 1959, pp. 82, 83.
(2) W . L . Courchene, J . P h ys . Chem ., 68, 1870 (1964).
(3) J. M . Corkill and K . W . Herrmann, ibid., 67, 935 (1963).
(4) L. Benjamin, ibid., 68, 3575 (1964).
(5) J. R . Zimmerman and J. A . Lasater, ibid., 62, 1157 (1958).
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Figure 2. Plots of c/Ti vs. (c — c.m.c.) and 
derived values of Ti,mon and Ti,mi0 for DCsAO.

and slopes of l/Ti,mi0. Plots of this type are shown 
in Figure 2 and to a good approximation straight lines 
are produced for all of the proton moieties.

The values of Ti,m0n and Ti,mi0 extracted from the 
plots are tabulated in Figure 2. The order of the T, 
values remain the same in both the micellar and mono
meric forms. The micellar values are about 1 sec. 
less than the monomeric values. The decrease in the 
relaxation times with micelle formation may reflect 
the restraint placed upon the molecules when incor
porated into micelles. It is expected that internal 
chain motions (both translational and rotational) 
would be hindered in the micellar species relative to the 
corresponding motions in the monomeric form. An
other factor which may be important is the change in 
environment which a molecule undergoes during micelle 
formation. The intermoleeular interactions would be 
mainly between protons and deuterons for the monomer, 
but the same interactions would be mainly proton- 
proton interactions in the micelles—this would lead 
to a relative decrease in relaxation for the micellar form.

The relaxation time of the HOD in the solvent was 
also determined at several different concentrations of 
surfactant. The observed value decreases from 4.3 
sec. in the pure solvent to about 3.9 sec. for a 1 M  solu
tion of DCgAO. No indications of a maximum were 
found near the c.m.c. of the surfactant as shown by the 
DCgAO relaxation times. The value of 4.3 sec. ob
served for the pure solvent is less than previously re

ported values of Tj for HOD6 and probably represents 
the upper limit of T, which can be measured under the 
experimental conditions used in this investigation. 
The decrease in the T, (increase in the relaxation rate) 
of the HOD with increasing concentration of surfactant 
probably results from the increase in the amount of 
solvent tied up in ordered layers about the micelles as 
the number (and perhaps the size) of the micelles in
creases. Water, or HOD, molecules in hydration shells 
have increased reorientation times and thus increased 
relaxation rates as compared to pure water. The cor
relation times of water of hydration have been found 
to be anywhere from two7 to ten8 times as long as those 
in the pure liquid state. The change in the observed 
T\ depends upon both the amount of water in the hy
dration layers and the degree of binding.

It appears that T\ measurements may offer another 
method of determining critical micelle concentrations; 
however, the relatively low sensitivity of the n.m.r. 
experiment offers a serious limitation to the method. 
Determination of the relaxation times of the species 
present in a micellar solution, which can be obtained 
from data collected entirely above the c.m.c., appears 
to offer a method of obtaining information about the 
species not readily obtainable by other methods.

(6) W . A . Anderson and J. T . Arnold, P h ys . R ev., 101, 511 (1956).
(7) H . G. Hertz and M . D . Zeidler, B er. B unsenges. physik . Chem., 68, 
821 (1964).
(8) S. S. Danyluk and E . S. Gore, N ature, 203, 748 (1964).

M ercury-Photosensitized Isom erization 

o f  Perfluorobutene-21

by Dennis Saunders and Julian Heicklen

A erospace C orporation, E l Segando, C alifornia  
{Received M a y  12, 1966)

The study of excited states has been reviewed recently 
by Hammond and Turro.2a Wyman’s review of cis- 
trans isomerization213 provides a background to the 
subject. In recent years, a number of papers have 
appeared on the photosensitized isomerization of bu
tene-2.8-7 Each has discussed the role of excited states

(1) This work was supported b y  the U . S. Air Force under Contract 
N o. A F  04(695)-469.
(2) (a) G . S. Ham m ond and N . J. Turro, Science, 142, 1541 (1963) ; 
(b) G . M . W ym an, Chern. R ev., 55, 625 (Î955).
(3) R . B . Cundall and T . F . Palmer, Trans. F araday S oc., 56, 1211 
(1960).
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in isomerization. The results of Heicklen, Knight, 
and Greene8-11 have indicated that triplet states are 
produced by the mercury-sensitized photolysis of C2F4, 
C3F6, and C4F8-2. It was our purpose, then, to prove 
the existence of this excited species by studying the 
cis-trans isomerization of perfluorobutene-2.

Matheson Company perfluorobutene-2 was separated 
into its components chromatographically, by use of 
the column described by Greene and Wachi.12 The 
infrared spectra of each isomer identically matched 
those reported by Heicklen, Wachi, and Knight.13 
Analyses were accomplished by calibration of all of 
the infrared bands against a Consolidated Vacuum 
Corp. McLeod gauge. The optical assembly and the 
gas-handling techniques have been described pre
viously.14 / a was calculated by photolyzing mixtures 
of 10 mm. of C2H4 and 500 mm. of N20  and measuring 
the noncondensables formed. The procedure was 
simply to introduce a sample of one isomer and to 
scan the infrared spectrum frequently during photol
ysis. With the scan rate of the instrument known, 
the time rate of change of both reactant and products 
could be followed.

Initially, 0.6 mm. of the unseparated mixture was 
photolyzed for 36 hr. The final equilibrium mixture 
contained 40% cis, corresponding to a slight gain in 
the cis concentration. All other runs were made with 
pure isomers but not quite run to equilibrium. In all 
cases, no products were found other than cis- and trans- 
C4F8-2. Figure 1 is a plot of the pressure of the cis 
compound Pcis divided by the initial pressure P  initial 
as a function of time in four runs. Two of the runs 
were started with 100% cis, the others with 100% 
irons. Figure 2 is a complementary set of curves for 
the pressure of the trans compound P irons in the same 
four runs.

It is not clear whether the above-mentioned curves 
come to a common asymptote. The initial linear 
regions of the reactions were plotted and the quantum 
yields calculated. The results are compiled in Table
I. The ^„¡¡.(formation) is fairly constant at about 
0.045, while the $ iraKS (formation) varies considerably, 
but is about 0.12. No pressure dependence is in
dicated. The sum of the average quantum yields is 
about 0.16. o

Excited with 2537-A. radiation, mercury possesses
112.7 kcal./mole of triplet energy over its ground state. 
When this energy is transferred to C2F4, dissociation 
occurs through a vibrationally excited molecule.8 
In C3F6, however, where the bond energy is 114.9 
kcal./mole, dissociation does not occur significantly 
unless additional thermal energy is supplied.9’10 
Finally, in C4F8-2, where the inductive effect of the

fluorine substituents is further attenuated, no dissocia
tion has been observed, even at 370°.11 Thus, the ex- 4 5 6 7 8 9 10 11 12 13 14

(4) R . B . Cundall and D . G . M ilne, J . A m . Chem. Soc., 8 3 , 3902 
(1961).
(5) R . B . Cundall, F . J. Fletcher, and D . G . M ilne, J . Chem . P h y s ., 
3 9 , 3536 (1963).
(6) S. Sato, K . Kikuchi, and M . Tanaka, ib id ., 39, 239 (1963).
(7) R . J. Cvetanovic, H . E . Gunning, and E . W . R . Steacie, ib id ., 
31, 573 (1959).
(8) J. Heicklen, V . Knight, and S. A . Greene, ib id ., 42, 221 (1965).
(9) J. Heicklen and V . Knight, Aerospace Corp. R ept. T D R -469- 
(5250-40)-5, Feb. 15, 1965; J . P h ys . Chem ., in press.
(10) J. Heicklen and V . K night, Aerospace Corp. R ept. T D R - 
469(5250-40)-7, Feb. 15, 1965; J . P h ys . Chem ., in press.
(11) V . K night, unpublished results o f this laboratory.
(12) S. A . Greene and F . M . W achi, A n a l. Chem ., 35, 928 (1963).
(13) J. Heicklen, F . W achi, and V . Knight, Aerospace Corp. R ept. 
TD R -269(4240-20)-5, July 24, 1964; also J . P h y s . Chem ., 69, 693 
(1965).
(14) D . Saunders and J. Heicklen, J . A m . Chem . S oc., 87, 2088 
(1965).
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Table I : Photolysis of Perfluorobutene-2

/*, io-»*
— Initial pressure, mm.------* quanta/ /■------------ Initiial $------------

CÌ8 trans cc. sec. * c i t Tirana
000 0.491 5.1 0.037
000 1.46 5.1 0.045
000 1.73 5.1 0.067
000 5.02 5.1 0.031

0.530 000 6.0 0.075
0.653 000 5.4 0.086
1.47 000 6.0 0.032
1.49 000 5.4 0.158
5.26 000 5.4 0.229
5.29 000 6.0 0.148

cited molecule proposed is deactivated to the ground 
state. In the present study, the excited-state inter
mediate has been confirmed. As seen in Table I, 
$cis is 0.045 and $ !rans is 0.12; the sum is clearly not 
unity.

Some runs were conducted in the presence of 0 2, 
and it was found that $(CF3CFO) =  0.16. At elevated 
temperatures, Knight11 has found an additional product 
which is also produced in C3Fr-02 photolysis.9’10

The small yield of CF3CFO in the presence of oxygen, 
as well as the small sum of <f>cis +  in the absence 
of oxygen, suggests that both the CF3CFO production 
and the isomerization occur from the same electronic 
state and that this state is produced with an efficiency 
less than one. Alternatively, the excited molecule 
might be produced with unit efficiency, but a barrier 
to internal rotation or oxidation of about 1 kcal./mole 
inhibits reaction.

Acknowledgment. The authors wish to thank Mrs. 
Barbara Peer for assistance with the manuscript.

The Ground State E lectronic Configurations o f  

Ferricenium  and D ibenzenechrom ous Cations18,

by Donald R. Scottlb and Ralph S. Becker

Departm ent o f  Chem istry, U niversity  o f  H ouston , H ouston , T exas 
{Received M a y  14, 1965)

The question of the relative ordering of the d orbitals 
in the sandwich complexes has been a matter of great 
interest since the discovery of these compounds. It is 
now generally accepted that the eig(dlz,dj,z) orbital is 
least stable, but the relative stabilities of the aig(dz2)

and e2g(dw,da:!_i2) orbitals is less certain. The purpose 
of this communication is to show that fairly definite 
conclusions may now be arrived at concerning the 
orbital order in the d6 complexes, Cr(bz)2+ and Fe- 
(cp)2+.

The question of the relative stabilities of the e2g 
and alK orbitals in Cr(bz)2+ and Fe(cp)2+ was dis
cussed by Levy and Orgel1 2 in 1961. They used a 
ligand field model and on the basis of the experimental 
absorption spectrum concluded that in Fe(cp)2+ 
the e2g level lay about 0.7 e.v. below the aig level. 
They also concluded that the e2g level in Cr(bz)2+ lay 
about 2.9 e.v. below the aig level. However, these 
authors pointed out that their use of the free-ion 
Slater-Condon parameters, F2 and F4, was incorrect 
and would cause an overestimation of the energy separa
tion between the e2g and a;g orbitals.

Let us consider the ferricenium cation. We agree 
with Levy and Orgel that the ground state of this com
plex is 2E2g[(aig) 2(e2g) 3] on the basis of its magnetic 
susceptibility. The excitation energy to the low- 
lying 2Aig[(aig) 1(e2g) 4 5] state, neglecting any configura
tion interaction, is given by

2E2g — >  2AJg

T. E. =  AE'(e2g — aig) +  20B (complex)

where B (complex) is the Racah parameter for the 
complex. Since /3(nephelauxetic parameter) =  B (com
plex) /B(free ion), this excitation energy may be re
written as

2E2g — > 2Alg

T. E. =  AZ?(e2g — ajg) +  20/?B(free ion)

Taking B(Fe3+, free ion)3 =  1090 cm.-1 and assigning 
the experimental absorption band at 16.21 kK.4 as the 
2E2g -*■ 2A lg transition, we may readily show that the 
aig level lies below the e2g level for all values of ¡3 less 
than 0.74. Since the value for (3 in ferrocene has been 
determined to be 0.4,6 it is reasonable to expect that j3 
in Fe(cp)2+ is less than 0.74. Using an estimated 
(8-value of 0.5, we estimate that the alg orbital lies 
5300 cm.-1 below the e2g level in Fe(cp)2+.

(1) (a) Supported in part by  the R obert A . W elch Foundation, 
Houston, Texas; (b) Abstracted from  the P h.D . Dissertation of D . 
R . Scott, University o f Houston, H ouston, Texas, Jan. 1965; National 
Science Foundation Cooperative Predoctoral Fellow, 1962-1963.
(2) D . A . L evy  and L. E . Orgel, M o l. P h ys ., 4 , 93 (1961).
(3) C . K . J0rgensen, “ Absorption Spectra and Chemical Bonding in 
Complexes,”  Pergamon Press, Ltd., Oxford, 1962, p. 109.
(4) D . R . Scott, P h .D . Dissertation, University o f H ouston, Jan. 
1965; ferricenium tetrafluoroborate in water or dibenzenechromium 
iodide in water.
(5) D . R . Scott and R . S. Becker, J . Organom etal. C hem ., in press.
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In the Cr(bz)2+ complex, the ground state is assumed 
to be 1 2Aig[(axg) 1(e2g)4 5] on the basis of magnetic sus
ceptibility and e.s.r. results.2’6 Similar to the fer- 
ricenium cation, the excitation energy to the low-lying 
2E2g state may be expressed as

2Ajg —> 2E2g
T. E. =  AE(aig — e2g) — 20/311 (free ion)

Thus the alg level must lie above the e2g level for all 
values of ¡3. Assigning the absorption band at 8.50 kK.4 
to the 2Aig -*  2E2g transition and taking f?(Cr+, free 
ion)7 =  706 cm.-1, we find that AE(aie — e2g) lies 
between 8.50 kK. ( 8 = 0 )  and 22.62 kK. ( 3 = 1 ) .  A 
reasonable estimate of ¡3 =  0.6 gives an energy separa
tion of 17 kK.

In conclusion, we have shown that the aXg level lies 
about 5000 cm.-1 below the e^ level in Fe(cp)2+ and 
that the e2g level lies about 17,000 cm.-1 below theaig 
level in the Cr(bz)2+ cation. The differences between 
these conclusions and those of Levy and Orgel are due 
to their use of the free-ion Slater-Condon parameters. 
The rather large depression of the e2g level below the 
aig level in Cr(bz)2+ indicates a large participation of 
the e2g ligand orbitals in the bonding of the dibenzene 
complexes. This is in agreement with current thoughts 
of the bonding in the dibenzene complexes.

The analysis of the ligand field spectra of these d6 
complexes is in progress and will be described in a later 
publication.

(6) R . E . Robertson and H . M . M cConnell, J . P h ys . Chem ., 64, 70 
(1960).
(7) J. Hinze and H . H . Jaffé, J . Chem . P h y s ., 38, 1834 (1963).

Transport Numbers in Aqueous Potassium  

Chloride Solutions at 0°

by B. J. Steella
Departm ent o f  P hysica l and Inorgan ic Chem istry, U niversity o f  
N ew  England, Arm idale, N ew  South W ales, A u stra lia  
(.Received M a y  20, 1965)

In view of the recent publication of a paperlb con
cerning transport numbers in aqueous potassium chlo
ride solutions at elevated temperatures, some interest 
may attach to measurements made some time ago2 
of transport numbers in this system at 0°. As a test 
of the method used, results are presented also for 25°.

Experimental
The apparatus and procedure for determinations at 

25° have been described previously.3-6 The only 
change in this procedure has been made in the prepara
tion of the electrodes. These are now formed by 
rolling cylinders of platinum gauze and welding them 
to stout platinum wires sealed through standard B. 
10 Pyrex cones. Silver is deposited electrolytically onto 
the gauze and, in the case of the electrode to be used as 
the cathode, some of the silver is converted electro
lytically into silver chloride.

For runs at 0°, the conductometric analyses were per
formed at 25°; only the electrolysis was carried out at 
0°. After the initial analysis of the solutions, the 
apparatus was placed in a 4-gal. drum provided with 
drainage holes. The drum was then filled with flaked 
ice. After waiting for 1 hr. to ensure complete cooling 
of the solution, the electrolysis was commenced. 
As soon as the electrolysis current was switched off, 
the two compartments of the transport number cell 
were isolated by turning the tap on the apparatus. 
The ice was then washed out of the drum using a jet 
of water. The solution was reanalyzed at 25°. During 
the electrolysis the temperature of the ice bath was 
checked using a thermometer previously calibrated 
with ice formed from distilled water. No part of the 
ice bath showed a temperature differing from 0° by 
more than 0.01°.

Results and Discussion
In Table I, the results obtained at 25° are compared 

with values interpolated from data obtained using the 
Hittorf6 and moving boundary7 techniques. The 
agreement among the various methods is excellent.

The results obtained at 0° are shown in Table II.
The final column of Table II lists the limiting values 

of the transport numbers calculated using the equation

¿°+(calcd.) =  t+ -  [B2C'/\t+ -  0.5)/A°(l +  Bdf//r) ]

obtained by rearranging eq. 7.40 of ref. 5. Values of 
the parameters B and B2 are given in Appendix 7.1 of

(1) (a) Departm ent of Physical and Inorganic Chemistry, University 
o f Adelaide, South Australia; (b) J. E. Smith, Jr., and E . B . D is- 
mukes, J . P h ys . Chem ., 67, 1160 (1963).
(2) B . J. Steel, P h.D . Thesis, University of N ew England, N .S .W ., 
Australia, 1960.
(3) B . J. Steel and R . H . Stokes, J . P h y s . Chem ., 62, 450 (1958).
(4) B. J. Steel, J. M . Stokes, and R . H . Stokes, ibid., 62, 1514 
(1958).
(5) R . A . Robinson and R . H . Stokes, “ E lectrolyte Solutions,”  
Butterworth and Co. Ltd., London, 1959, p. 103.
(6) D . A . M aclnnes and M . Dole, J . A m . Chem. S oc., 53, 1357 
(1931).
(7) L . G. Longsworth, ibid., 54, 2741 (1932).
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Table I : Transport Numbers in 
Chloride Solutions at 25°

Aqueous Potassium

Conen., ÌK+, £k+, «K+,
g.-equiv. 1.-1 this work ref. 6 ref. 7

0.015984 0.4906 0.4910 0.4902
0.022056 0.4899 0.4904 0.4901
0.031242 0.4898 0.4904 0.4900
0.042914 0.4900 0.4906 0.4900

Table It : Transport Numbers in Aqueous Potassium 
Chloride Solutions at 0°

Concn., g.-equiv. I.“ 1 tK+ ¿°Kf (calcd.)

0.012235 0.4962 0.4963
0.020038 0.4943 0.4945
0.030846 0.4953 0.4955
0.041281 0.4957 0.4959
0.051719 0.4947 0.4950

O
ref. 5; & was taken to be 3.8 A. Lange’s8 determina
tion of A° for KC1 at 0° =  81.7 was used. The average 
of i°+(calcd.) =  0.4954 was taken as the limiting value 
of the transport number of potassium ion in potassium 
chloride solution at 0°. This is appreciably lower than 
the estimate of ¿°k + =  0.498 made by Robinson and 
Stokes by extrapolation of results at higher tempera
tures.9 However, the mobility of the chloride ion at 
0° using the present data is X°ci- =  81.7(1 — 0.4954) 
=  41.2. This mobility may also be calculated from 
results of transport numbers10 and conductances10’11 
of hydrochloric acid solutions at 0°. These data give 
X°ci- = 265.2(1 — 0.8441) =  41.3, in good agreement 
with the result obtained above. The results of this 
work are combined with those of Smith and Dismukeslb 
and of Allgood, LeRoy, and Gordon12 in Figure 1, 
where log [(1 — i ° K + ) / i ° K + ]  is plotted vs. the reciprocal 
of the absolute temperature. (The data from ref. 1 
are tK+ at approximately 0.1 A  and not ¿°k+- The dif
ference would not be large in these systems.) A straight 
line can be drawn through all the points within the 
estimated experimental error. Thus the conclusion 
of Smith and Dismukes that the difference in the acti
vation energies of migration for potassium and chloride 
ions is independent of temperature is valid down to 
0°. The slope of the line in Figure 1 corresponds 
to an activation energy for the chloride ion that is 
110 ±  10 cal./g.-ion greater than that for the potas
sium ion. Horne and Courant13 have shown that the 
temperature coefficient of the conductance of 0.1 
M  potassium chloride changes markedly between 
9 and 0°. They attribute this change to altera
tions in the water structure as the temperature is

t, °c.

3.0 3.5
l/T , °K .

Figure 1. Temperature dependence of transport 
numbers in aqueous potassium chloride solutions:
X, this work; O, ref. 12; □, ref. 1.

lowered. The results described in this paper indicate 
that the chloride and potassium ions are affected to 
much the same extent by these alterations. This is 
perhaps not surprising in view of the similar mobilities 
of these ions. It would be interesting to examine the 
temperature dependence of the mobility of other ions 
in water between 0 and 10°.

Acknowledgment. The author wishes to acknowledge 
helpful discussions with Professor R. H. Stokes during 
the course of this research. 8 9 10 11 12 13

(8) J. Lange, Z . physik. Chem., A188, 384 (1941).
(9) See ref. 5, p. 127.
(10) A . K . Covington and J. E. Prue, J. Chem. Soc., 1930 (1957).
(11) M . Randall and A . P. Vanselow, J. Am . Chem. Soc., 46, 2418 
(1924).
(12) R . W . A llgood, J. D . LeR oy, and A . R . Gordon, J. Chem. Phys., 
8, 418 (1940).
(13) R . A . Horne and R . A . Courant, J. Phys. Chem., 68, 1258 
(1964).

A Simple Reduced Equation for 

the Estim ation o f  Vapor Pressures1

by Donald G. Miller
Lawrence R adiation L aboratory , U niversity o f  C alifornia ,
Liverm ore, C alifornia  (Received A p r il  SO, 1965 )

In a recent paper2 (whose notation is adopted here), 
the reduced vapor pressure predictor
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RPM log P r = 1 -  Tr2 +  k'( 1 -

was derived from the four-constant equation 

log P =  A +  B/T +  CT +  DT1 2

(1)

(2)

using critical constants and the Riedel-Plank condi
tion.2-4 The constant G' correlates linearly with a, 
defined by

T A In P0 
(1 -  Trh)

( 3 )

also had the advantage of being much simpler than other 
predictors because a value of log P r is obtained in a 
single pass on a hand calculator capable of repeated 
and accumulative multiplications, once G' and k' 
are available.

It would be more convenient, however, to have a 
single equation for which the “ constants”  are more con
stant over the whole liquid range. For this reason and 
also because it seemed that Waring’s criteria8 might 
better be satisfied by a higher power of T for the D 
term,9 the equation

This a is a characterizing parameter of liquids and will log P  =  A +  B/T +  CT +  D P 3 4 5 (4)
be called the valorization parameter for lack of a better
name. was considered.

Table I : Comparison of Reduced Predictors (Input Data: T b ,  T c ,  P c )

34 45 8
----- 10s s ----- No. not 

within Av. max.
hydro- nonpolar polar AU 53 AU 18 AU 71 66 10% error, %

Equation carbons organics organics organics inorganics compounds compounds“ (of 71) (for 71)

RPME 7.2 22.8 35.5 58.3 11.4 69.7 43.6 IP 5.3
RPML 7.7 20.6 37.3 58.0 12.7 70.7 40.7 11 5.2
R 9.3 20.5 35.8 56.3 17.1 73.4 43.4 12 5.3
PK 6.5 17.4 37.0 54.4 20.1 74.5 43.2 12 5.1

.-------------- lots- x No. not Av. max.
AU 24 Without within 10% error, %

compounds® NO (of 24) (for 24)

RPME 30.4 24.7 0 1.69
T b - T o RPML 55.4 50.3 0 2.34

RPMH 25.7 18.5 0 1.54
R 36.6 26.0 0 1.67
FK 29.1 21.3 0 1.54

“ Excluding organic acids and alcohols. 6 These compounds are methanol, propanol, butanol, butyric acid, ethyl mercaptan, thio
phene, dichloromethane, ethylamine, and fluorine, with methylamine and chlorine borderline. Of the 77 compounds with good data 
in ref. 5, all but He, H2, acetic acid, HP, and S03 satisfy the 10% criterion above 60 mm. Although the liquid metal Hg was not in
cluded in the tabulations, predictions are also within 10% from 10 to 1500 mm. c These 24 compounds are described in ref. 5. They 
are mostly inorganic for lack of any uniform presentation of critically reviewed data for organics.

When values of k' and G' for a given substance were 
actually computed for each experimental vapor pres
sure point using the boiling and critical points as refer
ences, ¥  was found to increase on the average about 15 
to 20% between the triple and critical points. As a 
result, vapor pressure predictions with RPM were 
best with one correlation of G'(a) for the region 10-1500 
mm. and another for the region Tv~Ta. The compari
son of RPM  with experiment and with other reduced 
predictors, given briefly in ref. 2 and extensively else
where,8 showed that these RPM equations were as 
good or better than others such as Riedel’s6 (denoted 
by R) and Frost-Kalkwarf’s7 (denoted by FK). They

The reduced form of this equation, which is similar 
to eq. 1 and which also exhibits the known curvatures 
of log P r vs. 1/Tr plots,2-8 is given in eq. 5.

(1) This work was performed under the auspices o f the U. S. A tom ic 
Energy Commission.
(2) D . G . Miller, J .  P h y s .  C h e m . ,  68, 1399 (1964).
(3) R . Plank and L . Riedel, I n g r . - A r c h . ,  16, 255 (1948).
(4) R . Plank and L. Riedel, T e x a s  J .  S e i . ,  1, 86 (1949).
(5) D . G . M iller, I n d .  E n g .  C h e m . ,  56, N o. 3, 46 (1964).
(6) See ref. 2, eq. 28.
(7) See ref. 2, eq. 29.
(8) W . W aring, I n d .  E n g .  C h e m . ,  46, 762 (1954).
(9) C f .  footnote 31 of ref. 2.
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Figure 1. Plot of 6  v s .  a  for 77 compounds. Solid line is eq. 6.

RPME

log Pr =  - | £ l  -  7 7  +  k(3 +  77(1 -  7 7 3]  (5)

(The designation RPME also includes eq. 6 below.) 
It is derived by means of the Riedel-Plank condition 
in exactly the same way as RPM .2 Equation 5 is 
nearly as simple as eq. 1 and much simpler than R 
and FK.

Notice that fc(3 +  Tt) in RPME replaces k' in RPM. 
Because this (3 +  7 7  factor has about the 20% ob
served increase between the triple point and T0, G

and k should be more constant for a given substance 
than were G' and k'. This was verified upon comparing 
k and G calculated from experimental pressures using 
the boiling and critical points as reference points.

G also correlates well with a (see Figure 1). The 
best correlation for use over the whole liquid range is

G =  0.210 +  0.200a (6)

which is based on the 77 widely different compounds 
listed in ref. 5. Solving eq. 5 at Th yields
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(a/LG) -  (1 +  Trb) 
(3 +  Trb) ( l  -  TIhy

where L =  2.3026. Since the terms of eq. 7 are func
tions of Tb, Tc, and P 0 only, vapor pressures can be 
predicted from just these input data.

Detailed comparisons of RPME with experiment 
and with the better reduced predictors, namely, RPML 
(low pressure), RPMH (high pressure), R, and FK, 
are given in Table I, including the number of com
pounds whose vapor pressures are not predicted to 
within 10%, the average maximum %  error,10 and S for 
various classes of compounds5 where

5 -  E
compounds

Here n is the number of experimental vapor pressure 
points and S is the per cent residual in P  divided by 
100.

Table I shows that RPME is equivalent or superior 
to all the others in the 10-1500-mm. range in terms of 
over-all S, average maximum per cent error, and the 
number within 10%. In the Tv~TQ region, it is slightly 
better than R, is only slightly poorer than FK or 
RPMH, and is an excellent predictor. Therefore it 
compares favorably over-all with the pair of RPM 
equations as well as with R and FK. Moreover, it 
has the important advantage of being much simpler 
for hand calculations than R or FK, since no log terms 
or iteration are required. As with RPM, a value of log 
PT is obtained with one pass on a hand calculator 
once G and fc are calculated.

In common with other reduced predictors, RPME 
is not too good at low pressures with pathological 
liquids such as alcohols, carboxylic acids, and associated 
or dissociating ones if G is estimated by eq. 6. How
ever, the predictions are substantially improved if G 
is calculated from a low pressure point, should one be 
available in addition to the regular input data.

The expression for AH/AZ derived from the Clapey- 
ron equation is also rather simple; namely

AH 
A Z =  LRT0G (1 +  TS) +  3fc(l -  r y y ( 9 )

Unpublished calculations show that the heat of vapori
zation at the boiling point, AHb, can be estimated with 
an average error of only 1.2% (1.6% if the pathological 
liquids are included) using eq. 6, 9, and Thomson’s 
estimate11 of AZh

AZb
0.97 

P oP Tb
(10)

Because RPME is over-all as good or better a pre
dictor than other single reduced equations and because 
it is substantially simpler for calculations, it is recom
mended for rapid estimation of vapor pressures over 
the whole liquid range using only the normal boiling 
and critical points as input data.12-14

(10) This quantity is the maximum per cent error for each com pound 
averaged over all the compounds. I t  is a more stringent measure 
o f good  fit than the average per cent error; the latter is about half 
the former. Ordinarily, the maximum error occurs at the lowest 
temperature when below Tb, and in the middle o f the range when be
tween Tb and T„.
(11) G . W . Thom son, Chem. R ev., 38, 1 (1946).
(12) However, if an experimental value o f AH b  should be available 
as well as P 0, substantially better estimates o f P  in the 10-1500-m m . 
region are given by the semireduced predictor M R A A 6
(13) Othmer and Huang have shown (private comm unication) that 
slightly better reduced predictions in the 10-1500-m m . region can 
be made using Othmer’s reference liquid m ethod.14 H owever, the 
m ethod requires an extensive table o f data for the reference liquid 
in addition to  the R P M E  input data.
(14) D . F . Othmer, In d . E ng. Chem ., 34, 1072 (1942).

Proton M agnetic Resonance Line W idths, 

Ligand Exchange, and Electronic Relaxation 

Tim es for Som e Arylphosphine Complexes o f  

Cobalt(II) and N ickel(II)la

by Gerd N. La Marlb

Erick. Chem ical Laboratory, P rin ceton  U niversity, P rin ceton , 
N ew  J ersey  (Received M a y  S I, 1965)

The careful analysis of proton magnetic resonance 
(p.m.r.) line widths for paramagnetic complexes can 
result in a variety of useful information.1 2’3 The ob
served line width in excess of that for the pure dia
magnetic ligand can arise from two main sources—  
ligand exchange and paramagnetic relaxation due to 
the unpaired electron(s) on the metal. From a tem
perature study, the contribution from chemical ex
change may be estimated,3 and the remaining excess 
line width can then be attributed to paramagnetic 
relaxation effects. 2a>3 The systems of interest here are 
the bis(triarylphosphine) dihalides of Co (II) and Ni
d i ) .4

(1) (a) This research has been supported by  a grant from  the Na
tional Institutes o f Health; (b) Chemical Laboratory IV , H . C . 
0rsted  Institute, University o f Copenhagen, Copenhagen, Denmark.
(2) (a) N . Bloembergen and L. O. M organ, J . Chem. P h ys ., 34, 842 
(1961) ; (b) E . A . LaLancette and D . R . Eaton, J . A m . Chem. Soc., 
86, 5145 (1964).
(3) Z. Luz and S. M eiboom , J . Chem . P h y s ., 40, 1058, 1066 (1964).
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It has been observed215 that for these Ni complexes, 
ligand exchange is quite important in determining the 
line widths (AHi/,). LaLancette and Eaton con
cluded that the rate of ligand exchange for the iodide 
complex was slow by the n.m.r. criterion, with the rates 
increasing in the order I <  Br <  Cl.2b Upon addition 
of excess ligand to solutions of the Co complexes, we 
observed the same phenomenon as for the Ni com
plexes215: that the ligand exchange rate increases in 
the order I <  Br <  Cl, with the rate for the iodide also 
very slow as measured by n.m.r. The observed4 p.m.r. 
lines for the ortho protons for both the pure Co and Ni 
complexes exhibit increasing widths, I <  Br <  Cl, 
indicating increasing contributions to the line widths 
due to ligand exchange. In order to determine the 
relative importance of ligand exchange for the various 
halides, we obtained AHi/, for the two complexes, 
(p-tol3P)2CoI2 and (p-toI3P)2NiI2, in CDC13 over the 
temperature range —60 to 60°, using a Yarian DP-60 
spectrometer in conjunction with a variable tempera
ture probe. The results are illustrated in Figure 1.

The curves of line width vs. temperature exhibit two 
distinct regions3; at low T, AHi/, decreases with T, 
and at high T ; AHi/, increases with T. The former 
region gives the variation of Affi/, in the absence of 
ligand exchange, while the latter region indicates in
creasing contributions to the width from ligand ex
change. The data exhibit too much scatter to make 
any quantitative estimates to the rate of exchange; 
however, two conclusions may be drawn from in
spection of Figure 1. The first is that the contribu
tion to AIL/, due to ligand exchange appears to set in 
at lower temperature for the Co than for the Ni com
plex, indicating, at least for the iodides, that the Ni 
complex is more stable than the Co complex.215 Similar 
measurements on the bromides and chlorides were in
conclusive since the data were quite unreproducible 
and there was evidence for some decomposition or pre
cipitation of ligand. Since ligand exchange con
tributed significantly to the observed line widths for 
the bromides and chlorides to much lower tempera
tures than for the iodides, it could not be definitely 
established whether there exists significant differences 
in AHi/, for the three halides in the absence of ligand 
exchange.

Since the order of ligand labilities for the Co and Ni2b 
complexes is identical, the explanation offered by La
Lancette and Eaton2b appears to be applicable also to 
the Co systems.4 Their reasoning215 is that the dona
tion of an electron to the phosphine ligand via d x - 
d7r bonding is partially compensated by x-bonding 
with the halide, and the order of halogen 7r-bonding 
abilities is I >  Br >  Cl. The fact that for the iodide

Figure 1. P .m .r. line w idths as a fu n ction  o f  tem perature for 
the ortho  p rotons in  (p -to l3P )2C o I2 and (p -to l3P )2N iI2.

complexes the Ni appears to be more stable than the 
Co bears out this postulate215’5’6 that dx -dx  bonding is 
very significant in determining the stabilities of these 
complexes. From p.m.r. contact shifts, it has been 
established215-4’7 that the unpaired spin densities on the 
phosphine ligands for the Ni complexes are consistantly 
50% greater than in the Co complexes, indicating that 
dx-dx  delocalization is more extensive in the Ni 
systems, hence their greater stabilities.

The second conclusion indicated by Figure 1 is that 
the contributions to the observed line widths at room 
temperature are essentially negligible for both the Ni 
and Co complexes. These AHy, values must thus 
result from paramagnetic relaxation effects since the 
width for the pure ligand is only ^ 2 -3  c.p.s.4 The 
p.m.r. line widths due to ihe presence of impaired elec
trons have been related to the electron correlation times 
by Solomon8 and Bloembergen.9 The combined equa
tion211 can be expressed as

AffVl =  B 4  To +
3 To

+
13tc

1 +  0>I2To2 1 +  « S 2To2J

Te

+

Te +
1 +  COS2Te2_

(1)

Here B =  S(S +  l ) n W / ( 1 5 r 6), C =  £(S  +  1 )A 2/  
3h2, t0 and re are the electron dipolar and exchange 
correlation times, respectively, coi and cos are the proton 
and electron Larmor frequencies, and the other symbols 
have their conventional meanings.215’3 Since the ortho

(4) G. N . La M ar, W . D . Horrocks, Jr., and L. C. AJIen, J . Chem. 
P h ys., 41, 2126 (1964).
(5) M . C. Browning, J. R . M ellor, D . J. M organ, S. A . J. Pratt, L. E. 
Sutton, and L. M . Venanzi, J . Chem. Soc., 693 (1962).
(6) A . D . Allen and C. D . Cook, Can. J . Chem ., 41, 1235 (1953).
(7) G. N . L a M ar, J . Chem. P h ys ., 41, 2992 (1964).
(8) I. Solomon, P h y s . R ev., 99, 559 (1955).
(9) N . Bloembergen, J . Chem. P h ys ., 27, 592 (1955).

Volume 69, Number 9 September 1965



3214 N o t e s

proton peaks are considerably broader than the other 
peaks,4 the main relaxation is via the dipolar part of 
eq. 1, rather than the term depending on the hyperfine 
interaction. This is due to the r~6 dependence of the 
first term in eq. 1 and the nearness of the ortho position 
to the metal. Using only the first term, with (r6)av =
6.8 X 10~43 cm.6 (structural parameters taken from 
ref. 4), g =  2.39, S =  3/ 2 for Co,10 and g =  2.32, S =  1 
for Ni,11 an upper limit to the dipolar correlation time, 
To, is calculated.3 We obtain r0 =  2 X 10-18 and 6 X 
10-18 sec. for the Ni and Co complexes, respectively. 
These rc values are too short to be associated with 
the molecular tumbling time in solution, which the 
Debye equation estimates to be ~ 1 0 -11 sec-., so that 
rc may be identified3 with the electronic relaxation 
time, Tl For the related complex anions,7 [(phen3- 
P)CoI3]_ and [(phen3P)NiI3]_ , similar calculations 
using the observed line widths7 yield Tt values of about 
the same magnitude as for the complexes discussed 
above. Only very rough estimates to the ortho proton 
line widths are available for the anionic complexes, 
due to considerable overlapping of lines.7 It is of 
interest that for these complexes t >  Th where r is 
the molecular tumbling time in solution, the opposite 
to what has been previously assumed in the analysis 
of the isotropic shifts.4’7.12

Acknowledgments. The author wishes to acknowledge 
the hospitality of the Bell Telephone Laboratories, 
Murray Hill, N. J., and thanks Mr. E. W. Anderson 
for obtaining the p.m.r. spectra. Valuable discussions 
with Profs. L. C. Allen and W. D. Horrocks, Jr., are 
gratefully acknowledged.

(10) F . A . Cotton, O. D . Faut, D . M . L. Goodgam e, and R . H . Holm , 
J . A m . Chem. Soc., 83, 1780 (1961).
(11) F . A . C otton, O. D . Faut, and D . M . L. Goodgam e, ib id ., 83, 
344 (1961).
(12) H . M . M cConnell and R . E . Robertson, J . Chem. P h ys ., 2 9 , 
1361 (1958).

The Abnorm al Relation between the 
Velocity o f  Sound and the Tem perature 
in Sodium  Sulfate Solution

by Tatsuya Yasunaga, Mitsuyasu Tanoura, and 
Masaji Miura

D epartm ent o f  C hem istry, F acu lty  o f  S cience, H irosh im a  
U niversity , H irosh im a , J a pan  ( Received J an u a ry  25, 1965)

Since the first report by one of the authors1 on the 
abnormality in the velocity of sound in sodium sulfate

and sodium carbonate aqueous solutions near the 
crystal transition point of the salts, a similar abnormal
ity has been discovered in the electric conductivity for 
sodium sulfate by Hirano2 and in the viscosity of 
sodium carbonate by Fujita.3 This communication 
is to report more detail on the abnormal relation be
tween the temperature and the velocity of sound in 
sodium sulfate aqueous solution.

The velocity of sound was measured by an ultra
sonic interferometer described in detail elsewhere.4 
The electrical oscillations controlled by quartz crystals 
having each fundamental frequency 2.5, 3.5, 4.5 
Mc./sec. in a thermostat were derived to the X-cut 
quartz crystal having its fundamental frequency 0.5 
Me. Special circuits were added to detect precisely 
only the change in the interference. The frequency 
of oscillation was measured carefully within ±50  
c.p.s. during each series of runs by a frequency meter. 
The vertical double glass tubes were sealed through a 
Teflon 0  ring to a holed stainless steel plate, below 
which was attached a gold-plated 0.5-Mc. crystal. 
A plane reflector made of stainless steel was connected 
to a micrometer and balanced for the crystal by con
trolling a spring. It could be moved vertically with
out any rotation, and its position was determined within 
±0.001 mm. with the micrometer having a traveling 
range of 6 cm. In order to protect the sample solu
tion from contamination during measurement, a glass 
tube was fixed to the shaft of the micrometer. The 
ultrasonic interferometer was immersed in a water 
bath and maintained at a constant temperature to 
±0.002°.

The velocity of sound at 3.5 Me. for various con
centrations of sodium sulfate solution at different tem
peratures (0.1963-1.849 M) is given in Table I and 
shown in Figure 1. From these results, it is clearly 
seen that the change in the velocity of sound with tem
perature below 32.4° is not the same as that for greater 
temperatures, even for solutions as dilute as 0.1963
M. In particular, a discrepancy in the velocity of 
sound was observed for the concentrated solution at 
32.4°. A similar measurement was also done for a 
1.144 M  solution at various frequencies. The results 
obtained in the process of increasing the temperature 
are shown in Table II and show no dispersion in the 
velocity of sound by frequency. This suggests that 
the abnormality is not caused by a relaxation phenom-

(1) T . Sasaki and T . Yasunaga, K agaku  T o K o g y o  (T okyo), 7, 146 
(1954).
(2) K . Hirano, N ip p o n  Kagaku. Z assh i, 79, 648 (1958).
(3) K . Fujita, B ull. Chem. Soc. Japan , 32, 1005 (1959).
(4) T . Yasunaga, M . Tanoura, and M . M iura, in preparation.
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Table I : Velocity of Sound in the Aqueous Solution of Various Concentrations of Na2SC>4 as a Function of 
Temperature at 3.5 Me.“

■Sound velocity, m./sec.
H2O 0.1963 M 0.5717 M 0.9846 M 1.849 M

Temp., °C. S.48948 Mo. 8.1,9948 Me. 8.49986 Mo. 8.49986 Me. 8-49928 Mo.

30.0 1509.20 1538.28(1538.30) 1593.93(1593.93) 1648.80(1648.84) 1749.80(1749.83)
31.0 1511.49 1540.38 1595.76 1650.41 1750.74
31.5 1512.63 1541.43(1541.42) 1596.61 1651.02(1651.01) 1751.06(1751.06)
31.8 1542.10 1597.05 1651.29
32.0 1513.59 1542.51 1597.25 1651.40 1751.33
32.2 1542.90 1597.42(1597.43) 1651.52(1651.52) 1751.42(1751.41)
32.4 1543.45(1543.44) 1597.98(1597.98) 1652.19(1652.19) 1751.93(1751.91)
32.5 1514.58
32.6 1543.82(1543.83) 1598.30 1652.48 1752.01(1752.01)
32.8 1544.20 1598.56 1652.86 1752.11(1752.11)
33.0 1515.58 1544.47(1544.47) 1598.88 1653.18(1653.19) 1752.16
33.5 1545.37 1599.70 1654.26 1752.40
34.0 1517.50 1546.19 1600.57 1655.42 1752.72

“ The quantities in parentheses are the experimental values obtained by decreasing the temperature, 
frequency.

Italicized numerals show the

Figure 1. Variation of the velocity of sound with 
temperature for various concentrations of Na2S04 
aqueous solution at 3.5 Me.

enon. It is remarkable that the temperature which 
shows the discontinuity is in excellent agreement with 
the transition point of the saturated sodium sulfate 
solution coexisting with the solid. This phenomenon,

therefore, should be considered in connection with 
the transition phenomenon in the solid.

Table II: Velocity of Sound in the Aqueous Solution 
of 1.144 M  Na2S04 at Various Frequencies as a 
Function of Temperature“

Temp.,
°C. 2.5 Me.

-Sound velocity, m ./sec.- 
3.5 Me. 4.5 Mo.

30.0 1670.81 (1670.82) 1670.80 (1670.79) 1670.79 (1670.80)
2.49969 Mo. S. 4 9 9 4 8  Me. 4 . 4 9 9 9 1  Me.

31.0 1672.07 1672.07 1672.04
2.49959 S.499S4 4.49973

32.0 1672.82(1672.81) 1672.81 (1672.80) 1672.79 (1672.79)
2.49969 3.49936 4.49973

32.5 1673.72(1673.74) 1673.72 (1673.74) 1673.71 (1673.73)
2.49959 3.49935 4.49973

33.0 1674.05 1674.05 1674.00
2.49959 3.49936 4.49973

34.0 1675.37 1675.36 1675.34
2.49959 3.49935 4.49973

“ The quantities in parentheses are the experimental values ob
tained by decreasing the temperature. Italicized numerals show 
the frequency.

It is conceivable that an electrolyte dissolved in water 
exists as ions and embryonic aggregates, especially 
in the concentrated solution. The following scheme 
may be proposed for the embryo in the solution.

Na^SOvlOHsO Na2S04 +  10H2O

That is, the embryo at the lower temperature has the 
same structure as that of the hydrous sodium sulfate 
but turns to the anhydrous form at the higher tempera
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ture. Then the change in the structure of the embryo 
causes the discrepancy in the velocity of sound in 
solution at the transition temperature. However, it is 
quite difficult to explain such a change in the velocity 
of sound as shown in the figure by consideration of the 
change in the structure of the embryo since the thermo
dynamic properties of these structures have not yet 
been studied.

As a result of the above description, it should be 
considered that a very small amount of hydrous sodium 
sulfate embryo exists even in the dilute solution at the 
lower temperature and it changes to that of anhydrous 
at the transition temperature when the temperature 
is increased. It is worth noting that no hysteresis 
could be observed in this phenomenon as shown in 
Table I, and this phenomenon may be applied to 
accurately determine the transition point.

Spin-Echo Nuclear M agnetic Resonance 

Studies o f  Chem ical Exchange.

V. Perfluorocyclohexane1

by H. S. Gutowsky and Fu-Ming Chen

N oyes  Chemical L aboratory, U niversity o f  I llin o is , Urbana, Illin ois  
{Received A p r il  22, 1965 )

The chair-chair isomerization of perfluorocyclo
hexane has been investigated by Tiers,2 who used 
steady-state, high-resolution n.m.r. methods for the 
purpose. However, neglect of internuclear coupling 
in determining exchange rates from high-resolution 
spectra tends to give systematic errors which make 
the apparent rates too high at lower temperatures 
near the slow exchange limit. This can be circum
vented by using a complete line shape method which 
includes the effects of the coupling.3 Another, simpler 
approach is afforded by spin-echo techniques,4-6 for 
which it has been demonstrated recently that homo- 
nuclear coupling, J, in cycles per second, between ex
changing nuclei does not affect the apparent exchange 
rate 1/2r provided that 1/2r >  3ft, where ® =  27r|/|.6 
The finding by Tiers2 of a relatively large, negative 
entropy of activation, about —10 e.u., for the perfluoro
cyclohexane isomerization led us to suspect the accuracy 
of his results, for reasons discussed in part III.6 Be
cause of this, we have used perfluorocyclohexane as 
a further test of the spin-echo methods developed 
to study intramolecular exchange of a coupled AB

system, applied in part IV6 to 19F in 1,1-difluorocyclo- 
hexane.

Experimental Section
The spin-echo apparatus and experimental procedures 

used in this study were the same as those described 
previously,4-6 as are the experimental errors. The 
sample of perfluorocyclohexane was obtained from 
Pierce Chemical Co., Rockford, 111., with indicated 
b.p. 52° and m.p. 51°. It was used without further 
purification. The pure liquid was studied between 
54 and 112°, in a sealed tube under its own vapor 
pressure. Also, measurements were made between 
54 and 23° upon extending the liquid range by adding 
30% by weight of isopentane as a diluent; this sample 
was degassed. A  suitable solvent was not found for 
measurements at lower temperatures.7

Results and Discussion
In the methods employed,4-6 the decay constant 

1 /T2 for the amplitudes of successive echoes in a 
Carr-Purcell train8 is determined as a function of the 
pulse separation icp. The parameters for perfluoro
cyclohexane are such that we observed only region A 
of the 1/T2 v s . 1/iop curves,4 in which 1 /T2 is relatively 
insensitive to l/tcp and has for l / i cp —► 0 the limiting 
value

(1 /T2) =  ( l / m  +  (1/2t) -  [ ( l /2 r )2 -

¡(SW) 2]Vi (1)

Thus, independent values are required for 1 /T 2° and 
for the chemical shift in order to determine the ex
change rate 1/2 r from the 1/Tz data.

The low-temperature, high-resolution value of 18.2 
p.p.m. for the axial-equatorial 19F chemical shift2 was 
used to calculate 5«; and 1/7V for each temperature 
was obtained b y  measuring the 19F l/7\  with the null 
method8 and assuming6'6 that 1 /T\ =  1 /T 2°. With 
these values as input parameters, the computer pro-

(1) This research was supported b y  the XT. S. Office o f Naval Research 
and by  the National Science Foundation.
(2) G . V . D . Tiers, P roc . Chem. Soc., 389 (1960).
(3) J. JonA", A . Allerhand, and H . S. Gutowsky, J . Chem. P h ys., 42, 
3396 (1965).
(4) I I :  A . Allerhand and H . S. Gutowsky, ib id ., 42, 1587 (1965). 
See also prior work cited therein.
(5) I I I :  A . Allerhand, F. M . Chen, and H . S. Gutowsky, ibid., 42, 
3040 (1965).
(6) I V : A . Allerhand and H . S. Gutowsky, ib id ., 42, 4203 (1964).
(7) The C F C h used as a solvent in the low-temperature high-resolu
tion work interferes with the spin-echo measurements. In  prin
ciple, the spin-echo method of IV 6 could give accurate values for the 
perfluorocyclohexane isomerization rate down to  about 0 °.
(8) H . Y . Carr and E. M . Purcell, P h ys . Rev., 94, 630 (1954).
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Figure 1. Arrhenius plot of log (1/2T )  v s .  1 / T  for chair-chair 
isomerization of perfluorocyclohexane. The spin-echo data are 
from our 19F n.m.r. experiments at 25.26 Mc./sec. on the pure 
liquid and on a 70% by weight solution in isopentane. The high- 
resolution data are from ref. 2 and are for 0.7 M  solutions of 
perfluorocyclohexane in CFCI3 and in benzotrifluoride.

gram FIT2X6-6 was used to determine the best fit 
value9 for 1 /2r from the 1 /T% vs. l / i op data obtained for 
each temperature. The results are given in Table I, 
which includes the l/Ti measurements but not the more 
copius l/T2 values. The temperature dependence of

Table 1: 19F Spin-Echo N.m.r. Determinations of the 
Rate of Chair-Chair Isomerization 
of Perfluorocyclohexane“

-------Pure liquid—-------------- «, -70%  in isopentane-
Temp., l/Ti, Temp., l/Ti,

°c. 1 /2r, sec.“ 1 sec.-1 °c. l /2 r , sec. “ x sec.-1

54 1.37 x  106 0.204 23 2 .6 3  X  104 0.113
60 1.78 X 106 0.198 30 3.80 X 104 0.110
70 2.92 X 106 0.193 37 4.90 X 104 0.110
78 4.40 X 10s 0.185 46 7.73 X 104 0.110
90 6.75 X 106 0.169 53 1.12 X 106 0.113

102 1.02 X 108 0.161
112 1.45 X 108 0.154

“ The spin-echo measurements were made at a l9F frequency 
of 25.26 Mc./sec.; in the calculations of l /2 r  from the ap
parent T i ,  TV* was taken equal to T i  and the axial-equatorial 
chemical shift was taken to be 18.2 p.p.m., the low-temperature 
value from ref. 2.

the exchange rate is shown in Figure 1, as an Arrhenius 
plot, along with the results of Tiers2 for comparison. 
The linear least-squares fit of our data gives a fre
quency factor of 1.35 X  1012 sec.-1 and an activation 
energy E& of 10.5 ±  0.2 kcal./mole.

It may be seen from the summary of activation 
parameters in Table II that our F?a and AH*oa are sub-

Table II : Activation Parameters for the Chair-Chair 
Isomerization of Perfluorocyclohexane, Obtained from 
the Temperature Dependence of 1/2r as Determined 
from 19F N.m.r. Studies“

Method E&1 kcal.
ag*m,
kcal.

AH*00, 
kcal.

AS*™,
e.u.

High resolution6 8.1 ±  0.3 10.9 7 .5  ±  0.3 -1 0 .2
This work 10 .5  ±  0.2 11.2 9.9 ±  0.2 - 4 .4

“ All parameters except E a are given for 298 °K. 6 These data 
are from ref. 2.

stantially larger than the earlier values while our value 
for AiS*c0 is closer to zero. On the other hand, the 
free energy of activation AG*,X is the same within 
experimental error for the two studies. It was pointed 
out in part III6 that comparative results of this nature 
occur when there are systematic errors in one set of 
data (or both). For the reasons mentioned in the 
introduction, we feel that such errors are present in 
the high-resolution study. The values for AG* are 
more reliable than for the other activation parameters,6 
and it is of interest to compare them for cyclohexane,6
1,1-difluorocyclohexane,6 and perfluorocyclohexane. 
Conversion to values appropriate for the chair-boat 
isomerization6 gives AG*ch to be 10.3, 9.5, and 10.8 
kcal./mole, respectively, for the three compounds. 
These values are surprisingly close to one another, 
but the differences are still large enough to be sig
nificant. The various activation parameters obtained 
for the isomerization of cyclohexane and of its deriva
tives have been discussed.6’10
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(9) W e wish to  thank the Departm ent o f Computer Science for their 
service in processing the data.
(10) F . A . B ovey, E . W . Anderson, F . P . H ood, and R . L. Kornegay, 
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Acetylene Production in  the Radiolysis 
o f  M ethane1

by R. H. Johnsen
D epartm ent o f  C hem istry , Florida State U niversity ,
Tallahassee, F lorida  {R eceived A p r i l  7, 1966)

An earlier study in this laboratory of the radiolysis of 
methane2 carried out at low conversion and in the pres
ence of various radical scavengers did not reveal the 
production of significant amounts of acetylene although 
this substance was specifically sought, nor have earlier 
workers reported the presence of acetylene in the reac
tion products. On the other hand, it is well known that 
acetylene is one of the chief products in the electric dis
charge, where high local concentrations of reactive 
transients would be expected.

Recently, a paper has appeared in which it was re
ported that acetylene was produced in significant quan
tities when methane at a pressure of 800 torr was ir
radiated with electron pulses.3 The G value reported 
varied from 0.25 to 0.01, depending on dose.

More recently, Hauser,4 using a tracer method, re
ported that methane irradiated at 100 torr with 2.8- 
Mev. electrons at a dose rate of 2.6 X  1020 e.v. min.-1 
g.-1 produced only very small amounts of acetylene, 
presumably detected because of the great sensitivity of 
the analytical method.

The most obvious difference in the experiments of 
Hummel and those carried out in this laboratory is the 
dose rate. Using a pulsed linear acceleration, the dose 
rate in Hummel’s experiments was 9.6 X  1023 e.v. 
min.-1 g.-1 per pulse, while in this laboratory the earlier 
work was carried out at a mean dose rate of approxi
mately 1019 e.v. min.-1 g.-1. Since Hummel has reported 
a dose rate effect for the production of ethylene over a 
tenfold change in dose rate, it was deemed of some in
terest to increase the dose rate of our experiments 
to the limit of the Van de Graaff accelerator (3 X  
1021 e.v. min.-1 g.-1) as well as to explore other possi
bilities such as variation in temperature and in pressure, 
the material of the radiation cell, as well as the rigorous 
exclusion of oxygen in order to determine the influence 
of these parameters in acetylene production.

Experimental Section
Experiments were carried out in two types of radia

tion cells. The first series employed a stainless steel 
cell with aluminum windows which has been described 
previously.2 For the second series, a Pyrex bulb of 
300-ml. capacity was used. Methane employed in 
these experiments was Matheson C.p. grade which con

tained 0.006% ethane as the sole detectable impurity. 
To remove any traces of oxygen, which has been sug
gested as an inhibitor of acetylene formation, it was 
degassed by pumping under high vacuum using pumped 
nitrogen as a refrigerant. This methane was then 
vaporized and passed through a column containing a 
freshly deposited surface of metallic sodium directly 
into the reaction cell. Samples were collected in a side 
arm following irradiation with 2.0-Mev. electrons by 
freezing with liquid nitrogen. This sample was in
troduced into the gas chromatograph by means of an 
ampoule crusher. Analysis was by means of a com
bination silica gel-squalene on Chromosorb P column 
calibrated with authentic samples. Total doses varied 
from 3.3 X  1019 e.v. g.-1 to 3.2 X 1021 e.v. g.-1. The 
lowest dose corresponds to about 0.01% decomposi
tion. Dosimetry was by means of the production of 
ethane (G =  2.00) from pure methane.

Results
Multiple runs were made in which oxygen was rigor

ously excluded, the dose rate varied by a factor of 300, 
the dose varied over two orders of magnitude, the tem
perature during irradiation varied from +300 to —78°, 
the pressure varied from 200 torr to 2 atm., and cell 
materials changed from stainless steel to Pyrex glass. 
Some of these variations in irradiation conditions had 
small effects on the over-all distribution of products. 
For example, at the lowest doses, ethylene was ob
served, in agreement with the work of Hummel, but in 
no case was acetylene observed as a product. That this 
was not due to the insensitivity of the analytical method 
was checked by adding acetylene to the reaction mix
ture. Levels of acetylene of the order of 0.005% were 
detectable.

When a small amount of acetylene (0.5%) was added 
to methane and irradiated, acetylene was consumed, 
producing ethane and propane in amounts proportion
ately larger than those formed in the absence of acet
ylene.

It is interesting to note that when irradiations were 
made with 10-Mev. protons from the Florida State 
University Tandem Van de Graaff accelerator, where 
the high LET has an effect similar to a very high local 
dose rate, acetylene was not observed.

There is some evidence for a dose rate effect in the 
production of propane. At a dose rate of 3.9 X  1020 e.v. 
min.-1 g.-1, the yield of propane was 0.36. At a dose

(1) Supported in part by  TJ. S. A tom ic Energy Commission Contract 
A T -(40 -l)-2001 .
(2) L . W . Sieck and R . H . Johnsen, J . P h ys. Chem ., 67, 2281 (1963).
(3) R . W . Hummel, D iscussions F araday Soc., 36, 75 (1963).
(4) W . P . Hauser, J . P h ys . Chem., 68, 1576 (1964).
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rate of 3 X  1021 e.v. min.-1 g .-1, the yield was of the 
order of 0.7. Hauser has reported a yield of 0.24 for a 
dose rate of 2.6 X  1020 e.v. min.-1 g.-1.

Acknowledgments. The author wishes to thank 
Messrs. M. Riggenbach and T. Hamill for carrying out 
the experimental work herein reported.
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Rates o f  the Sim ultaneous Oxidation and 

R eduction  o f  D iphenylpicrylhydrazyl on 

T itanium  Dioxide and Carbon Black. The 

R ole o f  F-Centers in  Catalytic A ctivity1

Sir: Solutions of diphenylpicrylhydrazyl in benzene 
(about 1.27 X 10-2 m) in the presence of certain sur
faces undergo intermolecular oxidation and reduction. 
The percentage yields at the completion of the reaction 
are essentially the same on all surfaces studied as indi
cated by thin layer chromatographic studies of the 
final solution. The main portion of the reaction pro
ceeds according to the over-all process
Ph
^N—NPic +  2H20  ----- ►

Ph

Ph

~3N— NHPic +  0 ^ > 0  +  H2N—< ^ > —NHPic 

Ph

as has been demonstrated by isolating the products. 
Without the presence of the surface there is no appreci
able reaction even on stirring the solutions with air.2

It is a simple matter to ascertain the order of this 
reaction by following the disappearance of the radical 
from the solution using the electron spin resonance 
signal as a measure of concentration. The line shape 
derivative traces were taken on aliquots of the solution 
at certain time intervals. The instrument was the low- 
frequency electron spin resonance apparatus manu
factured by Alpha Scientific Laboratories (Model AL- 
340). The relative concentration of the solution was 
obtained by integrating the trace from zero to infinity.

In all cases 10 cc. of solution, shaken uniformly with 
the amounts of catalyst specified below, was used. 
Measurements were made at 24° with 1.25 g. of anatase 
(263 m.2/g . B.E.T.: N2) and on 1.25 g. of the same

anatase after it had been exposed to benzene solution, 
initially 1.27 X 10-2 m in benzene, for sufficient time 
for the above reaction to have become essentially com
plete. Neither sample was previously evacuated. 
The anatase initially had 7.55 wt. %  of a sample of 
sulfuric acid adsorbed on its surface and presumably 
held by ester-type linkages. It was found by acid- 
base titration that after having catalyzed the complete 
reaction of a 1.27 X 10-2 m solution none of the sulfuric 
acid was removed from this anatase. Measurements 
were also made on a sample of 0.5 g. of carbon black 
(Cabot Carbolac 2, 800 m.2/g .).

Figure 1 is a graph of log C vs. T for the reaction at 
24° for all three samples. Clearly, the reaction is first

TIME (Hours) (
t  2  3  4  5  6  7  8

Figure 1. Rate of intermolecular reaction of 
diphenylpicrylhydrazyl in benzene; log C  v s .  time at 24°: 
O, anatase (263 m.Vg.) 1-25 g./lO cc.; A, carbon black 
(800 m.2/g .) 0.50 g./lO cc.; 9 ,  anatase treated as in text, 
1.25 g./lO cc.

(1) This work was supported by a grant from the National Science 
Foundation.
(2) J. G. Aston, D. N. Misra, and K. M. Cresswell, N a t u r e ,  in press.
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Figure 2. Rates of intermolecular reaction of 
diphenylpicrylhydrazyl in benzene: log C  (moles liter-1) v s .

T  (min.) for 1.25 g. of anatase (263 m.2/g.) for 10 cc. of 
solution: 9 ,  20°; O, 10°.

order. The more rapid rate on the used anatase is 
probably due to modification of the ester linkages by 
atmospheric moisture taken up while filtering the 
anatase off from the initial reaction mixture. Solu
tions of diphenylpicrylhydrazyl without catalyst in the 
presence of air and light are relatively stable.

Figure 2 shows similar graphs for 10-cc. samples of a 
1.27 X 10-2 m solution in benzene shaken with 1.25 g. 
of a fresh sample of the same anatase at 10 and 20°.

A plot of the values of log k vs. l/T for the reaction 
catalyzed by the fresh anatase shows that the energy of 
activation is approximately 10 kcal. mole-1.

A first-order reaction on the surface would produce 
an apparent first-order reaction based on the solution 
concentration if the adsorption isotherm were essen
tially linear.

In view of the complicated nature of the oxidation 
products and the fact that only one reduction product, 
diphenylpicrylhydrazine, is found one must conclude 
that the rate-determining step is the surface reaction
Ph Ph

\  .  \
N—N—Pic +  HaO +  ©  — >- N—NH—Pic +  OH-

P i /  P i /

the electron coming from a carbon radical or a T i3+ 
F-center. It follows that the carbon radical or F- 
center must be regenerated elsewhere by the oxidative 
side of the reaction and that therefore the radical cen
ters and the F-centers are mobile.

It cannot be the oxidation step that triggers, since 
this involves a complicated series of consecutive re
actions. Both the anatase and the carbon black had 
evidently contained sufficient water for there to have 
been a large excess available to the surface. If there 
were 0.05 monolayer of water on either surface this

would correspond to approximately a 20-fold excess 
of that needed for the reaction.

Spackman3 has made electron spin resonance obser
vations on what he considers to be diphenylpicrylhydra
zyl chemisorbed on carbon black. From the increased 
signal intensity he concludes that diphenylpicryl
hydrazyl does not pair with the free electrons on carbon 
black. However, he records that the signal does not 
change with time. We have found an appreciable de
crease in signal by the above reaction according to a 
well-defined surface unimolecular rate law. This 
surface reaction is now being studied exhaustively. 
It is probable that in Spackman’s results all the di
phenylpicrylhydrazyl had disappeared.

(3) J. W . C. Spackman, Chem. In d . (London), 1532 (1961).

Department of Chemistry J. G. Aston
The Pennsylvania State University D. N. M isra
University Park, Pennsylvania
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Relationship between Parachor and Z ism an ’s 
Critical Surface Tension o f  Polym ers

Sir: The surface free energy of a liquid, which is 
identical with its surface tension, is well known. An 
empirical relation between surface tension, y, and molec
ular structure exists

where M is the molecular weight of the liquid, D and d 
are the densities of the liquid and its vapor, and P, 
parachor, has the additive property for constituent 
chemical units. If d < <  D

P  =  y /lVm (2)

where Fm is the molar volume of the liquid. Theo
retical support for the molecular additivity of parachor 
stems from the principle of corresponding states, since 
from eq. 2 parachor is the molar volume of unit surface 
tension. This additivity of parachor is useful to 
estimate the surface tension of a liquid from knowledge 
of its chemical structure.

In contrast, very little is known of the exact magni
tude of the surface free energy of solids, even for 
simple ionic crystals. It was of interest to establish 
a similar empirical relationship whereby estimates 
might be obtained for surface free energy of solids. 
However, the general surface morphology, particularly 
the crystal structure, often predominates over the chem-
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Table I

Constituent
group

7p,
ergs/cm.1 2 Polymer

7c>
ergs/cm.2 Ref.

-CF2- 7.4 Polytetrafluoroethylene 18 a

-CHjj-C H - 7.5 Polyvinyl alcohol 37 b

OH
-CFü-CFH 7.95 Polytrifluoroethylene 22 a

—CF2—CH2— 8.47 Polyvinylidene fluoride 25 a

-CFH-CUr- 9.22 Polyvinyl fluoride 28 a

-CHs-CiCHsV- 10.0 Polyisobutylene
-CHr- 10.2 Polyethylene 31 a

c h 8

-CHs-C- 13.0 Methyl methacrylate 39 a

COOCH3
- c c ih - c h 2- 14.2 Polyvinyl chloride 39 a

-CHü-C H - 15.0 Polystyrene 33-43 a

c 6h 6
Cl

-CH2-C=CH-CHü-
-CC12-CH2~

15.6
16.9

Neoprene
Polyvinylidene chloride 40 a

— 0—ch2ch20c/ ~ \ c— 17.6 Polyethylene tere- 43 a

IIW II 0 0 phthalate

° W. A. Zisman, ref. 1. b B. R. Ray, J. R. Anderson, and J. J. Scholz, J .  P h y s .  C h e m . ,  62, 1220 (1958).

ical constitution in determining the surface free energy 
of most solids. Organic polymers represent possible 
exceptions. The surface of solids can generally be con
sidered as an extension of the bulk structure, with an 
increased number of defects. Since commonly avail
able polymers are often amorphous in the bulk, their 
surface is probably liquid-like. Furthermore, the con
stituent groups and side chains of these polymers should 
be able to move more freely in the surface than in the 
bulk. Although the surface cannot be considered 
truly liquid, the correlation of surface free energy with 
constituent groups such as additivity of parachor 
appears possible.

Zisman1 established the concept of critical surface 
tension, ye, of polymers, which he defined as the surface 
tension of the liquid below which a liquid spreads on 
the solid surface. This critical surface tension, y0, 
is useful as a first approximation to surface free energy 
of these low energy solids. Limitations of this approxi
mation are numerous, such as negligible vapor adsorp
tion, additivity of interaction, and the rule of geo
metric mean for interaction between unlike molecules.2'3 
However, extrapolation of surface free energy of poly
ethylene from high temperature measurements4 gives

a value of 35 ergs/cm.2, which compares favorably to 
Vo measurements of 31 ergs/cm.2. Thus we may be 
justified in using y0 in an empirical correlation.

Assuming the validity of eq. 2 for these low energy 
polymer solids and that each polymer chain consists 
of basically repetitive monomer units [i.e., polyethyl
ene to be essentially methylene units, (-CH2- ) n, and 
polytetrafluoroethylene to be fluorocarbon, (-CF2-)„J 
the additivity of parachor becomes

v, =  P  (polymer)
Tp Vm (polymer)

nP (monomer) 
nVm (monomer)

P  (monomer)
Vm (monomer)

(1) W . A . Zisman, Advances in Chemistry Series, N o. 43, American 
Chemical Society, W ashington, D . C., 1964, p. 1.
(2) R,. J. G ood and L. A. Girifalco, J . P h ys . Chem., 64, 561 (1960).
(3) A . W . Adam son and I. Ling, Advances in Chemistry Series, 
N o. 43, American Chemical Society, Washington, D . C., 1964, p. 57.
(4) H . W . Starkweather, Jr., Soc. P lastics Engrs. J ., 5, 5 (1965).
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Parachor values of many constituent groups have been 
reported.6 The molecular volumes used are those at 
the boiling point,6 since molecules are thereby at the 
same reference state and the additivity of molar 
volumes of constituents can be invoked. yp values 
calculated for various constituent groups from eq. 
3 are shown in Table I. Also tabulated are the critical 
surface tension values yc of various polymers which 
correspond to the constituent groups. Figure 1 shows 
the correlation of y0 with 7P. The generally good cor
relation seems to suggest amorphous or liquid-like 
surface structure of the polymers, at least as far as 
the sensitivity of the contact angle and critical surface 
tension measurements can determine. Figure 1 should

Figure 1. Correlation of y c  with. y p  calculated from parachor.

also serve as a guide for estimating surface free energy 
of polymers. The apparent decrease of the slope of 
7c vs. 7P may indicate gradual departure of the critical 
surface tension from the true surface free energy. The 
deviation of polyvinyl alcohol may be due to the polar 
hydroxyl groups which are prone to adsorb water from 
the air through hydrogen bonding.
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(5) R . R . Dreisbach, Advances in Chemistry Series, N o. 29, Am erican 
Chemical Society, W ashington, D . C., 1961, p. 9.
(6) C. W . Bunn, J . P olym er Sci., 17, 323 (1955).
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Apparent V iolations o f  G ibbs-D uhem  Relations 

and the L im iting Laws o f  Dilute Solutions

Sir: Elliott, et al.,1 have recently published their 
results on the activity of Cd, oi, in liquid Cd-Ga solu
tions. The purpose of this communication is (1) to 
show that the equations used to represent ai as a func
tion of composition violate the Gibbs-Duhem relations 
and lead to the rejection of their equation for the 
activity of Ga, a2, even if an apparent violation of 
Raoult’s law is accepted, and (2) to clarify the discus
sions concerning the laws of dilute solutions.2’3 

The Gibbs-Duhem relations are based on (1) the 
axiom that the extensive thermodynamic properties, 
e.g., the Gibbs free energy, G, are homogeneous functions 
of first degree in the number of moles, (2) the existence 
of d(? =  EdP — SdT in accordance with the first and 
the second laws, and (3) integration of d(? at constant 
temperature leading to the recognition of chemical 
potential and the definition of activity. It is there
fore valid irrespective of the validity of Raoult’s and 
Henry’s laws.4 The equation used for the activity of 
Cd by Elliott, et al., is

ai =  Tl(i — N) =  1 — gN +  hN2 (1)

where N  is the mole fraction of Ga, 71 the activity co
efficient of Cd, and g and h are the constants indepen
dent of N. The values of g and h for Cd representing 
the best data were shown to be 0.856 and 0.943, re
spectively.1 Their proposed equation for Ga is

0 2  =  72N =  jN  +  kN2 (2)

Substitution of these equations in the Gibbs-Duhem 
relation, (1 — N) d In a\ +  N d In ch =  0, and simplifi
cation yields

(1) G . R . B . Elliott, J. F . Lemons, and H . S. Swolïord, J . P h ys . 
Chem., 69 , 933 (1965).
(2) S. D . Christian and N . Fogel, ibid., 6 9 , 2135 (1965).
(3) G . R . B . ElRott and J. F . Lemons, ib id ., 6 9 , 2135 (1965).
(4) N . A . Gokcen, ibid., 64, 401 (1960).
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(2hk -  hj -  kg)N2 +  (2k +  2hj -  kg)N +

i ( l  -  9) =  0 (3)

Since the coefficients of N  and N 2 in eq. 3 are inde
pendent of N  and eq. 3 is zero for all values of N, it 
follows that the term ed — g) as well as the coefficients 
of N and N 2 must each be identically zero. Substitu
tion of the authors’ values for g and h shows that it is 
not possible to satisfy eq. 3 in view of the fact that j  
and k cannot be simultaneously zero. It is irrelevant 
to the present discussion to consider j  =  k =  0 but if 
this were so, then a2 =  0, and this would simply indi
cate the disappearance of Ga by a strong compound 
formation with Cd in which case it is necessary to 
choose the second component as the compound rather 
than Ga and again use eq. 2 so thatj and k cannot both 
be zero. The possible sets of values satisfying eq. 3 
without,/ =  k =  0 are d )  Q — 1, h =  0, k =  0 ,j  >  0 ;
(2) g =  1, h =  0.25, j  =  —2k; (3) g =  2, h =  1 , j  =  0, 
k >  0. The last set is of questionable validity but 
need not concern the present discussion. It is there
fore evident that for the system Cd-Ga, eq. 1 and 2 
proposed by the authors1 and the molecular reasoning 
supporting these equations are unacceptable. Also, 
the only possible value of g satisfying the set of equa
tions «1 =  1 — gN and eq. 2, i.e., their eq. 6C and 7 
(or «! =  1 — gN and a2 =  jN), is g =  1, hence, the au
thors’ contention that Henry’s law is obeyed but 
Raoult’s law may not be obeyed violates mathematics 
and the laws of thermodynamics. Further, the re
strictions imposed by eq. 3 on eq. 1 and 2 make these 
equations useless for the representation of activity data. 
There are numerous satisfactory equations6 for this 
purpose which satisfy the requirements of the Gibbs- 
Duhem relations and fit any set of data when a func
tional representation is desired.

The limiting laws of solutions state that 71 -*■ 1 and 
72 -*■ j  as N -+■ 0 and j  is a finite positive nonzero 
quantity in measurably miscible systems. In general 
the more accurate the measurements the smaller the 
composition range where the deviation from 71 =  1 is 
not distinguishable from the experimental errors. The 
deviation reported by the authors at the lowest Ga 
content is no larger than that in aqueous electrolytic 
solutions and does not constitute a violation, although 
it is surprising for nonelectrolytic, and in particular 
for metallic, solutions. The argument presented by 
Christian and Fogel2 that Ga is dissolved by substan
tial dimerization is plausible, but it must await direct 
measurements on the activity of gallium. Finally, it 
is suggested here that direct measurements of the vapor 
pressure of Cd over Cd-Ga are highly desirable before 
the two indirect sets of data by means of isopiestic

balance1 2 are accepted in order to assure that there are 
no unknown sources of errors.

(5) See, for example, E . Hala, et al., “ V apor-L iquid  Equilibrium ,”  
Pergamon Press, London, 1960, p. 60.

Chemical Thermodynamics Section, N. A. Gokcen
Laboratories Division 

Aerospace Corporation 
El Segundo, California
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Interionic Vibrational Absorption Bands o f  Ion 
Aggregates in  Benzene Solution

Sir: The existence of ion pairs, triple ions, and higher 
aggregates in solutions of ionic salts in solvents of low 
dielectric constant has long been recognized and much 
information has accumulated.1 Vibrational spectros
copy promises to provide additional information— 
the frequency of vibration, and hence the force con
stant, of the ion-pair bond. The purpose of this com
munication is to demonstrate that absorption bands 
which may be assigned to interionic vibrational modes 
of these aggregates can be observed in the low-fre
quency infrared spectra of solutions in benzene. These 
bands were observed during the course of a study of the 
strongly hydrogen-bonded hydrogen dihalide ions.2

Spectra were recorded, using a Beckman IR -II in
strument with polyethylene cells, of benzene solutions 
of some tetra-n-butylammonium and tetra-ra-pentyl- 
ammonium halide and hydrogen dihalide salts. The 
solubilities of the lower members of the tetraalkyl- 
ammonium salt series in benzene were found to be too 
low for this study because solvent absorption restricted 
the usable thickness to a maximum of a few millimeters. 
This latter restriction also limited the concentration 
range of study of the more soluble salts and this in 
turn, coupled with the broad nature of the absorption 
bands which limited the accuracy of band-center de
termination, prevented an adequate study of the de
pendence of band position upon solution concentration 
from being made. No band shifts were observed 
over the concentration range 0.05 to 0.2 M. Some 
typical spectra are illustrated in Figure 1, which also 
includes the spectra of the solid materials suspended 
in Nujol. Table I contains the wave number values 
of the bands assigned to the interionic modes of ag
gregates in benzene solution. These assignments are

(1) C. A . Kraus, J . P h ys. Chem., 60, 129 (1956).
(2) J. C. Evans and G. Y -S . Lo, to  be published.
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Figure 1. Spectra of solids (dotted lines) and of benzene 
solutions (full lines); tetrabutylammonium chloride 
(0.059 M ) in 2-mm. cell; tetrabutylammonium bromide 
(0.066 M )  in 2-mm. cell.

Table I : Bands Observed in the Far-Infrared Region 
for Solutions of Salts in Benzene and Assigned to 
Ion-Aggregate Modes“

Salt cm.-1

(w-C4H9)4N.C1 120 ± 3
(n-C6H „)4N-Cl 119 ± 3
(n -C A )^ 7 -Br 80 ± 4
(n-C6Hu)4N-Br 80 ± 4
(n-C4H9)4N • C1HC1 102 ±  5
(n-C4H9)4N • C1DC1 102 ± 5
(w-C4H9)4N-BrHBr 73 ±  5

“ Asymmetry of the bands on the lower wave number side 
suggests the presence of other unresolved bands.

based mainly upon a comparison of the spectra of the 
chlorides and bromides, upon the established existence 
of ion aggregates in these solutions, and upon the band 
locations; they are near to but somewhat higher in 
frequency than the lattice modes of the solid salts. 
Evidence presented recently8 indicates the presence 
of shorter interionic distances in ion pairs than in the 
solid lattice, which implies stronger bonds and higher 
vibrational frequencies for the ion pairs. Comparison 
of the infrared spectra of chloride and bromide salts of a 
common cation shows that the only major difference 
occurs in the 100-cm.-1 region where the chlorides 
and the bromides show bands near 120 and 80 cm.-1, 
respectively. The ratio of frequencies, 1.5. is sugges
tive of interionic vibrational modes since the square 
root of the ratio of reduced masses of bromide and chlo
ride ion pairs is about 1.4. The bands for the cor
responding tetrapentylammonium and the tetrabutyl
ammonium salts differ by only 1 or 2 cm.-1, which is

again in agreement with the expectation suggested by 
the reduced mass ratio.

Earlier studies1’4 support the belief that, at the con
centration level presently used of about 0.05 M  in 
benzene solution, the ion pairs are further associated 
to form quadrupoles and, possibly, even higher species. 
For our present purpose a simple model must be as
sumed and the best choice appears to be the quadrupolar 
model. This is also the model which has been success
fully applied in several recent studies of alkali-metal 
halide dimers, M 2X 2.5-7 A  planar, rhombic structure 
with D2ii symmetry has six normal modes, three of which 
are infrared active. Two of these are ring stretching 
modes which are degenerate if the structure is a square 
while the third is an out-of-plane mode expected to be 
at lower frequency. In the present system, the cation 
is larger than the anion and the structure is probably 
not a square; the asymmetry apparent on the low- 
frequency sides of the observed bands may be associated 
with the second infrared-active stretching mode. For 
the simple chlorides this is estimated to be near 80 
cm.-1 and, if we follow the assumptions of White, 
et al.,6 concerning the values of the several interaction 
force constants, we derive a value of about 70° for 
the acute angles of the rhombus and a value of 0.22 
mdyne/A. for the stretching force constant of the ca
tion-anion bond. These are crude approximations 
only.

Additional studies using other nonpolar solvents at 
these concentration levels should be possible. How
ever, attempts to use solvents of higher dielectric con
stant which are known to break up ionic aggregates 
were unsuccessful. Methylene chloride, acetonitrile, 
and acetonitrile-benzene mixtures were unsuitable 
because of the presence of very broad solvent absorp
tion bands in the 100-cm.-1 region. Such absorptions 
are generally present in the spectra of polar liquids 
and have been assigned to vibrational modes of the 
intermolecular dipole-dipole complexes present.8 3 4 5 6 7 8

(3) H . K . Bodenseh and J. B. Ramsey, J . P h ys . Chem ., 69 , 543 
(1965).
(4) E . D . Hughes, C. K . Ingold, S. Patai, and Y . Pocker, J . Chem. 
Soc., 1206 (1957).
(5) J. Berkowitz, J . Chem. P h ys ., 29, 1386 (1958); 32, 1519 (1960).
(6) D . W hite, K . S. Seshadri, D . F . Dever, D . E. M ann, and M . J. 
Linevsky, ibid., 39, 2463 (1963).
(7) S. Schlick and O. Schnepp, ibid., 41, 463 (1964).
(8) R . J. Jakobsen and J. W . Brasch, J . A m . Chem. S oc., 86, 3571 
(1964).
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