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ELECTRODE POTENTIALS IN FUSED SYSTEMS.
A THERMODYNAMIC AND KINETIC STUDY OF THE AgCl-

Iv.
NaCl SYSTEM®

By Kurr H. STERN

Depa-tment of Chemasiry, University of Arkansas, Fayetteville, Arkansas
Received May 29, 1957

The cell Ag/AgCl, NaCl/Cl, has been studied over the complete concentration range ‘raom pure AgCl to pure NaCl be-

tween 750 and 900°.

do not yield thermodynamic data in the dilute region.
cloged systems, and with 270-day Ag!i®m tracer.

Jfor solutions very dilute in AgCl, silver reacts spontaneously with NaCl.
tions of the binary solution arc given and compared with the corresponding bromide systen:.
The reaction Ag -+ NaCl— AgCl - Na hag been studied in open and
Rates of reaction have been measured at several temperatures between

The thermodynamic func-
It is likely that galvanic cells

850 and 1080. The reaction is driven by the distillation of sodium,

Introduction

In paper II of this series? the cell Ag/AgCl, KCl/
Cl, was shown to behave reversibly from 0.05 mole
fraction of AgCl up to the pure salt. It wasshown
that the free energy of dilution of AgCl by KCl is
linear with concentration down to the lower value
and then drops sharply tcward minus infinity, 7.e.,
thermodynamic funections cannot be obtained for
systems which behave irreversibly.

In agrecment with the rasults obtained by Hilde-
brand and Balstrom? for the AgBr-KBr system, the
AF of dilution in the AgCl-KCl system also devi-
ates negatively from ideality. Since the sign of
the deviation s determined by the dilution of silver
ion by the alkali metal cation, the anion only af-
feeting its magnitude, it seemed of interest to ex-
tend our work to the AgCl-NaCl system. For the
corresponding AgBr-NaBr system Hildebrand and
Salstrom already found a positive deviation.

Our concern here is primarily with solutions di-
lute in silver. The free energy of dilution of the Ag-
Cl-KCl system exhibits a1 abrupt break to a more
negative slope near 0.05 mole fraction AgCl. or

(1) This research wes supportec by the United States Air Foree
thrangh the Ofice of Scientific Researeh of the Afr Research and De-
velonment Command under Contract AF 18(A00)-0G0. Reproduction
in whole or in part is permitted for any purpose of the Unitnd States
(Gavernment. DPresented at the 131st meeting of the American Chemt-
cal Society. Miami, Fla., April 7-14, 1067

(2) K. H. Stern, Tins Journat, 60, 679 (1956).

(3) (a) F. 1. Salstrom and J. H. Hildchrand, J. Ane. Chem. Soe.. b2,
4650 (1030); (b) =. J. Salstrom, ibid., 88, 1794 (1931}; (¢) B3, 3385
{1031); (d) 64, 4252 (1932); () J. H. Hiltebrand and E. J. Salstrom,
thid., B4, 4257 (1932).

sohutions more dilute than this, silver was fcund to
react spontaneously with KCl to form AgCl and
metallic potassium. If the same phenomenon
should occur in the AgCi-NaCl system it would
lead to a reversal of the slope of the free energy
function~mole fraction plot. As our fesults show
this is the case. Consequently, we also examined
the kinetics of the reaction between silver and Na-
Cl. To our knowledge the kinetics of reactions
between metals and molten salts have not previ-
ously been reported though of course many such re-
actions are known and have been used for prepara-
tive purposes. This feld is also of interest in cou-
nection with high temperature corrosion.® The
mechanism of many of these reactions is complex,
however, and it is difficult cven to isolate and iden-
tify the products. "The reaction reported here is
simple and may, on the basis of previous evidence,?
be hypothesized as Ag -+ NaCl— AgCl 4 Na.

The reaction was studied both in open and

“closed” systems, using conventional gravimetric
methods of analysis, and in an open system by a
radiochemical method. ““Closed” means in sealed
Vycor capsules.

Experimental Part

Galvanic Cell.-~The maasurcments on the galvanic cell
Ag/AgCl, NaCl/Cl, were made by the same ;{u’ocedum that
was uscd previously on the cell Ag/AgCl, KCI/Cl;. The
sodium chloride was of C.p. grade.

Open System Kinetics.—A 25 X 200 mm. Vyeor test-tuoe
was preheated to the desired temperature in a well insulated

(4) CF. D). AL NMathews and R, P. Kruh, frd. Eng. Chem., 49, 55
(1957).
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furnace, approximately 40 g. of NaCl added, the system
again brought to temperature cquilibrium and from 6
to 8 g. of silver added, the metal being variously in the
form of sheet, buttons, or wire, uniformly of 98.99Y%, purity
{on the initial addition of silver to the melt, Hashes of light
were emitted, evidence of the initially rapid evolution of
sodium vapor). In all the runs the metal was submerged
well below the surface of the melt to prevent contact with
atmospheric O.. The melt was constantly stirred by a
hollow, motor-driven 9 mm. Vycor tube to minimize con-
centration gradients. Stirring speed was approximately
250 r.p.m. Samples were withdrawn periodically with a
Vycor tube for analysis, Temperature (luctuations were
held to ==5°, Since the reaction is very slow and relatively
temperature insensitive these are probably rather unimpor-
tant. The temperature was measurcd with a chromel-
alumel thermocouple placed in a nickel protection tube.
The hot junction was kept near the bottom of the melt.
The furnace was well insulated and temperature gradients
at the reaction site were negligible.

Closed System Kinetics.—15.00 g. of NaCl and 3.00 g.
of Ag were weighed into a Vycor capsule made from 15 mm.
tubing and sealed in under vacuum {(~10"? mmn.). Ineach
run from five to ten such capsulss were placed in a furnace
preheated to the desired temperature. At intervals they
were withdrawn for analysis. Because of the expansion of
alkali halides on solidification the vials usually cracked on
cooling, The large pieces of glass on the outside of the vial
wereremoved. The layers of glass next to the melt were too
firmly attached to it to allow simple removal. This layer
contained crystalline Si0 as well as metallic 8i, produced
through the reduction of 8i0: by sodinm vapor formed in the
reaction Ag + NaCl — AgCl + Na.

{The reduction of Si(); by the alkali metals, according to
the equation Si0; -~ 4Na — 2Na,0 -4 Si, is a standard
method for the preparation of metallic silicon. That the
reaction goes under the conditions of the above experiment
was verified by sealing ~ 0.1 g. of Na into a Vycor capsule
under vacuum. After 24 hours at 800° the entire inside of
the capsule was coated with a layer of black graphitic 8i.)

The melt was crushed, the large unreacted pieces of silver
removed and weighed, the melt was weighed, dissolved in
NH,OH and the filtrate analyzed gravimetrically for silver
by the sulfide method. The remaining solid containing Si,
Si0, and tiny bits of metallic Ag was wreated with HNO; to
dissolve the silver. In this way a material balance could be
run for silver. In most cases agreement was very good.

Silver coneentration in both open and closed systems was
caleulated on, the basis of {(NaCl — AgCl) weight only.

Vacuum Experiment.—To determine whether small quan-
tities of Hx or O, were responsible for the reaction several
grams of NaCl washeated slowly to abcut 8507 in an appara-
tus similar to the onc deseribed urder “Open System” except
that the test-tube was cnelosed in a vacuum system. The
salt was dehydrated by heating under continuous pumping,
silver added, and the pumping continued for 36 hours.
Analysis of the cooled melt showed the presence of AgCl.

Radiochemical Method.—Since the gravimetric analysis
for silver is not very satisfactory for small amounts and since
the initial course of the reaction is of interest, an “‘open
system’ run was made using 270 day Agl as a tracer.
Seven g. of the silver described above and 1 g. of Reagent
Grade AgCl (used as standard) were irradiated 30 days in
the X-10 reactor at Oak Ridge at a flux of about 5 X 101
neutrons/em.?-sec. to produce 270 day Aghom.

The samples were counted by the integral-bias method on
a scintillation spectrometer fitted with a 1.5 X 1 inch Nal-
(TI) erystal, the discrimination level being set so that only
y-rays above 360 kev. were counted. In this way, the cor-
rections for sclf-absorption and self-scattering in the source
(100 mg./em.* on the average) were made negligible.
Moreover, counting was carried out at two levels of dis-
erimination in order to confirm that such corrections actually
are negligible under these conditions. Background inside
of a 4-inch thick lead shield was about 50 ¢./m. Duplicate
samples woere preparcd and counted (tiwice each) to assure
reproducibility, for at least 5 minutes. In all casecs, the
accuracy and reproducibility checlied to within -£29%,, when
counting was done on the same day to avoid correction for
radioactive decay and to minimize variations in electric gain
of the seintillation counter. Tn order 1o calibrate the spe-
cific activity (counts/min. per mg.) of the gsamples in terms
of mole-fraction of silver present, samples of the irradiated
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AgCl were weighed and counted along with the samples
from the kinetic run. This calibration was evaluated to be
1.3 X 10° counts/min. per mg. = 1 mole Ag.

‘Fhis silver (specific activity ~ 2 X 10¢ dis./sec. per mg.)
was then used in a kinetic run at 857° as described under
“‘open system’’ above. Samples of the mell were with-
drawn at intervals for analysis. Since less than 50 mg.
was sufficient for the detection of activity, many more
samples (25 in all) could be taken than was possible by the
conventional method. Moreover, since the method is very
sensitive, kinctics for very short times could be obtained.
Thus the irst sample, talken 2 minutes after immersion of
the silver in the melt, showed an activity of three times
background, whereas the gravimetric technique restricted
analysis to samples talken after 25 hours.

Results

The Cell Ag/AgCl, NaCl/Cl;.- ‘The temperature
variation of the cell Ag/AgCl, NaCl/Cl, for various
mole fractions of AgCl is shown in Table I. The
mole fraction of AgCl is defined as

NAeCL

nagel T Mnacl
and the »’s represent the number of moles of the
component in guestion.

.'.'VAgC L=

Taere [

LrecirrovE PoTENTIALS OF TIE (ELL
Ag/AgCl, NaCl/Cl,

Naze {(~C.) E{v.) LE/d?T X 10
0.5260 741 0.8693 —1.88
788 8603
806 8572
856 . 8483
896 .8399
.3331 766 8947 —1.40
812 . 8867
871 8779
018 .8736
2530 812 9101 -1.49
839 9068
911 89556
949 . 8888
1233 -817 9780 —0.648
865 L9752
913 9718
.0891 813 1.0246 +0.308
866 1.0329
026 1.0280
L0775 844 L0185 0.450
895 1.0514
938 1.0530

Several sets of data are now available for the cell
Ag/AgCl/Cl,.  Because the potential of this cell,
£ is involved in all subsequent calculations a
comparison is of interest. The earliest reliable
measurement was made by Salstrom,® who worked
in the temperature range 460- 600°. The results
recently reported by the author? are within 2 mv. of
Salstrom’s data. While the current work was in
progress I learned of similar work heing done by a
group at the Oak Ridge National T.aboratory.
Their measurements were carried to 800°. They
are in substantial agreement with the studies
cited above and show that dF/d¢ is linear over the
{3) E. J. Balstram, 7. Am. Chem. Soc., 65, 2426 (1933).

(6) M. I3, Panisli, R. F. Newton. W. R. Grimes, I'. I". Blankenship:
1Ir. Panish has very kindly sent me the data in advauce of pubtication.
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entire range of temperature. E° values also have
been computed from heat capacity data.” While
the agreement is close between these and the ex-
perimental values at the lower temperatures, the
slope is sufficiently less so that the computed I° is
about 20 mv. higher at 900° than the straight-line
extrapolations of the experimental data. The ex-
perimental values probably are more reliable.

The curves, linear over the temperature range
studied, are qualitatively similar to those for the
AgCl-KC] system. One difference, however, is
noticeable. For solutions below 0.1 N a,c; the sign
of dE/dT becomes positive. Since this quantity
corresponds to the entropy of formation of AgCl in
a medium of the indicated composition, it follows
that the entropy term is favorable to the formation
of AgClin dilute NaCl, but not in KCL

Open System Kinetics.—The dependence of
silver concentrations on time for four temperatures
is shown in Fig. 1. No correction has been made
for the change of NaCl/Ag ratio resulting from the
withdrawal of sample. The data for the radio-
chemical measurement are plotted in I'ig. 2. Since
the samples required for analysis were less than 50
mg., the NaCl/Ag ratio remained nearly constant
during the entire run. This difference accounts for
the divergence of the two 860° runs. The agree-
ment with the data resulting from chemical analy-
sis is quite good for the first 300 hours. The prob-
lem of determining the order of the reaction is
quite difficult and will be treated in the Discussion.
Several conclusions may be drawn.

1. Silver at concentrations near 1075 mole
fraction is found in the melt after only two minutes.
This may be atomic or ionic silver. The radio-
chemical method does not distinguish.

2. Over the range of time and concentration for
which both chemical and radiochemical methods
were used the concentration of silver found by both
methods is nearly the same. Thus, at least after 20
hours, the silver in the melt is predominantly
ionic.

3. The rate of reaction clearly incrcases with
temperature.

Closed System Kinetics.—The kinetic data for
the closed system runs are shown in Fig. 3. This
set of runs was made to see whether (1) the pres-
ence of oxygen is necessary for the reaction to occur,
and (2) preventing the distillation of sodium from the
system prevents the react’on from occurring. This
had been postulated previously.?#

The answer to question (1) is clearly negative, as
1s shown also by the expsriment done under vac-
uum. The experiment does not provide a com-
pletely urambiguous answer to question (2), but is
good evidence for the hypothesis. The reaction
rate is definitely less in the sealed capsules than in
the open tubes but the reaction of sodium with the
810, of the container walls means that the system is
not really closed in ths thermodynamic sense.
However, the reaction of Si0, is good evidence that
the reaction is driven by the distillation of sodium.
The distillation of sodium into the walls of the

(7) W. II. Hamer, M. S. Malmberg and B. Rubin, J. Electrochem.
Soc., 103, 8 (1956).

(8) K. H. Stern, Turs JounNar, 60, 1443 (1956).

ELecrropi PoreNTIALS IN Fusko SysTeMs

387

0.08
0.06

0.04 |+

0.02 |

0.002

0.001
0.0008

0.0006 ” g ) : y : |
0 100 200 300 400 500 600 700
¢t (hr.)
IMig. 1.—XKinctic data for the reaction Ag + NuCl — AgCl
+ Na: open system; —-O---, radiochemical data.

1.0000

0.9999 ~

0.9998 L

0.9997 A n S 1 \

100 200
1.000

t (minutes).

0.998

N xacl.

0.996 - ™
0.994 Sy
0.992 |- .

0.990 +

L

° 5,
\,

%

bl il 7\L‘,L.,,_J
200

Q998 e e e i
190
t (hr.).
Fig. 2—Change of NaCl concentration from radio-
chemical data in reaction NaCl 4+ Aglom —s. Aghom ] + Na:
upper curve shows the initial rate, lower curve the first 300
hours; ( = 857°.

sealed capsules would be slower than its distilla-
tion into the open atmosphere. It follows that

the reaction would rct go in a closed container of
an inert material, but such a substance is difficult to
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find. Indeed, after about 100 hours capsules in
the 1033° run evidently became permeable to
salt after some time since white fumes could be seen
coming through the closed capsules.

Discussion

Galvanic Cells.—In their study of the AgBr-
alkali bromide systems Hildebrand and Salstrom?3
found that the excess partial molal free cnergy of
AgBr could be represented by an equation of the
type (Fy — F{) = BN3 where F; = RT In ay, Fi =
RT In Ny and hence (F, — F{) = RT In v;; sub-
scripts 1 and 2 refer to silver bromide and alkali
bromide, respectively. This was true, at least, for
the solutions rich in AgBr. In Fig. 4 we have
plotted (Fy — F}) vs. N3, where N, is the mole frac-
tion of alkali halide, for our data on the AgCl-KCl
and AgCl-NaCl systems as well as these functions
for the corresponding bromide systems. The data
for the bromide systems are given for 650°, for the
chloride systems at 900°. However, the entropy is
so small as to make the difference negligible. This
had been shown by Hildebrand and Salstrom for the
bromide systems and also was true for our data;
plots of the above functions for several tempera-
tures give virtually the same curve.

From the four systems it seems reasonable to
conclude that the anior. has virtually no influence
on the energies involved in diluting silver ions with
alkali metal ions. Over the concentration range
studied by Hildebrand and Salstrom our data are
also nearly linear, but the deviation from linearity
becomes extreme, particularly for the AgCl-NaCl
system, on the alkali halide rich side. Parentheti-
cally, our data on the AgCl rich side are also well
represented by a first-power concentration depend-
ence, as shown in Fig. 5. Clearly, the choice of E°
makes a considerable quantitative, but virtually no
qualitative, difference. The agreement between
our data and those of Panish, et al., is quite good
on the silver rich side when the same E° is used.

(Since E° has now been measured by three inde-
pendent investigators®®® whose data agree to
within 2 mv. over a large temperature range it
would scem that the calculated values of Hamer, el
al.,” may be in crror.)

The most striking disagreement with these work-
ers occurs on the NaCl side where our data show a
reversal of slope, quite analogous to the abrupt
break for the AgCl-KCl system. The slight dif-
ferences in the experimental arrangement reveal no
cause for the discrepancy.

Our data arc, however, consistent with the hy-
pothesis that the data below approximately 10 or
12 mole 9% silver do not represent equilibrium val-
ues. For cxample, in some experiments in which
silver was immersed in molten NaCl for several
weeks the final composition of the melt was in this
range. Since the reaction is very slow it would be
possible to measure steady potentials (within a few
tenths millivolt) over a period of an hour or two
even though the reaction actually was proceeding.
It is highly suggestive that the potentials of gal-
vanic cells in which the silver concentration was less
than 5 mole 9, did decrease perceptibly during the
time of measurement,
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Anticipating the results of our kinetic study in
which we found the rate of AgCl buildup to be 7 X
105 mole fraction/hr. (at 860°) we get a change of 1
mv./hr, for the galvanic cells, which is in agree-
ment with our observations, and with those re-
ported previously? for the cell Ag/IKCl/Cl,.

The above results imply that thermodynamic
data on silver halide-alkali kalide solutions cannot
be obtained frora measurements on galvanic cells
containing silver electrodes for solutions very di-
lute in silver ion, because silver reacts spontaneously
with alkali halides. Thus, even though steady po-
tentials may be measured over an hour or two, they
may not represent true equilibrium values.

Of course, thermodynamic data on such solu-
tions may be obtained from methods not involving
the presence of metallic silver, i.e., the solutions by
themselves are most likely perfectly stable in the
absence of the metal except for changes in com-
position resulting from the preferential vaporiza-
tion of one component.

Kinetics.—We review first the evidence for our
contention that the reaction between silver and
sodium chloride is Ag + NaCl — AgCl + Na and
that this is a driven reaction.

Consider the equilibrium properties of the sys-
tem. Using the published E° values’ for AgCl and
NaCl we calculate, for 850°, for the reaction Ag +
NaCl -» AgCl + Na, B = —2377 v., AF® = 54.8
keal.,, AS® = —184 eu.,, AH® = 34.6 kcal. The
standard states are the pure substances for Ag,
AgCl, and NaCl, and Na vapor at 1 atmosphere
pressure. The equilibrium constant X = 1.91 X
1011, If we let the activity equal the mole fraction
we have, in the system at equilibrium

Pl\'a.NAgcl PNANAgCl

= i o
K =191 X10 N agNnact Nnaci

if the activity of pure silver is unity. Thus, in a
closed system in which silver, sodium vapor at 1
atmosphere and NaCl are at equilibrium the con-
centration of AgCl should be 1.9 X 10-!! below
the limit of detection.

The reverse reaction goes rapidly to completion,
This was verified by dropping a piece of sodium into
AgCl just above its melting point (480°). The
quenched melt contained silver metal.

Unfortunately, the situation in the real system is
far more complicated. In addition to the changes
in the AgCl/NaCl ratio with time caused by the
reaction we must consider the state of the liber-
ated sodium. If the metal and melt were immisci-
ble one might speak of sodium vapor pressure above
the melt with some precision. However, at the
temperatures of these experiments the solubility of
sodium in sodium chloride s considerable,'® varying
from 5 mole 9, at 850° to 25 mole %, at 950° and
rising to a consolute temperature near 1060°. Thus
it might be more apt to speak of the reaction being
driven by the distillation of sodium, not outside
the system, but simply into the melt. That so-
dium does appear in the melt is shown by the blue
color of the reaction melts, characteristic of dis-
solved sodium. Similarly, silver is somewhat solu-

(10) M. A. Bredig, J. W. Johnson and W. T. Smith, J. Am. Chem.
Soc., 77, 309 (1955).
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ble in AgCl,'t 0.06 mole 9, at 700°. Nothing is

known of the solubility of silver in NaCl (as atomic
silver). The occurrence of mass-transfer on silver
electrodes immersed in NaCl suggests, however,
that some solubility exists since otherwise the move-
ment of silver from the hotter to the cooler por-
tions of the electrode weuld be difficult to explain.
It may be that the solution of silver is the initial
step in the reaction. Since experimentally we find
silver concentrations greater than 0.05 at 860° it is
clear that when the solubility of sodium in NaCl is
exceeded the metal must distil from the system.
Some semi-quantitative experiments in which sil-
ver was added to NaCl over a period of two months
indicate strongly that the reaction could be driven
to completion if enough silver were added.

We next consider the order of the reaction. The
rate law usually can be determined from a knowl-
edge of reactant or product concentration changes
with time. For a zero-order reaction the NaCl
concentration is No = —kt, whereas for a first-order
reaction In N, = —kN,. Now in the reaction be-
tween silver and sodium chloride the mole fraction
of the salt, Ny, is between 0.95 and unity. For
numbers in this range the number itself and its log-
arithm are virtually identical. Thus, a priori, the
data do not distinguish between zero and first-order
reactions.

A plot of the log N, ¢s. time of the data in Fig. 1 is
shown in Fig. 6. A plot of N, vs. time appears vir-
tually identical. All the curves show an initial
slow-rate section and a subsequently more rapid
one. The initial period decreases with increasing
temperature. Only the 1080° curve is linear over
the steep section. Rate constants for this section

(11) J. D. Corbett and 8. von Winbush, ibid., 77, 3964 (1955).
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caleulated from zero and first-order rate laws are vir-
tually identical, 1.67 X 10~% mole fraction hr.—*
and 1.70 X 10° hr.—, respectively. The break to-
ward a lower rate in the 890° curve may represent
an approach to equilibrium, 7.e., the effect of the re-
verse reaction Na + AgCl— NaCl + Ag.

Since both zero- and first-order treatment yield
nearly the same rate constants the same activa-
tional energies will apply in either case. The 890
and 970° data do not give very straight lines. How-
ever, from the straight-line portion of the 1080°
and the 200-300 hour section of the 860° run (k =
8.9 X 10-% hr.~') we obtain as an estimate for the
activational enthalpy AH* = 9.7 keal. The en-
tropy of activation, AS*, can be calculated from
the theory of absolute reaction rates

bp = khjj ¢AS*/Re—AH*/RT o))

Since kr is in hr.=!, k7'/h i1s in molectles™' hr.71 =
8.35 X 10%. Solving the equation we get AS* =
—99.0 e.u.  The free energy of activation is

AF* = AH* — TAS* (2)

At 861° we get AF'* = 109 keal. The present data
are not sufficient to establish a mechanism for the
reaction. Broadly it may be described as an elec-
tron exchange reaction between atoms and ions
characterized by a large negative entropy of activa-
tion; this appears to be primarily responsible for
the slow rate of reaction, since AH* is relatively
small. TFor reactions of this type in aqueous solu-
tion these characteristics have been associated!%1?
with a very low clectronic transmission coefficient
ke, = e25*E TUnfortunately, the equations have
been derived only for aqueous solutions, particu-

(12) R. J. Marcus, B. J. Zwolinski and H. Eyring, TH18 JoUrNAL,
68, 432 (1954).

(13) B. J. Zwolinski, R. J. Marcus and H, Eyring, Chem. Revs., 65,
157 (1955).
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larly exchange reactions in which the chemical
species are indistinguisnable, 7.e., AF® = 0. Never-
theless, there is a certain correspondence between
the reactions treated by Marcus, Zwolinski and
Eyring and the present one.

If it is assumed that AS* = R In k. and that the
reaction is homogeneous (the initial step being the
solution of silver in NaCl as atoms) then the tunnel
distance r.» a3 which electron-exchange occurs can
be calculated from the expression

o (2 -]
Ik, = = 5%, [omer (5 — L2 )
where m = mass of the electron, Z* = the positive

charge = 1, o = n*%,, n* = effective quantum
number for Na = 1.63, ap = 0.528 X 10-% e¢m,,
f(n) is a function of charge = 1 for the charge trans-
fer between an atom and a univalent ion, D = di-
electric constant. If we let D = 3, customary for
fused salts, rap = 35 A., which seems unreasonably
large since it is difficult to visualize a mechanism by
which an electron can be transferred over such a
large distance. However, electron transfer during
atom-ion collision in the melt cannot be ruled out.

Alternatively, insufficient evidence is available
to establish a heterogeneous mechanism which
would have as its initial step the adsorption of so-
dium ions on the metallic silver surface.

Certainly more work on this reaction, including
the effect of surface area and stirring speed on rate,
as well as studies on other reactions of this type, is
necded.
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Rapid quantitative separations of trace quantities of Be from macro-concentrations of salts including those of Cu, U and
Ca were devised. The method makes use of the fact that Be forms a relatively strong complex with salicylate analogs in the
region pH 3-4.5 whereas most cations of the alkaline earths do not react significantly with salicylates, and cations such as
Cu**and UO,** react weakly or not at all in the same pH region. The separation of Be from foreign cations is made by
means of a cation-exchange resin. Be is eluted selectively with 0.02-0.10 M sulfosalicylic acid (SSA) at pH 3.5-4.5. Neither
Cu*+, UO;** nor Ca*+ are removed under these conditions. Uranylion is eluted by SSA at pH 4.5-4.7. The foreign cations
can be removed subsequently by a variety of eluting agents such as HCl and H,SO.. At pH > 6 and in the presence of SSA
Be is strongly absorbed by an anion-exchange resin. ITvidence is given to show that in the acid regions Be forms an un-
charged complex with SSA and a negatively caarged complex in neutral and alkaline regions.

The sensitivity of analytical procedures for
beryllium is severely limited by the presence of
interfering substances.?*=¢ This problem becomes

(1) Work performed under the auspices of the U. S. Atomic Energy
Commission.

(2) (a) T. Y. Toribara and R. E. Sherman, Anal, Chem., 25, 1594
(1953); (b) J. R. Arnold and H. A. Al-8alih, Science, 121, 451 (1955);
{¢) A. J. Cruikshank, G. Cowper and W. E. Grummitt, Can. J. Chem.,
34, 214 (1956).

especially acute when it is necessary to isolate
micro-quantities of Be from biological and geo-
logical materials. Usual methods of extraction
and precipitation in such cases are not only labori-
ous and time-consuming but often give low or
erratic results. Since the discovery that the radio-
active nuclides, Be” and Be!?, are produced in the
atmosphere by cosmic rays,? it is especially worth-
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while to be able to isolate quantitatively trace
amounts of Be.

In the separation of a micro-component from
large amounts of impurities it is usually desirable to
remove the micro-component first. It was de-
cided to utilize the selective metal complexing
properties of salicylic acid derivatives in combina-
tion with ion exchange. Sa.cylic acid and deriva-
tives, such as sulfosalicylic and gentisic acids, react
negligibly with most alkaline earth cations, e.g.,
Ca, yielding formation constants with values of
log K, of 0.14-0.6 for ionic strengths in the region
of 0.1-0.16.3-¢ On the other hand, the forma-
tion constants for complexes of Bet* and UQ,++
and for transition elements such as Cu**, Nit+
and Fet++ fall in the range log K; = 2-572—f
Since the ratio of the formation constants of Be
to that of the other alkaline earths is approxi-
mately 10%, it is possible to devise rapid and ef-
ficient schemes for separation of Be from large
amounts of mineral substances such as rock and
bone without the necessity of resorting to rela-
tively slow chromatographic techniques.

Experimental

The resin used was 89, cross-linked, 60-100 mesh ““‘Dowex
50,”” a sulfonated polystyrene cation exchanger (Dow
Chemical Company, Midland, Michigan). A 5 N HCI
solution was passed through a column of the resin until all
traces of iron were removed. The resin was then alternately
converted several times to the sodium and hydrogen forms
by use of excess 2N NaOH and 2 N HCI. The H-form of
the resin subsequently was washed with ethanol to remove
soluble organic material. Finally, the “‘fines’” were re-
moved by decantation and the resin was air-dried and
stored in an air-tight bottle. )

In general, a small volume of a Be-containing solution
was absorbed at the top of the resin column. Subsequently
the Be was eluted with either sulfosalicylic acid or gentisic
acid at a given pH. When all the Be had been eluted, the
remaining bulk cations were usually eluted with either H('
or H,80Qs. In most instances the effluent was collected by
means of an automatic fraction collector.

Radiochemical analyses for Be, Ca and U were made,
when specified, by use of the radioactive isotopes Be’, Ca®
and U23¥, The Cu concentration was determined spectro-
photometrically by measurement of the optical density of
3 M H,S0, solutions at 455 my. Calcium assays were made
hy precipitation of caleium oxalate from an cfiluent with
0.01 N sodium oxalate and subsequent titration with 0.01 &
KMnQO,. Semi-guantitative tests for Ca were made by
adding brom thymol blue to 5-ml. voiumes of efluent and
then adding NH,OH dropwise until a blue color persisted in
the solution. Upon the addition of 1 ml. of saturated am-
monium oxalate a cloudiness proportional to the concen-
tration of precipitated calcium oxalate was observed.
The method was sensitive to 0.1 mg. of Ca per 5 ml.

In some experiments a synthetic bone ash solution
“‘spiked’”’ with Be’ was used. A 20.00-ml. solution con-
sisted of 0.0233 g. of Mgs(P0;),-RH,0), 0.1000 g. of CaCO;,
0.8500 g. of Cay(PO4)e, 0.0106 g. of NaCl and 0.0025 g. of
KCl, all dissolved in 1.0 N HClL.

Several batch experiments were carried out. In gencral,
a weighed amount of air-dried resin was mixed with a given
volume of solution and the mixture shaken mechanically for
2.3 hours. The supernatant solution was assayed for the
element, usually Be’, and the fraction absorbed by the resin
was calculated.

(3) C. R. Davies, J. Chem. Soc., 277 (1938).

(4) N. R. Joseph, J. Biol. Chem., 164, 529 (1946).

(5) R. P. Bell and C. M. Waind, J. Chem. Soc., 2357 (1951).

(6) J. Schubert, J. Am. Chem. Scc., T6, 3442 (1954).

(7) (a) H. V. Meek and C. V. Banks, ibid., 73, 4108 (1951); (b) R. T.
Foley and R. C. Anderson, ibid., 70, 1195 (1948); (c) 71, 909 (1949);
(d) S. E. Turner and R. C. Anderscn, #bid., 71, 912 (1949); (e) R. T.
Foley and R. C. Anderson, bid., 72, 5609 (1950); (f) M. B. Lasater
and R. C. Anderson, ibid., T4, 1429 (1952).
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Results

1. Batch Tests. (a) Effects of pH and Sulfo-
salicylic Acid Concentrations.-——The system con-
sisted of 100 mg. of air-dried ““ Dowex 50" in the H-
form containing absorbed Be’, 100 ml. of soluation
0.16 N in NaCl, pH 7, and containing concentra-
tions of sulfosalicylic acid (SSA) varying from 0.01
to 0.08 M. With 0.01 A/ SSA only 619, of Be” was
eluted, but at a concentration of SSA of 0.02 M or
greater, elution was complete. Next the concentra-
tion of SSA was kept corstant at 0.02 A while the
pH was varied. It was found that at pH 2.5 and
below absorption of Be” by Dowex 50 was nearly
complete while at pH 3.2 and greater the absorp-
tion dropped sharply to zero, 7.e., complete elu-
tion.

The above results showed that Be formed a suf-
ficiently strong complex ion with SSA at concen-
trations of at least 0.02 M SSA at pH > 2.5, so that
rapid elution from a cation-exchange resin could be
expected. The observed pH of 3.2 in 0.02 3/ SSA
at which complex formation became effective was in
agreement with the observations of Meek and
Banks® regarding the stability of the Be-SSA com-
plex as a function of pH.

Further information on the nature of the com-
plex ion formed between Be and SSA was obtained
from determination of tae uptake of Be from SSA
solutions by a strongly basic anion resin, “Amber-
lite TRA-410,” a quaternary amine exchanger
(Rohm and Haas Company, Philadelphia, Pennsyl-
vania). Up to a pH o’ 4.5 the absorption of Be
by this resin was only a few per cent. In terms of
the distribution coefficient, K4, where

_ % cation in resin

Ko =2

n re vol. of soln. (v) _ v
9% cation in soln.

mass of resin (m) " m

the values of K4 (when » was expressed in ml., m
in grams) varied from 1 to 4. However, at pH 6
and above the uptake rapidly increased to values of
K4 several hundred-fold higher.

In the acid regions 3SA forms a 1:1 complex
with Nit+, Cutt, Tet+ UO,*+ and AlF++ 7
The proton binding constant for the earboxy) group
in SSA has a pK of about 2.86,7 while that of the
phenolic-OH group is about 11.7.° The phenolic
hydroxide group participates in the complex forma-
tion even in the pH region 3-5 but without the
loss of a proton. The —SO; group gives only a mini-
mum contribution. It is also known that Be forms
at best only very weak complexes with aliphatic
—OH groups and aliphetic carboxyl-hydroxyl com-
pounds.  TI'rom such considerations and from the
above ion-exchange data we can postulate that in
the acid regions (pI 3.3) the uncharged complex

COO 0
7 \\ y

4
OH”

is the predominant species.
(b) Separation in Absence of Salicylates.—DBe-

(8) H. V. Meek and C. V. Banks, Anal. Chem., 22, 1512 (1950).

(9) A. Agren, Acta Chem. Scand., 9, 49 (1954).

(10) (a) J. Schubert and A. Lindenbaum, J. Biol. Chem., 208, 359
(1954); (b) A. Lindenbaum, M. R. White and J. Schubert, Arch.
Biochem. Biophys., 52, 110 (1954).
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Fig. 2.—Jon-exchange separation of 155 micrograms Cu
from tracer quantities of Be' (same resin bed and flow rate
as in IYig. 1).

cause Be has an extremely small ionic radius and
hence a large hydrated radius, its affinity for a
cation exchanger in acid media is considerably less
than for the other alkaline earth cations.’! Thus
an additional means of separation is possible. In
the range of (1.1 to 2 M HCI it is possible to sepa-
rate Be from the other alkaline earths by elution
with TIC] or simple salts. However, the separation
factors are still several orders of magnitude below
the values obtained by the use of salicylates.

The uptake of Be*+ by “Dowex 50 compared
to that of Sr*+ was measured in HC! solutions.
In 0.1 M HC) the Kg for Sr++ (where m, the mass of
resin, is given in milligrams) was 41 while that for
Be*t was 2.1--a ratio of K4(Sr)/K4(Be) = 20.
With increasing HCl concentration the ratio dimin-
ished to only 6 at 2 M HCI. At coucentration of
HC13 to 8 M the ratio of uptake of Sr*+and Be++,
rather than decreasing, remained roughly constant,
at ~0.25, a reversal of affinities that is in general
agreement with previous observations.!%13

2, Column Separations. (a) Separation of Be-

(11} T. R. F. Kresaman and J. A. Kitchener, J. Chem. Soe. {Lon-
don), 1201 (1948),

(12) K. A. Kraug, F, Nelaon and G. W. Smith, Tus Journar, 68,
11 (1954).

(13) R. M. Diamond, J. Am. Chem. Scc., 77, 2978 (1955).
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and Ca-Containing Solutions.—T1wo ml. of a solu-
tion consisting of carrier-free Be’ and 20 mg. of
Cay(POy); labeled with Ca®, and 0.6 M in HCI, was
added to the top of a Dowex 50 column in the H-
form. Sulfosalicylic acid, adjusted to pH 4.5 with
NH,0H,"* was passed through the coliin.  Addi-
tional experimental data and results are shown in
Fig. 1. No Be was eluted until the pH of the ef-
fluent rose to approximately 3. At that point the
Be was eluted from the column in a sharp band
with no detectahle Ca‘®® contaminant. When all
the Be had been eluted the Ca was eluted readily
with 6 M HCl. Withir. experimental error all the
Be and Ca were recovered: 1942 counts/min. of
Be’ added, recovered 1137; 3298 counts/min. of
Ca* added, recovered 3274.

The effectiveness of salicylate analogs in the
separation of trace amounts of Be from synthetic
bone ash (see Experimental section) was demon-
strated by use of 0.1 M gentisic acid (GA) adjusted
to a pH of 6.0 with NaOH. Pertinent column data
include: 15 g. of air-dried “Dowex 50,” H-form,
60--100 mesh; column d:mensions 12.5 em. high X
1.0 em. diameter. Thirty and a half ml of the
synthetic bone ash solution in 0.7 & HCl was
passed through the column at a flow rate of 1 ml./
min. followed by a wash solution of 0.01 & HCI to
remove residual interstitial ions. Elution with
gentisic acid was begun at a flow rate of 1 ml./min.
Effluent samples of 5-ml. volumes were taken and
analyzed for Be’ and Ca. When the pH of the
effluent reached 1.90 (at this point the total ef-
fluent volume including holdup was 190 ml.) the
Be came off the column in a very sharp band which
reached its peak at pH 2.74, Within a total volume
of 110 ml., or about 10 column volumes, the elution
of Be? was quantitatively complete while Ca was
quantitatively retained on the column. At the
end of the elution the pH of the efluent was 5.60.

Another approach has the advantage that larger
volumes of solution containing Be and foreign ions
can be handled. 1In this procedure, after the
Be and foreign salts were dissolved, SSA was added
to the solution, the pH was adjusted, and the entire
solution passed through a resin column previously
conditioned with the identical concentration and
pH of NHSSA. With this pretrcatment Be broke
through immediately and passed through quan-
titatively without the necessity for additional SSA
elutriant. The results of one such separation are
shown in Tahle I, where 150 ml. of a solution con~
taining a mixture of 1.101 g. of CaCl, and 5 mg. of
Be as BeSO, was completely resolved.

(b) Separation of Be and Cu.—At all pH regions
Cu forms a complex with SRA that is only one-
tenth as strong as the corresponding Be complexes
with SSA™d; consequently it is possible to effect
rapid quantitative separations of trace amounts of
Be from copper salts. In Fig. 2 is shown a typical
separation accomplished by the use of 0.02 M SSA
at a pH of 3.5. The position of the Cu band was
unaffected by the SSA; Cu was removed later with
3 M H.S0,.

(14) The ammonium salts generally are preferahle, as they allow a
reduction in the bulk of ash to be usad for subsequens: radiachemical ar
spectrographic assay of Be.
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(c) Separation of Be and U(VI).—Uranyl ion,
JO,++, forms a 1:1-complex with SSA at pH 4.5~
4.7 Above and below this pH-region the stability
of the complex decreases markedly. Inasmuch as
Be is eluted readily with 8SA or GA in the general
pH region 3 to 4, rapid and complete separations
of Be and U(VI) arc cffected easily. In one run a
column of “Dowex 50, 12.5 ¢m. high X 1.0 cm,
in drameter, 60 to 100 mesh, was used. The elu-
triant was 0.02 Af 85A at a pH of 4.2. Twoml of 2
solution consisting of 100 mg. of uranyl nitrate
(labeled with 42,000 counts/rain. of U?*?} and 5 ug.
of Be (labeled with 6,990 counts/min. of Be”) as
BeS0O; were placed on the top of the column. Be
began to break through at pH 1.8 and reached a
peak at pH 3.68. At the point where all the Be
had been eluted, pIl 4.3, no U could be detected.
When the concentration of SSA was increased to
0.1 M and the pII to 6, the T was rapidly and quan-
titatively removed. The p=ak of the elution curve
came in the pH region 4.54.7, in agreement with
the pH region of maximum stability of the complex.
When the pH of the elutriant varied in either direc-
tion from the optimum by more than about 0.5 pH
unit, considerable tailing of the U elution curve
was observed. For optimum Be-U separation
it is suggested that 0.1 37 SSA be used at pH 3.5
to 3.8. When all the B2 has been eluted, the
T(VI) can be removed with 0.1 M SSA at pH
4.6 4.7,

TaBrLz T
SEPARATION OF BE FROM Ca

Solution: 150 ml, containing 1,101 g. of CaCl, 5 micrograms
Be as BeS0),, 156,300 counts/min. tracer Be?, all 0.1 M in
sulfosalicylic acid (SSA) adjusted to pH 4.5 with NHOH.
Column: “Dowex 50" resin, 6C-100 mesh, equilibrated with
0.1 M SSA adjusted to pH 4.5 with NH,OH; 15.0 g. of resin,
39 em. in height X 1.0 em. diameter, flow rate, 2-3 ml./min.

Iraction collected Vol. % Total Ca . Total

{ml.) (ml.} Be {(mg.) Ca

0-10 10 0.96 0 0

10- 81 71 47.1 0 ]

81-151.5 70.5 45.6 (] ¢
151.5-233 (includes 70

ml. SSA wash) 32 6.0 0 Q

233-500 (3 ¥ HCY) 26.7 0 205 90

Discussion

When solidd materials containing Be are put into
solution it is sometimes found that the uptake of
Be by a eation exchanger, or its extractability by
acctylacetone, is nil or erratic. The difficulty seems
to be caused by the conversion of Be into an in-
soluble oxide when the temperature of dry ashing
exceeds 500°.2%  However, it has been found
that the treatment recommended by Toribara and
Chen,’ namely, to heat the dry ashed residues
strongly with concentrated sulfuric acid for several
minutes, renders the Be absorbable it the ash has
not been lost, wholly or in part, by fusion to the
surface of the container.

For samples containinz very large amounts of
caleium it is possible to use a column large enough
to absorb all the polyvalent cations. In the case
of “Dowex 50" this would require a2 minimum of
roughly 10 g. of resin per g. of caleium. Caleium

(15) T.Y. Toribara and P. 8. Cken, Jr,, Anal, Chem., 34, 539 (1953).
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may also be removed prior to passage through the
column by precipitation of the sulfate from an
acidic solution without loss of Be.

Other methods®724'%  for minimizing inter-
ferences by Ca provide for the addition of EDTA
or one of its analogs to the Be-containing solution
before passage through the cation exchanger.
For example, from a solution at pII 5 and con-
taining 2 g. of the tetrasodium salt of EDTA per
liter, Be was quantitatively absorbed by the NH,-
form of “Dowex 50,7’ while those cations which
form chelates with EDTA, including Ca, Fe, Mg,
Ni and Al, etc., passed through. In many cases,
however, as with copper and uranyl ion, the dif-
ferences in stability of the salicylic acid complexes
of Be and many of the transition elements are
great enough that the use of a more selective com-
plexing agent such as EDTA is unnecessary.

Iron was eluted along with Be by salicylates at
the usual pll range emnloyed, namely, 3.5 <o 4.5.
However, since Fe(III) formed a fairly strong
complex with salicylates at pH’s below 3, it was
possible to elute the Fe prior to Be clution. {The
polyamino chelating agents also can be used.)
In one experiment, for example, from a mixture of
Fe, Be and Ca the Fe wzs eluted with 0.1 3 gentisic
acid at a pH of 2,1, then the pH was raised to
clute the Be, while the Ca was cluted later with

HCL

Another procedure for rapidly removing many
interfering elements from Be would be to pass a
strong ITCI solution of the Be through an anion ex-
changer [irst. In such solutions D3e is unabsorbed
while many elements, including iron and uranium,
are strongly absorbed.?”

TFinally there is the problem of how to deal with
potential aluminum interferencc. Since Al 1s
eluted by salicylates in the same pH range as Be,
the Al must be separated by other means. Kaki-
hana'® was able to separate Be from Al by passage
of a dilute (~0.01 N) solution of their salts through
a cation exchanger in the calcium form. The Be
ran through while Al was retained. Residual Be
was eluted free of Al by the use of 0.1 & CaCl,.
To carry this procedure one step further, the Be
could now be reabsorbed by a cation exchanger
and eluted with SSA. Other workers'® have passed
the oxalates of Be, Al and Fe through a cation ex-
changer. The oxalates of Al and Fe are stable at pH
4.4 to 4.5 and pass through, while Be is retained on
the column.

EDTA forms a chelate with Al under conditions
allowing little or no complex formation with Be.®
Thus, it should be possible to effect a separation of
Al from Be either by adding DTA to the solu-
tion at pH ~4 before passage through a eation
exchanger, or by eluting the Al with EDTA prior

{16) (a) J. Hure, M. Kreiner and F. LeBerquier, Anal, Chem. Acra,
7. 37 (1932): (b)Y M. & Das and V. T. Athavale, sbid., 12, i (1955);
(@) J. Kinnunen and B. Wennerstrand, Chemiat- Analyst, 44, 51 (1955).

(17) X. A. Kraus and F. Nelson, '“Anion Exchange Studies of the
Fission Produeta,” Proceedings of the International Corference an the
Peaceful Uses af Atomie Energy, Vol. 7, p. 113, Session 9B.1, P/837,
United Nationa (1956).

(1R) M. Kakihana, J. Chem. Sac. Japan, 7%, 200 (1951).

(19) D. I. Ryabehikov and V. E. Bukbtiarov, Zhur. Anal. Khim., 9,
196 (1954), C. A, 48, 126108 (1954).
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to Be elution with salicylates.
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The application of thermoanalytical techniques to the investigation of rate processes is discussed.

Fquations have been

derived for non-reversing reactions, which may be used to calculate energy of activation and order of reaction from thermo-

gravimetric and volumetric curves.

An equation, recently presented in {he literature, for evaluating these parameters by
the technique of differential thermal analysis 1as also been considered, so as (o eliminate the trial and error procedure.

The

thermal decomposition of calcium oxalate monohydrate, which involves dehydration, decomposition of calcium oxalate
and caleium carbonate, is used to illustrate the applicability of the derived relationships.

Introduction

Thermoanalytical methods, such as thermo-
gravimetry, thermovolumetry and differential ther-
mal analysis, are being employed increasingly in the
investigation of chemical reactions in tke hquid and
solid states at elevated temperatures. "These
techniques involve the continuous meas:arement, of a
change in a physical property such as, weight,
volume, heat capacity, etc., as sample ‘emperature
isincreased, usually at a predetermined rate. Inthis
article, equations are derived for non-reversing
reactions so that rute dependent parameters such
as energy of activation and order of reaction may be
caleulated from a single experimental curve.
For this purpose a relationship befween specific rate
and temperature is assumed

rl; = Zg_E*/h‘T

A general derivation is presented and applied to
thermogravimetry. For the method of differential
thermal analysis, the derivation of Borchardt and
Naniels® has been expanded upon, so that the trial
and error procedure now required for evaluating
order of reaction and activation energy, may be
replaced by a graphical or analytical solution,

Tt should be kept in mind that the treatment may
be applied to the measurement of any physical
property which is unaffected by sample tempera-
ture. The advantages of evaluating reaction
kinetics by a continuous increase in sample tempera-
ture are that considerably less experimental data
are required than in the isothermal method, and
the kinetics can be probed over an entire tempera-
ture range in a continuous manner without any
gaps. In addition, where a sample undergoes
considerable reaction in being raised to the tem-

(1) This paper has beer presented in part at the Norta Jersey Meet-
ing in Mintature of the A.C.S. in Jan., 1957. and before the Divivion
of Physical and Inorganic Chemistry at the National Meeting of the
A.C.S.1in April, 1957.

{(2) Pyrotechnics Chemical Rescarch
Picatinuy Acsenal, Dover, New Jersey,

{3) H. J. Bocehardt and . D. Danicls, J. Am. Chem, Soc, 79, 41
(1957).

TLahocratory, Blde. 1519,

perature of interest, the results obtained by an
irothermal method of investigation are often
questionable.

Theory and Derivation
Consider a reaction, in the liquid or solid states,
where one of the products B is volatile, all other
substances being in the condensed state.
= bB(g) + ¢C

The rate expression for the disappearance of re-
actant A from the mixture 1s

dX _
- EX* 1
where
X = concn., mole fraction or amount of reactant, A
k = specific rate
z = order of rcaction with respect to A

It is assumed that the specific rate may be expressed
as

k = Z¢ EYRT {2)
Solving for & in (1) and substituting (2) for &k gives
Ze-kEr/RT = 5 (d?:i(!_t_) (3)
where
Z = frequency factor
E* = energy of activation
R = gas constant,
7' = absolute temperature

The logarithmic form of equation 3 is differentiated
with respect to, dX/di, X and T, resulting in
equation 4.
E*dt
RT*
Integrating the above relationship gives

—E* 1 —dX
—R—-—A(T> —Aln( d )—xAlnX )

Dividing (4) and {3) by d In X and A In X, respec-
tively, one obtains equations 6 and 7.

=dln(~dX/d) —zdln X ()
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E*dT  dln (—dX/df) :
EMdlnX - dhhx % ©
_EY, (1
R “\7T) Aln(—dX/dp s
A - amx ~—* @
From (6) and (7) it is apparent that plots of
T d log (—dX/dy)
Trlog X dlog X
and
AQ/T) " Alog (—dX/dt)
Alog X - Alog X

should result in straight lines with slopes of + or
—E*/2.3R and intercepts cf —z.

Let us consider the cases where X refers to mole
fraction of A, molar concentration and amount of
reactant.

1. Mole fraction of A, X = na/M = Nj

where: n, = no. of moles of A at time ¢
= total no. of molcs in reaction mixture
(a) Total number of moles is constant during
reaction. Substituting for X in (3) results in the
relationships
Ink =InM=1+ In(—dn,/dl) —zInn, (8)

and
—(E*/R)Aa(1/T) _
Alan, S
Equation 9 also may be written in differential form

as equation 4.
(b) Total number of moles is not constant.

Tor this case
mk=(@ —2)InM —xzlnn, +

. dM sdn,
I (n,:. - Mm) (10)

e )

E*

]TTZ dT :
I —may - %"
d i (n N d"“) —2dIn M
(lt_v dt (11
d(nM — Inn,)
and
—E* (1)
z 2\1)

ST ) 2T
M dna

Aln ("“'at M dt) —2al M
A(ln M — lnn,)
2. Molar conen. X = n./V
where V = volume of reaction mixture
The equations which result are identical to the

case of mole fraction with the exception that V
replaces M.
3. X =mn,
For this case
Ink = — zlnn, + In (—dn./dt)

(12)

(13)

The final equation is identical to (9).

The above reclationships may be applied simply
to measurements of weight or volume changes by
the appropriate substitutions for M and na. After
evaluating  and E* the frequency factors may be
calculated by combining equations 2 and 1.
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Let us consider the case of differential thermal
analysis.

In a recent article® an equation was derived from
which order of reaction and energy of activation
was determined using differential thermal analysis.
The expression given was

dAT 5
i = (K4 V)r v Gomg T ReT (i)
\ (K (A —a) — C, AT)?
where
K = heat transfer coefficient
A = area under curve
AT = differential temp. at a particular time
daT/dt = rate of change oi differential temp. at the point
where AT 18 m.easured
¥ = volume of solution
ny = initial number of moles of reactants
Cp = total heat capacity of reactant solution or liquid
a = area under curve up to time where AT and
dAT/dt is taken
z = order of reaction: with respect to one component

The method used by the authors® to determine =
and E* is as follows. A value of z is chosen and
used to calculate k over an entire temperature range
using equation 14. A graph of log k vs. T—! was
then plotted. If a linear relationship was obtained,
it was assumed that the value of z was valid and
the energy of activation could then be calculated
from the slope of the line.

A method of evaluating x and E* which elimi-
natesthistrialand error procedure becomes apparent
if equation 2 is substituted in (14). The resulting
expression written in logarithmic form is

E* KAV

R = (z — 1) In e zIn (K(A —

@) — Cp AT) — In (C,, "l';[’ 3 KAT) (15)

InZz —

Differentiating and intagrating (15) gives equations
16 and 17, respectively.
E* dT
RT? "
dIn (K(A — a) — Co AT)
d1n (cp ‘1;7: % I\’AT)
dIn (K (4 — a) — (,, AT)

- T +

(16)

:Iff A (1) T

aln (K(A —a) — (O, A1)
daT
¥ (cp @r . KAT)
Aln (K(4 — a) = G, aT)
From the above it is clear that plots of

dT
T2
7S vs.
d log (K(A — a) — C, AT)

)

d o (éé\li + KAT)
Jlog (KA —a) = C, aT)

and

s (z)

Alog (KA —a) — Cpal) ™

alog (‘]gtf + KAT)

Alog (K(A — a) — C, AT)
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Fig. 1—Thermogram for decomposition of calcium
oxalate monohydrate, weight (mg.) vs. temp. and time: 2
mm. on X-axis = 1 min.; 1 mm. of Y-axis = 2.05 mg,
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Fig. 2—Kinetics of decompositian: ©. CaC.0¢H,0(8) =
CaCaOu(s) + H)O (g); A, CaC04(s) = CaCOxs) + CO(g);
0, CaCOq(s) = Cal(s) + CO«(g).

should result in straight lines with intercepts at
—z and slopes of + or —F*/2.3R for any unique
physical or chemical reaction. It should be
noted, however, that {14) and subsequent equations
are valid only where the volume of the reaction
mixture does not change appreciably.

Experimental

The Testut magnetic transmission type continuously re-
cording thermobalance* employed fo- the thermagravimetric
studies, was supplied by the Testut Company of Paris,
TFrance S A weight of 423 mg. of calcium oxalate mono-
hydrate was placed in #0000 Coors glazed porcelain cruecihle
and heated in air, from room temperature to 1000° at a rate
of 10°/min. A Marshall Produet’s furnace was used for
this purpose. A chromel-alumel thermocouple was located
directly beneath the sample. The increase in furnace tem-
perature was regulated by a Guardsman Indicating Pyro-
metric Stepless Program Controller which was purchaged
from the West Instrument Company. A continuous record
of weight change as a function of time and temperature
was ohtained as shown in Fig. 1. The calcium oxalate mono-
hydrate was of C.p. grade and purchased from the Fisher
Scientific Company.

(4) An article describing and evaluating this balance will he sib-
mitted far publicatian in the Jaurnal af Analytieal Chemistry.  Alan
see Abst. Paper ¢12, Div. af Analytical Chem. Natl. Meeting. A.C 8.,
April 1957,

(5) Testut Coampany. 9, Rue Drawn Sequard, Paris XV, France.
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The rate of change in sample weight was obtained by go-
ing, horizontally, two divisions to the right and two divi-
sions to the left of a particular point on the curve and ex-
tending two vertical lines in opposite directions at these
positions to the curve. The vertical distance between the
points on the curve was taken as the measure of the rate of
change in weight. Since two horizontal divisions is equal to
I min., the rate of change in weight is given as change in the
number of divisions for every 2 min. Substantially the
same results were obtained by drawing tangents to the
curve., The sample was weighed before and after heating,
on an analytical balance, and was within 277 of the theoreti-
cal weight loss.

Results and Discussion

Figure 1 is a continuous tracing of change in
sample weight as a function of time and temperature
where Ca(Cy0;-HsO is heated from 25 to 1000°.
Three distinet reactions azre apparent, dehydration,
decomposition of CaC,0y to CaCO; and CO, and
decomposition of CaCQOjz to Ca0Q and CQ. The
weight losses are within 29, of the theoretical
values. Since the reactions under consideration
involve solid state decomposition it is assumed
that the rate expression may be given in terms of
amount of reactant where equations 9 and 13
apply.

The following relationships may be used to relate
number of moles of reactant to weight

dr, ng dw
o ) iy i

dt we it (12)
and
We = w — w0 {190y
where
ny = initial number of moles of A
W, =

wei%ht loss at completion af reaction

w total weight loss up to time, ¢

combining (18) and (19) with (9). equation 20 is
obtained. which is used to evaluate the reaction
Kinetics

ELANER
23R "\T} _ a log dw/dt 20
Alog W, Alog TV, 0
Figure 2 is a graph of
A log dew/dt a{T=1n

V3. mg—W’

for the three reactions. For the purpose of this
plot, dw and W, can be dztermined directly from
the thermogram in terms of number of divisions.
The values of order of reaction and energy of
activation for dehydration, decomposition of Ca-
C,04 and CaCO; were found to be 1.0, 0.7, 0.4 and
IQ, 74 and 39 keal./mole, respectively. See Tahble

Table I compares these results with those
reporfed in the literature. The referenced rate
studies were condueted under vacuum. There
appears to be general agreement among investi-
gators that the kineties of decompasition is de-
pendent on particle size, which may partially
account for the lack of better agreement shown in
Table 1. For calcium carbonate the order of
reaction falls between zero and unity with an energy
of activation in the neighborhood of 42 keal./
mole, for decomposition under vacuum. ‘This is in
reasonable agreement with the values determined

Alog W,
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Tarig I

CoMPaRISON 0F RESULTS WiTH REPORTED VALUES

Energy of
activatian
(keal./maole}

Crder of reaction
Exp. Lit.

Reaction Exp. Lit.

CaCz().-}hO = CB.CQ()., +

Hy(3 1.0 22
CaCu)y = CaCO: + CO  0.7¢ 7
CaChy = CaO + CO, 0.4 0.20-0.53" 39

0-12 400
0.3? 35428
lm 9510
1 41-4411
0.3 37-3912

481

(6) E. Moles and C. D. Vallamil, 4nal. sac. eapan. fis. guim., 24, 465
(1926),

7Y P, Vallet and A, Richer, Compt. rend., 238, 1020 (1054),

(R) G.F. Hutrig and H. Kappal, Angew. Chem., B3, 57 (1940).

(9, H. T. 8. Rritton, 8. J. Gregg and G. W. Winaor, T'rans. Fareday
Soc., 48, B3 (1952),

(10} Maskill and W. I1. S. Turner. J, Soc. Glass Tech., 16, R0 (1932).

(11) G. Slonim, Z. Elekirocherw., 36, 439 {1930).

(12) J. 8plichel, &t Skramovsky and J. Gall, Onllection Czechoalov.
Chem. Commun., 9, 302 (1937).

(13) J. Zawadzki and S. Bretsznajder, Z. Elektrocham., 41, 215
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in this investigation, in air, 0.4 and 39 keal./mole,
respectively.

The reported order of reaction for the decom-
position of caleium oxilate is unity. The order
of reaction determined in this study is 0.7. No
previous work has been found in the literature
dealing with the kinetics of the dehydration of cal-
cium oxalate monohydrate.

Acknowledgment.—The authors wish to cxpress
their appreciation to Mr. Jean Carton and the
Testut Company of Paris, France for providing the
thermobalance for this research.

The value of 0.3 was derived from the author’s
equation®

(w/w)* = & 4+ a
where
n =01

The above equation was differentiated with respect
to (w/up) and ¢ This gives
—d{wfw) , (w\'™"
a& = nk (wu)
where

(1035). 1 — n = order of reaction

HEATS OF COMBUSTION OF SOME ORGANIC COMPOUNDS CONTAINING
CHLORINE

By G. C. SiNnke anp D. R. StuLo

Thermal Laboratory, Dew Chemical Company, Midland, Micaigan
Recetved October 3, 1957

The heats of combustion o several organic compounds containing chlorine were determined by bomb calorimetry. A
solution of arsenious oxide supported on glass filter cloth in a platinum lined bomb was used to reduee free chlorice to chio-
ride ion. Heats of formation from graphite and gaseous hydrogen, oxygen and chlorine at 25° in keal. mole ! were de-
rived: 1,2-dichloroethane(l), —39.6 £+ {.4; o-dichlorobenzene(l}, —4.4 &= 0.3; 2,5-dichlorostyrene(i}, +8.3 = 0.4; penta-
chlorophenol{z), —70.6 = 0 7; hexachlorobenzene(s), ~31.3 = 1.0; 1,1-dichloroethylene(l), —6.0 == 0.3. Heats of
combustion of polyviny! chloride and poly-1,1-dichlorcethylene were measured and used to calculate the heats of polymeriza-
tion at 25° in keal. mole ™! of gaseous vinyl chloride and liquid 1, 1-dichloroethylene as —81.5 = 0.6 and —~18.0 & 0.7, re-

spectively.
other methods.

Introduction

The methods and apparatus used for the bomb
calorimetry of compouncs containing only carbon,
hydrogen, oxygen and nitrogen is unsuitable for
compounds containing chlorine. First, the ordi-
nary steel bomb is severely corraded by the com-
bustion produets and, second, some free chlorine is
formed during combusticn which continues to react
slowly with water and oxygen during the final
period. The historical development of techniques
to cope with these problems is given in a recent
publication.! The extensive researches by Smith
and co-workers at the University of Lund employed
a platinum lined bomb to reduce corrosion and a
solution of arsenious oxide supported on quartz
fibers to cause rapid reduction of free chlorine. A

(1) L. Smith and W. N. Muhbard, “Caombusation in 2 Romh of Qr-
ganiec Chlorine Compounds,* Chapter 8 of “'FExperimental Thermo-
chemiatry,'* edited by . D. Rossini, [nterseienee Publishers, Ine., New
York, N. Y., 1856,

Heats of formation of 1,2-dichloroethane and o-dichlorobenzene agreed well with literature values obtained by

summary of this work with complete references
has been published.? A later development of this
group has been the use of a rotating bomb to
ensure a homogeneous final solution and eliminate
the need for quartz fibers.® A third method
developed by ITubbard, Knowlton and Hufiman*
used a tantalum or platinum-lined bomb and a
solution of hydrazine hydrochloride supported on
glass filter cloth. In the present investigation,
a solution of arsenious oxide supported on glass
filter cloth in a platinum lined bomb proved to be
satisfactory. All thesc methods have been used
to determine the heat of combustion of e-dichloro-
benzene and the results, as will be shown, agree
within experimental error.

(2) I.. Smith, T.. Biellernp, 8. Kroak and 1. Westermark, Acte
(Them. Seand., T. 65 (1953).

(3) L. Bjellerup and L. 8mith, Kgl. Fysiograph Séllskap. Lund
Forh., 24, 21 (1951).

(4) W, N. Hubbard, ]. W, Knowlton and . M. Huifinan, Tars
Jounnar, 88, 306 (1854).
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Seriese

B
B
B
B
B
B
C

Y
s

C
D
D
D

Qu,
cal.

5413.5
5501.7
5318.5
5350. 4
5379.3
5448.9
5365.7
5392.0
5339.5
5361.8
5376.7
5348 .8

Zail.
cal.

(647.6
625.4
T773.8
725.3
656.6
G681
717.7
654.1
714.5
678.3
720.5
707.1

(1. C. Sinke anp ). R, SroLo

CaLIBRATION OF CALORIMEYER SYSTEM
QHNO3,

2fuss,
cal.

8.2

® oG DD
A e SR

TaeLe I

cal.

L
o

R R SR CRCH UL
OB RS RN RO B DD RO R RO

qAw,
cal.

4.1
2.7

g W
cal.

12.5
12.5
12.5
12.5
12.
12.
12,
12,
12,
12.5
12.5
12.5

o

O g Cr Cr

C.
cal.
47.7
48 2
47.9
47 7
471
47.3
47.1
46.8
46 .4
46.6
47 .0
46.6

bt bt ok b et pb b 4 4 DD e

“ “T3 series—20 . pure water; “C' serics—20 ml. 0.5 N HCL, "DV series—20 ml, 0,34 N AsuO;.

qail,
eal.

3031,
3110.
2R72.
3903.
3511.
4101
4218.
3801.

2075.

796
865 .
082,
1619.
960.

17-44.
1836.
1156
1168.
1126.
1226.

4485
4116.

4148.
4216.

4572.
4414,

D N0~

ORI T

B o an

o s VAT &1 3

~ O NN

(3]

Riuce,
cal,

(= T

[$1]

o

6.
S
6
6.
4.

7.

< v O

'-I{'.;'!"-Jl\a'l':

W B ST = DO

—_— T D =] e LI Pt

o

2

8

5

fAs, QEHNA,

cal. cal.
82.6 2.0
81.2 1.5
87.0 14
56.3 2.0
64.9 1.3
44.3 1.7
44.9 2.0
66.2 1.5
57.4 2.4
76.3 2.4
71.5 2.0
75.5 2.0
62. 1 3.7
75.7 23
47.9 1.9
42 .4 2.4
49.7 2.4
56.7 2.4
58.9 1.9
5G6.0 2.2
73.6 1.6
113.0 1.5
88.7 3.0
93.9 1.8
093.7 2.2
88.6 15
79.3 1.5

Resurts oF COMBUSTION IUXPERIMENTS

GFi,
cal.

[~
MO = S

RPN

(SN

Mo we

PN

<

-t N

4 oo

TapLE IT

qHact,
cal

1,2-Dichlorocthane

5.4
9.5
6.4
3.1
4.2
2.5
2.3
3.4

o-Dichlorolenzene

2.0
3.3
3.2
3.1
24
3.0

2,5-Dichlorostyrene

1.4 10 7
1.2 10.2
1.7 11.0
1.7 10.9
1.6 10.6
1.5 10.5
Pentachlorophenol
3.5 10.4
5.1 11.1
4.0 10.4
40 10.5
4.0 10.6

Hexachlorobenzene

4.0
3.8

AW,
cal.

8.0

% 00 00 50 B 00 0
DO = e BN = W

11.1
11.7
11.5
11.3
11.1
11.2

10.1
0.6

C.

cal.

44
44 .
45.
44,
44
44.
44.
44 .

QU WS == 0N

45.
45.
44
45
44.
38.

0 NO =

47.
45.
47
47
46.
45.

R NN,

46.5
47.5
45,1
45.7

46.5
44.2

AT,

9686
0955
0050
0993
9961
876
0957
0013

DD et et el b DD b et

2.0212
2.0183
0096
2.0149)
2.0057
1.9866

[~

[

3660
9968
.0718
.0682
.009%4
.9979

=N R B —

14305
0692
L8710
1.9936
2.0103

— b

2.0394
1.9432

Vol. 62
AT, Co,
o o1 cal. deg. ~
JUR16 3045.7
0020 3047.8
8912 3046.8
L9857 3047 .2
.9727 3048.3
9992 3047 .2
0887 3045 .8
L9769 3045.9
9772 3048.8
(9752 3047 .4
0925 3049.8
9802 3047 .8
Av. 3047.4
n, —AUn/M,
®. cal. p. !
0.97377 2997.9
0.97857 29806.7
1.06535 2990.6
0.72334 2092 .2
84672 2099 .2
640697 3000.9
61734 2096.7
75674 2990.7
Av. 2094.4
o =128
0.81170 4816 .6
1.10146 4814.3
1.08357 4812 .7
1.06145 4813 .4
0.92554 4815.1
1.04755 4810.3
Av. 48137
o =009
0.80367 5640 5
. 74960 5647 .8
91034 5643 .2
90451 5645. 8
88070 a8G39.7
850674 5641.7
Av, 5643.1
o=13
0.79184  2095.9
1.00910 20011
(. 88556 209055
.89123 2091 3
. 238460 2089.1
Av, 2002.6
g=13
0 79507 1092 2
73035 1995.2
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Tasre Il (Continued)

Toil, Fluse. Q4n 9BNOz 9Pt aHI, qw. (e aT, m, ~aUg/M
cal. cel. cal. cal. cal. cal. cal. cal. ] &8 2. cal. g. !
4331.5 6.4 85.5 1.5 .5 3.7 9.7 43 4 1.9302 L1H137 1988 4
4447 .0 5.0 81.7 i.5 7 3.7 9.7 44.3 1.9704 75278 2001.8
476R .6 9.1 77.3 1.5 .5 3.6 10.2 46.6 2.06497 L T4705 2000.0
4475.3 5.5 80.5 1.5 7 3.7 9.8 44.5 1.9803 . TH498 1999.5
4478 .3 4.2 80.3 1.5 7 3.7 9.8 445 1.9807 _7Hh412 2001 .1
4562 .1 3.8 83.9 1.5 6 3.5 5.8 44 8 1.9956 .73753 1990.3
4602.7 4.7 80.1 0.9 7 3.5 9.8 45.0 2.0015 72878 1988 .1
Av. 1995.3

=18

1,1-Dichlorocthylenc

4191.8 4.8 76.2 2.5 0.5 3.8 9.3 47.1 2.0808 0. 78066 2698. 6
3750.8 5.3 82.2 2.5 .6 4.3 u.1 44.9 1.0858 .83370 2608 .9
3809.5 6.2 79.1 2.2 .0 4.0 9.0 41 8 1.9803 . 80464 2705.6
3780.0 5.6 84.1 2.1 6 4.3 9.0 45.1 1.9984 .83522 2703.2
4207.8 6.0 63.3 1.8 .3 2.9 8.9 44 8 1.9902 67527 2701.7
Av. 2701.6

=13

’oly-1,1~dichlorosthylene

39207 42 813 22 05 41 9.2 445 1.9717  0.51276  2508.7
3993.4 4.5 71.2 2.2 4 4.0 9.3 44 8 1.9912 80727 2521.7
3996.0 4.3 72.6 2.2 .9 4.1 9.3 45.1 1,9998 81785 2516.8
4000.8 3.3 GH.3 2.2 ) 4.0 9.3 44 8 1.9935 .81008 2514.3
4001.8 2.7 71.0 2.2 4 4.0 9.3 44.8 1.9894 80501 2514.0
Av, 2515.1

o=2.1

Polyvinyl c¢hloride

1278.3 6.5 85.9 12 0.7 4.1 8.8 447 1.9495 1.05387 4372.6
1400 .4 8.0 86.1 1.2 .5 4.1 9.0 45.6 1.9881 1.06175 4376.4
1532.1 6.8 84.6 1.5 .3 3.8 86 45.3 1.9812 1.01601 4381.9
1876.2 4.9 77.7 1.3 .9 3.4 8.9 45 6 1.9967 0.95101 4378.6
1755.5 6.1 84.8 1.6 .6 3.7 9.1 46 .3 2.0283 1.00175 43067.5
1889 .0 4.4 80.0 1.5 ) 3.5 9.1 46 .4 2.0345 0.97553 4372.2
Av. 4371.9

r=17

Taerr 111
HeaTts or ¥orMaTION AT 25° 1IN Kcar. MoLg—!

Substance Mol. wt. Parity (mole %) alU®r AHg AHCL
1,2-Dichloroethane(l) 98 . 968 099.9 —296 .35 —296.05 —30.6 £ 0.4°
o-Dichlorobenzene(1) 147 012 99.9 —707.67 —707 97 — 44+ .3
2,56-Dichlorostyrene(l) 173.050 99.5 —976.54 -977.13 4. 83+ 4
Pentachlorophenol(s) 206.359 99.7 —557.38 —556.49 -70.6 £ .7
Hexachlorobenzenec(s) 2841 .808 99.9 —508.28 —a67.39 —31.3x£1.0
1,1-Dichloroethylene(l} 96952 99.8 —201.93 —261.93 — 6.0 £0.3
Poly-1,1-dichloroethylene(s)® 96.952 99 .9 —243 .84 —213 84 240 4
Polyvinyl chloride(s)® 62.503 99.7 —273 .44 —273.74 —22.6 = .3

e Per monomer unit.

Experimental

Apparatus.—The calorimetric system was similar_to
that described by Hubbard, Knowlton and Huffman.® I'I_‘he
platinum lined bomb® was self-sealing with a rubber O-ring
and had an internal volume of 0.360 liter. Ilectrodes and
crueible support were of platinnm and other internal fittings
were of titanium. The bomb was used in an inverted posi-
tion and the walls and ceiling in this position were lined with
about 20 g. of Owens Corming Glass Cloth C88-28. The
cloth readily absorbed and heid the 20 ml. of arsenious oxide
solution. Since the titanium fittings were at the hottom

(5) W, N. IHutbard, J. W, Knowlton and H. M. Huffman, J. 4m,
Chem. Scc., T0, 3250 (194R),
{6) Construeted by Parr Instrument Co., Moline, Jllinois.

b Un-ertainty is twice the standard deviation, a.

and not subjected to the combustion flame, conditions were
not severe and no corrosion of these parts was detected. A
small amount of chloroplatinic acid was formed on the
platinum erucible and electrodes.

Materials.—Sample purities were determined by freezing
curve analysis and are given in Table ITI. Tmpuritics were
probably similar in natire to the compounds themselves
and did not seriously afie-t results.

Calibration.—The energy equivalent of the system was
determined using NBS benzoie acid 39f. Thrce series of
calibration experiments were made with the glass cloth in
place and wet with 20 ml. of pure water, 0.5 V hydrochloric
acid and 0.34 N arsenious oxide, respectively. The heat
of combhustion of benzoic acid was first reduced to the
stancdard bomb process in which all products anc reactants
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are in their standard states at 25° as descrided by Jessup.?
The result, —AUR/M, is 6313.05 thermochemical calories
per gram mass. LThe ‘“Washburn corrections’ for the new
conditions of 20 ml, of water in the bomb were then caleu-
lated by the method of Prosen® and added -0 each calibra-~
tion experiment. Corrections for 0.5 N HCl and 0.34 N
Asy0Oz were assumed to be the same as for pure water. No
systematic difierence could be detected when the solutions
were used instead of pure water, A correction was made for
the small amount of arsenious oxide oxidized during the
actual combustion period.

All experiments were initiatec very near 24° and ended
at near 26°. For cach experiment the heat ghsorbed by the
glass cloth, the initial solution, and the sample in warming
from the initial temperature te 25° and the heat absorbed
by the glass cloth and the final solution in warming from
25° to the final temperaturc was caleulated. The heat
capacity of the glass cloth was taken as 0.17 zal. g."! deg.™?
and of the 0.5 ¥ HCl and 0.34 N As;Q; as 0.977 cal, ml."?
deg.”?. The sum was terimmed € and was subtracted from
each experiment before calculating the energy equivalent.
C' also included a small correction term for tae replacement
of the oxygen used by the carbou dioxide formed in the
combustion. The encrgy equivalent of the system minus
the above items was termed Cp and found to be 3047 .4 cal.
deg. ! with a standard deviation of 0.35 cal. deg.~!.

Procedure.—Liquid samples were placed in thin-walled
sof l-glass ampules similar to those described by Hubbard,
Knowlton and Huffman.¢ Solid samples were formed into
pellcts. The amount of sample varied accorcing to chlorine
content, and was adjusted so thai not more than two-thirds
of the arsenious oxide was oxidized. Parafiin oil was added
to ignite the samples and to furnish the heat required to
raise the temperature two degrees, The paraffin oil was
ignited by a fuse of cotton thread tied to a fine (No. 40 I3 &
8} platinum wire. Application of an electrical potential
of 12 volts melted ithe wire and ignited the fuse. 'f‘he elec-
trical firing energy was very small and very nzarly the same
in all experiments and was not included in the calculations.

Twenty ml. of 0.3¢ N As:0; solution was added to the
glass cloth lining and the bomb charged with oxygen to 30
atmospheres in all experiments. Temperatures sere meas-
ured with a platinum resistance thermometer. The cor-
reefed Lcmpemturo rise was calculated by the method of
Dickinson.® After the combustion, the homb was carefully
opened while still inverted and the platinum lid was rinsed

g’ with distilled water. The crueible and electrodes were
then rinsed and the washings kept separat:. The glass
cloth was placed in a beaker, the bomb was carefully rinsed
with the distilled water and the washings together with the
washings from the lid were added to the glass eloth. The
solution was divided into two parts., The major portion
was safurated with sodium bicarbonate and unreacted ar-
senious oxide determined by titration with 0.1 N iodine
using starch as indicator. A small portion was used to de-
termine nitrate ion hy a colorimetric method.” The
chloroplatinic acid from the erucible and electrodes also was
determined by a colorimetric metiod

Auxiliary Data.—As discussed hy Smith and Huhbard,
the combustion reactions can be -epresented by the equa-
tions

CeHuOCla+ [+ (& — d) /4 — ¢/2]0:(g) +
ldn — (b — d)/2] H:O(1) —>
nCO.{g) — J[HCLRH.0)) (1N
Ag0s(ag.) + Ou(g) —> As:O;(aq) (2)
6HCl(ag.) 4+ Ou(g) + Pt(s) —>
H.PtClilaq.) 4+ 211.0(1) (3)
1/2Na(g) + 5/40:(g) + 1/2H.0()) —> 1INOz(ng.) (D)
In the first equation, n was taken as 600 and all combustions

were corrected to this value using the heat of diiution of HCI
given by Rossini and co-workers.’* The heat of oxidation

f7) R, S, Jesgup, J. Regearch Natl, Bur, Standards, 29, 247 (1912).

(8} E. J. Progen, Nationa! Bur. Standards Report 1119, Aug. 0.
1951,

(9) IL. C. Dickinson, Butl. Natl. Bur. Standards, 11, 180 (1914),

{10) I. M. Kolthioff and G. E, Nopanen, 7. Awm. Chem. Soc., 55, 1448
(1933),

11y 0.1 Milnerand G V. Shipman, Aral. Clem., 2T, 1476 (10535).

(12} F. D. Rosgini, . D. Wagman, W, H. livang, 8. Levinc amd
1. Jaffe, Natl. RBur. Standards Cire. 500, 1932,
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of arsenious oxide at conssant volume was measured by
Rjellerup, Wadso and Sunner'?as —77.4 £ 0.1 kecal. mole~!
Values for reactions 3 and 4 of —63.2 and - 14.07 kcal.
mole™?, respectively, are from Smith and Hubbard.! The
heats of combustion, AUgr, of the paraffin oil and cotton
thread were measured as —10,989.5 == 1.5 and —3800 =%
50 cal. g. 7%, respectively. The heat capacity of the average
final bomb solution was measured as 0.93 cal. g.~! deg. .

Results

Data for calibration experiments are given in
Table I and for combustion experiments in Table
II. Column headings have the following signifi-
cance: ¢m, goil and gree are the heat released by
the weighed quantities of benzoic acid, otl and fuse,
respectively, when all products and reactants are
in their standard states at 25°; ¢as, grt and gunoz
are the heats of recactions 2, 3 and 4 as determined
by analysis of the combustion products, gnc is the
heat of dilution of the final bomb solution to n =
600, gw is the total “Washburn correction” calcu-
lated by the outline of Prosen® assuming values for
pure water apply to the bomb solutions, € is the
heat absorbed by the bomb contents as described
under calibration, AT is the corrected temperature
rise, 7 is the mass (wt. in vacuo) of sample, and
—AUR/M is the heat of combustion per gram of
substance at constant volume with all recactants and
products in their standard states. The calculation
is
—A{."n/ﬂf =
ICUQT = Gail = Qfuae — QAy — Go¢ —

qunos -+ qror — qw + C1

"

I"or the calibration experiments, the calculation
is reversed to obtain Cq from — Al /M for benzoic
acid.

Table IIT gives the derived heats of combustion
at constant pressure and the heats of formation
from graphite and gaseous oxygen, hydrogen and
chlorine. The heats of formation of gaseous carbon
dioxide, liquid water and hydrochloric acid (1 in
600 II,0) were taken as —Y94.064, —G68.317 and
—39.885 keal. mole~! from reference 12. The
value for CO, is corrected for the new atomic
weight of carbon.

The difference between the heats of formation
of monomeric and polymerized 1,1-dichlorcethylene
gives the heat of polymerization as —18.0 = 0.7
keal. mole~’. TLacher, Emery, Bohmfalk and
Park!¢ have determined the heat of formation of
gascous vinyl chloride as +8.9 =+ 0.3 keal. mole—.
Combined with the heat of formation of the polymer
this gives the heat of polymerization of gaseous
vinyl chloride as —31.5 = 0.6 kecal. mole—L.

Accuracy.—Although some of the thermochemi-
cal corrections applied are not strictly accurate
because mixtures were involved rather than pure
water or solutions of one component, these effects
are largely eliminated by running calibration ex-
periments under essentially the same conditions as
combination experiments. Comparison with re-
sults of other investigations lends weight to this

{13) L. Bjellerup, I. Wadsé and 2. Sunner, Thermochemical Bull.,
Mareh, 1837.

(11) J. R. Lacher, E. Emery, E, Bohufalk and J, D. Park, Tris
JourNaL, 60, 492 (1936).
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claim, Conn, Kistiakowskv and Smith*® measured
the heat of addition of calorine to ethylene at
355°K. as —43,653 £ 100 cal. mole—%,  AC, for the
reaction is small and this result can be applied to
25° without appreciable error. From the heat of
formation of ethylene from reference 12 and a heat
of vaporization® of dichloroethane at 25° of 8,470
= 20 cal. mole—! there is calculated for liquid 1,2-
dichloroethane AHy = —39.6 = 0.2 kcal. mole~!
in excellent agrecment with the combustion value
of —396 = 04 kcal. mole—t. For o-dichloro-
benzene, the result of Hubbard, Knowlton and
Huffran® when calculated to an HCI dilution of 1
in 600 IL,O is —AUR/M = 4813.8 = 1.0 cal. g.— 1,

115) J. B. Conn, G. B. Kistiakowsky and E. A. Smith, /. Am, Chem.
Soc., 60, 27G4 (1938).

{16) R. A. McDonald, unpublished measuremenls, Dow Chemical
Co.
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The value found by Bjellerup and Smith® by the
rotating bomb method, when calculated to 25°
and corrected to the new value of AF,,q of AsyOs
is —AUR/M = 48152 = 2.7 cal. g.—'. Thcse
figures are in agreement with our combustion value
of 4813.7 £ 1.8 cal. g.—! well within experimental
eITor.

Of historical interest is the value found by
Berthelot! for the heat of formation of hexachloro-
benzene, —83 keal, mole~!, which is in error by
more than 50 keal. Otler results given by Berthe-
lot for highly chlorinated compounds are similarly
inaccurate. '8

Acknowledgment.—We wish to thank R. A,
McDonald of this Laboratory for determining the
sample purities.

(17) M. P. E. Berthelot, Ann. chim. phys
(18) L. Smith, Svensk Kem., Tidskr.,

.. [6] 24, 126 (1893).
62, 61 (1950).

THE TIME LAG IN DIFFUSION. II'

By H. L. Friscu

Bell Telephone Laboralories, Murray Hill, N. J,
fteceived Uclober 22, 1957

It is shown that provided we know or can gucss the functional form of the concentration dependence of the diffusion
coefficient, measurcments of the time lag in (vacuum) transmission experiments through a membrane at several ciffusant
reservoir pressures (or concentrations) allows us to determine both the diffusion coefliciens (and its parameters) as well as

the solubility of the diffusant i the membrane,

Under some weuk restrictions, even if nothing is known concerning the

functional dependence, a knowedge of the time lag allows one to estimate the order of magnitude of the integral diffusion

coefticient.

Introduction

In a previous paper® we gave an expression for
the time lag, f.(cp), for the diffusion of a species
through a thin membranc of thickness !, whose
sides are maintained at the constant concentrations
co (at z = 0) and 0 (at z = [}, in which the trans-
port of the diffusing species is governed by a con-
centration dependent diffusion coefficient, Dfe).
If the membrane is initially free of the diffusing
species we found that

1? fc wD(w) f wH () e diw
w

L(c) = -

[ f Dw) du}

The purpose of this paper will be to explore how
much information concerning O (as well as the
solubility cocfficient S of the diffusing species in the
membrane) can be obtained from mensurements
of Liey).

In principle, equation 1 can be mverted to give
D¢} from the experimentally determined funection
L{c).* Practically this requires a prohibitively de-

(1) This research was supportec in purt iz,v the United States Air
Force Qffice of Scientiic Reseach and Development Command
under Contract no, ALK 18(603)-152 with the University of Southern
Californu,

(2) H. L. Frisch, Twis Jounssr 61, 93 (1957
and definitions used throughout this paper wre identical with those

used in reference 2.
(3} F-qn'ltinn 1 leads to the ordinury differential equation

1 fcd 0 _
7 d(‘ (‘t’ L(co)) = (‘u\ [(‘) = ,’.0 Diw) du

which van Le nurerically integrated to give ® and this on differcatia-
tion D.

the nomenclature

tailed and accuratc knowledge of L{g) as a func-
tion of ¢o. A further difliculty arises from the fact
that in the usual transmission experiment described
above the concentration ¢ is not known and has to
be determined from a separate solubility measure-
ment relating the known constant ambient pres-
sure po (or concentration cy’) over the membrane
side at £ = 0 to ¢ If the solubility coeficient is
known

S(Cn) = Cn/pa (2)

then the integral diffusion coeflicient Dicq) can be
found from the steady state flux g.(c) without a
knowledge of the time lag from the experimentally
known permecability coefficient, P(po), sinee

Diey) = fom D) dufcg = —qal/co (3)

and

L(pa) = D(e:)S(en) (4)

We show in the next section that if the functional
form of © = Dle) 13 known or can be guessed then
from measurements of L and g. at several different
pressures pp'?, D and S can be found without recourse
to a separate solubility measurement. The examples
of © we shall discuss apply principally to the dif-
fusion of organic vapors through polymer mem-
branes although the theory is quite general and
would apply equally well, say, to the diffusion of
Li into a Ga doped specimen of Ge where the con-
concentration depencence arises* from chemical
J. Morin, Rell Syst. Tech. J., 35,

—lipo =

(4) M. Reiss, C. S. Fuller und L.
535 (1956).
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Fig. 1.— Plot of the graphicul solution of equation 10. The root zi as o function of X, and g for Alz) = e*(1 + z),
I = tXCu:”.
interactions (e.g., ion pairing). The functions H{z) and F(z) are particularly
Treatment of Experimental Data. -A useful useful if the diffusion in a given system can be com-

dimensionless function of ¢, 1s

Fy = LDl | Llata) _ o

{2 tea

f i wD(w) J‘ = Du) duw dufee I:j'o "J)('tt}(l'lb] i
0 w 0

which can be thought of as the “
sionless) time lag,”
generality we can set

Dla) = Dol (ats) = Do (z) (6}

= [ j;m hlau) dufe = Dy I:foz hiy) {dw}/x]

where Dy the least value of © (for all ¢ = 0), 1s inde-
pendent of ¢; and possesses the dimensions of D, « is
a characteristic parameter of the diffusion system
possessing the units of reciprocal concentration,
and A(z) and fI{x) are dimensionless functions of
the reduced (dimensionless) concentration

reduced (dimen-
Furthermore without loss in

r = at

(7)
Dimensional analysis assures us of the existence of
at least one such parameter as «.  A(2) and H{z)
thus completely specify the functional dependence
of » and D, respectively, on the concentration.
We note from equation 5 that F(ey) is also a func-
tion of 2 and independent of D, since

va = Ty [ ne dais [ [T ww @]

pletely charactezized by only one such parameter as
a for then H and F are free of further parameters,
This i1s actually the case for most proposed func-
tional forms of & (or &) describing the diffusion of
vapors through polymer films. These together
with the computed 77 and F functions are shown in
Table I.

Consider now the results of typical vacuum vapor
transmission experiments at a fixed temperature on
a given vapor-membrane system. These consist of
a number of different pressures of vapor pet? on the
high pressure side of the membrane, the thickness
of the membrane I; (note that we may have {; = {;),
the measured time lags L; = L,(po(")) and steady-
state fluxes ¢p = gs(pa™) with¢ = 1,2, .. .. As
suming we know or can guess the correet form of
h = h{z) we form from any pair of data, say for¢ =
1, 2, the ratios (¢, equations 3-7.)

s _ @ b _ Dlee _ Hizpz

T X L Dlae  Hizz ®)
and
In 0 {a f{x)x, o
== X = W = w2
AL R Flz)rs {9)

where z; = aco®™ and ¢ 1s the concentration of
vapor at x = (0 corresponding to the pressure p,®
i.¢., cP= S{e) py'?.  We can rewrite these rela-
tions in the form
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Fig. 2.—Plot of the graphical solution of equation 10.

Tz =
. . ., T H@)
gu(T,TNg) = A =y H(z) 0
(10)
5 = T2 Fx,) =
gF(zl,Iz,)\L) = A1 o 1’.(2:2) = (

The solution of this pair of simultaneous equations
gives in general two unique roots, the desired values
of 1 = z1(\g, AL) and 2o = 22(Ag, Az). Figures 1 and
2 are graphs of z; and z. as functions of A, and A, ob-
tained from a graphical solution of eq. 31 for the
rather ubiquitous case 3, i.e., h(z) = (1 + z)e”.
Once z; (and ) are known we can find the val-
ues of F(x;) and H(x,) from the graphs of F(z) and

(5) The parametrization of h is so chosen that in all cases h(z) =
1 + o(z).

(6) R. M. Barrer, “'Diffusion in and through Solids,” Cambridge at
the University Press, 1951.

(7) A. Aitken and R. M. Barrcr, Trens. Faraday Soc., §1, 116
(1955).

(8) D. W. McCall, J. Polymer Sci.. 26, 151 (1957).

(9) 8. Prager and I. A. Long, J. Am. Chem. Soc., 73, 4072 (1951).

The root z, as a function of A, and Az for i(z) = ¢*(1 + z),
aCo(z).

H(z) versus z. Now tae value of Dy and D can be

found since
Dy = |,*F (z,)/ LH () (11)

by virtue of equations 5 and 6. The uaknown
concentration ¢y can now be found from

= 01L1/I1F($1) (12)
say, and in turn « and S(c;”) can be solved for from
a = n/e®, S(e)) = c/pP (13)

In a similar fashion D(c®) and S(c®) can be
found. Data for a third, different pressure po® can
serve as a test of the correctness of the assumed
functional form of A since « and D, are at a given
temperature characteristics of the vapor-membrane
system.

To summarize we have shown that in principle
at least time lag and steady-state data from vacuum
vapor transmission experiments at several pres-
sures can give the characteristic parameters de-

otV =



4}

seribing the diffusion and solubility of a vapor in a
membrane without recourse to a separate solubility
measurement, In practice it is clear from the fore-
going that in order to obtain even the correct order
of magnitude of these characteristic parameters the
basic experimental observables must be known to
within a few per cent. of their accurae values, The
methods described above can be extended to cases
where 2 contains other parameters besides «;
e.g., even if nothing is known concerning the form of
A we could fit a polynomial to the time lag data to
any desired degree of accuracy. Ncoedless to say
the degree of complication of such arocedures in-
creases sharply with the number of parameters.

It should also be noted that if besides time lag
and steady-state data we know the solubility at
one pressure (only one «) we can still use the fore-
going formulas (¢f., equations 2, 12 aad 13, ete.) to
find Dy and « scparately if we assume a suitable
functional form for A, Without time lag data only
D(cy) can be found.

If an isotope of the given vapor (preferably a ra-
dioactive one) is availlable then a transmission ¢x-
periment can yield directly (if we neglect a small
isotope effect) © without the necessity of knowing
anything about the functional form of . The
membrane is initially uniformly saturated at a con-
centration of ¢p of isotope 1; the vapor reservoirs
(at « = 0 and ) being maintained at a constant
pressure pqg = ¢o/S(cq) of isotope 1. At time t =0
the reservoir at * = 0 is exchanged for another
maintaining a pressure po of isotope 2. The
amount of isotope 2 appearing at the reservoir at
¢ = [ is now measured as a function of time, 1
Since the total vapor concentration is constant
throughout the membrane the time lag of isotope 2
is given by

I = 1/6D(c)

(10) The author is indehted to Praf. M, E2ware for o discnssion of
this method elarifying certatn details.
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Isotopc experiments such as this are necessary in
any case if we desire to know the true binary diffu-
sion coeflicients in order to make frame of reference
carrections. We will not comment further here on
this topic.

Discussion

We can conclude from the foregoing that if we
can guess the form of the concentration dependence
of © then time lag data are as useful as in the case
where 9 is constant. Even if we cannot say any-
thing about the coneentration dependence of H we
can still use £ to obtain an idea of the order of mag-
nitude of ® it we make certain assumptions (gen-
erally rather harmiless ¢nes) concerning O.

Thus in the absence of phase separation (in the
diffusant-membrane system), phenomenological dif-
fusion theory and the thermodynamics of irreversi-
ble processes {since entropy production is positive)
assure us that

0< D €£HBle) 0K c<c (14)

where ¢, is the equilibrium saturation concentra-

tion, .., ‘“up-hill” difusion does not occur. In
this case I'{c,) satisfies the inequa,lity
Dy 3 1 &
<% Lo SFe) <5 (15)

Since D{ecy) is bounded (15) allows us to estimate
the order of magnitude of D(c,). In particular fora
large class of I's including all shown in Table I and

©’s which are polynomials D = Dyl + D bief]

i=1
with O; = 0 the lower bcund on #is 1/6. Thus the
estimate
Dico) ~ I*/6L(co)
is at worst too small by a factor of three.

The author is indebted to Miss M. C. Gray and
her computing staff for the numerical calculations
leading to Figs. 1 and 2 and to Prof. R. M. Barrer
for his continued interest in this work.

MUTUAL DIFFUSION IN NON-IDEAL BINARY LIQUID MIXTURES'
By D. K. Avperson, J. R. HaLt axp A. L. BABs

Department of Chemical Engineering, University of Washinglon, Seattle, Washinglon
Received October 23, 1957

As part of a comprehensive study of the mutual and self-diffusion behavior of non-ideal binary liquid mixtures, experi-
mental data for six systems are presented. Mutual diffusion data for the following solutions are given over the complete
composition range: acetone-benzene at 25.15°; acetone-water at 25.15°; acetone-chlaroforra at 26.15 and 39.95°; acetone-
carbon tetrachlortde at 25.15°; ethanol-benzene at 25.15 and 39.98°; and methanol-benzene at 39.05°. For the two sys-
tems involving ethanol and methanol, the new results are combined with previously reported data to evaluate the activation
energies of hath the diffusion and viscous flow mechanisms. Curves for the function Dy/(c In a,/d ln N)) also have been
evaluated for the systems studied experimentally. At present no attempt will be made to intarpret the results theoretically.

Introduction
Diffusion studies in this Laboratory have two
general aims.?2—*  For both ideal and non-ideal
liquid systems, current theories relating mutual

and self-diffusivities may be compared with re-
cently available results. Secondly, for systems
where association of one component is known to
oceur, or where there are solvent—solute interac-
tions, it is hoped that with the present knowledge
of association mechanisms some progress may be
made toward predicting experimental diffusion.
As part of this comprehensive program, mutual
diffusion data for six non-ideal systems are reported

(1) This work was aupparted in part by the Offce af Ordnance
Regearch, U 8. Army,

(2) C. 8. Caldwell and A. I.. Babh,
B9, 113 (1955).

(3) P. A. Johnsan and A. L. Babh, id/d., 60, 14 (1956).

(4} P. A. Johnsan and A. L. Bahh, Chern. Revs., 86, 387 (193G),

Tma Jounnay, 64, 51 (1956},
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SUMMARY OF IXPERIMENTAL DirrustoN DaTa

A

Methanol

[thanol

[thanol

Acetone

Acetone

Acctone

Acetone

Svstem

Benzene

Benzene

Benzene

Water

Carbon tetrachloride

Chloroform

Chloreform

Temp.,
.

10.Q

39.98

25.0

25.16

25.15

38.95

Av.compn.
ol A
mole

frastion

0.00470
01536
L1094
.2559
5034
6567
.8163
9966

00225
-00471
08574
.2034
.3415
9068
.7022
L9961

.00372
00372
095674
.2034
3415
o068
7022
9961
.84961

00216
08309
.2392
4893
8036
6653
. 9265
L9696

-00390
00390
.2056
L3042
L7934
0953
9953

00548
.2081
.3903
6061
7472
8641
9948
9953

00648
00548
2013
2013
3084
. 4089
4989
.6040
8592
8611
9048
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22
15
02
.86
.30
.993
901
.01
.35
.81
3.
.76
.89
.46
.30
.42
76
.36
.38

72

28

864
.635
819
.39
.43
.80
.56

.69
71
A4S
65
63
.99
.94

.35
A7
.29
.45
.52

50

.63
.63
.90
87
H7
.59
.05
.14
16

24

27
.28
31

405
Acctone  Tlenzene 26.15  .00369 2.75
00369 2.74
L1000 2.58
2027 2.55
2027 2.56
3941 2.70
L3939 2.69
23939 2.70
9994 2.98
9994 2.96
L7808  3.35
9067 4,14
L4973 4018
073 4,15
6.0

a
o

H
(®)
7

w
o
On ond Dn* dynes x 10

D x 10% cm%/sec. and n x10, cp.

2.0 L | 1 0
0] 05 1O

MOL. FRACTION ACETONE.

Fig. 1,—Diffusion and viscosity data for the acetonc—
benzene system at 25.15°, left hand scule; Dy and activity
corrected Dn{Dy*), right had seale.

in this paper together with some energics of activa-
tion for both visecosity and diffusion. At present,
no attempt will be made to interpret the results
theorctically.

Experimental

The solvents used were the highest grades commercially
available and were for the most part used without further
purification. Particular care was taken in handling hygro-
seopic liquids, as the shghtest traces of water were found to
affect the diffusion results markedly. ‘The ethanol stahilizer
was removed from echloroform with anhydrous calcium
chloride, and benzene was stared over metallic sodium.

The mutual diffusion measurements were made with a
Muach-Zehnder type diffusiometer, deseribed fully else-
where.’

(5) . 8. Caldwell, J. B, Halt and A. L. Babb, Kev. Sei, [ust., 28,
816G (1957),
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Fig. 2.—Mutual difiusion, viscosity, uncorrectad and activity
corrected Dy product for acetonc—water syswem at 25.15°.
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Tig. 3.—Mutual «iffusion and viscosity data for the
acetone-chloroform system: O, this work 30.95°; 4, this
work 25.15%; A, J.emonde 17° (vef. 7).
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Results and Calculations

Mutual diffusion results for the following sys-
tems are presented: acetonc—benzene (25.15°,
Fig. 1); acetone-water (25.15° Ifig. 2); acetone—
chloroform (25.15°, 3%.95°, Ifig. 3); acetone-
carbon tetrachloride (25.15°, Fig. 4); ethanol-
henzene (25.15°, 39.98°, Fig. 5); methanol-ben-

-zene (39.95°, Fig. 6), and a summary of the experi-

mental data is given in Table I. In addition, a
summary of the experimental data for the acetone
systems is given in Fig. 8,

5.0 09

H
o

o7

o
o

05 =

L
(@)

D x 10° ecm%sec ond Dn x 107 dynes.

0 05 1.0
MOL FRACTION ACETONE.

Fig. 4.—Mutual diffusion cata for acetone—carbon tetra-
chlonde system at 25.15°; Dy and activity corrected
Dm( Dy *), left hand scale; viscosity on right hand scale.

Being the prime basis of selection, the degree of
non-ideality of the results for these systems is not
surprising. All the systems except one exhibit
a marked minimum in the diffusivity--composition
curves. The exception, the chloroform-acetone
system, 1s the classic example of a system which
deviates negatively from Raoult’s law,® while
all the other systems for which results are presented
have positive deviations.

From the diffusion results, values of the Dy
product and D»/(d In a;/d In N)) were calculated
where D), #, a; and N, are the mutual diffusivity,
the solution viscosity, the activity of one com-
ponent and the mole fraction of that component,
respectively. The requirad viscosity data were
selected for the most part from the literature.
For the chloroform—acetone system available

() J. v. Zadwidski, Z. physik. Chem., 35, 129 (1900).
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Fig. 5—Mutual diffusion and viscosity data for the
ethanol-benzene system; @, this work 39.98°; O, this work
25.15°; A, Lemonde 15° (ref. 7); viscosity data on right
hand scale.

data’ * showed some scatter, so the viscosity iso-
therms werc determined in this Laboratory,!®
Likewise for the ethanol-benzene systems, the
required measurements were repeated and com-
pared with previously published data.'"? In the
case of benzene-acetone solutions, interpolation
of the data of Bingham and Brown!? appeared to
give more reliable viscosities than the direct meas-
urements of Fischler!* at 25°. The data of Davis,
et al.,®® were used for acctonc—water mixtures,
and for acetone-carbon tetrachloride interpola-
tions were made from the smoothed data of Yajnik,
et al.b

The activity term was evaluated from available
thermodynamie data with the help of the Van Laar
equation. Only for the acetone -chloroform sys-
tem were isothermal data available'® at the tem-
peratures required. For the remaining three ace-
tone systems. isobaric boiling point-composition
data were used.””~2  Such measurements provide

(7) H. Lemande, Ann, Phys.. 9, 399 (1038).

(8) N. A. Yajnik, M. ID. Rhalle, R. C. Talwar and M. A. 8anfi,
Z. phystk. Chem., 118, 305 (19285).

(9) D. E. Tsakalatos, ibtd.. T1, 667 (1910).

{10) N. T. Andersan, unpublished notes, Univ. of Wash., 1957,

(11) A. E. Dunstan, J. Chem. Scc. (London), B8, 817 (1904).

(12) F. H. Ectman, J. chim. phys., 4, 386 (1906).

(13) "International Critical Tables.” Vol. ¥, McGraw Hill Book
Co.. New York, N. Y., 39 (1929).

(14) I. Figchler, Z. Flektrochem.. 19, 126 {1913).

(15) P. B, Davis, 1. Hughes anc I3, C. Janes, Z. phyeik, Chem. 88,

513 (1913).
(16) H. Réek and W. Schroder, thid., N.F., 11, 41 (1957).
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Fig. 6. -Mutual diffusion data for the methanol-benzene
system: @, this work 39.95°; O, Caldwell and Babb 27.06°
(reif:. ?); 0, Caldwell and Babb 11.0°; A, Lemonde 11.0°
(ref. 7).
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Fig. 7.—TUncorrected and activity corrected Dv;J)mducts for
the acetone—chloroform system at 25.15 and 39.15°.

activity coefficients at variable temperatures higher
than those at which the diffusion measurements
were made. It may be argued, however, that the
activity corrections at the required lower tem-
peratures, were they zvailable, would be certainly
greater than those used.  For the systems ethanol-

(17) K. (. Bachman and & L. Simmans, Ind. Eng. Chem., 44, 203
1952).
( (18; R. York and R. C. Holmes, 1bid., 34, 345 (1942).

{19) A. 8. Brunjesand M. J. P, Bagart. ibid., 36, 258 (1943).

(20) F.J. Soday and G. W. Rennett, J. Chem, Bd., 7, 1336 (1030).
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Fig. 8.—DNMutual diffusion data for acetone systems at
25.15°: @, acetone—chloroform; A, acetone ‘benzene; Q,
acetone—carbon tetrachloride; 4, acetone-water.
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Fig. 9.- -Energies of activation for viscosity end diffusion:
, ethanol-benzene system: — — —, methunol-
benzene system,

benzene and methanol-benzene, the activity cor-
rected curves have been presented elsewhere.?
For the acetone—water and acetone-carbon tetra-
chloride systems, examination of the Dy/(d In a,/

D. K. ANpERSON, J. R. HauL anp A, L. BaBs
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d In N)) curves shows that even with the activity
data used, the effect of the corrections is too great.
The acetone-benzene and acetone—chloroform
curves, however, are more nearly linear.

In the case of acetone--benzene the activity cor-
rection is relatively small, having o maximum dif-
ference from unity of only 209;. On the other
hand, it has been shown by Stokes and Hammond?!
for the system cyclohexane-carbon tetrachloride,
where the maximum difference of the activity
term from unity 18 5.0%, that the quantity Dn/
(d In a;/d In Ny) still deviates from linearity by
amounts up to 49). Eyring, et al.,?* have presented
data for the acetone—chloroform and chloroform—
ether systems showing the term Dy/(d ln a;/d In N))
linear with composition. Eyring appeared to
bave used the data of L.emonde’ at 17°, which ap-
pear to be inconsistent with the data shown in
Fig. 3. The activity corrected diffusion curves
for this system, shown in Fig. 7, deviate from lin-
earity by amounts up to 99. The thermodynamic
properties of the acetone -chloroform system have
been well established23.24 and it thus appears that
the observed linearity may be a coincidence,
considering the complexity of the system. For
both the alcohol systerns and those involving ace-
tone, one thus has further evidence that conven-
tional thermodynamic eorrections alone are insuf-
ficient to account for the diverse kinds of deviations
from ideality.

It is interesting to note the qualitative similarity
between the variation of D, excess enthalpy of mix-
ing (AfI/") and 1/{d In a,/d In ¥,) with composition.
The system ethanol-chloroform provides an illus-
tration of this. Both the 1/(d In ay/d In &) and ex-
cess enthalpy of mixing?® curves show a change
from positive to unegative deviation and the dif-
fusivity curve likewise siows a point of inflection
at approximately the same mole fraction. Al-
though the proportionality between AN™ and
L/{dIn a/d In ) for syrametrical regular solutions
is known, the AH™ data available for the systems
discussed here®—%% suggest a possible relation
between AH™ and D. Recent work by the auth-
ors indicates that for systems containing one as-
soclating component a quantitative relationship
between AH™ and D can be derived from associa-
tion theory.

{21) R. H. Stokcs and B. R. Har.mond, Trans. Faraday Soc., 52, 781
{14950).

(22) R. E. Powell, W. E. Rouseveare and H. Eyring, Ind. Erg. Chem.,
83, 430 (1941).

(23) L. Sarolea-Mathot, Trans. Faraday Soe., 49, 8 (1953).

{24) A. Nikuradse and R. Ulbrich, Z. pAysik, Chem., N.F,, 2, 9
{1954). ;

(25) G, Scatchard and C. I.. Raymond, J. Am. (’kem. Soc., 60, 1278
(1938).

(26) G. C. Schmidt, Z. physik. Chem., 121, 221 (1926).

(27) J. Hirabi, J. Fac. Sci. Tokye. Imp. Univ., Section I, Part 4, [,
155 (1926).

(28) B. II. Carroll and J, H. Mathewa, J. Am. Chem. Soc., 46, 30
{1924).

(29) A. Winkelman, Ann. Physik Chem., 226, 592 (1873),

(30) Ref. 13, Vol. ¥V, 1929, p. 156.

{31) W. Joat, H. Rock, W, Schroder, L, Sieg and [, Wagner, Z,
physik. Chem., N. F., 10, 133 {1957..

{32) G.8catchard, L, B. Ticknor,J. R. Goates and E. R. McCartney,
J. Am. Chem. Soc., T4, 3721 {1952).

{33) G. Scatchard, 8. E. Wood and J, M. Mochel, 1b:id,, 68, 1957
(19486).
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Activation energies for diffusion and viscosity of
the ethanol-benzene and methanol~benzene sys-
tems are shown in Fig. 9. These were determined
in the conventional manner by plotting In D and
In y against reciprocal temperature. Eyring’s
theory®* predicts viseosity and diffusion equations
of the form: 7 = ATY* exp(By/RT) and D =
BT exp(—Ey/RT) from which it follows that

By = R{dmasd () = b~ gor
and
Bo = —R (d ln D/d (%)) =E+3RT ()

where E; is the activation energy at 0°K., and
Ep, E,, are the respective activation energics for
diffusion and viscous flow as defined by equations
1 and 2. Thus, p and %, should differ by the
amount R7".

It has been suggested® that In{D/T), rather than
In D, should be plotted to obtain the activation
energy for diffusion. This requires the assump-
tion that the partition function ratio in the original
form of the Eyring equation 1s independent of tem-
perature. Since it is entirely a matter of definition
of Ey the more usual method of plotting In 1 versus
1/T was used in preparing IMig. 9. For six ideal
systems, Caldwell and Babb? have verified that the
difference between K, and Ep is approximately 0.6
keal./mole. In the case of the non-ideal alcchol
systems presented here, such a stmple relationship
was not expected to be valid, as shown in Fig. 9.

(34} H. Eyring, J. Chem. Phys., 4, 283 (1936).
(33) . E. Meyer and N. H. Nachtrieb, ibxd., 23, 1941 (1955).
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Discussion

It is difficult to make any general statements
which would cover all of the systems for which
data arc presented here, as several kinds of molecu-
lar interaction may be distinguished. The problem
of assoeiation in alcohcis has been the subject of
considerable investigation,*— and as I{retschmer
and Wiebe® have pointed out, the presence of an
aromatic as the second component, introduces addi-
tional and complicating interactions. The two
acetone systems, those with benzene and chloro-
form, were chosen for comparison with the acetone—
carbon tetrachleride system, for which the second
component may be considered inert. It was hoped
that the effects of intrcducing an aromatic compo-
nent in one case, and of the hydrogen atom in the
other, could easily be -haracterized. It was sur-
prising to find, therefore. that the carbon tetra-
chloride system behaved least ideally of the three,
at least insofar as diffusion behavieor is concerncd.
Most data exist for the acetone~chloroform system,
and thus this system is the best understood. The
possible molecular intaractions of acetone—water
solutions precludes discussion of this system, and
the measurements presented here were made for
comparison with self-di-fusion studies,* rather than
in the hope of theoretical progress.

(36) R. Mecke, Dise. Faraday See., 9, 161 (1950),

(37) K. L. Wolf, I1. Dunken and K. Merkel, Z. physik. Chem., B46,
287 (1040),

(38) 1. Prignzine and A. Desmyter, Trans. Maraday Sac., 47, 1137
1951).

( (39) C. B. Krefschmer and R. Wiebe, J. Chem. Phys., 22, 1697
(1954).

(40) B. W. Mar and A, L. Rabl, unpublished data, Untversity of
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VISIBLE AND ULTRAVIOLET ABSORPTION SPECTRA OF NiCl; DISSOLVED
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Absorption spectra were measured for solutions of NiCls in fused TLiCI-KCl mixtures near the eutectic composition over

the wave length range of 220 to 750 mu and at temperatures of 360 to 550°.
was found with maximura at 260 mu and a molar absorbaney indexof (3.6 2= 0.2) X 107 at 395°.
sisted of four overlapping bands with maxima at 512, ea. 590, 625 and 695 mu at 398°.

In the ultraviolet region an absorption band
The visible spectrum. con-
The highest of these bands (625 my)

had a molar absorbancy index of 61 = 3 at a temperature of 398° and a solvent salt composition of 41.0 mole % KCI,

The absorbancy indices of all bands changed considerably with temperature.
and its maximum shifted to longer wave lengths with increasing temperature.
were canged by at least two light-absorbing species derived from NiCl,.

I‘urthermere, the ultraviolet band broadened
It was shown that these absorption bands
With increasing temperature the concentration of

one species decreased while the concentration of another species inereased. At a constant temperature the coneentration
of all species g'ving rise to observed light absorption was proportional to the eoncentrrtion of total nickel. The spectra
were changed by a small but measurable amount with small changes in the composition of the solvent salt.

Introduction

The absorption spectra of fused salts have been
of interest for some time as aids in studying the
chemical constitution and electronic structure of

(1) Throughout this paper the nomenelature and aymbaols recom-
mended by K. 8. Gibaon, National Bureau of Standards Cirenlar 484,
September 1919, are used where s.pplicable.

(2) Operated by Union Carhide Nuclear Comypany for the U. 8.
Atomic Energy Comimission.

these media.*—* This paper is concerncd with the
determination of molar absorbancy indices from the

(3) K. Seharm and M. Funk, Z. wiss. Phot., 23, 73 (1924).

(4) E. Mallwn, Z. Phyrik, 124, 118 (1947).

(5) II, Tnx and T. Niedermaier, Z. anorg. allpem. Chem., 2868, 240
(1056G),

(n) B.
(1956).

(7) D. M. Gruen, J. I'novg. Nuclear Chem., 4, T4 (1957).

(8} K. Saksi, Tius Joorsarn, 61, 1131 {1957).

R. Sundheim and J. Geeenberg, Ren. Sei. Tnat., 27, 703
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spectra of solutes existing in dilute solutions in
fused salt media. Such measurements should give
useful information concerning the chemical nature
of species in fused salt solution. The particular
system chosen for initial study was a solution of
NiCl, in mixtures of LiCl and KCl. Meesurements
of this sort have recently been reported by Lux
and Niedermaier,® who measured absorbancy values
for manganese oxysalts dissolved in NaOH and
KOH fusions, and by Gruen,” who aetermined
absorbancy values for a variety of metal chlorides
in fused LINO;~KNO; eutectic.

Experimental

Preparation of Materials.—Commercial, anhydrous HCI
gas was purified by passing over activated charccal and silica
gel. Argon was purified by passing first over hot copper
and then over P;O;. Anhydrous NiCl, was made from re-
agent grade, ‘‘cobalt-free’’ NiCl;-6H,O. This material
was first heated slowly to 450° over a period of 4 hr. under an
atmosphere of flowing HCI gas. Then it was sublimed at
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800 to 900° under an HCI atmosphere. The cobalt content
of the final product was 0.00379%, as determined by spectro-
scopic analysis.

Most of the LiCl-KCl mixtures used had a composition
close to that of the eutectic (ca. 41 mole % KCI, m.p., ca.
350°). A convenient method for purifying this material
is described in detail inasmuch as it is applicable to the
preparation of a variety of low melting halide mixtures in a
form suitable for quantitative spectral measurements.
The apparatus is schematicelly illustrated in Fig. 1. The
Pyrex fritted disk was of a ‘‘fine’’ porosity. By maintain-
ing a suitable pressure differential on either side of the
fritted disk the melt could be supported on the disk or fil-
tered through at will. The apparatus was heated over the
distance from the bottom of the 11 mm. tube to a position
well above the top of the mel’ in the 35 mm. tube.

A mixture of reagent grade LiCl and KCI was placed on
the fritted disk and the entire apparatus was evacuated with
a mechanical pump. Exposure time of LiCl to room air
was held to a minimum. The solid was heated under
vacuum to 300° by gradually raising the temperature over
a period of two hours. At 300°, argon followed by anhy-
drous HCl was admitted. While HCI passed through the
filter disk and solid salt mixture, the temperature was
raised over a period of 1/, hr. to 500° to fuse the mixture.
Initially the melt was cloudy. HCI was then passed through
the melt, dispersed as fine bubbles by the fritted disk, until
the cloudiness disappeared and for about 10 min. thereafter.
The argon was bubbled through the melt for 5 min. to re-
move excess HCI. Next a vacuum was applied to the lower
side-arm and the melt filtered through the disk to remove
the solid impurities. The molten salt flowed into the lower,
11 mm., tube where it was cuickly frozen by opening the
lower furnace. The tube containing the purified mixture
was then sealed off under vacuum, checked for vacuum
leaks and stored until needed.

The mixture was removed easily from these tubes in a
dry box by cracking the glass tubing and sliding out the
solid rod of mixture. The rod of mixture was broken into
segments and loaded into optieal absorption cells.

The purity of the solvent mixture prepared in this way
was evidenced by the complete absence of etch on the highly
polished cell windows after 20 hr. exposure and by the re-
producibility of the absorption spectra.

Spectrophotometer and Furnace.—Measurements of ab-
sorption spectra were made with a Cary Model 11 MS re-
cording spectrophotometer which was modifiad for high
temperature work by replacing the cell compartment with
a furnace assembly described below. Furnace radiation did
not interfere with the spectral measurements reported.
This absence of interference was ensured by two design
features of the Cary instrument. First, the light beam was
pulsed at a low audio frequency and the output current was
filtered to pass only the fundamnental frequency of the pulses.
Second, the light sensing un:ts were a pair of matched
1P28 multiplier phototubes which had a low sensitivity to
light of wave lengths greater than 750 my.

The furnace assembly is shcwn in Fig. 2. It consisted,
essentially, of two silver blocks which held the optical cells,
a furnace, and a supporting rod made from stainless steel
pipe. This supporting rod was screwed into the lower silver
block and carried a brass pla‘form on which the furnace
rested. The furnace could be unbolted from its platform
and raised to give easy access to the silver blocks. The
furnace assembly and the phototube housing were held on
carriages which rode on a lathe-bed type of optical bench
which was accurately aligned with the light beams from the
monochromator.

The lower silver block, shown in Fig. 2, was designed to
hold an optical cell containing a reference material. This
cell was omitted in the measur>ments reported here and is
not illustrated in the diagram. The upper silver block held
the optical cell which contained the sample material. A
cone on the bottom of the upper block rested in a precisely
mating conical socket at the top of the lower block. Rotary
alignment of the two blocks was ensured by means of a steel
pin. Silver shims in the upper block held each cell in a re-
producible position in the light beam.

In order to prevent heating of other components, the fur-
nace shell was cooled with water and the light-beam ports
were closed off with optical-grade fused silica windows. In
order to prevent volatile produets from the furnace insula-



April, 1958

tion and refractory cement from reaching and condensing
on the furnace windows, the interior of the furnace and
the adjacent light-beam ports were lined throughout with
an all-welded Incconel shield.

The furnace winding was provided with shunts so that
different power in-puts could be applied to the top, middle
and lower sections in order to help reduce thermal gradients.
Further reduction in thermal gradients was provided by the
silver blocks which held the optical cells. Inasmuch as a
reference cell was not placed in the lower silver block in the
research described here, the elimination of a thermal gradient
between the two silver blocks was not important. ITowcver,
such a gradient can be reduced to a very small value with
this apparatus when it is desired to measure absorbancy
directly. .

Such gradients as existed together with the temperature
of each cell compartment were measured by means of five
calibrated platinum to platinum-rhodium thermocouples
placed into holes drilled at suitable positions in the silver
blocks and read with a Leeds and Northrup Model K-3
Universal potentiometer. The temperature level was con-
trolled by means of a chromel-alumel thermocouple which
actuated a Leeds and Northrup Model G Speedomax
coupled with a Leeds and Northrup “DAT” controller.
Temperature control was within a precision of 0.5° as meas-
ured by couples adjacent to the optical cells. The tem-
perature of a melt was calibratad with a platinum-sheathed
thermocouple immersed therein. It is estimated that the
absolute temperature of a melt was known to within 1°.

The absorbance range of the spectrophotometer as
supplied by the manufacturer was 0 to 3.5 absorbance
units. For a few high absorbance measurements this range
was increased to about 5.5 by insertion in the reference
light beam of screens made from accurately perforated steel
plates supplied by the Pyramid Screen Corporation. This
extension of the absorbance range was permissible because
of the very low level of stray light achieved by the Cary
double monochromator. The absorbances of the screens
were accurately measured.

Optical Cells.—The types of optical cells used in this
work are illustrated in Fig. 3. (Cells were supplied by Py-
rocell Manufacturing Company.) The cell shown in Fig.
3a was used largely for prelimiaary work in which some risk
of atmospheric contamination was accepted in order to gain
experimental flexibility. This type of cell will be referred
to as a “‘stoppered’’ cell. The other type of cell, shown in
Fig. 3b, initially had a standard taper joint on the upper
end as shown. However, after loading it was sealed off
under vacuum by fusing the glass several centimeters above
the melt so as to avoid any chance of atmospheric contam-
ination during a run. This type of cell is referred to as a
“‘sealed’’ cell.

The lower end of both types of cells consisted of a square
cross section, Beckman optical-cell made of fused silica.
This Beckman cell was fastered to the upper Pyrex tubing
by means of a graded seal. The cell windows were 40 mm.
high by 10 mm. wide and the inside distance between win-
dows was 10 mm. For some measurements the light path
length through the melt was reduced to 0.5 mm. This was
accomplished with precision-grade quartz inserts, supplied
by Pyrocell Manufacturing Company, which are shown in
place in Fig. 3. Values of the average path length for each
measurement were determined to within 19, by micrometer
measurements on the cell and the insert.

In the stoppered cells rpurified argon was admitted
through a quartz capillary tube which had a side opening
near the liquid level. Below this side opening the capillary
tube was collapsed to form a rod which was fused to a quartz
insert. Argon left the cell through a side arm which was
closed with a valve that permitted gas to leave but not to
enter the cell.

Procedure.—Optical cells were loaded with salt in a vac-
uum-type dry box under a high purity nitrogen atmos-
phere. The cells were weighed on an analytical balance
before and after loading in order to obtain the weight of the
LiCl-KCl mixture. NiCl, was added in the dry box from
a weighing bottle which was likewise weighed before and
after the addition. After lcading, the cells of the sealed
type were pumped down to about 10~ mm. and sealed off.

For all spectral measurements, air was the reference
material. That is, the measured quantity was log (incident
intensity /transmitted intensity). Absorbancy values were
obtained by subtracting measured values for a cell contain-

SprcTrRA OF NickiL CHLORIDE DissoLveD N Fusep LiCI-KCl MixTURES

411

& JOINT

g‘ J
ji
¥

i

-rw;"'::——ﬁ" ??
GAS EXIT i

= -f}— QUARTZ CAPILLARY
TUBING

=——PYREX TUBING ~——=

———<MELT

~~-GRADED SEAL- [

(0) d % i)

T SUSED SILICA WINDOWS <——

Fig. 3.—Tvpes of optical cclls used: (a) “stoppered”
cell; (b) “sealed” cell. After loading this cell was sealed
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ing only the solvent from measured values for an identical
cell containing a solution. Light ahsorption by the solvent
over the range 280 to 750 mu was small and did not change
much with temperature. However, at wave lengths ap
proaching 220 myu the light absorption of the solvent rose
rapidly and changed consicierably with temperature.

In measurements made with the stoppered type of optical
cell weighed amounts of NiCl, were added as desired by
momentarily unstoppering the cell. After each addition
the cell was flushed with argon and the NiCl, mixed with the
melt by raising and lowering the quartz insert a number of
times. It is to be noted that anhydrous NiCl: is not hygro-
scopic. Following each addition of NiCl; adequate time
was allowed for thermal equilibration.

The vaporization of NiCl, was appreciable only for a few
melts containing a high ccncentration of this material, and
then only after a prolonged time at temperature. In these
instances the contents of the cell, ineluding vapor deposited
NiCly, were remixed before each spectral measurement.

At the termination of measurements on a given sample
contained in a sealed cell, the cell was inverted and allowed
to cool. Then the cell was cut open, the entire contents
dissolved in 0.1 M HNO;, and portions of the solution sub-
mitted for analytical determination of Li and K. If the
cell was not inverted beforz cooling, the cell windows usually
cracked as the salt solidified.

Values for the molar absorbancy index am (also known as
the molar extinction) were computed from weights of NiCl,
and LiCl-KCI mixture added to the optical cell and from the
density of the fused LiCl-KC] mixture at the temperature
and KCI concentration involved. It is not unlikely that a
small amount of NiCl; was lost in the loading operation.
This would cause the absolute values of am reported here
to be too great. However, the precision in the am values
for different weighings o’ NiCl, was very good (standard
deviation <29%,) considering sources of error other than
weighing. The absolute values of am are estimated to be
within 59. The density of the solutions was taken to be
the density of the solvent. The error involved in this as-
sumption 1s considered to be less than experimental errors
inasmuch as the NiCl, concentrations were for the most part
very small.  Density values of the LiCl-XKCI mix-ures were
obtained from the work of Van Artsdalen and Yaffee.?
They gave empirical equations in two constants, a and b,
which express density as «. function of temperature at several

(9) . R. Van Artsdalen and I. 8. Yaflee, Triis Jourmar, 69, 118
(1955).
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fixed concentrations of KCI. In the measuremcnts reported
here, density values were needed at intermediate concentra-
tions in the neighborhood of the eutectic compaosition. For
this purpose the constants of Van Artsdalen and Yaffee were
represented by the equations
a = 1.860 + 0.00225(X — 30)

b X 10% = 0.5073 + 0.0018(X - 30)
where

X = mole 9% KCl, and 30 < X < 60

Results and Discussion
Typical results of the spectral measurements are

illustrated for the ultraviolet in Fig, 4 and for the
visible in Ifig. 5. The data shown were obtained
with sealed cells. Along the ordinates in these
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figures is plotted the molar absorbancy index
computed in terms of the molar concentration of
nickel atoms without regard to the chemical com~
position of the light absorbing species. Five
absorption bands were found over the range of 220
to 750 my and these will be designated as bands 1
through V taken in the order of increasing wave
length. Band I is shown in Fig. 4 and bands II
through V arc indicated in Fig. 5. The shape of
the short wave length side of band I shows the
presence of another absorplion band at shorter
wave lengths. With increasing temperature bands
I and IT decreased in molar absorbance index while
bands ITI, IV and V increased. The temperature
coefficient of the molar absorbance index was found
to have the same value for all wave lengths be-
tween the maxima of bands IIT and V. The spectra
for different temperatures were found to intersect
twice between bands I and II and once between
bands IT and TII. The swo intersections between
bands T and XI were caused by a broadening and
shift toward longer wave lengths of band I, whereas
the intersection between bands II and III was
caused by the simultaneous downward movement
of band II and upward movement of band IIL
At 398° the bznd maxima occurred as follows:
T at 260 my, IT <t 512 my, IIT at ca. 590 my, IV at
625 my and V at 695 mu. As may be seen, there
was a considerable overlapping of bands so that
the above values are somewhat different from those
of the true band centers. A Gaussian analysis of
the group of bands in the visible indicates that there
may be one or two additional bands not evidenced
by an inflection in the ahsorbancy curves, and
shows unquestionably that band IT decreases much
more with increasing temperature than does the
composite am curve shown in Ifig, 5.

No attempt will be made in this report to deduce,
precisely, the chemical constitution of the light
absorbing species or to make an assignment of the
observed bands. However, Gruen’ gives evidence
which indicates that the observed bands are due
at least in part to various chloro-nickel complexes.
The authors have conducted similar studies in
which spectra were measured for a solution of
NiCl; in fused KNO; to which additions of KCI
were made. With increasing additions of KCI the
440 mp absorption band of NiCl; in pure KNO;
disappeared and there appeared the complex of
overlapping bands reported here for the visible
absorption spectrum of NiCl; in fused LiCl-KClI
mixtures. Details of this study will be reported
later,

A consideration of the effect of temperature on
the absorption spectrum strongly suggests that
there is more than one light absorbing species
present in the melt, but first it will be demon-
strated that all such species were derived from
NiCl,.

It was found that at constant temperature and
constant solvent salt composition the molar ab-
sorbancy index computed from the molar concen-
tration of nickel atoms was a eonstant independent.
of nickel atom concentration over the range of
about 0.01 to 0.4 /. This result, the experimental
evidence for whicl: is described below, shows, first,
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that the concentrations of all light-absorbing
species are proportional to the total concentration
of nickel atoms and, second, that the molar ab-
sorbancy index computed as described could be
employed for analytical purposes in the way which
is customary for more conventional solutions at
ordinary temperatures. Experimental verification
of the constancy of the molar absorbancy index
computed using the total concentration of nickel
is described in the following paragraphs.

Spectra were measured over the visible range
after each of seven successive additions of NiCl,
to a LiCl-KCl melt contained in a stoppered cell
at 409°. The concentration range covered was
about 0.01 to 0.4 M NiCl,. Molar absorbancy
indices were computed at 10 mu intervals over the
range of 350 to 750 myu for all seven spectra. The
resultant values obtained at the same wave lengths
but different NiCl, concentrations were in agree-
ment. Similar measurements were made in the
ultraviolet. The absorbancy values at the band
maximum formed a straight line function of con-
centration of NiCl, except that for an absorbance
of 4.8 and greater negative deviations and a small
shift in band maxima toward longer wave lengths
were observed. These systematic deviations were
probably caused by stray light. The concentration
range covered was about 0.01 to 0.038 M NiCl..

In order to determine the constancy of the
molar absorbancy index over a wide range of
temperature, visible spectra were measured for
five sealed absorption cells. Itach cell contained a
different concentration of NiCl; over the range of
about 0.013 to 0.32 M and each was measured at
five temperatures from 364 to 540°. Resultant
values and their standard deviations were as
follows: for band II at 364° am = 58.9 = 0.4, at
398° am = 55.4 = 0.2; for band IV at 364° am =
55.9 = 1.0, at 398° am = 61.1 = 0.9, at 445°
am = 66.5 = 0.8, at 490° am = 70.1 = 1.0 and at
540° am = 73.1 = 0.9. Ineach of these five sets
of measurements the composition of the solvent
salt was unavoidably somewhat different. As
would be expected from the results described below,
these variations in solvent composition had a small
effect on the molar absorbancy indices. Conse-
quently, the data were corrected to 41.0 mole %
KCl, the eutectic composition, on the basis of plots
of aym vs. mole 9, KCI for each of the two band
maxima. These correcticns were small.

As seen in Tigs. 3 and 4 changes in temperature
produced substantial changes in the absorption
spectrum of NiCl, dissolved in a LiCl-KCl mix-
ture. Any quantitative interpretation of a change
in shape of an absorption curve with a large change
in temperature must be made with caution. In
general, three rather different kinds of temperature
effects are to be expected. First, a change in
temperature may cause a change in concentration
of the light absorbing species apart from that
associated with the change in density. Second,
an increase in temperature will cause a given ab-
sorption band to broaden and may cause a shift
in the wave length of the band maximum. This
latter effect is caused by thermal motions of the
light absorbing species and the magnitude of this
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Fig. 6.—Effect of small changes in solvent composition
on the visible absorption spectrum as measured by changes
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KCI on the 398° line was obtained by extrapolation from
data obtained at 416° and sbove,

effect is determined i1 a complex way by the
electronic structures of the ground and excited
states. Third, if an absorption band is associated
with a forbidden transition which has been per-
turbed, and if the perturbations are temperature
dependent, then the integrated absorbancy index
(or integrated optical cross section) must change
with a change in temperature. As a consequence
of the latter two effects, the absorbancy per unit
path length will change for each wave length in a
way which is independent of any change in concen-
tration of the light absorbing species; that is, the
absorbancy index will be a function of temperature.

The observed ultraviolet band (band I) would
seem most likely to arise from an allowed transition,
whereas the complex of bands in the visible is
due probably to transitions between the degenerate
3d orbitals of Ni?* ir which the degeneracy has
been removed by the field of the neighboring ions.
The substantial decresse in peak amplitude of the
ultraviolet band with increasing temperature is no
doubt attributable in part to band broadening.
Approximate computations, however, show that
no more than one-half of the observed decrease can
be accounted for in this way. The remaining
decrease arises from a decrease in concentration
of the species giving rise to this band. Ior band
II the very consideralle drop in amplitude (shown
by Gaussian analysis) is much too great to be
attributable to band broadening and its strong
negative coeflicient is not the behavior expected
from known kinds of thermal perturbations which
might relax its forbidden character. Consequently,
this band is also associated with a species which de-
creases in concentration with an increase in tem-
perature. The remaining identified bands in-
crease in amplitude with increasing temperature.
Thermal perturbations no doubt contribute to this
effect while band broadening is in the wrong di-
rection. However, tke thermal perturbation effect
should be most effective at relatively low thermal
energies, and it seems doubtful that it could account
for more than a fraction of the observed decrease in
absorbancy index of about 209, for a temperature
decrease of about 209, at the 700°K. level. For
this reason a substantial portion of this decrease in



4114

absorbancy index is attributed to a decrease in
concentration of light absorbing species with de-
creasing lemperature.

It 1s concluded that when NiCl cissolves in a
LiCI-KCE mixture at least two lighat absorbing
speeles are fornied, and that these species are n
equilibrium such that these associated with bands
I and 1l decrease in concentration with increasing
temperature while those associated with bands
HI, IV and V increase in concentration with in-
creasing temperature.

Small changes in the composition of the solvent
salt were found to have a small but measurable
effect on the absorption spectra. 'lhis cffect is
best shown in terms of the ratio of the absorbancy
values of bands II and IV, that 1s, (/.
In Fig. 6 this ratio is plotted against mole &, KCl
at two temperatures, 364 and 398°. These tem-
peratures are near the freezing point of the eutectic
so that the accessible composition range for LiCl-
KCl mixtures was quite small. Values of the
molar concentration of NiCly are indicuted for each
point in Fig. 6. [t will be noted that, to within
experimental error, the effect of solvent compo-
sition 1s independent of the NiCl; concentration
for the range of compositions measured. The ab-
sorbancy ratio for the 34.4 mole 9 KCl mixture
was extrapolated from measurements at 416° and
above. This extrapolation was nccessary beecause
this mixture freczes at the lower temperature while
for mixtures near the eutectic at temperatures above
400°, band II is obliterated by overlap of band III,

At a constant temperature a change in the rela-
tive absorbancies of bands II and IV could be a
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nieasure of a change in the relative concentrations
of the two species which give rise to them (ignoring
the effect of baud overlap), and these relative
concentrations might be expected to shift with a
change in the cation ratio of the solvent salt be-
causc of a corresponding shift either in the activity
cocllicients of the two species or 1n the equilibrium
constant, On the other hand, chloronickel (1)
complex anions should be surrounded by Lit and
K+ cations which difler greatly in their ability to
polarize neighboring ions.  Consequently, a change
in the average of the ratio of Lit to K ions sur-
rounding a chloronickel(I1l) complex anion might
well be expected to have some effect on the width
or even on the oscillator strength of absorption
bands of the anion. " he existing experimental
data do not permit a separation of the contribution
of the latter effects from that of a change 11 coneen-
tration.

Absorption spectra mieasurcments will be con-
tinued on this and other fused salt systems. In
addition, consideration is being given to measure-
nients of paramagnetic susceptibility for fused salt
systenis,  Such measuzements, particularly in the
casc of nickel, should provide information regarding
the electronic and spalial configurations of the
complex speeies present.
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KINETICS OF OXIDATION-REDUCTION REACTIONS OF PLUTONIUM.
THE REACTION BETWEEN PLUTONIUM(VI) AND VANADIUMIID) IN
PERCHLORATE SOLUTION!

By Sutrmany W. RABIDEAU

Contriliition from the Undversity of Californie, Los Alamos Seientific Laboratory, Los Alamos, N, M.
Heecived October 88, 1257

The kineties of the reaction between Puf), ¥ and V=% has been studied by spectrophotometric measurements at 8304 A,
T'he stoichiometry of the reaction is given by the equation Pu0, 12 + V+2 4 H,0 — PuQ,t + V(O *? - 24+, This sccond-
order reaction has been found to be dependent upon both an inverse first and an inverse sccoud power of the hydrogen ion
concentration.  Values of £ and &%, the rate censtants associated with the inverse first anl the inverse second power of the
hydrogen ion concentration, have been found to be 2.12 = 0.03 see. 7 and 0.228 &= 0.00% mole Lter ~Usec. ~!, respeetively, for

perchlorate solutions of jonic strength two at a temperature of 25°.

Introduction

In view of the observation that the rate of reac-
tion between Pu(),®? and Pu*? can be followed
spectrophotometrically,® interest Las developed in
the kineties of other oxidation-reduction reactions
previously thought to be too rapid to measure
without the use of very rapid-mixing -echniques.
Also, since the absorption peak of plutonyl ion at
8304 A. (molar absorptivity ca. 330 A7 -1 i)

(1) This work was done under the auspices of the . 8. Atomic
Energy Cotrnission.

(2} A. E. Ogard aund 8. W. Rubideay, Tias Jaravan, 60, 812 (19506);
S. W. Habideau and R. J. Kling, #9id., to be published.

can be used to follow the progress of the reaction
with spectrophotometriz recording methods, the
recactant concentrations can be as low as 10—t M
to bring the reaction rates into a conveniently meas-
urable range without the loss of precision.

Experimental

Preparation of Reagents.—Plutonium{VI) perchlorate
solutions were prepared rom oxide-free plutonium metal
especially selected from a lot of high purity. A known
weight of metal was dissolved in a weighed quantity of
standardized 709 perchloric acid. The oxidation to the
plutonyl state was accomplished by prolonged ozonization,
ca. 24 hours. An additional period of oxidation with
ozone was perfortued on the diluted stock solution prior to
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use in the reaction with vanzdium(III). At the termina-
tion of the period of oxidation, the solution was flushed with
helium to remove dissolved ozone.

Baker and Adamson reagent grade 70§, perchloric acid
was boiled to remove traces of organie material; then fil-
tered through a sintered glass disc prior to use. Standurdiza-
tion of this acid was performed on a weight aliquot basis with
mercuric oxide used as the primary standard.  All solutions
were preparcd with distilled water which had been redis-
tilled from alkaline permanganate in an all-Pyrex apparatus.
Sodium perchlorate was prepared by ncutralizing C.r. so-
dium carbonate with perchloric acid, then rcerystallizing
the sodium perchlorate from water. Lithium perchlorate
was similarly prepared as the trihydrate and recrystallized
from water. This salt was analysed for water and for per-
chlorate content before use. Maullinckrodt AR grade ace-
tone and ammonium thiocyanate together with Baker and
Adamson reagent grade stannous chloride were used in the
spectrophotometric anulysis of vunadium{IIT).

Vanadium( V) oxide was preparcd by the ignition in air
of Ilisher purified grade ammonium metuvanadate which
had been recrystallized from waler. Vanadium(III) per-
chlorate was prepared by the electrolytic reduction of a 1 3
perehlorie acid suspension of vanadium{V) oxide with plat-
mized platinum electrodes. The reduction apparatus con-
sisted of a 50/50 Pyrex joint the male section of which was
formed iuto a flat-bottomed container, was fitted with a wide
tube for the cntrance of the platinum cathode through a
Teflon plug, and was proviced with a stopcock through
which the vanadium{Ill) perchlorate was removed at the
termination of the electrolysiy. The female section of the
joint was equipped with a Dewar-sealed re-entrant tube ter-
minating in a sintered glass dise of medium porosity which
served to secparate the anode and cuthode compartments.
A gas inlet tube was provided through which nitrogen purified
with chromous chloride wus admitted in the cathode com-
partment of the electrolysis cell to prevent, the uir oxidation
of the vanadium(1lIl) perchlorute. The anode was sup-
ported in the re-entrant tube with a Teflon plug. Suitubly
located gas outlet tubes were provided.

Analysis of Vanadium(III) Solutions.—The stock solu-
tions of vanadium(III) were analyzed spectrophotometri-
cally at 3960 A. as the thiocyanate complex using a minor
modification of the procedure given by Crouthamel, of al.?
It was found that freshly prepared vanadium((II) solu-
tions when converted into the thiocyanate complex gave
identical optical densities either with or without added
stannous chloride. Thus, since it appears that the vana-
dium{III) perchlorate is not siguificantly oxidized to vana-
dium{I1V) under the conditions of this analysis, cven in the
absence of added stannous chloride, the vanadium(III) solu-
tions were analyzed without added reductant. Solutions of
known total vanadium content were analyzed routinely as
controls. Standard vanadium solutions were prepared by
dissolving 99.7 % purc fused vanadium metul obtained from
A. D. McKay Co. in nitric acid solution; then removing the
nitric acid by boiling with Eydrochloric acid. The molar
absorptivity € of the vanadium thiocyanate complex at a
temperature of 256° was measured to be 12,250 £ 93. In
good agreement with the results of Furman and Garner *
the molur absorptivities of vanadium(III) perchlorate

at 4000 and 5900 A. at a temperature of 257 were found to be
8.42 and 3.37, respectively. Fstimations of the vana-
diumn(ITT} perchlorate stock solution concentrations were
made by use of these molar absorptivities, and the final
concentrations of the dilnted stock solutions were obtuined
with the thioeyanate method.

Spectrophotometric Measurement. The progress of the
reaction was followed by meaus of measurements at 8304 A.
with the Cary Model 14 recording spectrophotometer.  The
solutions of vanadium(III) and plutonium{VI) perchlorate
were placed in the separate legs of a double-chambered 10
em. spectrophotometric cell which had been flushed with
nitrogen. The solutions were then brought to coustant
temperature within =0.1° by immersing the cell in 2 con-
stant-temperature water-hath withoul nuxing the solutions.
At time zero, the solutions were mixed by removing the
mixing cell from the constan temperature bath and tiltieg

.(3) C.LE.Crouthamel, B, K. Ijclle and C. 15, Jolingon, Anal. Chem,,
27, 507 (1953).
(4) 8. C. Furman and C. 8. Garner, J, Am. Chierm. Noec, T2, 1785
(1950).
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the cell back and forth several times. The mixing ecll was
placed in the thermostated cell holder within 30 seconds of
the time of mixing. In the spectrophotometric cell com-
purtment, the cell was submerged in the water-bath sur-
mounting a modified® Cary cell holder which was main-
tained at o temperature constant to within £0.2° by circu-
lation of water through the heavy metal base of the modified
cell holder. _T'he walls of the cell compartment bath con-
tained gask®ed quartz windows for transmission of the
light beam from the spec-rophotomcter. At temperutures
below the dew point of the room, it was nceessary to pass
a current of dry helium azross the faces of the windows to
prevent fogging.

Results and Discussion

Reaction Stoichiometry.—In a set of experi-
ments designed to examine the stoichiometry of the
reaction between plutonium(VI) and vanadium(IIT),
the rate of disappearance of FuQ;*? was folowed at
9512 A. (molar absorptivity = 24.8 M~ ¢m. !} and
the rate of appearance of PuO;™ was observed at, 5690
AL (molar absorptivity = 17.1 44 ‘em. %) at a tem-
perature of 2.4°. The initial reactant concentra-
tions in the two experiments were essentially equal
(ca. 3 X 10-* M). The rate of disappearance of
PuO,** was matched by a corresponding rate of
mncrease of PuQz* 1n accord with the assumption
that the stoichiometry 1s given by the reaction

PuQ,'? + VH 4- H,0 = PuQ,* + VO*2 + 2H* (1)
Although the usual procedure in this study has
been to follow the disappearance of Pu();*2 through
the absorption at 8304 A., the progress of the re-
action was followed by another stoichiometry
check by observing the rate of formation of VO+2
from measurements at 7500 A. A rate constant
of 0.24 liter mole~! sec.”' was obtained which is
in good agreement with the values obtained at this
temperature from meoasurements of the rate of
disappearance of PuQ:t? (vide infra). It would
appear that under the conditions of this study
the rate of reaction between V+% and PuQO.t 1s
rather small in comparison with the rate of re-
duction of Pu();*% Also, at the plutonium con-
centrations used, the disproportionation of PuOyt
appears t0 be negligibly small especially in vhe early
phases of these experiments, because of the low
plutonium (V) concentrations,

Order of Reaction.—In Table I are given some of
the results of experiments in which the second-order
character of the reaction between PuQ,*¢ and V3
was demonstrated. The apparent rate constant,
ki, was caleulated from the integrated equation
for a bimolecular proc:ss
_ 2,303 .

- 3'['(‘1;u02'-:)0 — (Y 13,]
log (v"s,‘lf[(}zuoa t2), *'_t]
(PuO,*2)o[{V*9)y — 2]

&
@

i which the subseript zero refers to initial con-
centrations and 2 is the concentration of PuQ;°
or YO+ formed at time 2. The linear relation be-
tween plots of the logarithmic term in equation 2
persus time has heen observed.

Acidity and Ionic Strength Dependence.—The
hydrogen ion concentration dependence of the reac-
tion rate was obtained in a series of measurements

(5) Thu tuodified ecll holder was designed by T, W. Newton and [,
Bakcer of this Laboratory.
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TasLe I

EvarvaTion or Sreciric Rate ConsTANTS For Pu(VI)-
V(III) RescTioN N MoLar PrrcuLoric AciD AT 2.4°
(PuOz2*2o X 1079, M (V') X 1074 M

ki, I mole -1 see. !

1.911 2.201 0.23
1.736 6.818 .20
24.61 24.52 .24

al a constant ionic strength of two at a tempera-
ture of 25°. Sodium perchlorate was substituted
for perchloric acid to maintain the ionic strength
at a constant value. The results ave given in Table
I1.

TasLE 11

IHrorocen IoN CoNCENTRATION DEPENDENCE oF REac-
T1oN BETWEEN Pu(VI) axn V(III, v PERCHLORATE SoLu-

TION
[Pu2*2) [V *4]q %y {obsd.), %y {raled.),
X 10%, X 104, I. mole ! 1. mole !
M M (fI=], M sec, ~! sec, !
1.939 5.328 2,000 116 1.12
1,718 9. 121 2.000 L.15
2.119 10.138 1.500 1.56 1.51
2.123 5.067 1.500 1.59
2.122 5.371 1.000 2.23 2.34
1.666 9,333 1.000 2.25
1.704 4,493 0.500 4.88 4.80
1.910 5.201 .500 4.70
2.085 3.055 .2560 12.49 12,11
1,731 4,963 260 12 .42
1.734 2.226 L1560 24.49 24.24
2.049 2.179 S 160 24.67
2.081 1.293 .100 43.6 43 .96
2.003 2,028 100 43.75

The values of %jeny given in Table II were ob-
tained by use of the equation
ky = (/1B + k7/(H]Y) 3
in which %’ and %" are the specific rate constants
associated with an inverse first and an inverse sec-
ond power of the hydrogen ion concentration,
respectively. Values of £’ and & obtained by the
method of least squares are 2.12 = 0.03 see.~! and
0.228 = 0.006 mole liter—! sec.~!, rcspectively,
for perchlorate solutions of ionic strength two
aud at a temperature of 25°. The uncertainties
given represent twice the standard deviation of the
average values of the intercept and slope. A
possible mechanism which is in accord with the
sccond-order nature of the reaction and with the
observed hydrogen ion concen-ration dependence is
VH 4 H0 = VOH**+ + H* (apid)  (4)
Pu(), %2 4+ VOH+2 L
Pu0;* + VO* 4 H*+
Pulz*? + V{OH)+ —>
PuO.* + VO+¢ o+ HO (slow) (6}
It should be pointed out that alternative possibili-
ties to reactions 5 and 6 consist of the reaction of
PuOQOIl*t with V*++ and of PuO,OIl* with
VOH*?, respectively. Since these reactions are
kinetically indistinguishable, both must be con-
sidered as possibilities. Measurements of the rate
of reaction between PuQ;+? and V3 also were
made as a function of acidity in solutions of unit

(slow) (&)

SuerMaN W. RABIDEAU

Vol. (2

ionic strength and at a temperature of 25°. The
results of these experiments are given in Table IT1,
By the method of least squares the values of k&
and k¥ for the perchlorate solutions of unit ionic
strength and 25° have been computed to be 1.81 +
0.05 sec.”! and 0.200 = 0.010 mole liter—! sec. 4,
respectively. Thus, from a comparison of Tables 1T
and I1T it is seen that the effect of an increase in the
ioni¢ strength from one to two has been to in-
crease both &' and £”. The magnitude of the n-
crease is about 109, for both &* and %”.

Tasrz II1

Hyprocen [oN CoNCENTRATICN DEPENDENCE OF REACTION
BETWEEN Pu();*? Axp V*? IN PERCHLORATE SoLUTION

[PuQ2*2]s (V]

X 10¢, M X 101, M [T+, M ki (obad.) & (crled.)
1.620 3.161 1.000 2.08 2.01
1.684 1.383 1.000 2.08
1.347 1.271 0.500 4.20 4.42
1.387 1.244 500 4.20
1.170 1.186 250 10.26 10.44
1.245 1.227 250 10.35
1.953 1.882 1150 22.4 20.96
1.669 1.918 (160 21.4
1.586 1.819 100 37.3 38.1
2.289 2.390 L100 37.5

In an experiment devised to illustrate the ef-
feet of the substitution of lithium perchlorate for
sodium perchlorate as the added salt in maintain-
ing the ionice strength of the solution at unity, the
rate of reaction between PuQ;*? and V *+3 was meas-
ured in 0.500 M perchloriz acid-0.500 A lithium
perchlorate at 25°. Values of 4.55 and 4.53 liters
mole ~! see. ™! were obtained in these solutions for
ky as compared to 4.20 liters mole—!sec. ! in solu-
tions in which sodium perchlorate was the added
salt {see Table III). Thus the substitution of
lithium perchlcrate for saodium perchlorate occu-
sions no large change in the specific rate constant
for this reaction.

Temperature Dependence.-—The cffect of the
variation of temperature upon the rate of reac-
tion has been studied in molar perchloric acid
solutions between 2.4 and 34.5°. In Table IV the
variation of the apparent rate constant, %, is
given as g funetion of temperature. From a linear
plot of log £, versus 1/T is computed g least squares
slope of 3517 = &1 which corresponds to an ex-
perimental Arrhenius activation energy of 16.1 =
0.4 keal./mole. Sincely = k' + k" = A’ g~ B/RT |

TasLe IV
TeMeEwaTCRE DEresvENCE OF THE IATE OF REACTION
BETWEEN Pu();™® anp V318 MoLar PERCULORIC ACID

‘Femp., °C. &1, L mole ~1 see, -) lug &
34.5 4.57 (0.660
25.0 2.08 .318
15.2 0.74 — 131

2.4 .22 — .658

A"e=B"/ET the activation cnergy for the principal
path is not necessarily equal to the experimentally
observed value of 16.1 keal. Iowever since the
plot of &y versus 1/T is linear, the activation ener-
gies £’ and E” are not greatly diffcrent from this



April, 1958

value. At a temperature of 25° the values of &’
and &" have been determined and the values of &
are known with a precision of £2%,; hence, by a
trial and error procedure extreme values which
E’ and E” can have were found. From these cal-
culations it has been possible to show that £/ =
15.8 =+ 0.5 kcal. The urcertainty in the value of
E” is considerably larger; the value obtained was
16.0 £ 2.5 keal. From expressions of the transi-
tion state theory,® values of the heat, free energy
and entropy of activation were computed for the
reaction between plutony. ion and trivalent vana-

(6) S. Classtune, K. Laidler and II. Eyring, “The Theory of Rate

Processes,”’ MecGraw—IIill Book Co., Inc., New Yurk, N. Y., 1941, p,
417.
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dium ion in terms of the principal specics, i.e.,
Pu0,*2 + VH— (activated complex) ++ H+. These
quantities are AF¥ = 17.08 £ 0.01 kcal./mole,
AH#* = 155 = 0.4 kcal./mole and AS¥ = —5x 2
cal./deg. The magnitudes of the rate constants
%’ and £” show the rclative importance of the two
paths which appear to be indicated in the reac-
tion between plutonyl ion and vanadium(El),
Thus at 25° about 909 of the over-all reaction
occurs through the path in which a single hydrogen
ion is liberated.

Acknowledgment.—The author wishes to express
his appreciation to Drs. J. F. Lemons, Charles E.
Holley, Jr., and Thomas W. Newton for valuable
discussions and interest shown in this research.
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The complex formation constants for a series of bivalent metal halides were determined using fused KNO;-NaNO; eutectic

as solvent.
was added.

The cxistence of complex ions in fused salts has
been fairly well substantiated by previous studies.
The main sources of evicence have been freczing
point depression,! conductance,? spectrophotomet-
ric® and electrometric titration* studies in fused
salts.

Solubility data have been used in aqueous solu-
* tions to study complex ions, ¢.¢., cadmium chloride®
and silver chloride® complex 1ons. In the present
research the effect of alkali halides upon the solu-
bility of slightly soluble chromate salts in molten
sodium nitrate—potassium nitrate eutectic is inter-
preted in terms of complex ion formation.

Experimental

ACS reagent grade chemicals were used. The chromate
salts of barium, calcium, lead and magnesium were pre-
cipitated from agueous nitrate solutions with a potassium
chromate solution. Cadmium chromate was prepared by
mixing solutions of stoichiometric amounts of cadmium
nitrate and potassium chromate dissolved in the eutectic
solvent of KNO;NaN(;. The solvent was then drawn off
and the precipitate equilibrated with a second portion of the
fused solvent.  After the second portion had been drawn off,
the eutectic solvent—cadmium chromate residue was analyzed
and used for the cadmium chromate solubility studies.

The solubilities of the chroraate salts in the fused sudium
nitrate-potussium nitrate eutectic were determined in the
following manner. An amount of the chromate salt in ex-
cess of its solubility was added to 50 g. of the fused solvent
in & test-tube. The test-tube was immersed in a fused salt
bath maintained at the desired temperature =2:1°. The

(1) E. Kordes, W. Bergmann r.nd W, Vogel, Z. Elektrachem., &6,
600 {1951); E. Kordes, G. Zicgler and 1l. Proeger, tbid., §8, 168
(1954); E. Van Artsdalen, Trare fc urnac, §0, 172 {1936).

{2) 11. Blvomn and E. Heymann. Proc. Roy. Sac. {Londur), A188,
392 {1947).

(3) D. M. Gruen and P. Graf, Abstract of Papera, 1318t nieeting of
the American Chemical Sociely, April, 1957, 52K,

{4) 8. N. Flenglass and E. K. Rideal, Proc, Boy. Soc. {London), 8233,
442 (1956).

(5 E. King, J. A, Chem. Soc., 71, 319 (194Y),

(6) J. H.Jonte and D, S, Martic, ib:id., 74, 2052 (1952).

The method involved measuring the increase in solubility of the slightly soluble metal chiromate as halide ion

solutions were sticred from 15 to 30 minutes and then the
excess chromate salt was allowed to settle. TUsually one
hour was sufficient settling time. A medicine dropper
was used to withdraw samples which were then analyzed for
their chromate and chloride content. The absence of un-
dissolved particles of the chromate sults in excessive amounts
was reasonably assured by visual observalion of the molten
sample. The solutions were then stirred aguin for one-hour
periods and samples again withdrawn. The constancy of
the chromate concentraticn within the experimental error
of the measurement indicuted that the desired equilibrium
was attained. The equilibrium temperatures were ap-
proached from above and below {or the PbCr{(), determina-
tions. All the other values for solutions containing halide
ions were obtained approaching the equilibrium temperature
from below.

The chromate content of the samples was determined
following the diphenylcarbazide colorimetric method.?
For the high concentrations of chromate in the more soluble
cases, the lodine-thiosulfatz method? was used.

Results and Discussion

The solubility of lead chromate in a fused KNOs
NaNO; eutectic solvent incrcases with increasing
sodium chloride content up to the limiting solu-
bility of sodium chioride as shown in Fig. 1.
A similar increase in solubility with addition of
sodium bromide is shown by the data of Table I.
The solubility of cadmium chromate in the same
solvent also increases with the addition of either
chloride or bromide as shown in Table 1. The
solubilities of the chromate salts of magnesium,
calcium and barium zre not affccted significantly
by the addition of halide ions as shown by the data
in Table II1.

The increase in solubility of a salt such as lead
chromate in fused KNOz-NaNO; eutectic solvent
on adding chloride can be interpreted on the hagis

(7) Snell and Snell, “Colorietric Method of Analysis,”” Vol. II,
D. Van Nostrand Co., Ine.. New York, N. Y,, 1926, p, 274,

(8) Kolthoff and Sandell, “Textbook of Quantitative Analysis,”
The Macwillan Co., New York, N. Y., 1943, p. 624,
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PbCl'O4 SOLUBILITY (mg./g. SOLVENT )

A-250°C 7

®-275 T

0. X=-300 -
0 I 1 1 1 1 i 1 1 1 1

0O Ol 02 03 04 05 06 07 08 03 1O LI L2

NaCl (molality),

Fig. 1.—Effect of added sodium chloride on the solubility
of lead chromate in fused sodium nitrate—potassium nitrate
eutectic,

Tapue T

Lrsap CHROMATE SOLUBILITY IN SoDIUM NITRATE-POTAS-
sttm Nriterate Euteeric ConTaining SopiuvM BROMIDE

Sodium
bromide, PbCrOs solubility® {mg./y. rolvent)
m 250° 273° 300°
0.0 0.071 0.13 0.21
.05 .10 .18 27
.10 .14 .22 .32
.20 .22 .30 44
.30 .29 .39 .55
.40 .38 .48 .69
.50 .48 it .85
.60 .09 .72 1.04

2 Values taken from smoothed curves through original
data.

TaABLE 11

CdCr0O; SovunrLity DEPENDENCE ON TEMPZRATURE AND
Havwe ConNceNTRATION IN KNQ;-NaNO; EutecTIC

NaPBr {and NaCl)
canen, in eutectic
solvent, m

CdCrQ, solubility {m X 10%)
250° 300°

0.00 0.59 & 0.07 0.80 £ 0.07
.10 1.2 1.7
.20 1.7 2.6
.30 2.3 3.5
.40 2.9 4.4
.50 3.5 5.3

@ Values taken from a smoothed curve through the origi-

nal data. Accuracy of data is approximately £15%.

of complex ion formation. If one assumes that
stable complex ions of the type PbCl,?~" are formed,
the solubility of lead chromat: should vary with the

F. B. Duke anp M. L. IvERsSON

Vol. 62

TasLe 111

SorLUBpILITY OF ALRALINE FARTH CHROMATES IN I'usen
KNO:-NaNQ; Evrrctic Containing Havrpe lons

Chromate Solubility,
salt m X 102 Salvent
300°
BaCr(y 0.20 = 0.02 Lure cutectic
.25 0.41 m NaCl
.27 1.00 m NaCl
CaCr0, 1.3 0.1 Pure eutectic
1.4 0.64 12 NaBr
250°
MgCr0, 0.55 & 0.0 Pure eutectic
44 0.36 m KCI
67 0.71 m KCI
.47 0.23 m NaBr
.55 Saturated Nalr solo.

chloride concentration according to the expression

Ks' = Ko (I + 6(Cl7) + 8Cl7)2 +
B(Cl7)* — .1 Q1)

where &g’ is the apparent solubility product of
lead chromate, K3 is the solubility product of lead
chromate in the pure solvent, and 8, is the con-
stant.

_(PbCLE )
"= PhtH)(Ci)»

The curves of Fig. 1 represent the equation

8§ = Kg"/s = {Ks [l + £i(C17) +
S(Cl7)12+ L] (2)
where S is the solubility of the chromate salt.

The change in solubility with respect to chloride
concentration is given by the derivative

dS  _ Ke [+ 28:(C10) + ...] -
dCcl 25 ®)

It is apparent from the curves shown in Fig. 1
that one must start with MX* as the first complex
ion species since the slope of the curve as the chlo-
ride concentration goes to zero is some positive
value. The highest complex species which needs
to be considered to explein the data is the MX-
ion. 'This does not necessarily rule out the exist-
ence of others nor prove absolutely the existence
of MX+ MX; and MX;~, Kxceedingly accurate
data are required to settle this as an absolute and
unique answer because of the numbers of adjust-
able parameters involved 1n such & solution. The
values for stability constants of the various com-
plex ions shown in Table I'V were determined by the
graphical method of obtaining successive inter-
cepts.® The estimated probable errors in the
values for MX+, MX, and MX;— are 20, 50 and
100¢7%, respectively.

The effect of halides on the solubility of lead
chromate and cadmium chromate in molten alkali
nitrates 15 good evidence for the formation of
stable complexes of the type MX,*— where n is one,
two and three. 'T'he data show that the cadmium
ion forms slightly more stable complex ions with
chloride and bromide than does lead. It 18 evi-
dent that the trend is toward a decrease 1n stability

(9 1. Leden, 2. physik, Chem,, A188, 160 (1941).



April, 1958

Tapuc 1V

STABILITY CoNsTan1s® tOR Metat-Harnioe CoMrLeEx ToNs

18 Fusep KNQ; NaNQ; Evtectic

Stability coustant
za

Complex species 250° 275 300°
PbClt 18 8 6
PbCl 2 3 3
PbCl;— 2 i 1
PbDr+ 18 13 11
Pbl3r, 5 2 2
PbBr; 1 1 2
CdX* 20 is 24
CdX; 5 & 5
Cd¥,~

@ Stability constant = K, = (MX,? ")/[(MX.—,*™")

(X )] where X~ is either Cl~¢r Br—.

of the complex with an increase in temperature in
the case of lead.

The slight difference in stability of the chloride
and bromide complexes is ‘nteresting in view of the
ten-fold difference in stability of the cadmium
bromide and cadmiuin chloride species in molten

ITEaTs oF ForRMATION AND HYDRATION OF ANHYDROUS ALUMINUM CHLORIDE
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sodium nitrate as observed by Van Artsdalen.!

On the basis of the nearly cqual ionie radii of
caleium (0.99 A.) and cadmium (0.97 A.) and of
barium (1.35 A.) and lead (1.21 A.), forces other
than purely electrostatic appear to be important.
Van Artsdalen’s basis for the argument that the
bonds of the complex are more of the chemical
type because the predominant species are the
ones with two and four halide ions is not substan-
tiated in this work. In view of the simijarities
between this solvent and water with respect to the
stability of the metal Lalide complexes of lead and
cadmium, one might expect some degree of aus-
sociation between these metal cations and the
nitrate ion of the soivent.'® Therefore, an inter-
pretation of the data on the basis of stable complex
1ons of the type MX,% ™ where n is one, two and
three, does not indicate whether the complex is of
the ionic type or of the chemical type since, among
other things, the role of the solvent ig not known.

¢10) A. 1, Bigegs, N. H. Parton and R. A. Robinscn, J. Adm. Chem.

Suve., T7, 5844 (1955), give a value of 0.67 for the stahility constant of
the PbNO.* complex in agueous solution.

HEATS OF FORMATION AND HYDRATION OF ANHYDROUS ALUMINUM
CHLORIDE

By James P. CougHLIN

Mainerals Thermodynamics Expervmnent Staiton, Region 1T, BC'e'zrcnu of Mines, United Steles Depan (nient of the Interior, Eerlcley
4y alz‘fomia

Recetved Januvary 6, 1958

Heat of solution measurements of erystalline anhydrous aluminum chloride, aluminum ch.oride hexahydrate and aluminum

were conducted at 303.15°K. in 4.360 m hydrochloric acid solution.

Based upon these data, the following healis of formation

from the elements at 298.15°K. were derived: —168,570 = 200 cul./mole for anhydrous aluminum chloride and — 643,600 =

210 cal./mole for aluminum chloride hexahydrate.

In addition, the heal of hydration of the anhydrous chloride o the

hexahydrate at 298.15°K. was evaluated as —65,130 = 80 cal./mole.

Recent articles from this Laboratory dealt with
the heats of formation of several aluminum ecom-
pounds.t? In continuation of this activity the
present paper reports the heats of formation of an-
hydrous aluminum chloride and aluminum chlo-
ride hexahydrate. The previously accepted value
of the heat of formation of the hexahydrate?® is based
upon work of Sabatiert in 1889, and that of the
anhydrous compound was obtained indirectly by
combining thermochemical values in the literature.

Materials. -The two samples of aluminum used in the
measurements were in the form of thin lathe turnings of
99.995 and 99.998¢% pure metal as described in an carlier
paper.! .

Anhydrous aluminum chlorice was prepared {rom the same
high-purity metal by direct reaction with dry chlorine gas
at 500-600°¢ in an all-glass asparatus. The product was
resublimed in a stream of dry chlorine gas at 280-300°,
transferred to the sample bulbs iu a closed system, and
finally glass-sealed with minimum exposure to air. One
bulb of sample was used for analysis. The bulb was broken
under water in a calibrated, 2-I. volumetric flask. The re-
sulting solution was diluted to the mark (nccount being
taken of the volume of glass in the broken samyle bulb) and

(1) J. P. Coughl:n, J. Am. Cliem. Soc.. T8, 5479 (1850).

(2) J. P. Coughl.n, ibsd.. 79, 2397 (1957).

¢3) ¥. D. Rosaimi, D. D, Wagnan, W. . Evans, S, lLevine and
I. Jafie, Natl. Hur, Standards Ciraular 500, 1952,

(4) P. Sabaticr, Bull. soc. chim., “rance, 1, 88 (1889},

aliquots were removed for analysis.  Aluminum was deter-
mincd by precipitation as hydroxide, {ollowed by ignition
to oxide, and chlorine by precipitation as silver chloride.
The results were 20.28% aluminum and 79.629 chlorine,
as compared with the theoretical 20.23 and 79.77%.

The aluminum chloride hexahydrate sample was reagent-
grade quality. Analysis showed 11.18% aluminum and
44.099, chlorine, with 44.739 water by difference (theoreti-
cal: 11.17, 44.06 and 44.777,, respectively).  An attempt
was made to make up the slight water deficiency by sealing
a sample in glass with the required amount of water and
aging at several different oven temperatures; however,
the added water was never absorbed uniformly, and so the
substance was used without this treatment.

The hydrochlorie acid solution (4.360 molal or HCI
12.731H,0) was preparcd »y dilution of reagent-grade acid
in the manner previougly «--seribed.’

Method and Results. —The apparatus for the
heat of solution measurements is that described by
Southard, with minor improvements raported
earlier by the authorf The results are expressed
in defined calories (1 cal. = 11840 abs. joules),
and all molecular weights are based upon the 1954 -
1955 Report on Atomic Weights.” Al sample
weights were correcl ed to vacuum.

In all measurements, 1936.2 g. of 4+.360 m hydro-

(5) 1. C. Southard, Fad. Eng. Chem., 32, 412 (1940),

i) J. 0. Caughlin, J. Am, Chem. Soc., 77, RHR (19551
(7) L. Wichers, ibid. 78, 3235 (1956).
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TaBLE I
HEAT oF FORMATION OF ANHYDROUS ALUMINUM CHLORIDE
(Mol. wt. = 133.35)
Reaction AH 0., cal.
(1) Al(e) 4 3H¥(sol) = Al+++(sol) + 3/2Ha(g) —127,050 == 120
(2) 3(HC1:12.731H;0)(1) = 3H *(sol) 4 3Cl(sol) + 38.193H-O(sol) 0=+ 10
(3) AlCli(e) = Al*++(sol) 4+ 3Cl(sol) —72,510 £ 50
(4) 38.193H,0(1) = 38.193H,0(30l) —3,050 &= 20
(5) Al(e) + 3(HCI-12.73115,0)(1) = AICl(c) + 38.193H,0(1) + 3/2I1«(g) —51,490 == 140

At 208.15°K., AE; = —51,870 £ 140 cal.

chloric acid was employed as the solution medium.
The amounts of samples used were 0.5296 g. of alu-
minum (0.02 gram-atom) and corresponding quan-
tities of all other materials, as they appear below in
reactions 8 and 11.

It was not necessary to deternune A7, of the re-
actions under study, as all heat measurzments were
made within 0.05 of 30° and required no correction.
A small correction was involved in bringing the
electrical calibrations to exactly 30°. This
amounted to —20 cal./mole in the cese of anhy-
drous aluminum chloride and was negligibly small
for the other substances. (The corrections applied
to the measurements on aluminum metal, reaction
1, were discussed earlier.?)

Anhydrous Aluminum Chloride.—Table I gives
the skeleton equations for the reactions measured
to obtain the heat of formation of anhydrous
aluminum chloride. Reactions 1 and 2 were
measured consecutively in the same a>id solution.
Reactions 3 and 4 were measured consecutively in
a fresh portion of the acid. Thus the final solution
from reactions 1 and 2 is identical with that from
reactions 3 and 4; consequently, Ally = Alf, +
AHy, — AH; — AH,.

The time required for completion of the reactions
in Table I (and also those in Table III) was less
than 15 minutes, except for the reaction of alumi-
num metal with the acid which required 36 to 82
minutes, depending upon the thickness of the lathe
cuttings.

Reaction 1 was discussed in an eaclier paper.!
The molal heat of solution of aluminum in 4.360 m
hydrochloric aecid (including all corrections) is
—127,060 = 120 cal. at 303.15°K. A single meas-
urement. was made of reaction 2, the heat of mixing
of approximately 15 ml. of the original hydro-
chloric acid with the final solution of reaction I,
merely to confirm that the heat is virtually zero.

The data for reaction 3 appear in Table II. In
all, ten glass bulbs were filled with sample and
sealed, Three were unsuitable for the measure-
ments, because they were found to contain amounts
of sample over 1 g. in excess of the desired quantity
(2.6670 g.); two other bulbs were lost In apparatus
failures. Within experimental error, there is no
trend in the results in Table II because of sample
size or flling order of the bulbs.

Three measurements of reaction 4 (—~79.9, —79.9
and —79.6 cul./mole) were combined with three
measurcments of subsequent reaction 10 (—80.5,
~79.0 and —79.6 cal./mole) to give an over-all
average of —79.8 cal./mole of water for both reac-
tions.

The heat of reaction 5 was corrected t0298.15°K.,

TarLE I1
IIeaT oF SovurioN oF ANu¥YDROUS ALUMINUM CHLORIDE

Sample wb., & Filling order AH3.1, cal./mole
2.2057 6 —72,440
2.4019 10 -72,510
2.5061 3 —72,520
2.6213 4 —72,570
2.8957 5 —72,510

Mean —72,510 %= 50

using heat capacity data of Kelley®® and Rossini.?
(The apparent molal heat capacity of hydrogen
chloride in 4.360 m solution was taken as —17.3
cal./deg., by extrapolating Rossini's data.)

The heat of formation from the elements

Al(e) + 3/2Clz(g) = AlCl;(c)
AHogs = —168,570 &= 200 cal./mole (6)

was obtained by combining the heat of reaction 5
with the heat of formation of HCI-12.731H,0 from
NBS Circular 500.3

Aluminum Chloride Hexahydrate.— The reac-
tions measured to obtain the heat of formation of
aluminum chloride hexahydrate are shown in
Table III. The sequence of reactions followed the
pattern outlined for the znhydrous compound, and
exact stoichiometry again was maintained so that
AHu — AH7+ AHa . A.gg - AHIO.

Reactions 7, 8 and 10 are discussed above as re-
actions 1, 2 and 4. The data for obtaining the heat
of reaction 9 are in Table IV. Four measurements
were made of the original material (the composi-
tion of which was taken as AlCI3-5.99H,0) and four
of material from which small amounts of water
had been removed. The results were plotted
against per cent. water and extrapolated to the
theoretical water content. The equation

AHpas = —14345 + 2.5 X (% H0) (12)

fits the data with a precision uncertainty of £0.29,
and yiclds —31.52 &+ 0.07 cal./g. or —7,610 = 17
cal./mole for aluminum chloride hexahydrate. The
uncertainty is increased to =40 cal./mole to allow
for +£0.059, possible error in the determinations of
water content.

The heat of reaction 11 was corrected to
208.15°K., using data of Kelley®® and Rossini,'®
Employing literature values® of the heat of forma-
tion of water and hydrochloric acid, the following
reaction heats are obtained

(8) K. K, Kelley, U, 8. Bur. Miaes Bull. 477, 1950,

(9) K. K. Kelley, personel communication. The heat capacities of
anhydrous aluminum chloride and a&luminum chloride hexahydrate
were estimated as 19.8B and 77.0 cal. /deg. mole.

(10) F. D. Rossioi, J. Researck Nedl. Bur. Stundards, 4, 313 (1830),
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TasrLe III
ITraT oF FormaTion or ALUMINUM CuLorIDE HEXAHYDRAE
(Mol. wt, = 241.45)
Reaction A Hugaosp, cal.
(T Al(c) + 3H*(sal) = Al*++(s0l) + 3/2I(g) —127,050 %= 120
(8) 3(HCI-12.731H,0)(1) = 3H *(sol) + 3Cl(sol} + 38.193F,0(s0l) 0+ 10
(9) AICI-6H.O(c) = Al* t+(sol) + 3Cl(s0l) + 6I1;0(s0l) 7,610 + 40
(10) 32.193H,(1) = 32.193H,0(sol) —2,570 &+ 20
(11) Al(e) + 3(HCI- i2.731 H,0)(1) = AICly-611,0(e) 4- 32.193H,0(1) + 3/2H(g) —116,870 + 130

At 298.15°K., AH, =

TaBLe [V
HeAT 0f SovuTiox oF HYDRATED ALUMINUM CHLORIDE

H:0, % A, cal./g. & s — 2.5(% H:0)
44 73 —31.63 —~143.45
44.73 —31.64 —143 .46
44.73 —31.59 —143 41
44 .73 —31.67 —~143.49
4.71 —31.77 —143.55
44.04 —31.97 —143.57
44 62 -31.74 —143.29
44 .61 —31.89 —143 .41
Mean —143.45 +0.07
Al{e) + 3/2Cly(g) + 8H.0(l) = AICIL-6H.O(c) (13)
Alfpngs = — 233,700 = 200 cal.,
Al(e) + 3/2Cly(g) + 6Hag) + 30:(g) =
AICL-6H,O(c) (14)

ﬁﬂzgg.u - —643,600 =+ 210 cal.

Theheat of reaction 15 wasevaluated at 303.15°K.
by combining the data for reactions 3, 4, 9 and 10.
Correction to 298.15°K. wus made, using an esti-
mated AC, = —51 cal./deg.

~117,000 = 130 cal.

AlCl{e) + 6I1O(1) = AICL-GH.O(c) (15)
Ay = —65,380 == 80 cal.
AHye.05 = —65,130 %= 80 cal.

Discussion

Previously accepted values® of the heats of reac-
tions 6 and 15 (the heats of formation and hydration
of anhydrous aluminum chloride) are — 166,200
and -~ 65,000 cal., respectively. The present work
agrees with the value for the hydration reaction
but differs on the heat of formation of the anhy-
drous compound by 2370 cal. From examination
of the bibliography of NBS Circular 500, it appears
that the **best” values of the heats of solution of
aluminum metal, the anhydrous chloride and the
hexahydrated chloride o necessity were taken from
the work of at least three different investigators.
This involves possible errors due to variations in
sample purity, solution concentration, temperature
of measurement, and variation in systematic errors
in apparatus, all of which are avoided in the new
values presented here,

THERMAL DIFFUSION IN DENSE GASES!

By J. BE. Wartner axp H. G. DRICKAMER

Department of Chemistry and Chemical Engineering, University of Illinois, Urbana, [llinois
Received Nopember 4, 1957

Thermal diffusion measurements have been made on a series of binary mixtures of gases to 500 atm.
Mixtures far from the critical temperature showed only small

were studied to 1000 atm.),

(Several systems

ressure effects.  TI'or systems

where onc comporent is near its critical temperature, a large negative value of the thermal diffusion ratio « is obtained.
Neither present kinetic theories, nor the thermodynamies of irreversible processes offer a satisfactory explanation, but it is
possible to get some insight into the phenomenon from each theory.

There have been numerous studies of thermal
diffusion in gases at or near atmospheric pressure?;
the theory is well developed and gives good agree-
ment with experiment. There also have been
rather frequent investigations of the phenomenon
in liquids and it can be described with reasonable
qualitative accuracy® in terms of activated motion.
There are only a very few investigations in the
dense gas region, and these have been over a very
limited pressure range,‘ or have used the thermal

(1) This work was supported in part by the A.E.C.

(2) J. O. Hirschfelder, C. F. Curtigs and R. B. Bird, *'Molecular
Theory of Liquids and Gases,"' John Wiley and Sons, Ine., New York,
N. Y., 1954, p. 582 ff,

¢3) L. J. Tichacek, W. 8. Kmak and H. G, Drickamer, Tus Joor-
wac, 60, 650 (1956); E. L. Dougherty, Jr., and II. G. Drickamer, ibid.,
59, 443 (1955); J. Chem. Phys., 28, 295 (1955).

{4) E. W, Becker, Naturforachunyg, §a, 457 (1950).

diffusion column.® The theory of the column is
at best only semi-quantitative and, in dense gases,
particularly near the critical point, its applicability
18 very doubtful.

Therefore thermal diffusion measurements have
been made, in a single stage cell, on a series of
binary gas mixtures. In most cases the pressure
range was to 500 atm., although a few data were
obtained to 1000 atm. In all cases the gases were
pure grade commercial products used as purchased.

The defining equation for the thermal diffusion
ratio in a binary system 13

Jy = — oD (grad X; — aX,(1 — X)) gradlu 7) (1)

(5) N. C, Pierce, R. B, Duffield and IL. G. Drickamer, J. Chem,
Phys., 1B, 950 {1950); E. B. Giller, R. B. Dutheld and H. G. Dricka-
mer, ibid., 18, 1027 (1950); I. . Caskey and H. G. Drizkamer,
thid., 91, 153 (1953).
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where
J1 = flux of component 1
a = density
D = diffusion coefficient
X, = mole fraction component i
T = absolute temperature
o = thermal diffusion ratio

The steady state solution is

F Y o
1“(!—/\1)(;( % a

from which « can be calculated if the temperature
difference and concentration difference ncross an
appropriate membrane are known for the steady
state.

Equipment and Procedure.—The gas mixtures were made
up in 2 large U tube consisting of two high pressure cylinders
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connected by high pressure tubing. Oil transmitted pres-
sure to mercury which transmitted pressure to the gases.
Mixing was obtained by raizing and lowering pressure for
several cyeles and by letting the mixture stand 24-72 hours.

The thermal diffusion cell consisted of a large hot chamber
and a much smaller cold chamber, scparated by a layer of
porous glass. Convection from the heater provided mixing
and uniform temperature in the lower chamber. The upper
chamber was filled with high porosity bronze which provided
a uniform temperature. The chamber was designed so that
diffusion provided mixing rapidly compared with the rate
of transport across the porous glass. Thermocouples were
inserted on each side of the porous glass. The lower couple
was protected from radiation by a thin porous bronze dise.
The temperature difference averaged 8°. The upper cham-
ber eould be sampled by means of a valve built in the head.
The lower chamber could be sampled through a line which
also served as entry for the gas. The lines could be evacu-
ated up to the bomb. In practice, however, the lower
chamber never deviated significantly from the feed. The
analysis was performed by use of a thermal conductivity
bridge. For each mixture the bridge was calibrated from
mixtures of known composition. The analysis could be per-
formed either by measuring both lower and upper samples
against a known standard, or by measuring the upper
sample against the lower. Where both methods were em-
ployed, no difference in the measured separation was noted.
[t was possible to cstimate relaxation times from measured
or estimated diffusion coefficients. The duration of runs
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was at least 5-6 relaxation times. In all cases in doubt runs
were made at several time lengths to ensure steady-state
conditions.

0 100

Results

The results are shown in Figs. 1-9. The sign of
« as originally assigned is arbitrary, as long as one
adheres to a consistent convention. Here « is
considered positive when the species with the
larger molecular weight concentrated in the cold
chamber. For systems where the average tempera-
ture of operation was far above the critical temper-
ature of either component (and presumably that of
the mixture) the effect of pressure on « is not large.
For systems were Ta, was reasonably near Tc for
one of the components, « usually started at a small
positive value, became large and negative, passed
through a minimum (apparently near the critical
density of the mixture) and then increased in value.
Tt usually became positive again within the pres-
sure range studied. For the mixture 809, COy-~
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209, N: « became negative again at the highest
pressures. The minimum in « was larger, the
larger the difference in the critical temperatures of
the two components. The results are qualitatively
consistent with previous column data® on other
systems.

Discussion

For dilute gases of simple molecules, the trans-
port behavior can be characterized by two param-
eters, using the Lennard-Jones model, the maxi-
mum attractive energy of interaction e, and the
collision diameter r,. These are listed for the
pure components as cbtained from viscosity and
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p-v—t data® in Table I. It is usually assumed
for unlike molecules that r, = 1/2 (re, + 7¢)
Zl.nd €2 = (G:Gz)lh.

TarLe I
MOLECULAR PROPERTIES
Snb- ke (°KR)e ro (A2 Maol.
stance A B A B wt.
He 10 22 10.2 2.576 2.58 4.003
Ne 35.7 34.9 2.789 2.78 20.18
Ar 124 0 122.0 3.418 3.40 39.04
N» 81.5 95.0 3.681 3.698 28 .02
CO, 13.0 205.0 3.807 4.07 44 01
C,H, 205.0 199.2 4.232 4.52 28 05
C,He¢ 230.0 243.0 4.418 3.95 30.07
o A-- from viscosity data; B—from ss=cond vinal co-
cfficients.

Thorne” has applied Enskog’s dense gas theory
to thermal diffusion, obtaining a complex result
which ean be written

a=(C—-18 3

S is a complex function which contains parameters
depending on density. It changes very slowly with
density (only about 109, from one atmosphere to the
critical density). (€ — 1) can be expressed in terms
of collision cross section integrals averaged so as to
weight more or less heavily collisions at high
relative kinetic energy®
2WMay — SH LMy

SW ity @

(C — 1) isafunctionof eand 7 but not of density

(6) Ref, 2, pp. 1110-1111,

(7] 8. Chapman and T. (G. Cowling, "*Mathematical Theory of Non-
Iniform Gases,” Cambridge University Press, 1939, pp. 292-294.

(B) Ref. 2, p. 541,

C—-1=
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in this form of theory. The factor (C — 1) appears
also in the theory of dilute gases. The Lennard-
Jones model predicts negative values of a below
about 0.77c at low densities. This prediction is
confirmed by experiment. If one ignores for the
moment the faet that the dense gas theory was
developed only for solid elastic spheres, it is of
interest to note that one could predict a negative
« at higher densities if ¢, were larger than ¢,
ore. Moregenerally, an increase in W, relative
to Wy (i.e., an increase in the importance of low
relative kinetic energy collisions relative to high
relative kinetic energy zollisions, would give a
negative «). Since one approaches the phase
envelope by increasing pressure as well as by lower-
ing temperature it is qualitatively consistent with
theory that @ would become negative particularly
near the critical Jensity. It is also reasonable that
low relative kinetic energy collisions be emphasized
near saturation. There appears at present to be
no way to formulate these generalizations quanti-
tatively and in particular, no hint in the available
theory of the very laorge negative values of « near
the critical density.

A second, quite different, approach to thermal
diffusion is supplied by the thermodynamics
of irreversible processes. From this theory one
obtains for o

"7 rQ.*  Q*1
a_-VYOHLV':_m_' ()
Al v
0K,
where
¥, = partial molar volume of component i
#i = chemical potential of component i
i = mole fraction of component 1
Q:i* = pet heat of transport of component i. This quan-

tity is discussed in detail in the references on
liquid thermal diffusion®

The lack of p—=—t data for mixtures and the
complex nature of the net heat of transport make
it difficult to extract quantitative results from
equation 5, but some ineresting qualitative con-
siderations are available. X,(0 p/0 X;) = RT for
anideal gas mixture. T'rom afew data for mixtures
X, (0 /dX1) = D.3RT near the critical density and
some 20-30° above Tc. One would need a value
of 0.005RT to account for the minimum value of
a for CO-He by this means alone. Available
data indicate that the factor V;V./ ¥ cannot con-
tribute significantly to the change of & with pres-
sure. The subseript 2 refers to the component
with the larger value of ¢ hereafter called the
“heavier” component, although it need not always
have the higher molecular weight. It seems then,
that the heavier component must have a large
negative net heat of transport @,*. @.* is the total
energy transported isothermally with one mole of
component two, above the average (thermody-
namic) value o the partial molar enthalpy of
component two. Tt is generally assumed, based on
a variety of evidence, that molecules tend to form
clusters, on nuclet of the condensed phase, near
saturation. The clustering process is greatly in-
tensified in the critical region. The clusters pre-
sumably have less energy per molecule than single
molecules.
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If the average entity of component two moving
from the cold to the hot chamber were a cluster of
a size larger than the avarage cluster in the cold
chamber, and if this cluster disintegrated at the hot
wall and returned (in the steady state) as individual
molecules, this would result in a negative net heat
of transport. There is certainly no a priors reason
for assuming that the moving entity is 2 cluster of
larger than average size, and it seems inconsistent
with a simple kinetic piciure. One could assume
that there is significant clustering in each chamber
but that the entities leaving the hot chamber were
smaller relative to the average size at that temper-
ature than those leaving the cold chamber. Again,
there is no independent supporting evidence, nor
ig it intuitively reasonable.
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The possibility that the “lighter’” component
(one) might have a large positive heat of transport
seems rather unlikely, particularly for helium,

Neither the present kinetic theory nor the
thermodynamics of irreversible processes gives a
satisfactory explanation of thermal diffusion in
dense gases where motion is neither completely
“collisional” nor completely “activated.” These
data provide a significant and important test of any
more refined theory of molecular motion in this
region,

The authors wish to acknowledge most gratefully
the work of R. E. Harder who developed and
erected the equipmen: as his M.S, thesis. J. E.
Walther wishes to acknowledge assistance from the
Standard Qil Company (Ohio) Fellowship.
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Integrated absorption coefficients were determined for the 3.8-3.9 x baud (the S-H stretching fundamental) of six mer-

captans at concentrations ranging from 0.1 to 7.5 M in carbon tetrachloride.
about 2530 and 2560 cm. ™!, which are attributed to monomer and dimer forms of the mercaptans, respectively.

This band ig formed by two components at
he varia-

tion with concentration of the total integrated absarption coefficient can be accounted for on the basis of 2 monomer—dimer
equilibrium. For all compounds studied, the integrated absorption coeflicient for the monomer is about 0.03 intensity unit;

that of the dimer is about 0.3 unit for the aliphatic mercaptans and 0.7 unit for thiophenol.

24° for tae reaction (RSH); = 2RSH is about 50.

Introd:ction

The intensity of the S-H stretching fundamental
apparently has not been measured previously.
Bell® pcinted out that the 3.8-3.9 u band is peculiar
to mercaptans, and Lllis and others*~7 established
it as the S—H stretching vibration.

Hydrogen bonding of the S-II . . . S type has
general 'y been considered unlikely. Pauling?® con-
cluded on the basis of physical properties that hy-
drogen sulfide does not associate. Molecular
weights determined by the freezing point method?®
do not reveal any tendency to polymerization.
Cordy and Stanford" sca:ned the S-II band using
a 0.1 M solution of thiophenol and of pure thio-
phenol, failed to observe a shift of the peak to a
lower frequency at the higher concentration, and
coneluded that thiophenol is not associated.

Copley, Marvel and Cinsberg'! found that thio-

(1) Presented at the Pittsburgh Conference on Analytical and Ap-
plied Spectroscopy, March 3, 1955.

{2) Research Laboratories, Hughes Aircrait Co.. Culver City, Calif.

{3) F. K. Bell, Chem. Ber, 60B, 1749 (1927); 6113, 1918 (1928).

(4) J. W. Ellis, J. Am. Chem. Soc., 30, 2113 (1928).

(5) D. Williaras. Phys. Rev., 64, 504 (1938).

(6) L. W.Thampson and N. P, S8kerrctt, Trans. Faradey Soc., 37, 81
(1941).

{7) I. F. Trotter and H. W, Thompson, .J. Chem. Soc., 481 {1946),

(8) L. Pauling, “"The Nature oi the Cherwmical Bond.™ Cuarnell
Univ. Press, Nthaca, N. Y., 1940, n. 290.

(9) E. N. Lussettre, Chem. Reve., 20, 59 (1939:,

{10) W, Cordy and S. C. Stanford, J. Am., Chem. Sec., 62, 497
(1940).

(1) M. J. Copley, C. 8. Macvel and E. H, Gioshere. tbid., 61, 3161
(1939).

The equilibrium coustant at,

phenol associates with nitrogen- and oxygen-con-
taining solvents forming &~H ., .. Nand S-H .. .0
hydrogen bonds. They measured heats of mixing
of thiophenol with tke various solvents. Gordy
and Stanford! confirmed the S-H . .. N hydrogen
bond spectroscopically by noticing that the S-H
peak of thiophenol shifts to slightly lower frequen-
cies when the thiophenol is dissolved in solvents of
the amine type.

On the basis of boiling point and melting point
data of thioamides and other compounds containirg
sulfur and nitrogen, Hopkins, Burrows and Iunter!?
claimed to have evider.ce for the N-H . . . 8§ hydro-
gen bond. This claim may be doubted, for, al-
though their compounds are undoubtedly associ-
ated, the association more probably takes place
through the N-H . . . N hydrogen bond, the possi-
hility of which the autiors apparently overlooked,

Experimental

The model 12-C Perkin—Elmer infrared spectrophotome-
ter was equipped with double-pass optics and a lithium
fluoride prism. 8lits were set at 0.2 mm., corresponding
to g spectral slit width of 3.6 cm. 1 at 2580 ¢m. 1. Sodium
chloride absorption cells varied in length from 0.01 to 1.5
cm. “‘Spectral-grade’’ carhon tetrachloride was the solvent.
The mercaptans were obtained commercially &nd were
purified by fractional dist:llation. Temperature wag main-
tained at 24 = 1°.

Integrated absorption coefficients A are defined by the
equation

(12) G. Hopkins and L, unter, J. Chem. Soc.. 638 (1912); A, A,
Burrows and L, Hunter, :6id,, 4118 (1952),
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Fig. 1—8-H stretching bands for six mercaptans. Concen-
tration about 0.1 M in carbon tetrachloride.
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where « is the absorption coeficient, v the wave number, ¢
the cel] thickness, C' the apparent molarity based on monormer
molecular weight and Iy and f are the intensities of the in-
cident and emergent beams, respectively. The units of 4,
called “‘intensity units,”’ are (liters/mole ¢m.2) X 104,
Bstimation of the integrated absorption coefficients was
complicated by two effects: (a) the 8-1T stretching absorp-
tion is made up of two strongly overlapping bands. and (b)
neighboring bands due to other vibrations interfere to a
greater or less extent. After a number of methods had been
tried, the technique selected as giving the most repraducible
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Fig. 3.—Absorption coefficient for ethancthiol vs. wave num-
ber for two concentrations in carbon tetrachloride.
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results was to integrate @ versus wave number out to 60
eni. ! on each side of the peak maxima. Wing corrections
were then added, independently for each wing, based on
Ramsey’s equation!?

. v —
/2 — tant 22

Y% correction = X 100 (2}

oy B = V0
tan~™! ——

&

where vy is the wave number a- the peak maximum, » is the
wave nwmber at the point where graphical integration is tor-

13y D. A, Rarmsny. J. Adwm. Cher. Soc.. 74, 72 (1052),
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minated (» — vy = 60 ¢m.~!in this case), and b is the half-
intensity band width, calculated for each side of the band
individually. Separate corrections for the two wings are
necessary because the band is in many cases unsymmetrical.
Where interference from a neighboring band arose, it was
corrected for by a graphical extrapolation. Fortunately
such interferences appear mainly at the high-frequency side
of the maximum, while the phenomenon of special interest,
the appearance with increasing concentration of a new peak
due to the dimer, occurs on the low-frequency side of the
maximum.

Results

The 3.8-3.9 u bands for six mercaptans at con-
centrations of about 0.1 M in carbon tetrachloride
are shown in Fig. 1. The curves for ethanethiol
and thiophenol are symmetrical; it may be as-
sumed that those for the other mercaptans would
also be symmetrical if it were not for the interfer-
ence of C-H bands on the high-frequency side.
The effect of these interfering bands is therefore
subtracted away as shown by the dashed lines.
The resulting curves are approximately of the same
size and shape for all the mercaptans, correspond-
ing to the fact that about the same value of the
monomer integrated intensity coefficient was found
for all. Figure 2 shows that the integrated coef-
ficients increase for all the mercaptans with in-
creasing apparent concentration. For the case of
2-methylpropanethiol-2 each point plotted is the
average of three determinations. Examination of
the complete spectrum of a mercaptan in the range
2-15 u reveals that the 3.8-3.9 x band is the only
one whose integrated coefficient changes with con-
centration. An indication of this fact is given in
Fig. 3. Figure 4 shows for one compound how the
plot of absorption coefficient versus wave number
varies with increasing concentration. The broad-
ening on the low-frequency side of the band and the
assoclated Increase of integrated absorption coef-
ficient are atiributed by us to the appearance of a
band associated with the mercaptan dimer.

Extrapolation of the plots of A versus C in Fig. 2
yielded the integrated absorption coefficients for
the monomers (Table I). These were in all cases
approximately 0.03 intensity unit, indicating weak
absorption.

TasLE I
INTEGRATED ABSORPTION COEFFICIENTS

Dimer
dissociation

constant,

(1./mole em.?) X 10¢ moles/l,
Compound An Ap  Apure compd. K
Ethanethiol 0.023 0.30 0.105 47
Propanethiol-1 .033 .16 .098 19
Propanethiol-2 033 .34 g bz 55
Butanethiol-1 .035 .28 097 61

2-Methylpropane-

thiol-2 .036 .28 .091 61
Thiophenol .038 .70 173 53

Monomer-Dimer Theory

It is now of interest to obtain A values for the
dimer species and to estimate the equilibrium con-
stant of the dimerization reaction. The apparent
concentration C is given by the expression

C=M+D (3)

where M is the concentration of monomer-located
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S-H groups and D is the concentration of dimer-
located S~H groups. The concentration of dimer
molecules is thus '/» D. The apparent integrated
coefficient A is given by the equation

AC = AuM + ApD (4)

where Ay is the integrated absorption coefficient
characteristic of moncmer-located S—H groups, and
Ap is the corresponding quantity for dimer-located
eroups. For the equilibrium reaction

(RSH), = 2RSH (5)

the equilibrium expression may be written
K = M?/1/;D = (C — D)*/'/sD = (C* — 2CD)/' /2D
(6)
In the second and third equalities use has been made
of (3) and D? has been neglected in comparison with
(2. This approximation is justified by the value of
the equilibrium constant obtained, which indicates
that the dimer concentration is comparatively low
even at high total concentrations. Equations 3, 4
and 6 may be combined to give the relation
1 2 K 1
A — Ay Ap — Ax * 2(Ap — Aw) ((') @

As shown by (7), the quantity 1/(4 — Ay) may be
plotted against 1/C. 1If the theory is correct, a
straight line will be obitained, and Ap and K may be
calculated from slope and intercept. Other rela-
tions which do not involve approximatior.s can be
obtained from (3), (4) and (6). Results obtained
with the use of these relations are the same, within
experimental error, as those obtained with (7).
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It was found more convenient, therefore, to make
use of the simple equation 7.

Plots of 1/(4 — Awm) versus 1/C are shown in
Fig. 5. Data chosen for plotting were those ob-
tained at apparcnt concentrations greater than 1.4
M, where the contribution to the total intensity by
the dimer-located S-H groups was considerable.
Values obtained from these plots for Ap and K are
given in Table 1.

The most important sources of error arz (1) wings
of neighboring peaks extending into the 3.8-3.9 u
band, (2) failure of the Beer-Lambert law at the
higher concentrations and (3) failure of the equilib-
rium expression at the higher concentrat.ons. The
first error probably is not important because a
difference of areas is used in arriving at the expres-
sion 4 — Ax. It is possible that the second and
third effects tend to cancel one another. The values
of Am, Ap and K are very sensitive, however, to the
manner in which the extrapolation is made to ob-
tain Ap values. The type of preciston obtained
indicates that they are reproducible to within
about 30%. In the calculations made it is as-
sumed that the equilibrium expression 6 20lds for a
wide range of concentrations, from 0 tc about 70
mole per cent. of ‘“‘solute.” While this assumption
would be highly inappropriate for aqueous solu-
tions, it has greater validity for mercaptans in car-
bon tetrachloride, which may be expectad, on the
basis of calculations of internal pressures, to ap-
proach ideal solutions, It also may be noted that
the dimer concentration is small in all solations.

Discussion
It would be difficult to understand the results of
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this vsork except on the basis of a monomer—poly-
mer equilibrium. If it is assumed that the free
energy decrease on formation of trimer from dimer
is no greater than that on dimer formation, the
concentration of trimers a:1d higher polymers must
be negligible, and it is suffizient to consider a mono-
mer-dimer equilibrium. It may, therefore, be con-
cluded that in concentrations greater than about
0.5 M in carbon tetrachlcride appreciable quanti-
ties of dimers are formed. (The equilibrium ex-
pression predicts that about 29 of the S-H groups
are located in dimersat 0.5 M.) Thefact that this
slight dimerization can be detected and measured
by infrared spectroscopy is due to the circumstance
that the intensity of the dimer S-H vibration is ap-
proximately 10 times that of the monomer for the
aliphatic compounds. "Vhis is the same ratio of in-
tensities as found for the carboxylic O-H group in
dimeric and monomeric acids.!* The especially
large cffect of dimerization upon intensity in the
case of thiophenol may be attributed to inhibition
through hydrogen bonding of the formation of reso-
nating structures of the type

|
+é -H
so that dimerization produces a greater increase of

negative charge on sulfur in the case of thiophenol
than in the cases of the aliphatic mercaptans.

(14) J. Wenograd and R. A. Spurr, J. Am. Chem, Soc., T3, 5844
(1957).
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Although porphyrins as a elass ar2 diacidic bases, spectrophotometric titration of chlorins derived from chlorophyll dis-
play no unique monosalt spectrum, Uroporphyrin octamethyl ester and tetraphenylchlorin possess sharply-defined mono-
salt spectra, while various other porphyrins (tetra.phenygjorphine, phylloerythrin, protoporphine) are of an intermediate

type. Apparent dissociation constants may be :alculate

Introduction

Although porphyrins as a c¢lass form disalts® the
isolation of monosalts has never been scecmplished,
and proof of their existence has been the subject of
considerable effort,® in large measure because of the
general insolubility of the free bases or their salts in
aqueous solutions. Consequently, titrimetry has
been confined, for the most part, to non-aqueous
solutions as glacial acetic acid (potentiometric)*

(1) Thia research was sponsored, in part, by the National Science
Fouundastion.

(2) (a) A. Treibs, Ann,, 476, 1 (1929); (h) 8, Aronaff and M, Calvin,
J. Orp. Chem., B, 205 (1943),

(3) A. Neuberger and J. J. Scott, Proc. Roy. Soe. (Lendon), 21394,
307 1652), and referencen therein.

(4) J. B. Counant, B. F. Chow and E, M. Dietz, J. Am. Chem. Soc.,
56, 2185 (1034).

pyridine-sulfuric acid® (spectrophotometric), etha-
nol-HCI*® and cther-glacial acetic acid.s At-
tempts to use the limited solubility of selected car-
boxylic and sulfonated porphyrins in buffered
agucous solutions have eventually resulted, with a
single exception, in precipitation, figuratively and
factually beclouding the data.® By the use of ni-
trobenzene in which all porphyrins and their per-
chlorates thus far tested are sufficiently soluble for
spectrophotometric titrimetry, a set of relative
basicities may be obtained. By inclusion of a pair
of common indicators, also soluble in this solvent, a
rough 2aleulation of apparent pK’s may be made,
assuming unit activity cocfficients in nitrobenzene.

(5) S. Aronoff and C. A. Weast, J. Org, Chem.. 6, 550 (19411,
(6} G. Niemann, Hoppe-Seyl. Z, physiol. Chem., 146, 181 (1925).



April, 1958

Experimental

All curves were obtained with a Cary spectrog!xotometer,
model 12.

The pigments were dissolved in a convenient amount of
nitrobenzene (E. K. reagent grade, used without further
purification) and diluted to convenient optical density. This
solvent is useful down to approximately 400 myu. Since the
compounds were all of known structure and adequately
characterized, concentrations were determined from the
optical densities, assuming absorption coefficients in nitro-
benzene equal to those in dioxane” after allowance for small
shifts in wave length in the diYerent solvent.

The perchloric acid solution was prepared by addition of
approximately 6 pl. of coned. (70%,) reagent grade acid to
10 ml. of purified dioxane, providing a solution of about
0.01 M, the exact value being determined by titration in
aqueous solution. Either a 10 or 25 pl. aliquot of this acid
dioxane solution was added to the pigment in nitrobenzene
(around 5 to 10 ml.), the spectrum being recorded after
each addition. The original water content of the per-
chloric acid allowed a final concentration in the nitrobenzene
of 10~® to 107 M. Comparable concentrations of pigment
and acid were twenty to one-hundred-fold greater.

The two indicators, p,p’-dimethylaminoazobenzene (*‘Re-
agent grade,’”’ Fisher Scientific) and p-aminonaphtholben-
zein (““less than 0.59% chloride,”” Eastman Kodak) were
used without further purification, as other studies® had
shown this to be unnecessary.

Pheophorbide @, phylloerythrin, pyropheophorbide a
and protoporphine IX were prepared by procedures de-
scribed by Fischer, et al.* Chlorin ps and purpurin 18,
similarly prepared, were generously supplied by Prof. M.

Hendrickson, Univ. of Nebraska Medical School.
Uroporphyrin octamethyl ester, furnished through the
kindness of Prof. L. Bogorad, Univ. of Chicago, was initially
obtained as the free acid from a porphinuric cow.

Discussion

The titration of the porphyrin free base to a mono-
salt and then to a disalt is expected to result in
spectral changes accordirg to the concentration of
the three microspecies, unless the spectrum of the
monosalt is identical wita one or the other of the
microspecies or unless it exists over so narrow a
range that it is undetected by discontinuous titra-
tion. From the spectral families shown in Figs. 1
to 3, which are typical of the porphyrins employed
as a whole, it is apparent that these may be divided
into three groups: (a) those clearly providing in-
termediate spectra between the free base and the
disalt and presumably corresponding to the mono-
salt (uroporphine octamethyl ester and tetraphenyl
chlorin); (b) those providing no evidence of a mono-
salt (the chlorophyll chlorins—pheophorbide a,
pyropheophorbide, chlorin ps and purpurin 18);
and (¢) those where an intermediate spectrum is
indicated, either by shift of a maximum during ti-
tration or by shift of an isosbestic point (phyllo-
erythrin, protoporphine IX, and tetraphenylpor-
phine).

The absence of a monosalt spectrum in the chloro-
phyll chlorins is not associated with the isocyclic
ring since purpurin 18, which has no such ring, is
within this category. Furthermore, phylloeryth-
rin, whose isocyclic ring is intact, but which has
been tautomerized to a porphine, is not in this

(7) A. Stern, et al., Z. physik. Caem., [A] 174, 81, 321 (1935); 175,
38, 405 (1935); 176, 81, 209 (193€); 177, 165, 365 (1936); 178, 161,
420 (1937); 180, 321 (1937); 182, 117 (1938).

(8) I. M. Kolthoff and S. Bruckenstein, J. Am. Chem. Soc., 79, 1
(1957).

(9) (a) H. Fischer and H, Orth, “Die Chemie des Pyrrols,”” Vol. I,
Akad. Verlags., Leipzig, 1934, 1937, 1940; (b) H. Fischer and A.
Stern, ref. 9a, Vol. II, parts 1 and 2.
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Fig. 1.—The family of curves obtained by titrating uro-
porphyrin octamethyl ester in nitrobenzene (4.85 ml.) with
10-pl. aliquots of 0.0137 N perchloric acid in dioxane.
Maxima of the free base are at 625, 572, 537 and 502 mg.
The reversal of optical density in going from the free base
to a monosalt and then to a disalt is most noticeable at 537
mu. T he monosalt—disals curves also result in an isosbestic
point at 603 mg, the transition from free base to monosalt
being characterized only by a shift of maxima in that region.
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Fig. 2.—The family of surves obtained by titrating «,3,
v,8-tetraphenylporphine (12.3 ml.) with 10-ul. aliquots ot
0.0164 N perchloric acid :n dioxane. Transition from the
monosalt to the free base is accompanied by a shift in the
absorption maximum at 645 to 660 mu. The ‘“foating”’
isosbestic points of the region 557-562 my is also evidence of
the existence of a monosalt.

group. The effect presumably is associated with
the dihydroporphine nature of these compounds.
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Fig. 3.—The family of curves obtained by titrating chlorin
ps in nitrobenzene (15 mb.) with 10-.l. aliquots of 0.0137 &
perchloric acid in dioxane. The absence of monosalt spectra
i8 apparent from the stability of the isosbestic points.

This explanation does not account, however, for the
intermediate spectrum of tetraphenyl chlorin, as-
suming its structure as a dihydroporphine to be
valid® and the inductive effect of the substituted
phenyls to be a minor one. It is interesting to
note, however, that whereas tetraphenyl-chlorin
and -porphine have virtually identical disalt spec-
tra, a corresponding chlorophyll chlorin and por-
phine, pyrophecphorbide and phylloerythrin, are
completely differcnt. The latter is similar, in its
disalt spectrum, with other porphines of divergent
origin, e.g., protoporphine IX and troporphine
octamethyl ester. There appears, then, to be a
structural factor in the chlorophyll ehlorins which
affects the monosalt spectra umaquely and which is
at present unknown. It is not the resu-t of hydro-
gen tautomerism amongst the nitrogens, since
these are presumably rapidly interconvertible at
room temperature,!!

All porphyrins contain (at least) two “active”
hydrogens, presumably attached to the nitrogens,’?
However, there are no generally accepted values for
the acidity of these hydrogens!? or the basicity of
the nitrogens. The most commonly usad criterion
of porphyrin basicity is the “acid number,” !4 that is,
the percentage of aqueous HCI required to extract
two-thirds of the pigment from an equal volume of
ether. Unfortunately, the acid number is a fune-
tion of {wo parameters: the basicity of the nitro-
gens and the partition coefficient of the porphyrin

(10) R. Bail, G. D. Dorough and M. Calvin, .J. Am. (Chem. Soc., 68,
2278 (1846).

(11) G. . Norough and K. T, Shen, tbid., T2, 3935 (14950).

(12) H. Fischer and 8. Goebel, Ann., 622, 168 (18361,

(13) Fzrept for N-pethyletioporphine and etioparphbine I, where
pK's of 14-15 and 16, respectively, have been given: W. K. M¢cEwen,
J. Am, Chem. Soc.. 58, 1124 (1936).

{14) R. Willstitter and U. A. Stoll, “'Untersuchungen iiher Chloro-
phyll,” Berlin, 1813.
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dihydrochloride between HCl and [t,0.* Of the
various golvents which have been used for deter-
minations of acidity functions (Hg)!® none is en-
tirely adequate for both potentiometric and spec-
trophotometric titration of porphyrins, Nitro-
benzene, with 4 moderate dielectric constant and a
fair solubility for most porphyrins, is at present a
good possibility. Perchloric acid is a considerably
stronger acid in nitrobenzene than in acetic acid.
Furthermore, since the ionization of indicator
dyes, as dimethylaminoazobenzene, is considerably
less in thisjsolvent than in acetic acid,? it is not nec-
essary to suppress the ionization by the addition of
a base, as pyridine. Calculation of the apparent
ionization constants of the porphyrin free bases
from spectral data at various acid strengths re-
quires knowledge of the absorption coeflicients of
all these microspecies and the (over-all) hydrogen
ion concentration at which each curve was deter-
mined.?? The absorption coefficient of the free
base is, of course, known and one may presume that
of the disalt from the limiting values in acid solu-
tion. It is not known for the monosalt. Unfor-
tunately, for any one point on any one curve we
presume, for purposes of calculation, that H* is

TasLe [

Arrarent IhssociaTiox Coxstants or Various Por-
PIIYRINS AND REFERENCE COMPOUNDS IN INITROBENZENE,
TI1THATED WITH PERCHLORIC AcID {IN DIOXANE)

The K’s are defined as X, = (IH*)(B)/A{BH*) and K. =
(H *)BIIT)/(BH**) where B is the concentration of the free
base, B* is the assumed monoion and BH** the presumed
diion. The perehloric acid is also assumed to be completely
ionized. The pK Hy(Q of DMAAB is approximately 3.2 X
1073 and that for PNB is 7.9 X 1019,

K
Ki X 108 X 108

Compound Acid no.
Distinet monoion
Uroporphyrin monomethyl
ester T 4.3 32
Tetraphenylchlorin 1920 14 42
Indistinct monoion
Tetraphenylporphine 13-14 1.2 14
Phylloerythrin 7-8 060 14
Protoporphine 2 1.2 11
Indistinguishable monoion
Pheophorbide a 15 8.7
Purpurin 18 18 5.6
Pyropheophorbide ¢ 12 1.9
Chlorin pe 5 1.5

Reference compd.
2,p"-NDimetbylaminoazobenzene (DMAAB) 2.3
p-Naphtholbenzein (PNB) 7.6

given by [T+-PH+PH++, (* being the total H+
added up to and including that point). Conse-
quently, in addition to the three unknowns (the
absorpfion coefficient of the monosalt and the two
ionization constants), the H1 becomes in effect a
fourth parameter. In theory it is feasible to util-
ize three wave lengths on three curves to obtain a
set of nine equations whose solution yields the eight
unknowns, K, Ky, Hit, Hot, Hy¥, 614, €1, €1, where
€012 are the ahsorption coefficients of the free base,

(15) K. Zeile and R. Rau, Happe-Seyl. Z. phystol. Chem., 260, 197

{1937).
{16) M. A. Faul and F. A. Long, Chem. Revs., §7, 1 (1857).
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monosalt and disalt at wave lengths g, b and ¢, K,
18 the disalt dissociation constant (PII+* = PH+ +
I1*) and K, the corresponding monosalt constant
(PH* = P + H+), In practice this is prohibitive
and one is forced to approximate values of ¢ by
use of fortuitous wave lergths and at which the ra-
tios of microspecies may be approximated, so that
the K’s and H+’s follow directly. "This approxi-
mation procedure is, of course, not required for the
chlorophyll chlorins, where, pending potentio-
metric titration, one assumes that K, = K and this
may be caleculated directly from the data.

The results of both the calculations and approxi-
mations are presented in Table I. The strength of
perchloric acid in nitrobenzene is apparent from the
narrow limits of the reference compounds whose
aqueous dissociation constants are approximately

Dexsities oFr HEavy WATER Liquin
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32 X 10~ and 7.9 X 10~ It is interesting to
note that the K’s of the chlorophyll chlorins follow
their “acid numbers” roughly, the inversion of
pheophorbide a and purpurin 18 presumably aris-
ing from a solubility effect in Et;0. "I'he very small
values of K, imply, by comparison with p-naphthol-
benzein, much weaker basicity for the second N
than has generally been supposed.  From these val-
ues, and by the assumption of a Ilammett acidity
function, one may cslculate apparent, approximate
aqueous over-all dissociation constants.  This
hardly appears warranted at the present stage.

Acknowledgment.—The author wishes to express
his appreciation for the excellent tracings made in
the Medical Arts and Scientific Exhibits Section of
the National Institutes of Health, Bethesda,
Maryland.

THE DENSITIES OF HEAVY WATER LIQUID AND SATURATED VAPOR AT
ELEVATED TEMPERATURES
By G. M. Hegerr, 1. F. McDurrie axp C. H. Secoy

Contribution from the Chemistry Division of the Oak Ridge Nalional Laboralory, Oak Ridge, Tennessee
fReceived November 8, 1957

In connection with studies of the homogeneous
catalysis of the deuteriuru-oxygen reaction in
heavy water systems, 1t occame desirable to know
the densities for the liquid and saturated vapor of
heavy water at temperawures above 250°. Previ-
ous studies had provided information concerning
the density of the liquid up to 250° 2 and informa-
tion concerning the critical properties.* No data
relating to the vapor densities appeared to be avail-
able.

An experimental method used for determining
the volume of uranyl sulfate solutions as a function
of concentration, temperature and fractional filling
of sealed quartz tubes* appeared suitable for appli-
cation to the detcrmination of the fractional filling,
at various temperatures, of tubes containing heavy
water. Such determinations were made for heavy
water and light water samples.  From the relation-
ship between fractional filling and temperature it
was possible to calculate the desired densities of the
liquid and saturated vapor.

Experimental

Method.—-Mass balance considerations lead to a relation-
ship between fractional filling at room temperature, Fy, and
that, Fr, at some elevated temperature:

V = total volume of tube

Fi, Fr (fractional filling) = vol. of liquid +~ V

my, mr = total mass of water in the tube

d = density

v vapor

1 liquid

{1) This paper is bused upon work performed at Oak Ridge Na-
tional Laboratory, which is operated hy Union Carbide Nuclear
Company for the Atomic Energy Commission.

(2) I. R. fleiks, et al., Trs Jornxac, 68, 488 (1954).

(3) "The Reactor Handbook (USAEC)™ Vol 2, (Engineering),
1955, p. 22.

(4) G. M. Hcbert, D. W, Sherwood and C. H. Secoy, HRYP Quar.
Prog. Rep. Oct, 31, 1454, ORNIL 1813, p. 164,

then
ny = I"Fljdla Jf‘ rfl = 1'10)d‘«'0 (1)
my = VFrthy + V(1 — Fridv, {2)

Since no mass 18 added my = mr; hence, equating the right-
hand portions of (1) and {2) and cancelling V

Fdy + (1 = Fojde, = Fodir + {1 — Frlae, (3)

Equation 3 reveals a linear relationship between Iy and 77s.
This cquation could be used for work of the highest accuracy.
When, however, as in the present case, dy, = 0, equation 3
can be reduced to a simpler form
it — dy, dy,

e oam T s eaa 4

Fo Fr d, di, @)
When the relationship hetween £y and Fr is established ex-
perimentally, the slope and intercepl may be used to calcu-
laic di, and d.,. if di, is kknown (as it is).

Procedure.—Samples of heavy water of known weight
and density were sealed in quarlz tubes (upproximately 14
cm. long, 1.6 mm. i.d. and 4 mmm. 0.d.) which had becn se-
lected for uniform bore. The total volume of the sealed
portion of the tube was determined in the following manner
which automalically corrects for the distortion introduced
by the two seals.

1. With reference to Fig. I measure the height of the
liquid 4, with a cathetometer and the total height (tip to tip
of the inner space) of the inner volume of the tube, A;. The
height of the liquid is measured to a position one third the
distance from the bottom to the top of the meniscus.

2. Invert the tube and measure the height of the liquid
again, as A, and remeasure £, to obtain an average.

3. Calculaie h. = fy -~ hy — hy as the length of undis-
torted lubing in the center of the tube which is never (or
always) wet by the liquid in the vertical position, depending
on whether the tube is more or less than half full.

4. The total volume of the tube is, then, twice the liquid
volume plus the volume A=r {this volume will be posilive or
negative depending on whether s — A, — Ay is Dositive or
negative) (r = half the measured tube diameter).

5. The liquid volume is known from its weight and den-
sity.

Six tubes were prepared as described above and placed in a
circulating air-bath furnace, shown with its instrumentation
in Fig. 2. The temperature wae measured with a calibrated
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Fig. 1.—Measurements of liquid heights in cuartz tubes.
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Tig. 2.—Air-bath fumace and instrumentatioa: 8, sample
tube; 5B, sample block (6 samples); G, glass tube around
sample holder; asbestos packing around top and bottom;
Nie, nichrome heater wire (wound vertically); H, handle
for rotating sample holder; A, asbestos cord packing; C,
glass chimney.

chromel-alumel thermocouple, and the temperzture control
precision was better than 0.1°. Readings of the liquid
heights in each tube were made at various temperaturca
after temperature stabilization. ‘The change in volume ac-
companying each change in temperature was cal:ulated from
the measured change in the height of the liquid aad the meas-
ured diameter of the tube. It was assumed that the change
in height was oceurring in a section of the tubs which had
not been distorted by the sealing process. It was also as-
sumed that the change in volume of the tube, due to thermal
expansion of the quartz, was negligible when compared with
other experimental uncertainties. From the known liquid

G. M. Hegerr, H. F. McDurrik anp C. H Secoy
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Fig. 3.—Graphical determination of relative liquid and
vapor densities of 130 at 353.4°.

0.7 08 09 1.0

volume and fractional filling at room temperature and the
change in volume on heating to elevated temperature, it
was possible to calculate the [iquid volume and fractional
filling at each of the elevated temperatures.

0f the six experimental tubes prepared, four contained
heavy water and two contained light water. The tubes
containing light water were present to serve as an internal
check upon the agreement of the experimental data with the
known properties af light water liquid and vapor. This
check also established the reliability of the measured tem-
perature and made possible the direct comparison of the
data for heavy and light water in the same experiment.

Data and Calculations.—The experimentally determined
fractional fillingz st room temperature and at the various
clevated temperatures are prescnted in Table 1.,

TasLe I

FracTIONAL F1iLiNG 28 TEMVERATURE
Temn, H:O D0
(°C) e I'rz i Fre s Fry
Room
temp.” 0.261 0.348 0.198 0.260 0.346 0.447
113.2 L2720 366 208 .274 362 .491
226 .1 303 .409 226 310 .406 533
268.5 .314 430 .230 .3I4 .429 .567
305.6 .320 .4b5 (227 .322  .455  .613
353 .4 .315 .508 168 .311 .514  .753
367.0 .250  .560 .252  .601
371.5 215 .583 .608
372.6 .207  .603
373.8 112 G46
374 8 074 668
e 24°,

Values for d., and d: can be derived from these data
either by graphical or mathemsztical procedures. A graphi-
cal solution for the heavy water data at 353.4° is presented
as Fig. 3. Maultiplying the intercepts by 1.1047, the density
of heavy water liquid at room temperature (dy,), gives
0.6109 g./ce. and 0.1414 g./ce. as the values for dir and
d"r' respectively. A mathematical solution can be obtained
for each pair of experimental points by means of simultane-
ous equations; for four tubes at one temperature there are
six such sets of equations, and the average of all such values
was determined at each temperatire. Figure 4 presents
the graphical and mathematical values for the liquid and
vapor densities so deterrained for light and heavy water,
together with appropriate values from the literature for
comparison. Table 1T presents values for 1.0 taken from
the smoothed curve at convenient temperature intervals.

Discussion
The expected linear relationship between frac-

tional filling at room temperature and fractional
filling at elevated temperatures was demonstrated,
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TasLze IT
L1quip aND VAPoR DENSITIES oF D,0

Temp. Density {g./cc.)

(°C.) Vapcr Liquid
175 0.004 0.989
180 .005 .983
190 .006 .970
200 .007 .957
210 .009 .943
220 .010 .929
230 .013 .913
240 .016 .898
250 .020 .881
260 .024 .864
270 .029 .847
280 .034 .829
290 .040 .809
300 .048 .787
310 .058 .763
320 .070 .735
330 .087 .705
340 .105 .668
350 .129 .626
360 .163 .573
370 .248 .462
371.5 .363 .363%

@ Critical point.

and the agreement of the experimental data with
this relationship was sufficiently close to permit cal-
culation of she densities oZ the liquid and the satu-
rated vapor. The values so calculated were in
good agreement with the available data for heavy
water and the established data for light water. The
precision of the method may be estimated from the
deviations between accepted values for light water
and those found by the present technique. Be-
tween 200 and 370° the average deviation in liquid
densities was less than 19, of the accepted value
and the average deviation in vapor densities was
less than 109, of the accepted value. Above 370°
the effects of small temperature errors are so much
magnified, and below 200° the vapor densities
are so low, that larger deviations occur.

Varor-Soutd EquiLisria IN THE IRON—CHLORINE SYSTEM
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Fig. 4.—Liquid and saturated vapor density of H,O and

DZO-

This method is so simple to apply, and the oppor-
tunities for direct comparison with liquids of known
properties in order to establish internal checks of
the consistency and temperature in a particular
experiment are so attractive, that the method might
be considered for use with other liquids, such as
pure hydrocarbons, for which it may become de-
sirable to know the vapor and liquid densities at
elevated temperatures.

VAPOR-SOLID EQUILIBRIA IN THE IRON-CHLORINE SYSTEM

By Lavrence E. WiLson! axnp N. W. GREGORY

Contribution from the Depariment of Chemistry, University of Washington, Seatlle 5, Washington
Received November 12, 1957

The vaporization and thermal decomposition equilibria of iron(I1I) chloride have been investigated by gas saturation flow

and diaphragm gage techniques.

A brief summary and discussion of results of previous investigators is given.

Based on

the present study, equations for the pressures of Fe,Cls and Cl; in equilibrium with FeCly(s) and/or FeCly(s) as a function of

temperature are presented.

Vaporization of solid iron(III) chloride is com-

plex. Three equilibria (or alternate combinations
thereof) must be considered
2FeCly(s) = Fe:Cly(g) (1)
Fe.Cly(g) 2 2FeCli(g) (2)
Fe,Cli(g) = 2FeCly(s) + Clu(g) 3

(1) National Science Foundation Fellow, 1954-1957.

Solid solution of FeCl; and FeCl, is not, significant below 300°.

Although » number of studies involving these equi-
libria have been made previously, a survey of pub-
lished results reveals inconsistencies such that one
cannot, with confidence, predict the equilibrium
partial pressures of the various components as a
function of temperature.

Four independent measurements of the total
pressure above solid iron(I1I) chloride have been
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Fig. 1.—Gas saturation flow (transpiration) apparatus,

made by Maier,? Stirnemann,® Sano! and Johnstone,
et al® Results of Stirnemann and Johnstone are
in fairly close agreement but do not follow the ob-
servations of either of the other two, which are also
not in mutual accord. In all four cases, calcula-
tion of pressures of Fe,Cl; from reported data can-
not be made without further knowledge of the par-
tial pressures of chlorine and of monomeric FeCl;.

Kangro and Bernstorffs have made a direet study
of the dissociation equilibrium (2) between 487 and
741°; this work is supported by observations of
Schafer? in a study of the Fe,0;-HCI system. Ex-
trapolation of their results indicates that the par-
tial pressure of FeCly(g) in equilibrium vapor pres-
sure mixtures is less than 197 of that of the dimer
at temperatures below 300°; hence 1t has been as-
sumed thal the monomer may be neglected unless,
as was the case in the study of equilibrium (3), to-
tal iron(I1I) chloride pressures are significantly be-
low saturation values.

Jellinek and Koop?® and Ringwuld® have made in-
dependent gas suturation flow studies of the vapori-
zation process. Results of Jellinek and IKoop dif-
fer appreciably from those of all other investigators.
Ringwald employed nitrogen as a carrier gas at flow
rates of 0.01 mole/hour {measured at room tem-
perature) between 251 and 302° and measured the
weight of iron(III) chloride vapor, condensed in a
water-cooled trap, and of chlorine, collected in a
sodus lime, magnesium perchlorate filled trap, trans-
ported during a given run. Schafer and Oehler!
conducted sunilar experiments at lower tempera-
tures, 160 to 210°, determining only chlorine pres-
sures, which give equilibrium constants for the re-
action

2FeCl(s) <5 2PeClyls) + Cli(g) (4)

The chlorine pressures of Ringwald znd of Schafer
and Oehler are compared in Fig. 4. Their results
appear generally compatible, although, considered
independently, significantly different heats of reac-
tion are derived and extrapolation of Ringwald’s

(2) C. Maier, U. S. Bur. Mines, Tech. Paper 360 {2 925),

(3) E. Stirnemann, Neues Jahrh, Mineral.. Geal., Palaont.. 528, 334
(14251,

{4) K. Sano, J, Chem. Soc. Japan, §9, 1073 {1938).

(5) H. I'. Johnstone, H. C, Weinzartaer and W, E, Winsche, J. 4m.
Chera. Soc. €4, 241 (1942).

6) W. Karzro and H. Bernstorlf, Z. anorg. aligem, Chen,, 263, 316
{1850).

{7) H. Bchafer, Z. anorg. Chem.. 269, 53 {1949).

(8) K. Jellinek and R, Koop. Z. physik, Chem,, 1454, 305 r1920).

(9) 0. E. Ringwald, Doctoral Dissertation, Princeton Univ,, 1949.

{10} H. Schafer and E. Ochler, Z. anorg. allgem. Them., 271, 206
{1953).
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curve predicts pressures well above those of Schafer
and Oehler.

Kangro and Petersen!! have studied reaction 3
at higher temperatures, 333 to 697° (in the absence
of a condensed iron(II1) phase), using a guenching
technique. Combining an extrapolation of their
results with those of Schafer and Oehler leads to
predicted saturation vapor pressures of Fe;Cls
which differ by a factor of more than two from
those observed by Ringwald.

In view of these discrepancies we have felt 1t
necessary to make an additional study of both the
thermal decomposition and vaporization reactions.
The gas saturation flow method has been used to
study reaction 1 in a lowzr temperature range, 160
to 227°, than used by other investigators. Reac-
tion 3 has been investigated by the same technique
from 160 to 420° and reaction 4 from 160 to 220°. A
Pyrex diuphragm gage has been used to measure
the combined pressures of chlorine and I'e,Clg, be-
tween 225 and 300°, above solid iron(III) chloride
and various mixtures of iron(III} and iron(II)
chlorides to confirm results of the flow experiments
and to ascertain whether solid solution effects are
important.

Experimental

Gas Saturation Flow Studies.— The apparatus, Fig. 1, is
an adaptation of one used in the study of the fron-bromine
system.}? To study equilibrium 3 anhydrous FeCl,, pre-
pared from Reagent Grade FeClr4H;0 by vacuum dehy-
dration followed by sublimation, was resublimed under
high vacuum directly onto the walls of the reaction chamber
C (the sublimation tube at the end of the reactor was sub-
sequently sealed off). The syatem was then filled with argon
and the inner tube placed in position »ia the standard taper
joints shown. It was found possible to complete the as-
sembly with the system filied with dry argon without ob-
servable hydrolysis of FeCl, (or later FeCl;) in the reactor.
The apparatus was evacuated immediately after closing to
minimize chances of contact of water vapor from the atmos-
phere with the sample.

Argon (Matheson, 99.9%. and Linde, C.p.; initially
purified by bubbling through liquid potassium; this step
was later found unnecessary) was condensed with liquid ni-
trogen {(v.p. argon c¢. 270 mm.) in table A in sufficient
quantity for the anticipatec flow experiment. Prior to
entry into the sample tube, the desired initial pressure of
chlorine was introduced by permitting the argon to flow over
a sample of CuCl;, maintained at a temperature between
360 and 435° by furnace B; chlorine is produced by thermal
decomposition of CuCl.

A run was conducted as follows. After bringing furnaces
B and € to the destred temperature the coolant on trap A was
changed to liquid oxygen (v.p. argon ea. 1030 mm.) and the
entire system allowed to ll with argon and come to thermal
equilibrium in its various pacte. Flow was then initiated
by opening the appropriate stopcocks, after immersing trap
F in liquid nitrogen. The flow rate was controlied at de-
sired values between 2 and 70 ml. /minute {(calculated at re-
action temperature and pressure) by inserting selected capil-
lary tubes at E.  The by-pass stopcock R was closed during
a run. The mixture of argon and chlorine entered the re-
actor through K and passed over the FeCl; sample; the
resulting gas mixture left the reactor via the small cxit tube
extending down the center. The iron(III) chloride vapor
condensed almost immediately outside the hot zone; c¢hlo-
rine subsequently was trapped in the spiral tube D, im-
mersed in liguid oxygen, and argonin trap F.

To stop the run, the stopcocks were closed, the furnace
removed from the reactor, and the latter evacuated 2ie the
stopeock K. The spiral was separated by sealing the glass
tube at M. The total moles of argon which had passed

11) W. Kangren and 5. Petersen, Z. anarg. Chem.. 261, 157 {1950),
(121 N. W. Grepory and E. O, MacLaren, THis JorrNaL, 59, 110
{1985).
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through the system in the measured time was determined
by evaporating the condensate in F into calibrated volumes.
Chlorine was determined by drawing KI solution into the
evacuated spiral and titrating the liberated iodine with so-
dium thiosulfate by the ‘‘dead stop’’ method.!* This
method made it possible to determine quantities of chlorine
as small as 1078 mole within 39, uncertainty; in the ma-
jority of cases amounts of chlorine were between 10 ¢ and
10 ¢ mol2, determined within an uncertainty of 19%. Iron-
(III) chloride was washed from the center tube (after re-
moval) and determined after reduction by titration with
0.01 N potassium dichromate, when amounts were larger
than 3 X 107° mole, or by a colorimetric method'>1¢ using
the orange tris-(1,10-phenanthroline)-iron(II) ion when
amounts were smaller. The colorimetric method per-
mitted determination of quantities of iron as small as 5 X
1077 mole within 29, uncertainty. Color comparisons were
made or. a Beckman DU spectrophotometer at a wave
length of 510 mg.

During a given flow experiment the temperature of the
reaction chamber, maintained uniform and constant within
two degrees, was measured by four 24 gage calibrated chro-
mel-alumel thermocouples taped to various positions on
the outside surface of the reactor. An electric furnace with
independent Nichrome windings at each end and in the cen-
ter was used to produce a uniform temperature zone.

For most of the saturation vapor pressure measurements
in the flow experiments, iron(III) chloride was sublimed onto
the walls of the reactor in place of FeCl. and argon intro-
duced directly, by-passing the copper(1I) chloride furnace.
In these experiments chlorine detected in the exit gas came
from decomposition of iron(IIl) chloride. To minimize
error from diffusion of vapor from the reactor, argon (from
G, Fig. 1) flow was reversed during the thermal equilibra-
tion period. In other respects these experiments were con-
ducted in the same manner as describec in the preceding
paragraphs.

Vapor pressures of FeCl, have not been measured in the
temperaure range of this work. However, from results at
higher temperatures®1%6 and observed sublimation be-
havior in this work, it is apparent that the contribution of
FeCl; to the iron halide vapor may be neglected in our ex-
periments.

Diaphragm Gage Measurements.—A Pyrex diaphragm
gage of a type described previously!? was used. Motion of
the pointer was detected with a 40 power microscope en-
abling pressures to be measured within 1 mm. Total pres-
sures were measured as a furnction of temperature for four
different samples: (a) iron(III) chloride sublimed into the
gage and an excess of chlorine, 96 mm. pressure at 100°,
added; ‘b) a mixture of FeCl; and FeCl,. sublimed into the
gage incependently (7.4 mole %, FeCly): (c) a mixture of
FeCl; (30.4 mole %) and FeCl,, prepared by subliming
FeClyinto the gage and adding a limited amount of chlorine.
(In this series a small residual pressure (2 mm.) was ob-
served at room temperature after the first preliminary
measurements. This was removed by opening a ‘‘break-in-
ski’’ which permitted pumping on the sample without inter-
mediate exposure to an inert atmosphere, after which the
gage was resealed. No residual pressure could be detected
following subsequent measurements); (d) a sample of pure
FeCls, prepared by subliming FeCl; in vacuo into the gage
and treating the sample with excess chlorine at 300°.
The excess chlorine was removed througa a ‘“‘break-in-ski'’
at room temperature and the gage reseiled. No residual
gas was observed following subsequent pressure measure-
ments. The composition of the last three samples was con-
firmed by analysis.

Temperatures were produced and measured as described
for the flow experiments.

Results and Discussion

The Iron(II) Chloride—Chlorine Reaction.—From
the total amount of iron(III) chloride collected and
the amount of argon flowing through the system in

(13) G. Wernimont and F. J. Hopkinson, Ind. Eng. Chem., Anal.
Ed., 12, 308 (1940).

(14) W. B. Fortune and M. G. Mellon, tbid.. 10, 60 (1938).

(15) H. Sckafer and K. Krehl, Z. anorg. allgem. Chem., 268, 35
(1952).

(168) E. Schafer, tbid., 278, 300 (1955).
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Fig. 2.—Equilibrium characteristics of reaction 3: e,
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a given run, partial pressures of Fe,Cls and FeCl;
were calculated using the equation
- ;@' (mm.) = =907 1 9301 (5)
FezClg 1

based on results of Kangro and Bernstorff.¢ From
pressures of Fe,Cls and chlorine, apparent equilib-
rium constants for reaction 3 were calculated. Be-
low 220°, the ratio o these pressures at a given
temperature showed a dependency on flow rate,
with the relative pressure of chlorine decreasing as
flow rates were decreased. Further evidence of a
slow reaction was seen in the observation that, for
a given flow rate and temperature, the ratio of Fe,-
Cls to chlorine leaving the reactor decreased as the
initial chlorine pressure was decreased.” Insuf-
ficient data were obtained below 220° to permit
quantitative estimate of equilibrium constants by
extrapolation to zero flow. However, the data were
in qualitative agreement with the equilibrium be-
havior anticipated from extrapolation of results at
higher temperatures.

Between 220 and 400° and at flow rates between
3 and 60 ml./min., a series of measurements were
made in which the chlorine to Fe,Cl¢ ratio showed
no dependency on flow rate. These data are shown
in Fig. 2. The variation of K; with temperature
may be expressed by the equation

Pei _ 1408
PFczClr. T

At the lower end of this temperature range, how-
ever, it was still noted that a combination of high
initial chlorine pressure and high flow rate gave non-
equilibrium mixtures (excess chlorine). At the
highest temperatures no rate of reaction problem
was encountered. However, it was found neces-
sary to use high flow rates (50-70 ml./min.) to
avold deposition of iron(I1I) chloride from the exit

(17) A detailed account of these and of all experiments discussed

in this paper may be found in the Doctoral Thesis of Laurence E.
Wilson, University of Washington, 1957.

--3.710 (6)

log
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Fig. 3.—Equilibrium characteristics of reaction 1: 0O,

Ringwald; O, this work, diaphragm gage method; ¥, this
work, gas saturation flow method.
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Fig. 4.—Equilibrium characteristies of reaction 4 (@, this

work, experimental points; —, this work, Jire calculated
from equations 6 and 7.

gas mixture close to the reactor furnaze. When
this occurred, at lower flow rates, amounts of chlor-
ine collected were larger than expected. Since
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only very small amounts of chlorine were collected
in these high temperature runs, decomposition of a
small amount of irou(III) chloride made a signifi-
cant. contribution to the total chlomne. At high
flow rates deposition of FeCl; occurred far enough
from the furnace zone (at lower temperatures) to
prevent, significant decomposition. This problem
was not encountered at lower furnace temperatures.
It 1s seen, Fig. 2, that equilibrium constants ob-
iained in this work lie somewhat above those ob-
served by Ringwald, and give an appreciably dif-
ferent heat of reaction. At higher temperatures
equation 6 extrapolates into the line drawn through
the data of Kangzro and Peterson but at lower tem-
peratures deviates markedly from their findings.

Vapor Pressures of Solid Iron(IlI) Chloride.—
In flow experiments in which chlorine pressures
over FeCl, were sufficiently high, condensation of
solid FeCl; occurred in the reactor. In this case,
and in others ic which argon was passed over an
mitially pure sample of solid iron(III) chloride,
measured pressures of Fe,Clg charaeterize equilib-
rium 1. Twenty such experiments wer¢ com-
pleted between 150 and 230°, giving vapor pres-
sures between (.02 and 8 mm. A plot of calculated
pressures wversus flow rate was made at four tem-
peratures to determine equilibrium vaiues shown
on Fig. 3. These results arein good agreement with
those predicted by extrapolation of a line through
vapor pressures given by Ringwald and with pres-
sures obtained from our diaphragm gage measure-
ments.

Total pressures measured in the diaphragm gages
represent, the sum of chlorine and Fe,Clg pressurcs.
Forsamples (b), (¢) and (d) partial pressures of each
component were calculated with the aid of equa-
tion 6. For (a), in which an excess of chlorine was
present, the chlorine pressure was calculated at
each temperature (assuming ideal gas behavior)
from measured chlorine pressures at low tempera-
tures where the contribution of Fe,Clg was negli-
gible. Data from all four samples, described in the
experimental part, are shown on Fig. 3. As re-
sults are indistinguishable, it is concluded that ap-
preciable solid solution of FeCl; in FeCl, does not
oceur below 300°. The line drawn on ¥ig. 3 cor-
responds to the equation

‘142 + 15111 (7)

log Ppeyn(mm.) =
Total pressures of iron(III) chloride vapor and
chlorine measured in the diaphragm gage are in good
agreement with the results of Stirnemann® and of
Johnstone, ef el. ® near the melting point, though
somewhat higher at lower Semperatures.

Chlorine pressares were measured in a number
of flow experiments in which both FeCl; and ¥eCly
solid phases were present, thus characterizing reac-~
tion 4. It was observed in this case that equilib-
rium 18 established very slowly from hoth direc-
tions (7.¢., reacticn of excess chlorine with FeCl, or
by decomposition of FeCls) which makes the system
difficult to study by flow methods. At two tem-
peratures suflicient information was obtained to
make a plot of ehlorine pressures zersus argon flow
rate for the decorposition of FeCly; however, con-
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TarLE
SuMMARY OF RESULTS OF VARIOUS INVESTIGATORS
Temp. AHC, AS°,
range, log P = —(4/T) + B keal e.u.% Pregsure Fe:(Mls fmm.)
Ref. °C. A B {mean) {mean) 20° 260° 30C°
IReaction 1
2 216-304 6674 14.161 30.5 51.62 4.3 44 1 330
3 253-301 7498 15.733 34.3 HB.81 3.4 46.9 449
4 240-296 6575 13.928 30,1 50.55 4.0 39.5 286
5 232-289 7511 15.778 34.4 5%.02 3.5 49.1 472
8 200280 8070 17.366 36.9 66.28 10.1 170.1 1936
9 251-302 7038 14.941 32.2 55.19 4.7 55.1 460
10,11 Extrapol. 7817 16.01 35.8 60.09 1.4 22.4 237
This work 160-304 7142 15.111 32.7 H5.97 4.3 52.0 448
Reaction 3 K = Pe
PFczblu
log K = —(A/T) + B

9 251-302 —2228 —5.058 -10.2 —23.14

11 333-647 —2147 —4 682 - 9.82 -21.42

This work 220400 —1408 -3.710 — 6.44 —16.98

o Pt =1 atm.

trary to customary flow data, these plots did not
show a plateau. Extrapolation to zero flow led to
the predicted equilibrium pressures shown on Fig. 4.

A summary of resuits of various investigators for
reactions 1 and 3 is given in Table I. To facilitate
comparison of Fe,Cls vapor pressures, partial pres-
sures of chlorine, calculated from equation 6 and
the total pressures, have been subtracted from re-
sults of investigators who reported only total pres-
sures,

Using heat capacity data of Moore'® (FeCly) and
Kelley'? (Cl,) and the function suggested by Kan-
gro and Petersen!! for Fe.Cle(g), AC® = 13.9 was
estimated for reaction 3 and used to correct the con-
stants in equation 6 from a mean temperature of
575°K. to the mean temperature for equation 7,
519°K. Combination of the two then gives the ex-
pression

Yo Poss Gt} = ‘3,’(2 +11.085 (8)

for reaction 4. This line is shown on Fig. 4 in
comparison with chlorine pressures measured in
this work and with data of Schafer and Oehler' and
of Ringwald.?

A AC,® of —4.6 for reaction 4, estimated from the
heat capacity data cited above, and results for Fe-~
Cl:(s) reported by Todd and Coughlin® leads to
values of AFI® = 26.5 keal. and AS® = 40.1 e.u.

(18) G. E. Moare, J. Am. Chem. Soe.. 66, 1700 (1843).

(19) K. K. Kelley, U. 8. Bureau of Mines, Rul'etin 476, 1930,

(20) 8. 8. Todd and J. P. Coughlin. J. Am. Chem. Scc., 73, 4184
(18511,

(standard state of Clu(g) taken as one atmosphere)
at 25°. Taking —81.5 keal. and 28.19 e.u. as the
standard heat of formation®* and entropy?® of Fe-
Cly(s), respectively, and 53.3% for S¢i, values of
AH" = —94.7 keal. and 8° = 34.8 e.u, are caleu-
lated for FeCly(s} at 26°. Todd and Coughlin ob-
tained 32.2 + 0.4 e.u, for the entropy of FeCl(s)
from their heat capacity data, measured from 50 to
298°K., neglecting possible transitions between ()
and 50°K. The heat of formation is somewhat
larger than the value —93.4 keal. observed in heat
of solution studies in this Laboratory,?? but the
difference is within experimental and extrapolation
uncertainties.

Correcting the constants in equation 6 (reaction
3) to 25° with the estimated AC,? of 13.9 and using
the standard values for FeCl, and Cl, cited above,
AH® and S° are caleulated to be —152.6 keal. and
135.9 e.u. for Fe,Cls(g" at 25°. These values are
confirmed by equation 7 assuming AC" = —]19
and thermodynamic properties of FeCly(s) calcu-
lated above. The latter is not entirely an inde-
pendent check, however, as about half of the
data used to establish equation 7 were obtained
with the aid of equation 6. If AH? is taken as
—03.4 keal. for FeCly(3), equation 7 gives AN =
—150.2 keal. for Fe,Clsg) at 25°.

(21) National Burean of Staadards, Circ. 500, ‘‘Selected Values af
Chemical Thermodynamic Praperties.” U. §. Government Printing
Office, Washington, D. C., 195(,

(2?7) Private communication ‘rom li. . Westrum, Ir., Department
of Chemistry, University of Michigan.

(23) J. C. M. Li and N. W. Gregory, J. Am. Chem. Sac., T4, 4670
(1952).
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HEATS OF VAPORIZATION OF MOLECULES AT LIQUID-VAPOR
INTERFACES

Biy Bert H. Crampirt AND DaALE E. GERMAN

Bocing Airplans Company, Wichita Division, Wickila, Kansas
Received November 18, 1957

A theory is developed whereby it is shown quantitatively that the heat of vaporization cf the surface layer at a liquid
vapor interface is uppreciably lower than the heat of vaporization of bulk liquid. The BET adsorption theory is re-
viewed in light of the present theory and it has been found that the BET “¢” constant assumes a new meaning allowing
calculations of heats of adsorption in closer agreement with experiment. By calculation of the ratio of heats of vapor-
ization of surface and bulk molecules it is possible to establish whether a given liquid is hydrogen bonded and its type

and degree of hydrogen bonding.

Introduction

The assumption is commonly made in gas ad-
sorption theories that the hezt of adsorption of the
second and higher layers of molecules is equal to
the heat of vaporization of bulk liquid and is inde-
pendent of the number of adsorbed layers.! Tt
should be pointed out, however, that the heat of
vaporization of the final adsorbed layer is sub-
stantially different from bulk liquid. This ecauses
the total heat of vaporization of the liquid above
the first adsorbed layer to be z function of the thick-
ness. This note is for the purpose of demonstrat-
ing a simple method of caleulating the heat of
vaporization of the final adsorbed layer.

Method.—Consider two drops of liquid, one of infinitely
large radius, and one of small radius (r). The Clausius-
Clapeyron equation may be assumed to holC in each case
and equation 1 may be written.

dlnp/p° = AH — AH?
d7' R
where p refers to the vapor pressure, ' the temperature, R
the gas constant, AH the heat of vaporization and the super-
scripted symbols refer to the drop of infinite radius.

Considering each drop as composed of a bulk component
{b) and a surface component (8), a modified form of Raoult’s
law yields the egquations

AH = Xy AHy + X, AH, )
AH® = X\,0 AHy + X0 AH, = Ally (3)
Substituting equation 3 into equation 2 and imposing the
obvious restriction X, = 1 — X, vields
AH — aHY = X,(aH, — AHY) (4)

The composition of the surface and bulk being the same for
pure liquids, volume fraction may be substituted for mole
fraction

(1)

dxr¥y 3 o

T 4B ¥ 4ot 1 o
where (¢) 18 the thickness of the surface layer and (7) is the
radius of the drop. Combining equations 1, 4 and 5 yields
dInp/p® _ 3t(aH. — AHY)
dT T R

Tn this form equation 6 cannot be solved for AH; however it
contains terms found in the Kelvir. equation

_ 2M~y 5
In p/pﬂ o TFRT (‘)

X,

(8)

where in addition to the previously defined te-ms, Af is the
molecular weight, v the surface tension and p the density.
Differentiating (7) with respect to temperaturs {assuming o
to be independent of temperature) yields

dlnp/p® _2M [l dy  ~ o
d7 R LTdT ~ T? i
{1) §. Brunauer, ""The Adsorption of Gages and Vaporg,' Prince-
ton TTniversity Press, Princeton, N. J. 1945, pp. 151-1G8.

Combining equations 6 and 8
dy v _ 3tp

ar — T = aar7 (AHs — AH) ©

Integrating (9)
3t AFf, — AH® 100
%1_ - 2;{ et (10

{ may be any integral number of molecular layers and the
mathematics that follow are applicable. Tue to the short
range nature of intermolecular forces, the surface layer will
be assumed to be unimolecular, in which case t can be esti-

mated as the cube root of the molecular volume. Equa-
tion 10 therefore becomes
A\ AH, — AH®
5 (?’) ® e O.74Tf—T2A-i ar - an

where the AH terms are expressed in calories per mole.
Differentiating equation 11 with respect to temperature
gives

d[y(M /)] AH, — 8HP
ALy M /o)) _ .74 UTd'ﬁL

&7
AH, — AH?®
i — A 9
7] a
The negative of the differertial term is the well known
Eotvos constant (#) which has been evaluated for a large
number of liquids. Solution > equation 11 for the integral
and substitution into equatior. 12 yields
AH, = aH® — 135kT + (M /p)*/3] {13)

FEquation 13 contains terms that are casily obtainable from
the literature and provides a means of directly calculating
the heats of vaporization of the surface layers of pure liquids.

Results and Discussion

Table I gives values for AFI, for various sub-
stances caleulated by means of equation 13, Us-
ing these tabulated values of AH, equation 2 yields
the heat of vaporization for that liquid (n layers)
above the first adsorbed layer. A plot of n persus
the total heat of vaporization of the n layers for
several liquids is shown in Fig. 1. [t is seen that
the total heat of vaporization approaches the heat
of vaporization of bulk liquid asymptotically and
that the AH values are significantly lower that
that AH° for n less than ten.

The Brunauer-Emmett-Teller (BET) theory as-
sumes that for all layers above the first adsorbed
layer the heat of adsorption is equal to the heat of
vaporization of bulk liquid. This assumption fails
to take into account, that even if the molecules be-
haved as if they were in a true liquid, the heat of
vaporization is dependent upon the number of
layers of liquid present. Following the notation of
Brunauer' but without imposing the restrietion
Ej =R Eg = E; = }‘:’L

si = say(p/g) texp(Ey + Ei--- + E)/RT (14)
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TaBLE I

HEAT OF VAPORIZATION OF THE SURFACE LAYER OF VARIOUS
Liguips at THEIR BoiLing PoinTs

All" Alls
(cal./mole)  (cal./mole)

Substance AHs/AH?
Carbon tetrachloride 7180 5535 0.771
Benzene 7345 5685 774
n-Hexane 71¢0 5610 780
m-Xylene 86¢0 6895 .793
Toluene 7985 6325 792
Diethyl ether 6210 4810 775
Hydrogen 216 168 778
Nitrogen 133 995 .750
Oxygen 1630 1235 .758
Argon 1560 1170 .750
Neon 450 350 778
Acetone 7220 5910 .818
Water 9720 8565 .881
Methy! alcohol 8420 7650 .910
Ethyl alcohol 9400 8555 .910
n-Propyl alcohol 9865 8770 .889
n-Butyl alcohol 10455 8955 .857
Acetic acid 5820 4735 .815
Propionic acid 7320 6090 .833
Butyric acid 10030 8655 .865
Hydrogen cyanide 6025 5310 .881

The BET theory replaces (E; 4+ E; - -~ + FE;) with
(f — 1)EL and this is probably permissible if Ky, is
assumed to be a function of 2.  According to equa-

tion 2 Ky, is
E;=;:fAH°+Z—.l—1AHs (15)
Equation 14 therefore becomes
si = soy(p/g)' ! exp(AH® — 2AHY + AH)/RT (16)
According to reference 1
y = (a/b)p exp(E/RT) (17)

Equation 16 then becomes

si = s(ag/b)(p/9)* exp(iAH® +
E, — 2AH + AH)/RT (18)

or
si = socxt (19)
where
z = (p/g) exp(aH°/RT) (20)
as in the derivation of the BET equation. Sig-

nificantly, however, the constant ‘¢’ now assumes
a new meaning

_ ¢ = (my/b) exp(E, — 2aAH° + AH,)/RT
as opposed to the BET
¢ = (ag/by) exp(Ey — Ev)/RT (22)
In the latter two equations Ey, and AH® have the
same meaning, namely, the heat of vaporization of
bulk liquid. Since equations 19 and 20 are identi-
cal to those used in the derivation of the BET

equation, the adsorption equations obtained are
the same, with the important exception that the

21

constant “‘¢”’ now has the revised meaning [equa-
tion 21).
E, — Ep values often are calculated from the

BET “¢” values; however, they are actually £, —
2 AH® + AH, values. This is borne out by the
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Fig. 1.—Total heat of vaporization versus the number of
adsorbed layers above the first.

work of Harkins and Boyd? who measured the true
E, — Ev for crystalline powders from heat of
emersion experiments. They found E; — E: equals
5.2 keal./mole for benzene on Ti(); at 25° while the
BET energy was 2.6 kcal./mole. As has been in-
dicated, it is not correct to compare these values,
but rather

26 = B, — Ey, + (AH, — Fv)
The term in the parentheses is, according to Table
I, —1.7 keal./mole, and therefore £, — Ey, equals

4.3 keal./mole according to the revised BET plot.
It is readily seen that the revised BET theory

yields E; — FEy values in better agreement with
experimental £; — Fyp data than does the original
theory.

The heat of vaporization of a liquid is a measure
of the ease with which a molecule may be removed
from the liquid. The ratio between the heats of
vaporization of surface and bulk molecules should
represent, therefore, a measure of the strength of
bonding between molecules in the liquid state.
From geometric considerations it is often assumed
that surface molecules experience approximately
three-fourths the forces experienced by bulk mole-
cules. Table I shows that for non-associated liquids

(2) W. D. Ilarkins and G. E. Boyd, J. Am. Chem. Soc., 64, 1195
(1942).
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at their boiling point AH,/AH® is between 0.75
and 0.79. TFor hydrogen bonded liquids this ratio
is larger, the magnitude of tae ratio increasing as
the strength of hydrogen bonding increases. The
values indicate that the lower alcohols show
stronger hydrogen bonding than water which is in
conformity with the findings of Pauling.?

Table I indicates that AH,/AH® values for alco-
hols decrease with increasing chain length; while
the reverse is true for organic acids. Because an
increase in chain length results in an increase in the
boiling point of a given homologous series a de-

(3) L. Pauling, "The Natyre of the Chemical Bond," Cornell Press,
Ithaca, N. Y,, 1948, p. 304,

RoB=RT GG. CuARLES AND M. ARLENE PAWLIKOWSKI

Vol. 62

crease in bond strength at the boiling point would
be expected. The results for acids suggest a change
in type of bonding with increasing chain length.
Both acids and alcohols are strongly hydrogen
bonded; however, acids show a great tendency to
form dimers. It appears, therefore, that with iu-
creasing chain length the acids decrease in dimeric
hydrogen bonding and increase in infinitic lattice
hydrogen bonding.

The theory presented above for the heat of
vaporization of the liquid-vapor surface layer
should prove of value to workers investigating sur-
face phenomena. It also should be useful in dif-
ferentiating types of bonding.

COMPARATIVE HEAT STABILITIES OF SOME METALACETYLACETONATE
CHELATES

By RoBerT (G. CHARLES AND M. ARLENE PAWLIKOWSKI

Westinghouse Reaearch Laboralories, Pitisburgh 85, Pennsylvania
Received November 19, 1957

The heat stabilities of the acety:acetonates derived from a number of different metals have been compared at 191° in an

inert atmosphere.

The observed stability is markedly dependent upon the nature of the metal present.

No very general

correlations were observed between the heat stabilities and other properties of the acetylacetonates, or with the properties of

the parent metal ions.

Few quantitative data are available for the heat
decomposition of metal acetylacetonates (I, z =
1,2,3 or4).' The Cr(III)% and Be(II)? acetylaceto-

B (les 7
C=0

LN
CH M

\C .___0/

Cdm Lo

nates reportedly boil at atmospheric pressure with-
out decomposition. On the other hard the rare
earth acetylacetonates decompose at temperatures
below that required to volatilize these chelates.?
Relatively little is known of the temperature sen-
sitivity of the numerous other acetylacetonates
which have been synthesized.* Because of recent
interest in organic polymers containing metal-
{8-diketone) units,>® it was thought of value to
study the relative heat stabilities of acetylaceto-
nates derived from a variety of metals.

The experimental method chosen for this study
involved measuring the pressure increase caused by
the formation of volatile decomposition produets
in a elosed system eontaining metal acetylacetonate
and an inert gas,

(1) The guantity z = 1 for monovalent metals, 2 for divalent, 3 far
trivalent, and 4 for tetravalent. Only neutral chelates formed by
acetylacetone with metals are conaidered here.

(2) G. Urbain and A. Debierne, Compt. rend,, 129, 302 (1899).

(3) “"The Chemistry of the Coardinaticn Compounds,”' J. C. Bailar,
Jr., Ed., Reinhold Publ. Corp., New York, N. Y., 1956, p, 42.

(4) G.T. Morgan and H, W. Moss, J. Them. Soc., 106, 189 (1914),

(5) J. P. Wilkina and E, [, Wittbeccer, U. 8. Patent 2,659,711
(Nov. 17, 1953).

{6) W. C. Fernelius, Wright Air Development C2nter, WADC
56-203 (Oet. 1956),

Experimental

Preparation of Compounds.—All of the compounds used
here have been described in the literature.%¢—% In certain
instances, however, it was found desirable to modify the
literature method of preparation or to replace it by a more
convenient procedure.

The three alkali metal acetylacetonates, and the Ba
chelate, were prepared by treating the corresponding metal
bydroxide with acetylacetone in methanol or water solution.
The Ca and Sr chelates were preparcd from the metal ni-
trates, acetylacetone, and a stoichiometric quantity of KOH
in water solution.

The Ni(II) acetylacetonate was prepared in the following
manner, To a solution of §9.4 g. (0.25 male) NiCl,-6H,0
in 250 ml. of water was added a solution of 50 g. of acetyl-
acetone (0.5 role) in 100 ml. of methanol, while stirring.
To the resulting mixture was added a solution of 0.5 mole of
sodium acetate in 150 ml. of water. The mixture was
heated briefly on a hot plate, cooled to room temperature,
and placed in the refrigerator for several hours. The green
solid was filtered off on a buchner funnel, washed with water,
and dried in a vacuum desiceator.

Most of the remaining divalent metal acetylacetonates
(plus the Fe(IIT) compound) were prepared in a manner
similar to that used for the nickel chelate. The gallium
and indium chlorides were prepared from the metals and
reacted with acetylacetone in water in the presence of
aqueous NH;. The Co(Ill) acetylacetonate was prepared
from CoCOs, acetylacetone and hydrogen peroxide. The
Mn(III) chelate was prepared by the method of Cartledge?
and the Zr(IV) chelate by the method of Larsen, Terry and
Leddy.’® We are indebted to the members of the Insulation
Department, Westinghouse Research Laboratories, for
providing us with pure samples of the Be(11), Cr(IIT) and
AN(TIT) acetylacetonates.

The majority of the acetylacetonates were recrystallized,
one or more times, using the solvents listed in Table I.

(7} W. C. Fernelius and B. E. Bryant, Tnerganic Syntheses, 5§, 105
(1957}.

(8) N. V. Sidgwick, *“The Chemical Elements and Their Corm-
pounds,'” Oxford Universily Press, 1930,

(9) G. H. Cartledge, J. Am. Chem. Son., T8, 4416 (1951).

(10) E, M. Larsen, G. Terty and J. Leddy, fhid., 75, 5107 (1953),



April, 1958

The Be(II), Fe(TII), AI(III), Cr(III), Co(III) and Zn(II)
acetylacetonates were dried overnight in a vacuum desiccator
over anhydrous CaS80,. The remainder of the compounds
were dried four hours at 100° and 1 mm. in an Abderhalden
drying apparatus. The chelates were stored in tightly
capped bottles in a desiccator to prevent hydration.

TasLE I
PREPARATION OF METAL ACETYLACETONATES
Metal, %

Metal Recrystallized from Caled.d  Found
Li Methanol 6.54 6.62
Na Benzene-methanol® 18.8 19.1
K Methanol 28.3 27.8
Be(II) Benzene—pet. ether® ¢
Mg(I1) Methanol 10.9 10.8
Ca(lIl) Methanol® 16.8 16.6
Sr(IT) Methanol® 30.6 30.2
Ba(II) Methanol 40.9 39.4
Cr(I1I) Benzene—pet. ether® !
Mn(1I) 2 21.7 21.8
Mn(IIl) Benzene—pet. ether® g
Fe(1II) Methanol-water 158 15.7
Co(II) Methanol 22.9 23.3
Co(III)  Benzene—pet. ether® t
Ni(II) Methanol 22.8 22.8
Cu(II) Methanol 24.3 24.0
Zn(II) Acetylacetone—pet. ether® 24.8 24.8
Cd(I1) Acetylacetone-pet. ether®* 36 4 35.9
AI(TIT) Methanol-water i
Ga(III)  Methanol k
In(II1) Methanol t
Zr(IV) Benzene—pet. ether® 18.7 18.5

% The chelate was dissolved in the first named solvent
and precipitated with the second. ? Not recrystallizable.
Purified by extraction with sclvent. ¢ Too easily oxidized

to permit recrystallization by the usual means. ¢ Calcu-
lated for the anhydrous compound. °¢M.p. 108-109°.
/ M.p., 213-215°. ¢ Caled. for Mn(CiH;0.);: C, 51.1;

H, 6.01; ash (as Mn;O,), 21.6. Found: C, 51.2; H, 6.34;
ash, 22.0. *M.p. 178-183°. ¢ Calcd. for Co(CsH;0,)::
C, 50.6; H, 5.94. Found: C, 49.8; H, 5.80. / M.p. 194~
195°. *# M.p. 197-199°. !M.p. 189-190°.

The identity and purity of the dried compounds were es-
tablished, in most cases, by metal analysis. Table I lists
the values obtained. The Be(II), AI(III), Ga(III), In-
(III1) and Cr(IIl) acetylacetcnates were characterized by
their melting points which were sharp, reproducible and in
agreement with literature values. The significant thermal
decomposition of many of the remaining compounds, at or
below the melting point, makes melting point an unreliable
criterion of purity for these cases.

Experimental Method and Apparatus.—Of the various
experimental approaches possible for this type of work the
measurement of the volatile decomposition products pro-
duced appeared the most promising. Methods based on
weight loss of the chelate as a function of time were rejected
because of the tendency of a namber of the acetylacetonates
to sublime. Methods based on analysis for unchanged
acetylacetonate were also considered unsuitable for survey
work since each chelate would necessitate a separate experi-
mental technique.

The method adopted consisted in measuring pressure
changes in an all glass system containing nitrogen gas and
the acetylacetonate. The Pyrex glass apparatus used is
shown in Fig. 1. Decomposition took place within the
lower portion of the flask G within a constant temperature
metal block oven. The close Jtting removable glass plug D
served to minimize the volume of gas outside the oven and
also retarded the diffusion of volatile materials out of the
hot zone. The clearance between the glass plug and flask
neck was sufficient to allow instantaneous pressure equilib-
rium between G and the manometer. The temperature
within the oven was maintained at 191 == 0.2° by means of
the metal block oven F. The temperature in G was deter-
mined in blank runs by means of a precision mercury-in-
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A
A.- Stopcock
B.- Modified Warburg Open
End Mercury Manometer
C.- %5 S/T Capillary Joint
D. - Glass Plug
E.- Insulation
B F.- Metal Block Oven
G. - Decomposition Cell
— 10
: &,
L ¢
— 5cm '«\
Lo D

A=

—
 am_|

Fig. 1.—Heat decomposition apparatus.

)

glass thermometer, the neck of the flask in this case being
filled with glass wool.

Three pieces of apparatus of the type shown in Fig. 1 were,
in general, used simultaneously, using three ports in the same
metal block oven. The reproducibility of results was found
to be nearly the same for simultaneous runs in different
apparatus as that obtained for successive runs in the same
apparatus. Some runs were also made in apparatus similar
to that shown in Fig. 1 but having a shorter flask neck (with-
out the glass plug D) and with the joint C completely within
the oven F. In the latter case the joint was lubricated with
high-temperature silicone stopcock grease which showed
no decomposition under tte conditions used. This appara-
tus gave essentially the same results as the apparatus in
Fig. 1 but, being somewhat less convenient than the appara-
tus shown, was abandoned in favor of the latter.

The gas volume of the apparatus was determined by
weighing the amount of weter necessary to fill the apparatus
above the capillary joint. To the volume obtained was
added a small correction tarm calculated from the diameter
of the capillary in the manometer and its length from the
joint to the mercury meniscus.

For a run, approximately 0.2 g. of the pure dry acetyl-
acetonate was weighed accurately into a small glass vial.
This was dropped through the neck of the flask (plug D re-
moved) into G and allowed to spill over the bottom of the
flask. The size of the crystals were those obtained from
recrystallization and no attempt was made to grind to a
finer powder. The apparatus was then assembled as
shown in Fig. 1, greasing the stopcock A and joint C with
silicone stopcock grease. The tube above A was shen con-
nected by rubber pressure tubing to a stopcock arrangement
in such a way that a partial vacuum or a small positive pres-
sure of dry nitrogen could be applied alternately. The
apparatus was partially evacuated (nearly to the capacity
of the manometer) and then nitrogen introduced to a pres-
sure somewhat above atriospheric. This process was re-
peated a total of twenty times in order to remove oxygen
as completely as possible. Finally the nitrogen pressure
within the apparatus was adjusted to about 450 mm. at
room temperature and the stopcock A closed.

Manometer readings, together with barometer and room
temperature readings, were recorded and the apparatus
placed in the oven. Manometer and barometer readings
were then taken as a function of time. Blank experiments
(no chelate present) indicated that temperature equilibrium
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Fig. 2.—Decomposition curves for metal acetylacetonates at 191°.

was reached within the first half hour. Most of the experi-
ments were run for a total of either onc or 5J hours. At
the conclusion of these time intervals the apparatus was re-
moved from the oven and allowed to cool to rcom tempera-
ture. Manometer, barometer and room temperature read-
ings were then again taken.

Calculations and Calibrations.—Results ohtained in these
experiments were most conveniently expressed in terms of
the quantity An given by 1

An = (AP)V/RTm (1)

where (AP = P, — P;) is the pressure rise at the end of a
given time interval above the equilibrium pressure P,, at-
tained in the absence of chelate; V is the gas volume of the
system; R is the gas constant; T is the absolute tempera-
ture; and m is the number of moles of metal chelate taken
for the experiment.

Since a small but significant fraction of the total gas
volume for the apparatus is out of the oven ‘Fig. 1), the
actual value of P; in any experiment is somewhat lower than
the value calculated from 2.

— TlDII)r
= —T,

where P and 7', are the pressure and absolute temperature
at room temperature. For this reason an empirical relation-
ship hetween /, and P, was defermined using various
amounts of nitrogen in blank experiments. This relation-
ship was then used to calenlate £, for each decomposition
experiment. The values of P, caleulated in this way were
about 2%, smaller than those calculated from (2).

Also for the reason just mentioned an effertive value, b,
of (V/RT) at 191° was calculated from 3.

Py Vv
= 5 () W

The value b was found to be about 3%, larger than that cal-
culated from V/RT agsuming all the gas to be at 191°,
The experimentally determined value of b for each apparatus
wazg used to ecalculate An for experiments performed in that
apparatus.

In order to obtain some estimate of the amount of gaseous
decomposition product present at room temperature, the
apparatus was cooled for an hour at the conclusion of each
run and the quantity An calculated from 1 using the values
of AP and T determined at room temperature.

P 2

Results and Discussion

In Fig. 2 the gquantity An at 191° is plotted as
a function of time for each of the acetylacetonates

investigated. Table II compares the values of
An obtained at the conclusion of the experiments
at 191°, when measured at 191°, with the values
measured at room temperzture for the same runs.!!

For the ideal case, where the simple gas laws are
obeyed and the metal chelate has no appreciable
vapor pressure, An can be taken as a measure of the
number of moles of decomposition product which
are gaseous at she temperature of measurement
(per mole of chelate taken). In practice some of
the chelates may be expected to have 8 measurable
vapor pressure at 191° and An, when measured
at 191°, would then be correspondingly larger than
the quantity just mentioned.

Vapor pressure data for the metal acetylaceto-
nates at 191° are completely lacking. For some
of the compounds, however, an estimate of the
vapor pressure at this temperature can be obtuined
from reported data at other temperatures.’!?
From such data the vapor pressures at 191° for the
AU(TIL), Cr(II1), Ni(II) and Be(1I) acetylacetonates
are estimated to be 8, 4, 3 and 63 mm. respectively.!?
The values of An corresponding to these vapor
pressures are, respectively, 0.04, 0.02, 0.01 and
0.22.

Vapor pressures have not been reported for the
other metal acetylacetonates investigated. It may
be assumed, however, that all of these will have
vapor pressures that are appreciably lower than
the vapor pressure of the Be compound, considering
(a) the higher molecular weights of most of these

(11) The curves in Fig. 2 and the values in Table IT are for typical
individua! rung. For many of the compounds twa ar more runs were
made. In gencral An for a given time of heating was reproducible to
0.03 unit or lesan for duplicate runs. For the sake of clarity, experi-
mental points are included only for representative curves in Fig. 2.

(12) 1. E. Coop and L. E, Suttan, J. Chem. Soc., 1268 (1938).

{18) The vapor pressures of the AWTII, Ce{II1) and Ni{1I) acetyl-
acetonates were ealculated from existing data making the approxima-
tion that the latent heat of vaporization ia the same as that found for
aluminum isovalerylacetonate (20.2 keal./mole).td The vaper pres-
sure of Re(TT) acetylacetanate was caleulared fram the reported hailing

point of 270°T and the zpproximate vapar pressure at 185612
{14) R. G. Charles, J. I'norg. Nud. Chem., in press.
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compounds, and (b) the greater intermolecular
forces in these chelates, as evidenced by their higher
melting points. It seems likely, therefore, that
only in the case of the Be chelate does the vapor
pressure make a large contribution to An.

Tagpre IL
DECOMPOSITION OF METAL ACETYLACETONATES AT 191°

An
Heated 50 hr, at 191°
megnsired at
279

Fleated 1 hr. at 191°
inessured at
S -

Metal 191 270 1917
Li (.01 0.02
Na .07 .07
K 0.10 0.03 19 AT
Be(II) o i 02 .26 .06
Mg(I) 01 03
Ca(II) .09 .08
Sr(IT) .91 .48 .73 .68
Ba(Il) .28 .27
Cr(III) .09 .09
Mn(11) .60 .39
Mn(III) .92 .23 1.23 .86
Fe(III) .33 .19 1.47 1.24
Co(1I) .58 .72 0.85 0.76
Co(III) 1.05 27 1.49 1.27
NI 0 .08 .04 0.07 C.06
Cu(1) 0.04 .04
Zn(1l) T4 .47 1.12 .62
Cd(1II) .52 A6 0.88 .70
AIII) .14 .06
Ga(1II) .04 .04
In(IID) .01 .03 .16 .16
Zr(IV) 1.77 1.08 2.36 1.99

It can be seen from Fig. 2 that many of the
acetylacetonates, derived from metal ions of all
four charge types, decompose significantly under
the conditions employed. Both the rate and ulti-
mate extent of decomposition are markedly de-
pendent on the nature of the metal present in the
chelate. For many of the more unstable acetylace-
tonates much of the decomposition takes place
during the first few hours, after which the value
of An tends toward a limit. An obvious exception
is Mn(II) acetylacetonate which reaches its maxi-
mum rate of decomposition only after 30 hours of
heating. An even more peculiar curve is given by
Zn(II) acetylacetonate. A rather high value of
An is reached after 0.5 hour then decreases with
time to a minimum at 2.5 hours and finally in-
creases rapidly to a constant value. The dif-
ferences in shape of the curves obtained and the
fact that the same ultimate value of An is not
reached in all cases indicates that the nature, as well
as the rate, of decomposition may be a function
of the metal present. Among the most heat stable
acetylacetonates are the Li(I), Mg(II), Be(IL),
Cu(Il), Ni(II), Ga(III) and Cr(IIl) compounds.
It would seem that the last six of these metals
would also be the metals most likely to yield heat
stable polymers of the g-diketone type®®¢ The
acetylacetonate studied having the lowest heat
stability was found to be Zr(IV) acetylacetonate.

No very general correlations were noted between
the heat stabilities of the acetylacetonates and
parameters associated with the metal, such. as
cation charge, cation size, electronic configuration,
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or position in the periodic table, Also, no general
relationship was observed relating the heat stability
to other properties of the metal chelates, such as the
stability toward dissociation to ions in aqueous
solution.’® 7  For limited groups of metals, how-
ever, some trends were noted.

For the alkali metal acetylacetonates the heat
stability decreases with increasing atomic weight of
the metal. This is also the order for decreasing
stability toward dissociation in solution for this
type of chelate.’® The same trend is observed for
the group ITA elements, with, however, Sr (and
possibly Be) out of place. The order is reversed
for the IIB elements Zn and Cd, the compounds
both being quite unstable. The group IIIA
elements Al, Ga and In all give rather stable ace-
tylacetonates but, within the group, there is no
obvious correlation with atomic weight.

A considerable varlation in heat stability was
noted among the acetylacetonates derived from the
metals of the first transition series. The trivalent
Mn, Co and Fe chelates were found to be quite
unstable while the Cr(III) acetylacetonate was one
of the most stable compounds. The Mn(II) and
Co(II) compounds were also found to be unstable.
The extent of decomposition after 50 hours was
found to be less for tke latter compounds than for
the corresponding trivalent metal chelates. This
may be related to the fact that the Mn(III) and
Co(III) chelates have three acetylacetone residues
per molecule while the corresponding divalent
compounds have only “wo. "The other two divalent
metal chelates of this series, Ni(II} and Cu(II)
acetylacetonates, were found to be much more
stable than the Mn(II) and Co(lI) compounds.
It is interesting that the Cu(II) and Ni(II) chelates
are also the most stable of the divalent transition
metal acetylacetonates studied toward dissociation
in aqueous solution. %13

A property of the acetylacetonates which was
expected to be of importance in this work was
melting point since, at 191°, some of the chelates
are (at least imtially) liquid and others solid.!®
Unstable and stable compounds were, however,
found in both groups. It appears that a study of
decomposition as a function of temperature would
be necessary to evaluate the importance of the
physical state to the decomposition for these com-
pounds.

The final values of An for each of the experiments
is compared in Table YT with An calculated from the
data obtained at room temperature. In nearly all
cases the value of An at 27° is lower than that cal-
culated from data at 191°, presumably due to con-
densation of some of the decomposition products.

{15) L. G. Van Ulitert, W. C. Ferneline and B, E. Nnuglas, J. 4m.
Chem. Soc., 18, 2736 (1953).

(16) R. M. Tzatt, W. C. Feroeliue and B. P, Black, Trts JourNat,
63, 80 (1455).

{(17) R. M. Izatt, W. C. Ferneliua, C. G. Haasg, Jr., and B. . Black,
ihid., 69, 170 {1655).

(18) W. C. Ferneliua and 1. (3. Var Uitert, Acta Chem. Scand., 8,
1726 (1954).

(19) The literature melting peints of the Be(IT), Zn(II), Mn(IIT),
Te(IIT) and In(1II) acetylacctylacetonates are below 1919, while the
AKIITY, Ga(IID) and ZriTV) ¢ ielates melt within a few deg-ees af 191°,
The reat af the acetylacetanates studied melt considerahly ahave 191°,
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The value of An at 27° is a measure of “he amount
of decomposition product still gaseous at room
temperature. The fact that An at 27° is still
large, in many cases, indicates that at least some of
the decomposition products are of low molecular
weight. The nature of the volatile decomposition
products for certain of these compounds s currently
being investigated. The results of this study will
be reported In a later paper.

The nature of the solid residues obtained from the
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decomposition of the acetylacetonates was not
determined. In general the change in appearance
of the chelates paralleled the extent of decompo-
sition, as indicated by An. Those acetylacetonates
undergoing extensive decomposition generally gave
very dark colored, and frequently resinous, resi-
dues. It is planned to study the nature of some of
these materials.
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The dissociation constants of these several amines have been determined at 10, 20, 30 and 40°: N,N,N’,N’-tetramethyl-
methanediamine (I), 1,3-propanediamine (II), 1,4-butanediamine (II1), cis- and trans-1,2-cyelohyexanediamines (IV and V,
resp.), 2,2’,2"-triaminotriethylamine (V1) and 1,3-diamino-2-propanal (VII), and at 10° for trans(?})-1,2-cycloheptanedi-
amine (VIII), Formation constants and enthalpy and entrapy c{:anges have been determined for II with Ag*, Cu*™ and
Nit*t, III with Ag*; IVand V with Cu*+, Ni++, Zn**and Cd**; VI with Cu~*; and VII with Ag* and Nit+ at the
four temperatures. Formation constants have been determined for VIII with Cut+, Ni+t+ Zn+**and Cd++at 10°. 'These
quantities are compared from one ligand to another with the same metalion. The dificrence in stability for the formation of
different sized rings is primarily an entropy effect which is related to the strain introduced in the ring and the loss of freedom
of the diamine in the chelate. The chelates formed with the cyeclie diamines are generally more stable because of 2 more

favorable entropy effect; however, there appear to be exceptions when the metal ion is not the pro?e )
An ion-exchange process for preparing diamine solutions cirectly from diamine salts is

amine and weaker bonds result.
described.

Introduction

The publication in 1941 of J. BBjerrum’s thesis?
on equilibria involving metal ion-amine complexes
initiated a series of investigations which have dem-
onstrated the effect of (1) chelates vs. monodentate
ligands,® (2) ring size for bidentatc amines, 46 (3)
number of points of attachment,? (4) C37—%and N-
substitution,®’ =1 (5) d,l-diamines »s, the meso
forms,® (6) cis- vs. trans-1,2-cyclohexanediamines'®
and (7) substitution of >NH by >8'* and >0.14
Many of the values for the equilibrium expressions
given in the literature are not strictly comparable

(1) From a dissertation presented hy Charles R. Bertseh in partial
fulfillment of the requirements far tha degree af Doetor of Philosophy,
Auygust, 1955,

(2) J. Bjerrum, “Metal Ammine Formation in Aqueous Solutian,™
P, Haase and San, Copenhagen, 1941.

(3) G. Bechwarzenbach, Report No. BRI./146, May 1951. Dre-
sented at Diseussion on Coordination Chemistty hetd by Imperial
Chemical Indnatries, Ltd, at Welwyn, Herts, S8eptember, 1950.

(¢4) G. B, Hares, W. C. Fernclius and B. E, Nouglas, J. Am. Chem.
Sae., 78, 1816 (1956).

(§5) F. A, Cotton and F, E. Harris, TrHta Joravar, 69, 1203 (1955).

(6} I. Poulsen and J. Bierrum, Acta Chem. Scand., 8, 1407 (1955).

(7) J. Bjerrum, Chem. Ravs. 46, 381 (1950).

(8) R.J. Bruehlman and F. H. Verhoek, J. Am. Chem Soc., 70, 1401
(1948).

{9) (a) F. Basolo and R. K. Murmann, ihid., T4, 5243 (1952); (b)
F. Basolo, Y. T. Chen and R. K. Murmann, ihid., 78, 656 (1651).

(10) H. Irving, see ref. 3.

{11) F. Basalo and R. XK. Murmann, J. Am. Chem. Soe., 76, 211
(1954).

(12) G. Schwarzenbach and R. Baur, Helv. Chim. Acta, 39, 722
(1956).

(13) E. Gonick, W. C. Ferneliua and B. E. Douglas, J. Am. Chem.
Soc.. 76, 4671 (1954); C. R. Bertsch, W. . Fernclius and B, P.
Rlock, Trrs JournaL, 60, 284 (1456).

b (14) J. R, Lotz, Ph.D. Thesis, The Pennsylvania Stete University,
1954.

r size to it a given di-

one to the other because the measurements were
made in solutions of differ=nt ionic strength and at
varying temperatures. Unfortunately, the meas-
urements for any one system seldom include meas-
urements at more than one temperature. Hence,
although there is considerable information about
approximate free energies of reaction, very little is
known about enthalpies or entropies of reaction.
With these equilibrium constants at hand for a
range of temperatures, more satisfactory values for
the enthalpies and entropi=s of reaction can be cal-
culated. In continuation of previous studies!s!s
there are presented here studies of N,N,N’N’-tet-
ramethylmethanediamine, 1,3-propanediamine, 1,-
4-butanediamine, ¢is- and {rans-1,2-cyclohexanedi-
amine, trans(?)-1,2-cycloheptanediamine, 2,2’ 27-
triaminotriethylamine and 1,3-diamino-2-propanol.

Ezperimental

Procedure.—The general procedure involved the titration
of 100 ml. of solution 0.001 4 in metal ion and 0.002 M in
acid with ca. 10 ml. of 0.04 to 0.10 M amine under nitrogen
at 10, 20, 30 and 40°. A Beckman Model G pH meter
equi Yed with a saturated calomel electrode and a Beckman
Model E No. 1190-80 glass electrode was used to follow the
titrations.  For the titrations involving silver ion a salt
bridge containing saturated potassium nitrate solution (in
contact with excess solid) was used to isolate the calomel
electrode from the solution in the titrating flask.

The method used to calculate the constants was reported
earlier.?® For these caleulations concentrations were con-
verted to activities by application of the Dehye-Hiickel
equation s

{I5) R. M. Izatt, C. G. Haas, Jr., B. P. Block and W. C, Fernelius,
Trra Journar, 68, 1133 (1954).

{16) B. P. Block and G. H. Melrtyre. Jr., J. Am. Chem. Soc.. 76.
5667 (1953).
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Reagents.—All metal perchlorate and perchloric acid
solutions were prepared from G. F. Smith Chemical Co.
reagent-grade materials. The concentrations of the solu-
tions were determined by means of standard analytical
methods.

The amine solutions were prepared using freshly boiled,
distilled water. The normalizy of each solution was deter-
mined by titration with a standardized perchloric acid solu-
tion. A

Amines.—N,N,N’,N’-Tetramethylmethanediamine
(Peninsular ChemResearch, Inc.) was distilled over sodium
through a 24'’-column packed with glass helices, and the
fraction boiling at 82.5° collacted; Picon" reports 82.5°.
1,3-Diamino-2-propanol (Distillation Products Industries)
could nct be distilled througk a packed column because of
its high viscosity and hence was distilled over barium oxide
in a simple distillation flask: r.p. 38-40°.

The rreparation of pure anhydrous polyamines usually
involves large losses and presents difficulties in storage and
handling. Therefore, aqueous solutions of several amines
were obtained by passing an ajueous solution of the purified
hydroch oride or sulfate (twice recrystallized from an alco-
hol-water mixture) through a column filled with the hydrox-
ide form of Amberlite IRA-400. 1,3-Propanediamine dihy-
drochloride (L. Light and Co.), 1,4-butanediamine dihydro-
chloride (Distillation Products Industries), 2,2’,2''-tri-
aminotriethylamine trihydrochloride, e¢is-1,2-cyclohexane-
diamine dihydrochloride, trans-1,2-cyclohexanediamine sul-
fate,® and trans(?)-1,2-cycloheptanediamine hydrochloride
were treated in this manner. Although the complete re-
covery of the amine from the column involves too great a
dilution for most purposes, complete recovery can be ob-
tained, and, when this is done, the equivalent weight of the
amine agrees with that expected

Cycloaeptanone (Columbia Organic Chemicals Co.) was
converted to the dione and dioxime by the method of Van-
der Haar.!® The dione was obtained in 759, yield and
boiled at 116-117° at 20 mm. (as compared to 859, and
107-109° at 17 mm.). The lioxime was obtained in 509,
yield and melted at 182° as compared to 179-180°.1? One-
tenth mole of 1,2-cycloheptanedionedioxime was added with
stirring over a period of 4 hr. to a slurry of 31 g. of LiAlH,
in 500 ml. of anhydrous ether. The mixture was then re-
fluxed for 48 hr. with constant stirring and hydrolyzed
successively with wet ether and with water. The ether
layer was decanted and extracted with dilute HCI. The
white hvdrolysis residue was treated with KOH and steam
distilled into cilute HCl. The combined HCI solutions
were evaporated to dryness. The resulting amine dihydro-
chloride was purified by recrystallizing several times from an
alcohol-water mixture. A 109, yield of 1,2-cycloheptane-
diamine dihydrochloride was obtained. Anal. Caicd. for
C7HwCl;N2: Cl, 3525, N, 13.93. Found: Cl, 3531, N,
13.97. Presumably this is the {rans isomer since similar
reactions produce trans-1,2-cyclohexanediamine.?

The preparation of trans-1,2-cyclopentanediamine was
tried unsuccessfully a number of times. 1,2-Cyclopentane-
dione was made in 509, yield by the method of Jaeger and
Blumendal,? but not by oxidation of cyclopentanone with
SeO, eitaer at 0° or 35°,22 or by hydrolysis of 2-chlorocyclo-
pentanone followed by oxidation with FeCl;.2* Reduction
of the dioxime of the dione with sodium and alcohol was un-
successful.

Results.—The log K, values are given in Table I
together with the calculazed thermodynamic quan-
tities AF,, AH, and AS,. The =+ values are the
959, confidence intervals based on three or more

(17) M. Picon, Bull. soc. chim., [4] 33, 89 (1923).

(18) We wish to express our appreciation to Dr. II. Kroll of Alrose
Chemical Company for the gift of ¢rans-1,2-cyclohexanediamine sul-
fate and :is-1.2-cyclohexanediamire (b.p. 70-73° at 12 mm.’, and to
Mr. G. S Burch of Carbide and Carbon Chemicals Company for the
gift of 2,2/,2”-triaminotriethylamire.

(19) R. W. Vander Haar, R. C. Voter and C. V. Banks, J. Org.
Chem., 14, 836 (1049).

(20) L. D. Berg, unpublished otservations in this Laboratory.

(21) . M. Jaeger and H. B. Blimendal, Z. anorg. Chem., 176, 161
(1928).

(22) H. L. Riley, J. F. Morley and N. Friend, J. Chem. Sac., 1875
(1932). :

(23) Dutch Patent 58,279 (Sept. 16, 1946); C. A., 41, 4807 (1947).
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Fig. 1.—Formation curves of silver in titration at 20°:
A, 1,3-propanediamine; B, 1,4-butanediamine; C, 1,3-
d}lla.mNmo-Z-propa.nol; G, theoretical formation curves for
the N = 1.

calculations for each constant. Plots of log K, vs.
1/T were constructed in order to determine AH,.
The formation curves for the titrations at 20° in-
volving silver ion are plotted in Fig. 1, together with
the theoretical formation curve for the case N = 1.

The log K, values for the chelation of Cu*+ with
1,3-propanediamine are not reported since they
varied when different data points were used in the
calculation. In the titrations run in the presence
of cobalt(II) ion, the pH of the solutions continually
dropped with time after a small amount of amine
was added. No precipitation was observed, and
the color of the solutions indicated that coérdina-
tion was taking place. A possible explanation is
that the cobalt(II) was being oxidized to cobalt-
(III). MecIntyre reports a similar difficulty in
attempts to titrate cobalt(II) solutions with
amines. 24

Precipitation occurred during the titrations of
Ag*, Cu**, Ni++ Zn++ and Cd++ with N,N,N’,-
N’-tetramcthylmethanediamine, of Cut+, Ni++,
Zn*+ and Cd*+ with 1,4-butanediamine, of Zn++
and Cd+*+ with 1,3-propanediamine and of Zn++
with 1,3-diamino-2-propanol.  Although no precipi-
tation was noted during the titration of the latter
amine and Cd~*+, the calculated constants were not
consistent.

Discussion

In general 5-membered chelate rings are the most
stable in systems with saturated rings.? The
failure of N,N,N’,N’-tetramethylmethanediamine
to form stable chelates with the usual bivalent ions
under conditions in which N,N,N’ N’-tetramethyl-
1,2-ethanediamine does form stable chelates with
both copper(II) and silver ions® is in agreement
with this general observation. Another qualita-

(24) G. H. MelIntyre, Jr., Ph.D. Thesis, The Pennsylvania State
University, 1953.

(25) A. E. Martell and M. Calvin, “Chemistry of the Metal Chelate

Compounds,” Prentice—Hall, Ine.. New York, N. Y., 1952, p. 137.
(26) B. P. Block, unpublished observationa.
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TaArLE [

VALUES FOR THE THERMODYNAMIC QUANTITIBS LOG A, —AF,, —aH, axp AS,, [NvorveDp 1y tie Resction at 10, 20, 30
AND 40° oF SeveERAL BivaLesT Mutan [ons wiTe BEVERAL POLYAMINES

t, °C. I+ Ag- Cu**  Nit++ Zntt  Cdt+ {3 Cur* Ni#* AT Cd ! H* NiF=  Zdn**®
1,2-Iithanediamines
log K, log K3 log K3
10 10.39 11.01 774 5.85 5.53 7.28" 9.57 6.44 5.13 4.74 4 .67 3.26
+0 01 0 03 £0.05 +0 01 +0 04 k002 £0.04 X0.03 +0.02 £0 04
20 10,09 10.47 7 .52 5,77 5.47 7 00 9.23 $.32 5.00 4.52 4 4¢ 3 28
+0.01 +0 04 006 =£0.06 £0 02 x0.05 =004 =x0.02 £0.05 £0.05
30 9.81 10 36 7.27 5.35 5.34 6.79 89‘?} G.11 4.89 1.28 4.2C 3.22
+0.01 +=0.03 £002 40,09 £0 03 £001 £0.03 =005 £0.03 =0 07
40 4.53 10 06 7.04 a.31 5.06 .50 8.60 5.89 4.70 4.25 4 05 3.18
+0.01 =0.02 £003 =0.14 +0.02 +0 04 £0.03 =0.00 E03.51 =0.10
— AF(keal./tuole) — AFy(keal./mote) — &Fkeal./mole)
10 13.5 14.3 10.0 y g8 71 9.4 12.4 83 6.6 6.1 6.1 4.2
20 13.5 14.3 10.1 il 73 9.4 [2 4 3.5 6.8 6.2 6.0 1.4
30 13.6 14 4 10.1 7.3 7.4 94 12.4 8.5 6.8 G.) 5.8 1.5
40 13.7 14 .4 101 A T2 93 12.4 8 4 G.8 i.) 5.8 1.6
~ AH\{keal./mole) — aHa(keal./mole?} — Hifkeal./mole)
10 40 11.5 12.8 9.5 5.) 6.2 10 3 12.3 7.5 5 2 7.8 8.7 13
- ASi(cal./mole-deg.) — ANz(cal./mole-deg.) — a&;(eal./cle-deg.)
10 7 & 2 b4 3 -3 0 3 3 ~d -9 8
20 7 3 2 9 4 -3 € 3 3 -3 -4 9
30 7 5 2 9 3 -3 (1} & 3 -5 —-10 9
40 7 5 2 9 5 -4 { 3 ] -3 -4y 9
1,3-Propanediamine
log K log K2
10 10.94 (.35 10.13 667 9.03 4.71
+0.02 £0.07 £0.05 =002 +=0,03 +0.04
20 10.62 5.92 9.72 6.40 8.64 444
+0.03 £0 04 £0.05 =0 04 +0.03 +0.08
30 10.32 5 9b 9.45 G.18 8 33 4.28
+40.02 #0022 $0.02 =003 +=0 02 =0,04
40 9 99 5.27 9.16 &.94 8 02 4.09
£0.02 E0 06 E£O0 04 £0.04 +0.03 +0.04
— AF:(keal. /tuole) = AMa{keal./mole)
10 14 2 82 131 8.6 11.7 6.1
20 43 7.9 13 0 8.4 11.6 6.0
30 14.3 77 131 86 11.6 3.9
40 14.3 7.6 131 85 YI.H 5.9
Affi(keal. fmole) -~ &Hz{keal. /mote)
1040 13.3 14.6 13.9 10.2 13.9 8.2
ASi(cal./mole-deg.) aS8:z(cal./mole-deg )
10 3 23 -3 -6 =8 -7
20 i) —23 =3 -6 --8 -8
30 3 — i -3 -5 ~8 -8
40 3 —-22 -2 -5 -8 -7
1,4-Butanediamine
log X\ log X
10 11,15 .00 Q.71
+=0 05 =007 +0.03
20 10.80 5 67 9.35
20.06 £0.04 +0.01
30 10.50 §5.30 9.04
+4.04 +0.03 +0.04
40 10.26 5.19 8.83
£0.05 =£0.09 +0.03
— A&F(keal./inole) — A8F3(keal./mole)
10 4.4 Tk 12.6
20 14 5 7.6 12.6
30 14.6 7.4 12.5
40 14.7 7.4 12.7
— AF{keal./mole) — AHi(keal./role)
10 40 12.0 10.7 12.0
ASi{eal. /iuole-des.) ASzlkeal./mole-deg.)
10 8 —-11 2
20 ) -11 2
30 9 -1l 2
40 8 —11 2
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5.96
+=0.09
5.64
+0.02
5.31
+0.06
4.97
+0.04

e i S 4
— o =Y

— 19
—19
—18
—19

log K.\

— AF(kcal./mole)

~ 8 H1(keal./mole)

ASi(esl./mole-deg.)

5.68
+0.09
&.586
+0.02
5.42
+0.03
5.25
+0.02

74
7.5
7.6

7.5

5.8

6
6
6
5

log K,

19.09
=010
18.71
+=0.04
18.40
=0 04
17.01
+0.07

— AF (keal./nole)

24.7
25.1
25.5
25.7

— aAH{kecal./mole)

15 7

ASi{cal./mole-deg.)

az

32

32

32

|C|): K

10,20 7.50
+0.46 +0.06

10.91 7.28
+0.06 +0.04

10 72 7 12
+0.09 +£0 02

10 33 6. 91
+0 02 +0.05
— Afukeal. /mote)

14 5 9.7

14.7 9 R

14.8 g8

14.R 9.9

— Al (keal. fmole)

1.6

ASiiral./inolr-eg.)

1]
10
10
10

77

~ NN

]

a

20 ~1 =3 A7
—sb o>

TasLe I (Continued}

1,3-Diamino-2-propanol

8.12
+0 04
7.93
+0.02
7.68
+=0.02
7.38
+0.00

10.5
10.6
10 7
10.6

10.4

— -

log K
4.41
40.02
4.32
+0.09
4.16
+0 09

4.05
+0.12

— AFi(keal./mole)

5.7

o v
o0 -3

~ AH3z(kcsl./mole)

5.0

ASz(cal./mole-deg.)

2
3
2
3

2,2/,2"-Triaminotriethylamine

.55
+0.08
9.26
+0.02
9 00
+0.08
8.65
+=0.30

S o~ O D

log X2

— AFi(keal./mole}

— Allz(keal./mole)

AS:{cnl. ‘mole-deg.)

cis-1,2-Cyelohexanediamine

00
02

89

04
M
)8
02
09

2

)

RN EEEN)

N R

.87

06

73
a8

.65

N4

.42

04

=

o o ~3

6.43
+=0 06
.13
+0 02
5.84
=0 08
5 88
=0 06

S W

o W o X
Ll "2 B

10.1

-6
-6
Ll t]
-6

9.69
+0.04
9.49
+0.04
9.40
+0 05
910
+0.07

log K-
6.10
+0.06
A.94
+0.04
5 .80
=0 12
5.65
+0 13

5.65
+0 04
5.48
+0.05
5 28
+0 03
5.25
+0.09

— Afy(keal./mole)

130
130
13.0
13.0

— H-(keal./mole)

12.0

6.3

4.2

ASy(cal. /male-deg.)

4
3
3
3

G
6

6
6

10
10
n
10

4. 87
+0. 08

+0.09

+0 04

+0.05

- SIDo
= [EN- S XY

NN RN

log K
8.28
+0.10

7.98
=+0.12

7.71
*0.11

7.48
=+0.10

— 8Fs(keal./male)

10.7
10.7
10.7
10.7

— &ffi(keal./male)
10.3

ASs{cal./mole-deg.)

[ SR
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TaprLe I (Continued)
trans-1,2-Cyclohexanediamine
log K log K2 log Ku
10 10.24 11.55 8.22 6.37 6.05 6.71 10.11 7.08 §5.66 5.14 5.14
+0.02 +0.04 +£006 *£007 £007 =001 =*=0.10 £0.09 =*0.08 =0 08 +0.08
20 9.94 11.22 793 6.24 58 647 973 68 541 4,63 4.90
+0.03 +0.06 =+£0.03 £003 £0.07 +£0.08 =007 =002 =003 =+0.04 +0.07
30 9.60 10,96 7.82 6.14 574 6.20 954 €71 531 4.74 4.67
+0.01 +£0,04 +0.04 £002 %006 +002 =+002 006 =004 =006 +0.04
40 9.38 10.56 7.60 6.01 5.63 5.96 9.19 6.49 5.25 4.66 4.45
+0.02 +0.11 =+0.12 #*£0.09 =£0.07 =£0.02 =+0.10 =0.10 =£0.04 x0.03 +0.06
~ A¥\(kcal./mole) — AFi(kcal. /wole) — AMikeal. /mole)
10 13.3 15.0 10.6 83 7.9 8.7 13.1 9.2 7.3 G.6 6.6
20 13.3 15.1 10.7 8.4 7.9 87 13.1 9.2 7.3 66 6.6
30 13.3 15.2 10.8 85 8.0 8.6 13.2 9.3 7.4 6.6 6.5
40 13.4 15.1 10.9 8.6 8.1 8.8 13.2 q9.3 7.4 6.7 6.4
— H\(keal./male) — Hi{kcal.,/mole) — Affa(keal. /mole)
10~-40 1L.7 13.6 8.5 5.0 5.0 10.2 12.3 7.9 5.2 6.6 g.1
AS\{cal./mole-deg.) AS:(cal,/mole-dcg.) AS(cal./mole-deg.)
10 6 5 7 12 8 -5 3 5 7 a -3
20 5 5 8 12 8 -5 3 5] 7 a -9
30 5 5 8 12 8 ] 3 § 7 0 -9
40 5 5 5 12 3 -5 3 4 7 0 . -0
trans(?}-1,2-Cycloheptancdiamine
log K log K3 log Ka
10 10.48 .64 7.77 611 5.8 667 1011 6.6 553 4,92 3.83
+0.04 +0.13 £0.12 %0.0¢4 £0.05 =+0.02 =002 =£0,12 =*0.06 =0.05 +0.15

» Values for ethanediamine complexes
Droll (ref, 27).

tive confirmation of this relationship is the failure of
1,3-propanediamine to form stable chelates with
zine and cadmium ion under the conditions used for
these experiments, although chelates can be de-
tected with 1,2-ethanediamine under similar condi-
tions.24?" It is interesting to note that 1,3-pro-
panediamine has been found to form stable com-
plexes with cadmium ion in solutions of higher ionic
strength than those used in these experiments.® A
more quantitative comparison is possible for the
chelation of both copper(Il) and nickel ions with
1,3-propanediamine and 1,2-cthanediamine. The
chelates with the former diamine are significantly
less stable than those with the latter. The — AH,
values for the chelation with 1,3-propanediamine
are the larger, however, in harmony with the greater
hasicity of this diamine as shown by its larger — AH
values with H*. Consequently, the large differ-
ence in -stability of the chelates of these two di-
amines arises from alessfavorable entropy changein
the formation of the 6-membecred ring.  This is pre-
sumably associated with an increase in strain in the
ring and with a greater loss of freedom of the ligand
when the 1,3-propanediamine molecule is fixed in a
ring system.  Recently, calorimetriec A#f valuest as
well as some calculated from formation constants
at two temperatures® have been reported for the
chelation of copper(Il} and nickel ions with both
1,2-ethanediamine and 1,3-propanediamine in the
presence of neutral electrolyte.

Similar 7-membered ring systems are less stable
than 6-membered rings and do not form in aqueous
solution although chelates of copper(II), nickel and
zine with I,4-butanediamine can be isclated from
absolute alcohol.?® In this connection it is inter-
esting to note that the color changes during the ti-

(27) H. Nrall, Ph D. thests, The Pennsylvaniz State University,
19585,
{28) P. Pfeiffer, Nuturwissengchaften, 36, 190 {1948),

are talen from MclIntyre (ref. 24) except those for Cd**, which arc taken from

tration of copper(1I} with the diamines investigated
also qualitatively indicate that 1,3-propanediamine
does not chelate as extensively as the 1,2-diamines
because the deep blue color characteristic of the L:1
chelate does non change to the deep violet color
characteristic of the 2:1 chelate with the former al-
though it does with the latter.

The 1,2-cyclic diamines resemble 1,2-ethanedi-
amine 1n that the amino groups are separated by
two carbon atoms but differ in that the ring strue-
tures restrict the rotation of these groups. There-
fore, it is possible that a metal ion with the cor-
rect radius may just fit between the donor atoms,
resulting in the formation of an unusually stable
chelate. The ¢is and irans 1somers of 1,2-cyclo-
hexanediamine have equal values for the first pro-
ton-amine formation corstant, as might be ex-
peeted,  The slightly larger second constant for the
trans isomer appears to be due to an entropy effect
arising from the somewhat smaller repulsion of the
second proton because of the greater separation of
the two nitrogens in the trans isomer. The some-
what larger valie for the second proton-amine
formation constant for 1,2-cthanediamine as com-
pared to the 1,2-cyclohexanediamine values ap-
pears to be the result of AH and AS effects,

Doth the eis and irans isomers of ] 2-eyclohex-
anediamine reserible 1,2-cthanediamine in coordi-
nating with silver, copper(Il), nickel, zinc and cad-
mium. There ave slicht increases in stability in
the copper chelates in going from 1,2-cthanedi-
amine to cis- to trans-1,2-cyclohexanediamine, The
data are not accurate enough to permit one to as-
sign a reason to the first difference; the latter is
the result of two opposing tendencies. The bond-
ing is stronger with the frans isomers, but the en-
tropy effect is less favorable. With nickel on the
other hand, the stabilities of the chelates with the
two isomeric diamines are notably different, the



April, 1958

trans isomer forming the more stable chelate. Al-
though three molecules of the trans isomer codrdi-
nate per nickel ion as with i,2-cthanediamine, only
two molecules of the ¢is isomer codrdinate under the
conditions of these experiments. For the three-
step processes the — Aff values for cach of the three
steps are approximately equal so that the greater
stability of the chelate with trans-1,2-cyclohexane-
diamine is an e¢ntropy effect. This effect is prob-
ably associated primarily with the greater loss of
freedom of the 1,2-ethanediamine upon chelation
compared to the cyclic diamine with its relatively
fixed amino groups, although the formation of a
more hydrophobic ion with the consequent release
of more solvent molecules may also be a factor.

The relative weakness of chelation with eis-1,2-
cyclohexanediamine compared to either the irans
isomer or 1,2-ethanediamine is related to the low
values of — AJf, an indication that the bond
strengths are weaker. Apparently the restricted
rotation in the ligand holds the two nitrogen atoms
in positions unfavorable for chelation with nickel in
the ¢is isomer and favorable in the frans isomer. It
is interesting to note that the entropy effect is
about the same for both the ¢is and trans isomers.
Here, to0, the color changes during titration are in-
dicative of the products forming. The solution
goes through a yellowish green to a pink during the
titration with the trans isomer but stays yellowish
green with the ¢is 1somer. I'ns-(trans-1,2-cyclo-
hexanediamine)-nickel(I1) perchlorate is somewhat
insoluble in water, for a pink solid deposits if the
titrated soiution is allowed to stand although no
precipitation 1s apparent during the course of the
titration.

Zinc and cadmium ions are similar to copper ions
in that there is little difference between the forma-
tion constants for chelation with ¢is- and trans-1,2-
cyclohexanediamine. The zine and cadmiura che-
lates with the eyclic diamines are more stable than
the corresponding chelates with 1,2-ethanediamine.
This is clearly an entropy effect with both metal
ions.

The limited amount of 1,2-cycloheptanediamimne
available was sufficient for titration at only one
temperature, and, therefore, the thermodynamic
quantities could not be calculated. 1,2-Cyclohep-
tanediamiue forms a slightly more stable chelate
with copper ion at 10° thau does trans-1,2-cyclo-
hexanediamine. The color of the solution of the
copper chelate is similar to the deep violet color of
the copper chelate with 1,2-ethanediamine, with a
slightly reddish tinge. The nickel, zinc and cad-
mium chelates with 1,2-cycloheptanediamine are
not as stable as the corresponding chelates with
trans-1,2-cyclohexanediamiue, The color of the
solution of the nickel chelate with 1,2-cyclohep-
tanediamine is faint pink.

The codrdination of 2,2’,2”-triaminotriethyl-
amine with copper ion was investigated because the
geometry of this ligand is such as to force the cop-
per ion to enter into a tetrahedral configuration.®s
The color of this complex in solution is light blue.
The — A, value for the formation of the 2,2/ 2%

(29) . Ackermann, J. B, Pruc and C. Schwarzenbach, Velure, 163,
723 (1949).
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triaminotriethylamine copper chelate 1s only
slightly higher than for chelation with a bidentate
ligand, whereas MeclIntyre®** has shown that this
value 1s usually quite u bit higher for a terdentate
ligand. The low — AH value is probably a resuit
of the copper being forzed into ithe tetrahedral con-
figuration,

The chelation of nickel ion with 1,3-diaming-2-
propanol is weaker than with 1 3-propanediamine
but the two amines are alike in that only two mole-
cules chelate. The — A# values for the hydroxy-
amine are lower indicating that the bording is
weaker in this case. It is uncertain whether oxy-
gen 1s taking part in the codrdination. The chela-
tion of copper with 1,3-diamino-2-propanol involves
the displacement of the proton from the hydroxyl
group and 1s discussed elsewhere.

It was possible to obtain constants for the chela-
tion of silver ion with |,3-propanediamine, 1,4-bu-
tanediamine and 1,3-diamino-2-propanol by using
the usual equations for the case ¥ = 1. The for-
mgtion curves have the shape of the theoretical for-
mation curve for this type of chelation, Therefore,
any species such as AglIA++, AgyA+* or Agd,tt
(where A represents an anune and HA represents
the monoprotonated tmine), which have been re-
ported by Schwarzenbach and co-workers®t for
various diamines at 20°, can be safely neglected in
the calculation of K, the constant for the formation
of the species AgA+, under the conditions used in
this investigation. If these species were not negli-
gible, the formation curves would not follow the
theoretical curve for the case of N = 1, and the cal-
culated constants would vary with the data points
used in the calculations. Droll*” has found that the
species teported by Schwarzenbach cannot be
neglected 1n the silver—1,2-ethanediamine system
under similar conditions.

The somewhat different order of stability with
increasing ring size for the silver chelates with di-
amines probably is due, as suggested by Schwarzen-
bach,?t to the fact that silver 1on tends to form lin-
ear complexes, and, as a result, the ring siructure
becomes less strained as the ring becomes larger.
Although the value of log K, for 1,4-butancdiamine
is less than that for 1.3-propanediaming, this is an
enthalpy cffect, due to the greater basicity of the
latter, which completely offsets the more favorable
entropy change for the formation of the 7-membered
ring. In both cases a strained ring structure is in-
dicated by the negative values of AS. It should he
pointed out that Schwarzenbach, ef al.,*! found the
formation constant for the | 4-butanediamine—
silver chelate to be slightly larger than that for the
1,3-propanediamine cielate. Since the values re-
poried here are, in general, in agreement wizh
Schwarzenbach’s, the reason for this difference is
not readily apparent.

Comparison of the values for the chelation of sil-
ver with 1,3-diamino-2-propavol and with 1,3-

(30) C. R. Bertsely, B. P. Block and W. C. Ferneliua, Txis Jouarac,
62, 503 (1954).

{31) Ci. Sechwarzenbach, B. Maissen and H. Ackermann, flele. Chim.
Acta, 35, 2333 (1952); G. Schwarzenbach, fl. Ackermann, B, Meisseo
and (3. Anderegg, ibid., 35, 2337 (1952).

(32) G. Schwarzenbach, i6i1., 86, 23 (1953).
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propanediamine shows that the stronger chelation
with the latter 1s primanly an enthalpy effect.
This indicates that, if the hydroxy group is in-
volved in the bonding, the hydroxy to silver bond is
weaker than the water to silver bond which it re-
places. If the hydroxy group is not bonded to the
silver, then the presence of the hydrozy group on
the amine must affect the silver-to-nitrogen bond
strength.

Titrations were run in the presence .f silver ion
with both isomers of I1,2-cyelohexanediamine.
The formation curves did not follow the theoretical
curve for the case ¥ = 1, and the values that were
calculated for the constants were deperdent on the
data points used. It is probable that the forma-
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tion of a dimerized species, such as was reported
by Schwarzenbach for the silver ion-1,2-ethanedi-
amine system, is taking place. Such a reaction
would be expected because of the similarity of the
1,2-cyclic diamines and 1,2-ethancdiamine. The
formation curves were found to be identical for the
¢is and frans isomers, indicating that the actual
reaction is independent of the distance between the
donor atoms. This would be the case if the dimer
Ag Ayt were formed.

Acknowledgment.—This investigation was car-
riecd out in part under Contract N6-onr26913 with
the Office of Naval Research and in part under Con-
tract AT(30-1)-907 with the United States Atomic
Energy Commission.

APTARATUS EMPLOYING

CONDUCTIMETRIC ANALYSIS OF THE SOLUTIONS
By 3. J. Steiu ann R. H. STOKES

Contribntion Jrom the Chenistry Department of the University of New England, Arnidate, N.S.W., Australia
Received November 26, 1957

The design and operation of a Hittorf transference number apparatus are described.  The necessary bigh precision in the

analysis of the solutions is obtained by condustimetric analysis of the solulion n szfu.

The method is used to determine

trunsference numbers of potassium bromide ir. aqueous sucrose and glycerol solutions.

Introduction

In view of the difficulties encountered in the
application of the moving-boundary method for
determining transference numbers in non-aqueous
solvents,! we are attempting to develop the classical
Hittorf method for this purpose. While we have
not yet been able to obtain quite the precision of
the best moving-boundary work in acueous solu-
tions, the method described below has yielded
useful results in mixed solvents, and we are describ-
ing its development to the present stage in order
to permit the discussion of individual ion mobilities
in mixed solvents.

The present form of the apparatus s shown in
Fig. 1. The reversible clectrodes used for the
electrolysis are in the bulhs A and B which are
connected by I em. bore tubing and a wide-hore
stopeock T. Connected to the bulb B by a grad-
uated tube is & mixing bulb C of about 100-m!,
capacity, which is suflicient to hold the entire con-
tents of the rest of the apparatus. Another side-
arm carries a couductance cell. The dimensions
of the connecting-tubes are so chosea that the
solution readily can be poured into anc out of the
mixing bulb and the conductance cell. The interior
of the mixing bulb C and its calibrated stem is
coated with a silicone layer? to ensure complete
drainage—a most important point. The volume
contained by the electrode vessel B, the S-shaped
arm up as far as the stopcock, and the conductance
cell D, is determined by weighing with water filling
these parts and with the meniscus standing at a

(1) J. R, Geaham and A. R. Gordon, J. Am. Chem. Soc., 79, 2350
(19457).

(2) Silicone “Repeleote,” Hopkins and Williama, [Ltd.,
England,

Tlagia,

known position on the calibrated stem of bulb C.
the bulb C itself being full of air. This volume is
reproducible and measurable within 0.0) ml. and is
about 50 ml. in the present apparatus. The re-
versible electrodes are fitted through ground-glass
joints with Teflon sleeves. The stopcock T is
lapped to 4 very accurata fit so that only a trace
of grease at the key end is needed; thus in opera-
tion the solution scarcely makes contact with any
grease.

Buring the run the vessel 1s immersed in an oil-
bath controlled at 25 + 0.001° and is mounted
on a vibration-free support. The clectrolysis cur-
rent (of up to 6 mau.) is provided from dry hatteries
va a siuple electronic current-stabilizer, and is
measured by a precision potentiometer across 2
certified 100 ohin resistance in series with the
apparatus.  The stabilized current chaiges slowly
(by not more than a few tenths of 1¢7,) during the
electrolysis period of a few hours; it is measured
at frequent intervals and the number of coulombs
passed 1s obtained by a tabular integration. This
gives a precision of at least 0.019, in the quantity
of electricity passed, 7.e., better than could be ob-
tained by the use of a coulometer.

The procedure for a m2asurement is as follows,
taking as an example & determination of the trans-
ference number of potassium bromide in 209
aqueous sucrose: the cathode, a helix of heavy
silver wire, is coated eclectrolytically with silver
bromide, employing two to three times the number
of coulombs to be passed during therun.  The anode
Is a similar silver helix, Sut requires no bromide
coating. A 209, sucrose solution is prepared and
its specific conductance checked. The potassium
bromide solution 1s then :nade up in this solvent,
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and the apparatus, with one electrode in place,
is rinsed several times with solution and then
filled so that the level of the liquid is within the
range of the graduated portion of the connecting-
tube, the bulb C being full of air. The silicone
film on the inner surface of this bulb permits com-
plete drainage so that the volume (after thermostat-
ing to 25°) can be read within 0.01 ml. The other
electrode is inserted and the apparatus is set up in
the thermostaz.

The conductance is measured (on a Leeds and
Northrup bridge of Jones’ design) and the appa-
ratus is allowed to stand for some time; then the
entire contents are tipped into the mixing-bulb,
thoroughly mixed, and returned to the original
position. This process iz repeated until the con-
ductance is constant within one part in 50,000, in
order to ensure that adscrption changes are com-
plete. The electrodes are then connected to a
commutator-switch which is arranged to switch over
to the electrolysis from a dummy load on which the
constant-current device has been warmed up.
Electrolysis is carried on until a reasonably large
concentration change (say 109, of the initial con-
centration) has occurred in the electrode bulbs.
The current is switched off at a known time, the
stopcock T is closed, and tae contents of the cathode
compartment and conductance cell are mixed in the
bulb and poured back repeatedly until quite uni-
form. The volume is checked by reading the
Jevel in the graduated connecting tube; unless there
has been leakage or gassing at the electrodes it
should be unchanged.

The final cathode concentration is now obtained
from the conductance, and as a check on the re-
versibility of the electrolysis the tap T is opened,
the whole contents of the apparatus thoroughly
mixed, and thce conductance—which should be
identical with the original value—is again measured.

The data provided by such a run are related to
the transference number in a frame of reference
fixed in the apparatus by

(2 — )V = tiq/F 1)
where

¢; is the initial concn.

¢2 1s the final conen. in the cathode compartment

V is the vol. of the soln. in the cathode compartment (in-

cluding the conductance cell arm and the bent tube up to
the stopcock)

I* is the faraday

q is the quantity of electric:ty passced

{1+ 1s the transference no. of the potassium ion at conen. ¢
The conversion of this transference number into
the conventional Hittorf number (with freme of
reference fixed with respect to solvent) is made
in the usual way using the densities of the solutions.

Transference numbers of potassium bromide in
209, aqueous glycerol and sucrose solutions ob-
tained by this method are reported in Table I.

Accuracy of the Method.—Of the quantities
needed in equation 1, the volume V can be mecas-
ured with an accuracy o 0.01 ml. so that it con-
tributes an uncertainty of no more than one unit
in the fourth decimal place of the transierence
number. The quantity of electricity ¢ depends on
the current which can be measured with an ac-
curacy of 0.019; and the time, error in which does

A HirtorF TRANSFERENCE NUMBER APPARATUS
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Fig. 1.
ABLE I

Transrort NumBERS oF K© rroM Sovurions or KBr in
(1) 207, SUCROSE, (2) 209 GLYCEROL

Vol.

cathode

com-

part-

Concn., moles/!. ment, te ty
Initiala Final Coulombs®  ml. apparens  Hittorf
(1) 209, sucrose solutions
0.0148004 0.0162874 14.824 50.39 0.4877 0.4880
0249559 .0261471 11.995 50.67 .4855 .4860
0260062 .0283424 23.211 50.14 .4870 .4875
0322601 .0347958 25.239 50.31 4877 4884
.0324110 .0350899 26.594 50.13 . 4873 . 4879
0428552 .0454201 25.381 50.20 . 4895 .4903
0437363 .0457994 20.438 50.07 .4876  .4886
.0513194 10559803 54.742 59.30 . 4872 .4882
.0602548 0648356 53.700 59.21 4873 4886
(2) 209 glycerol solutions

0.0200419 0.0213756 15.509 59.09 0.4903 0.4907
.0309610 .0330224 20.311 49.99 .4895 .4901
. 0422582 .0446798 24.079 50.49  .4899  .4906
.0425143 .0444024 22.030 59.20 .4895 4902
0606821 .0537804 30.821 50.44 . 4893 .4902

e In cases where the conductivity obtained after remixing
the whole solution at the completion of the run did not agree
exactly with that obtained before the run, the ““initial”” con-
centration is obtained fron the final conductivity after this
remixing. ? Corrected for the solvent conductivity as
deseribed in text.

not exceed a second ir- a run of two hours or more;
thus uncertainty in ¢ will not contribute more than
one unit in the fourth decimal place. Iividently
then the important quantity for the accuracy of
the method 1s the concentration change (c; — ¢i).
The resistances measured in the conductance cell
are of the order of 10,000 ohms, and by calibrating
the bridge coils against an internal standard a pre-
cision of 0.1 ohm can be obtained in the resistance
readings. Since all resistance readings are taken
in the same cell, without problems of evaporation
and transfer arising, the accuracy of ¢ and c
relative to one another should be considerably
better than 0.019,. In a typical run, the dif-
ference (c; — ¢) is about 109, of ¢;, and this dif-
ference should therefore be determinable within at
worst 0.19, corresponding to about 5 in the fourth
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decimal place of the transference number. By
directly calibrating the conductance cell of the
apparatus with solutions of the salt being studied,
made up very exactly by weight-dilution of a com-
mon stock solution, ahout twice this precision might
reasonably be expected; this was in fact done for
the data quoted in Table I. It will be appreciated
that very precise temperature control at the time
of the conductance measurements is necessary to
give this preeision. In fact, the movement of the
mercury in the thermometer was less than 0.001°.
It is also necessary to employ an extremely sensi-
tive graph of the conductance versus concentration
relationship for the electrolyte studied. This is
plotted in the form (A + a +/¢) versus ¢, the con-
stant a being so chosen that (A +a \/¢) varies by
only a few tenths of an equivalent conductance
unit in the concentration rarge of interest. By a
rapidly-converging series of successive approxima-
tions using this graph the measured specific con-
ductances can be couverted to concentrations with
an accuracy better than 0.01%; the precision of
the two concentrations relative to each other is
even better, so that a concenrration change of 109,
can be obtained with an accuracy considerably
better than 0.19; of its value.

A real difficulty arises over the solvent correc-
tion, however. "This was relatively large, about
2 X 10~ %ohm~!ecm.~! for the solvents used; sub-
sequently to the measurements reported we have
found that a fivefold reduction in this figure can be
obtained by passing the solvent through a mixed-
bed ion-exchange resin, With this reduced figure
we expeet no difficulty in future measurements, but
the present ones do raise some interesting points.
If the impurity is a trace of salt it will probably
have little effect on the result, but if it is an acid
its anion and cation will migrate in considerably
different proportions to those of potassium bro-
mide, and will give an apparently high concentra-
tion to the cathode compartment. Such an error,
if present, will of course be most serious in dilute
solutions. We have adopted the following course
in dealing with the solvent correction: in determin-
ing the concentrations from the conductances, it
is subtracted from the measured conductance in
the usual way; and in calculating the number of
coulombs, a fraction equal to the ratio of the
solvent conductance to the solution conductance

B. J. Steer AN R, H, STokus
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is subtracted, on the grounds that this fraction of
the current is used in transporting something other
than potassium bromide. 1n a0.02 N solution with
a solvent conductance of 2 X 10~ this amounts to
reducing both ¢ and (c; — ¢,) by 0.1%, and thus has
a negligible effect. 1t is however far from clear
that this course is the corrcet one, and it will
clearly be better to reduca the solvent conductance
to the lower level which now seems practicable.

'T'he present form of the apparatus, being without
the “middle compartment” of the conventional
Hittorf apparatus, provides no direct cvidence that
convection and diffusion are not contributing to
the transport in the region of the stopcock. It
does not seem practicable to introduce such a
compartment and another conductance cell without
raising a number of manipulative problems: at
least two more stopcocks would be needed, and the
dimensions of the apparatus would become in-
convenient. Convective mixing is certainly absent
in the case of the potassium bromide solutions,
which have a high density increment per unit con-
centration; this is sufficiently cstablished by the
independence of the transference number on the
duration of the run {(in the range 1 to 5 hours).
[t possibly occurs howeve: in the case of potassium
chloride, with which salt appreciably more scatter
was found than could be explained by the estimated
errors of measurement. We have also made a
number of measurements with silver electrodes in
silver nitrate solution, both in water and in 20%,
glycerol. In water, the scetter was about £0.001 in
the transport number, but the averages agreed
well with the moving boundary results. In the
glycerol solution, the results again scatter by
about the same amount, but the results led to
individual ion mobilities in fair agreement with
those obtained from the potassium bromide data.
These ion mobilities, and the conductance data
from which they are derived, will be dealt with in
another paper. The scatter obtained in the silver
nitrate solutions possibly is connected with the
presence of dissolved oxygen; this point is being
examined further.

We plan to extend the tests of this method to
non-aqueous solvents in the near future, being
satisfied that it has distinct possibilities for such
work, although its inherent precision is somewhat
lower than that of the moving-boundary method.
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VAPOR PRESSURES AND MOLECULAR COMPOSITION OF VAPORS OF THE
SODIUM FLUORIDE-BERYLLIUM FLUORIDE SYSTEM!

By KarL A. Sense!® axD Ricaarp W. StoNgk

Battelle Memorial Institute, Columbus, Ohio
Hecetved December 3, 1957

A new study made on the vayor pressure of BeF, over the temperature interval 802 to 1025° showed good agreement with

previous data taken over the 802-968° range.

point to be about 545°.

Excessive scatter of the vapor pressure dati in the lower temperature region
prevented a melting point determination of BeF; by the transpiration method alone.
Vapor pressures of the NaF-BeF; system were measured over the range 509 to 10G1°.

Thermal analysis showed the melting
On the

basis of previously developed -heory, it was concluded that the complex NaBeI; exists in the vapor phase in addition to

NaF and BeF,.

Resolution of the vapor phase on this basis indicated that another complex might exist in the vapor phase.

A plot is presented showing the change of total pressure with composition for various temperutures.

Introduction

This work is a continuaszion of the physical prop-
erties of fused-salt systams which was started
with the investigation of the NaF-ZrF, system.?

Experimental

The meothod and apparatus used have been adequately
described previously.2-¢* The only change from previous
procedure was in improved oxygen removal from the argon
which wes used as a carrier gas. This was accomplished
by passing the argon over heated uranium chips after most
of the oxygen had been removed by heated copper turnings.

The fused-salt mixtures were supplied by the Mound
Laboratory at Miamisburg, Ohio, and the Oak Ridge Na-
tional Laboratory at Qak Ridge, Tennessee.

In most cases, the composition of the salt rmixtures
changed somewhat during the runs because of the preferen-
tial vaporization of the more volatile component. Correc-
tions were made for this effect, and the average compositions
are listed in the various plots with the proper curves.

Results and Discussion

The Vapor Pressure of BeF,—The vapor pres-
sure of Bel'; had been measured some time ago.’
Because the apparatus and techniques in measur-
ing vapor pressures have deen improved sinee pub-
lication of that paper, another set of measurements
was made. For temperatures greater than about
800°, relatively little difficulty was experienced in
obtaining reasonably consistent data (see Table I).
The results compare favorably with those given in
the previous paper.®  Figure 1 is a plot of the recent
measurements and the best curve® obtained, as well
as the best curve obtained for the previous set of
data. The new vapor pressure curve has a some-
what flatter slope, resulting in a heat of vaporiza-
tion value of

AH yaporization = 50.1 keal. /g. mole (1)

as compared with the old value of 50.9 kcal./g.
mole. At 1/T(°K.) = 7.8 X 1074, the new vapor
pressure curve yields a value about 10 per cent.
lower than the previous one, while at 1/T(°K.)
= 9.3 X 1074, it is only about 4 per cent. lower.
The revised vapor pressure equation which holds for
the temperature interval 802 to 1025° is

(1) Work perfo-med under AEKC Contract W-740)5-eng-92.

{la) Atoruics International, Canogs Park, Czlifornia.

{(2) K. A. Sensc, C. A. Alexander, R. . Bowman and R. B. lilbert,
Jr,, Trus Jouavar, §1, 337 (1957).

(3) K. A. Sense, M. J. Snyder and J. W. Clegg, ibid., 68, 223
{1954).

{14) K. A. Sense, M, J, Snyder end R. B. Filbert, Jr., thid., &8, 985
(1954).

{5) In the least-aquares treatment, the data were weighted, since
in some instances two or more analyses were made for a aingle run.

TasLE [
Varor PressuREs oF BeF,

Flow rate

of ¢arrier

Temp.. Pressure @ mm. zas, cm./
G- Ohsd. Caled. Deviation, 9% min.
1025 106 .2y 108 6 — 2.2 8.5
1010 88.9 8G.3 + 3.0 1.5
989.6 70.4a 63.1 +I11.6 9.0
974 .8 50.7h 49.8 +1.8 11.2
960.5 40.4bH 39.4 +2.4 10.0
945.9 31.6a 30.9 +2.4 14.9
932.0 24.4a 243 -~1.1 18.9
032.0 22.1b 24.3 -9.0 21.2
917.4 18.2b 18.8 —-3.1 19.9
917.4 18 4aq, 18.8 -2.1 20.9
900.7 13.86a 13.93 —0.5 23.3
889.7 11.25a 11.37 -1.1 23.6
889.1 10.85 11.17 -2.8 23.0
R77.6 8.59b 9.06 —5.2 20.2
863.0 6.94a 6.83 +16 20.9
850.3 5.48 5.32 +3.1 31.1
839.5 4.05a 4 28 -5.3 31.2
838.0 4.27b 4 15 +2.9 30.8
825 .4 3.47 3.20 +8.5 32 4
813.9 2.70 2.51 +7.4 40.1
802.2 2.05 1.95 +5.2 4]1.1

o g, pressure based upin average of two analyses; b,
pressure based upon average of three analyses.

10943
}ng (mm) = 10,466 — T—,Ti. (2)

extrapolated boiling point = 1170° {3)

Because of increasing scatter of the vapor-
pressure data below 800° the melting point of
BeF; could not be redetermined. Thermal anal-
ysis showed the melting point of Bel; to be about
545°. This is considerably lower than the melting
point derived from previous vapor pressure data,®
and is in agreement with the results obtained by
Roy, Roy and Osborn.®

Since the scatter of the vapor pressure data of
BeF; increaged for lower temperatures an attempt
wag made to obtain data at lower temperatures for
the 26 mole 9, NaF-74 mole 9, BeF, composition.
The results obtained over the 509 to 977° range
are given in Table IT.  'When these data are plotted,
some scatter is evident below 635°, although exces-
sive scatter starts only below 535°. A break in the
curve is not evidert above that temperature.
Why the data scatter for pure Bel; and not for

(8) D. M. Roy. R. Roy and E. F. Osborp, J. Am. Ceram Sae, 36,
185 (1953).
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Fig. |.—Vapor pressures of pure BeF,; over the range 802 to 1025°,

ment of data.

the Nal'-BelF, mixture has not been determined.
However, this behavior is believed to be related to
the differences in viscosity of the two liquids.
Below 800° Bel, becomes increasingly viscous
while the NaF-Bel’y melt remains quite fluid at
lower temperatures.

The Vapor Pressures of the NaF-BeF, System,
Molecular Composition of Vapor Phase.—Results
of vapor pressure runs for the NaF-Bel’, system
are given in Table II. A plot of the partial pres-
sures of Bel, 1s given in Fig. 2. The data are
presented on the basis that only Nal’ and Bel,
exist in the vapor phase. Figure 3 is a partial
pressure plot of Nal' and BeF; as a funection of
composition at 890°, assuming that only NaI and
Bel’, exist in the vapor phase. Dreviausly pre-
sented theory,? based on the Duhem-Margules

equation |
olnp _ 0 In p,
= (MOvQT)T - ( o 2:2_)1 )

discloses that the peak of a partia]l pressure curve
indicates the presence of a molecular complex in the
vapor phase, the composition of the complex being
given by the location of the peak of the partial
pressure curve. In Fig. 3 the peak of the p'n.p?

{7T) Partial pressures calculated on the basis thet caly NaF and
Bel’; exist in (he vapor phase will be denated by & prime {'); for a
svstern based on the existence of NaF, BeFsand NaBcF; in the vapgr
phase, the partial pressures will be given without any primes.

Solid curve is result of weighted least-square treat-

Dashed curve is result of previous atudy.

curve is located at 50 mole ¢, BeF,. Hence, the
complex is immediately determined as being
NaBeF;. Inaccordance with the procedure worked
out previously,? the partial pressures of NaF,
BeF; and NaBeF; were determined for 890° and
plotted in Iig. 4. TFrom this plot the composition
which melts at 890° is determined as being about
17 mole 95 BeF,. This is in slight disugreement,
with the phase diagram by Thilo and Schréder,?
which indicates that this is the melting point for a
15 mole Y, BeF, composition. Since the solid
phase is Nal', py.r remains constant over that
composition region. The dashed line above it
represents the vapor pressure of the superceoled
solution. Irom the shape of the paxur curve, it
appears that another pn.r peak must oceur in the
NaF-NaBel’y system. This peak would have to
oceur in the 31.5-30 mpe® region and according to
our theory would indicate the presence of an
additional vapor phase complex. The simplest
complex which could have its partial pressure peak
in that composition range is NusBel;.

Coustruction of partial pressure plots, similar to
that of Fig. 4 but at higher temperatures, indicates
that this pyar peak becomes less prominent as the

{8) k. Thilo and IL. Schrader, Z. physik. Chem., 197, 41 (1951).
{9) The plrase “‘mole per cent. BeF: composition' is abbreviated to
mpe.'’
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Temg., °C.

1061
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1034
1023
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896.
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1051
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Varor PresSSURE or THE NaF- BeF Sysrew 455
TazLe [I 867.1 0381 .0202 48 4
Varor PRessURE Data oF THE NaF-BeF, SysTeMm! 856.8 .0280 .0128 50.8
Flow rate of 836.0 L0188 o 48.0
Obid. prar; Obad:mars:  SEEDi: gus. 825.6 L0125 .00835 51.2
15.0 mole %} BBF; 31.5 mole % BeF,
1.082 0.43 40.1 1060 2.91 2.40 23.7
1.039 .23 40.2 1060 2.41 2.19 22.6
0.742 29 40.0 1043 1.64 2.09 25.4
-656 15 37.9 1043 1.67 1.99 25.7
-563 22 37.3 1026 1.72 1.50 31.1
499 16 41.6 1026 1.30 1.72 25.1
-485 13 35.7 1009 0.851 0.891 50.3
-345 .092 39.3 992.6 671 612 43.4
-353 14 39.3 992.5 739 654 48.2
314 14 51.4 979.0 539 497 49.7
-277 .082 49 .4 977.5 485 450 49.3
.29 .066 47.4 969.0 .459 .229 50.3
-189 .078 49.5 961.4 401 279 49.5
- 169 074 52.8 961.3 366 (159 49.7
-140 -040 50.1 946.1 .292 .228 48.7
128 .044 51.3 931.7 226 L0667 48.2
<130 -026 50.9 931.6 .224 190 53.8
.12 029 45.4 917.5 165 a7 51.0
-0906 029 50.4 916.9 .160 L0984 50.7
-0797 029 49.2 903.3 114 L0577 49.2
-0609 .018 51.6 903.3 115 0735 49.0
-0567 018 50.7 889 8 .0907 L0685 50.7
-0540 013 50.8 876.2 .0689 .0555 49.4
19.2 mole ¢ BeF, 876.2 .0698 L0117 43.7
1.189 0.472 44 .4 39.5 mole %, BeF,
égég ;g? 223 1026 2.52 3.56 21.0
.619 ‘205 47'1 1010 2.05 3.35 21.8
'459 .i52 51'7 994 .2 1.52 2.28 21.5
'345 .13(5 47.8 978.5 1.15 1.99 21.9
‘246 ‘0640 50.6 961.4 0.950 1.34 26.5
g ' ' 946.9 672 1.02 33.5
.208 0647 50.0 . 616 47 3
. 142 .0404 51.2 917"? -399 0.6 !
896.3 257 409 48.5
0071 L0278 §0.2 9.0
0824 0227 50 2 876.2 . 166 240 49.
0848 0168 49 8 855.4 113 .189 48.1
0830 .0148 49.6 50.0 mole 9% BeF,
0449 -0142 51.4 1012 3.35 16.0 19.5
24.5 mole 7, BeF, 996.8 2.73 14.1 16.3
0.915 0.453 475 987.0 2.70 13.6 14.2
736 467 49 9 083.2 220 12.3 15.4
636 372 47 9 975.6 1.82 8.53 44 .6
437 260 461 970.7 2.01 9.68 13.4
114 086 40 2 961 .4 1.61 8.85 15.4
2902 179 43.5 956 .6 1.23 6.57 29.8
247 47 3 932.0 0.952 5.71 24.2
.220 145 47 8 918.3 677 3.89 30.4
71 102 48 .7 916.1 727 3.71 18 9
J181 472 895.3 450 2.72 26.8
1323 4 49 3 877.9 312 1.90 34.1
1129 0755 48 9 854 .4 191 1.27 41.0
114 0550 49 6 833.5 .130 0.804 47.5
103 0438 51.3 815.1 L0779 0.548 50.0
0981 0527 18 8 796 & L0547 0.367 49 7
0747 -0356 47.2 (10) The original data have heen deposited aa Dacument numher
.0912 el 15.2 5401 with the ADI Auxiliary Publicationa Project. Photaduplication
0620 .0327 40 2 Service, Library aof Congress, Washington 25, D. C. A copy may be
0607 0280 51.0 secured by citing the Docurrent nm?)ber anc% by remitting $1.25 for
' photaprints, or $1.25 for 35 mm. microfilm in advance by check or
0486 0194 48.5 money order payable to: Cluef, Phatoduplication S8ervice, Library of
L0431 43.9 Congresa,

876.

bSO -
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Tasre I1 (Continued)
58.8 mole % BeF:
088.6 2.26 30.3 15.8
963.1 1.505 20.5 12.2
938.8 0.893 14.25 15.0
919.4 674 9.61 22.4
896,4 477 6.03 26.4
877.7 .292 4.71 31.1
856.8 198 3.07 33.3
840.3 .131 2.24 50.8
819.8 .0855 1.43 50.5
802.2 .0556 0.980 50.4
73.9 mole %, BeF,
976.9 1.36 48 5 13.7
956.0 0.851 37.2 13.9
937.0 .684 23.6 19.7
910.3 .372 15.0 21.9
800.2 248 10.1 22.3
871.0 .170 7.67 26.5
850.4 .108 4 .63 30.2
833.4 L0712 3.62 37.8
813.7 .0512 2.32 37.2
800.6 .0324 _.74 43.8
784.9 .0234 1.18 50.3
768.5 .0104 0.785 50.8
752.5 .00817 .482 50.6
736.8 00415 .357 50.6
726.7 00422 288 49 .4
717.9 .00602 .232 49.9
688.3 00158 110 50.0
670.2 00106 .0635 49.8
657.4 00167 .0483 490.4
635.F e .0196 51.0
6258 ... .0101 50.2
604.0 ..... .00801 50.1
895.¥  seme- .00526 50.4
57¢.3 ..... .00183 51.1
566.5  ..... ,00192 51.0
538.8 ..., .000794 50.2
54.5 ..., .000823 51.0
514.3  ..... .00132 50.4
509.2 ..., .000555 50.6
490.2 ..., < .000536 50.6
488.1 ..., < .000564 50.2
TazLe III

DEeRIVED VaPoR PRESSURE CONSTANTS FOR THE NaF-BeF;
SysTEM ON THE Basis Trar TeE Varor Puase 15 Com-~
POSED OF NaF, BeF; anp NaBeF,

B X 103

log p(mm.) = 4 — T, K.
Compn,
mgleeFl% i PNoF . ApNanelr-B P PHeFI 5
73.9 9.808 12.113 10.506 11.051
58.8 9.804 11.891 10.038 10.825
50.0 9.868 11.934 9.580 10.785
39.5 9.747 12.099 &.719 11.150
31.5 3.038 5.198 11.361 14.694 11.037 15.490
24.5 7.316 10.278 10.496 14.068
19.2 8.753 11.907 9.948 13.797
150 8.946 12.039 8.830 12.593

temperature is increased until it finally cisappears.
One could explain this behavior on the basis that
a complex such as NayBel is rather unstable and
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BeF; system at 890° on the basis that only NaF and Beffy
exist in vapor phase.

dissociates readily into NaF and NaBeF; as the
temperature is increased.

Though the existence of gaseous NasBeF, seems
quite possible, it seems that further work is indi-
cated to establish its p-esence unambiguously.
Perhaps either more data over a greater tempera-
ture range for 31.6 mpe. or data for compositions
between 31.5 and 39.5 mpc. might have been helpful
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Fig. 4.—Partial pressures at 890° on the basis that NaF,
BeF; and NaBeF; exist in the vapor phase.

in establishing definitely the existence of such a
vapor phase complex.

In the absence of firm evidence of the existence
of gaseous Na,BeFy, the vapor phase of the NaF-
BeF,; system was treated as consisting only of the
NaF, BeF, and NaBeF; molecular species. A tabu-
lation of all the derived constants of the partial
pressure equations for NaF, BeF,, and NaBeF;
is given in Table III.

Total Vapor Pressures of the NaF-BeF, Sys-
tem.—Figure 5 shows how the total pressure of the
NaF-BeF, system changes with composition for
various temperatures. Previously obtained vapor
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Fig. 5.—Total vapor pressures of the NaF-BeF, system
o?l the basis that NaF, BeF; and NaBeF; exist in the vapor
phase.

pressure data for pure NaF!! were used in the con-
struction of this plot. The phase diagram by
Thilo and Schréder® was used to determine the
compositions which mel: at the various tempera-
tures.
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Measurements of the thermal transpiration of krypton have been extended to low pressures.

The functional dependence

of pi/ps on paD has been verified, but Liang’s equation does not represent the data when D) < 75 p mm. A general em-
pirical correction to Liang’s equation, applicable to gases which obey the equation at higher pressures, is proposed for the

region ogp:D < 300 4 mm.

In recent years the thermal transpiration® of
gases has received considerable attention by work-
ers in the field of low pressure gas adsorption.?—*
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3 using pre = 3.84, Solid circles show present results;
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Fig. 2,—Deviation of the thermal transpiration ratio
R = p,/p. from Liang's equation. These curves may be
used for thc necessary correction of eq. 3 when #;p.D =
300  mm. Values of ¢, for several cominon gases are given
by Liang.®
small-bore tubing from the remainder of the system,
which includes the manometer. When the sample
chamber is maintained at a temperasure differing
from that in the rest of the gas enclosure, the equi-
librium pressure is lower in the cclder section.
While the deviation is negligible at high pressures,
it becomes appreciable when the mean free path
(A) of the gas approaches the diametzr (D) of the
connection. In the limit of very low pressures,
when A >> I3 the ratio of pressure in the colder
part of the system (p,) to that in the warmer part
(pe) is given by the Knudsen equation for thermal
transpiration?

(Pr/pho>p = (T/To)/r = By (1)
where T, and 7', are the lower and hizher absolute
temperatures, respectively. At intermediate pres-
sures, Liang®~® has assumed that, for a given gas,

/P2 can be expressed as a funetion of Ry and the
product p.D alone, 1.e.

A. J. RosExBERG aND C. 8 MarTeL, Jx.

Vol. 62

R=p/p: = f(pD, o) 2
Ile has also proposed a general empirical formula
for R, viz.
—— Ry e =y e 41 2)
et (Pp2d)? + Brete(pD) + 1

R =

where

afte = 2.52 X 107¢ p 2 mum. ?
8o = 7.68 X 1973(1 — Ry)p™' mm.™!

and ¢, is a coastant characteristic of the gas in
question (e.g., pre = 1, sgc = 3.84). KEquation 3
accurately describes existing data on thermal trans-
piration.®*® Suitable test data have been lacking,

however, in the region 0 < p,D < 100 ¢ mm.

Thermal traaspiration s conventionally meas-
ured by connecting separate manometers to the
ends of a U-tuthe made by joining two tubes of
large and small diameters, immersing the lower half
of the U-tube at the temperature of interest, admit-
ting various charges of gas to the system and making
simultaneous pressure readings.* The diameter of
the large tube is so chosen that, in the range of
pressures measured, thermal transpiration within it
is negligible, and the measured pressure difference
can be ascribed wholly tc the smaller tube. Even if
this condition ‘s not observed, however, the data
can be corrected by a simple mathematical proce-
dure based on e, 2.°

The thermal transpiration of krypton was re-
cently determined? with high preeision by utilizing
an apparatus of the kind just deseribed which was
equipped with thermistcr manometers. The aver-
age deviation of the measured values of B from the
values calculated from eq. 3, utilizing ¢x: = 3.84,
was less than 0 001 in the range 75 ¢ mm. < p.D <
1900 pmm. At p.D < 75 x mm., however, positive
deviations from eq. 3 were evident.

With the apparatus emnployed, precise determin-

ations of B were diffieult when p.D <« 50 x mm. The
present, paper deseribes results obtained by another
technique which confirms the applicability of eq. 2
for all values of .0, but reveals a pronounced de-
viation from eq. 3 as p.L» approaches zero.

Experimental

A length of tubing consisting of successive 7 cm. sections
of 10.1, 3.98, 2.10 and 0.904 mm. Pyrex tubing was used to
connect a 5-ec. sample chataber containing 50 mg. of TiOs
powder to a gas adsorption apparatus which has been de-
scribed elsewhere.? The total dead-space in the apparatus
was 11 ce. The sample chamber wuas immersed 1n liquid
nitrogen and suflicient krypton was added to give an equilib-
rium adsorption pressure of = 4 ux in the sample chamber.
The liquid nitrogen level was lowered successively to posi-
tions midway on each capillary section and the pressure in
the warm side of the system (p.) was determined with a
thermistor gage. The conditions were such that, when the
nitrogen level was changed, the maximum quantity of kryp-
ton adsorbed or desorbed (AN. = 40 p ce.) was very small
compared to the total quantity adsorbed (N, = 40,000 o
ce.). Since pr is approximately proportional to N, at the
low surface coverages involved (8 < 0.5), the variation in 7,
was negligible and the observed variation in p, was due only
to the changes in 22

When the nitrogen level was centered on the 10.1 mm.
tubing, p; was 5.00 = 0.02 u, hence, p.D was 50.5 p mm.
The validity of eq. 2 was assumed, permitting the use of
the data obtainec previously® to give R(p.D = 50.5 ¢ mm.)
= 0.740. Accordingly p; was 3.70 == 0.01 g, which, divided
by the values of p; observed at the smaller D, gave B at
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smaller p.D). By repeating the entire procedure with suc-
cessively smaller charges of krypton, a sufficient overlapping
of data was obtained to describe the entire range of R vs. p;D.

Results and Conclusion

The results are summarized in Fig. 1. The ap-
plicability of eq. 2—the basis of the experimental
procedure—is confirmed by the approach of R to
the Knudsen value, Ry, as p.D approaches zero.
Fquation 3, on the other hand, fails to describe the
results when 0 < p.D < 75 p mm.

The ratio of B to Ry, whare R is the real value of

L0LE OF CROSS-LINKAGES IN SOLUBILIZATION 0F INSOLUBLE COLLAGEN
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1/ pe, and Ry is the value caleulated from eq. 3 us-
ing ¢xr = 3.84, is plotted vs. ¢x:pD) in Fig. 2.
Since eq. 3 is general ? ~f it is not unreasonable to
conclude that the deviations from eq. 3 are also
general, depending likewise on the variable, ¢ p.D.
For a given value of ¢ p.1), therefore, the product of
the corresponding values of Ry, calculated from eq.
3, and R/Ry, obtained from Fig. 2, should give the
correct. value of the pressure ratio, pi/p., arising
from the thermal transpiration of simple gases in
tubing made of Pyrex glass.

THE ROLE OF CROSS-LINKAGES IN THE SOLUBILIZATION OF INSOLUBLE
COLLAGEN

By ArRTHUR VEI1s aNp JEROME COHEN

Research Division, Armour and Company, Chicago, Ilinois
Recedved December 6, 19567

To determine the relative contributions of interchain hydrogen bonds and covalent eross-linkages to the stability of col-
lagen, the solubilization process was compared with the thermal shrinkage in a varicty of solvents, some of which zompete

with internal protein hydrogen bonds (e.g., 2.0 M KCNS, 6.0 M urea).
occurred in two stages showing the existence of at least two species of molecules in the intact structure.
The thermodynamics of the activation step in solubilization were
In water, at Texcncrion < Tghrinkope, AFs0F = 27.7 keal,, AHy+ = 425 keal., ASu¥ = 456

by coacervation-fractionation of the soluble gelatins.
determined by rate studies.

eu,; at Tg > Ts, AFy¥F = 275, AHy* = 5.9, ASp+ = —63. 1 ;
—59.2. Since ASe+ = 4361 c.u. and Al * 141 for shrinkage, it is

= —38.9 while ﬁp'mz.: = 270, QH;U:F = 67’ QS?DJ-' =

evident that imbibition of solvent rather than thermal shrinkage is essential for extraction.

The solubilization process in all solvents clearly
This was confirmed

In 2.0 M KCNS AFg+ = 25.9, AHu¥ = 133, ASu =
The dizcontinuity in AS =

oceurred when the molecular spectes being extracted was changed rather than at T as would have been expected if H-honds

were the primary causc of the insolubility of eollagen.

Introduction

The native fibrous proteins are particularly inter-
esting polymeric systems sinee, in contrast to the
synthetic cross-linked random-chain high polymers,
any interchain cross-linkages which are present are
“superimposec on, or in, a previously ordered sys-
tem.”! By studying the disaggregation process,
and characterizing the molecular species involved,
one may approach the question of the nature and
distribution of the cross-linkages and the influence
of these linkages on solubility, thermal stability and
biological properties. Collagen fibers are especially
snited to such an investigation since it is well recog-
nized that their stability ‘s a function of the fiher
source.? Consequently, a number of different ini-
tial cross-linkage distributions or structures must be
available for study. Further, it is our belief that a
knowledge of these distributions lies at the very
heart of the understanding of the eollagen -gelatin
transition as well as of a variely of problems con-
cerned with the aging of connective tissue.

Om the basis of our recent investigations®* of the
collagen—gelatin transition, we may tenta'ively
write the following steps as being erucial in the solu-
bilization process {(but nct necessarily in this or-
der): (a) irreversible melting of the polypeptide
helical coil, (b} irreversib e severance of interpep-
tide chain bonds and (e) irreversible hydrolysis of

(1) P.J. Mary, J. Arm. Chem. Snc., T8, 5222 (1956),

(2) K. H. Gustavaon, “‘Chemistry and Reactivity af Collagen,"
Acedemte Press., Tne.. New York, N. Y., 10566, pp. 202-243.

{3) A.Veisand J. Cohen, J. Am. Them. Soc.. 78, 238 (1954,

(4) A. Veig, .I. Anesey and J. Co.ien, "Recent Adv. in Gelatine and
Glue Research,” 1957,

The origin and distribution of the cross-linkages is discussed.

peptide linkages, The interchain stabilizing forces
have been aseribed to salt links,? interchain hydro-
gen bonds,® covalent cross-linkages® and small
amounis of cementing mucopolysaccharides.® In
view of the fact that acid-swelling and high salt
concentrations do not necessarily disrupt the colla-
gen structure, and since thermal shrinkage does not
involve salt-links,®” we prefer to disregard these
links in our subsequent considerations. We shall
also assume, with peraaps less justification, that
collagen-mucopolysaccharide interactions are un-
likely to be of importance in the systems vie have
studied.b*

I remains, then, to Jifferentiate between the ef-
fects of hydrogen-bond and interchain-covalent-
bond rupture on the solubility of eollagen and on the
resulting molecular speries distributions. We have,
therefore, examined the solubilization of native
steer hide collagen in water, H-bond compecting
solvents, and in 1-1 salt of equivalentionic strength.

Procedure

A. Experimental.—S8mall cubes of native steer hide
collagen (N = 18.49, ash <0.01%,) were prepared as do-

(5) Ser ¥, Wasserman and A. Lindenbanm, J. Biophya. Rinche:n.
Cytology Supp., 4, 298 (19506}, for a hrief summary of evidenec on this
point.

(f) C. W. Weir and J. Carter, J. Research Natl. Bur. Standardy, 44
509 (1950).

(7) K. H. Gustavson, Rivcrem. J.. 311, 347 (1942); Acta Chen.
Scand., 1, 581 (1647): J. Am. Leather Chem. Assn., 41, 47 [1946).

(8) Dr. Martin Matbews kindly analyzed a sample of our callagen
preparation for polysaccharide and reparted that only a trace of
hexosamine was present.

(9) F. O. Schmitt, J. Gross and J. A, Highberger, Ezp. Call Re-
aearch. 3, Supp. 326 (1955).
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Fig. 1.—The solubilization of collagen as a function of
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scribed previously.® For an extraction, 10 g. of the collagen
was equilibrated with 100 ec. of a 2.0 M KCNS solution,
2.0 M NaCl solution or distilled water at room temperature.
Extractions were also made in 6.0 M urea, dimethyliorm-
amide and 90% phenol. The mixture waa deaerated,
placed in a constant-temperature-bath at the desired tem-
perature, and stirred for one hour. At the end of this
period, the mixture was immediately poured through a
coarse sintered glass filter. Both filtrate and residue were
cooled, dialyzed at 5 to 10° against distilled water nntil free
of salt, then lyophilized. The dry protein was weighed and
the results, based on the weight of the soluble portion, were
recorded in terms of the fraction solubilized, §. As befores
we assumed that all weight losses ocenr in the insoluble por-
tion. Total recnvery averaged 959, The resulis are given

ARTHUR VEIS AND JEROME COHEN

Vol. 62

in Fig. 1. The data obtained for urea, dimethylformamide
and 90% phenol are all intermediate between the thiocya-
nate and water curves. The direct ionic strength effect ia
small {see NaCl points, [®], in Fig. 1}; thus the increase in
solubilization in KCNS is due to other properties. These
data cannot be particularly well correlated with the instan-
taneous contraction temperatures, Table I. The contrac-
tion temperatures were determined by observations of single
fibers in sealed glass capillary tubes heated in an aluminum
block on a microscope hot stage .

Tasce 1

INSTANTANEOUS SHRINKAGE TEMPERATURES OF COLLAGEN
PREPARATION IN EXTRACTION SOLVENT SYSTEMS

Solvent T's range, °
Water 55.8-60.6
2.0 M NaCl 52.3-55.6
2.0 M KCNS 39.8-43.2
6.0 M Urea 26.5 42.8

A portion of each thiocyanate and each water extract was
fractionated by an ethanol-NaCl coacervation technique,
the details of which have been described elsewhere.? Six
fractions were obtained. The fractionation-distribution
data, characteristic of the mclecular weight or molecular-
configuration distributions, are shown in Fig. 2.

B. Treatment of the Data.—The fraction of protein
solubilized in one hour, S, is a rate term and our earlier solu-
bilization rate studies indicate that this is very close to the
initial rate.l Further, since the initial rate of solubiliza~
tion, in terms of S, is independent of the amount of insoluble
protein present, & is proportional to the rate constant, %,
if we include in % all of the solvent effects. One can, there-
fore, use the transition state theory and calculate the free
energies, enthalpies and entrogies of activation according to
equation 1.

X

%S = E'hT_' e~AFE/RT = _;f ¢"SHE/RT e*+aS+/R (1)

Thus, if the statement that S is proportional to the specific
rate is valid, a plot of In §/7 vs. 1/7 should be a straight
line. Such plots of both the 2.0 M KCNS and 0O extrac-
tion data, Fig. 3, show two linear portions, which is not sur-
prising in view of the two stages evident in the plots of § vs.
T, Fig. 1. Values of AF# calculated from equation 1 of
AH# from the slopes of the lines of Fig. 3, and of AS# from

AF+ = AH ~TAS* (2)
are given in Table 1.

TasLe II

THERMODYNAMICS OF THE ACTIVATION STEP IN THE SOLU-
BILIZATION oF INTACT COLLAGEN

Water extraction 2.0 M KCNS extraction

Te, AFr3, AHt+, ASr#, APr$, ABHT, ASr =,
°C. keal. cal. e.u. keal. keal. e
35 25.4
40 25.6
50 27.7 42.5 45.6 259 13.3 -38.9
55 27.6 =
60 27.3
- 26.3
70 27.5 5.9 —62.9 27.0 6.7 -59.2
28.1 27.6

Interpretation and Discussion

1. Are hydrogen bonds primarily responsible
for the insolubility of collagen?

The experiments which have been deseribed were
designed speeifically to contrast the situations:

(10) R. Norasky and (3, C. Notting, J. Am. Leather Clem. Assn,, 44,
E30 (1949).
(11) A, Veis and J. Coben, J. Am. Chem. Soc., 77, 2364 (1055).
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Case A.—Intact, organized structure + solvent- - ---l

Soluble, disorganized

and fragments solvated

Case B.—Intact, disorganized structure, solvated- -——T

the terms “‘organized”” and “‘disorganized’’ referring
to the presence or absence of both inter- and intra-
chain H-bonds. It was presumed that an extrac-
tion of native collagen in water at a temperature be-
low the contraction temperature, Ts, would be
equivalent to case A, while case B would be exem-
plified by extraction either in water or in 2.0 M
KCNS at 7' > Ts. It also was presumed that a
case B extraction particularly in 2.0 M KCNS
would be characterized by a positive AS¥ somewhat
smaller than the entropy of denaturation of globular
proteins, while AS¥ for case A would be a larger
positive term.

The plots of AF+ vs. T' (dashed lines in Fig. 4)
show that there are in fact two solubilization
processes, differing in temperature dependence, for
the two types of experimental situations described
above. However the entropy values, also shown, are
of particularinterest for threereasons. First, thereis
adistinct discontinuity in AS ¥ (and AH ¥) in the 2.0
M KCNS; second, AS¥ for each case B extraction
1s a ratber large negative quantity; while finally,
there doss not appear to be any obvious connection
between the discontinuities in AS¥ and the T's
ranges.

Even though the solid collagen fibers are hy-
drated and the internal H-bonds are severed in 2.0
M KCNS, it is obvious that an increased immobili-
zation o2 solvent must account for the negative en-
tropies of solubilization. This solvent immobiliza-
tion could be achieved if the solubilized molecules
are random coils, partially stiffened coils, or very
swollen networks of chains held together by a few
widely separated cross-linkages. The value of +45
e.u. for the solubilization in H,O at T £ 65° must
then include a large positive contribution related to
the discrdering of the native fiber. Weir® found
ASg* for the thermal shrinkage of tendon collagen
to be +361 e.u. The difference, —316 e.u./mole,
may relate to the hydration accompanying the solu-
bilization, indicating that the accumulation of sol-
vent in thestructure is an essential part, of the activa-
tion sten in the solubilization process. Some such
step must be added to the three given in the intro-
duction.

On this basis the discrepancy between the T'g
range and the AS ¥ discontinuity is easier to ration-
alize. Shrinkage, thermal or mediated by H-bond
competing molecules or ions, must be a co6perative
phenomenon in which an entire segment of the fiber
changes configuration while retaining the relative
lateral peptide chain alignments. Solubilization on
the other hand requires high hydration and chain or
chain-segment separation. Thus, while shrinkage
makes hydration easier, it is not the key process in
solubilization. It becomes clear that some forces
other than H-bonds must interlock the collagen
fiber structure.

2. Do discrete cross-linkage distributions exist?

R0LE 0F CROSS-LINKAGES IN SOLUBILIZATION OF INSOLUBLE COLLAGEN
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Fig. 4—Change in free energy and entropy of activation
as a function of extraction temperature. Solid lines refer
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KCNS. The notations A and B refer to the situations
described in the interpretation section.

In our study of the solubilization process as a
function of the order in which extraction conditions
were changed,® we showed that fragments of differ-
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IFig. 5.— Distribution of coacervate fractions as a function
of total amount of ecollagen solnbilized in 2.0 M KCNS:
O, fraction 11; e, fraction II1.
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ent molecular weight coulc be solubilized selee-
tively, the heav.cst particles being obtained under
the more drastic econditiors. The iractionation
data illustrated in Fig. 2 show that we have again
achieved this selective type of extraction but in
cven a more clecr-cut fashion. When the data for
extraction in 2.0 37 KCNS are replottec as in Fig. 5,
relating the amount of the total protein in a given
fraction to the total quantity of proten dissoived,
two points are secn, Iirst. the discontinuity in
AS¥ coincides w:th the sharply increased solubiliza-
tion of higher-molecular-weight structure frag-
ments. Sccond, the amount of more readily ex-
tracted smaller molecules increases up to the point
of the AS# diseontinuity, then remains constant.
(A comparison of these data with Fig. 2 of reference
3 shows that peptide-bond hydrolyss does not
play any significant role in the solubilization of col-
lagen in KCNs under these conditiens.)  From
these observations we are led to the conelusion that
collagen “‘molecules” of different size exist in the in-
tact structure.  Siree H-bonds do not appear to be
primarily responsible for the insolubil:ty of these
molecules it is likely that these species are eharne-
terized by being integrated into the eollagen fiber
structure with different ¢ross-linkages or different
cross-linkage densities.

3'? Is there a unique protofibrillar unit in colla-
aen?

Current theories of the biogenesis of collagen
fibrils or fibrogenesis ¢n vitro aussume that proto-
fibrillar elements of charactaristic structure, sta-
bilized by intramolecular hydrogen bends, aggre-
gate Into the mcre gross fAbrillar forms or are in-
corporated into the existing fiber structure in 4 high
degree of order.’? The over-all strucsure of the
fibers, as revealed by X-ray diffraction and elec-
tron-microscopic investigations, is remarkably sim-
ilar for collagers from different sources. Yet,

(12) D. 8. Jarkson, Riochem. J., 66, 277 (1857).
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Eastoe has shown!¥ that collagens and gelatins
from diiferent sources do have detectably different
amino acid compositions and, if the composition is
widely enough at variance from the average mam-
malian collagen values, structure differences are ob-
served (c.g., Singleton points out that earthworm
cuticle, o very abnormal collagen in terms of amino
acid content, has a typical X-ray diffraction pat-
tern but does not show banded fibers in the clec-
tron microscope!). RBurton, et al.," have con-
cluded, without complete proof, that partial solubil-
ization of collagen lcads to products of varying
amino acid contents. I‘urther, Boedtker and Doty
have concluded that a proiofibrillar element, tropo-
collagen, is composed of three peptide chains of
unequal weight, and Cowan, McGavin and North'
have indicated that if the basic collagen strue-
ture is a three-chain unit, the chains cannot have
the sume amino acid composition.

On considering this varied information, one is led
to conclude that there s no sigle, homogeneous
protofibrillar element. Apparently, within certain
broad limits, considerable variation in amino acid
composition does not alier the orgamzation of the
collagen helix. Thus polypeptide stranas of slightly
different. chemical —omposition may be readily
accommodated within a ziven tissue. Such compo-
sitional variations al_.ow for variations in the exfent
of interaction between chains and provide the op-
portunity for the formatiom of varying distributions
of interchain cross .inkages. One 1s tempted to
speculate that the neutral-salt-soluble collagen de-
scribed by Jackson'® and Slack!® as the precursor of
Insoluble collagen may be a slightly heterogeneous
nmixture of single peptide chains.

Conclusions

1. The entropy of activation for the solubiliza-
tion, AS¥, of the native, intact structure (45.6
e.u.) x mueh smaller than the AS¥* for thermal
shrinkage (361 e.u.), while AS¥ for the solubiliza-
tion of the disorganized strueture is a large nega-
tive nomber, —62.9 c.u.  Thus, the imbibition of
solvent is very impertant in the activation step.
2. There is no diree: relationship between T's and
the rite of solubilization, though in solvents for
whiclh 7'g 15 lowered the rue of solubilization is in-
ercased, even at 7' < Py 3. Units of varying
solubilty exist in what is normally termed “insolu-
ble collagen.” 4. Cn the basis of these data, in-
terchain linkages otl er than hydrogen bonds are
primunly respongible for the insolubility of colla-
gen: different distributions of these eross-linkages
oceur; and these different distributions probably
arise from the fact that the pepiide chains in colla-
gen are not identical in amino acid composition (or
sequence).

(13) I. I&. Bastor, tbid., 65, 313 '1057).

{14) L. Singleton, Bisckem. e Biaphys. Acta, 24, 67 (19571,

(15) D. Burton, D. A, Hal_, M. K. Keech, R, Reed, H. Saxl, R. F.
Tunhridge nnd M. J. Waod, Natwe, 176, 966 (1955).

(16) H. Boedtiker and P. DNaty, J. Am, Chem. Soc., 78, 4267 (1956).

(17) . M. Cowan, 8. McQGavin and A. C. ‘1. North, Nature, 176,
1062 {(1955).

(18) H. ;. B. Slack, Biockem. J., 68, 459 (1957).
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THE VAPOR PRESSURES OF BiCl; OVER LIQUID Bi-BiCl; SOLUTIONS!
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A study of the pressure of BiCly vapor in equilibrium with Bi-BiCl, liquid mixtures was made by the transpiration method.
The study covered the range of temperature of 230 to 410° and of composition from pure BiCl: to about 0.4 in Bi mole

fraction.

The vapor was found to be essentially BiCl, over the entire range studied.
the vapor pressures reflected positive deviations from Raoult's law for the solution.

Activities ol Bi(l; calculated from
The relative partial molal enthalpies

and entropies of BiCl; in the Bi-BiCl; solutions were slightly positive for low coneentraticns of Bi and somewhat negative

for higher Bi conzentrations.

Introduction

The solution of metals in their molien salts is a
facet of high temperature chemistry that is still
inadequately understood. Tecent studies have
shown the limits of miscibility in o number of
metal metal halide systems.* In order to probe
more deeply into the nature of these intriguing
systems, we have undertaken in this Laboratory a
study of the thermodynamics of these solutions.
The present paper is a report, of our first results.

The Bi-BiCl; system is particularly interesting
among those systems that show metal salt solubil-
tty. Below a certain temperature a2 compound is
known to precipitate from compositions which ex-
hibit liquid immiscibility at higher temperatures.?
We chose this system to study in the hope of ex-
plaining this behavior and also because the low
melting poinis of the phases in the system and the
high vapor pressure of BiCl; allowed the materials
easily to be handled in Pyrex glass.

The vapor pressure of BiCly provided a conven-
iently measurable property from which thermody-
namic information could be derived. From the
change of the partial pressure of BiCl; with tem-
perature and composttion the partial molal ther-
modynamice functions for B3iCl; in the solution can
be obtained.  That was the approach employed for
this study as reported below.

Experimental

Method .- After sume unsuccessful attempts to use other
techniques Lo measure the vapor pressure of Bl above its
meit, we found that we could obtain satistactory results
with the transpiration (or transportation) method. Tn this
mocodure inert gas is passed over the condensed phase
slowly enough to he satarated, the saturated gis then heing
subjected ta analysis. Kubaschewski and Tvanst discuss
the method ond Scnse and co-worlers® have recently applied
it. to some fused salt systems.

Qur adaptation of the trangpiration method is deseribed
as lollows. The system was made of Pyrex glass, which

(1) This work was made poszible by the Gnancial support of the
Reacateh Division of the United States Atonue Tnergy Commission.

(2) (a) M. A. Bredie, J. W. Johnson and W. T. Smith, .Jr,, J. Am.
Chem. Sac., T7, 307 (1955); (b) M. A. DBredig, H. R. Bronstein and
W. T. Smith, Jr., ibid., T7, 1454 (1955): (e) D. Cubicciotti and C. D.
Thurmond, ibid.. T1, 2149 (1949); (d) D, Cubicciotti, ib4d., 71, 4118
{1949): (e) J. . Corbett and 8. von Winbush, <bid.. T7, 3964 (1955).

(3) (a) B. Eggink, 7, physik. Chem., 64, 448 (1908); (b) T.. Marino
and X. Beearclli. Atii accad. nazl. Lincei, 24, 625 (1015); 26, 221
[1916); 28, 326 (1916); () M. A, Sokolova. G. G. Urazav and V. G.
Kuznetsov, Akad. Nouk, S.8.8.R., Inst. Gen. Jnorg. Chem., 1, 102
(1951).

(1) 0. Kulaschewski and F. I.I. Evans, “Metallurgical Therma-
chemistry,” 2nd ed., John Wiley and Sons, Ine,, New York, N. Y.,
1956, p. 151 .

{3) (a) K. A. Senxe, M, I, Snyrer and J, W, Cleag, Tris Jornnar,
68, 223 (1951); b) K. A. 8ensze, M. J. Enyder and R. B. Filbert, Jr,,
1bid., B8, 995 (1854).

had been found to be unattacked by molten Bi-BiCly mix-
tures. During operation pure, dry nitrogen, metered by a
needle valve and flowineter, was passed through a preheat-
ing spiral, bubbled through the liquid sample and out through
a standard ball joint and a BiCl; receiver into an N, coi-
lector. Theevitline wag wrapped with heater wire and a layer
of asbestos and maintained a few degrees (10-15°) above the
temperature of the furnace so that no condensation of vapor
could occur before the ball joint. At the end of a run the
volume of N; was measurcd, the exit line flushed with Ny,
and the receiver disconnccted, cooled and weighed. TFrom
the weight of material condensed in the BiCl; receiver, the
amount of gas collected, and the pressure in cell {measured
by an oil manometer), a vapor pressure was calculated on
the assumption that in the vapor the bismuth chloride had
a molecular weight of 315.

Bismuth chlioride was purified and introduced into the
cell by double distiilation in a stream of dry N,. This pro-
cedure purificd the salt of the involatile BiOCI and the vola-
tile TO, which arc the important impuritics in the reagent
grade material. After a series of transpiration determina-
tions on pure BiCly, the composition was changed by addi-
tion of Bi through a large stopcock, with a stream of dry
nitrogen passing through the cell, and a new set of deter-
minations was made. After several Bi additions the serics of
runs was terminated and the cell removed from the furnace.
The final weight of the material in the cell together with a
mass halance of Bi added and BiCl; removed in the indi-
vidual determinations allowed the caleulation of the compo-
sition of the sample for cach pressure determination. &
sample of about 80 g. of Bi(’ly was used for each serics of
determinations.

Furnace.—The furnace shell was a stainless steel kettle
{15 in. high X 1§ in. diam.). TInside the shell was about 27’
of fire brick insulation ard 2 sct of Hevi-duty healing ele-
ments on all walls (sides, top and bottom), the heating cle-
ments exposed to the air space of the furnace. A window
consisting of a double layer of Pyrex glass separated by a |
in. air gap was huilt into the lid of the furnace. This window
was very useful in allowing us to analyze the operation of the
apparatus while the system was at temperature. A coil of
auxiliary heater wire was pliaced near the top of the cell to
keep it about 3-6° warmer than the bottom. This wis
necessary so thut the liqu.d sample in the bottom of the ecll
was the coolest part of the cell and thus determined the vapor
pressure of the BiCl;.

The temperature of the fumace was coutrolled by a
chromel-alume] thermocouple and a Brown proportioning
contraller g0 arranged that Tull scale corresponded to 1:0°
(i.e., the zero of the instrument was adjustable in 123°
steps).  The temperature of the liquid was measured with a
Pt-10¢; Rh thermocoupls which had been calibrated at the
melting points of Burean of Standards samples of Ph, Sn
and Zo. Tt read about one degree higher than tabulated
values at those three temperatures and corrections for inter-
mediate temperatures were interpolated. The junction of
this thermocouple was placed inside the 3-mm. (0.d.) ther-
mocouple well so that it was centered in the volume of the
liquid. Tt was felt that the temperature of the liquid was
uniform beeause starting and stopping stirring of the liquid
by the bubbling N. stream did not change the temperature
reading hy so much as 0.1°. .

Collection System. The N, collecting and measuring
system consisted of a gradunated cylinder {or 100-ml. buret
for small volumes) inverted in a heaker and illed with water.
The N, bubbled in throvgh a medicine dropper tube at the
mouth of the graduated eylinder, and the water displaced
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dripped over the lip of the beaker. In this way the pressure
in the cell was maiatained constant at a few cm. of oil above
atmospheric throuzhout a determinatiot.

The temperaturz of the gas was measured by an Hg in
glass thermometer inverted in the graduated cylinder so that
the bulb was exposed to the gas. The pressure of the col-
lccted gas was talien as the ambient atmospheric pressure
minus a correction for water head and water vapor pressure.
The graduated cylinders were calibrated by weighing with
water filled to wvarious levels. The volumes measured
ranged from 50 to 4000 m!. By suitable use of an assort-
ment of graduated cylinders the accuracy of the volume
measurement was sbout £0.59,.

The condensable gas (essentially BiCly) was collected in
the receiver which was simply a glass bulb with one side
arm terminating in 4 standard ball joint and snother leading
to the gas collector. At the end of a determination the
bulb wus disconnected from the system, both ends capped,
the bulb allowed tc cool to room temperature, and weighed.
Then the condensate was washed out of the bulb with con-
centrated HCI, th2 bulb dried and reweighed. Since the
reweighing of the bulb usually was done at s different am-
bient temperature from the first weighing, it wus necessary
to apply a buoyancy correction to those weights. The
apparent weight of the 25-g. bulbs changed by about 0.06
mg. per °C. This correction amounted to as much as a per
cent. of the 0.1 to 0.15 g. of sample collceted.-

Diffusion Error.—QOne of the errors inherent in a trans-
piration experiment is the so-called diffusion error which
arises from the diffusion of the condensable vapor into the
collector in addition to that carried by the inert gas stream.
The importance of *hat factor was evaluated for our system
by determining the amount of material collected when no
N; was flowing.

The results of the diffusion error studies are given in
Table I. The last column of that table gives the per cent.
of the amount of material collected due to diffusion in a
typical experiment.

TanLe 1
Dirrusion Error Stunins
Time of Amaount O of
Temp. dilfusinn collected av. run due
(°C.) {min.) (ing.) to diffusian
300 120 0.1 0.1
300 260 0.3
360 130 1.5 0.3
360 240 2.1
400 60 5.0 0.3

Effect of Flow Rate.—In a transpiration experiment one
expects the apparert pressure of the transported material
to increase as the flow rate is decreased (see Kubaschewski
and Evans® for discussion); and so in practize one either
extrapolates the apparent pressure to zero flow, or il the
pressure appears indzpendent of flow rate, he takes the con-
stant value. Tn our systemn we found that ovar a range of
flow rates the ealculated pressure was independent of flow
rate. For the smallest flow rates examined there was a re-
peated tendency to obtain low valucs of the pressure. No
detailed investigation of this effect was mude. Results of
flows in the range giving constant pressures were considered
to give reliable pressure values.

Materials.—The 3iCl; was J. T. Baker Analyzed Re-
agent Grade material. It was quoted to contain less than
0.1% impurity. This material was purificd of BiOCI ang
11,0 by double distillation in a stream of dry N,, as men-
tioned above. Analysis for Cl of a douhly distilled sample
gave 33.74%, Cl as compared with 33.739, as theoretical.

The Bi was ‘‘spectroscopically standardized' metal
obtained from Johnson, Matthey and Co. Their spectro-
scopic analysis indicated a total of about 15 p.p.m. assorted
metal impurities. Qur experience showed that the first
pressure determination made on the sample after the addi-
tion of a piece of Bi gave high results. That effect indi-
cated a volatile impurity (or an impurity forming a volatile
material when mixec with BiCly) corresponding to 0.2 to
0.3% of the Bi added. For that reason the resnlts of the
first determination sfter a Bi addition were always dis-
carded.

The N, was Stuart Oxygen Co. high purity Ns. It was
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dried before admission into the system by passing it through
a U-tube containing dry silica gel, maintained at Dry Ice-
acctone temperature. A rough calculation indicates that
such treatment should reduce the H:O vapor pressure to
about 107 mm. The only experimental evaluation of the
dryness of the gas was the fact that in one series of deter-
minations 12 liters of ges was bubbled through a sample of
BiC);, with no precipitation of BiQOCI.

Analysis of Transported Vapor.—In order to calculate a
pressure from the amour.t of material transported by a given
amount of N it is necessary to know the average molecular
weight of the vapor. Because the vapor pressures calcu-
lated for pure BiCl; using 315 lor the molecular weight agrecd
with literature vapor pressures measured by manometric
methods, it was assumed that the vapor over liquid BiCl, is
monoreric BiCls.

The vapor in equilibrium with Bi and BiCl; mixtures must
contain some speeies richer in Bi than BiCl, becs:use Bi can
be transported through the vapor by BiCl;. This has been
observed by us as follows. The liquid condensing from the
vapor on a cool spot in a closed evacuated bulb containing a
liquid Bi 4+ BiCl, mixture is dark colored and exhibits a Bi:
Cl ratio greater than 1:3 on analysis. Corbett® has re-
ported a similar transport of Bi by the vapor of BiCls.

Thus to determine thz average molecular weight of the
vapor we analyzed the material transported into our re-
ceivers. Two analvtical methods were used. In one series
of determinations the per cent. chloride in the transported
material was determined by gravimetric analysis as AgCl.
The precision of our analyses was poor because at the time
we were not aware of the la-ge effect of buovancy on the
sample weights. The results of the chloride determinations
fell in the range 33.5 to 33.9% Cl (theoretical for BiCl, =
33.73%) for a whole series of vapor pressure determinations
in which the Bi mole fraztion reached 0.35. There was no
detectable trend of per cent. chloride with Bi coneentration
in the liquid.

The second method of analysis determined the reducing
power of the transported material. In this method the
material was dissolved in a solution 0.3 3 in HCl and 0.1 M
in FeCl;, and the solution titrated with 0.005 N Cey(SOq)
using Ferroin indicator. This method was tested in two
ways. In one, weighed samples of powdered Bi metal were
subjected to the proeedurc. The titers of several samples
were found to be no more than 2%, below that calculated
from the Bi weights. In the other test a few milligrams of
Bi were melted with about 3 g. of BiCl;, the melt cocled and
subjected to the procedure. The resultant titer was 5%
losver than that caleulated from the weight of Bi. It was
concluded from these tests that the method would reflect the
amount of Biin the samplz with sufficicnt accuracy.

This analytical method was used in a second series of pres-
sure determinations. In all the samples collected from Bi +
RiCl; mixtures with Bi mole “raction 0.16 or less the titer
was the same as the blank (absut 0.1 ml. of 0.005 N Ce*4).
The samples from mixtures 0.26 and 0.34 in Bi mole fraction
gave titers of 0.01 to 0.02 ml. (in excess of the blank), corre-
sponding to a 13 metal content in the transpired material
of less than 0.1 mole 9.7

The vapor pressures caleulated should have been reduced
by the per cent. of Bi found in the sample. Sir.ce that per-
renfage was so small, the vapor was considered to be essen-
tially pure BiCl; and in all the ealculations a molecular weight
of 315 wus used for the vapor.

Results

The results of three series of determinations are
reported below. In oae series the BiCly pressures
werc measured over a temperature range from 230
to 420° for pure B3iCl; and three mixtures of Bi +
BiClz made by three successive Bi addiiions. In
the second series the pressure of pure BiCly was
determined over the same temperature range but
the pressures over Bi + BiCly mixtures made only

(6) J. D. Corbett, 8. von Winbisk and F. C. Albers, J. Am. Chem.
Soc. 79, 3020 (1957).

(7) Tt should be stated that the transported material wae slightly
colored when the concentration of Bi in the liquid wae relatively high.
This darkrning was taken to indicate that some Ri had been trans-
ported with the RiCli but in very small amounts.
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at 301 and 356° so that a careful evaluation of the
the composition elfect could be made. In the
third series the pressures were measured at 392°
only.

Pure BiCl;,—The results obtained for pure BiCl,
on three differcnt samples are shown in curve A
of Fig. 1. The internal agreement of the data is
such that all but one or two points fall within a
band whose width corresponds to 59 of the pres-
sure, centered on the line drawn, The vapor pres-
sure of BiCly has been measured by Evnevich and
Sukhodskii® by the dynamic method of measuring
the temperature of condensing vapor at controlled
pressure. Maier® used a static method with a buffer
of N; between his Hg manometer and the BiCly
vapor. Our data fall between these two sets of
data in the range 340 to 400°Y and may be said to
agree with both: however, the agreement with
Evnevich and Sukhodskii’s data is better, especially
1 temperature coeflicient.

As observed ahove we have used a value of 315
for the molecular weight of the vapor, 7.e., that of
monomeric BiCl,,  The agreement of our pressures
with the literature values obtained by manometric
methods shows that the vapor over pure BiCl; lig-
uid is monomeric BiCl, (with less than 2-39%, dimer),
at least over the range of overlap of the measure-
ments (340 to 420°). We have assumed further
that in lower vapor concentrations of DBiCl; no
polymer is formed,

The change in enthalpy of BiCl; liquid on vapor-
1zation was calculated in the usual manner from
the slope of the vapor pressure curve. Above
about 300° our data give a constant AH of 18.9 +
0.2 kecal. per moic. Below that temperature the
AH increases somewhat with decreasing tempera-
ture so tha’ at about 260° Aff is 20.4 =+ 0.5 keal.
per mole.

Mixtures of Bi with BiCl,..—Three series of
determinations were made on Bi 4+ BiCl; mixtures
as mentioned at the beginning of this section.
The results of the first series are given in Fig. 1.
They show that the heat of vaporzation of BiCl,
from the solutions was not much different from
that of pure BiCl;. )rom the slopes of the curves
there appeared to be a slight increase in the AH of
vaporizaiion of a few hundred calories as the Bi
concentration increased; however, the data were
not considered sufhiciently precise to give reliable
information concerning the change in AH, and so
the second and third series of determinations were
made to evaluate these effects.

The resulls of the second and third series of de-
terminations are given in Fig. 2. The lengths of
the I’s in these figures give the runge of pressures
determined at each composition and indicate the
experimental error. In Fig. 2A each I represents
six to eight determinations with the curve drawn
through the average at almost every I.  In Fig. 2B
and C each I represents three and occasionally four

{8) E. V. Evaevich and V. A. Sukhodskii, J. Russ, Fhys-Chem,
Soe.. 81, 1503 (1929].

{9} €. G. Maier, U. S. Bur, Mines Tech. Paper No. 360, 1925,

{I0) Mauter's low temoerature data were ot cunsidered because they
are too high; see K. XK. Kelley, U. 8. Bur. Mine: Bull. No. 383,
1935,
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Fig. 1.—The vapor pressures of BiCl; and three mixtures
with Bi: curve A, pure BiCly. curves B, C aud D) arc the
vapor pressure of BiCly over mixtures 0.12, 0.24 aud 0.33,
respectively, in Bi mole fraction. (The ordinates have been
displaced for elarity, and values from any curve must be

] read on the properly labeled ordinate.)

pressure determinations, the curve being drawn
through the averages as closely as possible.

In Fig. 2 the horizontal parts of the curves to the
right indicate that the tw. phase regions had been
reached. This was determined at 356 and 392°
by the fact that addition of Bi did not change the
pressure. At 301° it was found that at mole
fraction 0.38 Bi there was a tendency for a plug
to form in the N, inlet (a 2-mum, bore capillary),
and the plug melted above 3207, in agreement with
phase diagram information.'t In these figzures the
section of the curve before the hortzontal is dotted
to indicate that the composition at which the sec-
ond phase first appeared was unknown. The
dashed straight lines represent Raoult’s law pres-
sures. (It should be noted that the compositions
used in this paper are mole fractions of I3t in BiCly,
i.€., g. B1/209/(g. Bi/20% 4 g. BiCl;/315).)

Discussion

The pressures measured in this work have been
taken to be the partial pressures of the species Bi-
Cl;. The justifications for this assumption are (1)
for pure BiCl; the vapor pressures measured by
manometric methods agreed with the calculation of

{11) Phase diagram studies have shown that a solid precipitates

below 320° from the two liguid wixtures in the Bi-BiCli system. See
ref. 2,
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Fig. 2.—Vapor pressures of BiCl; as a function of composition
at: A, 392.0°; B, 356.3°; C, 301.0°.
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Fig. 3.—Activity of BiCl; as a function o added Bi at 392°
(dashed curve), 356° (dotted curve) and 301° (full curve).
The straight line represents Raoult’s law.

the transpiration resulis for monomer; (2) analysis
of transported material showed only a negligible
fraction of lower-valent species.

The activity of BiCl; in the solutions has been
calculated as the ratio of the BiCl; partial pressure
over the solution to that over pure liquid BiCl; at
the temperature in question. The activities at 301,
356 and 392° as a function of composition are
shown in Fig. 3. At low Bi concentrations the
solutions show a tendency to obey Raoult’s law,
the tendency increasing with temperature. The
major trend of the systern, however, is to exhibit
marked positive deviations.

From the activities we calculated the partial mo-
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lal free energies of BiCl; in solution relative to pure

BiCl; at the three temperatures (AF = RT In a).
The temperature coefficient of the partial molal
free energy can be used to calculate the partial
molal enthalpy and entropy of BiCl; in solution rel-
ative to pure BiCl;. The temperature coefficients

of AF at the two median temperatures (328 and

374°) were taken to be the differences in AF from
301 to 356° and from. 356 to 392° divided by the
temperature differences. These temperature co-

efficients of AF were taken as equal to the negative
of the relative partial molal entropy [(QAF/0T) =

— AS].  The relative partial molal enthalpies were
calculated for the two median temperatures fzom
the free energies and entropies (AH = AF + TAS).

The values calculated for the enthalpies and en-
tropies are shown :n ¥-gs. 4 and 5. In each case the
curves represent the values calculated from the
data. The shaded areas indicate our estimate of
the probable error associated with the values, based
on the experimental soread of the original pressure
measurements. The dotted curves in the entropy
figures represent the ideal partial molal entropy
[— R In (mole fraction)].

The probable error associated with the partial
molal funetions of BiCl; in these solutions is rela-
tively large so that it is not worthwhile attempting
to interpret the details of their variation with com-
position. A general view of the results obtained on
the thermodynamic functions of BiCl; in Bi + Bi-
Cl; solutions is as follows. BiCl; shows a marked
tendency toward oosizive deviations from Raoult’s
law, in accord with the existence of a miscibility
gap In the phase diagram. In the range 0 to 0.2
in Bi mole fraction the partial molal enthalpy and
entropy of BiCl; are somewhat positive. In the
range 0.2 to about 0.35 in Bi mole fraction the en-
thalpy and entropy cf BiCl; decrease to negative
values with increase in Bi conecentration. This be-
havior is rather ur.usual in a system with liquid im-
miscibility; however, it reflects the fact that a
compound does form in the system at sufficiently
low temperatures.

Although thermodynamic data do not specify
the nature of the spec-es that constitute a solution,
still they can be used to give evidence in favor of or
against certain postulated species. For example,
the positive deviations from Raoult’s law for Bi-
Cl; speak against “he existence of lower valent ions
formed by a reaction of Bi*+® ions with Bi atoms.
Tons such as Bi*! and Bit? would be expected to
give rise to strong negative deviations since each
atom of Bi dissolving would produce more than
one such ion by the reactions

2Bi -+ Bi*? = 3Bi+
Bi 4 2Bi* = 3Bj+?
It is possible to fit the activity curve on the basis of
these lower valent iois by assuming them to be
polymerized, as
nBit = Bj,*
mBit? = Bj,, t2m
perhaps with intermediate stages of polymeriza-

tion. However, one hesitates seriously to propose
such complex ions as specific entities.
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Alternately, one may consider the solution as
composed of neutral atoms of Bi dissolved in the
lonic melt. I the regions where Bi is dilute and
the BiCl; obeys Raoult’s law, the dissolved Bi is
dissolved monomerically, and polymeric specics
such as Bi, need not be considered. There is, how-
ever, a range of Bi mole fractions (from just be-
yond the region where Raoult’s law applies to
about 0.15 in Bi mole fraction) in which the BiCl,
activity approximates the curve caleulated for it on
the assumptions that the Bi is dissolved as Bi; and
Raoult’s law is obeyed for the BiCl;, while from
0.15 to 0.3 Bi mole fraction it is necessary toinclude
some higher polymer. Thus it is possible to calcu-
late equilibrium constants at each tenperature for
the reactions

2Bi = Bi,
3/2Bi, = Bi;

such that in the dilute Bi range the predominant
species is Bi and in the more concentrated range it is
Bi; (always on the assumption that the BiCl; in the
melt obeys Raoult’s law, 7.c.

activity of BiCl, = mgles B0l )

moles BiCl; + moles Bi + moles Bi,

However, it is not necessary to propose complex
polymeric species to explain the obszrved proper-
ties of the solution. From the viewpcint of modern
solution theory!* positive deviations are to be
expected from a pair of liquids with different solu-
bility parameter. So there is no need to propose
association of components just because positive de-
viations are observed.

The solubility parameters for liquic Bi and BiCl,
in the temperatures of interest are <5 and 14.5.1%
From these values one would predict marked im-
miscibility of the components (with the concomi-
tant positive deviations and positive enthalpies).
In fact, one would approximate the relative partial
molal enthalpy of BiCl; by

AHgicy = Vpicnzei(dni — dsicls)?
= 8 X 104 z%g;
where
¥ = molal volume
x = mole fraction
5 = solubility parameter

Values from this equation are muel in excess of
those measured. A possible reason is that the
value assighed to the solubility parameter of B 1s
too high heeause the cohesive energy of the metal is
in part due to “metallic binding” or long range
clectronic interaction, and that part of the cohesive

(12) TFor a discussion of this point see .J. I1. Hildebrand and R. L.
Seott, *“The Solubility of Nonelectrolytes,” 3rd ed., Reinhold Publ.
Corp., New York, N. Y., 1950, especially Chap. XI.

(13) The solubility parameter for liquid Bi was estimated from the
data of reference (12), p. 324. The value for BiCl; liquid was esti-
mated from the heat of vaporization and unpublished density measure-
ments made in this Laboratory.
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Fig. 4—The relative partial molal enthalpy of BiCl; at
328° (upper curve) and 374° (lower curve). The shading
indicates the estimated error.
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Fig. 5.—The relative particl molal entropy of BiCl; at
328° (upper curve) and 374° (lower curve). The shading
indicates the estimated error. The dotted curves are values
calculated for ideal solution.

energy is not applicable when the Bi finds itself in
these salt solutions.

Another facet of the behavior of this system that
needs explanation is the deercase of the enthalpy
and entropy of the BiCl; as the mole fraction of Bi
increases beyond about (1.2, This trend is quite
noticeable, and indicates, to the authors at least,
that some process is simultaneously tending to bind
the BiCly in the solution and inerecase its degree of
order as the Bi concentration is increased. This
binding may possibly indicate a restoration of the
metallic binding of the Bi atoms coupled with
Bi+3 jons.

Acknowledgment.—The authors are indebted to
Mr. William E. Robbins, who performed a major
part of the experimental work reported.
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THE MAGNETIC SUSCEPTIBILITY OF COPPER(II) ACETATE IN VARIOUS
SOLVENTS!

By Micuio Konpo axp Masasr Ktno

Chemical Department, Nagoya University, Chikuse, Nagoya, Japar.
Received December 10, 1957

The magnetic susceptibility of copper(Il) acetate in solutions of various sclvents was determined by means of a Gouy
magnetic balance at room temperature. The values of effective magnetic mements in ethanol and dioxuae solutions were
practically identical with that in the solid atate, indicating the presence of the solute in dimer molecules as in erystals. On
the other hand, the moments in aqueous and pyridine solutions were slightly greatar than the theoretical spin-only value
1.73 Bohr magn :tons for a sin%le unpaired electron, leading to the conclusion that copper(II} acetate dissociates into single

molecules in these solvents.

n methanol solution, the magnetic moment assumed an intermediate value between those in

water and ethanol. The conclusion is in good agreement with the presumption advanced by Tsuchida and Yamada from

the consideration of absorption spectra.

Introduction

Since van Niekerk and Schoening?® showed by
X-ray crystal analysis that copper(Il) acetate
monohydrate formed dimer, molecules in crystals
and that the distance 2.64 A. betw=en two copper
atoms in the dimer molecule suggested the forma-
tion of a copper-copper bond, the nature of which
was open to speculation, the problem has stimu-
lated considerable interest among workers in other
flelds of physical chemistry. The results of earlier
work by Blea:iey and Bowers? on th2 paramagnetic
resonance absorption could be explatned by pre-
suming that in a pair of copper atoras strong inter-
action acts through exchange forces, each pair
forming a lower diamagnetic singlet state and an
upper paramagnetic triplet state. Thus, the de-
creasing intersity of the resonance ebsorption with
lowering temperature could be correlated with the
static magnetic susceptibility of the came compound
in the solid state,  In fact, [iggis and Martin® have
measured the temperature variation of the magnetic
susceptibilities of anhydrous and hydrated copper-
(II) acetates. As the temperature is lowered
below room temperature, the magnetic suscepti-
bility, instead of obeying Curte—Weiss law, slightly
increases at first, passes through a naximum at 270
and 255°K. for the anhydrous and hydrated com-
pounds, respcctively, and then abruptly decreases,
tending to an almost vanishing valie at the abso-
lute zero of temperature. The observed magnetic
susceptibility has indicated the extstence of weak
covalent copner-copper bonds in which the ex-
change contribution to the total bond energy is
approximately 1 keal. mole~l. A suggestion was
advanced thet a é-bond is formed between adja-
cent copper atoms by lateral overlap of 3dyi_,:
orbitals, the z-axis being taken as along the line
joining the copper atoms. This hypothesis is
promising, because it gives a clue 0 an adequate
explanation of the subnormal magnetic moments
of some copper(Il) complexes recently studied.?

As has been pointed out by Figg's and Martin,*

(1) This work was reported in part at a mecting of the Chemieal
Soniety of Japan beld in Tokyo on October 14, 1957,

(2) J. N. van Niekerk and F. R. L. Schoening, Nature, 171, 36
(1953); Acte Cryst., §, 227 {1953).

{3) B. Bleauey and K, 13, Bowers, I’rac. Roy. Joc. {London), 2144,
451 (1952),

(4) B, N. Viggis and R. I.. Martin, J. Chem. Soc., 3837 (1456);
Martin and H. Waotertaan, 1bid,, 2545 (1937),

{5) M. Kishita, Y. Muto and M. Kubo, Maturuqss., 44, 372, 614
{1957); Austroliox J. Chem., 10, 388 (1957).

R. L.

copper(ll) acetate is t.ie first case in which a 8-bond
is the sole cirect link between two atoms. The
present magaetostatic investigation has been un-
dertaken in order to see whether or not this bond
persists iu solutiors of copper(il) acetate in various
solvents,

Preparation of Materials.-—Copper(II) Acetate Monohy-
drate.—Commercial preparation was twicc recrystallized
from dilute acetic acid so utions.

Solvents.—Vvater was twice distilled. Methanol was
distilled three times. Ithanol preparaticn was subjected
to oxidation in order to remove possible contamination with
aldehydes, dehydrated over azhydrous cupric sulfate and
distilled. Pyridine was dehydrated over caustic potash
pellets and was twice distilled. TDioxane was distilled after
being dehydrated over metallic sodium.

Apparatus aad Experimental Results.—For the deter-
mination of magnetic sus:cplibility, a Gouy magnetic bal-
ance® was employed at room temperature. The sample
tube made of hard glass was 20 em. long and had a partition
in the middle forming two compartments. One of them
was filled with a soluticn under investigalion, and the
other with the pure solvent. The interna! diameter of the
tube amountcd to 6 mm. The ccll was suspended be-
tween the poles of an clectromagnet from a semi-tnicrobal-
ance capable of determining weight changes as small as 0.01
mg. The electromagnet could be supplied with a direet
current of up to 17 amp. taken from selenium rectifiers,
ripples having been -emoved by means of a series of con-
densers. The rectifiers were fed from a 200 volt, three
phase alternating current source, which wes stahilized with
an appropriate voltage stabilizer and was led through suit-
able transformers before it was applied to the rectifiers.
The total resistance ¢f the coil of the electromagnet was less
than 3 ohms. Each iip of the pole pieces, which were
separated from each other by about 1 cm., had a circular
surface plane of 3 em. in dismeter. The resulting magnetic
ficld could be raisec up to abhout 24,000 nersteds. The
magnetic balance was calibrated with distilled water, its
magnetic susceptibility per gram being set equal to —0.720
XoeE

In cach solvent, th: magnetic susceptibility x per gram of
solution showed a linear dependence upon the concentra-
tion w0 of the solute ir. weight per cent. over the whaole range
investigated. From the slope of the straight line in the
plots of x against w, the magnetic susceptibility per gram of
copper(IT) acetate ia each solvent was cvaluated. The
diamagnetic correcticn xaia for the hydrated salt was taken
from Maokerjee® as —S85 X 18 ¢, T.e temperature-
independent paramagnetism NVa of a mole of copper atoms
was assumed tc be equal to 60 X 1075 ag Figgis and Martin
also did. Allowing for thesc corrections and assuming the
validity of the Curie-Langevins Jaw, the effective magnetic
moment u per cne copper 1tom was calculazed from the mo-
lar susceptibility xu as

w = 284 [(xy — xdis — Na)T' )"/

(6) M. Kondo and M. Kubo, Tuw Jocryar, 61, 1648 (1957,

(7) Throughout this acticle, the data of magnetic susceptibility are
given in ¢.g.s. ey,

(8) A. Mookerjce, Iadian J, Phys , 19, §3 (1945), cf. reference 4.
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The results are shown in Table I.

TapLr [
Tre MotaR MaGNeTIC SUSCEPTIBILITIES AND THE LF-
FECTIVE MAGNETIC MOMENTS IN BOnR MAGNETONS OF
Corpir{II) ACETATE 1N VaRIOUS SOLVENTS

Solvents PR o w(%.) xM X 108 ¢(B.M.) Color
Water 23.5 0.3-1.4 1491 1.93 DBlue
Pyridine 23 2- .5 1330 1.80 Blue
Methano! 28 =30 1019 1.58 Grreen
Eithanol 22 1- .6 826.5 1.43 Green
Dioxane 26 1= .3 719.6 1.37 ireen
(Solid) 22 ... 807.5 1.41 Green
Discussion

The molar magnetic susceptibility of copper(II)
acetate depends to a considerable extent upon the
kind of solvents in which it is dissolved. The
values of effective magnetic moments in ethanol
and dioxane are practically identical with that in
the solid state, indicating the presence of the solute
in dimer molecules as in crystals. On the other
hand, the moments in aqueous and pyridine solu-
tions are slightly greater than the spin-only value
1.73 Bohr magnetons for a single odd electron,
Since a cupric ion has a more than half filled 3d
shell, the orbital contribution to the effective mo-
ment adds to rather than subtracts from the spin
moment and the diffcrences between the observed
moments and the theoretical spin-only moment are

REACTION BETWEEN (raSEOTS AMMONIA AND H.SQ, IN Arrosorn DroPLETS
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presumed to be adequate for orbital contributions.
From these normal moments, one can conclude
that copper(Il) acetate dissociates into single
molecules in water and pyridine. The molecules
of water and pyridine capable of being readily co-
ordinated on metal atoms as ligands are considered
to occupy appropriate positions about copper
atoms, thereby breaking the weak copper-copper
bonds in the dimer molecules. In methanol solu-
tion, the magnetic moment assumes an intermediate
value between those in water and ethanol.

The color of the solutions of copper(Il) acetate
in those solvents in which the copper salt shows a
normal magnetic moment was blue, while the
solutions in which subnormal magnetic moments
were observed assumed a green color. Tsuchida
and Yamada® have found that copper(II) acetate
and propionate in ethanol or chloroform showed a
new absorption band at 80 X 10% sec.™! in addi-
tion to that at 43 X 10 sec.” commonly ob-
served for copper salts. They attributed the new
band to the presence of a copper-copper link in
such entities as Cuw(CH,COO) X, or Cuy(C,He-
CO0)4X,, where X denotes [1,0, C:HOFH or CHCl,.
The present magnetic measurements provide a
more direct and definite evidence in support of
their conclusion,

(9) R. Tsuchida and 8. Yamada, Neturée, 176, 1171 {1955): R.

Tsuchida, 8. Yamada and H. Nakamura, ibid., 178, 1192 (1936);
Bull. Chem, Svc. Japun, 30, 953 (1957).

KINETICS

OF THE REACTION BETWEEN

GASEOUS AMMONIA AND

SULFURIC ACID DROPLETS IN AN AEROSOL!
By RR. C. RosBINs anp R. D. CAabLe

Contribution from Stanford Research Institule, Menlo Park, California
Received December 10, 1967

The rates of reaction in the system nitrogen, gaseous ammonia and sulfuric acid droplets heve been studied at 28 and 8°.

Initial rates are first order with respect to ammonia and droplet surface.

The over-all reaction appears to be limited by the

diffusion of product into the droplets, and an empirical rate equation for the over-all reaction has been obtained. The
results are discussed in terms of collision and absolute rate theory.

Introduction

In spite of the large body of literature concerned
with heterogeneous reactions, little information is
avallable concerning chemical reactions in aerosol
systems. Perhaps the most pertinent studies are
those by Lewis and co-workers on reactions in
fluidized beds?® and studies of acrosol growth, such
as those by La Mer and Cotson® and L.a Mer and
Gruen.! This paper reports a study of the reac-
tion between gaseous ammonia and sulfuric acid
droplets in an aerosol. This system was chosen be-
cause the reaction would be expected to be rapid

(1) This work was supported hy Grant S-30 of the Publie Ilealth
Service,

(2) W, K. Lewis, E. R. Gillilaund aud W. A. Reed, Irnd. Eng. Chem,,
41, 1227 (1949).

(3) W. K. Lewis, E. R. Gilliland and G. I'. McBride, Jr., ibid., 41,
1213 {(1949).

(4) V. K. La Mer and Sidney Cotson, Secience. 118, 516 (1053},

(5) V. K. La Mer and R. Gruen, Prans, Faredey Soc., 48, 410
(1952).

and the system can be prapared readily and repro-
ducibly.

Experimental

The aerosols were prepared from 98.39% sulfuric acid,
using a condensation-type generator; particle sizes were de-
termined with an ‘‘owl.””® Particle concentrations were
monitored with a Sinclair-Phoenix forward-scattering Tyn-
dallometer. The nitrogen wes dried by passing it through
a tube containing phosphorus pentoxide. Nitrogen—
ammonia mixtures were prepared in a conventional gas-
handling system.

Reaction rates were measured using & flow system. The
reaction cells were vertical glass U-tubes, 20 mm. inside
diameter, and varying in length from a few centimeters to
approximately two meters. The aerosol and the nitrogen—
ammonia mixture were introduced into the bottom of one
arm of the cell from opposit: directions so that turbulent
mixing occurred. The Reynolds number in the cell was
about 250 and the flow became laminar immediately above
the mixing zone. The mixture flowing from the other end

{6) V. K, La Mer, £, C. Y. Inn and I. B. Wilson, J. Coll. Sci., 8,
A71 (1960).
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Fig. 1.—Reaction between ammonia /394 umoles/m.?)
and sulfuric acic droplets of various diameters (19.7 umoles/
m.?) at 28°. All reactions were in nitrogen except for the
reaction of 0.6 4 diameter droplets, which was studied in
nitrogen (A) and in the nitrogen-helium mixture (V).
Additional poin‘s, which are not shown, were obtained for
later times.

[o]

of the cell passed through a bed of pelleted molecular sieve
material,” about 5 ¢m. deep, which removed the ammonia
without removing the aerosol. The particulate material
was then collected from the aerosol with a Mine Safety
Appliance electrostatic precipitator and analyzed for am-
monium ion by titration with a dilute aqueous solution of
methyl purple. The analytical method was corroborated
by the colorimetric Nessler method for ammonia.8 The gas
velocity in the reaction cells was 19 cm./sec. The variation
of fraction completion of the reaction with time was investi-
gated by using several cells of different lengths for each set
of conditions.

A few experiments were made in which most of the nitro-
gen (all except that used for generating the aerosol) was
replaced with helium. The resulting concentration of he-
lium in the reaction cells was 62.5 mole 7.

Particle diamaters of the sulfuric acid droplets ranged
from 0.2 to 0.9 . Concentrations were of the order of
micromoles of sulfuric acid and ammonia per mole of total
aerosol.

Most of the experiments were undertaken at 28 & 1°. A
few experiments were made at 8 &= 0.1° by placing the en-
tire apparatus in a large thermostated refrigerator equipped
with blowers.

Results

Two sets of runs were made to determine the or-
der of the reaction. One set involved maintaining
the initial concentration of acid in the aerosol con-
stant at 19.7 cmoles/m.3, and the droplet size con-
stant at 0.6 g while varying the initial stoichio-
metric ratio (equiv. HoSOs/equiv. NHj) between
0.48 and 0.1. The other set involved maintaining
the acid concentration at 19.7 umoles/m.3 and the
initial stoichiometric ratio at 0.1 while varying
the particle diameter between 0.2 and 0.9
Typical results are shown in Fig. 1 as 9, aerosol
reacted plotted against time. The slopes of these
curves were measured at several points and plotted
on log paper against correspondirg concentrations
of sulfuric acid. Curved rather than straight lines
were obtained, which showed that the over-all re-
action had no particular order. The order of the
initial reaction was estimated by plotting log initial
rates against log initial concentrations of one re-
actant when the initial concentration of the other
reactant was 2aeld constant. The slopes of the
straight lines fitted to the points by the method of
least squares vrere the orders with respect to the
variable reactant. These were 0.96 with respect

(7) An artificial zeolite manufactured by the Linde Company.

(8) M. B. Jacobs, “Analytical Chemistry of Industrial Poisons,

Hazards, and Solverts,'’ Interscience Publishers, New York, N. Y.,
1941, pp. 289-291.
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to ammonia and 0.99 with respect to droplet sur-
face. Thus the order of the initial reaction was es-
sentially twc, and one with respect to each reac-

tant. Initial rates can be represented by the equa-
tion
i,
- @ = k7 INHa

where a is the concentration of acid in the aerosol
expressed in weight or volume units, r is the drop-
let radius, and the subscript O refers to initial con-
ditions. The average second-order velocity con-
stant, k, was 7.6 X 10* cm.* mole~?! sec. ! with a
standard deviation of 0.92 X 10°.

Changing from an all-nitrogen atmosphere to
one containing 62.5 mole % of helium had no meas-
urable effect on the reaction rates (Fig. 1).

Decreasing the temperature from 28 to 8°
slightly decreased the velocity constant. The
usual Arrhenius-type plot led to an activation
energy of about 3 keal. mole .

Discussion

Two facts suggest that gas-phase diffusion of
ammonia did not control the over-all rates. These
are (1) that even when a large excess of ammonia
was present the ra‘es were not constant over an ap-
preciable period of time, and (2) that substituting
helium for nitrogen had no appreciable effect on
the rates. The fact that the over-all rates had no
particular order suggests that these rates were con-
trolled by diffusion of reaction product in the drop-

lets. The over-all reaction rate can be represented
by the equation
da _ 3o _ A
- k . Q1 Fz) [NHy]

where z is the fraction of acid reacted and F is a di-
mensionless multiplier which allows for the rate of
diffusion of products and for the surface area
represented by each unit of product concentration.
I was calculated from the rate data for various
values of z and various initial conditions, and was
found to be a single-valued function of z within the
range of conditions studied. By substituting this
function of x in the above equation, the empirical
rate equation representing the over-all reaction was
found to be
da 3ay l1—2
“& cFy (0‘180.]8 ¥ 0.822:) (NH.)

It i1s of interest to consider the results for the
initial reaction in terms of collision and absolute
rate theory. Calculations based on the kinetic
theory of gases and the empirical value of &k at 28°
indicate that the fraction of collisions between am-
monia molecules and zcid surface resulting in re-
action is about 0.1. If the velocity constant is
written as k = PZ exp(—E/RT), the steric factor
Pis0.1 for £ = 0, and has a maximum value of 1
for £ = 1.4 kecal. mole~!. The empirical value of
L (3 keal. mole~?) is in fair agreement with these
results, considaring uncertainties in the calculation
of the collision nurrber Z and the experimental de-
termination of £. Order of magnitude values for
the pre-exponential factor PZ were calculated by
using absolute ratz theory. Partition functions
for gaseous ammonia, liquid sulfuric acid, and an
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_ H--N
activated complex of skeleton structurs §—07

were calculated, using the method of Wilson and
Johnston® for estimating the parameters of the ac-
tivated complex. The resulting value of 102 ¢m.¢
mole™! sec.~! is too low by at least “wo orders of
magnitude. This suggests the interesting pos-

(9) . J. Wilson and H. S. Johnston, J. dm. Chem. Noc., 79, 29
{1957).
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sibility that the ammonia 1s physically dissolved in
or adsorbed on the sulfuric acid droplet before re-
action occurs, restricting the rotational and trans-
lational motion of the ammonia molecule, thus re-
ducing the magnitude of the partition function
and increasing the value of PZ.  Present knowledge
of the theory of liquids is inadequate to permit cal-
culation of the magnitude of the partition function
of ammonia in such states.

THI, ADSORPTION OF HYDROGEN ON NICKEL-KIESELGUHR

By L. Lusowirz,! M. J. D. Low! axp I AvsTIn TayLor

Nichols Laboratory, New Yorle Undversity, New York 53, N¥. Y.
Received December 11, 1657

The rates of chemisorption of hydrogen o1 a nickel -kiesclguhr surface have been studied over a pressure range from about

I em. to 1 atm. in the temperature range 160 to 325°,

. ( rang The parameters o and —log & of the Zlovich equation are approxi-
mately linearly proportional to the initial pressure and linear in the reciprocal temperature.

New techniques are described

which dernoustrate the existence of site procuetion and of site decay, proving the lutter to be independent of the prevailing

pressure during adsorption.

The generality of the applicability of the Ilovich
equation to chemisorption rates? and its interpreta-
tion from several different and mutually exclusive
points of view,?3 require an investigation not ouly
of the dependence of the parameters in the equation
on the prevailing conditions but, what is even more
important, a departure from the classical chemi-
sorption procedures to discover factors of signifi-
cance previously overlooked.

The system hydrogen on nickel-kieselguhr was
chosen since there are no data in the literature re-
porting rate measurements at high temperatures.
Sadek and Taylor* have measured some adsorption
rates in the temperature interval —126 to —78°,
The adsorption isobar shows a very rapid decrease
with increasing temperature between —195 and
—126° where the adsorption is reversible. De-
tween —126 and —78° the volume adsorbed in-
creases slightly, by less than 209, reaching a flat
maximum around 0°, decreasing steadily there-
after. Previous determinations of the energy of
activation of adsorption have usually been made in
the region where the isobar for the particular systern
is increasing with increasing temperature. The
measurements reported here cover the temperature
range 160 to 323° wherein the isobar is markedly
decreasing. I'o mmvestigate the depandence of the
Elovich parameters on pressure, a pressure range
from about 1 em. to one atmosphere has been stud-
ied. Subsequently in the paper, a number of de-
partures from the usual procedure are described
which must cast doubt on the elasscal interpreta-
tions of chemisorption.

(1) Abstracts from dissertations in the Dcparuncnt of Chemistry
submwitted to the faculty of the Graduate Seliool of Arts and Science in
partial fulfillment of the requirements for the dezree of Doclor of
Philosophy st New York (Juiversity, 1954,

(2} M. A. Taylor and N. Thon, J. 4m. Chem. Svc., 74, *169 (10562},

(31 G. 8. Porter and F. C, Tormpkins, 'roe. Xoy. Soc. {London},
2174, 529, 544 (1953 ; H. J. FEngell and K. Haffe, Z. Eledtrochem.,
§7, 762, 733, 776 (1953); P. T. Landsberg, J. Chem, Piays. 23 1079
{1955); T. I Jfeonings and F. 8. Stone, paper presented at The

Internutional Congress on Catalysis, Sept. 195G,
{4) . Sadek and IL, 3. Taylor, J. dm. Chem. Soc., 72, 1168 (1950},

The results are interpreted on the basis of the Taylor Thon mechanism of cheruisorption.

Experimental

The measurements of rates of adsorption were carried
out by admitting & known amount of hydrogen to a sample
of the catalyst which had been suitably evacuated and
measuring the rate of change of pressure in the system.

Catalyst.—To 75 g. of kieselguhr in 500 ml. of boiling
water was added slowly a solution containing 60 g. of Ni-
{(NO;)2-6H20 in 300 ml. of water. The solution was boiled
for 30 min. and (NH.).CO; solution was added in excess to
precipitate NiCO;. The mixture was boiled for 2 hr. and
then filtered by suction through sintered glass. The pre-
cipitate, washed ten times with 200-ml. portions of water,
was sucked dry, heated overnight at 110°, crushed and
sicved, the material between 10 and 100 mesh being re-
tained for use. Duplicate analyses showed 11.59 Ni.

A 10.17-g. portion of the carbonate preparation was re-
duced in a 5-10 |. /min. strearr. of tank hiydrogen, which had
been passed over copper at 400°, a liquid nitrogen trap,
Ascarite and Drierite, at & pressure of 70 on. for about 20
hours at 330°. The pressure of the hydrogen stream was
reduced to 10 e¢m. and reduction continued for 45 hr. A
Drierite tube attached to the exit of the catalyst vessel
showed no gain in weight in 44 hr., The hydrogen was
flushed out with helium and tie exit tube scaled off.

The catalyst chamber was connected to a source of hy-
drogen and to two manometers, one containing dibutyl
phthalate (D.B.P.), the other, mercury, in such a way that
the D.B.P. manometer could be used for meuasuring the
pressure changes in the gystem at any total pressurc meas-
ured on the mereury manomeser. A conventional pumping
system of a mercury ditfusion pump backed by a Megavac
pump was uged.

Pracedure.—'The catalyst was exhausted prior to a run
by evacuation at 375°. After an initial evacuation for 15
or 20 min., helium was introduced to a pressure of 60 cm.
and allowed to remain in contact with the catalyst for about
10 min. [vacuation was then resumed and continued for
about 10 hr., when the remaining pressure was less than 1076
mm. The flushing with helium was found to_reduce the
time required for evacuation fror 25 to 10 hr.  The furnace
temperature was reduced to the desired value and hydrogen
admitted to a pressure exerted on the two arms of the DBP
manometer. A stopcock theu isolated these two arms and
the pressure changes were read from the change in the levels
in the two arms.

All the data reported were carried out on the sume sample
of catalyst. However, mechanical failures on thrlec occa-
sions permitted the catalys: to be exposed to air. The
catalyst was restored by allowing it to stand for about 24
hr.in contact with hydrogen at 1 atm. and 375°.  After such
a treatment the catalyst surface was somewhat changed and
the adsorption rates were not identical with those obtained
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before the exposure to air. ‘T'he different surfaces are re-
ferred to as 8y, &1, Surand S;v. Reproducibility of adsorp-
tion rates on a ziven surfuce was good but the surfaces are
not quantitativcly comparable. The volumes of the various
parts of the system, as also of the dead spuce in the catalyst
chamber, swere measured by the expansion of a known
volume of helium at both 215 and 273°. The temperature
of measurement was without effect on these values.

Results and Discussion

I'rom the pressure-time data obtained in the
runs, g, the number of ml. STP adsorbed was cal-
culated assuming ideality of the gas. In Table I
are listed these data for two typical runs with time
in minutes., The catalyst temperature is denoted
T. and the initial pressure /% is in 2m. IIg or cm.
DBP as indicated. Included are values of g cal-
culated from the appropriate integrated Llovich
equations.

TasLe T

RATES oF CHEMISORPTION
Run 18: 2 = 3.39 em., 7 = 325°, geated = 0.674 log ¢

+ 5.93. Run 29: Py = 7.25 em., Te = 215°, fewtes =
0.559 log t 4 11.75.
Hun 18 Run 29
Time P, Qobad.  Qealed., P, Qobed., Qesterds,
{min.) ¢m. DBP ml. mi. cm. ml. ml.
0.5 14.8 5.6% 5.73 3.37 11.4%6 11.57
1.0 13.62 5.93 5.93 3.28 11.73 11.75
1.5 1298 6.06 6.06 3.24 11.83 11.85
2.0 12.51 6.14 6.13 3.23 11.94 11.92
2.5 12,19 6.21 6.20 3.20 11.98 11,97
3.5 11.69 6.30 6.30 3.17 12.06 12.05
40 11.50 6.3¢4 6.3¢ 3.15 12.09 12.09
4.5 11.3¢4 6.37 6.37 3.14 12.11 12.11
5.0 11.18 6.40 6.40 3.14 12,14 12.14
7.5 10.55 6.52 6.52 3.10 12.26 12.24
100 10.14 6.60 6.60 3.09 12.31 12.31
12.5 9.81 6.66 6.67 % 5 S
15 3.55 6.71 6.72 3.02 12.40 12.41
20 5.08 6.80 6.81 3.00 12.46 12.48
25 8.7+ 6.8 687 2097 12.54 12.53
30 8.43 693 6.93 2.96 12.57 12.58
35 8.18 6.97 6.97 2.95 12.61 12.61
40 7.95 7.02 T7.01 2.94 12.65 12.65
45 7.7 7.056 7.04 2.92 12.68 12.67
50 7.65 7.07 7.08 2.91 12,70 12.70
60 7.39 7.16 7.13 2.8% 12.75 12.75
75 6.97 7.20 7.19 2.8 12.82 12.80
100 6.57 T7.28 7.28 2.83 12.91 12.87

Taylor and Thon? found that for the data of the
adsorption of aydrogen on Zn0O.-Cr;0y a plot of g
was linear in log ¢ indicating that £, was extremely
small, that is, the product @ « was very large. The
initial rapid adsorption goes over continuously into
the subsequent ‘‘slow” process which consequently
is still quite rapid. Any technique of plotting
must fail to give values to 4. Sarmousakis and
Low® have described an algebraic procedure for the
determination of the Elovieh parameters. For
systems such as those studied here, where {, is very

small, the integrated Elovich equation takes the
form

¢ = (2.3/e) log (aat)

If gne and g are the amounts of gas adsorbed at
times nt and mt, then

(8) J. N. Sarmonsakis and M. J. D. Low, J. Chem. Phya., 25, 178
(1956).
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Car — gmt = (23/12) log (n/m)

The constancy of (gn: — gme) for a given ratio n/m
throughout the course of the reaction provides a
test of the spplicability of the Elovich equation
which is much more sensitive then the apparent
rectilinear nature of a plot. The value of o follows
at once from these diff=rences. Values of a are cal-
culable from @, g, and nt for the various readings
made. The values of ¢ and « obtained in this way
from the data in one run show only small random
deviations from the average reflecting a high de-
gree of internal consistency and g reliability of a
and Iy, in spite of thoir seeming extreme valucs.
Furthermore, since the determination of « de-
pends on g difference of two measurements any error
in the zerc time is minimized. In addition, what
would appear as a brezk in the ¢ — log ¢ plots, cor-
responding to a change in «, evidences itself at once
as a change in the ¢ differences. In four of the
forty runs made, ns. 12, 19, 31 and 32 such a break
appears after about 20 min. corresponding to a
marked decrease in the rate of adsorption. These
runs were made at the lowest initial pressures,
around 2 ¢m., and undoubtedly indicate that ad-
sorption was substantially complete. In these
cases the initial linaar portion of the ¢ — log ¢ data
was used to determine « and @. Breaks in the op-
posite directicn were also observed in other runs as
shown later. Since an Elovich plot should be
linear throughout, such breaks present anomalies to
be accounted for by complexities in the process be-
ing studied, as Taylor and Thon have already indi-
cated.

Table II gives a resume of the determinations
made, in terms of the parameters @ and — log #
of the Elovick equation. The state of the surface
as indicated as Sy, Su, S or Siv and the catalyst
temperature as T.

Evidence of Surface Heterogeneity,—It is seen
that « decreases as the initial pressure increases,
regardless of the particular surface studied and
of its temperature. From a plot of @ as a function
of the initial pressure it can be seen that no single
curve will satisfy all the points. In the higher pres-
sure range, from about 10 to 60 em., « appears to
vary linearly and relatively slowly with the pres-
sure. In the pressure range below about 10 c¢m.,
a decreases rapidly as the pressure increases, Such
a change in the depandence of « on the initial pres-
sure, from a rapid cecrease to a slow one, implies a
change in the adsorption process that is occurring,
possibly involving a new type of site. Similar
changes in the pressure dependence of o have been
observed in this Laboratory with several different
catalysts and will be reported subsequently.
Interest, therefore, hasc become focussed on this
change from a rapid to a slow dependence on initial
pressure. Despite the fact that an expanded plot
of such data as set (C) shows evidence of a definite
curvature, the data are too meager to warrant its
detailed analysis in relation to the catalyst and the
temperature. Instead, the best straight lines, cal-
culated by the least square method, for the low and
the high pressure regions have been taken as em-
phasizing the chang~ in the pressure dependence of
a approximately quantitatively. These straight
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Tasug IT
lrovicl PAraMETERS As FuncTion oF TEMPERATURE AND PRESSURES
(A & T.= 215° l (B) 8¢ 7. = 273°
Run no. 11 8 13 12 10 9 6 1 2 3 4 7 5
Pq, cm., 3.02 6.10 13.71 31.30 53.85 56.44 6.00 6.51 12.25 21.88 38.48 47 .35 58.3
o, mi, 7} 902 3.60 3.34 273 207 2.58 3.3¢4 3.08 2.42 1.96 1.92 1.92 1.
—lng & 27.7 17.7 155 i4.9 13.0 15.8 12.0 13.6 11.7  10.7 111 10.3 11.3
S S S
8 7. = 325° Sn T = 325° e = 160° T. = 215° Te = 273°
Run no. 14 16 15 19 18 20 17 26 27 23 24
Py, cm. 7.21 13.31 63.11 1.71 3.390 25.28 28.53 64.31 5.80 63.94 65.16
a,ml™3 237 244 176 7.30 3.41 219 2.14 3.43 5.7, 2.95 2.50
~loz & 7.9 9.3 8.6 ,11.5 88 100 10.0 23.2 25.0 18.4 14,1
S 1. = 325° (C) Siv T.= 215°
Run no. 21 22 32 31 33 34 30 29 36 37 35 38 39
Py, em, 2530 65.31 219 271 406 4.20 5.80 7.25 15.52 27.36 38.59 49.89 64.30
e, mL7 230 200 | 11.80 996 6.57 5.52 4.62 4.11 3.95 3.50 3.27 3.1 3.30
~Ingty 114 115 1277 289 26.1 237 21.8 2.0 21.3 109 205 19.7 21.0
TasLe I
Erovici PARAMETERS ANp PRESSURE
a 1y c d a’ b e i’
Set (A) 8.69 —0.439 37.2 —2 22 3.17 —0.0151 14.75 0.0128
Set (BB) 4.03 — .134 —17.82 3.20 1.98 — 0011 10.5 0092
Set (C) 9.36 — .456 27.36 —0.503 3.54 — {056 19 .40 .0200

lines expressed asa = a -+ bP, for the low pressure
range and « = a’ + b’P; for the high pressure range
are listed in Table III. The change in the slope
from b to b’ is significant, mdlca.tlng chemisorption
processes which are pressurc dependent. A similar
treatment of the values of — log #; has been ma,do
by expressinz them as — log iy = ¢ + dPpor ¢’ +

d'Py for the low and high pressure ranges, respec-
tively, and the values of the parameters are in-
cluded in Table ITI. In view of the inherent uncer-
tainties in the wvalues of &, the scatter of these
points is nct surprising but qualitatively the same
conclusion must be drawn as that from the «-Pq
results.

Sadek and Taylor! found evidence of two types
of adsorption on a nickel-kieselguhr catalyst, using
the method of Taylor and Liang.® Benton and
White,” from isotherm determinations also found
evidenee that more than one type of adsorption oc-~
curred on a nickel catalyst. Further, if the ad-
sorption rate data of Sadek and Taylor are plotted,
q against log ¢ following the Elovich proeedure, a
straight line is obtained which changes slope ah-
ruptly. The whole plot shows the type of discon-
tinuity which Taylor and Thon? suggested to be due
to two different types of chemisorption sites.  Fur-
ther evidence is afforded in the present work as
shown later, wherein ¢ — log ¢ plots show the same
type of discontinuity directly. It is suggested that
these discontinuities have the same origin as that
which is responsible for the abrupt change in slope
of the a-P plots around 10 em. Finally in Fig. 1
are plotted the values of ¢, the total amount ad-
sorbed after 1, 10 and 100 min. as functions of the
initial pressure for the series of runs Syy at 215°
shown in Table II. The pressures in the system

(6) H. S. Taylor and 8. C. Liang, J. Am. Chem. Soc., 69, 130§
(1917).

(7) A. F. Benton and T. A. White, ibid., 52, 2325 (1930).

after 1, 10 and 100 min. for runs 33 and 39 wcre,
respectively, (.581, 0.463, 0.334 and 60.03, 59.79,
59.5% em. The parallelism of the plots is striking.
That the breaks occur at the same pressures in each
case must have significance. It is suggested that
the cause of all these variations is a change from one
type of adsorption site to another, each functioning
within a different pressure range. Such an idea is
novel in that surface heterogeneity previously has
been eonsidered only temperature dependent. The
result, nevertheless, is not unexpected on the basis
of the Taylor-Thon mechanism which calls for site
production by the initial reaction on contact of the
gas with the surface. The initial pressure of the
gas should, thercfore, be significant.

Influence of Temperature.—The temperature de-
pendence of o and of — log & can best be judged
from the set of four runs 22, 23, 24 and 26 on sur-
face 81y shown in Table II. The initial pressures
in these runs varied only from 63.94 to 65.31 cm.
From the slow variation in « with pressure in this
range already demonstrated, it is clear that these
four runs are at essentizlly the same pressure.
The variation in & must be attributed to the change
in temperature over the range 160 to 325°. It is
found that « is inversely proportional to the ab-
solute temperature and a least square analysis
yields

_ 209X 10° e
1
In a similar way it is found that
4
—logty = ﬁ;f-m — 19.5

Comparison of these equations with the original
data shows that the average deviation is quite
small. A further set, but of only three runs, 8, §
and 15, on surface Sy and in which the initial pres-
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Tig. 1,—Amount adsorbed after 1, 13 aad 100 min. as a
function of the initial pressure.

sures are not as constant as in the former set, may
he chosen as offering qualitative confirmation of
the inverse proportionality to the absolute tem-
perature.

The effect of temperature on the rate of adsorp-
tion usually has been interpreted as indicating an
energy of activation of adsorption. The variation
of the value of this energy of activation with the
amount of gas adsorbed is considered a potent ar-
gnment for “surface heterogeneity’ which assumes
a distributior. of sites over activation energies fol-
lowing some definite analytical law. One of ust has
already discussed this question using the meager
data then available. A more searching analysis is
possible with the above relations. To caleulate the
energy of activation of adsorption, use is made of
the Arrhenius equation in the form: d ln »/d? =
E/RT? where v is the velocity of zdsorption at com-
parable stages of adsorption at various tempera-
tures. The necessity of using this form stems from
the impossibility, as yet, of caleulating a specific
rate of adsorption. It has been assumed® that
comparable stages of adsorption are achieved by
using for the velocities “the times required for ac-
tivated adsorption of equal volumes of gas on a
clean surface’ This is tantamount to writing:

d In {/d7T = —-E/RT% From the integrated
Elovich equation it follows that: ¢ = & (ex@ — 1)
whence

dlnt____E__d_lng_n.(dfr___gaq

dT =~ T RT*T AT T YdTem — 1

I't has been shown that, the temperature dependence
of — log fo may be expressed by
(8) H. A. Taylor, Ann. N. V. dAcad. Sci.. 68, 798 (1954).

(9) Schwab-Taylor-Spence, *'Sec Catalysis.’' D. Van Noslrand
Co., New York, N Y., 1937, p. 207.

L. Lereowroz, M. J. ID. Low axp H. Austin TayLor

Yol. 62

— Ity =7/T — s
and of a by

@ = T J
whence
o P eve _
E = Rhg " — Rr

indicating that K must increase as ¢ inereases. If
e=r >> 1 this reduces to £ = RRhg — Rr. Irom
the values of h and » found earlier the value of I is
given by 4.14 ¢ — 83.& keal, when ¢ isin ml,

The surprising feature of this result is that E,
though still ‘inear in ¢, has a negative value for g
values less than about 20 ml. a value larger than
any achieved in the present study. If the Arrhenius
equation in -he form: d In(dg/df)/dT = E/R1?
is used, 1t is show~ easily that the value of £ is in-
creased by an additional term whose value is only
about 2 keal. and with, therefore, relatively no effect
on the negativity of K. TFrom the classical point
of view it might be suggested that the negative
value of E results from a more rapid increase in
desorption with increase in temperature, than the
increase in adsorption. This also, however, can-
not he true since the negativity of £ decreases as ¢
increases, while desorption, if it occurs sponta-
neously and appreciably at all, should increase and
thus become mor¢ important as ¢ increases. Since
a negative value of & is without physical signifi-
cance it must be concluded that the choice of the
times required for the adsorption of equal volumes
of gas at various -emperatures, or, of the slopes of
the volume-:ime plots for a constant amount ad-
sorbed at various temperatures, does not correspond
to comparakle stages in the chemisorption proe-
ess. The [E.ovich equation shows adsorption to
be a decelersting process, to an extent dependent
on the value of « which is itself temperature depend-
ent. To aprly the Arrhenius equation to rates at
a constant amount adsorbed disregards whatever
is responsible for the parameter . In the Taylor -
Thon view the deceleration is the result of spon-
taneous site decay. Hence, for the adsorption of a
constant amount of gas, a different proportion of
the surface sites has decayed at different tem-
peratures. The density of remaining sites, one of
the reactants, is different at different temperatures
even though the adsorption is the same. The
stages of rea-tion are thus not comparable. The
conventional method of calculating energies of ac-
tivation of aasorption is unjustifiable, the values so
calculated ars without meaning and the concept of
“surface heterogeneity' loses a powerful argument.

Influence cf Prevailing Pressure.—It is inherent
in the Taylor-Thon machanism that chemisorption
involves the reaction of two species, the gas and
the surface. From tho classical point of view, the
rate should be proportional to the product of the
mass actions of each species. [For the gas, this
will be the concentration; for the surface, the site
density, or the number of sites per unit area ex-
posed. In tke Taylor -Thon view sites decay spon-
taneously even in the absence of a gas phase.
Since the rate of site decay is taken as ratc con-
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trolling for adsorption, the rate of adsorption should
be uninfluenced by changes in pressure during slow
adsorption so long as the mass action of the gas is
relatively much greater than that of the surface.
Tests of such features require procedures not so far
described in the literature. A large number of
runs were made using the catalyst already described
but which had not been used for several months and
showed signs of further change beyord the condi-
tion described as Sry.  Only a resume of the prin-
cipal features of these runs can be given here.
Full details may be found elsewhere. '

In one such series, adsorption was permitted to
proceed for 5 minutes, at which time the catalyst
chamber was isolated from the rest of the system by
closing a stopcock in the entrance tube of the
chamber. After 40 minutes the chamber was re-
joined and further measurements made. Figure
2 shows a comparison of such a run with an almost
parallel run made without inferruption. It should
be noted in the first place that the “normal” un-
interrupted run shows a break in the Elovich plot.
Such breaks, referred to previously, were not ob-
served in the earlier described studies but were al-
ways found in this later series and reflect progres-
sive change in the catalyst during ths intervening
months. Stmilar breaks are to be found in plots
of the data of Sadek and Taylor?® and may indicate
oxygen contamination such as that studied by
Schuit and de Boer.'* What is especially signifi-
cant 1s the fact that the slopes of both parts of the
plots are comparable, before and after the break, in
each case. In the interrupted run the gas pressure
fell steadily due to adsorption. During the inter-
ruption, the isolated catalyst chamber being now of
smaller volume and yet the adsorption proceeding,
the pressure must have fallen more rapidly. It
was not possible to measure this actual pressure
change in the catalyst chamber during the inter-
ruption but the total pressure change on reconnect-
ing the chamber and manometer system, amount-
ing to about 159, is comparable with that in the
untnterrupted run.  The rate of the slow adsorption
is obviously unaltered by the interruption and must
be independent of the prevailing pressure.

In another type of experiment, adsorption was
permitted to proceed for a short time. A known
volume of gas then was removed rapidly from the
system, keeping the volume of the latter constant,
the pressure censequently falling.  No appreciable
change was observed in the rate of adsorption, in-
dicated by a constant «, as a result of the gas re-
moval. In one such experiment the pressure fell
from 29.50 to 21.47 em. DBP on gas withdrawal.
Accompanying this pressure change there was ob-
served a small desorption from 8.27 t2 7.94 ml. ad-
sorbed. A similar small desorption was observed
whenever a sudden pressure change was induced in
the system. A similar small adsorption was ob-
served whenever a sudden pressure increase was in-
duced in the svstem, Table IV presents a résumé
of many such pressure changes imposed on different
systems at different temperatures and pressures and

{10) M. J. D. Low, Doctoral Thesis, New York University, 1956.

(11) C. C. A. Schuit sud N, Y. de Boer, Rec. trav. ¢him., 70, 1067
(1951).
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Tig. 2.—Result of interrupticn during adsorption showing
the absence of any effect of a change in the prevailing gas
pressure,
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Fig. 3.—Result of an inerezse in volume during adsorp-
tion. Accompanying the volume inercase the pressure fell
from 31.63 to 22.70 ¢m. DBP and after 85 min. wag 20.15
em. DBP,

after different times for adsorption, The values
before and afier the rapid pressure changes are
given as «, and «, for those runs where a sufficient
number of points justify the caleulation. In ad-
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Fig. 4.—Result of both decrease and increase in volume
during adsorption. The pressure change on decreasing the
volume was from 43.01 to 60._8; on increasing the volume
the pressure fell from 58.54 to 41.50 and after 50 min. the
fnal pressure was 40.34 em. DBP.

TavLr [V
Pq, B
Y i) cm.
Run °C. DBF P P ’ gt Ag a1 %)
1705 270 71.2 31.80 23.05 10 831 -0.25 45 4.8
1706 270 72 7 22 50 21.47 3 827 - 33 45 4.5
1704 270 7T3.4 31.63 22.70 3 823 — .20 49 4.9
1710 270 73.0 43.01 60.18 5 8.43 + 38 3.9 3.9
1710 270 73.0 58 54 41.50 15 a.14 =~ 20 29 29
1713 313 755 53.30 37.67 100 14 - 28 2.4 2.6
1721 310 68.5 18.60 13.49 1200 a.d46 - .23 .. e
1722 =78 57.3 24,00 20.93 100 9.20 = 06 ..
1729 —78 52.0 47.73 30.85 200 1048 - .14 ..

dition to the temperature and initial pressure in the
system, the table includes P, and P,, which refer,
respectively, -0 the pressure before and after the
change in condition, made at time ¢ when the
catalyst had edsorbed a valume ¢, the volume ad-
sorbed changing by the amount Ag. An explana-
tion of the phenomenon is not available, There
appears to be no systematic variation in the
amount of thc change with either the temperature,
the pressure or the amount adsorbed. The results
at low temperature thus would appear to rule out a
physical adsorption. It must be pcinted out that
the phenomenon is not caused by ary detected ex-
perimental procedure since no such 3ehavior could
be observed when using helium under similar con-
ditions. Although the amount of the change Ag
may represent a considereble fraction of the total
change for the slow adsorption it is a rapid and re-
versible adsorption amounting to about 3%, at
most of that already adsorbed. It is distinetly dif-
ferent in properties from tke slow adsorption and al-
though it may affect the total amount adsorbed to
a very small extent, there is every indication that it
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does not affect the rate of the slow chemisorption
which therefore remains independent of the pre-
vailing pressure.

Figure 3 illustrates still another way in which the
pressure in the systen. was changed during adsorp-
tion. After 5 minutes the volume of the system
was increased from 145 to 245 ml. by opening the
system to an evacuated bulb. Inspection of the
g vs. log ¢ plot shows an agreement of the «’s before
and after the 5 minute change and up to the break
around 20 minutes. The small desorption accom-
panying the pressure cecrease is evident,

Tigure 4 describes a run in which the volume was
decrecased after 5 minutes and then inercased back
to the initial volume after 15 minutes. The re-
versibility of the small rapid adsorption and de-
sorption is apparent. The continuity of the ¢g-log
t plot has been made more evident by subtracting
0.38 ml. from each of the readings taken during
the 10 minute exposure to the increased volume.
These reduced values are indicated by the full cir-
cles to contrast with the open circles which are the
experimental points, The agreement of « in the
early part of the 10-minute interval with that of the
initial slope of the plot and of the later part of the
10-minute interval with that of the plot after 15
minutes shows the independence of the rates of
both types of slow adsorption of the volume and
therefore of the prevailing pressure in the system.

Finally the adsorption system was modified by
the addition of a series of bulbs of measured vol-
ume so that the volume of the adsorption system
could be changec at will. Various experiments
were made at —78° using adsorption systems of
varying size V, Owing to the impossibility of
exactly reproducing the same initial pressure for
cach of these runs. the actual initial pressures used
lay in the range 46.7 and 56.2 cm. DBP as the low-
est and highest pressures. The average initial
pressure for all these runs was 53 em. DBP.  Using
the pressure dependencies found earlier for the Elo-
vich parameters, those deduced from the lincar ¢
-log ¢ plots were corrected from their actual initial
pressure to 53 cm. DBP. The corrections in any
case are small. Table V presents these results.

TaBLE V
Temp., —78°, Py = 53 cm. DBP.
Vs a @ e ] Py =1 PFinsal
242 7 %X 108 2.5 6.9 31 22
290 7 X 107 2.4 7.6 32 24
340 3 X 107 2.5 7.6 35 28
884 2 X 100 2.2 7.6 46 45
3980 6 X 108 2 7.9 50 48
5600 2 X 108 2 9.6 52 20

Inspection of Tuble V shows that the volume of
the system was changed by a factor of 20. The
value of @ seems to vary by as much as a factor of
100. However, as an extrapolated initial rate of a
very rapid process this is not unexpected and the
absence of any trend in the a values with variation
in V, suggests that the values are effectively con-
stant. The consteney of a is more obvious. The
apparent decrease at large ¥V, simply reflects the
very slow pressure change occurring. Within ex-
perimental error =« also is constan%. This con-
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stancy is achieved despite the fact that the pressure
after 100 minutes, shown in the table as Pyisa when
the adsorption rate was very slow, changed by over
100%. For the system of largest volume the pres-
sure change is so small that effectively the system
15 also at constait pressure. It appears therefore
that the Illovich analysis of adsorption rates for a
given initial pressure will yield the same parameters
whether runs are made at constant volume or at
constant pressure.

It is most important to note, however, that this
independence of the prevailing conditions of con-
stancy of volume or of pressure does not mean that
the same absolute amounts will be adsorbed under
the two conditions. The Elovich equation deals
with the rate of adsorption. Taylor and Thon
pointed this out earlier, suggesting a means whereby
the well-known initial massive adsorption could
be valuated as ¢,. In those cases where 4, was
very small it was suggested that as an approxima-
tion the value ¢, = 1 could be used. Table V lists
these values for the various runs and the observed
pressures a. the same time. There is a definite in-
crease in these values from 6.9 to 9.6 ml, as V, in-
creases, Lest it be suspected that this increase is
connected with the change in ¢ previously shown
to accompany 4 rapid pressure change it may be
noted that in Tadle V for 4 pressure change of 17
em. DBP the maximum change in ¢ was less than
0.4 ml. In Table V for a pressure difference at ¢
= 1 of 21 cm. DBP between the runs for the small-
est and largest system the difference in ¢ is 2.7 ml.
The effect of the secondary adsorption due to the
pressure difference can only be a small fraction of
this and leaves an amount of a higher order of
magnitude to be accounted for. Taylor and Thon
have suggested that ¢, here approximated as
g = 1 represents the imitial adsorption occurring
during the site erzation processes prior to the onset
of the “‘slow” measurable adsorption. During this
short time interval, a stationary rate Is set up be-
tween site creation, site occupancy and site decay.
In a constant volume system, the larger the volume,
the less will be tae pressure change accompanying
creation and oczupancy. Therefore, the higher
will be the momentary pressure, thus favoring a
larger occupancy.  With an increased initial adsorp-
tion in systems of larger volume, the total adsorp-
tion al all succeeding stages must wlso be larger
cven though @, which is the initial rate of adsorption
and «, which is the relative rate of site decay, are
constant.

On the busis of these experiments including iso-
lation of the catalyst during adsorption, with-
drawal of gas at constant volume, volume decrease
or volume increase, including a 20-fold volume in-
crease of the system, there is cumulative evidence
that the rate of adsorption is unaffected and is con-
sequently independent of the prevailing gas pres-
sure. When, In a homogeneous reaction bhetween
two species, the observed rate is found to be un-
affected by the ehanges in coneentration which are
known to be occurring in one of the species, it can
usually be shown that that species is present at o
much higher concentration than the other and its
concentration is thus effectively constant. It was
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this independence by the rate of adsorption of the
prevailing gas pressure, :nferred by Taylor and
Thon from several slow adsorptions and now more
fully substantiated in a case showing very high
initial adsorption, which implied that the rate con-
trolling species was the su-face. The observed de-
celeration of adsorption rates demands a spon-
taneous site decay over and above occupancy and
the form of the Elovich equation demands a bi-
molecular site decay process. It is this process,
then, that is rate controlling for adsorption.

When a second-order homogeneous reaction be-
comes apparenfly first order due to the presence of
an excess of one reactant, the velocity constant of
the apparent first-order rate is, nevertheless, a
function of the pressure of the reactant in excess,
which pressure is taken as its initial pressure. To
say that the rate of adsorption is dependent on the
mass action of the surface, or to write: rate =
k[V] where [V] represents the mass action of the
surface, that is, the site density, does not preclude
the possibility that & is a function of the gas pres-
sure, which however being always present in excess
can be measured effective.y by its initial pressure.
It 18 in this scnse that e, the relative rate of site de-
cay, while constant throughout a run and thus in-
dependent of the changing pressure during the run
can still be a function of thz mnitial pressure as found
earlier. Whether the approximately lincar rela-
tionship of @ and Py assumed earlier is specific of
the present system or is rore general can only be
ascertained by study of other systems. Such
studies are under way.

Evidence of Site Creation and Decay.—In an
attempt to obtain direct cvidence for the concept
of site creation and deeay, two experiments were
performed in an attempt to preactivate the catalyst
by exposure to a high pressure of gas for a short
time and then rapidly study a low pressure adsorp-
tion on the same surface. In the {irst experiment
the catalyst at 310° was exposed to an initial pres-
sure of 6.46 ecm. and adsorption was followed for 5
minutes. At this time the system was opened to
the pumps for 3 minutes. The pressure fell to 5
*K 107? mm. thus removing most of the gas phase.
At t = 8 minutes the catalyst chamber was isolated
from the rest of the adsorption system which was
prepared for Part B of therun. At ¢ = 10 minutes,
designated ¢ = 0 for Part B, gas was let into the
catalyst al an initial pressure of 71.9 em. 12B1” and
adsorption followed as usual. In the second ex-
periment. which was at the same temperature but
at an initial pressure of 61.3 em. at { = 1.25 minutes
the system was evacuated for 3 minutes the pres-
sure falling to § X 10~-* mm. At¢ = 6.25 minutes,
designated as ¢ = 0 for Part B, 75.5 cm, DBD of gas
was introduced and adsorption followed. Table
VI contains the experimental data for these two
runs and, in addition, a third run on a freshly evac-
uated surface at the same temperature and com-
parable initial pressure of 68.5 cm. DBP.

In illustration, Fig. 5 shows a g vs. log ¢ plot of
run 1712, The adequate accounting of the data of
both Parts A and B by th= Elovich equation is evi-
dent from the linearity of the plots. From the data
in the usual manner, the parameters ¢ and « of the
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Fig. 5,—Rate cf adsorption at low pressure after activation
of the catalyst at high pressure.

TasLe VI
Temp., 310°
Run 1712 Run 1713 Run 1721

A, Py = 61.6 cm. A, Pq = 61.3cm. P, = 685 cm. DBP

¢ P F] ¢ q ¢ P q
0.5 61.50 10.10 0.25 58.32 10.21 1.0 32.95 6.84
1.0 61.42 10.35 0.5 5819 10.70 20 31.7 7.07
15 61.3¢4 10.60 0.75 58.15 10.82 3.0 31.06 7.20
2.0 61.30 10.73 1.0 5814 10.86 4.0 3057 7.29
2.5 61.28 10.79 1.25 58 11 10.95 5.0 30.17 7 36
3.0 61.26 10 86 6.0 20.85 7.42
4.0 61.21 1101 8.0 29.33 7.52
5.0 61.16 11 17 B, P’ = 755 cm. DBP 10 28.85 7.61
B, Po = 71.9 cn. DBP 15

0.5 57.00 2 85 0.5 59.00 3.20 21 27.35 7.89
1.0 56.79 2 89 1.0 58.79 3.24 30 26.44 8 06
2.0 56.56 2 9t 2.0 5837 3.42 50 25.85 8.2
3.0 56.41 297 3.0 5815 3.37 460 20.05 9.10
4.0 56.30 2 99 4.0 57 .96 3.40 1200 18 G0 9 .46
5.0 56.20 3.01 5.0 57.80 3.43

6.0 56.13 3 02 6.0 57.62 3.16

80 55.02 3.06 8.0 n7.10 3.51
10 55.75 3.04 10 57.19 3.50
15 55.43 315 15 56. 81 3.62
20 55.13 8.1 20 5G. 17 3.70
30 54.72 3.29 30 53 .85 3.82
45 54.20 3.39 40 55.38 3.91
50 53.95 3.43 80 51.84 4.01
60 53.80 3.46 60 54.40 4.10
80 53.37 3.54 80 53.85 4.21

equation werz evaluated and are listed in Table
VII as aa, aa and ag, ap for the two parts of each
run, respectively. The duration of the high pres-
sure activation is denoted £,c¢.

Inspection of the actual ¢—t data in Table VI
shows that the unactivated run 1721 appears to be
faster than either of the activated low pressure runs.
Thus in the 8 to 10 minute interval the rates for
1712, 1713 and 1721 are, respeetively, 0.015, 0.02
and 0.045 ml. per min. According to the Taylor—

L. Lesowitrz, M. J. D. Low anp H. AusTIN TAYLOR
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TasLg VII
PREACTIVATION OF CATALYST
P,
o, cm.

Run no. c¢m. GA @A tact  DBP aB aB
1712 64.6 4.4 X 10" 4.3 5.0 71.9 1.6 X 1015 13 8
1713 61.3 6.3 X 102¢ 5.8 1.25 75.5 1.7 X 10 8.7
1721 ae e sees . 68.5 5.8 X 107 2.8

density in 1721 is higher than in cither 1712 or
1713. To gencralize that, on this account, no pre-
activation has occurred is equivalent to the error
classically made in the determination of the energy
of activation of adsorption. Adsorption is a de-
celerating process to an extent dependent on the
value of a. It i1s precisely because preactivation
did occur that the relative rate of site decay, «, is
higher for 1712 and 1713 than it is for 1721. At a
given time relatively late in the course of the run
this rapid site decay in the preactivated runs has
already reduced -he site density to such an extent
that fewer sites are present than in the normal run
and hence the rate of adsorption is slower. Taylor
and Thon showed car ier that site decay is a second-
order process. LEvidence for preactivation leading
to a higher site density must be sought early in ad-
sorption before the rapid site decay has taken its
toll. This is precisely the advantage of the Elovich
treatment wherein the analysis of the experimental
data yields an “extrapolated’ initial rate, a, which
thereby measures the maximum adsorption rate re-
flecting the maximum site density for the slow ad-
sorption. From Table VII it can be seen that ap
is many times larger for 1712 and 1713 than for
1721. Although, as pointed out earlier, the pre-
cision of the value of 2 may not be high, a factor of
102 or even 10° would still leave the initial rate of
the preactivated runs considerably higher than
that of the unactivated run. Preactivation must,
therefore, have occurred.

Such a result is to be expected from the Taylor-
Thon mechanism of adsorption. Site creation
occurs on contact of the gas with the surface. The
extent of site creation, that is, the density of sites
produced, increases with increasing pressure. In
the pretreatment runs, the initial high pressure of
hydrogen produces a large number of sites. Some
of these are occupied by gas; others decay during
the high pressure-adsorption. In such high pres-
sure runs adsorption is known to continue consi-
derably longer than 00 minutes. The 5 or 1.25
minute intervals in runs 1712 and 1713 are long
cnough for only some of the sites to decay. On
cvacuation adsorption must ceasc since the gas
phase has been largely removed but site decay will
continue. The ste density remaining after the
evacuation period will probably still be much larger
than it ever is in the case of a normal low pressure
run. However, at the moment more gas is intro-
duced for the low pressure run further site creation
can occur, aggravating the existing site density to a
still higher maximum. It is this which is respon-
sible for the high initial adsorption rate, a, and also
for the high value of @. It is apparent that blind
adherence to the -lassical procedure for the study
of chemisorption rates can overlook factors which
are most significant to their interpretation.
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THE REACTION BETWEEN SODIUM FLUORIDE AND

SODIUM ¥LUORIDE POWDER'

By F. K. Massora axp W. K. Hexser, Ju.®

(loodyear Alomic Corporation, Portsmouth, Ohio

Recewed December 11, 1957

Introduction

The reaction of uranium hexafuoride with so-
dium fluoride has been found to give a solid addition
compound of the formula UFs-3NaF.%* Since this
reaction results in an inerease in weight due to the
solid produet formed, the kinetics may be studied
conveniently by a weight-change method at con-
stant pressure.  Although the reaction 1s reversible
at higher temmperatures,* dissociation ean be ignored
safely below 100°,

Farrar and Smith® have discussed the kineties of
solid-gas reactions in considerable detaill.  The
two laws which are most often followed in these re-

actions are the linear and parubolic laws.  Thus
Linesr law;
dx
= (1)
dlt “ ’
Parabolic law:
dr  a
o — f-)‘
ke x )

where x 1s the flm thickness of product at time ¢
and a Is 4 proportionality constant.

Assuming spherical particles, the final integrated
rate expressions as given by IMarrar and Smith are
Lincar law:

k Vi
1 ﬂl

ri

=1 = (1l — Y = fid) i3
Parabolic luw:

M Ll = FE = (L= B3 = (B ()

e

where
k; 18 the lincar rate conslant,
kol is the pa.l'a.tmhc‘ rate constans
7, 13 the initial particle radius

F is the fraction converted to product
¥ 15 the molar volume of the solid reactant

Light microphotographs of the sodin Aucride
powder show that the basie particles are cubie
Lutegration of the fundamestal rate equations for
cubie particles following the method of Farrar and
Smith yields expressions sumikir to (3) and (1) with
1 replaced by 42, where § is the edge of a cube.
I'or convenience, the quantivy (44:/6%) — (ke/ni®)
will be defined as I, the rate constant for the para-
bolic law. The fraction converted can be obtlained
by the relationship

{1) This work wus performeld under contract AT-{33-2)-1, with the
United Stutes Atomic Enerzy Commission,

{2) Preseuted before the Division of Physical and [norganic Chemis-
try of the American Chemical Society & the 132nd National Meeting
in New York, N. Y., Septeniber, 1957,

(3) IL. Martin, A, Alvers and 1L P. Dust, Z. unorg, allgen, Chem,,
268, 128 (1951).

(4) . 1. Cathers audd R, L, Jalley, "Formation and Decomposition
Reactions of the Complex UFe3NaF," raper presented at the Awmeri-
can Cliemical Sacicty Meeting, Nprinz, [957.

(8) 1. L. Tarrear, Jr., and 1. A, Swith,
{19551,

Tais Jounwar, 59, 703

. e — 1Vr,| .
TOWWM M, — 1)
where

Weis the weight of sampl: at time ¢

W is the initial weight of sodium fluoride

My 1s the molecular weight of sodium fuoride

M. is the molecular weight of the complex, UFe3NaF

Henee, the functions fid) and f(B) can be cal-
culated from the F' valuzs obtained experimentally
by weight gain mcasurements. A plot of f(4) or
f(B versus £ should give a straight line if the rate of
reaction follows the Hnoar or parabolic laws, re-
spectively.

Variation of the rate constant with temperature
is usually treated by the Arrhenius equation. In
most cases when a diffusion mechanism prevails,
the activation cnergy is that for the diffusion proe-
ess. Pressure over a reasonably wide range is
generally not a variable in solid-gas reactions. In
this investigation, the uranium hexafluoride pres-
sure was maintained at about 90 mm.

Experimental

Materials. —HReagent grade sodium fluoride powder (J.
T. Baker Chemical Company) of 99.957 purity was used.
This material was passed thrcugh a 100-mesh screen, heated
overnight at 275° to remove surface moisture, and stored
in a desicealor until used; it had a surface area of 0.33 sq.
m./g. by nitrogen adsorptisn measurcments. Uranium
hexaHuoride was purified by several liquefaction and flashing
eyeles until the theoretical vapor pressure was attained.

Apparatus.—Two types of reactors were used: 1iz., a
nickel reactor and a helix spring reactor. The nickel re-
actor was fabricated from one-inch tubing and was equipped
with a small valve and conacctor. Sodium fluoride was
introduced by unsoldering a coupling hetween the body
and the valve,  The total reactor weight was kepl helow 200
g. so that an analylical balance could be used for the weight
measurements.

The helix reaclor, constructed of nickel and Pyrex tubing
joined by a Kovar sLaI had over-all dimensions of 1.5 by 30
inches. A ground glaqs joint scaled with Ialocarbon grense
permitted disassembly. A quartz helix gpring, having a
maximum load capacity of five grams, was employed for
weight change measurements.  Spriag displicement was
measured with o 10 em. ecathetometer. A small Pyrex
bucket hield the sample.  One-half and one gram analytical
weights were used Jor culibretion of the spring extension
versus load, lincar displacement being assumed over the
range measured. No change in spring constant was ob-
served upon recalibration afler the run. A nickel manifold
system provided for infroduction and removal of gases.
Pressure was tweasured by meuns of & Booth—Cromer pros-
sure transmitter® used in conjunction with a mercury man-
ometer. A ther m0=t1tod water-bath maintained reactor
lemperature to -=0.1°

Procedure. The nickel reactor was londed with approxi-
mately one-half graim of socium fluoride, heated under
vacuum and exposed to fluorine to minimize subsequent re-
action of uranium hexafluoride with the metal surface.
The sample was then allowed Lo rewct with uranium hexa-
fluoride at the bath tetuperaturs. At desired time intervals,
the re(tcior was removed and welghed In the I)rocndum

“The Electraue Pressure Transmitter and Sclf Bal-
June 20, 1944, (MDDC-803)

{01 3, Creouer,
ancing Relay,” Columbia University,
Preclassified Maeel 20, 1047,
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for the helix reactor, about cne-half gram of sodiumn Auoride
was weighed into the sample bucket on an analytical balance
and the apparatus was asserabled. The system was evacu-
ated overnight to remove adsorbed moisture. The sodiumn
fluoride was then exposed to uranium hexafluoride and the
spring extension was measured at various time intervals with
the cathetometer. Five readings were taken at each inter-
val and averaged; the deviation of the averzge was £0.03
mm. correspouding to a weight deviation of %3 mg. A
blank run with uraniur hexafluoride resulted in no weight
change, thus indicating negligible reaction of uranium hexa-
fluoride with the Pyrex bucket.

Results

The helix reactor was employed to establish the
rate dependency of the reaction since measurements
with this reactor were continuous, while the nickel
reactor was more conveniently utilized in studying
the reaction rate wvariation with temperature.
The results of the run with the helix reactor are
shown in TFig. 1. The curves of f(4) and f(B)
versus time clearly show the parabolic dependence
of the reaction. The data obtained with the nickel
reactor at several temperatures are presented in
Fig. 2. Rate cons:ants were calculated from the
values of the least squares slopes of the curves in
Yig, 2. These are presented in Table 1 together
with the constant calculated from the helix reactor
rur,

Tasue I
REacrion Rate Coxstayt AT Various TEMPERATURES
Temp., °C. £ X 10¢ heo 1 Temp., °C. k X 103 hr, 71
68.0 23.4 34.0 2.38
55.0 10.3 25.5 1.54
45.0 5.34 24 Q° 1.335°

@ Ilelix reactor run.

An Arrhenius plot of log % versus 1/7 is given in
Iig. 3. From the least squares slope, the activation
energy of the reaction is 13.1 = 0.2 keal./mole of
uranium hexafluoride and the frequency factor, 5.0
X 10° hr.—t, Thus the rate constant is given by
the expression

k= 5.0 X 108~ 10W0UET ppr -1 (6)
Discussion

In the Arrheuivs plot, Fig. 3, the value repre-
sented by the helix reactor run is in line with those
obtained with the nickel reactors. This good
agreement indicates that prefluorination of the
sodium fluoride in tne nickel reactor runs up-
parently has no effect upon the rexction rate, since
prefluorination was not employed when the helix
reactor was used.

Comparison of the curves of f{A) and f(8B) versus
time, Fig. 1, shows that the reaction follows the
parabolic rate law very closely. However, the
straight Line in the f(#) plot does not pass through
the origin, ‘The same behavior is shown with the
nickel reactor data (Fig. 2. The f(B) function ex-
hibits a large initial slope followed by a gradual re-
duction to a constant value. Examination of the
basic differential form of the parabolic equation
shows that as z approaches zero, the rate, dr/dt,
approaches infinity, which is impossible. Thus,
deviations from the parabolic equation are to be ex-
pected at very low values of x.  Correction for this,
by use of a modified expression, viz., dr/df =
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a/(1 + bz), as suggosted by Mott,” still does not ac-
count for the large initial slope which is obtained
experimentally.  Hence, the results imply a faster
initial rate of attack. It is probable that rapid
chemical reaction or physical sorption occurs on the
nitial surface by a different mechanism, which
prevails until a sufficient amount of surface is
covered by the complex. Diffusion through the
film layer then becomes rate-determining with
parabolic dependency. The paraholic law does not
take into account the initial surface reaction, and
therefore cannot be expected to account for the
early stages of reaction.®

Additional evidence for a dual mechanism was
obtained in a separate experiment., Sodium iluo-
ride was allowed to react for three hours in the
helix reactor at room temperature, the excess ura-
nium hexafluoride was removed, nitrogen admitted
to a pressure of 5 p.s.ig., and the system allowed
to remain intact overnight. Upon re-exposure to

(7) N. ¥. Mott, Trans. Faraday Soc.. 36, 1 (1940).

(8) 8. I. Gregz, “Surface Chemiszry of Solids,™
Corp., Inc., New York, N. Y., 1951, Chapter XIV.

Tteinhold Publ.
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uranium hexafluoride, & marked inerease in initial
rate was observed above that which would be ex-
pected by the parabolic rate law and similar to that
observed in the beginring of a run. After con-
tinued reaction, the data again followed the para-
bolic law, with the slope of the f(8) versus tune plot
exactly equal to that obtained in the first three-
hour reaction period. This renewed activity of
the sodium {luoride shows that the diffusion of
uranium hexafluoride to the interior of the particie
is the rate-determining step which kinetically fol-
lows the parabolic law,  Since diffusion is the rate-
determining process, the uranium hexafluorice sur-
face concentration is higher than that in the particle
itself. Under this concentration gradient, uranium
hexafluoride apparently migrated to the particle in-
tertor during the overnight standing.  This process
partially renewed the sarface for subsequent rapid
reaction with uranium hexafluoride. A similar oc-
currence has heen observed for the oxidation of cop-
per.?

9) J. B. Brown, M. Dole and €i. A. Lane, J. Chem. Phys., 27, 251
(1957,

LIQUID-LIQUID SOLUBILITY OF PENTAERYTIRITOL
TETRAPERFLUOROBUTYRATE WITH CHLOROFORM, CARBON
TETRACHLORIDE AND OCTAMETHYLCYCLOTETRASILOXANE

By K020 Suinopal anp J. H. HILDEBRAND

Conlribution from the Department of Chemistry of the University of California, Berkeley, California
Received December 23, 1957

We have determined liquid-liquid solubility curves for mixtures of (a) CHCl;, (b) CCl, and {¢) ¢-(CH;)sSi0), with {C,F5-

COOCH,),C in order to show th: effects of great disparity in molal volumes.
ester at 25° is 542 cc., the others are {a) 81 cc., (b) 97 cc., (¢) 312 cc.
expressed as mole 7 of (C,F;COOCH,),C, are, respectively, (a) 43.5°, 7.3; {b) 72.1°, 9.1; (e} 123.5°, 30.7.

The molal volume of the pentaerythritol
The critical temperatures and compositions, the latter
The critical

compositions in the very unsymmetrical systems {a) and (b) agree well with an expression derived frorm a regular solution
equation 1n which the entropy term is based upon mole fraction, not volume fraction.

The extraordinarily large molal volume of penta-
erythritol tetraperfluorobutyrate, 542 ce. at 25°,
together with its compact structure, fends 1t unique
value for studying the extent to which the thermo-
dynamic properties of solutions are afiected by
disparity of the components in molal volume alone
in the absence of pronounced configurational fac-
tors. We have found already that the solutions of
iodine in this Jiquid'™ as well as in octamethyl-
eyclotetrasiloxane,® molal volume 312 ce., show no
additional entropy of solution attributable to this
disparity. ‘T'he present investigation was under-
taken in order to learn whether this conclusion
would be confirmed in the case of highly unsym-
metrical hiquid-liquid mixtures.

Experimental

The pentaerythritol tetraperfluorobutyrate, (C;FyCQO-
CH,),C, was obtained from Minnesota Mining and Manu-
facturing Company through the kindness of 1r. N. W. Tay-
lor. It had been vacuum distilled at ca. 0.5-2 mm. and

(1) Department of Chemistry, Yokohama National University,
Minamiku Yokohama, Japan.

(1a) Kozd Slhinoda and J. H. Ilildebrand, Tris Jocnnswu, 62, 205
(1958).

(2) X824 Bhinoda and J. 11, Lildebrand, ibid., 61, 789 (1957}

Its refractive index was 1.3340 at 25°.
20°, 1.703;

Its density
25°, ..699;

160°.
has been determined to be:
44.4°, 1.6620; 59.2°, 1.6357.

The octamethyleyclotetrasi.oxane, (CH,)S10y, was pure
material furnished by the General Electric Company
through the kindness of Dr. R. C. Osthofl. Tt was dried
over CaCl, and vacuurn distilled shortly before use in order
to remove small amounts of polymer b.p. 66° at 14 mm.

The carban tetrachloride, obtained from Eastman Or-
ganic Chemicals, “‘Spectro Grade,”” was dried over silica gel
and distilled; b.p. 76.52° at 760 mm.

The chloroform, “Buker Analyzed'” Reagent, wus shaken
with mercury, washed succossively with dilute sulfuric acid,
aqueous potassium carbounate and wuter and theu dried over
aCly with protection {rom light and distilled; b.p. 61.2° at
755 mm.

Various amounts of the degassed cster were weighed into
tubes 6 mm. in diameter and 12 cm. long. The second
liquid was then added, the contents {frozen, evacuated,
sealed and reweighed. Consolute temperatures were oh-
served by repeated heating and cooling while shaking the
tubes. Successive observations agreed within 0.05° near
the top of the liquid-liquid curves, and within 0.2° on the
sides.

The values at 25° for the mixture with CCl; were obtained
by evaporating the volatile CCl; at 90° from weighed por-
tions of each phase.

Results
"The results are shown 1 Table I and plotted in
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120

100

& 1 1 ! l
0 c.2 0.4 0.6 0.8 1.0
MOLE FRACTION OF {C3f7COO0CHy)4C,
Trig. 1.
I'ig. 1. The ecritical compositions and tempera-

tures given in the table were obtained by plotting
the data as vclume fractions, ¢, vs. {emperature in
order to get riore symmetrical curves, more suit-
able for drawing rectilincar diameters.

The curves for CHCl; and CCl; are extraordi-
narily unsyminetrical and offer a stringent test of
the equations we have used for caleculating the
eritical composition. The one is derived from the
expression

In Ay = In zs + ng)lﬂ‘:&z s 62)“/R.’[’ (1)

which is based upon the assumption that the par-
tial molal entropy is ideal, — 2 In zy; the other is
derived by using in place of idezl entropy the
“I'lory-Huggins” entropy
= R [nds =il — ¥alw)] (2)
At the criticad point, the derivatives o0 ln a./0x2
and 0% In @y/0 x.* are both zero. 15 juation 1 gives
for the eriticat composition,?
M2+ v = viv)Vs — ]/ (v — V) (3)
Equation 2 gives ay/a = (vi/v2).”2  In the case of
B/ay = (Vi/va)/2 4
systems that are only moderately unsymmetrical,
equations 3 and 4 do not give very different re-
sults, and ejuation 4 gives satisfactory agree-
ment.* However, the systems with CHCl; and
CCly here presented are so unsymmetrical as to dis-
tinguish between them, as seen in Table II. The
good agreement with equation 3 adds one more im-
pressive evidence to those we have recently pre-
sented, that large differences in molal volume are
accompanied, in the case of compact molecules, by
(3) J. . Iildebrand and R. L. Scott, “Solubility of Nonelectro-

lytes,” Reinhold T'ubl. Corp., New York, N. Y., 1950, Chapter XVI.
(4) J. H. Hildebrand, Faraday Soc. Disc., No. 15, 9 (1953).
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Tasie I

Ligum-Liguip Sonusluity oF (C,F;COOCH.),C 1n MoLE
Per Cenr., 1002,

Component 1 100.r2 t;: °C:
CHCly 0.692 19.55
1.241 30.35

2.327 38.60

4.963 43 .38

8. 028 43.49

9. 472 43.15

13 .57 41.7

21.36 34.6

25.41 29.5

33.88 16.6

erit. 7.3 43.5

CCly 0.23 25.0
1.292 56.6

2.524 065.8

3.9041 69.95
7.094 71.82

9.116 72.09

13.70 71.68

18.29 69.90

27.06 62.7

32.13 57.1
52 25.00

crit.  9.13 72.1

C-(CHJ)gSlqu 6.14 1093
15.71 121.5

25.07 123.4
33.54 123.47
42 .84 122.86

54.48 119.6

67.22 111.6

82.46 91.8

crit. 30.7 123.5

no appreciable increase in entropy of mixing. We
have used for the zaleulation the moial volumes at
the critical temperatures shown in Table IT1.

TagrLi IT
Critica.  Comrosrrions, Ossgrvep AND  CALCULATED.
Mowk Pin Cznr. or (CF,COOCH,),C
Culed.

Component 1 Obsd, I8g. 3 K. 4

CHCl, 7.3 77 55

CCl, 0.1 9.4 7:1

(CHy)s5110y 30.7 31.3 309

Tasre 111
Moran Vorumes, Ce.
COOCH TN

Component 1 o Vi Ve
CHCl; 43.5 82.6 553
CCk 72.1 103 571
(CHj3)sS1,0 123.5 304 600

We have no value for the heat of vaporization of
(C;InCOOCH,),C  from  which to caleulate a
solubility paramete’, and can ask only whether a
reasonably consistent value can be obtained from
its solubility relations. Using the equation?

RTe(rvi + mava)? = 2mzv 28, — &)° (3)
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and the values of critical temperatures and mole
fractions from Table I, we obtain the values of
81 — & given in Table IV. Although d§-values are
temperature dependent. their differences are much
less so; therefore, if we use é-values at 25°, the
mean of the d.-values in the last column of the table
may be interpreted as a fairly approximate pa-
rameter for this substance. Because of the high
critical temperature of the mixture with c-(CHj)s-

TasLE IV
SovuBiLiTY PArRAMETER oF (C;H,COOCH,),C
Other component &1 — &2 81(25°) 82
CHCl, 1.9 9.0 7.1
CCl, 1.8 8.6 6.8
I, 7.4 14.1 6.7
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S1;04 we do not include the figure for 8, calculated
for this system.

The fact that ¢ is so much higher for its mixture
with (CHj;)sSisO4 than with CCly, in spite of the
nearness of the §-values of these liquids, 8.2 and
8.6, respectively, is consistent with the large
molal volume of the former, and accords with
equation 5. The effect is seen more easily in the
equation

ART: = (vi 4 V2) (81 — 8)?

which, although less accurate, more clearly illus-
trates the effect of substituting a component hav-
ing the same §-value but larger molal volume.

We express our gratitude to Drs. N. W. Taylor
and R. C. Osthoff for materials, and to the National
Science Foundation for support of the work.

NUCLEAR QUADRUPOLE SPECTRA OF THE CHLOROACETONITRILES

By J. D. GrayBEAL AND C. D. CORNWELL

Department of Chemastry, University of Wisconsin, Madison, Wisconsin
Received January 6, 1968

Resonance frequencies for C1% in polycrystalline samples of the three chloroacetonitriles are reported. The line shapes
obtained with a coherently operated super-regencrative spectrometer are discussed. A technique for making frequency
measurements is described which involves the injection into the spectrometer oscillator of a synchronizing voltage from a

second oscillator.

The coupling constants for the solids at 77°K. are —76.25, —79.60 and —83.29 Mec. for mono-, di- and
tri-chloroacetonitriles, respectively, averaged over small splittings due to crystal effects.

The deviations from the value

expected for a purely covalent C~Cl bond are probably due more to the influence of ionic character than to that of =-bonding.
The effect of the ~CN substitution on the CI% coupling constant, a 6-8 Mec. increase, is unusually large compared with cor-
responding shifts observed for o-her substituted chloromethanes, and confirms the strong electron withdrawal power of this

substituent.

Introduction

Nuclear quadrupole spectra in solids arise from
an interaction of the electric quadrupole moment of
the nucleus, e@, and the electrostatic field gradient
tensor ¢;; = (02°V/dx; dz;) at that nucleus pro-
duced by all other charges in the crystal.! Cou-
pling to a radiation field is through the nuclear mag-
netic dipole moment, with the selection rule Am =
+ 1. Since the spin of the CI* nucleus is */,, only
a single transition, m = =4 3/, «<— £ 1/, is ob-
served. The frequency? is

1 o\
=g leQq/h| (1 + g)

where ¢ = quz, and 1 = (gxx — Qyy)/uz 15 a1 a5ym-
metry parameter. The measurement of the quad-
rupole coupling constants, eQq/h, for the three
chloroacetonitriles will be deseribed and the results
discussed.

Experimental

Samples.—The monochloroacetonitrile was purchased
from the Eastman Kodak Company and distilled on a con-.
centric tube fractionating column. Di- and tri-chloroaceto- .
nitrile were prepared from the corresponding chloroacetic .
acids.®* The samples were allowed to age at Dry Ice tem-.
perature for several days before use because this procedure ,
led to an improvement in signal-to-noise ratio.

Spectrometer.—The radio-frequency spectrometer in-.
cludes an externally quenched super-regenerative oscillator, |

(1) H. G. Dehmelt and H. Kriger, Z. Physik, 129, 401 (1951).

(2) H. Kriiger, tbid., 130, 371 (1951).

(3) L. F. Fieser and M. Fieser, “‘Organic Chemistry,” D. C. Heath,
and Co., Boston, Mass., 1950, pp. 176, 180, 238.

provision for Zeeman modulation, a narrow-band audio am-
plifier tuned to the modulat:on frequency, a phase-sensitive
detector, and a chart recorder. The oscillator (15-60 Mc.)
and the associated quenching circuit (20-110 Ke.) follow
the design of Dean.* The sample coil, immersed in a dewar
containing the coolant liquid, is thermally isolated by a pair
of ceramic capacitors or short pieces of small diameter wire,
mechanical support being provided by a Lucite block. The
modulation coil is large enough to surround the dewar and
shield. The modulating current is approximately a square
wave, at 85 ¢./sec., with a peak value of two amperes, and
is provided by four 6AS7’s which are alternately conducting
and cut off. The current is monitored by observation of the
voltage wave form developed across a resistor in series with
the modulation coil. The twin-T in the narrow-band am-
plifier’ is adjusted for a band width of approximately 3 c. /sec.
The phase-sensitive detector cireuit of Schuster® is used with
only slight modification. Frequency measurements were
made with a BC-221 heteroc yne frequency meter, the crys-
tal calibration oscillator of which was adjusted to agree with
station WWV

Analysis of Line Shapes.—In the super-regenerative cir-
cuit, the oscillations may or may not be permitted to decay
below the level of noise voltages in the circuit before the next
build-up begins, and the corresponding modes of operation
are called incoherent and coherent.” The quenching voltage
is a pulse of controllable width and amplitude, and can be
adjusted for either mode of operation. Adjustment for co-
herent operation is relatively critical, because for optimum
sensitivity the oscillations must be permitted to decay to as
low an amplitude as possible, consistent with the require-
ment that the minimum amplitude still be large enough to

(4) Sce H. C. Allen, Jr., TH1s JoURNAL, 67, 501 (1953).

(5) G. E. Valley, Jr., and H. Wallman, ‘“Vacuum Tube Amplifiers,”
M. I. T. Radiation Laboratory Series, Vol. 18, McGraw—Hill Book Co.,
Inc., New York, N. Y., 1948, p. 403.

(6) N. A. Schuster, Rev. Sci. I1.str., 22, 254 (1951).

(7) J. R. Whitehead, ‘“Super-regenerative Receivers,”
Press, London, 1950.

Cambridge
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ensure phase cohercnee of oscillations in sueeessive quench
cycles, despite the presence of noise voltages in the circuit.
Nevertheless, this mode has been employed almost exclu-
sively in the present work, because the oscillator spectrum
in this case consists of a series of discrete frcquencies rather
than g serics of broad bands; only in this inoce do the sample
resonances exhibis their proper shapes and widths. The
resulting oscillator spectral pattern is depicted in Fig. 1.

As the oscillator frequency is slowly chaaxged by a syn-
chronous motor, the pattern of Figure 1 is shifted along the
frequency axis, and a resonance effect i3 observed as each
component in turn interacts with the sample. Since the
quench frequency is several times larger thar. the line width,
one need congider only the radio frequency field of a single
component of the oscillator current spectrum, say the nth,
of complex amplitude I,, close to a sample resonance fre-
quency. The response of the sample to a monochromatic
field may be described in terms of a complex maguetic sus-
ceptibility, ' — 7x’’/, the real and imaginary parts of which
correspond, respectively, to the phenomena of dispersion
and absorption.®* 'T'his change in susceptibility modilies the
impedance which the tuned circuit presents to the current
I.. In the approximation of constant current, the result
is equivalent to the introduction of a signal voltage v, having
a prescribed relationship to I, and hence also to V., exp (4d,),
the complex amplitude of the corresponding component of the
oscillator voltage. If the phasc of /, be measured relative
to that of Vnmi,, the voltage present when the oscillations
arc at their lowest level, the complex form of v is

v = 4xQlix’ + x")V. cos 3 exp 1{ra — B)

8 = tan~t (2Qu) —7/2 <8< xf2

u = (w — w)/an wy? = 1/LC
where wp and @ are parameters of the tank circuit. The
factor cos 8 exp( ~i3) is associated with the frequency de-
pendence of the tank circuit impedance. Eence 8 takes on
a different value for each component of the osecillator spec-
trum, but docs not vary significantly over the width of a
sample resonance line.

This signal alters Fmio. The effect is amplified through
super-regenerative action, in that the average level of os-
cillation is determined by the amplitude of Vmio.”? If o
is small compared with Fmi, the output of an amplitude
modulation detector arises from the real pars of v

Re@) = 42QV, cos 8[x" cos (. — 8) — x'sin (I, — 3]

while a frequency modulation detector resgonds to the im-
aginary part. Tae observed line shape will then represent
a mixture of absorption and dispersion effects, the relutive
proportions being determined by the phase angle, 9, — 3.
Oscillator Synchronization.—Some difficulty arises in the
measurcment, of resonance frequencies in dectding which of
the components of the oscillator spectrum at a given os-
cillator setting, is actually the one producing the signal. A
technique depending on synchronization of the spectrometer
oscillator with an external oscillator has been developed
by the authors. This has proved to be unambiguous and
relatively rapid compared with other procedures tried.
It is found that by coupling a sufliciently strong signal
into the spectrometer oscillator from an ex:crnal oscillator,
the former can be synchronized with the latter. A number
of tests served to establish that not merely the central compo-
nent (Iig. 1}, but any of the stronger sidebands can be locked
with the external signal, and remain synchronized in spite
of relatively large variations in quench frequency. Thus, if
a particular component is synchronized with the external
oscillator, and the quench frequency is then changed, the
single locked component remuains fixed and the others
draw in or spread out, the interval between successive com-
ponents being determined by the quench frequency. Even
with one of the outer sidebands synchronized, the quench
frequency can be changed over a large fraction of the usable
range without loss of synchronization. Alternatively, with
the quench frequeney held constant, the external oscillator
frequency may be varied by at least several sens of kilocycles
with the spectrometer oscillator remaining locked, the entire
sct of oscillator components shifting together in this case,
Several aspects of the mechanism of this process are per-

(8) An expression for y is given by H. G. Dehmzlt, Z. Physik, 130,
356 {1951). The equation for v obtained above differs from the cor-
responding result of Dehruett in the inclusion of a faclor, cos 8 eap.
{—1i3), which wHects the sliapes of sideband lines.
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tinent. The voltage from she cxternal oscillator increases
the signal level in the oscillator tank circuit a.nq thereby de-
presses the gain enough to control Fmia, which then be-
comes coherent with the injected signal. Since the quench
frequency is fixec. and the form of the oscillation cnvelope
is not much alterzd, the relative phases, d., are not appre-
ciably changed. Thus the line shape detected remains the
same when the cscillator is synehronized as when the ob-
gervation is made in the normal fashion. The occurrence
of locking with the external oscillator tuned to sidebands
can be understood from the fact that the sensitive period is
a4 smell fraction of the entire quench cycle, so that the ex-
ternsl signal and the oscillator voltage, Vmia, can remain
essentially in phese during this period; between one sensi-
tive period and the next, the relative phasc difference
amounts to an intcgral number of cycles, so these voltages
regularly come iito the proper phase relationship during
each sensitive period.

"The actual procedure for frequency measurement is then
as follows. The spectrometer oscillator {without frequency
sweep) is set initislly so that any one of its spectral compo-
nents produces a sample resonance signal, and this setting
need not be precise. A sutficiently strong signal from the
external oscillutor is coup.ed into the spectrometer oscillator
to lock with successive zomponents, and at each such setting
the quench frequaney is varied. In most cases a change of
several Ke., of the order of the sample resonance line width
or less, is sufficint tc rasult in the disappearance of the
resonance signal. The compounent in resocance with the
sumple can be selacted unambiguously by the fact that when
this component :s locked, the sample resonance signal re-
mains strong in spite of changes in quench frequency of 40
Ke. or more.  Acter the correct component has been identi-
fied, the measurement is made by adjusting the external
oscillator to maximize the sample resonance signal. The
most. convenient procedure, if sufficient power is available,
is to use the frequency meter oscillator directly as the ex-
ternal oscillator, since the result is then known immediately.
In other cases, a signal generator may be used to effect syn-
chronization; af-er it has been sect properly to the sample
resonance, the frequency is measured with the irequency
meter.

If the line is un absorption curve a single frequency is
measured; in the case of a dispersion curve both peaks are
measured and the average taken as the line center.  Meuas-
urements obtained with a given sample resonance being pro-
duced successively by sevaral different oscillator components
agree within experimental erroc. The chief errors in fre-
quency measurements arise from uncertainty in setting the
BC-221 oscillator to the line peak, and in the calibration of
the BC-221. Taiese amount to *=1.5 and 0.8 Ke., re-
spectively. The maximum uncertainty in frequencies re-
ported ig believec to be £35.0 Ke.

Results and Discussion
Prequencies of the C1¥ nuclear quadrupole
resonances for the three chloroacctonitriles are
given in Table 1.
Tamn I

QuavriroLs ResoNANCE FrbgusNeiss AND Ling Wivrs
o1 SoLin ClHLOMOACETONITIRILES

Corpound Qbsil {recueney,» Me. oine wilsh,® e,
CH,CICN 38.1251 = 0.0030 6.5 £0.7
CHCLCN 40.0840 £ .0030 4.3 :x .5

39.0233 £ 0030 6.2+ .6
30.7537 £ 0030 7.4 £ .8
39,4434 £+ 0030 5. 2= B
CCLCN 4].7206 = 0030 2.0+ .4
41.6660 &= .0030 3.5k .4
41.5340 = .0030 3.2+ .4

T

¢ Measured at liquid nitrogen temperature, 77 £ 1°

The smadl splitiings of the lines for the di- and
tri-chloroacetcnitriles are due to slight differences
in crystallographic  environment. Averages of
these values may be used for a discussion of chemi-
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cal bonding. I'or a singly-bonded chlorine atom,
7 1s small, and the quadrupole coupling constants
can be obtained from the average frequencies with
neghgible error in the present case by assuming 7
= 0. The resulting values appear in Table II.

TaBLE 11

rerer oF - CN SussTitumion o8 QuavkuroLE Courlang
CoNsTaNTS FOR CHLOROMETIIANES

DiTer-
Cormponmitt  e(qfh, Me, Compoinnd ef)a/h, Me. ol(l"(f
CH,;C1 —h&.40 CIL,CICN —76.25 7.8
C11,Cl, —72.47 CHQLCN —~79.G60 7.
CIICl, —506.98 CCLON —R83.29 6.3

©

¢ R. Livingston, THis JournaL, 57, 496 (1953); 20°I.

It has been shown by Townes and Dailey® that
the principal contribution to the quadrupole cou-
pling constant arises from valence p electrons, and
that accordingly eQg/k is a measure of hond type.
In order to interpret data in these terms, we may
describe each chloroacetonitrile molecule as a super-
position of several resonating structures. The
most important of these has u covalent C-Cl bond,
which may be considered to involve an sp hybrid
orbital of chlorine with 159, s charzeter, as sug-
gested by Townes and Schawlow?®; for this strue-
ture, the estimazed quadrupole coupling constant is
—93 Mec. The differences between this and the
observed values, which range from —76 to —83
Me., may be due to any of three efects: inter-
molecular forces oceurring in the solid, 1onic charae-
ter of the bond, and =-bonding. For common
molecular solids, the first rarely causes a difference
in eQq/h between solid and gas of more than 109;
therefore part of the difference must presumably be
attributed to the latter two factors.

Quadrupole coupling constants alone, without
actual measurement of 5, cannot serve to distin-
guish between ionic character and #-bonding, but
we may note one indication that the former factor
is dominant in the substituted methanes. Attach-
ment of substituents which are recognized from
other lines of evidence as having increasingly large
electron withdrawal power leads to a consistent in-
crease in the coupling constant of chlorine attached
to the same carbon.l® The direction of this effect
Is that expected from g variztion in ionic charaeter,
and opposite to that cxpected from a variation m

{9) For a general deseription of the Townes—Lailey procedure see
C. H. Townes and A. L. Schawlow, ''Microwave Spectruscopy,"”

MeGraw-IDII Buok Co., Ine., New Yors, N. Y., 1955, Chap. Q.
(10) . C. Allen, Jr., J. Am. Chem. See., T4, G074 (1952).
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Amplitude.

Frequency.

Fig. I.—Tourier spectrum of a super-regenerative oscil-
lator operated in the coherent mode. The spectral com
ponents are separated by the quench frequency.

amount of w-bonding. This result suggests that
the coupling constants are being affected more by
variation in population of the p,-orbital than by
that of the p,-orbital.

The ~CN substituent, as shown by group mo-
ment!*22 and chemice]l evidence, !9 exhibits
unusnally strong eleetron withdrawal power, and
hence replacement of H by CN might be expected
to produce a particularly large increase in the mag-
nitude of eQq/k if the deminant effect is that indi-
cated above. "The preseat results, when compared
with the data of Livingston for substituted meth-
anes, also included in Table II, do indeed show this
behavior. Replacement of H by CN results in in-
creases of 7.8, 7.1 and 6.2 Mec. in the chlorine cou-
pling constants. By comparison, the corresponding
substituent effects observed in the series studied by
Allen® range from 1.7 to 4.8 Mec.

These conclusions may be summarized as follows.
The direction of the chaige in eQq/k produced by
CN substitution shows that the principal effect is
that of variation in population of the p,-orbital of
chlorine. The magnitude of the change in eQg/k
confirms the relatively large electron withdrawal
power of the -CN substituent in aliphatic com-
pounds.

Acknowledgment.—The authors are indebted to
Dr. Harry C. Allen and Dr. Harlan C. Meal for
supplying details regarding the design and opera-
tion of their super-regenerative spectrometer.

(11) C. P. Smyth, "Dielectric Behavior and Struecture," MeGraw-
Hill Book Co., Tne,, New York, N Y., 1833, p. 253.

(12) () C. K. Tngold, “'Structure and Nechauiam in Orranic Chem-
istry,” Cornell University Press, Ithaca, N. Y., 1953, pp. 101-103;
(b) pn. 260-2G2.

(13) R. W. Taft, Jr.. J. Chem. Piys., 26, 43 (1957); L. P. Hammett,
“Physical Organie Chemistry," McGraw- till Book Co., Inc., New
York, N. Y., 1940, p. 188,
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Mass spectrometric studics of the gascous species evaporuting (rom NaOH-KOH mixtures show that in the temperature
range 600 to 700°K. the vapor consists of NaK{{)H), molecules in addition to monomers and dimers of NaOH and KOH.
Thermodynamic treatment of fon current data yields for the reactions 2KOH{g) = Ko (OH).(g), aH%pox = —46.5 £ &
keal./mole of dimer; KOH(s) = KOH(g), 5%y = 44.6 £ 3 keal./mole and for Na.(OH)(g) + K (OH).{g) = 2NaK-

(OH)o(g), AHY = 0,
Introduction

In previous work on the pure KOH*®** and pure
NaOQII* systems it was shown that the dimer is the
predominant gascous species in equilibrium with
the condensed phase in the temperature range 600-
700°K. Tlowewver, it was only possible to deter-
mine « lower limnit for the energy of dimerization of
KOH beeause dissocistive ionization of a dimer
molecule could not be positively eliminated as the
primary process for the formation of KOIL*. The
present investigation was undertaken with the in-
tention of obtaining a value for the snergy of di-
merization of KOR({g) and information on the
vaporization processes of NaOI-KOI mixtures.

Experimental

The apparatus nd experimental procedure employed in
this research involved a combination of effusion and mass
speetrometric techniques. Detailed discussion of the ap-
paratus and proce lure have been presented previously %*

Essential features of the apparatus include a 60 degree
direction-focusing mass spectrometer with a furnace us-
sembly mounted -lireetly below the ion source. The fur-
nace assembly includes an effusion ecll, resistance heating
clement, several layers of radiation shielding, thermocouple
and movable shutter plate, Neutral gaseous species which
are in equilibrium with a condensed phase effuse from the
orifice ol the Knudsen cell and pass through the shutter
plate and into the ion source of the mass spectrometer where
they are ionized by clectron hombardment with electrons of
selected cnergy in the range 5-150 volts. 'The ions thus
produced are accelerated in an electrostatic field, mass-ana-
lyzed in o variable magnetic field, and subsequently detected
on the collector plate of a 9 stage electron multiplier. The
output from the multiplier is fed through & vibrating reed
amplifier utilizing a 100 megohm resistor and is recorded.
The purpose of the shutter plate is to allow one to distinguish
between ions produced from ncutral species effusing from
the Knudsen cell and ions produced from residual back-
ground at the same mass. Identification > and thermo-
chemical data for the neutral species leaving the effusion
cell may be obtaiued {rom a systematic study of ions pro-
duced, appearance potentials and dependence of ion cur-
rent intensity on temperature.

During all runs platinum effusion cells were used, and the
ratio of orifice ares to evaporating area of the condensed
phage was less than 0.002. The effusion zell was heated
hy radiation from o tungsten filament. Radiation shielding
consisted of conecentric eylinders of tantalum and molyb-
denum.  With this arrangement the temperature of the
effusion cell could be maintained constant for several
minutes.  Temperatures were measured with a Chromel-
Alumel thermocouple which had heen calibrated against
the melting point of a sample of pure zine obtained from the

(1) Thix research was supported by the United States Aic Foree
throurh the Air I'orce Qffice of Scientific Research of the Air Research
and Developwment Command under Contraet No. AF18'603)-1.

(2) (u) R. I'. Porter and R, C. Selwonmaker, Tai3d Jovayarn 62, 234
(19581, LY R C Schoonmaker and R, T, Porter, J. Chea. Phys., in
press,

(30 W. A, Chinpka and M. G Ingliram, Tos JoouNan, 89, 100
(1935).

(1) M. G.lagheaio, W. A, Chupka and R, T. Porter, o, Chem, Phys.,
23, 2139 {1935).

National Bureau of Standards. Commercial, reagent
grade KOIT and NaOH were employed throughout. Several
runs were made with arbitrary NaOH-KOII ratios in the
condensed phase. Gencrally, the initial molar ratio of
KOH to NaOII was greater than 1. Since KO is the more
volatile component, the ratio KOH to NaOH decreas{’.s_in
the course of an experincent; and it is not possible to specily
the actual condensed phase composition corresponding to a
single measurement of icn intensity.

Results

"The major jon species for which shutter effects
were observed were: Na*, K+, NaOQH* KOH,
NuOH+, NaKOH* and K.OH*. No shutter
effects were observed during seans for higher species
such as NaK(OH),+, Nua,K(OH),+, I Na{OH),*,
Na,K(OH);* or K,Na{OH);+. If any of these
higher species were present they would represent
less than 29 of the intensity of the NaIKOH*
Identification of ion species was made initially by
counting from known hLackground pesks and con-
firmed by noting the isotopic mass shift when a
mixed sample of NaOI>» KO was loaded into the
effusion cell. A typical mass spectrum of NaOQH-
KOH vapor at 666°K. is shown in Table I.

TapLe I
Tyercar Mass Sererrum or NaOH-KOH Vaeor (T =
H06° K., 'Leeron ENERGY = 50 VoLTS)
Intensity

Ton Mass no, {relative units)
Nat 23 71
Kt 39 97
NaQIl - 40 11
KOH™* a6 65
Na 01T+ 63 86
NaKOIL + 79 100
K.OH* ah a9

Na+, K+, NaOH*, KOH*.—Over the entire
range of experimental conditions, Na* and K+
were among the most intense 10n species observed.
Appearance potentials for these 1ons were in good
agreement with the ionization potentials of the free
elements which implies that they were formed by
simple lonization of necutral, gaseous Na or K
atoms. “I'wo processes may be considered for the
formation of KOH* and NaOIIt: (1} dissociative
1onization of a parent, parent 4 e~ — MOH*
+ 2e~ + other fragments; (2) sunple ionization
of a neutral species, MOH(g) + e~ = MOII*+ +
2e~ where M represents either Na or K. In pre-
vious work? with pure NaOH it has been shown that
no appreciable amount of NaOH* is produced by
dissaciative 10nizatior: of a parent. Thus, the for-
mation of NaQH* is attributed primarily to simple
ionization of neutral NaOH molecules. In earlier
work*® on the pure KOH system it was not possible
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to present cvidence which was sufficiently conelu-
sive to allow ruling out either process (1) or (2) as
the primary source of KO+ If KOIHY is
formed by dissociative ionization of a parent, the
ratio f ko +/ £ parent ¢ Should be essentially mdopend-
ent of both temperature and composition of the
condensed phase. The data presented in Tables
IT and III shew that Tion-/7xons and fxan/
Inagomn+ are dependent upon composition of the
condensed phase and therefore KOII*t canunot be
formed mainly by dissociative ionization of either
the parent molecule of NaKOH* or K, (O1D),s If
KO 1s formed by simple ionization of t.}lt‘ neu-
tral species, KO, the following equilibria m.w be

considered: (u) 2[\()[1(3 or 1) = K(OI)(g), (b)
KOH(s or I} = KOH(g), (¢) Ky(OIl) (g) =
2KOII(g). The equilibria for the \ulp()rlZthlOI'l

reactions (a} and (b) imply that if the activity of
KOH(s,I) is altered at fixed temperaiure, there
nmust be a change in the partial pressures of both
KOt{g) and K3(OH)o(g) with a consequent change
in the ratio Pxon/Lrqon, i the « ‘thbuum con-
stant, £ = P!roun/Pryoun, for reaction () is to
r(:main invariant.  However, Pi(g) —= 77, -4 and
a change in the ratio Proa/Piaon, at fixed tem-
perature should h(‘ manifested as a4 change in the
ratio xou*/Tg.ou . Thedata presented in Tables
IT and II[ show that thix behavior is realized,  1'ur-
thermore, the data in Tables IT and I indicate
that at most only 109 of the KOH* could be at-
tributed to fragmmentization of IG(OH), and 2547
to fragmentization of the narent molecule of Na-
KOH*  These pereentages represent upper limits
and the true values may b2 mueh smaller.  Thus,
the primary source of KOII © must ke simple ioni-
zation of neutre] KOIL molecules.

TasLe IT

Varramion or fuon™ /ot wirn Fxperiueytan Cow-

DITIONS
Condensed
plase T K. Jiows flganme ®
Pure KOIT 661 0.53
728 0.49
NaOH-KOH mixture 703 558
¢ Tonizing eleetron energy = 10 volls.
Tapvre III
Varranton or Twont/Twaoont avn fron®/Rron® wirtn

ExvrridENTAL CONDITINONS

Condensed? _ fuoirse Inoree
phase i S5 Ixaxon .. Fisaoe b
(NaOH KOTMi(liq.) G604 25 2.7
Mixture (1)
{(NaOTT IO Y (L), G666 0.061 1.6

Mixture {23

® Mole fraction of KOH in mixture (2} greater thar that
In mixture (13, Ionizing clectron energy = 30 volts.

Na,OH+, NaKOHt, K.OH*.—Threc processes
may be considered for the formation of cach of the
lon species Na,OII? NaIKOH + and KOOI

(3)  lon-maolecule combinulion

AL 4+ MOH — MOH*
or M + MO —-> MOH™*

(8 The formation of KaOH * i atreibused to dissoeiotive ionization

of K:(OH)2(e); see reference 2a,

Casrous SPECIES IN iy NaOH-KOII Sysre

’1:87

(4) simple ionization of a neulral specics
-+ MOH — M-OH ™ + 2¢~
(3) dissoeiative lonization of a parent
¢~ + parent —> MOt | 2e™ -} other frogments

where M represents cither Na or I Aechanism
3 is considered to be highty uprobable under the
experimental conditions employed.  Such a proe-
ess would involve an ion-molecule collision in the
mass spectrometer 1on souwrce.  Siee the totul
pressure in the jon source region is less than 10 ¢
mm. the mean frec patk of ions and neutral mole-
cules in this region is large in comparison to the di-
mensions of the ion source.  Moreover, the period
of time that an ion remuins in the ion source after
formation from a neutral molecule is small.  These
two factors tend to make an ion—-molecule collision
improbable.  In earlier work'? with pure samples
of NaOII and KOII it. was shown by thermody-
namic argument that neither KoOIT nor Ne,OH -
was [ormed by simple lonization of neutral K.OI1
or Na, OII molecules, but that they were most prob-
ably formed by dissociative lonization of a parent
dimer. The appearance potential for NaKOH~
was found to be approximately 8.5 volts. This
value is intermediate between those for IGOITT
and Na,OH*, approxiriately 8 and 9 volts, re-
spectively, ‘This fact tegether with the apparently
anglogous nature of NalKOH* to Na.Oll* and
KGOH* leads to the conclusion that all three ions
probably are formed by a similar process, namely,
dissociative lonization of a parent. The absence
of detectable fragnients of mass higher than that of
NaKOIT* containing Na indicates that the most
probable parent of NaKOII+ is the neutral Nalx-
{OH}:» molceule. The presence of O~ was in-
determinate due to masking at mass 17 by high
residual background ion intensities.

The data presented in Table [V show that within
the limits of experimental error the oqu1llbuum
constant, K, for the reaction (d) Nua(OT1), (gl
-+ Kg(('JII)g(g) = 2Nals(OH):(g) is E‘-Eh(‘lltll“\ In-
dependent of temperature and condensed phase
composition.  Since K, is independent of temperi-
ture, Afl% ~ 0 for this reaclion. It should be
noted that except for electron multiplier efficiency
and ionization cross-sertion corrections the ratio
[TNawon ef(] Na:011 +tf-([m(nlfl) represents the true
equilibrium constant for reaction (d). We woukl
expeel that the relative ionization eross-sections
for Nas(OHja, NalX(OH); and I(OIT, would be
nearly equal.  The over-all correction for electron
mualtiphier efficicney? is considerably smaller than
the experimental error in the determination of
K... During a run with ionizing clectron energy of
20 volts it was found thaat the experimental deter-
mined values of X were still included in the range
2.8-3.3. This indicates that K., is also independ-
ent of ionizing electron cnergy as one might pre-
dict for this reaction.

Dimerization Energy of KOH(g).. Since KOH*
has been shown to be produced principally by
simple ionization of KOH{g) under the conditions
of these experiments, we may caleufate AHY for the

a0 M. Gl Inghram, T Tlayden and Do Fless, “Mass Succtroscopy
in Physies Research,” Nat. Bur, Standards, Cireular 522, 1952,
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TapLe IV
Tox Crrrent [NTeENsITY DaTa RELATED TO THE REACTION
Nuo( OF{g) 4 Ka{ O (g} = 2Nalg(O(g}

Condensede i ;-?EN“T"QE’_‘ 3, %
pnase 7 °K. TNy ed InaRoH» P Tesornesd Uramnie ) (isa0u+)
{NaOII-IXOM) 631 1.0 23 L.7 3.1
(liq.) mixture (1} H47 1.3 3.0 22 3.1
(58 22 5.2 =0 3.1
6.2 4.3 8.5 6.0 2.8
683 4.3 10.3 7.7 3.2
(NaOH-KOH) 61 10 1.4 06 3.3
{lig.) mixture {2) H0H6 2.4 28 [.1 3.0
s Mole fraction KOH greater in mixture (1) than in mixture (2). * Ionizing clectron energy = 50 volts. Ton eurrent

intensity units are relative.

reaction K.(OIl)x{g) = 2KOH(g) by the “Third
Law’ method. The equilibrium constant Pxon?/
Pryomy, 1s obtained from the partial pressures
of KOH(g) and IL.{OH):(g) calculated with the aid
of the equationt Py = ¢Tf;+ where ¢ incor-
porates @ sensitivity calibration of the mass spec-
trometer, electron multiplier efficiencies as a func-
tion of ion mass, and the relative lonization cross
sections for x(g) and the calibrating cgent.  Gen-
erally the calibrating substance is addad to the ef-
fusion cell and the calibration is made at the be-
ginning of each experiment. Since -most metals
which can be used for this purpose react with the
molten hydroxides, it was necessary to make sep-
arate calibrations before and after an experiment.
Potassium metal was selected sinee it has a high
vapor pressure near the temperature range of in-
terest. The effusion cell was loaded with a large
quantity of potassium and after waiting for equili-
bration of the vapor with the condensed phase, the
1on intensity of K3+ was recorded together with
the cell temperature. Since the vapo: pressure of
potassium is quife accurately known at the cell
temperature,” the sensitivity of the mass spectrom-
eter could be determined. Results of the pres-
sure calibration are given in Table V. For each
specics lsted it is assumed that the lonization cross
seetion to form the ion from its parent molecule,
relative to that to form K+ from K(g), is approxi-
mately cancelled by the relative multiplier effi-
ciencies. The pressures indicated are therefore only
the product of temperature, ion intensity and the
sensitivity constant. The values of Af® for each
reaction listed in Table V were comtined with a
value of AS" = 40 = 5 e.u. to obtain AH®. The
value of AS® was obtained by combining the terms

AS? (translation) 660°K. = +40.7 e

AS? {rotation) 660°K. = +4.9 (assuming a K-0O distance
of 2.27 A% and a square planar configuration anulogous
to that proposed for the alkali halide cimers® with a
symmetry number of four.)

AS? (vibration) 660°IK. = 0 to —I1.6 e.u. {assuming can-
cellation by all but {our modes of vibrition with fre-
quencies of 300 em.~! on higher.)

The major uncertainty in the values of AS® used
is in the vibraticn term since vibration frequencies
have not been reported for either the -nonomer or
dimer. The uncertainty in AFf? values listed in
Table V is estimated to be within £ § keal. /mole of
dimer and results from both the uncertainty in AS?
and the estimarion of ionization ecrcss sections.

(7)) K. K. Relley, Bur. of Mines Bullelin 383.

The equilibrium corstants for caleulation of A
arc based on these cross sections and probably are
good to within a factor of five. A value of AH°
54 = 5 keal. for the reaction Na{OH)s(g) = 2Na-
(OIl{g) has been obtained earlicr? by a method re-
quiring neither estimates of cross seetions nor en-
tropies. This value is in reasonable agreement with
that given in Table V and establishes a basis for
justification of the other values listed.

Combining an averaged value of Alf%gex. =
46.5 £+ 5 keal./mole of dimer for the reaction
K, (OH)y(g) = 2KOH(g) from Table ¥ with the
heat of sublimation of IK{OH).(g) (AMY%yex =
36 2= 2 keal. /male of dimer!) we obtain as the heat
of sublimation of KOH(g), Alf%ex = 41.3 £ 3
kecal./mole. Using an estimated” AC, of —10
cal./deg./mole for the sublimation process, we find
for KOH(s) = KOH(g), All%g = 44.6 = 3 kecal./
mole, Assumirg the monomer to be the principal
gaseous species neas the boiling point of KOIH
liquid, Kelley” has caleulated a value of AlfY%q
43.9 keal. /mole for the reaction KOH(l) = KOII-
{g) from the vapor pressure measurement of von
Wartenberg anc Albrechi,’  Combining this value
with a heat of fusion of KOH(s) of 1.8 keal./mole!!
gives AH "% = 45.7 keal. /mole for the heat of sub-
limation. Althhugh the dimer is the principal
species evaporating from pure KOII at low tem-
peratures, the monomer will inerease more rapidly
with temperature ithan the dimer, This is seen
by comparing the temperature coefficients (or AH
of vaporization values) for the two species and not-
ing that AC, of dimerization should be small. A
rough caleulation taking AH (dimerization) =
46.5 keal., AS{dimerization) = 40 e.u. and AC,
(0, gives a pressure ratio of monomer o dimer of
approximately 250 at the reported boiling point of
1600°K.” Using a value of AS as low as 30 e.w
gives a ratio of ehout 2. Thus the assumption that
KOII{g) is the specics ohserved in von Wartenberg
and Albrecht’s experiment in the 1400-1600°K.
range 1s justified anc it is unlikely that the agree-
ment between the value caleulated by Kelley and
that obtained in the present work is aceidental.

Discussion
The analogy between the vaporization processes

(8) L. Brewer and I, F, Maszick, J. Awm, Clem, Svc.
(1951).

9) B. H. Zimwm aud J. B, Muyer, J. Chem. Phys., 12, 362 (1914).

(10) H. Von Wartcuberg and P, A, Albrecht, Z. Electrochem., 27,
162 (1921).

(11) H. Beward and I, Martin, J. Awm. Ckem. Sec., TL, 35G4 (1949).

b

73, 2045
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TanLe V
Summary o 1JATA vor DiMER DIssoCIATION REACTIONS
AFT? AHTY
Reaction T(PK) Isou+2 Teq0i+9 Pyor {atm.) Preyom:s (atm.) (keall) {kesl.)®
IGLOWL(g) = 2KOH(g) 641 5.7 2.8 6.2 X 107 3.1 X 1078 20.3 45.9
6006 8.6 1.8 9.7 X 10 54 X 1078 20.6 47 .2
Al'q0 AR
7 (°K.) Invaom® Jgugam € Praop (atm.) Pruom, {atm. {kecal.} (keal.) b
Na(OH)({g) = 2NaOH(g) 666 1.9 11.5 2.2 X 1078 13 X 1078 25.7 51.4
Fraoi Puon P B2 ALY A1
T (“K.) Fnworr+® JTgoru+® Iawomre«® {atiu.) {atm.) {atm.) {keal) (keal) b
NuK(OH)(g) = NaOH(g) +
KOH(g) 660 1.9 8.6 13.4 2.2x10% 97 x10% 1.5 X 1077 24.0 49 6
@ Jon current units are relative to K¥ - = 100 corresponding to the vapor pressure of potassium of 7.3 3 1077 atm. at
429°K ., the calibration temperalure.  Sensitivity constant for mass spectrometer = 1.7 X 107 atm./unit °K. ° Assum-

ing ASY = 40 e,

of alkali halide and sndium and potassium hydrox-
ide should be noted. Evidense for gascous di-
mers of the alkali halides has been obtained in molee-
wlar beam studies by Miller and Kuseh!? and in
tmass speetrometrie studies on Lil by Friedman. '3
In the latter study the major 1on peak observed is
LisI*+ which 15 analogous to the Na,OH + or KWOH+
peaks. In neither the [il study nor in the pres-
ent experiments were the parent dimer ions of ap-

(12) R, C. Millzr and P. Kuseh, JJ, Chem. Phus,, 25, 800 (1950).
(13) L. Friedman, 2bid., 23, 477 (1055).

preciable intensity., The existence of the sub-
stituted dimer NaK{(OH), in the vapor of NaQl-
KOH mixtures suggests that substituted species
might also occur in mixed alkali halides. It is
interesting to speculate whether o guadratomic
molecule with differcnt atkali metal and halide
groups would be stasle and whether a hydroxyl
group could be substituted for a halide. It 1s note-
worthy that the present results indicate the stabil-
ity of NaR{OII}. to be intermediate between Nas-
(011} and IKL{OTT)..

NOTES

ESTIMATIONS OF THE SURFACE
POLARITY OF SOLIDS FROM HIAT
OF WETTING MEASUREMENTS

By A. C. ZErTLEMOYER, J. J. CHESSICK AND
C. M. HoLuaBaten

Contrshution fram the Surfare Chemistry Labaratory, Lehigh {iniversaty,

Bethlehem, ennsylvania
flereived Auyust £1, 1957

Tew efforts have been made to diffcrentiate
quantitatively between various solids in terms of
their surface polarity. An effeetive method 15 to
determine the heats of immersion of these solids in
selected organic liquids from which an estimation
of the average electrostatic field strength of the
polar solids can be made. Differentiation can
also be made between non-polar solids.

Such measurements have been made for rutile
(1)), Graphon! and Teflon? immersed 1n straight
chain butyl compounds which differ in functional
groups. These measurements have been extended
to include Cal’, and Aerosil, the former an ex-
ample of a strongly polar solid with a weakly
polarizable anion and the latter a predominantly
hydrophobic silica.

(1) J.J. Cheysick, A, C. Zettlemoyer, F. II. Healey and G. J. Young,
Canadian J. Chera,, 33, 251 (19533).

{2) J. J. Chessick, F, . Hecaley and A. C. Zettlemoyer, Tuis
Jovrwarn, 60, 1345 (1930).

Experimental

The calorimeter, associated equipment and general
techniques have been deseribed.®* Daker C.p. grade CaFs
was uged. This sample was washed with absolute ethyl
alcohol and distilled water, then activated at 150° and 108
mm. pressure for two hours before use. The surface area
as measured hy nitrogen adsorption measurements was 12.7
m.2/ez. Aerosil (Cab-O-8il) is finely divided 81O, prepared
[rom $Cl. by hydrolysis in a hydrogen flame and contains
at teast 99% Si0,.  This material was supplied by Godfrey
I,. Cabot, Inc. The surface area was 120 m.2/g.

Heats of immersion were determined in heptane, butyl
aleohol, butyl chloride azd nitropropane. These are desig-
nated RRH, ROM, RCI and RNQs,, respectively, in Fig. 1.

Results and Discussion

For a heteropolar surface interacting with a
polar molecule, the polar van der Waals forces
make a significant contribution to the interaction
energy. A major energy terni, ¥, arises from the
interaction of the dipole moment. of the adsorbate,
z, and the electrostatic field of the surface, F,
and is given by the cquation

Eu = —uF (1)
The heats of immersional wetting for rutile in a
series of straight chain butyl compounds werce
measured previously and were found to be a linear

{3) F.IL Healey, J.J. Chessick, A. C. Zettlemoycr and ., J. Youug,
ibid., 58, 857 (1934,

{4) A. C. Zettlemoyer, G. J. Youug, J. J. Chessick and ¥, H, Healey,
ibid., §7, 649 {1933).
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function of the dipole moment’ of the wetting
liquid.* Assuming that the differences i1 the heat
values were due primarily to k., the slope of the
linear curve was taken as a measure of the average
electrostatic field strength of the rutile surface.
Similar determinations are possible for other solids.

Heat of wetting values for rutile, CaF,, Aerosil,
Graphon and Teflon immersed in hexane, butyl
alcohol, butyl chloride and nitropropane are shown
plotted in I'ig. 1 as a funetion of the dipole moment
of the wetting liquid. The average electrostatic
field strength calculated from the slopes of the
curves in Fig. 1 -sing equation 1 are shown in
Table I, assuming a surface concentration of ad-
sorbed liquid molecules of 5 X 10! mol:cules per
em.?® and neglecting any differences in the pack-
ing of polar molecules in the surface of the solid.

It is probably proper to place the lin2s for the
rutile, calcium fluoride and Aecrosil so that the
intercepts fall above the points for the hydrocarbon
as was done previously.! The other wetting liquids
contain polar groups so that the contributions of the
induced dipole moments are no doubt more im-
portant in the lattcr cases.

Tanrg I

Cavcunaren Avieace Fienn STRENGTRS TOR SOLTD
ADSORDENTS

Sali:T ¥ fxﬁ? )
Rutile b 3
Aerosil 11
Graphon 0
Teflon 1]

{5) R. J. W. Le Fevre, “Dipole Moments,” John Wilsy ard Sonsg,
Ine., New York, N. Y., 1953, p. 133.
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De Boer® has calcuated the field at a distance
of 2.7 A. from the surfsce of NaCl to be 2.15 X
10% ¢.8.u. s0 the agreement in magnitude is excellent,
In addition, De Boer has calculated from completely
different, experiments va ues for the fields on rutile
of 4.1 X 10% e.s.u.and 0.9 X 10° e.s.u. at sparse and
approximately monolayer coverage, respectively.

The values listed in Table I do not include the
contributions due to dispersion forces. The heats
of immersion in heptane clearly indicate a large
difference in this contribution between Graphon
and Teflon. Smaller differences occur between the
polar solids.

The positive slope found for Aerosil suggests
that this material is weakly polar. However,
water and nitrogen adsorption measurements show
that the surface of this solid is predominantly hy-
drophobic; only about 259 of the surface will
adsorb water up to about 0.3 relative pressure.
The hydrophilic portion consists of silanol groups.
Aerosil was included in this study to show that
judgment of the nature and the over-all polarity
of a solid on the basis of heat of immersion meas-
urcments can be mislecding if other information is
not available. Graphon and Teflon are both hydro-
phohic solids. [t is roteworthy that Teflon has
more polar sites per unit area than Graphon.?
These polar sites amount to (.75 and 0.15%, of the
surfaces of Teflon ana Graphon, respectively.
The data in Table I suggest an absence of a field at
the Graphon and Teflor surface. This certainly
1s not so. Apparently, the experimental approach
is not sensitive enough to detect the small electro-
static frelds at the surface of these solids,?

Acknowledgment.—The authors greatly appreci-
ate the support provided by the Office of Ordnance
Research, U. 8. Army.

(6) J. Ii. De Boer, ""Advances in Collotd Science," Vol. ILI, Inter-
wcience ublishers Inc., New York, N. Y., 1850, Vol. VIII, . 102, 1956.

{7) J. H. De Boer, “Advances in Oatalysts,"” Val. VILI, Acadermic
Preyr Tne,, New York, N. Y., 1936, p. 30.

THE MOLECULAR WEIGHT AND VAPOR
PRESSURE OF GASEOUS BORON
SUBOXIDE

By Miron D. Scoerr
Applied Reaearch Operation, Plight Propulsian Lahoratary Department,
General Llectric Comgpany, Cincinnaty, Qhio
Heceived Saplemher 8, 1957

The stability of a suboxide of boron has been
known for some time.** A polymer of composition
(BO), has been preparec?® by the dehydration of
sub-boric acid (II4B.0Qy. The preparation of this
same suboxide from a B(s)-Bs0;(1) mixture has
heen accomplished by Kanda and his co-workers.
These investigators heased such a mixture in vacuo
in a tantalum crucible covered by a perforated lid.
Condensation of macroscopic quantities of the
polymeric (BO), upon a glass target was observed
with the crucible at tem»eratures as low as 1320°K,

(1) H. Kahlenberg, Prans. Am. Blectrochem. Soc., 4T, 23 (1925).

() E. Zintl, W. Moraweitz and T, Gustinger, Z. anorg. allgem.
Chem., 246, 8 {1940).

{3) T. Wartik and E. Apple, . dm. Chem. Soc., 77, 6400 (19055).

{4) F. A, Kanda, A. J. King, V. A, Russell and W, Katz, ibid., 78,
1509 {(1956).
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Inghram, Porter and Chupka® recently have
made a mass spectrometric study, in the tempera-
ture range 1300 to 1500°K., of the gaseous species
effusing from an alumina Ixnudsen cell containing
a B(s)~-B:0;(1) mixture. The major ion peaks ob-
served were By0.t, B,O3;*, B+ and BO+*. The
presence of B+ and BO~ was attributed to the
dissociative ionization of B.0;(g) and By0s(g),
while B0, * and ByO;* seemed to be formed by the
simple ionization processes

Bzoz(g) + e~ —> B.0O,* 4 Ze~ and
BgOg(g) +e” —> B203+ + 2e~

Assuming that the relative ionization cross sections
for Ag(g) : B20s(g) :B:05(g) were as 1:2:2, Inghram,
et al., calculated the partial pressures of B.O;(g)
and ByOy(g) from the known vapor pressure of Ag
and the measured ion current ratios B,O3*/Ag* and
B,0,t/Agt at an ionizing energy of about 120 e.v.
The B,0,:By0; pressure ratio, calculated in this
fashion, was found to be about 7 to 1 in this tem-
perature range. The pressure of B,O; from the
B(s)-B:0s(1) mixture was found to be about one-
fifth that measured by Speiser, Naiditch and John-
ston® and about one-half that observed in this
Laboratory? for pure B.O; Inghram, et al,
tentatively . attributed this decreased thermo-
dynamie activity of the B;0;(1) to its depletion in
a reaction with B(s) forming another unidentified
condensed phase. From the slope of a log ppaos
versus 1/T plot, a value of 94 kcal./mole was
obtained for the heat of sublimation of B3:;0.(g)
from the B(s)-B:03(1) mixture.

This present investigation is concerned with an
independent method of measuring the pressure and
gas phase constitution of the species evaporating
from a B(s)-B;0;(1) mixture. The apparatus used
is described in detail in a previous communication.”
In brief, it consists of a device which can measure
both the weight of, and force exerted by, the vapor
evaporating from a condensed phase and effusing
through two small circular orifices. From kinetic
theory considerations, such measurements yield
both the molecular weight and pressure of the ef-
fusing species.

Experimental

The only modification of the apparatus described pre-
viously? is the substitution of a tantalum cell for the one
made of platinum. The reason for this is the formation of
a low-melting (<1000°) Pt-B alloy. Tantalum also forms
a boride, but it is highly refractory.

Boric oxide was prepared by the dehydration of C.p.
boric acid. Elemental boron (about 999, pure) was ob-
tained from Cooper Metallurgical Associates. The major
impurity was found to be boric oxide. Except for about
12 hr. of outgassing at 800° and 10~% mm. pressure, no
further purification of the boron was attempted. A mix-
ture of this boron and boric oxide, in a 3 to 1 boron to oxygen
atom ratio, was placed in the torsion cell and thoroughly de-
gassed before the torsion and weight loss measurements
were made.

Results

It has been shown previously” that the pres-
sure p and the molecular weight M of the vapor ef-

(5) M. G. Inghram, R. I'. Porter and W, A. Chupka, J. Chem.
Phys., 26, 498 (1956).

(6) R. Speiser, S. Naiditch and II. L. Johnston, J. 4m. Clem. Soc.,
72, 2578 (1950).

(7) M. D. Scheer, Tuis Journar, 61, 1181 (1957).
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Fig. 1.—Pressure of gas evaporating from a B(s)-B;0;(1)
mixture: x, mass spectrometric data of Inghram, et al5;
@, torsion data obtained in this investigation for a mixture
with 2 3 to 1 B/O atom ratio.

fusing out of the cell at some temperature 7 is
given by the expressions

2qWg + W
g B ; n\
p afq Z QanB /
n

20Ws + Y. ¢ Wan\*
n

89)

=9 e W 2)

M kT 2qIVB Z ([anB p2 ( )

n

B is the angle through which the cell rotates as a
result of the effusing gas, & is the torsion constant
of a quartz fiber from which the cell is suspended,
a is the perpendicular distance between the ef-
fusion holes in the cell, ¢ is the area of one of these
two equal cell holes, ¢, is the area of one of the
twelve holes in the platinum radiation furnace
which surrounds the cell, f, Wg, and W,s are
factors correcting for the departure of the holes from
ideal orifices, w is the rate of weight loss of the cell,
and R is the molar gas constant,

A summary of the data obtained from 14 torsion
measurements in the temperature range 1294 to
1457°XK. is given in the first two columns of Table
I. The pressure p given in the third column is
caleulated from 8 by means of eq. 1. The last
column of Table I gives the pressure exerted by the
suboxide species, and hence is corrected for the
partial pressure of B.Os(g) as obtained from meas-
urements reported -reviously.” This correction
assumes that the thermodynamic activity of
B;0;(1) does not decrease in the presence of B(s),
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so that p and proyz given in the last two columns
of Table I are in effect upper and lower limits for
the gaseous suboxide pressure. Figure 1 is a plot
of log p(soyz versus 1/T for the data ob.ained here
as compared with the mass spectrometric measure-
ments by Inghram, ef el A least mz2an square
representation of the torsion data is given by
log pipoy> = 6.609 — (72,400/4.5757") 3

when 1204° <7T'<1457°K.

Table II contains the results of four rate of
weight loss measurements carried out with the
same apparatus used for the torsion measurements.
The quantity given in the second column has been
corrected for the maximum possible amount of
B;0;(g) in the effusing vapor (less than one-tenth of
the suboxide in this temperature range). The
suboxide pressures at these temperatures are cal-
culated from the torsion data represented by eq. 3
and are given in the third column. The last column
of Table II gives the molecular weight of the ef-
fusing species as obtained from these data and cq.
2. The average of these four determinations is
558:3 g./mole, while 53.0 is the formula weight of

22

Discussion

The measurements reported here show that, in
the 1300° to 1500°K. temperature range, the major
gaseous suboxide formed in a reaction be-ween B(s)
and B,04(1) is B:Os(g). The presence of BO(g)
was not detected in these experiments. Iiven
using the smallest experimentally determined
molecular weight (51), the caleulated BO(g) coneen-
tration is found to be considerably less than one-
tenth of the ByOi(g). These conclusions are in
complete agreement with the mass spectrometric
observations of Inghram, Porter and Chupka.?

The pressures measured here, however, are six to
eight times larger than those measured in the same
temperature interval by Inghram, et al. Also, the
temperature dependence of the present results
yields a AH of 72 kcal./mole compared to the
94 + 8 found by Inghram. These differences are
greater than any experimental uncertainty in
either set of measurements. It is necessary, there-
fore, to look elsewhere for an explanation,

A possible explanation is suggested by the ef-
fusion experiments of Kanda and co-workers?
who reported that the yield of sublimed (RO),
polymer depends upon the B/0O atom rstio of the
mixture used. They found that maximum sub-
oxide yields were obtained with mixtures having a
B/O ratio between 3 and 4. It is therefore sug-
gested that equilibration between the condensed phases
{B(s), B.0i(l), and possibly (BO),| and gaseous
B10, is not readily achieved tn such effusion experi-
ments. The difference between the two sets of
measurements can tben be understood, if it is
assumed that ccmplete equilibrium was not
achieved in either set of experiments. Hence,
both walues for the heat of vaporization are prob-
ably in considerable error.

Gaseous B0, can be formed by at least two paths
—one directly from B(s) and ByOs(l), namaly

2
3 BG) + %BzOsO] — > B0y
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Tanre I
Tors1oN MEASTREMENTS FOR THE B-Ba{); SysTEM®
Plro)r X 10 8
T S 8 X 10-% rad. p X 1074 atm. atm.
1294 3.3 2.5 2.5
1307 4.4 3.3 3.2
1326 6.7 5.0 4.8
1342 9.1 6.8 6.4
1361 12.7 9.5 8.9
1379 17.8 13.3 12.4
1309 26 .4 19 8 18 7
1410 36.3 27 .2 25.7
1424 41 4 30.9 28 4
1432 51.1 38.2 34.9
1441 62.8 459 12 .8
1448 69 G 52.0 47.3
2453 79 0 59.1 53.3
1457 87 7 65.6 59.3
log Py = 6.600 — [ 020.

¢ 5 was calculated from eq. 1, where k = 8.948 dyne em./
rad., & = 1.55 em., f = 0.850, W = 0.805, ¢ = 0.019
em.?, £ g.War = 0.523 cm.2.  The quantitics . ¥, ¢ and
Z.W .n are obtained from measurements at 298°K. Small
corrections for the thermal expansion of tantalum and
platinum at the high temperatures were made from the data
of Iidwards, Speiser and Johnston.®

TabLe IT
WeicnT Loss MEASUREMENTS TOR THE B-Di(0, SysTRm®
/20Wn + ) @ Wan

n

\ 2WB ) guWnb
n

w

P{ro)z, M,
T, °K. g /em.? e, dynes/cmn.? g./maole
1340 54.2 X 10~¢ 6.32 51
1355 74.0 8.54 52
1370 107 .3 11.5 62
1410 20¢ .0 24.4 54
Av. 55 %3

* pipoigis caleulated from the least squares fit of the tor-
sion measurements given in Table I.  Af is calculated from
eq. 2.

and the other »ig the intermediate formation of a
condensed (BO), polymer

-,f B(s) + j B.l) —> (BOY,
x
(B0). —= ¥ B.0:(g)

Evidence for the oceurrence of an appreciable con-
densed phase reaction is provided by (1) the de-
creased ByOs(g) pressure in the presence of B(s),
observed by Inghram, et al., and {2) some X-ray
diffraction data taken in this T.aboratory of the
B-B:0; mixtures used for the above measurements.
Separate samples from various regions of the tan-
talum torsion cell were taken. A thin shiny film
of the refractory Ta;B: was found to be formed
wherever the mixture came in contact with the
cell wall. Dark brown globules,{appearing spo-
radically throughout the mixture, gave patterns
showing the amorphous structure of B.O; only.
There was no trace of the distinet boron structure
shown by cither pure boron or those portions of
the mixture not formed into dark brown globules.

(]) J. W, Tdwards, R. Speise~ and H. L. Johnston, J. Apnl. Phya,,
929, 424 (1951).
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Since pure boric oxide is white, these dark brown
globules must contain additional boron in some
form other than B;0; and B [probably as (BO),].
Quantitative measurements of the condensed
phase reactions between B and B:0O; at tempera-
tures in excess of 1000° would be of great value for
further elucidating the origin and energetics of the
gaseous suboxide of boron.

Acknowledgment.—The author wishes to ex-
press his thanks to J. A. Homan for assisting
with the experimental work. The X-ray diffrac-
tion data were supplied by W. M. Spurgeon and O.
Isaacs of the chemical engineering group in this
Laboratory.

THE STABILITY OF ORGANIC SULFONIC
ACIDS IN DILUTE AQUEOUS HYDROGEN
PEROXIDE

By H. T. Hoogway anD B. Serton
Chemical Research Laboralory, Department of Scientific and Industrial
Research, Tedaington, England
Received September 12, 1957

In a recent communication,® Wood has drawn
attention to the degradation of sulfonated cross-
linked ion-exchange resins with hydrogen peroxide.
Some years ago we commenced a study of the
stability of sulfonic acids toward hydrogen per-
oxide? but the work was not completed. The re-
sults obtained are however of interest in confirming
and extending Wood’s observations.

The reactions of the following acids with hydro-
gen peroxide were studied: methanesulfonic-, ben-
zenesulfonic-, m-nitrobenzenesulfonic-, toluene-p-
sulfonic-, polyvinyl sulfonic-, polystyrene sulfonic-,
and two sulfonated styrenedivinylbenzene copoly-
mers. In all cases extensive decomposition of the
sulfonic acids occurred at 60° with 2.94 molar
aqueous hydrogen peroxide solutions. Sulfuric
acid, carboxylic acids and carbon dioxide were
produced. The results are summarized in Table
I and Figs. 1. 2 and 3.

Experimental

Since oxidations involving hydrogen peroxide are cata-
lyzed to varying extents by metallic 1ons, care was taken in
»urifying the sulfonic acids. The water soluble materials
were frced from traces of copper and iron by passing 0.1 N
aqueous solutions slowly through a column of sulfonated
cross-linked polystyrene (109 divinylbcnzene; resin in the
aydrogen form). Spectrographic examination of materials
treated in this way showed that copper and iron were no
‘onger present.  The cross-linked materials were laboratory
prepared samples and it is unlikely that they contained cven
trace amounts of copper or iron.

The oxidations were carried out in the presence of a large
cxcess of hydrogen peroxide.  Small samples of the reaction
mixtures were withdrawn from time to time and titrated
against 0.05 NV sodium hydroxide. Hydrogen peroxide was
estimated in other small samples by titration with 0.1 N
potassium permanganate. Sulfuric acid was determined
as barium sulfate; consistent results were obtained by
following Rudy’s procedure.?

The reaction flasks were connected to absorption trains
consisting of two traps containing sulfuric acid, a calcium
chloride-soda lime tube and, finally, another trap contain-

(1) W. Wood, TH1s JoUurNar, 61, 832 (1957).

(2) Chemistry Research 1952, Mer Majesty’s Stationery Oflice,
London, 1953.

(3) R. B. Rucy, J. Res. Nall. Bur. Standards, 16, 555 (1936).
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Fig. 1.—Oxidation of sulfonic acids with hydrogen per-

oxide at 60°: A, 5 X 107% M toluene-p-sulfonic acid 4+
2.94 M H,0.; B, 5 X 107* M m-nitrobenzenesulfonic acid +
2.94 M H,0,; C, 5 X 10~* M benzenesulfonic acid -+ 2.94 M
H,0,; D, 5 X 1072 toluene-p-sulfonic acid + 0.29 M H,O,;
I, 5 X 1072 M methanesulfonic acid 4 2.94 M H,0,.
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Fig. 2.—S8ulfuric acid produced during oxidation of sul-
fonic acids: A, conditions as for Fig. 1, curve A; B, condi-
tions as for Fig. 1, curve C; C, conditions as for Fig. 1,
curve D.

0 60

[

ing sulfuric acid. In all experiments a slow stream of ni-
trogen was bubbled first through a hydrogen peroxide “sat-
urator’’ and then through reaction flask and absorption train.
It was found that under these conditions all the carbon
dioxide formed during the reactions was swept into the ab-
sorption train and that zhanges in volume of the reaction
mixtures due to evaporation were negligible. The weight
of carbon dioxide evolved was determined by weighing the
soda lime trap. Corrections were applied to allow for
changes in volume of the reaction mixtures due to removal
of samples for titration.

TasrLe I

OXIDATION OF PoLYVINYL SULFONIC AcCID AT 60°
2.94 M H,0,, 4.2 X 1072 M Acid

Time (hr.) 105 245 31.5 480 55.0 72.0 80.0
Increase in acidity ’

(mg. equiv./L.) 140 185 19.5 240 280 380 425
H.S04 (mg. moles/L.) 16.5 185 200 g 25.5 25 29.5
CO2 (mg. moles/1.) 0.5 15 1.5 6 5 9.0 16.0 17.5

Discussion

It is evident that cven in the absence of catalytic
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Fig. 3.—Decomposition of polymeric arylsulfonic acids:

A, polystyrenesullonie acid (sulfonuted styrene-divinyl-
benzene copolymer); , 0.0% divinylbenzene; €, 104
divinylbenzene; al: 8 X 1072 M with respest to reaction
mixture; Y, polymer in solution.
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. 4. —Iiffeet of added acrylonitrile on the oxidation:
A, 294 M HiOe, 5 X 1072 M GiIGSOQ:H; B, as above hat
L M with respect to acrylonitrile; X, polymer pptd.;
W, 909 yield of polymer,
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amounts of copper or iron, extensive decomposition
of both aliphatic :nd aromatie sulfonie acids oceurs
under the reaction conditions deseribed. The
course of the hreakdown of the aromatic sulionie
acids 1x undoubtedly complex, and the muoked
inereases in total acidity and sullurie acid i the
reaction mixtures support the view that ring-hreak-
g must be an early consequence of the oxidation.
The rates of decoruposition of henzeoesulfonic,
m-nitrobenzencswfonie und toluene-p-sulfonic acids
ar¢ remarkably similar (Fig. 1, curves A. I3 and C),
and it is tempting to suggest that the frst step at
least of their decomposition involves a radical,
rather than an lonic mechanism. Some support
for this view has been obtained by observing the
effeet of adding a 1 molar aqueous solution of
acrylonitrile to a toluenc-p-sulfonic acid—hydrogen
peroxide substrate at 60°. The results are shown
in Fig. 4. It will be seen that the oxidation reaction
1s virtually completely suppressed, but that rapid
polymerization of the acrylonitrile takes place.
Experiments with methanesulfonie acid and ben-
zenesulfonic acid gave similar results.
Polystyrenesulfonic acid and its cross-linked
analogs may be attacked both in the polyraer chain

Nores
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and the aromatie ring system.  Figure 3 shows the
sarbon dioxide evolution from typieal reaction
mixtures, ‘The material containing 0.59, divinyl-
henzene as cross-linking agent behaved very simi-
larly to polystyrenesulfonic aeid. The rate of
evolution of carbon dioxide with both the 0.59%; and
109, cross-linked materials increased markedly
when complete solurion was achieved. This in-
crease in rate of decomposition might be expected
as u result of the trensition from a heterogeneous
to a homogencous reaction.

It will be observed from Table I that the oxida-
tion of polyvinylsulfonic acid showed features which
had not previously been cocountered, Until
rather less than half the sulfonic acid groupings had
disappeared virtually no carbon dioxide was evolved
and the merease in acidity of the reaction mixture
was duc centirely to the presence of sulfurie acid.
There was a marked increase in the total acidity
of the reaction mixture after half the sulfonic groups
had formed sulfuric acid. This increase in acidity
was greater than the ncrease i sulfurie actd and
was accompanied by a sharp rise in the amount of
carbon dioxide evolved. Thus, in contrast to the
other sulfonic acids, polyvinylsulfonic acid does not
undergo appreciable degradation of the molecule
until roughly half the sulfonic acid groupings have
disappeared.

Acknowledgment. This note is published with
the approval of the D:rector, Chemical Rescarch
Laboratory.

THE SUBLIMATION PRESSURE O°
KRYPTON BELOW S0°K.
I3y B. B. Fisner aNo W. G, McMiLLan

Denartment af Chemistry, Universily of California, Los Angeles, Calif.

Received Sentember 19, 1957

In connection with a study' of transitions in
absorbed monolayers of krypton it became neces-
sary to know the vapor pressure of solid krytpon in
a range considerably below those previously re-
corded m the literaturz,  In the absorption ap-
paratus employed? the wvapor pressuze of the
krypton could be measured directly by condensa-
tion of a large excess into the adsorption chamber.
Temperatures were measured with an argon vapor
pressure thermometer, sing the tables of Foge®
for conversion to degrees Kelvin, Krypton, of
spectroscopic grade (Linde Air Products Conipany),
was used dlrc,ctly without further purification,
The argon employed iv the vapor pressure ther-
mometer, originally “99.5¢%" grade {Ohio Chemical
and Manuhclmlng Comp: my) was passed through
a charcoal trap at liquid nitrogen temperature to
remove adsorbable impurities,

The solid triangles of Fig. 1 show how our data
overlap and extend those of previous investiga-
tors.4=7 {The experitmental points above 80°K. of

(1Y B. B. Iishar and W, (., MeMllan, J. Am. Chem. Soc., 79,
(U571 J. Clhem. Phys., to be pullished.

(2) Ref. 1, Part [.

{3) H.J. Hoge, Table 19.50, NBE-NACA, Tables of Therrual Propoer-
vies of Gases, July, 1950.

{4) K., DPaters and K. Weil, 2. phpsik. Chem. AL148, 27 (1030).

(3) L. Justi, Physik. 7., 36, 57 (1935).
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Fig. 1.—Comparison of exverimental vapor pressure of
krypton with theoretical curve.

several other investigators®® are in essential agree-
ment, but have been omitted for clarity.) The
curve in Fig. 1 was derived from the theoretical

formula?®
% 1{L (T, (TG
I pam = — 2% + & ; r [, car fo TdTE +
gln KT — B'P — 31n (2xh*/m) — In (1.013.10° /760)

in which the data of Clusius® for the heat
capacity Cs at saturation were used in the integra-
tion. Values for the second virial coefficient were
calculated from the results of Mason and Rice!!
with the aid of the tabulation given by Rice and
Hirshfelder.!? This correction for gas imperfection
amounts to only 19, at the triple point, and rapidly
declines in importance with decreasing tempera-
ture. Since there apparently exists no direct
calorimetric measurement of the heat of subli-
mation, the quantity Ay has been selected s0 as to
give the best fit to the composite vapor pressure
data. The resulting choice of 2.6575 keal./mole
is to be compared with the values 2.660 and later
2.6526 recommended by Clusius," e al..* and
2.633 by Keesom® and co-workers.

Below about 70°I€,, as indicated in Table I, our
data 2xhibit significant departures from the theo-
retical curve, which we believe to be more trust-
worthy in this range. Although in the appropriate

(6) W. H. Keesom, J. Mazur and J. J. Meihuizen, Physica, %, 669
(1935).

(7) 8. Chu Liang, J. Appl. Phys., 22, 148 (1951).

(8) Ir. J. Allen and R. B. Moore, J. Am. Chem. Soc., 63, 2522 (1931).

(9) K. Clusius, A. Kruis anc¢ F. Konnertz, Ann. Phys., 33, 642
(1938).

(10) K. Clusius, Z. physik. Chem., B31, 459 (1936).

(11) E. A. Mason and W. E. Rice, J. Chem. Phys., 22, 843 (1954).

(12) W. E. Rice and J. O. Hirshfelder, tbid., 22, 187 (1954).
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TaBLE 1

COMPARISON BETWEEN THEORETICAL AND lUXPERIMENTAL
KryprroN VAPOR PRESSURE Brrow 80°K.

T(°K.) Exlg).l\r (ml’]I]‘i))eory T(°K.) Exp‘{)Kr (mm’i‘)heory
80 3.17 3.18 71 0.386 0 370
79 2.55 2.56 70 .298 .284
78 2.04 2.05 69 .229 215
77 1.62 1.63 68 174 .161
76 1.29 1.30 67 (132 .120
75 1.020 1.031 66 . 1005 .0885
74 0.805 0.810 65 .0765 .0640
73 635 .630 64 .0577 .0455
72 .498 .485 63 0428 10324

direction, it is doubtful that deviations of the
magnitude indicated can be due to thermal tran-
spiration, since even at the lowest pressure (~0.05
mm.) the ratio of the eritical tubing diameter
(8 mm. i.d.) to the mean free path is ~30. This
qualitative conclusion is reinforced by the analysis
of Bennett and Tompkins,'® from which we esti-
mate only ~3%, deviation at our lowest pressure of
~0.056 mm. A subsequent mass spectrographic
analysis of the krypton, however, showed traces
of nitrogen. An examination of the expected effect
of a small amount of nitrogen shows that if an ideal
solid solution were formed with krypton, a nitro-
gen mole fraction of 10~* would raise the measured
vapor pressure at 65°K. by 159, at 75° by 59
and at 110° by 0.49%,. Fortunately such a small
impurity, if indeed present, would have a com-
pletely neghgible effect on monolayer adsorption
measurements, which were our primary interest.
We wish to thank Miss Elizabeth Force for
assistance with the numerical calculations.

(13) M.J. Bennett and I'. C. Tompkins, Trans. Faraday Soc., 63, 185
(1957).

THE RATE OF REACTIONS AS A FUNCTION
OF TIME

By ALExaNDER MELLER AND JonN 1. BriGgaT

Research Duvision, Australian Paper Manwfacturers Limited, Melbourne
Australia

Recered October 3, 1957

In a recent paper! a method was described for
determining rate equations for reactionsin which the
initial concentration of the reacting species or the
total amount of product at infinite time is not
known.

Tfor reactions in which the rate is proportional to
a power of the concentration of a single reactant
the expression is

dz

de
where k and a are constants, and » is defined as the
order of the reaction.

It was shown! that for n = 1

dr

\dt

and therefore the rate of advancement of the reac-

tion in terms of the rate of formation of a prod-
uct can be determined as a function of time.

M

= k(a — x)"

(1—-n)/n :
> = (n — 1) kln{ + kQ~—min gr=n ()

(1) J. H. I'lynn, Tuis JourNaL, 60, 1332 (1956).
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This method necessitates the computation of
dz/dt values by graphical or mathematical ap-
proximations fror experimentally measured x and ¢
values, An alternative method to obzain an ex-
pression for the rate in terms of time consists of a
rearrangement of the integrated form of equation 1
giving

z =0 — [a™ — (1 — n)l]rt—n
forn s 1

@)

This equation, when applied o experimental data,
obviates the computation of dz/d¢ values by ap-
proximation methods, and is suitable to establish
the kinetie order and to determine the concentra-
tion of the reacting specics for reactions the rate of
which is represented by equation 1.

Examples will show that a straight line relation-
ship exists between functions of both x and ¢, 7.¢.,
these functions do not involve the concentration
of the reacting species.

Forn = 2, equation 3 gives

a azji'zl

RS =TT ot ™ 1+ akd
or
t 1 1
z ok Tal

where £, is the second-order rate constart. Thus a
plot of ¢/x against ¢ gives a straight line and evalua-
tion of its gradient and intercept with the ordinate
gives the values for the rate constant and for the
amount of reactant which reacts according to
second-order kinetics.

Forn = —1, equation 3 results in

z=a —af{l — 2a7% f;'/s
or

t
T = 20 — 2, -
3

wherc & 1 is the “negative first-order” rate constant,
Thus a plot of x against £/ gives a straight line;
its intercept with the ordinate aund its gradient
vield the values for the amount of reactant which re-
acts according to “negative first-order” kinetics
and for the rate constant,

The “negative first-order” cquation may repre-
sent the rate of a zero-order returded reaction,
viz.

dz . o 1 c
- k-y{a —x)™t = S —_ztl' = L + bz
where ¢ and b arc constants. 3

[n other tnstances where » has values different to
those discussed alove, except unily, the order of
the reaction and the values for , and a can be
found by substituting experimental valucs of z
and ¢ in equation 3 and using algebraic elinination
procedures.

I'or n = 1, it can be shown that a linear relation-
ship cxists between the logarithm of the rate and
time of reaction, since

g; = gle %t

o Az
(2) The differentiated fonm of equation 3 is d:] =u"% 1} (a—=1)
i
a® =1 kM0 =), which may be af interest when comgard wich equa-
tion 2,
(3) A. Aeller, J, Palymar Sed,, 10, 213 {1933).
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(which on integration gives x = a(l — ¢™%)).
Thus
log dz/dt = log ak:i — kit (4)

where k) is the fivst-order rate constant,

While the application of equation 4 involves the
computation of dx/d¢ values by approximation
methods, exact algebraic techniques were devised
by Guggenheim* and by Rosevearc® for establish-
ing whether experimensal data conform to first-
order kineties ard for determining the concentra-
tion of the reacting specics. I'urther discussion
of the merits of these methods is outside the scope
of this note.t

The rate of concurrent first and zero-order reac-
tions also can be expressed in terms of time. The
relationship between x and ¢, as shown below, per-
mits the evaluation of both the zero- and first-order
rate constants and the relative amounts of the
reactant which react accerding Lo zero- and first-
order kinetics, respeetively.”

Total rate: dx/dt = dao/dé + dxi/dt for the
same ¢ values and x = xy + 1z, al any instant.
dxy/dt is the zero-order rate, dx/d¢ the coneurrent
first-order rate and 2o and a are the reacted
amounts at time ¢£.

‘_"h‘: = ko + ke
ot
and
2=kt + all —e*) (3)

where a, 1s the fraction of the reactant which re-
acts according to first-order kinetics. Substitu-
tion of experimental values of x and { in this equa-
tion and algebraic elimination procedures do not
lead to the values of %\, ks and oy, because, for given
x values q; not being known, the logarithm of the
differences {log {a; — x)) itself constitutes an in-
soluble problem.

However it wus shown? that the constants can be
found by means o cither of two expressions, viz.

1. Tncrem. (cdx,/dtjar = k; Incrent. zat + kekiAl

where Increm. zac values are the differences between
z-values for a chosen and constant time interval
of a¢; and Increm, (dz/d)a values are the dif-
ferences between the rates for the successive and
constant intervals of Al
e —_ 9 ey n
2. loge E;,,, - '::;,, _j__-:, = kAt

where 2777 &7, 2" und 2" denote the amounts re-
acted at successive time intervals of AL, The other
constants (4 and ;) may be computed by simple
algebraie substitution and climination using equa-
tion 9.

A further attractive point in expressing rates of
reactions only as a functlon of time is that such
interpretations mey contribute to a better under-
standing of the mechanism of complex heterogene-
ous reactlons,

As an example it should be quoted that the

{4) K. A, Guggenhein, FRil, Mag,, 2, 538 (1924).

{5) W, K, Roseveare, J. Am. £'hem. Sac., 53, 1651 (1932).

(6) Sce: “Kincties apd Mechanism," by A. E. Frost and R. C.
Pearson, John Wiley and Sons, Inc., New Yock, N. Y., 1054,

{(7) A. Mcller, Tappi, 36, 264 (1953); Austral, J. Chem., 7, 157
(1954).
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constants in the logarithmic rate equation for chemi-
sorption, dq/dt = ae™%? were interpreted in a
recent paper’ by identify:ng the integrated form
of this equation
1 1 1 1
with the integral of a rate equation which expresses
the rate of chemisorption as a function of time,
viz.
dq = 1\‘0
dt ko
1 + k t
and
k k
q =kln(\t+}(-o) — klnk(;
Thusk = 1/aand a = k.

(8) H. A. Taylor and N. Thon, J. Am. Chem. Soc., T4, 4169 (1952)-
(9) A. Meller, Monatsh., 87, 491 (1956).

THE CONDUCTANCES OF SOME

ELECTROLYTES IN AQUEOUS SUCROSE
AND MANNITOL SOLUTIONS AT 25°

By Jean M. Stoxrs anp R. H. Stogss

Contribution from the Chemisiry Department of the Universily of New
England, Armidale, New South Wales, Australia

Received Oclober 21, 1957

In a previous paper,! the limiting conductances
of a number of 1:1 electrolytes in 10 and 209,
aqueous sucrose solutions at 25° were reported;
the present work is a continuation of the investi-
gation to other salts, another non-electrolyte,
{mannitol), and to higher concentrations of sucrose.

Experimental

Purification of Materials.—Conductance-water prepared
by distillation of the laboratory distilled water was used,
without exclusion of carbon dioxide; its specific conductance
was 1-1.3 X 1078 ohm~! ¢cm.~!. The potassium salts, so-
dium chloride, lithium chloride and silver nitrate were puri-
fied as previously described.! Sodium bromide was pre-
pared from analytical reagent quality hydrobromic acid and
sodium hydroxide, as recrystallization of commercial sodium
bromide does not yield a product free from chloride. Mag-
nesium chloride was analytical reagent used without fur-
ther purification. Calcium chloride was prepared from
analytical reagent calcium carbonate and hydrochloric acid.
Lanthanum chloride was prepared from commercial mate-
rial by precipitation as oxalate, ignition to oxide at 800°,
and dissolution of the oxide in pure hydrochloric acid tol-
lowed by centrituging to remove excess oxide. The lantha-
num chloride stock solution was analyzed for chloride by
potentiometric titration, and diluted by weight to 0.1 N;
at this concentration its equivalent conductance agreed with
the values given by Longsworth and MacInnes,? Jones and
Bickford,? and Spedding,t (who however do not all agree at
lower concentrations). Tetra-n-amylammonium iodide was
kindly supplied by Professor A. E. Martell; its limited
solubility in wazer (less than 0.002 N at room temperature)
gave rise to some difficulty in preparing solutions of accu-
rately known composition, but potentiometric titration with
silver nitrate gave a composition leading to equivalent con-
ductances (in water) which agreed within 0.19, with the
known ionic mobilities.5 Hydrochloric acid was analytical

(1) J. M. Stokes and R. II. Stokes, Tris JournaL, 60, 217 (1956).

(2) L. G. Longsworth and D. A. MacInnes, J. Am. Chem. Soc., 60,
3070 (1938).

(3) G. Jones and C. I. Bickford, tbid., §6, 602 (1934).

(1) F. II. Spedding, ibid., 74, 2055 (1952).

(5) R. A. Robinson and R. E. Stokes, ‘Electrolyte Sclutions,”
Butterworth’s, London, 1955, p. 452.
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rcagent material suitably diluted and analyzed by deter-
mination of its conductance at 0.05 to 0.1 N with reference
to the data of Shedlovsky. Wherever possible the purity
of the various dry salts or stock solutions was checked by
measuring the conductance of 0.1 N or 0.05 N solutions in
water at 25° and comparing with accepted data, usually
those of Shedlovsky®; in riost cases agreement was better
than 0.059,.

Sucrose was either best commercial loaf sugar (specific
conductance of 209, solution ~ 8 X 107% ohm~'cm.™?)
or British Drug Houses ‘‘AnalaR’’ sucrose (specific con-
ductance of 209, solution 1.5-2 X 107% ohm'em.});
the latter was used for the work on the higher valence type
salts and tetra-n-amylammonium iodide, as it made possible
measurements at higher diJutions. Mannitol was prepared
from the commercial material (Colonial Sugar Refining Co.)
by three recrystallizations from conductance-water followed
by thorough drying; at 25° the specific conductance of the
109, solution was 1.5-3 X 10 ~fohm ~'em."!.

Measurement of Resistances.—A Leeds and Northrup
conductivity-bridge of Grinnell Jones’ design was used in all
measurements. Pyrex cells of the usual pattern, with leads
well separated from the sclution tubes, were employed for
most of the work. In the case of silver nitrate in 109,
mannitol, even the lightest coating of platinum black on the
electrodes caused rapid reaction between the mannitol and
the silver nitrate with the formation of a precipitate (pre-
sumably silver, since it was soluble in nitric acid but not in
ammoma). For thissalt and for certain other measurements
in solutions below 0.01 N in electrolyte a flask-cell with
bright platinum electrodes was therefore used, the resistance
being extrapolated to infinite frequency. Where black elec-
trodes were used, frequency-dependence in the range 500-
2000 c./sec. was less than 0.019,; however if dilute solutions
were studied with black electrodes the solution in the cell
was renewed until constant resistance was obtained, in order
to eliminate errors arising from adsorption on the electrodes.
This effect was not significant at electrolyte concentrations
above 0.01 N. All cells were maintained in an oil-thermo-
stat held at 25 =+ 0.002°, and were calibrated by means of
the Jones and Bradshaw’ 0.1 D. and 0.01 D. standards.
Since the object of the work is comparison of conductances
with already known values in water, the obsolete Interna-
tional Ohm units in which the latter are expressed were re-
tained in the cell calibrations. In the case of hydrochloric
acid in sucrose the effects of inversion were eliminated by
taking a series of resistan-e readings at known times from
the addition of the sucrosc to the acid solution, and extrap-
olating back to zero time. The corrections involved did
not exceed 0.1%.

Results

In general the uppe: limit of clectrolyte concen-
tration employed was between 0.05 and 0.1 N; the
lower limit was dictated in large measure by the
relatively high solvent conductances. I'or the
alkali balides, a lower limit of 0.005 N was sufficient
to give a satisfactory extrapolation to zero con-
centration, using the extrapolation-function of the
previous paper,! though in several cases measure-
ments were made down to 0.001 N. The nitrates,
which (as in water) do not show as simple a con-
centration-dependence as the alkali halides, re-
quired measurements down to 0.001 N. Mag-
nesiumn, caleium and lanthanum chlorides do nct
conform well to a simple extrapolation-function,

and the steepness of the A vs. \/c plots requires
measurements at concentrations down to 107* N
or less to give a good extrapolation. These con-
centrations are not accessible with solvents of the
conductances used here, so the following alternative
method was used: the cquivalent conductance at
the concentration ¢ was measured and its ratio
to that of the same elcctrolyte at concentra-

(6) T. Shedlovsky, J. Am. Chem. Soc., 64, 1411 (1932); T. Shed-
lovsky and A. 8. Brown, tbid., 86, 1066 (1934).

(7) G. Jones and B. C. Bradshaw, ibid., 66, 1780 (1933).
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TasLe 1

Loormine Fouivavsyt ConpucTaxers (A% v AqQuuovrs Svcrosks SonLuTrony aT 23°, axn Ratio 1o VALUES v WATER
R = A’ (Bucrose)/A? {WaTer) (See Nore a)

Wt. 9 sucrose 10 20 40 60
Yiscosity, potse’ 0.01179 0.01699 0.03171 0.4374
Density, g. ol ! 1.03679 1.0794¢) 1. 17462 1.28413
Diclectric cor stant 76.20 3.0 G7.792 60.19

A° R AC i A R A° R
MgCl, 104. 9 0.8034 79.09 0.6112
CaCl, 108. %7 L8021 83.00 611
LaCls 116. 3¢ 7967 8779 L6006
N{n-Am )l 745 L7490 56 0 L594 ewe -y
HCI 356.5 .8365 278 4 6333 185.06 0.365 .5 #5 @
KQ©® 121.87 8135 94 .24 0299 44.02 L2937 10.48 0 0699
KC10, 113 8 . 8080 87.23 6193

* A% in International ohm~! em.? equiv. L

b Viscosities from Bingham aoed Juckson, Bull. Bur. Stands., 14, 59 (1918

1019), but maltiplied by 0.997 to convert to the new standard value of 0.01092 poise for water at 20° given by Swindells,

Coe and Godfrey, /. Research Natl. Bur. Standards, 48, 1 (1952).

¢ 10 and 20% data from ref. 1; 40 and 609 by L. A, Wooll.

tion ¢ in water was calculated. The resulting
ratios for a series of concentrations were ex-
trapolated linearly to zero concentration. This
procedure is illustrated for magnesium chloride
in 209, sucrose in [ig. 1, from which it is clear that
the extrapalated ratio 1s not likely to be in error
by as much as 0.195. "The same ratio-plotting
procedure was used to confirm the A” values ob-
tained by the extrapolation-function method for
the 1:1 electrolytes.

Since the individual measurements are too
numerous to report in full, only the limiting equiva-
lent conductancas and their ratios to the cor-
responding values in water are given in Tables I
and JI.

| C o — —

0.614- -
z I e ()
= s -
~ & |
< 0.812 L Y e |
i 2 ]
0.610‘ i ) _
0 0.02 o
¢, mole liter, ™!
Fig. L. Extrapoiation for determination of limiting

conductance ratio of magnesiumn chloride in 209 sucrose
and water at 25°. Ay = equivalent conductance in 209,
sucrose at concentration ¢; A, = cquivalent conductance in
water at concentration . Diameter of eircles = 0.1% in A,

Discussion

[n the previous paper! it was noted that in a
given solvent Lthe ratio £ = A°(solvent)/A(water)
is to a first approximation independent of the elec-
trolyte. The new results reported here for 10
and 209 sucrose solutions make it ¢lear that this
1s merely because all the electrolytes studied in the
previous paper had simple and comparatively small
1ns; with the larger 1ons of magnesium, calcium,
lanthanum and tetraamylammonium considerable
variations are apparent,  As the 1on size increases,
the 2 values move ncarer to the ratio of the
fluidities of the solvent and water which are §.756
for 109% sucrose and 0.525 for 2097 sucrose. This
behavior is consistent with the expectation that
large 10ons will enzounter a reststance more nearly
proportional Lo the solvent viscosity, as implied

¢ Measurements by L. A, Woolf in thie Laboratory.

Tanre I
Lovirine Coxpucrances or LLECTROLYTES IN 109 AQUE-
oUs MANNITOL SOLCTIONS AT 25°

Solvent properties; 4 = 1.03256 g. ml.”'%; ¢ = 77.12%;
2 = 0.01192 poises

It — A° mannitol
Dlectrolyte A? A% water
Kl 119 7 0.7988
KBr 120 9 L7973
Kl 119 48 LTOA7
KNO; 116.03 800
NaCl 100.75 L7967
NaBr 102.05 7958
LiCl 91.25 .T933
AgNO; 105.70 L7026
HCl 353.9 L8304

¢ This research. *G. zike:li)f, J. Am. Chem, Suvc., 54,
4133 (1932). < This reszarcl.. Viscosity of water at 25°
taken as 0.00891 poise—see note b of Table L.

by Walden’s rule. The results for hydrochloric
acid in both sucrose and mannitol solutions show
clearly that the hydrogen ion 1s considerably less
affected by increased viscosity than arc other ions.
The results for the cther 1:1 electrolytes in 109,
mannitol are similar to those in 109, sucrose. The
limiting conductance of a particular electrolyte is
however not simply a function of the solvent
viscosity, for a grapk of A'weor wersus relative vis-
cosity shows that the line through the 0, 10 and
209, sucrose data lies about 167 above the point
for (0% mannitol. In the very concentrated
sucrose solutions the departure from Walden's rule
becoes several hundred per cent.; thus for [KCl
the relative values of the Walden product A% in
water, 10, 20, 40 and 609, sucrose are, respectively,
1, 1.O76, 1.200, 1.70Z, 3.430. However, the cor-
responding  values of the empirical function
AV®7 are 1, 0.991, 0.988, 1.007 and 1.067, so that
even at a viscosity 50 times that of water the latter
function varies by only 79,.

Tn a forthcoming paper transport number meass-
urements will be presented, making possible a
more detailed discussion on the basis of individual
ion mobilities.

Acknowledgments. -We wish to thank Professor
A. E. Martell for the sample of tetra-n-amylam-
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moniwmn 1odide, and Mr. L. A. Woolf for the meas-
urements in 40 and 609, sucrose solutions.

LOW TEMPERATURE HEAT CAPACITY,
ENTROPY AT 298.15°K., AND IIIGII
TEMPERATURE HEAT CONTENT OF Mo.Si
By E. G. King aNp A. U. CHRISTENSEN, JR.
Minergls Thermodynamics Lzperiment Statior, Region I, Buremw of
Mines, United States Department of the fnterior, Berkeley, California
Received November 2, 1957

Metallic silicides have received almost no atten-
tion as regards determinations of heat capacity,
entropy and heat content.  The literature contains
ne low temperature heat capacity values and no
well-grounded entropies. The heat content above
208°K. of only one substance, a molybdenum
silicide (MoSis), has been measured previously.!—?
The present paper reports heat capacity measure-
ments between 51 and 298°K., the entropy at
298.15°K., and high temperature heat conteut
measurements to 1451°K. of another molybdenum
silicide {MogS1).

Material.—The molybdenum silicide for this work was
furnished by Prof. A. W, Searcy, Division of Mineral Tech-
nology, University of California. [t was prepared in several
batches by direct reaction of powdered molybdenum and
silicon at 1900° in sacuo, using molybdenum containers.
The batches were ground to — 100 mesh and thoroughly
mixed; the composite sample was analyzed. The results
were 01.259% molybdenum and 8.24Y, silicon, as compared
with the theoretical 91.11 and 8.88%. The 0.519% dilfcr-
ence between this analysis and 1009, was assumed to be
principally oxygen. The X-ray diflraction pattern indi-
cated no -mpurity other than a very small amount of Mo;Si;-
phase. [‘or the purpose of this paper, the substanze was
treated as if it had the composition M0;3iy.02,04.025 {which
conforms with the analyses for molybdenum and silicon and
accounts for most of the deficit from 100%,), and the mo-
lecular weight was taken accoxdingly as 315.03. (The mo-
lecular weight of the pure compound is 315.94.)

Low Temperature Heat Capacity.—The heat ca-
pacity from 51 to 298°K. was measured with previ-
ously described apparatus.® A 5441.69-g. sample of
the silicide was used. No correction of the heat
capacity data for the oxygen content of the sub-
stance was attempted, other than the adjustment
in molecular weight as indicated above. The
experimental results, expressed in defined ealories
{l cal. = 4.1840 abs. joules) per deg. mole, arc
listed in Table I. (The 298.15°K. valuc is an
extrapolation.) The substance behaved normally
at all temperatures and the heat capacity curve is
entirely regular.

Entropy at 298.15°K.—The entropy increment for
the interval 51-298.15°1. was calculated by Simp-
son-rule integration of a plot of €y against log 7';
this gave 23.82 cal./deg. mole. The entropy in-
crenmient for the interval 0-51°9K. was obtained by
extrapolation, using the empirical Debye and Ein-
stein functior sum, D(222/T + 3#(364/T), which
fits the experimental heat capacity data between

(1) T B. Douglas and W. M. Logan, J. flesearch Natl. Bur. Stand-
nrds, 63, 31 (1954..

{2) C. . Ewing and B, E. Baker, WADC Tech. Repor: 54-185,
fart 1, 1954.

{2) B. E. Walker, J. A. Grand and R, R. Miller, Vs Jourar, 60,
231 (195€). :

{4) K K. Kelley, B. ¥. Naylor and C. L. Shormate, U, € Bur. Miues
Tech. Paer 686, [946.
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TasLe [
Hear Caracrry (Cav./Du, MoLE)

P, °K. Cp T, UL Co 1, °K. e
53.67 3.844 114.88 13.06. 216.19 20.03
57.%6 4440 124 50 14.13 226.32 20.34
62.71 5.233 136.08 15.28 236.16 20.70
67.50 6.084 145.87 16.13 245.62  20.97
72.18 i, 882 155 87 16.92 256.36 21.27
76.97 7.678 165 .64 17.857 266.6+ 21.54
80.38 ].243 175.81 18.17 276.14 21.73
84.57 8.903 186.45 18.76 286.38 21.95
94.56 10.42 195.83 19.17 295.99 22.19

104.93 11.85 206.06 19.66 208,15 (22.22)

51 and 240°I., with a maximum deviation of 1.59.
The extrapolated portion of the entropy is 1.42
cal. /deg. mole, making a total of 25.24 cal./deg.
mole for 298.15°K. Latimer’s® rule was used to
correct the 298.15°K. value for the oxygen content
of the silicide. 'The correction is AS = 3/2R X
0.075 in 28.09/16.00 = 0.13 cal./deg. mole. The
entropy of pure MosSi is Shge, = 25.4 cal./deg.
mole, in which the uncertainty is estimated as
£0.2.

Heat Content above 298.15°K.—The high tem-
perature heat content measurements also were
made with previously described apparatus,® using
a 28.863-g. sample of the silicide. A platinum-
rhodium capsule, the heat content of which was
determined beforehund, was used to hold the sub-
stance during the measurements. The capsule was
filled, the air evacuated and replaced by helium,
and the neck sealed gas-tight by platinum welding.
Measurements to 1451°K. were made with no ap-
parent attack of the zapsule by the silicide. At
higher temperatures, however, the capsule was
seriously attacked, and measurements were dis-
continued. The furnace thermocouple was cali-
brated five times and the calorimeter four times
during the course of the measurements.

The experimental heat content results, expressed
in defined calories per mole, are in Table II. No
correction for the oxygen impurity has been ap-
plied other than the adjustment in molecular weight
mentioned previously. These results plot to give
a regular heat content temperature curve, which
is quite similar to thet obtained by ouglas ard
Logan' for Mo®i;, as may be shown by taking
ratios of the heat contents of MosSi and MoSis.
The ratio ix 1.415 at 600°I<., 1.-£10 at 900°K., and
1.401 at 120071

Tapre T1
Hear Conresy (Can./Mong)
I — Her - Hir -

7, LK. s,y 7. °kK. %40 7, YK. 1ays 15
400.0 2,320 903.3 14,780 1203.H 22,680
501.8 4,730 1003.6 17,350 1252.5 24,060
507.6 7,040 1004.3 17,330 1303.2 25,480
601.9 7,140 1102.0 19,810 1350.7 26,810
648 .2 8,280 1102.0 19,800 1401.6 28,240
700.8 9,610 1148.5 21,140 1450.7 29,740
798.6 12,090

Table LLI gives smooth values of the heat con-

(6) W, AL, Latiwer, J. Am. Chem. Soc.. 43, 818 (1921}
{1951).

73, 1480
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tent and enlropy increments above 208.15° I, for
use in thermodynamic calculations.
Tarre 111

Sasoornn Varnues or Hear ConreExrt (Carn./Mone) ano
Extrory (Can./DEG. Monr) INCREMENTS AROVE 208.15° 1<,

T Hr = S7r — & Hy Sr —
°K. R s Soo.ss oK. Hapeoan Seng. 4
400 2,320 6.6% 1000 17,250 29.29
500 4,670 11.93 1100 19,870 31.78
600 7,090 16.34 1200 22,880 34.14
500 9,580 20.17 1300 25,370 36.37
300 12,120 23 .56 1400 28,240 38.50
900 14,680 206,58 1500 31,190 40.53

The heat content values in Table IIT are repre-
sented, with an average deviation of 0.2%;, by the
equation
Hr — []sgg.n = 21,087 4 2.20 X 107¢7* 4+ 1.00 X

107 — 7092

THE EFFECT OF QUINOLINE AND ITS
DERIVATIVES ON MALONIC ACID

By Louis Warrs CLARK

Department of Clhicniist=y, Saint Joseph Colleege, Frmitshurg, Marylund
Received November 18, 1757

In studies by Fraenkel, et al.,’ on the decarboxyl-
ation of malonic acid in quinoline-dioxane mixtures
varying from 0.27 to 4.24 M quinolinz concentrii-
tion, a first-orde> dependence upon quinoline of the
rate of reaction in dioxane was demonstrated.
Furthermore,at :east near 100°, Fraenkel’squinoline
concentration-rate constant data extrapolate to a
pure quinoline value not too different from that
observed (allowance being made for the change in
character of solvent in going from dioxane-quinoline
mixtures to pure quinoline). On the basis of these
results Fraenke!, ¢t al., formulaled a possible
mechanism for the reaction. The propased mecha-
nism involves the formation of a transition com-
plex between the un-ionized diacid and the un-
shared pair of electrons on the nitrogen atom of the
quinoline molecale, facilitating cleavage of the
malonic acid. Tvidence for the walidity of this
proposed mechanism has acerued from studics in
this Laboratory on the decarboxylation of malonic
acid in twenty-einht additional, non-ionizing, basic
type solvents.? The enthalpy of activation of the
reaction in different solvents has been shown to de-
ercase with an increase in the effective negative

.charge on the nucleophilic atom of the solvent, a
result to be expected from the principle that an
increase in the attraction between two reagents
causes a deerease in the activation energy.?s
It was subsequently observed that the data for the
decarboxylation of malonie acid in quinoline ob-
tained by Fraenkel, ef al.,! did not appear to be in
harmony with tke foregoing prineiple. The con-
clusion was that the principle was not valid in this
case, or a discrepancy existed in the kinetic data.

(1) G. Fraenkel, R. L. Belford and P. E. Yoankwiel, 2. Am. Chem.
Sor., 76, 15 (19549).

(2) (a) L. W. Clark, Tnis Journay, 62, 79 (1938); (b) 63, 368
(1958},

(3) . J. Laidler, "Chemical Kinefies,”
Ine., 1950, New York, N. Y., p. 138,

AMeGraw=17ill Book Co.,
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Fig. 1.—Decomposition of 0.1857 g. of maloniec acid in
50 ml. of quinoline at 117.86° (cor.): I, volume of CO,
(ml.); 11, log (¢ — x).

It was therefore decided to carry out further
kinetic studies on the decarboxylation of malonic
acid in quinoline in this Laboratory to determine
whether or not the principle was valid for quinoline
also. It was thought t be of interest also to study
the reaction in several quainoline derivatives. Re-
sults of this investigation are reported herein,

Experimental

Reagents.—(1) Mulonic acid, 100.09, assay, was used
in these experitments. (2} Solvents: (a) quinoline, Reagent
grade, b.p. 235-237°; (b) 6-methylquinoline, highest purity
grade, b.p. 129-130° (15 mm.); {c¢) 8-methylquinoline,
highest purity grade, by, 112-114° (8 mm.}). FEach
sample of each solvent was distilled at atmospheric pressure
directly into the dried reaction flask immediately before
the beginning of cach experiment.

Apparatus and Technique.—The kinetic experiments were
conducted in o constant-temperature oil-bath (-£0.1°) by
the technique previously ceseribed.!  Temperatures were
determined by meens of a thermomecter cabbrated by the

TabLE 1
AppanpuNT FmsT-orbeEr Rate ConsTANTS POR THE [)E-
COMPOSITION OF AALoNIC Acin 1N VARIOUE AMINES

rox o

Solvent Temp. (°C. car.) (sce. V)
Quinoline 104 .52 7.03
107.70 9.50

112.63 15.15

117.86 24.55

6-Methylquinoline 100.34 5.71
111.86 16.95

115.G0 24 16

&-DMethylguinoline 109.68 4.10
111.33 4.70

12158 11.18

(4} L. W. Clarlk, Txz Journaz, 66, 1150 (1956).
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Tanrne II
KiNETIC DATA FOR TR DECOMPOSITION 0F Maromic Acip 1N VaR(OUS AMINES
£ A AH £ ASE Al ki Ky X 108
Solvext {ecal.) {sec. ~1) (cal.} () feall) (e, 1)
Aniline?* 28,100 4.6 X )= 26,900 — 4.45 28,750 H00
Quinoline 27,3060 5.42 X 1012 26,740 - 2.37 27,720 1607
6-Methylquineline 26,970 3.01 % 1012 26,300 — 3.02 7,600 1871
8-Methylquinoline 25,180 1 08 X 101t 21,440 — 1047 28,760 142
U. 8. Burean of Standards.  In each experiment a 0.4857-g. [ - —']
sample of malonic acid (the amount required to produce |
40.0 ml. of CO, at STP on complete reaction) wus intro- |
duced in the usual manner into the reaction flask containing —3.4 — '
50.0 ml. of solvent saturated with dry CO» gas.
Results and Discussion —33 —
The decomposition of malonic acid in the tarce I ‘
solvents studied was quantizative and first order, as —3.2 —
shown by a typical example in Fig. . In Table I
the apparent first-order rate constants, obtained .
X . b - —3.1 p—
from the slope of line IJ in Fig. 1 in euch case, are
listed for the different solvents at the wvarious
temperatures studied. Straight lines were ob- e —30—
tained when log & was plotted against 1/7 in the 3 ‘
ease of each solvent asshownin Fig. 2. The param- 7 1
eters of the Arrhenius and the Eyring equations =291
for the reaction in the three solvents studied are / III
listed in Table II. ‘The data for aniline are in- —28}—
cluded for comparison.
Since quinoline is slightly more basic than aniline
(the lonization constant for quinoline is 6.3 X 10, —27—
for aniline 3.8 X 10-¥)° one would expect that the
enthalpy of activation for the reaction in quinoline —2.6 —
should be lower than that in aniline on the basis
of the principle that an increase in the effective | | | | | | |

negative charge on the nucleophilic atom of the
solvent should result in a lowering of AH*, The
results shown in Table I1, lines 1 and 2, are in good
agreement, with this expectation, and tend to sub-
stantiate the validity of the foregoing principle.
The kinetic data for the decomposition of malonic
acid in quinoline previously reported! appear,
therefore, to be discrepant.

The effect of substituent groups on the reaction
its demonstrated by the data in lines 3 and 4 of
Table II. If a methyl group is placed on the 8-
position in quinoline one would expect an increase
in basicity, due to the positive inductive effect,
and at the same time a large decrease in the
entropy of activation due to the steric effect.
These predictions are completely realized (line 4 of
Table II). Theincrease in basicity is demonstrated
by the decrease in the activation energy, und the
steric hindrance is revealed by the large decresse in
AS*,  The rate at 140° in 8-methylquinoline 1s
less than 1/3 as great as in quinoline.

If a methyl group is placed in the 6-position on
quinoline one would expect very little added sterie
effect. Furthermore, with the methyl group so
far removed from the nitrogen atom, one would not
expect the positive inductive effect to be as pro-
nounced as in the case of 8-methylquinoline. Both
these predictions are borne out by the data (line
3 of Table {1). The methyl group in the 6-position
causes only a very slight decrease in the activation
energy as well as 1n the entropy of activation. The

(5) “Lange's Haadbook of Chemistry,"” 9th edition, 1956, Hand-
book Publishers, Ine., Sandusky, Qhio, pp. 1202,

257 259 261
1/T X 105,

Fig. 2.—Arrhenius plots for the decomposition of malonie
acid in: I, 8-methylquinoline; I, quinoline; III, G-methyl-
quinoline.

263 265 267

rate at 140° is considerably faster in (-methyl-
quinoline than it isin quinoline.

Acknowledgments.—The support of this re-
search by the National Science Foundation, Wash-
ington, D. C,, isgrateful.y acknowledged. Valuable
assistance was renderec by Miss Dolores Sicilia in
purification of the reagents and running the kineties
experiments.

REACTIONS OI' METHYL RADICALS WITH
WATER ON QUARTZ AND PYREX
SURFACES!

By P, Auscoos anp J. Pactson

Department of Chemistry, University of Rochester, Rochester, N. Y.

Recened November 20, 1957

The photolysis and radiolysis of acetone-d; have
been investigated briefly in the presence of HyO.
The results of runs carried out under various condi-
tions of temperature, ntensity and concentration
are given in Table I. The photolysis runs were

{13 This research was supported in part by the United States Air
Force through the Air Force (iffice of Scientific Research of the Air
Research and Development Command, under Contract No. AF18-
{f00)1528, and in part by the Atomic Energy Commission. Repro-

duction in whole or in part is pernitted for any purpose of the United
States Government.
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TapLe [
(CDy/ (CDHH)/'
(C:Dg) /%(4) (C:Dg) '/
' ; . mulee. "2 em.*/2 molee.'/? em.~'/2
Temp., CDyCOCD; H:0 co CaDe (CDsIN) : .
Cell “C. malegc, fee, 107 molec./ec. /see. 10 {Chy) see, ~'/2 1018 see,~'/2 1072
Photolysis
Quartz 3 6.3 0.095 1.85 2.05 0.200 1.88 2.44
Quarrz 30 1.61 L0495 0.84 0.99 905 1.92 2.G8
Quartz HE) 1.58 A3 3.87 3.85 035 7.35 6.38
Quartz G 1.58 .N95 4,02 3.495 63 7.21 §5.40
Quartz 53 1.5 285 3.95 3.84 .550 7.40 G.60
QQuartz 12 6.3 095 317 317 186 22.0 25.4
Quartz 32 0.95 095 67 69 .955 23.0 23.4
Quartz )2 .95 085 3.40 §5.23 1.02 24.0 23.8
Iytex 118 .95 005 250 205 0.92 64.5 56.2
Pyrex 176 .45 98 260 211 .08 528 295
Pyrex 2 .95 .000 6G.0 67.0 00 23.4 0.00
Pyrex® i3 1.58 095 4.07 3.77 04 7.3 0.46
Quartz” Ha 1.58 95 3.95 3 .90 07 7.36 0.81
Radiolysts
Pyrex 27 6.3 0.006 0.337 0.30 0.275 4.05 11.4
Pyrex 48 6.3 006 367 .22 .90 0.1 91.0
Pyrex 110 6.3 006 .42 77 1.6G6 27.0 450
Pyrex 150 6.3 006 AG2 {42 0.00 128 0.00

* Cells lamed out.

done mainly in a eylindrical quartz cell (10 em.
long, 5 em. diameter) which had been ‘reated with
nitri¢ and chromic acids and washed with distilled
water. The Pyrex cells (4 em. long, 5 ¢m. diam-
cter) used in the radiolyses and photolyses had
not been treated with any reagents, including
water, A few runs werc made using cells which
had been thoroughly flamed out before introducing
the acetone and water,

The photolyses were carried oul with a Hanovia (16A-13)
SH type medium pressure lamp. A Pyrex flter was used
to cut off short wavc length radiation. ‘I'he intensity was
varied by means of copper screeus. A cohalt-60 -ray
source of aboul 485 curies wus used for the radiolyses.

The cells were filled by expanding acelone-ds vapor into
the cell to known pressure, closing off the cell, and then
expanding water vupor to a known pressure inlo & kuown
volume. This water vapor was condensed into the cell at
—195° and the cell seuled off.

Acctone-ds was obtained from Merek Co. of Canada and
was found by mass spectrometric analysis to be 99.56;
deulerated.

Analysis of the CD; and CILIT produets was performed
using a Consoliduted model 21-620 mass spectrometer.
The rates of formation of CT),H were corrected for CIyH
formed by abstraction of a hydrogen atom from incom-
pletely deuterated scclone. This correction amounted to
roughly 65 of the CD, formed.

The following observations summarize the data
of Table I: 1. CD H is only formed when H,0 is
present, Substantial amounts of CD;H are
formed even when H,O is present in concentrations
less than 0.1 mole %. 2. CD;H/CD, is inde-
pendent of the HoO concentration. 3. CDH/
Cal)s'* is practically independent of the acetone
and ELO concentrations and increases with tem-
perature. 4. In -he radiolysis experiments CD;H/
CD, falls off drastically at temperatures above 110°,
No such decrease was observed in ‘he photolysis
runs at temperatures up to 195°. The TLO con-
centrations were, however, appreciably higher in
the latter case. 5. Flaming out the Pyrex and
quartz cells results in a substantial decrease of
CDH,/CDs,

These facts indicate that CIII is formed on the
surface.  Abstraction of an H-atom by CDj from
an H;0 molecule absorbed on the wall 1s the most
likely explanation. It is not clear however why
practically no CD,II is formed in cells which have
been flamed out before introducing the acetone-dy -
water mixtures.

An alternative possibility, such as a reaction be-
tween an electronically excited acetone molecule

CD,COCD,* 4- 1,0 = CDIH 4- CD;COOH

and an HyO molecule is unlikely in view of the fact
that i the radiolysic experiments the decrease of
CD;H at high temperatures is not accompanied by
an increase of the rate of formation of ecarbon
monoxide,

The independence of CD;H/C.Ds's with ace-
tone concentration and intensity indicates that
under these experimental conditions all CIDy radi-
cals reach the wall and that abstraction on the sur-
face and recombination are two competing reac-
tions.

Values of log CD,/C.I);' (A) for the runs done
at 118 and 195° lie cloze to the Arrhenius plot given
by Whittle and Stescic.? The low temperature
runs however gave values which lie well above the
exirapolated Arrhentus curve. It previously has
been suggested® that tae analogous curvature found
in the photolysis of CH;COCH, may be due to a
reaction hetween methyl radicals and acetone
motlecules absorbed on the wall.

Acknowledgments.—The authors wish to thank
Professor W. Albert Noyes, Jr., and Professor
Edwin O. Wiig for discussion and criticism of this
work.

(2) E. Whilule and K. W,
(1953).
(3} P. Ausloos sud E, W, R, Steacie, Con., J. Chem., 33, 47 {1955).

R. Stearie, J. Chem. IPPhys. 21, 993
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THE COORDINATION OF COPPER(II) WITH
1.3-DIAMINO-2-PROPANOL

By Cranves R, Berrscr, B. 1’ Brock axn W, CoNARD
FerniLivs

Department of Chemirtry, the Pennsylienia State Univeraity, University
Park, Pa,

Received November 22, 1957

The cobrdination of 1,3-diamino-2-propanol
(BOH) with copper(II) ion is unique in that % (the
average number of ligands bound per ion) appears to
be 1:5.! Two possible explanations of such an
anomalous value are indicated in the equations

20U + 3BOH = Cuo(BOH )4+ ‘1)
2Cu ' T 4 3BOIT == 2Cuw(BO)*+ + H,BOH?+ (2)

The second is suggested by the isolation? of com-
pounds containing a complex of the formula Cu-
(BO).*+. ‘T'he system has been investigated in dilute
solution by methods previously deseribed and ear-
lier findings confirmed, Calculations on the basis
of the first equation did not yield constant values
while those based on the second equation did.

Method of Calculation.—If V' = volume of solu-
tion being titrated at any given point, V; = the
initial volume of solution, Cc,++ and Cg+ = con-
centration of Cu®* and II* in the initial solution,
and 'y = concentration of the amine solution
added, then the equation for the IT “ balance in the
system Cu*t + BOH = Cu(BO) * + H+is
[H]V = ViCy + [OH-[V — [ITBONL "]V —

ZIHLBOHY |V |- ([CuBOT|V  (3)

and
F o=

(v = V-.}(‘:_,x — ([BOH] + (HBOHI Y| + [H.BOH )T

I'('iCCu"'*'

- (4
The numerator of this expression is evaluated with
the use of 74, the average number of protons baund
per uncodrdinaied ligand

5. — —_ (HBOI-] + 2{ILBOH )V

([BOH] + ([IBOH | -+ [IL.BOH "*[)V

Substitution of (3) into (5) and the result into (4)
yicelds

(5)

'”' -
.'_ 24 4 + / A . i 1 " +
(V — Vi, — VG v V(IOR ] = [HY] 4 [CuBBO*)
ViCC hod o
{6)
This equation may be rearranged to the form
(v - vge, - D R VGOR | - 00
L ViC:_:u"‘ B
YICuBOY
ViCownn )

Equation 7 now contains the quantity originally
used to calculate 7 on the assumption that 4 simple,
step-wise process was occurring. If wo call this
quantity #p and recognize that z, = 2 throughout
the pH range of chelation, then equation 7 becomes

(1) E. Gonick, W. C. Fernelius and B. E. Douglus, 7. Am. Chem,
Soc., 77, 6506 (19553).

(2) 1. G. Breckenridge and J. W, Hodgiu:, Can. 4, Research, 17, 331
(1939).
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#[CuBO]
AV Cor) vl
However, if e assume that CuBO* is the only co-
ordinated species present

» _ ¥iCuBo™

n=np —

ViCaar
and equation 8 can be converted to
n = 2/3ny (9)

This results in & maximum 7 of 1 rather than the
anomalous value of 1.5 previously reported, a re-
sult which is consistent with the assumption that
CuBO™ is the only codrdinated species present.

The caleulation of [BOH] from equation 3 re-
quires the elimination of [CuBO*]. Since 75 re-
mained at 2 throughout the chelation range, the
concentrations of BOII and ITBO * are small, and
all the 1,3-diamino-2-propanol is essentially present
as either CuBO+ or H,BOH*++. Consequently

(V = Vs = ([CuBO -] + [H,BOH*+)V (10)
and equatiown 3 becomes
HHV = Vi€ | [OH-]V — S[HBOH*+]V +

(V= ViCa (11)

[(ILBOII*+] is the only unknown in equation 11
and may therefore be caleulated directly. From
this concentration [CuBO*] follows from equation
10 and [BOH] and [HROH*] from the proton-1,3-
diamino-2-propanol constants reported elsewhere.®
The values found are negligible with respect to [Cu-
BO*] and [H,BOH *] and validate the assumptions
made. The remaining concentration, [Cu*T],
needed in order to calculate the equilibrium con-
stant for

Cu** 4+ BOH T CuBO+ + I * (12)
follows from ViCc,*+ = ([Cutt] + [CuBO*])V.
Results and Discussion

The values of this constant over the temperature
range 10-407, with 35%-confidence intervals based
on at least three independent calculations, and the
thermodynamic quanti‘ies derived from them are
presented in Table L.

TapLr I

VaLUES rorR THE EquirieriuyM ConsTaNT aND Tuwermo-
pYNaMIC QUANTITIES FOR BEQuaTion 12

14° 207 3$0° 40°
log K 3.7¢ £ 0.03 3 64 =0.03 3.57 £ 0.17 3.3% £ 0.07
Al —4.9 XA —-5.0 -4.8
Alf -3 2
AS -1 - = -1

The ligand is apparently terdentate, and only one
adds per Cu*+ in the zoncentration range investi-
gated. Since the activity of the hydrogen ion en-
ters into the equilibrium constant (sec equation 12),
the values of the constant are not strictly compa-
rable with formation constants for the usual step-
wise processes. However, AJ reflects cnergy
changes in bond formation, by and large,* which
permits some rough comparisons to be made. Gen-
erally in going from a bidentate to a terdentate
ligand the value of —AH increases. In this case

(3} C. R. Bertsch, W, €. Fernelins and B. P. Block, Tmie JOURNAL

62, 441 (1958).
(4) C.G. Spice and R. W. Parcy, J. 4Am. Chem. Soc.. 78, 2726 (1953).
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—AH for the addition of 1,3-propanediamine to
Cut* 18 much larger? than for the reaction indi-
cated by (12). Lotz® has reported that polya-
mines containing ovygen are not bound as strongly as
corr¢sponding amines containing no letero atom,
and this effect would be reflected in the enthalpy
change. Another factor influencing the value of
AIT, 1s the fact that if the 1,3-diaimino-2-propanol is
acting terdentate it cannot form a planar configura-
tion, therefore the copper ion is presert in a forced
non-planar econfiguration and is not as strongly
bound as 1t would be in a planar confliguration. It
has been found “hat the — AH value for the forma-
tion of the coprer chelate with 2,2’ 2"-triaminotri-
ethylamine 1s only slightly greater than the usual
— AH, values for chelation of copper ion with biden-
tate ligands, although 22/ 2”-triaminotriethyla-
mine has four available donor atoms, and this is at-
tributed to the copper ion being forced into a4 non-
planar configuration.® I'urthermore, the —AH
value for CuBBO+ would be expected to be low be-
cause an oxygen—-hydrogen bond is ruptured during
its formation.

The AS value for the formation of the copper
chelate with 1,3-diamino-2-propano. is of the same
order of magnitude as the corresponding value
for the formation of the copper chelate with
1,3-propanediamine. The fact that the oxygen
atom of the 1,3-diamino-2-propanol takes part in
the chelation would be expected to increase the en-
tropy change, since the number of rings in the chel-
ate structure is increased. This is probably ofiset
by an entropy decrease caused by the forced non-
planar configuration.

Acknowledgment.—The authors gratefully ac-
knowledge financial support furnished for this
work by the Urited States Atomic Energy Com-
mission through Contract AT(30-1)-907.

(5) J. R. Lotz, Ph.ID. Thesis, The Pennsylvania State University,
1954,

OUT-OF-PLANE IIYDROGEN VIBRATIONS
IN SOME HIGHLY SUBSTITUTED
NAPHTHALENES

By Rorert W. BavEr ann Enwann J. O'REtnry, Jr.

Deportment of Chemisiry, Unriversily of North Dakots, Grand Forks,
North Dakota

Reocetved November 22, 1957

The infrared spectra of several naphthalencs
substituted in the a-positions have been observed
in this Laboratory. The spectra in the region
1000-650 em.~! are listed in Table. I. Tive of
these compounds, 1,5-dibromo-4,8-diiodonaphtha-
lene, 4-bromo-1,E-diiodonaphthalene, 1,4,5,8-naph-
thalene-d, and 1,4-naphthalene-ds, have at least one
set of two adjacent hydrogens and the 1,23-
4-tetra-substituted benzene structure. The in-
tense absorption at 823 em.~! in the spectra of the
above halogen cornpounds is in agreement with the
generally accepted range of 800-860 ¢cm. ! for the
absorption corres»onding to the out-of-plane vibra-
tion of two adjacent hydrogen stoms on a benzene
nucleus.! The intense absorption at 874 em. ! in

(I) L. J. Bellamy, “The Infrared Spectra of Camplex Moleculea, '
John Wiley and Suns, Inc., New York, N. Y., 1954,
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the spectra of -he deuterium compounds is on the
high side of this range. This behavior, however,
seems fairly common in the spectra of deutero-
naphthalenes.? An analysis of the spectra o:
naphthalene, naphthalene-ds and 1,4,5,8-naphtha-
lene-dy, shows that the 874 e¢m.—! absorption is In
fact associated with the out-of-plane bending vibra-
tion of the hydrogen atoms.

In the 1,4-bromo- and 1,4-dideuteronaphthalene
spectra, the frequencies associated with the out-of-
plane vibrations of the four adjacent hydrogen
atoms are 760 and 771 em, 1, respectively, in agree-
ment with the accepted range of 735-770 em.~".
The three adjacent hydrogens in the 4-bromo-1,5-
diiodonaphthalene and 1-bromo-5-iodonaphthalene
spectra are undoubtedly the cause of the intense ab-
sorptions at 796 and 791 em. 1, in agreement with
the aceepted region of 750-810 em.~%.  The second
components in the region of 680-725 cm,~! are lo-
cated nt 694 and 692 em, ',

TanLe I

INFRARED ARSORPTION PEAKS OF SOME SUBSTITUTED
Naririarexes IN CS: SoLuTion

1,5-Brs- 1.4.5,8-
1-Tir-5-1 14-Br;  4-Br-15Js 48L 1,4-1;% Ayt
062vs 0hlvs 063vs 016m
027w {/G3m 926w 882m 87dvs
823vs 823va 8§23vs 873vs /373
791vs T08vs 856m 798s
760vs 783w 780m TTlvs 785s
74w T45vs 7205 730s
692 660w G948 712s

® Only the bands whose intensily is greanter than medium
are recorded.

(2} 1L Luther, G. Frandes and B. ample, 7. Elekirochem., 69, 1012
(1955).

EFFECT OF pH ON THE CATALYTIC
ACTIVITY OF HYDROGEN-PRODUCING
REACTIONS ON - AND 8-PALLADIUM-

- IIYDROGEN CATHODES

By SiomusD ScnULDINER AND JamEs P. HoArE

7. 8. Nasal Research Laboratory, Washingten 256, D. €.
Received Fiecember 4, 1957

The authors? have determined the rate con-
stants of - and 3-Pd-H alloys for electrolytic
hydrogen-producing reactions. For these alloys
the rate-determining step in strongly acid solu-
tions (pH 0 to 1.2) was shown to be the desorption of
an adsorbed hydrogen atom by combination with
a hydrogen ion on the solution side of the double
layer and an electron from the metal. In less acid
solutions (pH 1.6 to 1.8) the rate-determining step
was shown to be the combination of adsorbed hy-
drogen atoms to molecules,

Since the rate constants were a measure of
catalytic activity, a rclationship between the cata-
lytic activity of the a- and 3~ Pd-H alloys and their

(1) I. P. Hoare nnd 8. Schuldiner, J. Rlectrochem. Soc., 102, 485

(1955).
(2) 1. . Hoare and 8. Schuldiner, ibid., 104, 564 (1957).
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electronic configuration was shown.®4 In the
B-phase alloy all of the holes in the d-band of the
metal were filled with electrons contributed by
dissolved hydrogen and it could be concluded®®
that the heat of adsorption of hydrogen atoms on
the metal surface would be less than on the surface
of the a-phase alloy. It was shown37 that, if
the rate-determining step in the hydrogen-pro-
ducing reaction was atonic desorption, the higher
the heat of adsorption of hydrogen atoms on the
surface the slower would be the rate of this step.
On the other hand, it has been demonstrateds®
that, if the rate-controlling step was the slow dis-
charge of hycrogen ions to atoms, the higher the
the heat of adsorption of hydrogen atoms on the
surface the faster would be the rate of this step.

An investigation of the hvdrogen overvoltage on
bright. platinum! showed that in neutral anc alka-
linc solutions the rate-Cetermining step for the
hydrogen-producing reaction was the slow dis-
charge of water to hydrogen atoms. Assuming
that the same mechanisim would prevail on a- and
3-Pd cathodes in alkaline solutions, an experimental
test of the pH effect was possible. If the rate-
determining step changed from an atomic cesorp-
tion to a slow discharge as the pH of the solution
was increased, then the catalytic activity of the
«-alloy should overtake that of the g-alloy at the
point where the rate-determining step changed.

Hydrogen overvoltage curves for a- and 3-Pd
are shown in I'igs. 1 and 2. These curves are the
average values for three runs and were obtained
by previously deseribed techniques.t%' The same
piece of 0.005 inch thick with 0.14 cm.? exposed
area palladium foil was used in all measurements.
The preliminary anodic and cathodic treatment of
this fcil roughened the surface to such an extent
that, when overvoltage measurements were taken,
virtually no further change in surface area oc-
curred. Overvoltage values for both «- and
B-Pd were taken on the same electrode surface.
The Tafel, b = 0.12, slope demonstrates that in
the hydrogen-stirred 10.2 and 12.0 pH solutions
(mixtures of purified 0.1 N KOII and 2 N Na,S0,)
the rate-controlling step was the slow discharge of
water to hydrogen atoms.

In Tig. 3 are shown the effect of pH on the rate
constants, & = —di/d», for the hydrogen-produe-
ing reactionz. These rate constants were deter-
mined % ° by taking the derivative of the reciprocal
of the  vs. 7 slope at low current densities where
there is a linear relationship between these quan-
tities. Included arc the values for acid solutions
which were reported carlier.®? These rate con-
stants directly measure the relative catalytic
activity.

{3} 8. Sehuldiner and J. P. lloare, THta JoURNAL, B1, 7C5 (19A7).

{(4) S. Bchuldiner and J. P. Hoare, "International Colloquium on
Reference Electrodea and Structure of the Double Layer ™
October, 1956.

(5) O. Beeek, Faraday Soc. Disc., 8, 118 (1950).

(6) A. Couper and D. D. Eley, ibid., B, 172 (1950).

(7) B. E. Conway and J. O'M. Bockria, Naturwissenschaflen, 19,
446 (1956); J. Chem. Phys., 26, 532 (1957).

(8) J. lMoriut: and M. Polanyi, Ac¢tn Plysicockim. USSR, 2, 505
(1935).

(9) M. Oikawa, Bull. Chem. Soc. Japan, 28, 626 (1955).

(10) 8. Schuldiner, .f. Flectrochem. Soc., 101, 428 (1954).
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Fig. 1.—Hydrogen overvoltage on the anode and cathode
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ps. Pt/H, reference clectrodes in the same solutions; 7 =
27 = 1°.

-4.0

Figure 3 shows that when the pH of the solution
becomes sufficiently high the catalytic activity of
the a-Pd beeomes higher than that of the g-Pd.
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Tig. 3.—Effect of pH on the catalytic activity of a- and
B-Pd-H cathodes. Taget shows an expanded seale for low
values of the rate constant, &,

It is apparent that the ecrossover in caralytic ac-
tivity occurs at the point where the rate-deter-
mining step changes from an atomic desorption to
a slow discharge. These experimental results
show the relationship between the clectronic eon-
figuration (effect on the heat of adsorption of hy-
drogen atoms) and the rate-controllirg step of the
hydrogen-producing mechanism.

These results confirm previous results'® which
indicated that on platinum and palladium elee-
trodes both hydronium ions and water are simul-
taneously reduced to hydrogen atoms on the
cathode surface. As the hydronium 1o concen-
tration in the double layer is decreased, the primary
source of hydrogen ions changes from hydronium
ions to water,

THE EXTRACTION OF FERRIC CIILORIDE
BY ISOPROPYL ETHER. PART II. A CON-
DUCTOMETRIC STUDY OF THE ETHER
LAYER?

By Donarp TN, CamPBELL, HERBERT M. CL.ARK AND
WaLtERr H. BaUER

Department of Chemistry Rensselaer Polylechnic Institute, Troy. New
York

0T,
Recewed December 7, 1857

It has been demonstrated,? in the extraction of
ferric ehloride from amqueous hydrochloric acid solu-
tions, that five molecules of water must accompany
each molecule of HIPeCl; extracted in ordar to dis-
solve this complex iu isopropyl ether. This is in

(1} Abstractedf romn the Ph.DD. Diasertation of Danald K. Campbell,
Rensselaer Polytechnie Tngtitute, Troy, N. Y., June, 1952,

B (2) A, II. Laurenr, 1. F. Camphed), 8. E. Wiberley and H, M.
Clark, Tiuza Jounnay, 60, 901 (1956).
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accord with the results of previous investigators®—»
who have indicated that water is directly associated
with the iron complex which is dissolved in the
ether layer during extraction of iron frcm strong
hydrochlorie acic. solutions of ferrie chloride. It
has been proposed? that 11 of the water is associated
with the hydrogen of the complex acid, HleCl,,
possibly as {I;O1-4H,0)l"'eCly—, I'riedman and
Taube® haye shovmn hy means of conductance meas-
urements that an analogous salt, NH,GaCl, dis-
solved in anhydrous ether exhibits the charac-
teristic behavior of strong electrolytes dissolved in
solvents of low dielectric constant. It was therc-
fore of interest to e¢xamine the conductance be-
havior of ether lavers frem the iron extraction sys-
tem.

1.2 ©-Diluticns ol E'h"NCPh”?i %bégdl".
®-Dilutions cf R‘hor Ph%nu Oh'ulncdc3
M HCI_ond O-4M Fe eClg
O-Dilutions of th-r Phase Obtained
= M HCI and 0IM FeCly
. 0.8
g
[
<
a0
=
0.4
0.0 1 1
-3 —2 ~1
Log (Mr.).
Fig. 1. -Dquivalent candnetanee of dilutions of ethereal

iron extraction phases prepared y extraction of 7 A7 hydro-
chlorie acid solntions coutiining varying amounts of iron.

Experimental

Procedure.—Ithereal iron extraction phases were pre-
pared by equililiration of aqueous solutions, containing vary-
ing concentrations of ferrie chloride and hydroehorie acid,
with equal volumes of isopropyl ether at 20° for 48 hours
with frequent shaking.,  Tha ether layer was separuted {rom
the equilibrium aqueous phase hy means of a siphon, and
analyzed for ehloride and iron as previously? described.
Water in the cther layer was determined hy a modified Karl
FFischer titration, described by Laurene.  Dilutions of the
cthereal iron extraction phases were made with isopropyl
ether, which had heen cquilibrated over an equal volume of
hydm( hlorie ackl.  The hyidvechlorie ackl concentration in
cach case was the saune as that used Lo prepare the given
ethercal iron extraction phase.  (ther diluents, sueh as dry
isopropyl ether, or isoprapyl cther saturated with water,
eaused appearance of multiple ather lavers.  The tron con-
ecntrations in the diluted solutions were determined from
the dilution rafin and the iron coneentration of the ariginal

(3) 8. Kaio and R. Istii,
Tokyo, 36, 82 (1939,

(4) J. Axelrod and B 17,

(5) R. J. Myers, DL K
(1950).

(6y TL. T. Friedman and 11 Tauke, ibid., 72, 2362 (18450)

(7) A. II. Lanrene, Anad. Chem., 24, 1490 (1932).

Set. Papees Tust. Phys. Chem. Researeh,

Swift, J. -
Metzer and Il B

m. Chem. Soc., 62, 33 (1940).
. Swift, bid, 72, 3767
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Fig. 2.—Tquivalent conductance of dilutions of ethereal iron extraction phases preparcd by extraction of 0.2 M ferric
chloride solutions containing varying amounts of hydrochlorie acid.

ethereal iron cxtraction phase. The water in the diluted
solutions was determined either by direct analysis or from
the water analyses of the equilibrated cther diluent and the
ether extraction phase.

The specific conductances of the resulting series of diluted
solutions were measured in a stoppered conductasice cell
constructed out of a standard taper 24/40 femalo joint.
The lower end of the joint was blown into a hulb which en-
veloped the clectrodes, and mercury wells were sealed to
opposite sides of the bulb. A groove was ground in the
stopper and a hole drilled in the side of the female joint so
that there would be no pressure exerted on the solution in
the cell when the stopper was put in place. Conductances
were measured at 20.00 &= 0.01° with a General Radio 650-A
impedance bridge equipped with 1000 cycle oscillator-
amplifier. A Dumont 208-B cathode ray oscilloscope was
employed as the null point detector.

Results

The dilution studies were carried out on two dif-
ferent groups of cther extraction phases. In the
first group, three different cther phases were ob-
tained by extraction of aqueous solutions which
were initially 0.1, 0.2 and 0.4 M in iron, but which
were all 7 M in hydrochloric acid. The results of
the conductance measurements made on this first
group are shown in Fig. [. In the second group,
three cther phases were prepared by extraction of
aqueous solutions which werce initially 7, 6 and 4 A7
in hydrochloric acid but were all 0.2 M in iron.
The conductance data for diluted solutions of this
group of ether extraction phases are plotted in I'ig.
2. When the solvent conductance cxcceded 19
of the specific conductance of the cthereal iron solu-
tions, the specific conductance was corrected for
the conductance of the solvent. The latter was
was considered to be isopropyl ether equilibrated
over an equal volume ¢f hydrochloric acid at the
same concentration used in the extraction.

Discussion
From the magnitude of the conductance per

cquivalent of iron and from its dependence upon
the ethereal iron concentration shown in Figs. 1
and 2 it is evident that the iron complex which is
extracted into the ether layer in the ether extrac-
tion of iron is ionic. Morcover, it is seen that the
ionic nature of the extracted iron complex does not
depend upon the initial conditions of extraction.
The dilution curves shown in Tigs. 1 and 2, which
were obtained under widely differing initial condi-
tions, are identical in shape and nearly coincident
over the same range of iron concentration.

The conductance curves shown in Fig. 2, ob-
tained for diluted cxtraction phases prepared at
the lower initial hydrochloric acid concentrations,
are slightly displaced in the direction of higher
equivalent conductanze. This effect is ascribed to
the solution of water in the ether solvent. Such
water is to be distinguished from the water which
is known? to be associated with the iron complex.
Trom work done on the ternary system, isopropyl
ether—HCI-H,0),% isopropyl ether equilibrated over
an equal volume of hydrochlorie acid below 9.5 M
dissolves more water the lower the hydrochloric
acid concentration.

When the dilutions were carried to low iron con-
centrations, minima in the conductance-dilution
curves were found to occur, as shown in Tig. 2.
Friedman and Taube® also observed conductance
minima in their conductometric study of solutions
of the analogous compound, NH,GaCl, in ethyl
cther. The oceurrence of conductance minima
has been shown by Fuoss and Kraus® to be charac-
teristic for highly polar compounds dissolved in
media of low dielectric constants, and has been as-

(8) D. E. Campbell, A. II. Laurence and . M. Clark, J. Am. Chem.
Soc., T4, 6193 (1952).
(9) C. A. Kraus and R. M. Fuoss, ibid., 68, 21, 2387 (1933).
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cribed to the formation of electrostatically asso-
ciated neutral 10n pairs. At high concentrations in
isopropyl ether, the tetrachloroferrate ion? may be
largely associated in the form of triple ions such as
[H:O+*4ILO TFeCli-H0+4I;0)- and TeCl,~
IOt 4,0 FFeCly—]-, associated in neutral iron
pairs as [HzO 4,0 FeCl,~], and dissceiated to a
lesser extent as the lons H;O+4I,0 and FeCl—.
With dilution, the conductance would be expected
to go through a minimum as the triple ions dis-
soclated and the concentration of neutral ion pairs
increased, The final increase in  conductance
would follow an increased dissociation of neutral
ion pairs with high dilution, Thus, the appearance
of such minima in the conductance- dilurion eurves
of the ethereal phases of the iron extraction system
provides supporting experimental evidence for the
“polymerization” theory which Myers, Metzler
and Swift® have proposed to account for the vari-
ation in the iron distribution coeflicient with total
iron concentration in ecthereal extraction of iron
from acqueous solution having constant initial hy-
drochloric acid concentrations.

Acknowledgment.—The authors arc indebted to
Lewis . Bassett for his many suggestions during
the course of this work. This work was partially
supported by the U. 8. Atomic Energy Commission
under Contract No., At(30-1)-562.

GEOMETRIC CONSIDERATIONS OF
TETRAZOLE DERIVATIVES FROM
DIPOLE MOMENT DATA

MarmiN H. Kavrman avp Avan L. Woopyan
Physical Chemistry Branch, UI. S. Naval Ordnance Test Station, China
Lake, Californiq
feceived December 10, 1957

Hill and Sutton! in their study of clectric dipole
moments of some sydnones applied vector addi-
tion to the solution of geometric problems. krom
known moments and moments of arowatic com-
pounds differing only by para substitution, they
deduced various angles between substituted phenyl
bonds and the direction of the dipole moments
of the parent compound. A qualitative picture
of the hybrid nature of tetrazoles was recently re-
ported by Kaufman, et al.? The purpose of the
present study was to investigate the geametry of
tetrazoles by means similar to those of Hill and Sut-
ton. With this idea in mind, chloro-, bromo- and
nitrophenyltetrazoles were prepared and their
gi_gole moments measured in benzene solution at

5°.
Experimental

Preparation and Purification of Materials.—Mallinckrodt
analytical reagent grade benzene was purified by erystallizing
twice, rejecting a small portion each time, and then frac-
tionally distilling after standing several days over freshly
cut and ribboned sodiitm. All was rejected but the center
cut which was re-distilled in the same manner hefore tuse.
The specific volume parameter for the solvent was obtained
for each run from a lesst squares examination of the specific
volume, weight fraction data and was found to be constant
to ==0.029.

(1) R. A, W. Hill and L. V. Sutton, J. Ckem. Soe,, T46 (1940),
(2) M. 11, Kauiman, F. M. Frosherger and W, S. MeEwan, J. Am.
Chem. Soc., 78, 4197 (193¢).
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Tetrazoles.—All wore prepared from amide and hy«razoic
acid by a method similar to that described by Harvill, ef al.®
Analytical data are presented in Table I.  All tetrazoles
were sublimed twice befcre making any physical measure-
ments.

Amides.—These were preparcd in the usual manner.
In Table I, the melting points of the amides are [isted; all
were reerystullized twice from ethanol. . .

Physical Mecasurements and Calculations.—This experi-
mental part is essentially that of Kaulman, et af. The
apparatus was calibrated with benzene, the dielectric con-
stant of which wus talen to be 2.2750 at 25°.¢ The calcu-
lated data are presented in Teoble II, where ¢ and Vi, the
diclectric constunt and the specific volume of the solvent,
respectively, ure the intercopts while a and g8 are the slopes
of the straight lines obitained by plotting solution dielectric
constant and specific volume, respectively, ageinst weight
fraction of solute.5 P is the solute polarization at infinite
dilution calculated from the ITalverstadt and Kumler rela-
tionship® while 2, is the molar refraction of the solute for the
n-sodium line and u is the dipole moment calculuted from
the approximate Debye equution

w = 001281 X 10~ [(Py — R)T|'/2 e
Discussion

TFrom the known moments of nitrobenzene (3.97
D), 1-phenyl-5-methyltetrazole (5.64 D) and 1-p-
nitrophenyl-5-methyltetrazole (3.20 73} it follows
that the angle between the phenyl-NO,; bond and
the moment of 1-phenyl-3-methyltetrazole is ap-
proximately 34°. Therefore, 34° is also the angle
betwecn the phenyl-N bond and the moment of 1-
phenyl-5-methyltetrazole. In the following man-
ner, Kofod, et al.,” obtained a value of 0.8 D for
the Ph-N bond assuming a value of 1.3 1) for the
H-N bond. The experimental value for unsub-
stituted pyrrole is 1.80 D while that of N-phenyl-
pyrrole is 1.32 D. Therefore, since the two rings
are co-lincar, the Ph-N bond must be 0.48 D
less than the II-N boad or 0.8 D. Similarly the
CH;-N bond is 0.12 D rore than the H-N bond
or 1.42 D,

If the value of 0.8 D for the phenyl-N moment in
1-phenyl-h-methyltetrazole is utilized, a value of
5.00 D for the moment of 5-methyltetrazole and
39° for the angle between the phenyl-N bond and
the moment of B5-methyltetrazole is obtained.
From a similar treatment of 1-methyl-3-p-nitro-
phenyltetrazole (3.87 D) the following informa-
tion was obtained. The angle between the phenyl-
NO. bond and, thercfore, the phenyl-C bond and the
moment of 1-methyl-5-phenyltetrazole is approxi-
mately 43°. The angle between the phenyl-C bond
and the moment of 1-methyltetrazole 1s approxi-
mately 45° while the dipole moment of I-methyl-
tetrazole is caleulated to be 5.45 D. The experi-
mental value of 5.38 1 was reported for this com-
pound by Jensen and I'riediger.?

From the above data, predictions about the
moments of phenyltetrazoles differing only by pera
substituents may be made: e.gq., from the known
moments of chloro- (1.59) and bromobenzenc

(3) E. K. Harvill, R. M. Herbst, E. C. Sehreiner and C. W. Raberts,
J. Org. Chem., 18, (68 (1950).

(4) A. S, Brown, P. M. Levin =nd E. W. Abrahamaan, J. Chem.
Phys., 19, 1226 (1951).

(8) G. HMedestrand, Z. phusik. Chem., B2, 482 (1920),

{0) I I'. Haltvevaradt and W. I, Kumler, J. Am. Chem. Soc., 64, 2088
(1912).

(7) H. Kafod, L. E. Sutton and J. Jackson, J. Chem. Sae., 1467
(1952).

(8) K. A, Jengen and A, Friediger, Kol. Danske Videnskab. Selskab.
Math. fus. Medd., 20, 1 (1943),
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TasLE 1

ANxavLyricaL Data

M.p.. °C.

Tetrazole Reerystallization M.p., °C. lit C H X
1-Ethyl-5-p-chlorophenyl-  Sublim. 82.7-83.8 Caled. 51.80 4.35 16.99
Found 51.33 4.24 17.1
1-p-Chlorophenyl-5-methyl- LETOH-ncedles 88.5-89.4 Caled. 49.37 3.62 18.21
Found 49.47 3.59 18.1
1-p-Bromophenyl-5-methyl- H,O-needles, 116.7-118 Caled. 40.19 2.95 33.43
cyclohexanc-plates IFfound 40.01 3.07 33.9
1-p-Bromophenyl-5-¢cthyl-  ETOH-plates 092.6-93.06 Caled. 42.70 3.58 31.58
FFound 42,62 3.29 32.2
1-Mecthyl-5-p-nitrophenyl-  CH.Cl-ETOH prisms 123.4-124 .4 123-126"
1-p-Nitrophenyl-5-methyl- CH,Cl-plates 132.3-132.7 130-135°
132-133°
Amide
p-Nitroacetanilide (uncorr.) 214.8-215.6 215.9°
p-Chloroacetanilide 179.6-179.8 178.4°, 179.0"
p-Bromoacetanilide 168.5-168.8 167°
N-Ethyl-p-chlorobenzamide 109.0-110.2 AT
N-LEthylbenzamide 68.4-69.8 70-71°, 674

¢ R. M. Herbst, et «l., J. Org. Chem., 17, 262 (1952). *» Du-Yung Wu and R. M. Herbst, ibid., 17, 1216 (1952). < N. V.

Sidgwick and H. E. Rubie, J. Chem. Soc., 1014 (1921).

4 G. Owen, 7bid., 3395 (1923).

¢ Buu-Hoi, Ann., 556, 1 (1944).

F. D. Chattaway, J. Chem. Soc., 817 (1902). ¢ H. Meerwein, el al., J. prakt. Chem., 154, 83 (1939). * J. von Braun, Ber.,

37, 2815 (1904).

TasLe I1
CarcuraTED DATaA
Tetrazole € 14 a B P I #
1-p-Nitrophenyl-5-methyl- 2.2805 1.14412 5.60 —0.38 261.9 52.0 3.20
1-Methyl-5-p-nitrophenyl- 2.2865 1.14543 8.19 — .49 354.7 47.9 3.87
1-Ethyl-5-p-chlorophenyl- 2.2920 1.14528 12.22 — .39 523.0 55.7 4.78
1-p-Bromophenyl-5-cthyl- 2.2748 1.14543 9.53 — .50 501.8 57.7 4.66
1-p-Chlorophenyl-5-methyl- 2.2874 1.14429 10.95 — .37 442.9 50.7 4.38
1-p-Bromophenyl-5-methyl- 2.2866 1.14512 9.25 — .54 456.9 51.9 4.45

(1.57),° the moments of 1-p-bromophenyl-5-meth-
yl- and 1-p-chlorophenyl-5-methyltctrazole were
calculated to be 4.43 and 4.41 D, respectively.
The observed moments (Table II) arc 4.45 and 4.38
D, respectively.

Assuming the simplest geometry for the tetra-
zole ring ( a regular pentagon with all substituent
bonds co-linear with a ring axis) the dipole moment
of 5-methyltetrazole would have a direction some-
what as illustrated in Fig. 1. Tigurc 2 shows the

390 P~ b CH,
S
|
CH,
Fig. 1. Ihg. 2.

dipole moment of 1l-methyltetrazole. Inowing
the direction of the moment in 5-methyltetrazole,
it is interesting to note that the direction of the 1-
methyltetrazole could be predicted easily, qualita-
tively, by considering the addition of the *C-N—
aipole. It is also of interest to note that the in-
formation illustrated in Fig. 2 agrees very well with
the resonance structures depicted for 2-ethyltetra-
zole by Kaufman, ¢ al.?

(9) R. J. W. LeFevre, “Dipole Moments,” John Wilcy and Sons,
Ine., New York, N. Y., ed. 3, 1953, p. 143.

Acknowledgment.—We wish to thank Dr. Rich-
ard Knipe for his interesting discussions and sug-
gestions.

ALCOHOLIC FERRIC PERCHLORATE
SOLUTIONS!

By R. A. Horng?

Department of Chemistry, Brookhaven National Laboratory, Upton
Long Island, N. Y.

Received December 16, 1957

=olutions of ferric perchlorate in alcohol, ace-
tone and many other organic solvents are much
more intensely yellow colored than aqueous solu-
tions of comparable concentration and acidity.
Rabinowitch and Stockmayer® have suggested
that, in the case of alcoholic solutions, this color
intensification might be due to ferric perchlorate
complex ion? or to alecoholysis. These same sol-
vents also intensify the yellow color of ferric
bromide and the red color of ferric thiocyanate
solutions®; the latter has been utilized in the
colorimetric determingtion of iron.®

(1) Rescarch performed urder the auspices of the U. S. Atomic
Energy Commission.

(2) Radio Corporation of Amecrica, Needham Heights, Mass.

(3) E. Rabinowitch and W. II. Stockmayer, J. Am. Chem. Soc., 64,
335 (1942).

(4) Cf.J. Sutton, Nature, 169, 71 (1952).

(5) J. Y. MacDonald and K. II. Mitchell, J. Chem. Soc., 1310 (1951).

(6) Vide E. B. Sandell, “Colorimectric Determination of Traces of
Metals,”” 2nd ed., Interscicnce Publishers, Inc., New York, N. Y., 1950.
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The whsorption spectra ol several ferrie per-
chlorate solutions are shown in TFig. 1. A Beck-
man single beam spectrophotometer with “Corex”
cells and a tungsten lamp source was used. Curve
A is for an aqueous ferric perchlorate solution, B
an aqueous solution made slightly alkuline by the
addition of sodium acetate, C for ferric perchlorate
in l-propanol, 1} in cthanol and E in methanol.
In cach case the temperature is 23.5° and the
ferrie perchlorate complex is 7.9 X 10~Y%. In C,
D and E the vol une ratio of aleohol to water is
200:1.  The similurity between curves I3 and C, the
color intensification in acetone, the eolar mtensi-

Nores
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fication of ferric hromide and thiocyanate solutions,
and the fact that alecholie ferrie perchlorate solu-
tions decolorize gradually on the addition of water
but very abruptly on the addition of perchloric
acid all suggest that the colored specics 1s a ferric
hydrolysis product with its color intensified by the
substitution of organic molecules for waters in the
solvation spherc

(11,0),. (RO}, FeOH*+ 1

Trow sterie considerations » might be cxpeeted Lo
increase and the color intensity inercase as the
size of ROH deereases. Comparison of curves
C, D and Kin ¥ig. | show such to be the casc.

Iigure 2 shows the change in optical density of
a 147 X 10 -4 ferric perchlorate in ethanol solu-
tion upon the addition of one-mi. water—cthanol
increments,  The initial volume was 100 ml., the
temperature 23.5°, and the measurements were
made at a wave lengih of 420 mu.  Figures 1 and
2 are not quantitatively comparable because the
solutions in the former are more acidie, the presence
of & small amount. of perchloric acid in the ferric
perchlorate stock solutions being a consequence of
the purification procedure.  Figure 2 is not readily
cxplained in terms of dilution or of changing
macroscopie  dielectric constant. The marked
break in Iig. 2 probably is due to a reaction of the
type
(FL.O)s (ROLL).IFeOH =~ + 1OH >

(TLO)s (RO, FeOH*++ + ROH  (2)

Iigure 2 indicates that the equilibrium constant
for this process” is about 10.  1f the observed opti-
cul density is chiefly proportional to the concen-
tration of (I1,0);_.(ROIL)FeOH** presumably,
then, an abrupt change in the coneentration of this
species is indicated by the abrupt change of slope
in Fig. 2. In alcoholic media reactions such as
(2) may be of greater importance mm determining
the rates of processes involving solvated specics
than changes in the macroscopie dieleetric constant.

(7)) Uor preferential sobvation by the higher diclectric component of a

mixed solvent see I5. 8. Amis, Tins Jourxac, §0, 128 {1936}; J. Chem.
hys., 26, 880 (19567).

THE KINETIC BEHAVIOR OF SUBMICRON
SIZE. POLY DISPERSED SODIUM CHLORIDI
AND TITANIUM DIOXIDE AEROSOLSY:

By I 8 Yarrs avn R 1 Capne

Stanford Nevenrcl Dustitede, Menlo ravk, Calefurnin

Receieed Devomber 16, 1057

ew experimental data exist in the [iterature con-
cerning the interactions of submicron-rize {<0.]
p radiug) polydispersed aerosol particles.  Gold-
man?® has developed an equation describing the be-
havior of such systems, but it has been solved only
for simple cases such 5 an initially monodispersed
acrosol. Recenlly a condeunsation-nuclei counter

{1) Wark supnorted in part by a geant from the National Iostitutes
of Yealth {(S5-30) und the Divisional Research Commuittee of Stanford
Research [nstitute.

(2) Dresented ai 1320d meoting of American Chemical Soviety,
New York {Sepl. 14937).

{3) “"Handbouk on Aerosols,” U, &
Washington, 1900, Chap, 3, p. 99,

Atowic Bnergy Comunussion,
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has been developed which makes possible the de-
termination of the concentrations of submicron
size aerosol particles in various size ranges.®®
This note describes the initial results of a program
undertaken with this counter to investigate the
interactions of such polydispersed aerosol particles.

Experimental

A commercially available model of the counter, General
Electric ““Small Particle Detector, Type C. N.”’® was used
to determine the concentrations of the aerosol particles in
various size ranges. The size information obtainec from
this instrument is based upon theory developed for water
vapor condensing at various degrees of supersaturation upon
spherical water droplets.® Hence, the assigned values are
the radii of water droplets which have the same cffectiveness

" as condensation nuclei for water vapor as the particles in
question. ‘‘Equivalent’” radii assigned by this instrument
range from 8 to 1000 A.

Aerosols were formed by the condensation of vapors pro-
duced by heating crystalline Ti0; or NaCl supported on a
bare, coiled Kanthal heating filament of 1 ohm resistance.
No detectable condensation nuclei were emitted from the
filament itself at the power ievel used (10 watts). The
vapors were introduced into clean, filtered air at room tem-
perature until a reproducible steady-state aerosol cordition
was attained as determined by repeated coneentration meas-
urements for the various expansion ratios of the counter.
The aerosol was then allowed to age and concentration meas-
urements were obtained at various times during the aging
process by withdrawing aliquots into the previously evacu-
ated viewing chamber of the counter.

The data wcere plotted as number concentration wversus
time for cach expansion ratio of the counter. Smooth
curves were drawn and thesc curves were averaged over
several (3 to 6) replications for cach expansion ratio. The
average deviation of the experimental points from cach
smoothed curve was £10%,. Diffcrences were taken be-
tween these averaged curves to obtain the concentrations
within the size ranges. The significant featurcs of cach
curve, .e., positions of maxima, inflection points and slopces,
were quite reproducible from run to run.

Data and Discussion

A 5-liter glass flask wag used as an aerosol con-
tainer for the first two sets of experiments with
NaCl and Ti0O;. With the constant-volume con-
talner, the acrosol was diluted slightly each time an
aliquot was removed for analysis; howcver, the
total dilution after 15 minutes was less than 209,
and should not have much influence upon the
shape of the derived curves.  The averaged curves
illustrating the growth aund decay of various size
ranges between 8 and 1000 A. in equivalent radii
are shown 1n Iig. 1 for NaCl.  The decay curves
for TiO, were qualitatively similar.

For the most part, the shapes of the curves can
be attributed to the growth of particles by co-
agulation into and out of the viudous size ranges as
would be anticipated from normal acrosol theory.
The hnecarity of the terminal slopes for cach size
range on the semi-log plots indicates that o first-or-
der or pseudo-first-order reaction governs this por-
tion of the decay. Thus for the lincar portions of
the decay, the rates may be controlled by the col-
lision of the particles in the size range considered
with much larger particles whose over-all concen-
tration remains essentially constant, and with the
walls. The fact that these slopes in general in-

(4) P..J. Nolan and L. W. Pollack, Proc. Roy. Irish Acad., 61A, 9
(1946). _

(5) T. A. Rich, Geofisica, 31, GO (1455).

(6) N. N. Das Qupta and 8. K. Ghosh, ev. Mod, Phys., 18, 225
(1946).
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crease with decreasing particle size agrees with this
interpretation.

The maxima in the curves for the 60-200 A.
particles of both NaCl and TiO; are more difficult
to explain. The decres se in the number of particles
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Fig. 1.—NaCl aerosol in 5-liter glass flask. Concentration

of various size ranges as a function of time.

in the 860 A. range is not sufficient to explain the
late increasce in the 60-200 A. range. Possibly very
large numbers of particles smaller than 8 A. equiv-
alent radius exist when the first measurement is
made and these pass rapidly by coagulation
through the 8-60 A. range and much less rapidly
through the 60-200 A. range. However, it is difh-
cult to account for the steep slopes of the curves for
NaCl particles in the 8-12 A. and 12-60 A. range
if this mechanism were correct.  Possibly a phase
change occurs which results in a deerecase in cifee-
tive radius when the particles have coagulated into
the 60 200 A, size range.  Phase changes have been
observed in other aercsol systems.  I'or example,
the particles in stearic acid aerosols prepared by
condensation from the vapor phasc first appear as
droplets which later solidify.”

Another set of experiments was conducted in
which the TiO. acrosol was contained in a flexible-
walled 250-liter plastic bag, which eliminated the
necd for dilution as samples were withdrawn, Al-
though the curves differ quantitatively from those
of I'ig. 1, which may be attributed to the smaller
wall-to-volume ratio of the plastic bag, the same
general hehavior was observed.

(7) C. Schadt and R. D. Cuadle, .{nal. Clem., 29, 864 (1957).
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SOME PHYSICAL PROPERTIES OF THE
SYSTEM 2-ETHOXYETHANOL-
BUTYL ACETATE

By X, J. MiLLER

Chemislry Depurtmeni, Mount Union Callege, Alliance. Okio
RKeceived Januagry 3F, 1958

Particularly because of its excellent solvent prop-
ertics 2-ethoxyethanol has been of interest to in-
vestigators. Little informasion has been avail-
able on binary mixtures of 2-cthoxycethanol-
organic acetates. Consequently it scemed of in-
terest to begin a study of these systems. This
puper deals with the densities, refractive indices
and viscositics at 25° and of the boiling point-
composition diagram of the system 2-ethoxyetha-
nol-butyl acetate.

Experimental

Materials.— 2-Ethoxyethunol (Eastman Kodak No, 1697}
wag dried by refluzing over freskly igniled lime and care-
fully distilled using a Todd distillation column.

Butyl acetate (Eastman Kodak No. 710) was dried with
anhydrous MgS0, and carefully distilled using a Todd dis-
tillation eolumu.

139 T |

| :/;}%.
== ;074/
f : A /
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I
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MOLE PERCENT 2-ETHOXY-ETHANOL.

Fig, 1,—DBoiling point-composition diagram for the system
2-ethoxyethanol-butyl acetate.

The center fractions in distillations were used for measure-
ments.

Apparatus and Procedure.—The measurement of density,
refractive index and viscosity and the preparation of solu-
tions have been described previously.! In this study tem-
perature of the refractometer was controlled at 25 = 0.05°
by circulating watzr through the refractometer cell with
a small pump and a precision in refractive index of == 0.0001
was obtained.

Boiling point-composition determinations were carried
out in an Othmer equilibrium still? manufactured by the
Emil Greiner Co. The pressurc was maintained at 760 mm.
by means of a manostat similar to that previously described.?

(1} X, J. Miller, 1118 JoonnNax, 61, 832 (1957).
(2) D. F. Othuer, 4nal. Chem., 20, 763 (1948),
(3% E, L. Piret and M. W, Hail, Ind. £ng. Chem., 40, 661 (1048).
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Positive pressure on the =till wus provided by dry nitrogen.
The boiling point was rea« to & precision of £0.1%, Samples
were analyzed by comparing their refractive indices with the
refractive index—composition zurve of the system,

Results

Refractive index values, listed in Table I, when
plotted as a function ol mole 9; show a curve
bowed downward with maximum deviation from a
linear relation at 50 -0 mole ¢7.

TavLe |
2-IrieXYETHANOL-DBUTYL ACETATE

0§ ff Density Viscoaity Refractive

wole % d%;, g./tal. n/nR30, 25° index, nin
0 0.8764 0.7527 1.3918
8.206 .B786 L7779 1.3925
12.49 .8800 L7935 1.3929
14.54 .&8U8 8037 1.3931
21 .82 .8832 8411 1.3938
39.51 L8005 L0558 1.3958
46.91 . 8939 1.0238 1.3967
30.20 . 8956 1.0664 1.3971
51.74 8962 1.0714 1.3973
86.04 L 8ON4 1.1186 1.3980
64,88 L9029 1.2327 1.3992
75.47 5092 1.4082 1.4011
76.74 L9100 1.4286 1.4013
77.94 91607 1.4509 1.4016
96.79 RURY 1.7517 1.4039
95.31 0217 1.8761 1.4048
06.78 L9227 1.9261 1.4050
100 L9230 2.0316 1.4059

Viscosity of mixtures relative to water at 257,
listed In Table I, when plotted as a function of
mole 9 show a curve bowed downward, below hoth
the logarithmic*® and lincar® ideal type relations
proposed for viscosity of solutions.

The boiling point--composition diagram, shown
in Fig. 1, shows an azeotrope boiling at 125.7° at a
composition of about 16 mole ¢ 2-cthoxyethanol.
The composition of this azeotrope was found to dif-
fer appreciably from that previously reported.”

(4) J. Kendall and A. H. Wriglt, J. dm. Chem. Soc., 42, 1776
(1820).

(5) R. B. Powell, W, E. Rosevewre aodl H, Eyring, Ind. Eng. Chem.,
33, 430 (1041),

(f) ¥, C. Binghaw, Am. Chem. ., 35, 195 {1905).

{7) An azeotrope containring 35,7 weight % 2-cthoxyethanol has
been reported; Carbide and Carhon Chemicals (a., “Cellogolve and
Carchitol Solvents,” 1058,
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