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ADSORPTION AND HEAT OF WETTING STUDIES OF TEFLON1
By J. J. Chessick, F. H. Healey and A. C. Zettlemoyer

Contribution from the Surface Chemistry Laboratory, Lehigh University, Bethlehem, Penna.
Received August 29, 1955

Adsorption and heat of wetting measurements were used to study the surface properties of Teflon and the results were 
compared with those previously found with the graphitized carbon black, Graphon. Both solids are hydrophobic. From 
water adsorption and related isosteric heat data it was determined that Teflon has more hydrophilic surface sites per unit 
area and that these sites are of higher adsorption energy than those present on the surface of Graphon. Nevertheless, 
Teflon is the more hydrophobic of the two solids over-all since it has a much lower heat of wetting and a much larger contact 
angle with water. These values are —6 ergs/cm.2 and 108°, respectively, compared to —32 ergs/cm.2 and 82° for Graphon. 
It was concluded that the greater hydrophobicity of Teflon was due primarily to a different nature of non-polar sites rather 
than to the distribution of hydrophilic sites on these surfaces.

The purpose of this paper is to compare the sur­
face properties of two hydrophobic solids, Graphon 
and Teflon. Graphon was investigated previously2 
by water adsorption and heat of wetting measure­
ments. While generally considered homogeneous, 
Graphon was shown to possess a small fraction of 
heterogeneous sites considered to be primarily re­
sponsible for the adsorption of water. To deter­
mine the role of such limited number of hydro­
philic sites on other surface properties such as con­
tact angle and heat of wetting, a more hydrophobic 
solid Teflon, already studied extensively by other 
methods,3 also was investigated.

Experimental
Water vapor adsorption isotherms were determined at 

temperatures of 15, 20 and 25° for Teflon-6. This tetra- 
fluoroethylene polymer (TE3086, Coded B-3933) was sup­
plied in powder form by E. I. du Pont de Nemours and Co., 
Wilmington, Delaware, and had a nitrogen area of 9.0 m.2/g. 
This sample was washed with hexane, absolute alcohol, al­
cohol-water and finally distilled water, dried at 50° for 48 
hr., then degassed at 25° for 48 hr. at 10 “5 mm., before ad­
sorption or heat of wetting measurements were started. 
At least two adsorption runs were made at each tempera­
ture.

The amount of water absorbed was determined vclumet- 
rically using a modified Orr apparatus previously described.4 
Equilibrium pressures were read after one hour on a ma­
nometer filled with Apiezon Boil. Water absorption by the

(1) Presented before the ACS Colloid Division, Minneapolis, Minne­
sota, September, 1955.

(2) G. J. Young, J. J. Chessick, F. H. Healey and A. C. Zettle­
moyer, T his Journal, 58, 313 (1954).

(3) A. H. Ellison and W. A. Zisman, ibid., 58, 260 (1954).
(4) A. C. Zettlemoyer, G. J. Young, J. J. Chessick and F. H.

Healey, ibid., 57, 649 (1953).

oil was shown previously to be negligible,4 but because of 
the very small amounts of water vapor adsorbed it was neces­
sary to apply corrections for adsorption on the walls of the 
apparatus.

The calorimeter used in the heat of wetting studies and 
the treatments of the organic wetting liquids have been de­
scribed.4’5 Two different calorimeter units were used. 
The one in which the wetting liquid was water utilized a 
thermistor coated with picein and required 250 ml. of water. 
The second calorimeter, with an uncoated thermistor, re­
quired only 200 ml. of organic liquid. Because of this 
smaller volume, the smaller heat capacity of the organic 
liquid, and the greater interaction, considerably more ac­
curacy was possible in the determination of the heats of 
wetting of Teflon in the organic liquids than in water.

The calculated maximum deviation in heats of immersion 
due to errors inherent in the calorimetric technique was 
about ± 1 0 %  for this low area Teflon in the organic liquids. 
On the other hand, the maximum deviations for the immer­
sion of evacuated Teflon and Teflon exposed to water vapor 
at 80% R. H. before immersion were calculated to be ±90  
and ± 3 4 % , respectively. The experimental deviations 
from mean values were also found to be within these orders 
of magnitude.

The isosteric heat values were calculated from the inte­
grated form of the Clausius-Clapeyron equation

In p =  —q.t/RT +  C

using equilibrium pressure data obtained at three tempera­
tures.

Results and Discussion
The isotherms for the adsorption of water on 

Teflon and Graphon shown in Fig. 1 are similar and 
have predominant Type III character despite the 
slight rise in the curve at low pressures. The ad­
sorption of water on the hydrophobic solid Graphon

(5) F. H. Healey, J. J. Chessick, A. C. Zettlemoyer and G. J. Young, 
ibid., 58, 887 (1954).
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has already been explained on the basis of at least 
two types of adsorption sites on the surface of this 
material. The vast majority of sites are hydro- 
phobic and apparently correspond to a graphite­
like array of carbon atoms. These sites show no 
tendency to adsorb water at least up to pressures 
close to saturation. The hydrophilic sites are few 
in number and probably arise from traces of sur­
face oxide such as might be expected at edge atoms 
of graphite planes. These sites account for the 
initial Type II character of the water adsorption 
isotherms. After adsorption of the first layer of 
water molecules on these sites, the molecules build 
up additional layers on and around these sites 
rather than adsorb on the adjacent hydrophobic 
area. The mechanism for the adsorption of water 
on Teflon would be expected to be the same.

Relative pressure.
Fig. 1.— Adsorption isotherms for water-Graphon at 18°; 

water-Teflon at 20°.

The calculated areas obtained from nitrogen and 
water Vm values are listed in Table I for both 
Graphon and Teflon. The water areas of the two 
are small and not vastly different; the specific 
areas calculated from nitrogen adsorption data are 
much larger. Furthermore, Graphon has a specific 
area nearly ten times that of the Teflon powder. 
If the water area represents adsorption on the hy­
drophilic sites only, then the ratio of the water area 
to the nitrogen area times 100 gives the per cent, 
surface hydrophilicity for a given sample. On this 
basis, Teflon has a surface hydrophilicity of 0.75% 
compared to 0.15% for Graphon.

T a b l e  I
H e a t s  o f  I m m e r sio n a l  W e t t in g  an d  O t h e r  Su r fa c e  

P r o p e r t ie s  fo r  T e f l o n -6  an d  G r a ph o n
Teflon GraphonLiquid Ae(al), ergs/em.2

Butyl alcohol -5 6 -1 1 4
Nitropropane -5 4
Butyl chloride -5 6 -1 0 6
ra-Heptane -5 8 -1 1 2
Water -  6 -  32
SN2, m.2/g. 9.0 85
EH20, m.2/g. 0.07 0
(ZHjO/ZN,) 100 0.75 0
Equilibrium contact 

angle with water 108°3 82'

Isosteric heat values for the Graphon-water 
system were calculated from heat of immersion 
measurements as a function of the amount of water 
preadsorbed on the Graphon surface and from ad­
sorption data at one temperature.2 These heat 
values fall mostly below the heat of liquefaction of 
water and have a minimum value of 5.5 kcal./mole 
near the calculated BET Fm value. The isosteric 
heats then increase slowly toward the heat of lique­
faction. An approximate estimate of the isosteric 
heat values for water adsorption on Teflon from 
three temperature adsorption values agreed with the 
results based on one isotherm and heat of im­
mersion data.

The shape of the heat curve was somewhat 
similar to that obtained for water adsorption on 
Graphon, i.e., a minimum near the BET Vm 
followed by an increase in heat values with in­
creasing coverage. However, the minimum iso­
steric heat value was only slightly below the heat of 
liquefaction and the heat values increased rapidly 
to about 12 kcal./mole then slowly fell toward the 
heat of liquefaction. The small adsorption on 
Teflon as well as its low area and correspondingly 
small heat of immersion values preclude accurate 
determinations of isosteric heats. It can be 
stated, however, that heat values for the Teflon- 
water system are not far from the heat of liquefac­
tion near the BET monolayer region and, further, 
these values are significantly higher than found for 
the adsorption of water on Graphon.

On the basis of the water adsorption data and the 
related isosteric heat values, Teflon is more hydro­
philic than Graphon. On the other hand, the heat 
of immersion of Teflon in water, while small and 
difficult to measure accurately, was definitely lower 
than that for Graphon. The values of the heats of 
immersion of Teflon samples in the organic liquids 
were large enough to be measured with consider­
ably more accuracy and were found, as with 
Graphon, to remain the same as the functionality 
of the wetting liquid was varied. Furthermore, 
the heats of wetting were about one-half the mag­
nitude found for the immersion of Graphon in these 
same organic liquids. The low heat of wetting of 
Teflon in water is in accord with the high contact 
angle of 108°; whereas the contact angle measured 
for water on a pelletized button of Graphon was 
82°. The contact angle for water on a chip of 
Teflon pressed from the powder used in the ad­
sorption measurements was found to be 110 ±  2°. 
Teflon unlike Graphon is also not wet by many 
organic liquids. For example, the equilibrium con­
tact angle measured for n-decane on Teflon was 35°.3 
These data reveal Teflon to be more hydrophobic 
than Graphon.

Most probably both the polar and non-polar 
portions of a surface influence the contact angle and 
heat of wetting values for a hydrophobic solid. 
Certainly the heat of wetting of Graphon in water 
was shown to increase as the number of hydrophilic 
heterogeneities on the surface was increased by 
controlled oxidation6; the contact angle changes 
with oxidation were not followed. AVith Teflon 
the influence of the non-polar surface must pre-

(6) F. Healey, Y. Yu and J. Chessick, T his J o u r n a l , 59, 399 (1955).
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dominate in producing a greater hvdrophobicity 
(a lower energy surface) compared to Graphon, 
although the number of polar sites per unit area and 
the adsorption energy of these sites are greater for 
Teflon. The limited polarizability of the surface 
fluorine atoms would account for the small inter­
action energy between water and Teflon. The 
higher polarizability of the surface atoms of 
Graphon, due to some double bond character of the 
C-C bonds, leads to a greater contribution to the 
total adsorption energy by non-polar van der Waals 
forces. This difference in polarizability is evident 
too from the much lower heat of wetting of Teflon 
in the organic liquids when the only important in­
teraction is the non-polar van der Waals type. In 
addition, the contribution resulting from the inter­
action of a water dipole and its image force ac­
counts for the higher heat of wetting of Graphon in 
water compared to Teflon.

It is interesting to speculate on the nature of the 
hydrophilic heterogeneities present on the surface 
of Teflon. This material was coagulated from an 
aqueous suspension and possible surface impurities 
are surface active agents and fluoride salts. A cal­
culation of the coulomb interaction of a water 
dipole oriented parallel to an isolated KF ion pair 
impurity leads to a heat of adsorption of 10.2 kcal./ 
mole if a distance of separation of the water dipole

charge is taken as 0.38 A. This heat value should 
not be far from the actual value if the situation 
proposed exists; the contribution to the total ad­
sorption energy from the non-polar van der Waals 
forces would be small. Lower values would of 
course result if impurity centers are pregrouped 
rather than isolated as ion pairs in the surface. 
Nevertheless, heats of adsorption near the heat of 
liquefaction, as found for the adsorption of water on 
Teflon, can be explained adequately by this type of 
impurity.

An additional experiment was carried out to 
determine whether heat treatment would affect the 
nature of the surface. After activation at 280° for 
20 hr., the nitrogen area decreased only from 9.0 to
7.5 m2./g. but the water vapor adsorption was re­
duced to about one-third its former value. Pellets 
heated under the same conditions showed no change 
in the contact angle with water. The volatility of 
the hydrophilic sites points toward strongly ad­
sorbed surfactants as the principal active centers. 
The lack of change in the contact angle supports the 
view that the angle is determined primarily by the 
nature of the non-polar surface.

Acknowledgment.—The authors greatly appreci­
ate the support provided by the Office of Ordnance 
Research, U. S. Army.

THE ENERGETICS AND STATISTICAL MECHANICS OF THE KINETICS OF
SOLID SOLID REACTIONS

By R. S. Bradley

Department of Inorganic and Structural Chemistry, University of Leeds, England 
Received August 29, 1955

The kinetics of reconstructive solid —*■ solid transformations are developed in terms of a vapor transition state. The ap­
plication to experimental data, especially those observed near the transition temperature, is discussed in the light of cur­
rent theories of crystal growth. A critical discussion is given of the difficulties in interpreting the temperature independent 
factor of solid —► solid reactions in terms of transition state theory and also those theories which rely on crystal imperfections.

I. Energetics
The simplest way of leading up to the com­

plexities of solid solid reactions is to imagine 
that the conversion is brought about via the vapor 
phase in an enclosure which contains the two sep­
arate solids, so that the rate depends on the 
“ affinity.” 1

If aa and otp are the evaporation coefficients, 
and pa and pp the saturation vapor pressures of the 
two solids a and 0, of which the latter is unstable 
at temperature T, then for equality of loss and gain 
of vapor
( " « P a  +  < * s V e ) / ^  m  k  =  (c-'aP +

a3p)/{2tt m k T)lL (1)

where p is the vapor pressure in the vessel, k is the 
Boltzmann constant, m the molecular mass, and it 
is assumed that the solids have equal surface area 
exposed to the vapor. It follows that

V =  ( “ A  +  apVp)/{<*a +  ap) (2 )

(1) De Donder and Van Ryssclberghe. “ Thermodynamic Theory of 
Affinity,’ - Stanford University, Stanford, Cal., 1936.

The rate of the solid —► solid reaction in molecules 
cm. ~2 sec. is therefore
v = OLa(p -  Pa)/(2 tt m k T)'/* =  aaa^pfi -  pa)/Kaa +

ctg) (2 7r m lc Ty/z] (3)

If d is the density of the a phase the linear rate for 
this phase is vm/d cm.sec.-1.

To a first, and often very good, approximation
Pfj =  Bpe-Efl/IRT), mid pa =  Bae~Ea/(RT) (4 )

where the B’s are so-called temperature independ­
ent factors (and are related to entropies of vapori­
zation) and the E’s are latent heats of sublimation.

Hence the rate of the solid —► solid reaction is 
given by

v =  , aaafl s -£0 /* r (l -  e*G/RT) (5 )
{a a  +  ap) (2 irm kT ) /t

since
— AG =  RT In {pp/pa) (6)

assuming that the vapors are perfect gases.
Equation 5 holds whether or not there is a transi-
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tion point. For enantiotropes AG =  0 at the transi­
tion temperature Ta, in agreement with equation 5. 
If this equation is rewritten in the form

(a +  ag) (27T mfcï7)1/*
pe-E fi/R T  -  B a e -E a / R T )

(7)
the condition at the transition point

B p e - E p / i R T o )  =  B a e ~ E a B R T a )  ( 8 )

gives
Be

(aa +  cip) (2x  mkTy/t
e - E p / R T

[1 -  c(?/R)(i/r„ -  i/D| (9)

where q, the reaction heat per mole, is given by 
q =  Ea — Ef,.

An equation of a form similar to 9 was first given 
byHartshorne,2whoput aa ap/(aa +  ap) =  '/a (10) 
and this equation has the merit of explaining the 
maximum in v below the transition point. If we 
neglect the effect of the factor Tl/* and the possi­
ble temperature variation in aa and ap

l /T m  =  1 /To +  R [In (1 +  q/Ep)]/q (11) 
Since q «  Ep

l/7'mait =  1 /To +  R/Ep (app.) (12)
The inclusion of the T'B factor gives

l / r max =  l/To +  2/2/(277/3 -  RT0) (app.) (13)
The variation of v with T is sketched in Fig. 1. 
The mathematical curve has dv/dT continuous 
through T0, where v becomes negative. Physically 
this corresponds to the reaction solid a ->  solid/s, for 
which the curve is the mirror image of the dotted

negative portion. If the effect of the T"/z factor 
is neglected, v rises to an asymptote (the T'B factor 
will have a noticeable effect only at temperatures 
above which the solid phases disappear). There is 
a point of inflection in the mathematical curve 
(dotted) which point is in general not at T0.

It should be noted that at low temperatures
xaute

w. e~E»,RT(«« +  V  (2tt mkTyh
(1 — e~i/RT) app.

because 1 / T o «  1 /T. This gives
d In t'/d (1 /T ) =  -  Ep(_R (app.) (14)

and hence at sufficiently low temperatures we ob­
tain the usual rate law. Conversely the tempera-

ture coefficient of v is very large near to T0 since 
then

“(5
• - ^ ' ( t t H  (15)(ata +  ctpj (27t mkTyh

since To — T «  TV It follows that 
d In v/d(l/T) = -E e /R  +  T/2 +  T TJ(Ta -  T)

(16)
For small enough values of T0 — T the temperature 
coefficient of In v is independent of Ep and will in 
fact be the same for all solid reactions which obey 
the same general formula 9, which gives dv/dT =  
constant, if T0 — T «  T0.s

It is remarkable how closely the simple considera­
tions above apply to a solid reaction in which the 
two solids are “ in contact.”  Many solids with 
two polymorphic forms give velocity curves show­
ing a maximum, and the apparent activation energy 
at low temperatures is near to the heat of sublima­
tion of the unstable form. Examples are best 
chosen from experiments in which the linear mo­
tion of the interface has been observed, rather than 
some bulk property such as dilatation, in order to 
avoid difficulties associated with random nucléa­
tion.

These results suggest that such solid ->  solid re­
actions are examples of crystal growth from the 
vapor supplied by the unstable form. At first 
sight, however, it seems unlikely that the gap be­
tween the two solids, which cannot be resolved 
by the optical microscope can act as a gas 
reservoir which provides supersaturated vapor. 
It is much more likely that “ molecular streaming” 
occurs across the gap, and that molecules jump 
across and are either caught by the second surface 
or are reflected, without building up anything like 
a bulk vapor region. We may apply directly 
transition state theory for the transmission co­
efficient,4 so that on the first reflection of N mole­
cules coming from /3, NQ. — aa) recoil, of which 
Nap( 1 — aa) are taken up by solid / and N( 1 — 
<0(1 — ap) recoil, and so on. This gives for the 
net flux in molecules cm .-2sec.-1 from solid ¡3 -*■ 
solid a

aaae (P/3 -  Pa) .
v  l - ( l - « „ ) ( l - « f ) ( 2 x B / î ï ’ ) 1/ ï

If aa = ap — 1 equation 17 differs from equation 
3 only by a factor Vs in the latter, which is a differ­
ence small compared with uncertainties in kinetic 
studies of this kind. The evaporation coefficient 
is often near to unity for solids, e.g., the writer’s 
experiments5 and those of Rideal6 and Wiggins 
suggest that aa is of the order 0.7 for rhombic 
sulfur (Sa). It follows that the discussion on the 
temperature coefficient of v may be taken over in 
its entirety to equation 17, which is based on a 
physical picture of the solid ->  solid reaction which 
is much more likely to apply than that given in the 
Introduction.

As an example of a reaction which to a first 
approximation follows equation 17 we may take

(3) Cf. F. S. Dainton and K. J. Ivin, Trans. Faraday Soc., 46, 
331 (1950), for a similar treatment applied to polymerization.

(4) J. O. Hirschfelder and K. Wigner, J. Chem. Phys., 7, 016 (1939).
(5) R. S. Bradley, Proc. Roy. Soc. {London), A205, 553 (1951).
(6) Sir Eric K. Rideal and P. M. Wiggins, ibid., A210, 291 (1951).(2) N. II. Ifartshorne, Disc. Faraday Soc., 5, 149 (1949).
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the transition of monoclinic to rhombic sulfur, 
be., S/s -*■ Sa as studied by Hartshorne7 and co­
workers. The energy of activation well below the 
transition point was 22,000-23,000 cal. against 
23,240 cal. at 96-115° for the latent heat of vapori­
zation of Sp as given by Neumann.8 However, 
the maximum in the velocity and temperature 
curve occurred at 65° instead of at 84°, the value 
calculated from equation 12; moreover the curve ob­
tained by plotting In v — In [1 — e(9/fl)a/ro-i/r)j 
against l/T is not truly straight, especially at tem­
peratures near to the transition temperature To. 
In this latter region the experimental results depart 
considerably from equation 9, as will be discussed 
more fully later. It should, however, be remem­
bered that q is not a constant, but changes from 616 
to 840 cal. from 0 to 96° and that the vapor pres­
sure equations are approximations. There is also 
the point common to all experiments on solid re­
action kinetics, that results are not strictly repro­
ducible but show a coefficient of variance of 10- 
25%, indicating that all factors which affect the 
rate are not under control. It is possible that with 
these thin films between glass plates there is some 
strain set up: the nature of the gap is obscure, 
since the difference in densities should cause a pro­
gressive widening of the gap as the reaction pro­
gresses.

In spite of the uncertainties, the approximate 
equality of the heat of sublimation of the unstable 
phase and the activation energy at low tempera­
tures in a number of solid —► solid reactions is very 
striking. Some examples are given in Table T, 
together with solid reactions in which this equality 
is not observed: it is noticeable that the first 
group are all molecular solids.

T a b l e  I

Low temp, 
actn. energy

Heat
of

subn.
of

un­
stable
form

Ref. Substance Phases reacting (cal.) (cal.)
7 Sulfur 22,000-23,000 23,240
9 o-Nitroaniline «  —  d 17,000-18,000 19,000

10 Azoxybenzene II -*• I 22,500 23,000
11 Carbon tetrabro- 

mide
cubic

monoclinic

?

12 Mercuric iodide Yellow 
—► red

10,000-1.1,000 1.9,000

13 Tin White
grey

—6,000 78,000

Further support for the concept of the vapor gap 
is provided by the observation for ¡5 —*■ a sulfur and 
II —► I azoxybenzene that the stable phase grows 
without change of orientation when it crosses 
crystal boundaries in the ¡3 phase, fie., the orientation

(7) N. H. Hartshorne and M. II. Roberts, J. Chem. Soc., 1097 
(1951).

(8) Neumann, Z. physik. Chem., 171, 416 (1934).
(9) N. H. Hartshorne, G. S. Walters and W. O. M. Williams, J. 

Chem. Soc., 1860 (1935).
(10) A. Hodkin and D. Taylor, ibid., 489 (1955).
(11) N. H. Hartshorne and P. McL. Swift, ibid., 3705 (1955).
(12) D. G. Eade and N. H. Hartshorne, ibid., 636 (1948). C. S. 

Smith, “ Imperfections in Nearly Perfect Crystals,”  John Wiley and 
Sons, New York, N. Y., 1952, p. 400.

(13) G. Tammann and K. L. Dreyer, Z. anorg. Chem., 199, 97 (1931).

of the stable phase bears no relation to that of the 
unstable.

Since the simple theory is only obeyed very ap­
proximately it is relevant to inquire whether the 
treatment can be improved in the light of recent 
studies on the growth of crystals from the vapor. 
The first attempt in this direction w7as made by 
Dunning,14'15 who suggested that the temperature 
coefficient of a solid —► solid reaction could be ex­
plained by means of a nucléation hypothesis. This 
is applicable only in the unlikely event of perfection 
in the crystal and gives an equation 
In v =  const. — Ep/(RT) — const./[T(T0 — T)} (18)

Although this equation fits the sulfur data quite 
tvell up to 80° it is unlikely that nucléation is in­
deed a controlling process in this type of crystal 
growth. In fact the values of (pp — pa)/pa, 
fie., the supersaturation, are much smaller than 
would be expected for two-dimensional nucléation, 
for which a supersaturation of 50% is usually ex­
pected.

It is in fact unlikely that the crystals used are 
perfect since they are grown in thin films 
from the melt under conditions far from ideal. It 
is probable that growth from the vapor occurs on 
the steps provided by screw7 dislocations, as first 
suggested by Frank.16 At low7 supersaturations, 
fie., at low values of (pp — Pa)/pa the rate of 
grow7th is proportional to (pp — p„)2/p %  the 
mechanism of growth being the collision of vapor 
molecules with the “ horizontal”  portion of the 
steps, followed by diffusion on the surface to the 
vertical portions. At high supersaturations the 
effective width xs of the diffusion zone on either 
side of the vertical step, such that molecules in this 
zone will reach the top of the step before evaporat­
ing, is greater than half the distance between the 
vertical steps, and the rate of growth is propor­
tional to (pp — pa)/pa- In fact the rate of growffh
is then as for a plane surface in the absence of 
nucléation. In general wre may write as an ap­
proximation

v =  const. — ;¥ /  —  { ----- --------- )  (19)

wffiere n takes the limiting values 1 and 2 for high 
and low supersaturation. A more complex func­
tion is given by Frank, Burton and Cabrera,17 
w7hich gives these limiting forms, namely
v =  (rate at high supersatn.) (  ---- 2?— )

\ P f > '  -  P a /

tanh (  7>B' ~  Va )  (20)
V pp -  p a J

where p p  is a value of the vapor pressure of /? such 
that below pp' the rate is approximately parabolic 
in pp — pa and above it is approximately linear in 
Pp — Pa- If wre use equation 3 wre therefore have

_  m  g q a p  ( p p  — P a ) 2 1
V d a a  +  ap  (27T m k'ty/ i ( p p '  — p a )

t a n h f f f Y j l P ° )  ( 2 1 )
\ P P  -  P a  J

(14) M. Volmer, “ Kinetic der phasenbildung,”  Steinkopff, 1939.
(15) W. T. Dunning, Disc. Faraday Soc., 5, 194 (1949).
(16) F. C. Frank, ibid., 5, 48 (1949); Phil. Mag., 1, 91 (1952).
(17) W. K. Burton, N. Cabrera and F. C. Frank, Phil. Mag. Roy. 

Soc., A243, 299 (1951).
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for the linear rate of growth of phase a.
It follows that when n =  1 (equation 19) the 

discussion is as before, but when n =  2, i.e., at low 
supersaturation

In w =  2 In [e-AG/(RD -  1] -  Ea/(R T ) (22)

if we neglect the effect of T1/2 on the temperature 
coefficient. This equation at low supersaturation 
may well explain the failure of equations 9 or 17 to 
account for the behavior of sulfur near the transi­
tion point, indeed there is some indication that the 
experimental results do fit equation 22 over a 
limited region near T0. (Hartshorne and Thackray 
private communication.) It may be noted that the 
experimental curve of v versus T near to To is quite 
different from that predicted by equations 9 or 17, 
since dv/dT is zero at T0, whereas equation 9 or 17 
predict that the v — T curve cuts the axis at an 
angle, as in Fig. 1. When n =  2 equation 19 may 
be rewritten in the form

pav =  const, (pp — paY/T1 A

and hence d{pav)/dT =  0 when p p  = p a ; more­
over

d(Pav)/dT =  v dpa/dT +  padv/dT =  padv/dT

when v =  0. It follows that equation 19, with n =  
2, gives the experimental value dv/dT =  0 at T =  T0.

However, the picture is spoiled somewhat by the 
fact that the experimental results appear to fit a 
curve with n =  4-5 (eq. 19) between the regions 
to which n =  2 and n =  1 apply.

In addition to these studies on the reaction be­
tween two solid forms it is occasionally possible to 
make measurements on systems in which three 
forms are known and the thermodynamics and 
kinetics of the three solid-solid transformations 
are interwoven in a fascinating way. Sulfur pro­
vides a suitable example,18 since S7 sulfur is fre­
quently obtained when a film of sulfur is melted 
between coverslips and allowed to cool. In ad­
dition to the transformation Sp  S„ already dis­
cussed it is therefore possible to study the changes 
S7 — Sa and S7 -► Sp, by making use of the dif­
ferent appearance of a-, f3- and 7-sulfur when 
viewed by the polarizing microscope. Results are 
given in Fig. 2, in which, in contrast to Fig. 1, log 
v and not v is plotted against T. The sharp drop 
in the S7 Sp  curve suggests that there is a transi­
tion temperature near to 40°, since log v would be­
come — co at T0. The apparent activation energy,
150,000 cal. per mole, does not correspond to any 
physical process likely to occur, since it implies the 
breaking of Sg bonds.

From equation 16, — 150,000/i? =  —23,000/12 — 
313 T0/(313 — To) for T0 =  40°, and hence T0 
should be near to 40°, as suggested by the dotted 
curve. However, as discussed above, Hartshorne’s 
equation does not represent the facts near to To, 
and it is very likely that the curve of v versus T has 
a rounded minimum at To, in which least To could 
be considerably less than 40°.

It is not possible to follow this dotted curve di­
rectly, since the rates are too low to measure, and 
Hartshorne and Thackray therefore tried the ex­
pedient of adding CS2, which is known to accelerate

(18) R. S. Bradley, N. H. Hartshorne and M. Thackray, Nature, 173, 
400 (1954),

the rate of phase change in /S a sulfur. Provided 
that a saturated phase of CS2 solution is present no 
change in transition temperature will occur. In 
accordance with expectation, the rate of transfor­
mation 7 -*■ /3 sulfur was greatly increased by CS2. 
Contrary to what was expected, however, no re­
versal of the rate occurred down to —18°, so that 
there remains an unexplained anomaly in this work.

It is interesting to observe that all the theoretical
formulas above may be expressed in the forms

vpa = F (AGPa, T, Pa) (23)
or

A Gpa = H (Vpa, T, pa) (24)
and

A(x-ya —■ H (VyOC) T) Pee) (25)
where F and H mean “ some function of.”  The 
two H functions in equations 24 and 25 have the 
same form and the same constants (since the grow­
ing phase is the same in each, namely a) as will be 
seen by inspection of the equations given above. 
The vapor pressure of the unstable phase may al­
ways be eliminated by the use of equations such 
as -  AGpa =  RT \n(pp/pa).

Now
&GyP — AGya  — AG Pa (26)

Hence if Vpa = vya
AGpa =  AGya (by 24 and 25)
AGyp =  0 (by 26)

It follows that the transition point for y ?=± ¡3 
sulfur corresponds to the point Vpa =  vya, which, 
from Fig. 2, is well above 0°. This result is there­
fore not in agreement with the work on CS2 ca­
talysis. It may also be noted that the data in Fig. 
2 do not stand up to detailed analysis in the 
light of a vapor-gap reaction, since this would 
imply that vyp =  vya — vpa, which is not obeyed. 
It is possible that these thermodynamic require­
ments apply only to perfect phases, and that the 
actual crystal is imperfect and will give a kinetic 
behavior depending on the presence of imperfec­
tions in a matter discussed later. The final test of 
the (3 — 7 transition point will await a determina­
tion of the vapor pressure of 7-sulfur.

Something must now be said of the reactions 
which do not appear to proceed by a vapor phase 
intermediate. It may be noted that the discussion 
on the temperature of maximum velocity proceeds 
much as before, even although the transition state 
may be ill-defined. Consider, for example, the re­
action Sn(white) -*■ Sn(grey). The rate may be 
expressed in general terms in the form

v =  A v e ~ E W ( R T )  -  A ee~Ee/(BT) (27)

where the suffices refer to white and grey tin and 
the energies Ew and Eg to transformation to the 
transition state. As will be clear from Fig. 3 
p jp s = Bwe~(Ew + Et)/RT/[Bt e-(£g + Et)/RT] =

Bv,e-(Ew + Ee)/RT/Bs (28)

where E t is the energy required to pass from the 
transition to the vapor phase.

Hence
V =  A we~EW(BT) [1 _  A tB ve^G/(RT)/(AvrB e)] (29)
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Awe-^w/(ÆTo) =  Age~Eis/UiTo)

and from equation 28
Bge~Es/(RTa) =  B„e~Ew/(RTa)

Hence
AvBe =  AgBw (30)

and hence
v =  Awe-& /(® r) [1 -  eAG/CUD] (3 1 )

This equation is of the same form as before, and 
will give a maximum in the velocity curve.

The reaction velocity for the transformation 
white grey tin passes through a maximum at 
— 30° according to the work of Tammann13 and 
his co-workers, but this is probably in error since 
a dilatometric method was used to study velocities, 
and the results are therefore obscured by random 
nucléation. On the other hand this method is 
best for the determination of the transition tempera­
ture, since a large expansion occurs during the re­
action, and since the rate of nucléation and the 
rate of motion of the interface are both zero at T0, 
which Cohen19 gives at 13.2°. Unfortunately the 
rate is very dependent on impurities and is greatly 
accelerated by cold working, but it appears from 
the somewhat meager data of Tammann that the 
energy of activation at low temperatures is of the 
order 6,000 cal. per g. atom. The results of Tam­
mann and Dreyer can be roughly represented (pres­
ent writer) by the equation for the linear velocity

V =  0.1065 e -mlBT [1 -  6 — (526/iï)( 1/2" —1/286) ] cm. sec -1

where the mean heat of transformation has been 
taken as 526 cal. per g. atom. This equation gives 
Tmax =  258°K., in rough agreement with the ob­
served value, 243°K.

It is difficult to see what is the structure of the 
transition phase, since the energy of activation 
considerably exceeds the latent heat of melting, 
1700 cal. Possibly we are concerned here with 
some kind of surface migration in grain boundaries. 
There is also the point that a profound electronic 
rearrangement must occur from the metallic tin to 
the semi-conductor diamond-like grey tin. The 
vapor pressure of tin at room temperature is ex­
tremely small, and it is not surprising that the 
reaction does not go by a vapor-phase transition. 
It is possible that for any given reaction there are a 
number of simultaneous mechanisms operating, one 
of which may predominate.

Another example of a solid — solid reaction which 
does not appear to proceed via the vapor is provided 
by yellow —► red mercuric iodide at 0-40°.12 This 
reaction is complicated by the slowing up of the 
transformation at constant temperature, perhaps 
because the gap between the solids widens, but the 
activation energy remains the same as the reaction 
proceeds. The whole curve has not been studied. 
There is evidence that the orientation of the parent 
phase persists in the product, i.e., that some type 
of martensitic transformation occurs with single 
microscopic crystals. The two forms of H gl2 
differ in coordination number, and it is interesting

(19) E. Cohen and A. K. W. A. van Lieshout, Z. physik. Chem., 
A173, 23 (1935); L, J, Green, Nature 174, 830 (1954).

From equation 27, it follows that at the transition
point

T, °C.
Fig. 2.— Sulfur transformation.

Vs por
7F

to note that according to C. S. Smith a coherent in­
terface is possible with such differences. He writes 
“ the prediction is hazarded that no rapid transfor­
mation will be found that does not involve a change 
in lattice coordination.'’’
II. The Statistical Mechanics: The Temperature 

Independent Factor
Although the quasi thermodynamic approach is 

helpful and gives a certain amount of information 
about the mechanism of solid —► solid reactions, a 
complete theory should enable us to calculate the 
actual value of velocities of transformation. It 
is important not to overlook the relative weight of 
the two factors (activation energy and temperature 
independent factor).

On the simplest view of the vapor gap theory the 
temperature independent factor would be

ffaff/S 1 r, V)l
-------77,----------------rTnTT -B/S yr cm - se0-act +  ot(3 (2x mkTy/z d

for the transformation solid /3 solid a, where d is 
the density of the a-form and taking the rate of 
movement of the face of the «-form to be the rate of 
advance of the interface. Little change would result 
if equation 17 were used. Putting aa =  a$ for 
simplicity, for sulfur at 30° this gives a theoretical 
factor which is ~  10-3 times the experimental 
factor.

The experimental factor is surprisingly high, in 
fact it is much greater than the speed of a shock 
wave, which can hardly move faster than say
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10-8 cm. in 10-12 — 10-13 sec., giving a velocity of 
104 — 105 cm.sec.-1. It is worth noting, however, 
that the temperature independent factor for evap­
oration is itself very large. However, the solid 
reaction proceeds much faster even than would be 
expected on a simple evaporation theory.

We have therefore the impasse—the activation 
energy for a reaction such as /3 a sulfur suggests a 
vapor transition layer, but the experimental rates 
are too fast for such a mechanism. This state of 
affairs is not improved if an attempt is made to re­
place the evaporation formula by one based on the 
Polanyi-Wigner20 theory. These authors consider 
a monatomic solid and calculate the possibility of a 
favorable phase relation in the three-dimensional 
atomic vibrations such that the surface atoms may 
move away from the surface and dissociate from 
the latter. They quote without proof

linear rate — 2 v d (E/ RT) e~ElRT cm. sec.-1 (32)

where v is the vibration frequency and 5 the mo­
lecular diameter. More recently a proof is given by 
Pelzer.21 Equation 32 gives far too small a value 
for the temperature independent factor of the re­
action (3 — a sulfur, since it also gives too small 
a value for the rate of evaporation of rhombic sul­
phur: v may be taken to be 1012 — 1013 sec.-1 and 
5 to be 6 X 10-8 cm. The discrepancy can be re­
duced somewhat if an analysis of the vibrations of 
the sulfur lattice be made in terms of linear and 
torsional oscillations by the application of Debye’s 
theory,22 but there still remains a large discrepancy 
for the solid reaction.

It may be noted in passing that the Polanyi- 
Wigner theory, which has been a kind of corner 
stone of solid reaction kinetic theory, is itself very 
imperfect. No allowance is made in this theory 
for the presence of internal modes of oscillation and 
for energy exchange between intermolecular and 
intramolecular vibrations. In Pelzer’s derivation 
the use of a harmonic potential well is unsatisfac­
tory for a dissociation process, and the molecule has 
to be assumed to be dissociated when removed from 
the surface by an arbitrary amount r0. Neverthe­
less an analogous theory due to Slater23 for gaseous 
unimolecular reactions seems to work well. It would 
be of some interest to examine the dissociation ac­
cording to Slater’s theory of a gaseous molecule 
which has grown to an infinite size, i.e., has become 
a solid surface.

A similar large discrepancy in the temperature 
independent factor occurs in the transformation of 
azoxybenzene studied by Dr. D. Taylor10 and has 
also been noted in many solid reactions of the type 
solid —► solid +  gas.24 Similar large discrepancies 
are observed in the grain growth of metals, and 
prompt the question, to what extent is the second­
ary structure of solids of importance in solid -*■ 
solid reaction kinetics. Some indication of this is 
provided by the fact that there is always a spread 
in the results, the coefficient of variance being often

(20) M. Polanyi and E. Wigner, Z. physik. Chem., A139, 439 (1928).
(21) Pelzer, cf. ref. 14.
(22) R. S. Bradley, Trans. Faraday Soc., 50, 1182 (1954).
(23) N. B. Slater, Phil. Trans. Roy. Soc., 246, 57 (1953).
(24) R. S. Bradley, M. M, T, Anous and J, Colvin, J, Chem, Soc., 

3348 (1951).

of the order 10%, and that a statistical study is 
necessary. In this way it is possible to overcome 
to some extent the heart-breaking lack of repro­
ducibility in this field, but it must be admitted that 
the scatter of result indicates factors not under 
control.

Burgers and M ott25'26 first suggested that the 
“ abnormal”  factors may be explained on the as­
sumption of a rapid movement through a mosaic 
block, due to a kind of “ falling over”  of molecules 
into new lattice positions, followed by a delay con­
sequent upon the arrival of the reaction interfacial 
zone at a grain boundary, which had to be bridged, 
possibly by some kind of reorganization of the dis­
location group constituting the grain boundary. 
On this interpretation the reaction inside the block 
is “ displacive”  and that between blocks “ recon­
structive.” 27 The transformation within the block 
may, under favorable circumstances, require small 
lattice molecular movements as perhaps in the 
martensitic transformation in alloys (e.g., Au-Cd). 
It is even possible that minute embryos of the 
stable phase are present in the unstable phase. 
With phases such as white and grey tin the atomic 
arrangement would not be favorable to this kind 
of transformation.

The application of these ideas to the type of 
solid reaction studied by chemists was first made 
by Garner.28 Two activation energies are postu­
lated, one for transformation inside the block 
( E b i o c k ) ,  usually considerably smaller than the 
latent heat of sublimation, another for the process, 
which may be evaporative, of bridging the gaps 
(-Z^gap) • If we consider a reaction at temperatures 
well below the transition point, we can formulate 
the reaction rate by adding the time for the inter­
face to cross the gaps to that to cross the mosaic 
blocks in 1 cm. The former is KeÊ (-RT')/(w 
+  c) sec., where K  is some unspecified constant, w 
the mean width of the blocks and c of the gaps, so 
that there are l/{w +  c) gaps per cm. The time to 
cross the blocks may be written in the form

y )  q E\>\oc k / (R T )

W  +  C v8

since there are l/(w +  c) blocks per cm. Hence 
the reaction velocity is
_____________ l ______

e# g a p /(I2 T ) ^  W  g-Eblock/(R T )

w c w H- c v8
=  v 8 / [w e E b io c k / (R T )/ (y j  -f-  c )  +  K v 8 e E & * p / (R ^ )/ {w  +  c ) ]

cm. sec.“ 1 (33)
Now if the activation in the block is sufficiently 

small, the net rate will be
N +A e- Egap /(RT)

K
Putting c ~  0, w ~  10-6 we find for K  a value 
10-17 sec. or 1/K =  1017 sec.-1. This is a very 
high frequency, which does not seem to correspond 
to anything physical and could only be reduced by 
making the blocks much wider, in fact of visible 
size.

(25) K. Burgers, Ned. Akad. Wet., 50, 726 (1947).
(26) N. F. M o tt, Proc. Phys. Soc., 60, 391 (1948).
(27) M. S. Buerger, “ Phase Transformations in Solids,”  John 

Wiley and Sons, New York, N. Y., 1951, p. 183.
(28) W. E. Garner, Disc. Faraday Soc., 5, 194 (1949),
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As criticism of the gap-block theory we have 
therefore the following points:

(i) The frequency factor in the gap bridging 
process is quite mysterious and physically unreal.

(ii) The gaps have to slow up the reaction so 
that (for sulfur) vapor transfer may occur, and 
hence must completely isolate regions of the un­
stable form. This does not at first sight seem to 
fit the motion of crystal lineages put forward by 
Buerger, according to which there would be nothing 
to prevent the reaction proceeding throughout the 
mass, which is made up of dendritic branches with 
small orientation differences. However, the mo­
tion of an interface up a dendritic branch may cause 
a gap to form between the two phases, and hence 
the reaction would be held up. If shrinkage occurs 
away from the glass this is not necessarily true.

It is worth noting that a small mosaic block of 
width 10~6 cm. would not cause much separation 
between the phases owing to density difference, and 
any bulk changes in volume could be taken up by 
major cracks. These often form behind the inter­
face and if present ahead of the interface do not 
seem to cause much hindrance as the reaction 
rapidly flows round the end of a crack.

(iii) It is difficult to see how the gap is bridged 
by the growth from the vapor. Some local dif­
ference must arise, either in temperature or due to 
curvature, which results in a bridge. Simple dis­
tillation between two flat faces will never cause a 
bridge since the gap will in fact widen in the case of 
sulfur.

(iv) This theory would predict that “ perfect” 
crystals would react as regards motion of the inter­
face much faster than those containing a high con­
centration of mosaics or other imperfections in 
contrast to what would be expected for nueleation 
kinetics.

(v) It is curious that the Burgers-Mott factor 
does not apply to transformations such as those 
undergone by nitroaniline or tin. However, the 
arrangement of lattice sites may not be favorable 
to a displacive transformation in the block.

(vi) The data for sulfur would require a block 
width which decreases as T increases (Dr. N. H. 
Hartshorne, private communication).

Shortly after the original formulation of the 
crack-block theory Mott published a slightly dif­
ferent version in which grain growth was inter­
preted as a melting phenomena in which the abnor­
mal temperature independent factor was regarded 
as an entropy contribution and the activation 
energy could be much greater than the latent heat 
of melting owing to the simultaneous melting of a 
group of atoms or molecules; this group was equal 
in number to the energy of activation divided by the 
latent heat of melting, i.e., it was much less than 
the number of molecules in a mosaic block of di­
mension 10-5cm. To the writer this formulation 
seems somewhat artificial, and its application to 
solid solid reactions would not account for the 
remarkable coincidence between the energy of 
activation and the latent heat of sublimation of the 
unstable form, as discussed above.

We are here beginning to use the language of the 
transition state theory, and this is a suitable point

at which to consider the application of this theory 
to solid reactions. It is always possible to inter­
pret a factor in the temperature independent term 
as a contribution from standard entropy of activa­
tion, but it is not always clear whether anything 
is gained by this procedure. According to this 
theory we should expect the frequency with which 
molecules leave the two phases to be kT/he~AGa*/BT 
and (kT'/h)e~AG*P/RT where the A(?*’s are the 
standard free energies of activation to the transi­
tion state. If 8 is the width of a molecule, this will 
give a linear rate29 

kT
V =  ~  8 e - * Q p * / R T ( i  -  e AQ / R T )  =

~  d e * S f i* / R  g - E p / R T  ( 1  _  e A G / R T )  ( 3 3 )

where Ep* refers to the enthalpy change to the 
transition state. A small point concerns the use of 
the universal frequency factor kT/h: it seems to the 
writer that it is much more likely that this should 
be an actual frequency of the molecules in the sur­
face, which frequency would not change with 
temperature. This, however, would not greatly 
affect the results at room temperature.

On this theory the sulfur results could be ac­
counted for by a standard entropy of activation of 32 
cal. per degree per mole. While it is tempting to 
regard an entropy contribution of this kind as arising 
from the change in disorder consequent upon the 
nature of the transition state, it must be remem­
bered that the solid reaction shows a greater dis­
crepancy than the evaporation process. The latter 
can be formulated as

v = ^  5eAS*vap/U E *v a .p/ R T  Cm. geo.-1 (34)

and AS* will be 23 cal. per degree per mole. This 
is strange in so far as the vapor state would be re­
garded as having the maximum degree of disorder.

In Mott’s analysis, which he applied to the veloc­
ity of recrystallization of metals, AS =  Enp/Tm 
where Tm is the melting point of the unstable 
phase. For sulfur this gives a value of AS which 
is about twice that quoted as the experimental 
value for the change /3 — a sulfur (32 cal. per de­
gree per mole of S8) and the writer considers that 
the melting hypothesis is unlikely for this type of 
solid.

Cagle and Eyring80 have formulated the transi­
tion state theory in a slightly different fashion, us­
ing partition functions instead of entropies and in­
troducing a term for the mole fractions of the two 
forms at the interface which are so located that 
they can react. It is curious that these authors 
find for the reaction white —*■ grey tin values of the 
mole fractions which are extremely small, of the 
order 10~10 — 10~13, i.e., very few atoms are located 
such that reaction can proceed. They interpret 
this in terms of cross lines on the two surfaces. 
However, the treatment mentioned above by the 
writer gives a temperature independent factor 
which is too small in comparison with theory by a 
much smaller factor 10s, i.e., experimental rate =  
10~5 X rate calculated.

(29) J. II. Burke, and D. Turnbull, Progr. Metal Phys., 220 (1952).
(30) F. N. Cagle and H. Eyring, T h is  J o u r n a l , 57, 942 (1953).
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An alternative explanation of some of these dis­
crepancies has been offered by Turnbull31 for the 
case of grain growth, namely the presence of im­
purities, which may lower the free energy differ­
ence between the phases. If this lowering is tem­
perature dependent, then the apparent values of 
the energy and entropy of activation are increased. 
Although it is quite possible that inclusions are pres­
ent, these are not in a sufficient concentration in 
the solid reactions studied to give a variation in 
transition temperature between the different sam­
ples, and it seems unlikely that this effect could be 
large. The influence of inclusions and of strain on 
the free energy will be most noticed near to the 
transition temperature and may give rise to an 
“ indeterminacy thickening”  of the type discussed 
by Ubbelohde.

Summing up, although the application of transi­
tion state theory is suggestive it does not seem to 
take the subject of solid-solid reactions much fur-

(31) D. Turnbull, J. Metals Trans., 191, 3 (1951).

ther, since the difficulties are thrown back on to 
the properties of an unknown transition phase, but 
neither are the other attempts at a solution free 
from criticism. It appears that most progress could 
be made by studies on single crystals. It would 
also be interesting to test the vapor trans­
port theory on a system such as claudetite-arsenol- 
ith (As20 3), for which the phase with the higher 
vapor pressure evaporates slower than the other 
phase, owing to the anomalous nature of the evap­
oration coefficients. The writer would like to put 
in a plea for the determination of activation ener­
gies wherever possible and believes that chemists 
and metallurgists would profit greatly by pooling 
their ideas. However, it should be remembered 
that metals have high surface energies, are often 
alloyed, and are often studied at temperatures at 
which diffusion readily occurs.

It is a pleasure to acknowledge my indebtedness 
to Dr. N. H. Hartshorne of the University of Leeds 
for valuable discussions and permission to refer to 
some of his work prior to publication.

MICROWAVE ABSORPTION AND MOLECULAR STRUCTURE IN LIQUIDS. 
XVI. DIPOLE DIRECTION AND RELAXATION TIME IN PYRIDINE, 

TRIOXANE AND THEIR SYMMETRICAL TRIMETHYL DERIVATIVES1
By R obert C. M iller2 and Charles P. Smyth

Contribution from the Frick Chemical Laboratory; Princeton University, Princeton, N. J.
Received February 4, 1956

Measurements of dielectric constant and loss have been carried out at wave lengths of 1.24, 3.22 and 10.4 cm. and 300 m. 
and temperatures from 20 to 80° upon collidine, or 2,4,6-trimethylpyridine, sym-trioxane and paraldehyde. The viscosities 
and densities have also been measured. The results are combined with those previously published for pyridine to investi­
gate the effect of dipole orientation in the molecule upon dielectric relaxation. 2,4,6-Trimethylpyridine and paraldehyde, 
in spite of much larger molecular size, have virtually the same viscosity as pyridine. However, the critical wave length, at 
which the dielectric loss is a maximum, has a value for 2,4,6-trimethylpyridine approximately 4 times that for pyridine, 
probably because of close-packing of the triangular 2,4,6-trimethylpyridine molecules in the liquid and, also, because of their 
larger size. Paraldehyde, which has a molecule similar in size and shape to that of 2,4,6-trimethylpyridine, has a critical 
wave length about twice as large, presumably, because the dipole is perpendicular to the molecular triangle instead of parallel 
to it as in 2,4,6-trimethylpyridine, thus requiring the triangular slabs to turn over instead of rotating in their plane when 
orientation occurs in the applied field.

An earlier paper3 of this series has discussed ten 
fiat, rigid molecules such as those of pyridine and 
quinoline, which have the permanent dipole in the 
plane of the ring. It is the purpose of this paper to 
compare the dielectric relaxation times of two such 
molecules with those of two similarly shaped mole­
cules in which the dipole axes are perpendicular to 
the planes of the rings. The previously studied 
pyridine3 and the newly investigated 2,4,6-tri­
methylpyridine, or collidine, 2,4,6-(CH3)3C6H2N, 
will be compared with si/m-trioxane, (CH20 )3, and 
paraldehyde, (CH3CHO)3.

(1) This research was supported by the United States Air Force 
through the Office of Scientific Research of the Air Research and 
Development Command. Reproduction, translation, publication, 
use or disposal in whole or in part by or for the United States Govern­
ment is permitted.

(2) Supported by a Grant-in-Aid to the Chemistry Department, 
Princeton University, from E. I. du Pont de Nemours and Com­
pany.

(3) R. S. Holland and C. P. Smyth, T h is  J o u r n a l , 59, 1088 (1955).

Experimental Methods and Results
Trioxane from Brothers Chemical Company was frac­

tionally distilled; m.p. 60.5°; lit.4 5 61-62°. U.S.P. paral­
dehyde was washed with water and fractionally distilled; 
m.p. 12.3°; lit.6 12.5°; b.p. 123.8°; lit.6 124°. Collidine 
from the Brothers Chemical Company was dried over 
barium oxide and fractionally distilled; b.p. 170.0-170.2°, 
lit.6 172°.

Dielectric constants e ' and losses «" at wave lengths of 
1.24, 3.22 and 10.4 cm., and the so-called static dielectric 
constant e0 at a wave length of 300 meters were measured 
by methods described or referred to in earlier papers of this 
series.3 The values obtained at each temperature of meas­
urement are given in Table I. The values of the critical 
wave length \m, at which the loss is a maximum, and of the 
empirical constant a for the distribution of the relaxation

(4) J. F. Walker, “ Formaldehyde,”  Reinhold Publ. Corp., New 
York, N. Y., 1953, p. 146.

(5) J. Timmermans, “ Physico-Chemical Constants of Pure Organic 
Compounds,”  Elsevier Publishing Co., New York, N. Y., 1950, p. 
500.

(6) “ International Critical Tables,”  McGraw-Hill Book Co.. New 
York, N. Y.
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times calculated by the usual methods7 are given in Table II. 
Although the collidine and paraldehyde dielectric constant 
and loss values fitted the Cole and Cole arc plots, the 
critical wave length values calculated at different frequen­
cies did not agree with one another. The critical wave 
lengths were, therefore, taken from the values measured 
at the nearest wave length. The slightly revised values 
included in Table II for pyridine differ from those previously 
published by no more than the probable error. Table II 
also gives the values measured for the viscosities of the 
liquids and the molar volumes calculated from the meas­
ured densities.

T a b l e  I
D ie l e c t r ic  C o n stan ts  an d  L osses

°c. 1.24 
e'

cm. 3.22 
e" e'

cm.
e"

10.4
e'

cm. 
e' ' eo

Collidine, 2,4,6-(CH3)C5H2N
20 2.71 0.77 3.37 1.67 6.15 2.07 8.00
40 2.75 .95 3.75 1.80 6.06 1.71 7.46
60 2.85 1.03 4.09 1.90 5.95 1.40 6.94

sjwi-Trioxane, (CH20 )3
65 8.51 6.80 13.11 5.27 15.75 2.16 15.55
80 8.00 5.97 12.29 4.36 15.04 1.62 14.20

Paraldehyde, (CH 3CHO)3
20 2.43 1.00 2.87 2.08 5.14 4.78 14.70
40 2.42 1.09 3.21 2.26 6.54 4.24 12.25
60 2.53 1.15 3.74 2.56 7.26 3.36 10.30
80 8.70

100 7.46
120 6.42

T a b l e  II
C r it ic a l  W a v e  L e n g t h s , D is t r ib u t io n  C o e f f ic ie n t s , 

V isc o sitie s  an d  M o l a r  V olum es

, °c. \m (cm.) a
Pyridine

V (ops.) V (cc.)

1 1.74 0.04 1.31 79.5
20 1.40 0.02 0.95 80.6
40 1.09 0 .72 82.2
60 0.91 0

Collidine

.58 84.0

20 7.6 0.08 0.98 131.9
40 6.2 .09 .73 134.6
60 4.4 .10

si/m-Trioxane

.58 137.0

ÖOCD 1.55 0 0.94 76.9
80 1 36 0

Paraldehyde

0.73 78.5

20 20 0.05 1.18« 133.6s
40 12.6 .07 0.81s 136.5s
60 8.2 .10 0.60s 139.7s

“ Extrapolated from values at 65°.

Discussion of Results
The dielectric or macroscopic relaxation time, 

t =  Xm/Sw X 1010, differs from the molecular re­
laxation time because of the effect of the internal 
field of the liquid. It is greater than the molec­
ular or microscopic relaxation time because, when 
a given molecule in a polar liquid turns, its neigh­
bors must assume new orientations, thus increasing 
the macroscopic relaxation time. In terms of the 
very approximate internal field factor derived by

(7) C. P. Smyth, “ Dielectric Behavior and Structure,“  McGraw- 
Hill Book Co., New York, N. Y., 1955, pp. 69-70.

O’Dwyer and Sack8 and Powles,9 the molecular re­
laxation times for these four liquids are 0.70 to 
0.75 of the macroscopic relaxation times8 r. It is 
evident, therefore, that the critical wave length 
values provide a means of comparing the relative 
behaviors of the molecules.

Examination of Stuart-Briegleb models for the 
four molecules under consideration shows that the 
shape of the pyridine molecule is approximately 
that of an oblate spheroid, that of the collidine and 
paraldehyde molecules a triangular slab with flat­
tened corners and slightly indented sides, and that 
of the trioxane intermediate between the other two 
forms. The dipoles of the pyridine and collidine 
molecules lie in the planes of the rings. The dipole 
moment of sym-trioxane indicates that the mole­
cules are largely in a chair form and the same is 
probably true of the paraldehyde molecules.10'11 
In this form the molecular dipole moment is per­
pendicular to the ring. In the paraldehyde mole­
cule, steric repulsion makes the three equatorial 
positions appear to be the most probable locations 
for the three methyl groups and the closeness of 
the molar volumes of paraldehyde and collidine in 
Table II supports this supposition.11 The pre­
viously described models for these two molecules' 
have been constructed on the basis of these con­
siderations. The approximate dimensions of the 
molecules (Table III) obtained by measuring these 
models may be expressed in terms of the thickness 
of the spheroidal or triangular slab, the length of 
the side of the triangle, and the diameter of the 
circle described when the slab is rotated about the 
axis of symmetry perpendicular to it.

T a b l e  III
A p p r o x im a t e  M o l e c u l a r  D im e n sio n s  (A .)  an d  D ip o le

Moments ( X 1018)
Thick­ness Side

Dia­meter Moment (in soin.)
Pyridine 3.2 6.7 2.2312
Collidine 3.6 8.3 8.6 1.9313
si/m-Trioxane 3.6 5.9 6.6 2 .1812
Paraldehyde 3.9 8.0 8.6 2.0312

When the viscosities of these four liquids at 60° 
are compared, it is evident that collidine and 
paraldehyde, in spite of their much larger molec­
ular sizes, have virtually the same viscosity as 
pyridine. This suggests the possibility that vis­
cous flow in these liquids may involve primarily 
the slipping of molecular layers over one another 
with little rotation of the individual molecules. 
The higher viscosity of trioxane as compared to 
pyridine is consistent with the closer packing of the 
molecules indicated by the smaller molar volume 
and the larger dielectric constant. The critical 
wave length of trioxane at 60° is 1.70 times that of 
pyridine as compared to a viscosity ratio 1.62 for

(8) J. J. O’Dwyer and R. A. Sack, Australian J. Sci. Research, A5, 
647 (1952).

(9) J. G. Powles, J. Chem. Phys., 21, 633 (1953).
(10) A. A. Maryott and S. F. Acree, J. Research Natl. Bur. Standards 

33, 71 (1944).
(11) See also R. J. W. Le Fdvre, J. W. Mulley and B. M. Smythe, 

J. Chem. Soc., 290 (1950).
(12) C. P. Smyth, ref. 7, pp. 299, 343.
(13) M. A. G. Ran and B. N. Narayanaswamy, Z. physik. Chem,, 

B26, 23 (1934).
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the two liquids. There is no proportionality be­
tween critical wave length and viscosity for the 
other two liquids which have practically the same 
viscosity as pyridine at 60°, paraldehyde increas­
ing more rapidly with decreasing temperature than 
collidine and pyridine. The critical wave length 
of collidine is approximately 4 times that of pyri­
dine, although its greater diameter should make it 
only 1.6 times as large. Probably, the additional 
difference may be attributed to close packing of the 
triangular collidine molecules in the liquid, which 
necessitates a considerable amount of displacement 
of the neighboring molecules when rotational 
orientation occurs, while the pyridine molecules 
can orient by rotation in the plane of the ring with 
very little displacement of neighboring molecules. 
The critical wave length of paraldehyde is 2.6 
times that of collidine at 20° and 1.9 times it at 
60°, although the viscosities and the molecular 
sizes and shapes of the two are very nearly the 
same. In paraldehyde, however, the axis of the 
molecular dipole is perpendicular to the triangular 
slab instead of parallel to it as in collidine. Con­

sequently, dipole orientation involves the turning 
of the triangular slabs out of their planes with con­
sequent greater displacement of neighboring mole­
cules than is required for rotation in the plane of 
the slab and resultant longer relaxation time and 
critical wave length. In other words, the collidine 
critical wave length is lower because its molecules 
can orient by rotating in the plane of the triangular 
slab, although they may do so by turning out of the 
plane as well, while the paraldehyde molecules 
have to orient by turning out of this plane. The 
paraldehyde critical wave length at 60° is about 5 
times that of trioxane at the same temperature, 
just as that of collidine is about 5 times that of 
pyridine, and for similar reasons.

The approximately zero values of a, the coeffi­
cient of distribution of relaxation times, for pyridine 
and trioxane are consistent with their molecular 
symmetries, while the small but appreciable values 
for the other two molecules are about what is often 
found for molecules of this somewhat lower sym­
metry.

THE CRYOSCOPIC HEAT OF FUSION OF AMMONIUM NITRATE1
B y  A. G. K e e n a n

D ep a rtm en t o f  C h em istry , I l l in o is  In s titu te  o f  T ech n ology , C hicago 16, I ll in o is  
Received February 16, 1966

Freezing point depression data have been measured for fused salt systems with Li, Na, K, Rb, Cs, T1 and Ag nitrates as 
solutes and N H 4N O 3 as solvent, in the concentration range 0.5-4.0 mole %  and temperature range 160-170°. The repro­
ducibility of the data is within ±0 .02°. The results show interesting correlation with ionic radii and structure. The data 
are interpreted to indicate that there is no solid solution formation in the case of the Li, Na and Ag nitrates, without re­
course to actual analysis of the solid phase. These solutions are, in fact, very close to ideal and the data yield a value of 
1.53 kcal, mole-1 for the latent heat of fusion of ammonium nitrate.

In preparation for other work, the freezing-point 
depressions for a number of solutions of alkali 
nitrates in fused ammonium nitrate as solvent were 
determined in an apparatus developed for this pur­
pose. The results proved to be of sufficient in­
terest to warrant a more systematic study. A 
series of cryoscopic measurements was, therefore, 
carried out using the nitrates of Li, Na, K, Rb, Cs, 
Ag and T1 as solutes in the concentration range of 
0.5 to 4.0 mole % . Most of these systems have 
been covered in the extensive phase-rule studies of 
the past,2 but neither the accuracy nor the range of 
concentrations have, in general, been comparable 
with the present work.

The interpretation of cryoscopic data at elevated 
temperatures is seriously complicated by the prev­
alent occurrence of solid solutions under these 
conditions. Precision in the direct analysis of the

(1) This research was supported by the United States Air Force 
through the Office of Scientific Research of the Air Research and De­
velopment Command under contract No. AF 18(600)-1148.

(2) Some of the more recent and pertinent references are: E. O.
Holmes, E. O’Connell and F. Hankard, J. Am. Chem. Soc., 73, 2885 
(1951); E. O. Holmes and D. Revinson, ibid., 66, 453 (1944); J. Whet­
stone, Can. J. Res., B26, 499 (1948); H. M. Glass, K. Laybourn and 
W. M. Madgin, J. Chem. Soc., 199 (1933); R. G. Early and T. M. 
Lowry, ibid., 121, 963 (1922); E. P. Herman and W. J. Howells, ibid., 
123, 2128 (1923).

solid phase is usually very difficult experimentally.3 
The extensive phase-rule studies, in which no solid 
solution formation is reported, are usually of lim­
ited accuracy so that the existence of such solu­
tions to the extent of several per cent, concentra­
tion is not precluded by the data. It is believed 
that the present results can be interpreted in such 
a way as to exclude the possibility of solid solutions 
in certain systems without recourse to a direct ex­
perimental analysis of the solid phase. It has, 
therefore, been possible to calculate unequivocally 
a value for the heat of fusion of ammonium nitrate 
from the data for these systems. The apparatus 
and technique are relatively simple and give freez­
ing points which are reproducible to a few hun­
dredths of a degree within the temperature range 
studied so far, namely, 160 to 170°.

Experimental
A diagram of the freezing point cell is shown in Fig. 1. 

The inner tube containing the sample was made of 20 mm. 
Pyrex tubing, and the outer wall of the vacuum jacket was 
of 40 mm. tubing. The complete assembly shown in the 
diagram was 45 cm. high. The jacket was evacuated to 
the ultimate vacuum of a conventional two-stage mercury

(3) H. Flood, T. Forland and A. Nesland, Acta Chem. Scand., 5, 1193 
(1951); E. P. Perman and D. R. Dawkins, J. Chem. Soc., 125, 1239 
(1924).
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diffusion pump. The top of the glass stirrer shaft was 
attached to the soft-iron armature of an electromagnet 
which had a solenoid of 3800 ampere turns, made of B. and
S. No. 28 copper wire. The current in the solenoid was 
interrupted with a commutator made from a discarded one- 
tenth H .P., d.c. motor. The frequency of the stirrer could 
be varied from about 400 to 700 strokes per minute and the 
length of the stroke from 0.5 to 2.5 cm.

The freezing point cell was inserted as far as the bottom of 
the asbestos-insulation collar into a closely-fitting vertical 
tube-furnace. The furnace had extra windings at each 
end to compensate for heat loss and a uniform full-length 
winding. The voltage of the former was set by trial with a 
Yariac while the latter was regulated by a Brown Type 152 
preset-program temperature controller, operating a propor­
tioning motor and Variac.4 The sensing element of the 
controller was a single-junction iron-constantan thermo­
couple clamped to the inner wall of the furnace tube at the 
approximate elevation of the mid-point of the sample. 
The regulation at this point was constant to about 0.5°, 
and this was found to be sufficient to give perfectly smooth 
cooling curves for the samples.

The temperature within the sample was measured with a 
single-junction copper-constantan thermocouple made of 
No. 30 B. and S. gauge glass-insulated duplex wire. The 
lower 3 cm. of the thermocouple well was pulled out to a 
thin wall and filled with a silicone liquid. The cold junction 
of the thermocouple was inserted into a glass tube containing 
mineral oil which in turn was in a 9 X  35 cm. vacuum flask 
filled with crushed ice. The temperature of the cold junc­
tion was monitored with a calibrated platinum resistance 
thermometer and a Leeds and Northrup Type G-2 Mueller 
Bridge. The temperature of this junction was found to be 
constant and reproducible at 0.000° within a few thou­
sandths, provided the (commercial) ice was first washed 
several times with tap water, and then kept constantly 
drained free of the water produced by gradual melting.

(4) A. G. Keenan, J. Am. Chem. Soc., 77, 1379 (1955).

The larger part of the e.m.f. of the thermocouple was 
bucked out with a Leeds and Northrup Type K-2 potenti­
ometer. The remainder was amplified with a Leeds and 
Northrup Stabilized D-C Microvolt Indicating Amplifier, 
the output of which was recorded on one pen of a Leeds and 
Northrup Model S Speedomax Type G two-pen strip-chart 
X i-X j millivolt recorder. Tracings of representative cooling 
curves are shown in Fig. 2. The copper-constantan ther­
mocouple was calibrated with the platinum resistance ther­
mometer in the range 150-175°. Thermo-regulation for this 
purpose was achieved by means of a 4 X  15 cm. copper 
cylinder inserted into a regulated and stirred fused-salt 
bath of NaN0 3-K N 0 3 -NaNC>2 eutectic.5

The ammonium nitrate used in this work was Merck 
Reagent Grade chemical which has been shown by others6 7 
to have an ammonia content of 21.28% (calcd. 21.28%). 
It was dried by storing in a 115° oven and grinding daily 
until no further caking occurred overnight, after which it 
was simply stirred daily.1 The absence of water in this 
material has been confirmed by specific heat measurements.6 
The lithium nitrate was Eimer and Amend C.p . chemical. 
It was recrystallized once from hot water which had been 
acidified with H N 03, filtered hot, and the crystals dried in 
an oven at 170°. The temperature was not allowed to fall 
below 70° at any stage to prevent the formation of hy­
drate.8 The silver nitrate was Merck Primary Standard 
Reagent, and was dried as described by Kolthoff and San- 
dell.9 Both the lithium and silver nitrates were ground 
and transferred to weighing bottles, in a dry-box. The pu­
rity of the remaining nitrates was not critical for the present

(5) W. E. Kirst, W. M. Nagle and J. B. Castner, Chem. Mel. Eng., 
47, 472 (1940).

(0) C. C. Stephenson, D. R. Bentz and D. A. Stevenson, J. Am. 
Chem. Soc., 77, 2161 (1955).

(7) R. G. Early and T. M. Lowry, J. Chem. Soc., 115, 1387 (1919).
(8) E. H. Archibald, “ The Preparation of Pure Inorganic Sub­

stances,”  John Wiley and Sons, New York, N. Y., 1932, p. 32.
(9) I. M. Kolthoff and E. B. Sandell, “ Quantitative Inorganic 

Analysis,”  3rd Ed., The Macmillan Co., New York, N. Y., 1952, p. 541.
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work. The best grades available commercially were used 
after drying at 110°.

To make a run, the furnace and cell were brought to ap­
proximately 200°, a weighed amount (20-30 g.) of am­
monium nitrate and solute introduced from weighing bottles, 
and the system allowed to stand for about 50 min. An at­
mosphere of dry nitrogen, introduced through the inlet in 
the cell cap shown in Fig. 1, was used as much as possible 
during the transferring operations to prevent entry of water 
vapor from the air. The nitrogen was allowed to flow 
slowly during the rest of the run. After about 50 min. the 
ammonium nitrate usually had melted partially allowing 
the stirrer and thermocouple well to be inserted. The stir­
rer was started as soon as possible and the furnace tempera­
ture adjusted downward gradually until the temperature 
in the melt rose to a maximum of 4-5° above the expected 
freezing point. The jacket was then evacuated, the furnace 
set at its final value of about 3-5° below the freezing point, 
and the cooling curve recorded. Only a short range of the 
cooling curves, prior to melting, is shown in Fig. 2.

The freezing point was determined from the cooling 
curves by the method of simple graphical extrapolation, 
since this was found to give results well within the repro­
ducibility of the over-all procedure. The range of extrap­
olation both in time and in temperature in the present 
instance is sufficiently small that elaborate analytical pro­
cedures were not required. The curves in Fig. 2 pertain to 
solutions of different concentrations and are located arbi­
trarily on a relative temperature scale. The results were in­
dependent of variations in sample size, stirrer speed, degree 
of supercooling and cooling rate (0.1 to 0.28 deg./min.) 
within the limits tried. This indicates adequate stirring 
efficiency and thermal equilibrium.

Discussion
The thermal decomposition of ammonium nitrate 

has been the subject of much study,4’10-12 and in 
fact, the present work was initially undertaken for 
this purpose. It seems to be generally agreed that 
the rate of thermal decomposition at the melting 
point is extremely slow, but a quantitative estimate 
of the rate is more difficult because of the discord­
ant data available and because of the continuous 
variation of temperature with time during the ac­
tual freezing point measurements. Calculations 
based on the rate equations and activation energies 
available,11-13 indicate that at the freezing point, 
the rate constant for the decomposition reaction

N H 4N 0 3 — ^  N 20  +  2 H 20

is of the order of magnitude of 1 X 10-7 sec.-1. 
Using reasonable estimates for the reaction time 
during a freezing point run, it was calculated that 
the depression of freezing point due to accumula­
tion of products of decomposition was less than ex­
perimental error. Possible errors in the concen­
tration values due to loss of ammonium nitrate, 
either by decomposition or volatilization, were also 
negligible because of the large excess of solvent in 
the dilute solutions used. The present series of 
measurements was undertaken when it became evi­
dent that the freezing points of the various solu­
tions were reproducible within a few hundredths 
of a degree despite reasonable variations in experi­
mental procedure. This fact and the general con­
sistency of the data presented below are perhaps 
the best arguments to show that thermal decom­
position of solvent has not introduced any serious 
error into the measurements.

(10) B. J. Wood and H. Wise, J. Chem. Phys., 23, 693 (1955).
(11) G. Feick, J. Am. Chem. Soc., 76, 5858 (1954).
(12) G. Feick and R. M. Hainer, ibid., 76, 5860 (1954).
(13) A. J. B. Robertson, J. Soc. Chem. Ind., 67, 221 (1948).

The results are shown in Fig. 3, plotted as T 
(freezing point) against concentration in mole 
fractions. It is evident that the data fall into two 
distinct groups. Systems with lithium, sodium and 
silver nitrates as solutes have freezing points which 
lie close together and tend to a common limiting 
slope with increasing dilution. The interpretation 
is suggested, therefore, that these three nitrates are 
insoluble in the ammonium nitrate solid phase 
while the widely varying freezing point curves ob­
tained with the other nitrates are due to solid solu­
tion formation. This interpretation is consistent 
with the fragmentary phase-rule data available,2 
but the present data, in addition to being more 
complete and systematic, also delimit the solid 
solubility with a much higher precision. Cal­
culations based on standard thermodynamic equa­
tions show, for example, that when the solute con­
centration in the liquid phase is of the order of 1.5 
mole %  a solute concentration of only 0.04 mole 
%  in the solid phase would raise the freezing point 
by 0.1° and would be clearly detectable by the 
present apparatus. Large changes of solid solu­
bility with change in ionic radius are observed in 
the case of larger ions. It is unlikely that the 
solid solubility would be the same for all three of 
the smaller ions since these vary over a twofold 
range in ionic radius among themselves (Table I ).14 
It can, therefore, be concluded that the solid solu­
bility is inappreciable in these three cases. The 
remaining small differences in these freezing point 
curves, which are of a different order of magnitude, 
are discussed later. Deductions based on ionic 
radii cannot be pressed too far, since the radii them­
selves are semi-empirical and variable. Neverthe­
less, the freezing point data are completely consistent 
with the usual crystal radii given ha Table I. The 
solid solubility is essentially zero for the three ions 
which are appreciably smaller than ammonium; 
it increases, beginning with potassium, as the radii 
approach that of ammonium; then decreases again 
with cesium where the radius now appreciably 
exceeds that of ammonium. The occurrence of 
eutectics very close to the pure-solvent axis in the 
rubidium, thallium and cesium systems seems un­
likely in view of the low concentrations and the 
shapes of the curves, but is not entirely precluded 
by the present data. A  more detailed investiga­
tion was not considered pertinent. Continuously 
rising curves have been found in the ammonium 
sulfate-ammonium nitrate system.16

T a b l e  I
Ion Li Na Ag K T1 Rb NH4 Cs
Radius (A.) 0.60 0.9S 1.26 1.33 1.44 1.48 1.48 1.69

The most interesting deductions result, however, 
from a further consideration of the data for the 
lithium, sodium and silver nitrates. The heat of 
fusion of the ammonium nitrate is not known with 
any accuracy so that it is not possible to calculate 
the ideal cryoscopic curve. However, the argu­
ment can be reversed in the present case. The 
factors which contribute to non-ideal cryoscopic

(14) A. F. Wells, “ Structural Inorganic Chemistry,”  Oxford, 1950, 
p. 70.

(15) N. L. Bowen, T his Jou rn al , 30, 736 (1926).
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Mole Fraction Solute.

Fig. 3.— Freezing point data.

behavior may be listed as: (1) solid solution for­
mation between solvent and solute; (2) anomalous 
molecular species in solution due to complex ion 
formation or irregular dissociation; and (3) var­
ious secondary interactions and polarization effects 
which are usually grouped under an activity co­
efficient. It is quite unlikely that these factors 
would all either be equal or cancel out in their effect 
for all three of the systems under consideration.

As is well known,16'17 only the foreign ion is effective 
in depressing the freezing point in fused salts, so 
that the Yan’t Hoff “ i-factor”  has a value of 1 in 
the ideal case despite the dissociation of solute into 
two species. The experimental limiting cryo­
scopic curve may, therefore, be taken to represent 
ideal behavior and the data plotted according to

(16) H. M. Goodwin and H. T. Kalmus, Phys. Rev., 28, 1 (1909).
(17) E. R. Van Artsdalen, J. Tennessee Acad. Sci., 29 , 122 (19541.
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1/TxlO3
Fig. 4.— Data plotted according to equation 1 of text.

the thermodynamic equation
i i7  A -f ff  r  i  l  ~i . .
l0g Nl ~  2.303R [¥ „  ~  f \  (1)

where N\ is the solvent mole fraction, AHi the heat 
of fusion of the solvent, T0 the freezing point of the 
pure solvent, and T, that of the solution. This 
plot is shown in Fig. 4. The mean deviation from 
the least-squares line for the five lowest sodium 
nitrate points is ±0.008°. Equation 1 is derived 
on the assumption that AH{ does not vary with 
temperature, namely, that ACP (fusion) is zero. 
The slight deviation of the higher sodium nitrate 
points may be accounted for by a small positive 
value of ACP (fusion). For example, it can be 
shown by calculation that the deviation of the 
highest sodium nitrate point from the ideal line, 
which amounts to about 0.1°, corresponds to A Op 
(fusion) =  1.6 cal. mole-1 deg.-1 for ammonium 
nitrate. This is consistent with the values ranging 
from 0-4.2 cal. mole-1 deg.-1 for the alkali ni­

trates, 18 The somewhat greater deviations (amount­
ing to a maximum of 0.4°) in the case of lith­
ium and silver are reasonably attributable to polari­
zation of anions by the lithium ion due to its small 
radius, and to the pseudo-inert gas electronic 
structure and the complexing tendency of silver 
ion. The deviation of the highest concentration 
point for lithium nitrate corresponds to an activity 
coefficient of 0.998 for the solvent, calculated ac­
cording to the equation of Flood, Forland and 
Nesland.3 Numerous statements have appeared 
in recent literature to the effect that fused salt 
solutions are surprisingly ideal, but the qualitative 
statement conveys little information.

Using the sodium nitrate data, for the reasons 
given above and because it is the most stable salt, 
the limiting slope of Fig. 4 leads to a value of 1.530 
kcal. mole-1 for the latent heat of fusion of am­
monium nitrate. Values in the literature, based

(18) G. N. Lewis and M. Randall, “ Thermodynamics,”  1st Ed., 
McGraw-Hill Book Co., Inc., New York, N. Y., 1923, p. 78.
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on phase studies and on high-pressure compres­
sibilities, range from 1.3 to about 2.0 kcal. mole-1, 
with 1.4619 and 1.320 being given in recent com­
pilations.

Feick11 has calculated a value of 45.6 cal. mole-1 
deg.-1 for the specific heat of crystal modification

(19) K. K. Kelley, Bull. U.S. Bur. Mines, 393 , 82 (1936).
(20) Nat. Bur. Standards, (U.S.), Cir., 500, 564 (1952).

I (442.8-398°K.) of ammonium nitrate, using his 
measured value of the enthalpy of the liquid, and 
other necessary data from the literature. The 
present value of 1.53 kcal. mole-1 for the heat of 
fusion, when used in these calculations, gives a 
specific heat of 40.6 cal. mole-1 deg.-1 for C,I. 
The value for the absolute entropy of ammonium 
nitrate calculated by Feick is not, however, affected 
appreciably.

THERMAL DISSOCIATION PRESSURE OF CALCIUM CARBONATE
By K. J. H i l l  a n d  E. R. S. W i n t e r

John & E. Sturge Limited, Birmingham, England 
Received February 28, 1956

The thermal dissociation pressure of calcium carbonate has been measured over the temperature range 449-904°. The 
results fit the equation logic =  —8792.3/T +  10.4022, and are compared with those of other authors.

The thermal dissociation of calcium carbonate 
has long been the subject of investigation. Most 
workers have confined their study of the variation 
of the thermal dissociation pressure with tempera­
ture to the range of temperature in which the pres­
sure can be measured by a simple mercury manome­
ter. An investigation of the behavior at higher 
temperatures and pressures, up to and beyond the 
eutectic point, was reported three decades ago by 
Smyth and Adams,1 but no dissociation pressures 
have been reported at temperatures below about 
600° when the pressure is of the order of 1 mm. It 
has been the object in the present work to extend 
the range to as low temperatures as possible.

Experimental
The calcium carbonate contained in a platinum boat inside 

a silica tube was heated in a tubular furnace 1.5 inches in 
diameter and 14 inches long, which had a central constant- 
temperature zone of some three inches, in which was placed 
the sample. During the major part of the work the fur­
nace tube was wound with three separate windings insulated 
from each other with asbestos paper; first a platinum re­
sistance thermometer was wound non-inductively onto the 
tube using 0.1 mm. platinum wire, the other two windings 
were of 25 S.W .G. nichrome wire. The resistances of these 
windings at room temperature were about 18, 60 and 60 
ohms, respectively. In operation an a.c. voltage of up to 
250 volts was applied to the inner of the two nichrome wind­
ings from a Variac variable transformer. The voltage was 
adjusted to supply the majority of the heat required to 
maintain the furnace at the desired temperature. The re­
sistance thermometer was then used in an a.c. Wheatstone 
bridge circuit to control the supply to the second nichrome 
winding by means of an electronic controller of the on-off 
type. This method of control was used at temperatures up 
to just over 800° and it was possible to maintain the tem­
perature constant to within ± 0 .5 °  for periods of up to three 
weeks or more. At higher temperatures the tube was run 
with a single winding, the energy supplied being controlled 
by a Sunvic Simmerstat energy controller, which maintained 
the selected temperature constant to within ±  10 over periods 
of up to 12 hours.

The temperature of the furnace was measured by means 
of a platinum/platinum-13 %  rhodium thermocouple using 
a commercial pyrometer, which could be read to 1°. The 
thermocouple used was standardized at the sulfur point at 
intervals throughout the work. A small platinum resistance 
thermometer was used to check the constancy of the tem­
perature of the furnace over long periods. This was placed

(1) F. H. Smyth and L. H. Adams, J. Am. Chem. Soc., 45, 1167 
(1923).

with its sensitive tip just outside the silica tube alongside 
the platinum boat and beside the thermocouple; it was used 
in a Wheatstone bridge network supplied by a single accu­
mulator. The bridge was balanced at the approximate 
temperature of the furnace and the out of balance current 
was then supplied to a recording galvanometer of high re­
sistance and sensitivity. _n this way a continuous record 
of the variation of the temperature was obtained and drifts 
and temperature changes of the order of 0.25° or less could 
be detected.

The silica tube containing the platinum boat and sample 
was connected by a graded seal to the remainder of the 
vacuum system which was of Pyrex glass and contained no 
stopcocks or ground joints, being isolated from the pumps, 
etc., by a mercury cut-off. Thermal dissociation pressures 
over 1 mm. were measured by a mercury U-manometer with 
arms of about 1 cm. diameter, one of which was evacuated 
continuously; a cathetometer was used for pressures below 
~ 1 0  cm. Pressures below 3 mm. and above 0.04 mm. were 
measured by a McLeod gage, and a more sensitive McLeod 
gage was employed for pressures below 0.04 mm. Satisfac­
tory cross-calibration was achieved in the pressure regions 
where the gage and the manometer overlapped. A thermo- 
stated Pirani gage protected from mercury vapor by a trap 
at —78°, and which had been calibrated against a McLeod 
gage using carbon dioxide, was also used to check pressures 
where the ranges of the two McLeod gages met.

The calcium carbonate used throughout these experiments 
was Grade 80 Pure Precipitated Calcium Carbonate (manu­
factured by John & E. Sturge Ltd.). It consisted of irregu­
lar calcitic rhombs about 40 g in diameter and had the 
analysis

Chloride (Cl) < 0 .02 %
Sulfate (SO,) 0.13%
Iron (Fe) <5 p.p.m.
Lead (Pb) <5 p.p.m.
Copper (Cu) <4 p.p.m.
Nickel (Ni) < 3  p.p.m.
Phosphate (PO,) 0.002%
Silica (SiOa) . 0.02%
Alkali metals (Na) 0.015%
Magnesium (M g) < 0 .03 %
Ammonia (N H 3) < 0 .05%
Water (H20 ) (after drying 

in air at 105°)
0.35%

Water is the chief impurity and proved rather trouble­
some as it began to be evolved as soon as thermal dissocia­
tion commenced. In order to obtain consistent and repro­
ducible results it was found necessary to completely decom­
pose the sample by heating in vacuo at about 650° and then 
to recarbonate at the same temperature with carbon dioxide 
admitted through a trap cooled to —78°; the sample was 
then cooled over a period of 100 min. to about 400° and 
evacuated overnight. After this treatment no further 
troublesome evolution of water was observed.
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A series of observations of the thermal dissociation pres­
sure was obtained by heating the sample at a constant tem­
perature and allowing the pressure to become constant. 
At temperatures of 800° or so, equilibrium was established 
rapidly (in a few hours) but at lower temperatures the time 
required became progressively longer until at 449° about 
three weeks were required to attain a steady pressure. 
Points were obtained by the evolution and by the absorption 
of carbon dioxide over the whole of the temperature range 
studied and both sets of points fell on the same smooth curve.

Results and Discussion
The equilibrium dissociation pressures are given 

in Table I.
T a b l e  I

Temp.,
°C.

Pressure,
mm. Temp.,

°C.
Pressure,mm. Temp.,

°C.
Pressure,mm.

449 0.0170 615 3.15 785 117.5
465 .0330 632 5.26 803 168.4
466 .0334 640 6.75 816 219.0
480 .0483 656 9.47 822 220.0
493 .0806 662 10.22 832 271.2
508 .128 673 13.46 850 365.6
528 .262 686 16.95 853 372.0
540 .360 698 23.10 864 457.0
540 .432 706 29.04 870 495.0
554 .579 719 37.85 876 518.8
556 .598 737 53.80 886 584.0
564 .801 747 65.19 898 692.5
579 1.120 767 90.94 904 813.0
596 2.025 767 95.94
607 2.46 784 132.7

Our values are in good general agreement with 
the results of other workers and lie, at higher pres­
sures, between the extreme results already pub­
lished. At temperatures between 600 and 700°, 
where the only values are due to Johnston,2 agree­
ment is reasonable and the scatter of results less 
than in the earlier work. No results for compari­
son are available below about 600°.

It should be possible to express the variation of 
dissociation pressure with temperature by an equa­
tion of the form

log p  =  ~  +  S lo g  T  +  CT +  D T 2 +  E  (1)

Equations 2, 3, 4 and 5 were put forward by Smyth 
and Adams,1 Johnston,2 Southard and Royster,3 
and Forland,4 respectively, on the basis of their 
measured pressures, whilst an equation equivalent 
to eq. 6 has been derived by Kelley and Anderson6 
from the variation of specific heats of the three 
phases of the system and an average value of the 
chemical constant (calculated from the thermal 
dissociation results of various authors).

(2) J. Johnston, J. Am. Chem. Soc., 32, 938 (1910).
(3) J. C. Southard and P. H. Royster, T h i s  J o u r n a l , 40, 435 

(1936).
(4) T. Forland, ibid., 59, 154 (1955).
(5) K. K. Kelley and C. T. Anderson, Bur. Mines Bull., No. 384, 

1935.

logio Pi mm.) =  -----J,--------  5.388 logic T +  29.119 (2)

, -9340  ,
lOglo P(mm.) — ----y ------ T

1.1 logic T -  0.0012T +  8.882 (3)
, -9140  ,
logio Pi mm.) — ----y ------ r

0.382 logic T  -  0.000668 T  +  8.3171 (4)
_QA7Q

logic Pi atm.) =  — ~  -  1.389 log T  +  2.842 X

104 T~2 -  2.186 X 10 -4 T +  12.780 (5) 
—9290

logic Pi atm.) =  -  y —  +  0.332 log10 T  -  0.000471 T

+  448 T ~ 2 +  7.558 (6)

The plot of log p against 1/7' for the results pre­
sented here is a good straight line, which by the 
method of least squares has been found to fit eq. 7 
over the whole range

_Q7QO Q
logic ? w ,  =  ■— - j P  ■ +  10.4022 (7)

Least squares calculations using equations with 
more terms in T gave meaningless results owing to 
the small values of the coefficients of these other 
terms. The lack of terms in T and log T is at 
first sight surprising but this is due to the relatively 
limited temperature range in which we have worked. 
Thus over the range 700-1000°K., in which most of 
our experimental results lie the numerical value of 
0.332 logio T from Kelley and Anderson’s equation 
for example is approximately proportional to l/T 
and hence within experimental error the lack of 
these terms can be compensated for by a change in 
the coefficient of l/T.

Individual determinations of the dissociation 
pressure give results which differ from those calcu­
lated from equation 7 by not more than ±  10% on 
the pressure measured, and in most cases less than 
5%, which represent in the particular temperature 
ranges used, temperature errors of at most ± 2 °  
and usually < ± 1 ° .  In particular the calculated 
pressures are too high at temperatures above 800°, 
where it may be noted our method of temperature 
control was less precise (c/. Experimental).

Pressures calculated from eq. 7 fall between those 
calculated from the equation of Smyth and Adams, 
which are too low, and those calculated from John­
ston’s equation, which gives values close to that of 
Southard and Royster. Our equation predicts a 
dissociation pressure of 760 mm. of carbon dioxide 
at 896°, which may be compared with 894.4° by 
Southard and Royster,3 882° by Andrussov6 and 
also by Tamaru, Siomi and Adati,7 897° by Smyth 
and Adams1 and 898° by Johnston.2

(6) L. Andrussov, Z .  physik. Chem., X16, 81 (1925).
(7) S. Tamaru, K. Siomi and M. Adati, ibid., 157, 447 (1931).
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THE PARTITION OF ELECTROLYTES BETWEEN AQUEOUS AND ORGANIC 
PHASES. II. FREE ENERGY OF TRANSFER FROM PURE WATER TO 

WATER SATURATED WITH NITROMETHANE1
B y  G. 11. H a u g e n  a n d  H a r o l d  L. F r i e d m a n

Contribution from the Department of Chemistry, University of Southern California, Los Angeles, Calif.
Received March 5, 1966

Measurements have been made of the solubility at 25° of KC104, K R e04, RbC104, CsC104 and CsRe04 in aqueous nitro- 
methane solutions as a function of nitromethane concentration and of the solubility of nitromethane in aqueous solutions 
of HC104, LiCl, LiC104, NaCl, NaC104, KC1 and CsCl as a function of electrolyte concentration. The data are used to calcu­
late the following molar free energies of transfer of ions from pure water to water saturated with nitromethane (1.99 molal) 
at 25°: L i+, 0.21; Na+, 0.19; K+, 0.07; H+, 0 (Reference); Rb+, -0 .0 1 ; Cs+, -0 .0 3 ; Cl", -0 .0 5 ; C104-  -0 .4 0 ; 
R e04_, —0.49 kcal., with uncertainties mostly about ±0.03 kcal.

In the first paper of this series2 it was pointed 
out that partition measurements combined with 
suitable measurements of salting-out constants 
could lead to values for the free energy of transfer 
of electrolytes from pure water to pure organic sol­
vent and thus to standard free energies of forma­
tion of ions in organic solvents. More explicitly, 
measurements of the partition of an electrolyte 
(MA) between aqueous and organic phases, ex­
tending over a suitable range of electrolyte con­
centration, lead to the increase in standard free 
energy (AFi°) for the process3

M A(AQ ') — >- M A(O RG ') (1)

In reference 2, AFi° was reported for the alkali per- 
rhenates and reineckates [Cr(NH3)2(SCN)4_ ] in 
the solvent system, water-nitromethane at 25°.

In this paper results are reported which lead to 
the free energy change [Aik0] for the process

M A(AQ) — >- M A(AQ ') (2)

for several alkali metal salts in water-nitromethane 
at 25°. It is hoped that similar methods can be 
applied to obtain AF3° for

M A(O RG ') — >■ M A(ORG) (3)
because the sum of these reactions gives

M A(AQ) — ^  MA(ORG) (4)

The complete set of values of Aik0 allows the cal­
culation of the standard free energies of formation 
of the alkali metal ions in nitromethane. Al­
though the procedure outlined here may appear to 
be unnecessarily complicated, the more direct 
methods for obtaining the standard free energies 
of a series of ions in a solvent such as nitromethane 
seem to offer greater experimental difficulties.

The results reported in this paper are of interest, 
both as a step in obtaining ionic free energies in 
nitromethane and as an experimental analysis of 
salting-out relationships in the nitromethane-

(1) This work was supported by the U. S. Atomic Energy Commis­
sion.

(2) H. L. Friedman and G. It. Haugen, J. Am. Chem. Soc., 76, 2060 
(1954).

(3) In this paper (AQ) indicates solution in pure water, (ORG) in 
pure organic solvent. (AQ7) and (ORG7) refer to solution in solvents 
of the composition of the aqueous and organic phases, respectively, 
formed when water and organic solvent are equilibrated. In the stand­
ard state the electrolyte is completely ionized. In the partition ex­
periments the standard states were taken as Hyp. 1 molar solution 
of the electrolyte in the different solvents (AQ7 and ORG7), but in the 
present work the standard states are Hyp. 1 molal solution of the 
electrolyte in the different solvents (AQ and AQ7).

water system which is in some ways more complete 
than has been obtained for any other system.

Solute-Solute Interaction Coefficients.— The
present method of determining Aik0 depends upon 
the relation

/ *mos
(d/ie/dmoWo dm0 (5)

moo

where ma is, in this system, the molality of nitro­
methane and fie is the chemical potential of the 
electrolyte. The integration is from pure water, 
Tooo, to water saturated with nitromethane, m0B, 
and (d/ie/dm0)me„ applies for infinitesimal elec-

Fig. 1.— Solubility of the electrolytes as a function of 
nitromethane concentration at 25 ° me is the solubility of the 
electrolyte in the ternary solution. m0 is the concentration 
of the nitromethane in the ternary solution.

trolyte concentration. This derivative is related4 
to two solubility interaction coefficients which are 
experimentally accessible

=  —(d In me/dm0)̂ e (6)
k0 = —(d In TO0/c>me)m (6')

(4) H. L. Friedman, T his Jo u rn al , 59, 161 (1955).
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Fig. 2.— Solubility of nitromethano as a function of electrolyte concentration at 25°. .m0 is the solubility of nitromethane,
in the ternary solution. me is the concentration of the electrolyte in the ternary solution. The dotted lines correspond to 
experimental values obtained by equilibrium volume method and the solid lines correspond to experimental values obtained 
by O. D. method: v, HC104 (equilibrium volume method); O, NaCICh (equilibrium volume method); 0  . NaCI04 (O.D. 
method); A, LiC104 (equilibrium volume method); □ ,  CsCl (O.D. method); 6 , KC (equilibrium volume method); □, 
IvCl (O.D. method); □, LiCl (O.D. method); 0 ,  LiCl (equilibrium volume method) 3 , INaCI (O.D. method); • ,  NaCl; 
(equilibrium volume method).

The solubilities of several electrolytes in water- 
nitromethane mixtures are shown in Fig. 1. Since 
all of the solutions which are represented by the 
points on a given curve have the same chemical 
potential of electrolyte, namely, that of the solid 
phase, the slope at each point is fc9/2.303 for a 
solution of that composition. It is important to 
note that fce is found to be independent of m0: 
the lines are straight. A more complete analysis 
of the ke data is given in Table I.

The solubility of nitromethane in several water- 
electrolyte mixtures is shown in Fig. 2. In this

case the solutions along a given line do not have 
exactly the same chemical potential of nitrometh­
ane, because both water and electrolyte dissolve 
to some extent in the nitromethane phase, and the 
composition of the nitromethane phase depends 
upon the activities of these components in the 
aqueous phase. However, it can be shown5 that 
the corrections for these effects are negligible for 
the systems investigated here and that the slope of 
each line in Fig. 2 is therefore fc0/2303. It is found 
that k0 (Table I) is independent of me for a given

(5) Ref. 4, eq. 21.
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T a b l e  I
Slo p e  a n d  I n t e r c e p t  o f  Se t s c h e n o w  E q u a t io n  C a l c u ­

l a t e d  b y  M e t h o d  o f  L e a s t  Sq u a r e s  a t  2 4 .9 °

Salt ke =t ad
Intercept0 
logio Wien

KC104 -0 .162 ±0.006 -0 .828
K R e04 -  .181 .003 -1 .385
RbCIO, -  .192 .019 -1 .162
CsC104 -  .221 .007 -1 .073
CsRe04 -  .252 .008 — 1.645

Salt. ko ± <jd
Intercept0 
logio mos

LiCKV -0 .224 ±0.017 0.299
l ìc e +  .181 .017 .299
LiClb +  .150 .007 .299
NaCKV -  .256 .032 .299
NaC1044 -  .246 .017 .300
NaCE +  .185 .031 .298
NaCl" +  .176 .005 .299
k c i ° +  .039 .027 .299
KCl6 +  .017 .010 .299
CsCl6 -  .064 .009 .299
HCKV -  .472 .005 .299
Data obtained by equilibrium volume method. 4 Data

obtained by O.D. method. c mes =  solubility of salt in 
pure water and m0a — solubility of nitromethane in pure 
water. The standard deviation of these values ranges 
from 0.001 to 0.004. d Standard deviation.

electrolyte, corresponding to the Setschenow law.6 
Thus it is found by experiment that fce is inde­
pendent of to0 and k0 is independent of me in the 
experimental concentration range.

Returning to eq. 5, we have as results of earlier 
work4'7

(djUe/OWo)me — (9po/5??Ie)mo (7 )
( & M e / b m 0) m e / 2 f t r  = k e (  1 +  me(d In ye/dme)m ) (8) 

(blxo/imi^nw/RT =  h  (1 +  OT0 (d In -yo/dinoW) (8 ')

property of the saturatec solution of electrolyte in 
pure water. We evaluate it from the Guntelberg 
formula8

In Ye =  —1.17 V m ^/( 1 +  vT ie) (9)

because experimental data for the activity coeffi­
cients of these electrolytes at 25° are lacking and 
because this semi-empirical formula is moderately 
accurate at the low electrolyte concentration en­
countered in the measurement of ke. The quantity 
obtained from eq. 8 in this way is (d^e/dmo) 
for rae fixed at the solubility of the electrolyte in 
water, and for vanishingly small m0. This will be 
abbreviated (dMe/dwio)™”.9 The calculations are 
summarized in Table II.

In a similar way, using the measured k'0s and eq. 
8', Ave obtain (dpo/ôme)” e" (Table III). For this 
purpose (d In y<,/dma)mc0 was determined by meas­
urement of the vapor pressure of nitromethane 
over its aqueous solutions. The value of this 
derivative at the saturation concentration of 
nitromethane in water is —0.144 molal-1 and the 
solubility of nitromethane in water is 1.989 molal.

The derivative (dpo/ctoe)™" must be composed 
of additive contributions of the ions of the electro­
lyte, like all other properties of the electrolyte at 
infinite dilution. A check upon the data is af­
forded by the comparison of the difference of 
(dyUo/dme)™'° for the following points

LiCl-LiClOi =  0.165 ±  0.025 kcal. mole-1 molal-1
NaCl-NaClOi =  0.182 ±  0.032 kcal. mole-1 molal-1

The additivity property may then be used to cal­
culate the values of (dpc/ôm e)”  for HC1, IvC104 
and CsClOi which are, respectively: —0.026 ±  
0.060, -0 .162 ±  0.020, -0.201 ±  0.035 kcal.

T a b l e  II
C a l c u l a t io n s  o n  D a t a  of  T a b l e  I  A c c o r d in g  to  E q u a t io n  3

/ÒklyeN /  ÒMe\m„ mb'L
mes® \ dme /moo \dmoJme,

Electrolyte (pure water) kcal. mole-1 molai-1 (pure water)
KC104 . 0.148 ±  0.0007% -0 .7 8 7 -0 .1 6 9  ±  0.011 0.149'
K R e04 .0412 ±  .0001 -2 .0 0 -  . 196 ±  .007 .042 ±  0.008d%
RbC104 .0688 ±  .0006 -1 .4 1 -  .206 ±  .024 .065 ±  .003'
CsC104 .0846 ±  .0005 -1 .2 2 -  .236 ±  .012 .088 ±  ,002e
CsReO, .0226 ±  .0002 -2 .9 1

COo-Hoo<M1 . 024 ±  .OOU
* The uncertainties were estimated from the standard deviation of the intercepts. b The uncertainties were estimated 

from the standard deviation of ke, and from the assumption of a 20% uncertainty in mea (d In ye/c)me)mm in each case. 0 Lit­
erature values for the solubility of the salts in pure water. d W. T. Smith and S. H. Long, J. Am. Chem. Soc., 70, 354 
(1948); E. W. Dorfurt and T. Gunzert, Z. anorg. Chem., 215, 369 (1933). « “ International Critical Tables,”  McGraw-Hill 
Book Co., Inc., New York, N. Y., 1930.

It is important to note that all of the quantities in 
any one of these equations must be properties of 
the same solution. Thus in applying eq. 8 one 
obtains from one of the lines of Fig. 1 a value of ke 
characteristic of a series of solution. Using me 
and (d In ye/dme)mo for any one of these solutions, 
one may then calculate (5pe/dmc)me for that solu­
tion.

For each electrolyte in Fig. 1, we note that K  is 
determined at m0 = 0 as well as at higher _ mo. 
At m0 =  0, the derivative (d In ye/~dme)m is a

(6) F. A. Long and W. F. McDevit, Chem. Revs., 51, 119 (1952).
(7) H. A. C. McKay, Trans. Faraday Soc., 49, 237 (1953).

mole-1 molal-1. A comparison of the values of 
(dpo/dme)^ and (dpe/dm0)™” for IvC104 and Cs- 
C104 shows that at least for these salts

(¿W d m .c: = (Wbw„)™: (10)
Since at any one composition eq. 7 is valid, the 
simplest deduction from eq. 10 is that (dpe/dm 0)TOe 
=  (dyo/dme)™ does not vary appreciably from me 
=  0 =  m0 up to electrolyte concentrations of the

(8) E. A. Guggenheim, “ Thermodynamics,”  Interscience Publish­
ers, Inc., New York, N. Y., 1950.

(9) (dfie/dmo)™°e°B is an abbreviation for lim (fyte/ditto)me«
mo—»-0
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T a b l e  III
C a l c u l a t e d  fr o m  D a t a  o f  T a b l e  I A cco rd in g  to  E qu a­

tio n  8 '
Còpo/òm . sîJleo

a'mon’
a

Electrolyte kcal, mole“1 molai“1
LÌCIO4 -0 .095 ±  0 1.015
NaClCfi -0 .106 ± .019
HCIO4 -0 .199 ± .035
LiCl +0.070 ± .011
NaCl +0.076 ± .014
K C 1 +0.012 zb .009
CsCl -0 .027 ± .006

“ The uncertainties were estimated from the standard 
deviation of ka and from the assumption that moa (à In 7 0 /  
dmo)meo was subject to 2 0 %  uncertainty.

order of 0.1 M  and nitromethane concentration of 
the order of 2 M, and therefore the coefficients cal­
culated by (8) and (8') are the limiting interaction 
coefficients. The other possibility would be a 
special configuration of the (àne/àm,o)me vs. me 
and m0 surface to make (10) valid for each of the 
cases for which it was checked. The simpler 
hypothesis will be adopted here, and assumed to 
apply to all of the systems dealt with in this paper, 
although this cannot be verified without measure­
ments other than solubility measurements on the 
ternary systems4 (i.e., vapor pressure measure­
ments or some other direct measurements of ac­
tivity are required).

nitromethane concentration. Thus equation 5 re­
duces to

A i Y  =  ( d M e / d m o ) ™ 0 f m°S d m 0 =  (d M e/ d m 0)™ °a X  m 0.

A FI is given in Table IV for the various electro­
lytes. The results can be expressed most concisely 
by calculating the standard free energies of transfer 
of the various ions involved (Table IV ). The stand­
ard free energy of transfer of H + is defined as zero.

The comparison of A FI with A F\* shows smaller 
magnitudes by a factor of 10, for the former, but 
similar trends with size for the alkali metal ions, 
even to the close similarity of Li + and Na + compared 
to the larger ions. It is planned to discuss the 
present results more completely.in a later paper to­
gether with the data for reaction (3) when these 
become available.

Experimental
Materials.— The preparation and purification of most 

of the materials have already been described. 2 RbCl was 
purified by conversion to chloroiodide and repeated crystal­
lization before conversion to RbC104. RbCKX and CsC104 
were recrystallized twice from water. Nitromethane was 
dried by filtering at —25°.

Measurement of k c-— The solubility of the salt in aqueous 
nitromethane solutions was studied by equilibrating an 
excess of the solid anhydrous salt with an aqueous solution 
of known nitromethane concentration at 24.8° for 2-3 hours 
in a screw cap vial, which had a film of Teflon placed under 
the cap to keep the solution from coming into contact with

T a b l e  IV
F r e e  E n e r g y  o f  T r a n sf e r  F ro m  P u r e  W a t e r  to  W a t e r  Sa tu r a t e d  w it h  N it r o m e t h a n e

Electrolyte (^e/mo)™” bi keal_ mole-i 
molai 1

AF$ (25°),° kcal. mole 1 Ion
Ionic standard 

AF§ (25°), k(

LiciOi -0 .0 9 5  ± 0 .015 -0 .1 9  ± 0 o CO H + 0.00
NaC104 -  . 106 ± .019 -  .21 ± .04 Li + +  .21
KCIO4 -  .166 ± .016 -  .33 ±  ..03 Na + +  .19
RbC104 -  .206 ± .024 -  .41 ± .05 K + +  .07
CsC104 -  .218 ± .024 -  .43 ± .05 Rb + -  .01
LiCl +  .070 ± .011 +  .14 ± .02 Cs + -  .03
NaCl +  .076 ± .014 +  .15 ± .03 C104- -  .40
KC1 +  .012 ± .009 +  .02 ± .02 R e04- -  .49
CsCl -  .027 ± .006 -  .05 ± .01 C l- -  .05
KReOi -  .196 ± .007 -  .39 ± . 0 2

CsRe04 -  .278 ± .013 -  .55 ± .03
HCIO, -  .199 ± .035 -  .40 ± .07

“ The uncertainties in AFS were estimated from the uncertainties listed in Table II and III for (d/xe/dma)“ "" and (d/j0/ 
hm-e)™“  and from the 0.5% uncertainty in to0s. b (d/ie/ctoio)™" was obtained from Table II or III, except for the entries of 
KCIO4 and CsCICh which are best values based upon both tables.

The derivative (d/ie/dmo)™“ is also found to be 
composed of additive contributions from the ions 
of the electrolyte, although this is not necessarily 
to be expected except as a consequence of eq. 10. 
A check upon the additivity property is afforded 
by the comparison of the difference of (àne/àm0)™°3 
for the pairs of salts with common ions

KCIO4-CSCIO4 =  0.067 ±  0.023 kcal. mole- 1  molal- 1  

K R e0 4-C sR e0 4 =  0.082 ±  0.024 kcal. mole- 1  molal- 1

Standard Free Energies of Transfer.—AF2 is
obtained from the present experimental results by 
applying eq. 5. Now in order to be consistent with 
equations 10 and 7 and the assumption that 
(àne/àmo) ” ” is equal to the limiting interaction 
coefficients, (dne/bm0)meo must be independent of

the wax liner of the cap. A weighed sample of the solution 
phase was evaporated to dryness, first with an infrared lamp 
and then in an oven at 100° to constant weight. It was 
established that no decomposition of the salt accompanied 
the recovery method employed here. The values for the 
solubilities of the salts in pure water (Table II) agree with 
the values found in the literature.

Measurement of k0.—The solubility of nitromethane was 
measured by two methods. In the first method the solu­
bility of nitromethane was measured by mixing a known 
volume of water-saturated nitromethane with an aqueous 
electrolyte solution of known concentration. After equili­
bration for 2-3 hours at 24.8° the mixture was centri­
fuged and the volume of the nitromethane phase was deter­
mined. The solubility of the nitromethane in the solution 
was determined from the difference in th > original volume 
and the final volume. Since the nitromethane phase is 
more dense than the aqueous phase, a vial with a calibrated 
pipet attached to the bottom was used in these experiments. 
The second method was similar except that a sample of the
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equilibrium aqueous phase was taken, diluted so that the 
concentration of nitromethane was in the range of 0.025 
to 0.075 M  (with an electrolyte concentration in the range 
0.02 to 0.06 M ) and was analyzed by measuring the optical 
density at 270 m^. The extinction coefficient for nitro­
methane in aqueous solution was found to equal 14.7 at 
270 m¡j. and 9.51 at 246 m/j. The extinction coefficient of 
nitromethane was found to be unaffected by electrolyte con­
centration up to 0.2 M .

The Activity Coefficient of Aqueous Nitromethane.—
The vapor pressure of nitromethane above the binary 
solution was determined by spectrophotometry of the 
saturated vapor, using a simple apparatus consisting of a 
silica spectrophotometer cell connected to a Pyrex solution 
bulb by a graded seal. An aqueous nitromethane solution 
of known concentration was introduced into the solution 
bulb, which was then frozen with liquid nitrogen to prevent 
the concentration of the solution from changing while the 
air was pumped out of the apparatus. After evacuation the 
solution bulb was placed in a constant temperature bath 
(24.8°), and after equilibration the optical density of the 
vapor in the silica cell (at room temp.) was measured at 220 
m/x and a slit width of 0.3 mm. The optical density of the 
vapor over pure nitromethane at different constant tem­
peratures rvas measured and it -was found that nitromethane 
obeys Beer’s law in the vapor phase from zero pressure to 
39 mm. pressure: optical density =  0.0385P (mm.). The

log«, P  =  — 2423.7/T -  (3.3821) log10 T +  18.0571 
equation10 was used to compute the vapor pressure of pure

(10) C. A., 34 , 43168 (1940); E. B. Hodge, Ind. Eng. Chem., 32, 748 
(1940).

nitromethane at the different temperatures. The activity 
coefficient of nitromethane in the solution is obtained from 
the equation

logio To =  logio P v/m -  logio h
where P v =  partial pressure of nitromethane in the vapor, 
7 o =  activity coefficient of nitromethane in solution, m = 
molal concentration of nitiomethane in solution, and h is 
the Henry’s law constant (lim (Pv/m )). It is assumed herem—>0
that the fugacity of nitromethane equals its partial pressure. 
This assumption can be justified for idealized gaseous mix­
tures in which the fugacity, / v, is given by the equation

ln(/v/Pv) =(Pt/R T)B
where P, is the total pressure of the mixture and B is the 
second virial coefficient fcr nitromethane vapor. B has 
been determined11 as

— 300 — 12.97e1700/:r(cc ./m ole )
Then in the present experiments, 0.987 <  / V/P ,  <  1.

The partial pressure of nitromethane above the liquid 
solution from m =  0.2 to to =  2.0 is well represented by the 
equation

logio P/m =  -(0 .06 3  ±  0.13)m +  1.362 ±  0.009
Again, P  is the pressure ir. mm. and the uncertainties are 
standard deviations. The slope is evidently independent of 
mi and therefore is equal to (d In y0/dmo)mos/2.303.

(11) J. P. McCullough, D. W. Scott, R. E. Pennington, I. A. Hos- 
senlopp and Guy Waddington, j .  Am. Chem. Soc., 76, 4791 (1954).

THE REACTIONS OF CHLORINE ATOM S-A TEST OF THE TRANSITION
STATE THEORY

B y  J .  H. K n o x  a n d  A. F. T r o t m a n - D i c k e n s o n

Chemistry Department, The University, Edinburgh 
Received March 9, 1956

The relative A  factors for reactions of the type Cl +  RH  =  HC1 +  R  have been calculated on the assumptions of the 
transition state theory. A comparison of these values with the accurate experimental data reveals considerable discrepan­
cies.

The transition state theory of chemical kinetics 
has been applied with fair success to the calculation 
of the order of magnitude of the Arrhenius A fac­
tors of bimolecular reactions.1 Little more can 
however be claimed for two reasons: firstly, doubt­
ful assumptions as to the configurations of the ac­
tivated complexes had to be made which led to 
considerable uncertainty in the calculated values, 
and secondly, experimental results of sufficient 
accuracy to sustain an unambiguous test were not 
available. The usual errors in the measurement of 
activation energies of these reactions were, under 
the most favorable conditions, of the order of 
±  300 cal./mole. The corresponding error in the 
A factor is then 10±0-2 (about ±  60%).

In the present paper, relative A factors cal­
culated from transition state theory are compared 
with those determined experimentally by us2’3 for 
the competitive reactions of chlorine atoms with 
several hydrocarbons. Calculated A factor ratios 
are also given for a number of reactions which have

(1) A. F. Trotman-Dickenson, “ Gas Kinetics,”  Academic Press, Inc., 
New York, N. Y., 1955.

(2) H. O. Pritchard, J. B. Pyke and A. F. Trotman-Dickenson, 
J. Am. Chem. Soc., 77 , 2629 (1955).

(3) J. H. Knox, Chem. and Ind., 1631 (1955).

not yet been studied but which we hope to investi­
gate in due course. These reactions of chlorine 
atoms offer a number of advantages for such a 
study. In the first place there is much less doubt 
about the configuration of the activated complexes 
in reactions of atoms than in the corresponding re­
actions of free radicals, there being no uncertainty 
about the free rotation of the radical in the former 
case. Secondly, the activation energies of the re­
actions are low and may therefore be measured 
with very small absolute errors (although the per­
centage error will be of the usual magnitude). 
It may furthermore be assumed that in such cases 
the bond lengths C -H -Cl will vary little from com­
plex to complex and that the C-H  and C-Cl bond 
lengths mil be only slightly longer than those in nor­
mal molecules. Thirdly, by employing a com­
petitive technique, relative A  factors can be de­
termined with unusual precision. In the most 
favorable cases relative activation energies have 
been measured to within 30 cal./mole giving relative 
A factors to within 5%.

These relative A factors can therefore provide a 
stringent test of the transition state theory since 
not only can they be measured experimentally with
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high precision but they may also be calculated 
with high accuracy making use of fewer assump­
tions than are required in the calculation of ab­
solute values.

According to transition state theory the relative 
A factors for the competitive reaction of chlorine 
atoms with methane and ethane are given by the 
equation
4  c m  _  frem ei 0CH<C10CHiCl]/[0CH4 0CH1 Æ iï< ]  

•4-CjHi [0C2H6C1 0 CiHtCl 0C2H6Ci ]/[<Ao2H6 0C1116 0C2H6 ]

= exp (AiSchî AiScaH6 A  AiSch4 — A S cïrb

4" AiScHi — ]
where the partition functions, denoted by <f>’s, are 
measured from the ground state of the parent mole­
cule and of the complex, respectively. The ac­
tivation energy appropriate to these theoretical A 
factors is therefore the activation energy at ab­
solute zero which may be denoted AE°„. The AS 
values are the entropies of activation appropriate 
to the translational, rotational and vibrational de­
grees of freedom. In the above expression for the 
A factors the transmission coefficients have been 
omitted, and the symmetry numbers are taken to 
be included in the rotational partition functions. 
If the partition functions are evaluated without 
the symmetry numbers the values for the A factors 
are those for individual hydrogen atoms. De­
noting such factors by A ' the above equation can 
be written
A ' ch> _  ( M ç H t f n /M ç B ,  ) */* y  

A 'CjHi I A fojH sCl/M ciH c '

\ (ABQaum/lABChtu } V«
) (  A B C ) C!h , c i / ( A B C ) c ,h s  (  X  P

where ill’s are the molecular weights of the various 
substances and the product (ABC) is the product 
of the moments of inertia about the three principal 
axes of the molecules. While the masses are 
known exactly, the values of (ABC) are not known 
with the same precision because of the slight un­
certainty (probably less than 0.2 A.) as to the 
C -H -C l distances. Values of (ABC) can how­
ever be calculated to any degree of accuracy once 
a configuration has been accepted. Since any 
error in the C -H -C l distances will affect the 
(ABC)’s of all complexes in the same sense and 
roughly in the same proportion, any error of choice 
will largely cancel out. There are three likely 
sources of error in comparing the calculated values 
with the experimental ones The calculation of 
the vibrational entropy term is not possible with 
any certainty. It will however almost certainly 
be small. The vibrational entropies of methane 
and ethane are both less than l.e.u. and the vibra­
tional entropies of activation will therefore be 
much smaller than 1 e.u. Differences in vibra­
tional entropies of activation as between say meth­
ane and ethane will be even smaller and probably 
not greater than ±0.1 e.u. The vibrational term 
which might at first sight appear to result in large 
uncertainty in the calculation of the theoretical A 
factor should not therefore contribute more than 
about exp 0.1/1?, that is, about 5% uncertainty.

In these calculations the contributions from in­
ternal rotations in the parent molecules and the

complexes have been neglected. The appropriate 
allowance may readily be made only in the sim­
plest cases where the rotators are symmetrical tops. 
In the case of ethane, for example, the contribution 
to the entropies of the parent and the complex 
due to free internal rotation are, ignoring the sym­
metry factor, 5.06 and 5.66 e.u., respectively. 
An error of about 30% may therefore be intro­
duced in the particular case of ethane/methane by 
ignoring internal rotation. For higher homologs 
the contributions due to changes in internal rota­
tion will be smaller than this. In the cases con­
sidered we are moreover concerned with restricted 
rotation rather than free rotation, and the effect of 
neglecting rotations is thus further reduced.

Lastly, there is likely to be a discrepancy be­
tween the theoretical and experimental A factors 
resulting from the fact that the experimental ac­
tivation energy and the theoretical activation 
energy differ according to the equation

Ai^exp =  At?o° A  C q A C» d j 7 

giving AexP =  Acaic exp[(fAC v/dT)/R T]

The difference in ACV for two similar reactions 
will however be very small since the translational 
and rotational specific heat changes will be iden­
tical for the two reactions and only the changes in 
vibrational specific heats will be important. As 
with the vibrational entropy contributions, these 
will be very small indeed.

We therefore conclude that the major factors 
influencing the relative A factors for two similar 
reactions are the changes in the translational and 
rotational entropies. Errors of up to some 5% 
are introduced by ignoring the vibrational contri­
butions, and rather more by ignoring internal rota­
tion. The latter is however never likely to be 
more than about 20%, even in an extreme case 
such as the comparison of the chlorinations of 
methane and ethane.

The details of the calculations are given below 
and a summary of the results appears in Table I. 
It already has been shown2 that A factors of the 
right order of magnitude may be calculated for 
these chlorination reactions so that considerable 
interest attaches to the much more accurate values 
found for the relative A factors. These are given 
in Table II where they are compared with the ex­
perimentally determined values. Examination of 
the table reveals that the simple transition state 
theory predicts only approximately the relative A 
factors and that the discrepancy between the cal­
culated and the experimental values is in the sense 
that too large an A factor is predicted for the lighter 
relative to the heavier molecules except in the in­
direct comparison of neopentane with isobutane 
where the mass difference is relatively small. 
These discrepancies (factors of up to ten) are well 
without both experimental error and any reason­
able estimate of the theoretical error in our cal­
culations. They may possibly be resolved in 
terms of transmission coefficients which we have 
neglected, but as yet no general method has been 
suggested by which such allowance might be made. 
The calculations show clearly the limits of the ap­
plication of the simple transition state theory, and
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T a b l e  I
T b a n sl a t io n a l  an d  R o t a t io n a l  E n tr o pie s

Compound »Slrans
Logio
ABCa er alrot

Cl 36.6 0 0
h 2 28.1 1 685 2 4.1
H s-C l 36.8 0.896 1 11.0
c h 4 34.3 1.56 12 10.3
c h 4- ci 37.8 4.29 3 19.3
c 2h 6 36.1 3.62 18 14.2
c 2h 6- ci 38.9 5.78 3 22.7
c 3h 8 37.2 4.84 18 17.0
C 3H 8 c o n d .' 37.2 4.65 18 16.5
p - C 3H 5- C l  (a) 39.0 6.36 3 24.0
p - C sH 8- C l  (a )  con d . 39.0 6.26 3 23.8
p - C 3H 8- C l  (b ) 39.0 6.35 3 24.0
p - C 3H 8- C l  (b )  con d . 39.0 6.31 3 23.9
s- C 3H 8- C 1 39.0 6.47 9 22.1
s- C 3H 8- C 1 cond. 39.0 6.43 9 22.0
iso -C 4Hio 38.1 5.76 81 16.1
iso-CiEho cond. 38.1 5.46 81 15.4
p -iso -C iH io -C l (a )  co n d . 39.5 6.91 9 23.1
p -iso -C iH io -C l (b )  con d. 39.5 6.75 9 22.7
¿-ÍS0-C4H10-CI 39.5 6.93 81 18.7
Z-ÍSO-C4H10-CI con d. 39.5 6.79 81 18.4
C ( C H 3)4d 38.8 6.18 324 14.3
C ( C H 3)4- C f f 40.1 7.33 27 21.9
c f 3h 38.7 5.11 3 21.2
c f 3h - c i 40.0 6.86 3 26.2
C C 13H 40.1 6.88 3 26.2
C C h H - C l 41.1 7.73 3 28.2
“ U n its  o f ABC  are  [m o lecu lar w e ig h t  X Â . 2] 3. 6 T h e se

values are logio A  where A is the moment of inertia. 
c “ cond.”  stands for the condensed CH3 approximation. 
d The molecule was treated as a series of spherical shells.

T a b l e  II
R e l a t iv e  A F actor s  f o r  C h l o r in e  A tom  R e actio n s  

Cl +  RH =  HC1 +  R
Compounds Relative A factors/II atom

A 'x/A'y
X  Y  Calcd. Exptl.

Hydrogen/ methane 9.8 6.3 ±  2
Methane/ethane 3.58 0.39 ±  0.03
Ethane/neopentane 5.43 2.0 ± 0 .1
Ethane/chloroform 9.46
Ethane /fluoroform 2.08
p-Propane/sec-propane (a) 0.89“ ; 0.826 0.61 ±  0.05
p-Propane/sec-propane (b) 0.87°; 0.876
p-isobutane/Cisobutane (a) 1.14” 0.75 ±  0.1
p-isobutane/i-isobutane (b) 0.95'

Relative A factors per
molecule,' Ax/Ay

Ethane/propane' 1.9“ ; 1 .66 0.68 ±  0.04
Ethane/isobutane' 2 .86 0.61 ±  0.04

“ Calculated for the complete molecule. 6 Calculated 
using the condensed approximation. c These results are 
given in terms of the molecule as a whole because no ex­
perimental distinction was made between the different types 
of hydrogen atoms.

invite further work on other series of reactions 
which might likewise be compared with theoretical 
predictions.

The Calculations.—Values for the translational
and rotational entropies have been calculated for 
each of the reactants and complexes studied. 
The translational entropies were calculated from 
the Sackur-Tetrode equation; the values are given 
in Table I. The values obtained for the rotational 
entropies depend upon the precise configurations 
assumed for the molecules (see below). These 
calculations of the moments of inertia can be con­
siderably simplified if the hydrogen atoms of the 
methyl groups are “ condensed” into the appro­
priate carbon atom; each methyl group is then 
treated as a mass of 15 located at the center of 
gravity of the original methyl group. Some ex­
amples of such condensations are given in Table I, 
and it can be seen from Table II that this simpli­
fication yields values of the relative A factors 
which are only slightly different from those ob­
tained by more laborious means.

The Configurations.— It was assumed through­
out that the carbon valency angles were all equal 
to 109.5°. In the linear C -H -C l groups of the 
activated complexes the C-H  distance was taken 
as 1.15 A. and the H-Cl as 1.45 A.; other bond 
lengths assumed were C -C  1.54oA., C-H  0.98 Â., 
C -F 1.36 A. and C-Cl 1.76 Â. The following 
points may be mentioned in connection with the 
configurations of individual reactants and com­
plexes.

Propane.— Calculations were made for two differ­
ent configurations of the complex obtained by at­
tack of the chlorine atom at the primary position:
(a) in which the chlorine atom in the complex is at 
the greatest possible distance from the third car­
bon atom (i.e., with the C-H -Cl bond parallel to 
the opposite C-C bond) (b) in which the chlorine 
atom is as close as possible to the third carbon 
atom.

Isobutane.— Calculations were again made for 
two configurations of the complex: (a) in which the 
chlorine atom was at the greatest possible distance 
from the tertiary hydrogen atom (i.e., the C -H -Cl 
bond parallel to the tertiary C -H  bond); (b) in 
which the chlorine atom is as close as possible to 
the tertiary hydrogen atom.

Neopentane.—This molecule was treated as a 
central atom of mass 12 surrounded by twjo spherical 
shells one of mass 48 and radius 1.54 A. and theo
other of mass 12 and radius 2.20 A.; the chlorine 
atom in the complex was taken to be a distance of 
3.65 A. from the central carbon atom.
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APPLICATION OF THE PLATE THEORY TO THE ANION-EXCHANGE
CHROMATOGRAPHY OF GLYCOLS

B y  R o g e r  S a r g e n t  a n d  W i l l i a m  R i e m a n  III
Ralph G. Wright Chemical Laboratory, Rutgers University, New Brunswick, New Jersey

Received March 19, 1956

The plate theory of ion-exchange chromatography has been applied to the separation of the complex anions formed be­
tween vicinal glycols and the borate ion. A theoretical elution equation giving the elution behavior of the glycols has been 
derived and tested. As the result of this investigation, equilibrium constants for the complexation reactions have been 
determined. One may then, with the use of the elution equation and the equilibrium constants, predict the position of the 
peak of an eluted glycol for any concentration of sodium borate eluent or find the conditions that will lead to the separation 
of a mixture of glycols.

The analysis of a mixture of glycols is greatly 
simplified by their separation prior to determina­
tion. Since vicinal hydroxy compounds are known 
to complex with the borate ion to form anions,1 a 
method of separation of the glycols by the anion- 
exchange chromatography of their borate com­
plexes was investigated. A theoretical approach 
is desirable so that a maximum amount of informa­
tion may be obtained from a small number of pre­
liminary elutions. The plate theory of ion-ex­
change chromatography, developed by Martin and 
Synge2 and Mayer and Tompkins3 has been ex­
tended, tested, and shown to be very helpful in de­
veloping a method of separation of the condensed 
phosphates by Beukenkamp, Rieman and Linden- 
baum,4 whose notation will be employed through­
out this paper. The purpose of this paper is to 
show the applicability of the plate theory to the 
study of the elution of glycol-borate complexes.

Derivation of the Elution Equation
A solution of sodium borate, used as the com- 

plexing agent as well as the eluent, was prepared 
by the addition of slightly more than two moles of 
sodium hydroxide to one mole of borax to ensure 
complete neutralization of all boric acid. In solu­
tions of borax or boric acid, the boric acid under­
goes polymerization with the borate ion to form an 
undetermined number of polymeric anionic species. 
The number of equilibria involved under these con­
ditions is so large that a detailed mathematical 
treatment is impracticable. However, with solu­
tions of sodium borate, the formation of the glycol- 
borate complex ion may be represented as

—¿ —Oil
— ¿ — OH

— C— (\ X )Ii
1 >B<

- C —<y X )H

The slight excess of hydroxide ion in the eluent solu­
tion results in the conversion of a small amount of 
resin to the hydroxide form which remains inac­
tive. The effective exchange capacity of the resin 
is therefore taken as the milliequivalents of resin 
in the borate form, R B 02.

The reactions which take place in an elution of a 
glycol, G, on a column of anion exchanger in the

(1) J. X . Khym and L. P. Zill, J. Am. Chem. Soc., 74, 2090 (1952)-
(2) A. J. P. Martin and R. L. M. Synge, Biochem. J., 35, 1385 

(1941).
(3) S. W. Mayer and E. R. Tompkins, J. Am. Chem. Soc., 69, 2866 

(1947).
(4) J. Beukenkamp, W. Rieman and S. Lindenbaum, Anal. Chem., 

26, 505 (1954).

borate form may be represented by the equilibria

G +  B 0 2~ g b o 2-

G +  R B 02 R B 02G

[ G B ( W ]

1 [G ] [ B 0 2- ]

[ R B O jG ]

2 [G ] [ R B 0 2]

( 1)

(2)

According to the plate theory of ion-exchange 
chromatography, the distribution ratio, C— i.e., the 
total quantity of a glycol in the resinous phase 
divided by the total quantity of the glycol in the 
solution phase— is given by 

r  WQ [R B 02G] WQ X 2[G )[R B 02]
V  [G] +  [GB02~] V  [G] +  iG [G ][B 02-] 

CV A 2[RB 02]
WQ 1 +  W [B (V 1

Here W  is the weight of resin in the column; Q is 
the capacity of the resin in milliequivalents per 
gram; and V  is the interstitial volume of the 
column. Rearrangement of the foregoing equa­
tion gives an equation which describes the elution 
behavior of a glycol.

TFQ[RB021
CV

K,
Kt [BO,-] +  i

A  2 (3 )

Thus a straight line is predicted if 7PQ[RB02]/C T  
is plotted against [B02~]. The slope, Ki/Ki, and 
intercept, l/K2, of this line provide a method for 
finding the equilibrium constants for reactions (1) 
and (2).

Experimental
Reagents.— Diethylene glycol (D EG ), ethylene glycol 

(EG) and 1,2-propylene glycol (PG) were obtained from 
Eastman and used without further purification. Glycerol 
(GL) from J. T . Baker Chemical Company was also used 
without further purification. Three samples of 2,3-butyl­
ene glycol (BG) were used. The first from Celanese Cor­
poration of America was a mixture of meso and d,i-forms. 
The second from the National Research Council of Canada 
was found to be a mixture of the meso and Z-forms by chroma­
tographic investigation and measurement of the optical 
rotation. The third sample from Schenley Distillers was 
similarly found to be a mixture of meso and d.

Experimental Procedure.—To test the validity of equa­
tion 3, a column of Dowex 1-X8, 100-200 mesh was equil­
ibrated with a solution of sodium borate of the desired con­
centration. Each glycol was then eluted separately with 
this solution to determine U*, the volume of effluent at which 
the peak concentration of the glycol appears. The quan­
tity of glycol present in an effluent fraction was determined 
by oxidation with dichromate in 50% sulfuric acid and sub­
sequent measurement of the absorbance of the resultant 
C r(lII).6 The interstitial volume, V, of a 3.90-cm.2 column 
of Dowex 1-X8, 100-200 mesh was previously found6 from 
eight determinations to be 46 ±  0.4% of the bed volume,

(5) R. Sargent and W. Rieman, Anal. Chim. Acta, 14, 381 (1950). 
(fi) W. Rieman and S. Lindenbaum, Anal. Chem., 24, 1199 (1952).
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T a b l e  I
T he  E v a l u a t io n  o p  E x p e r im e n t a l  D a t a  fo r  F ig u r e  1

Eluent i [B02- ] 0.02477 0.09341 0.2326 0.5062 0.8931
[OH- ] 0.0005 0.00075 0.00204 0.00458 0.0079

Column Height, cm. 6.2 10.0 10.5 11.9 14.9
v 11.1 17.9 18.9 21.3 26.7

Effluent
from OH- , meq. 1.14 0.86 0.57 0.65 1.43
KCI B 02- , meq. 22.75 38.74 44.55 55.62 78.86
Wash

TFQ[RB02] 22.48 37.07 40.15 44.84 55.01
EG 50.5 77.5 74.4 73.1 82.5
PG 80.3 118 105 97.6 110

U* BG, to 83.3 130 123 120 146
BG, d, l 245 173 187
GL 280 264 163 113 106
EG 0.571 0.622 0 723 0.866 0.986

IFQ[RB02]
CV

PG .325 .371 .466 .588 .660
BG, to .311 .331 .386 .454 .462
BG, d, l .177 .295 .344
GL .0836 .151 .279 .489 .694

Vb■ The fundamental equation of the plate theory, U* =  
CV +  V, may then be employed to calculate C for each 
glycol. The eluent was then drained to the top of the resin 
bed, and the borate and hydroxide ions on the resin and in 
the interstitial solution were replaced by washing with a 
solution of potassium chloride. An aliquot of the collected 
effluent was titrated with hydrochloric acid to the methyl 
red end-point to determine the total base, i.e., B 0 2-  +  
O H - . Another aliquot was saturated with mannitol which 
complexes borate ion and allows the determination of hy­
droxide ion by a potentiometric titration with hydrochloric 
acid. The quantity of hydroxide ion is subtracted from the 
quantity of total base to obtain the quantity of borate ion. 
Since the quantities of borate and hydroxide ions found in 
this manner are the sum of the quantities present on the 
resin and in the interstitial solution of eluent, the quantity 
of each ion on the resin is found by subtracting the amount, 
V [ B O i - ]  or F [ O H - ] ,  present in the interstitial solution. 
Thus WQ, the total capacity, is the sum of R B 0 2 and R O H  
measured in milliequivalents.

Results
The results of the elutions (on different columns) 

for five concentrations of sodium borate are given 
in Table I. Figure 1 represents a plot of these re­
sults for ethylene glycol, 1,2-propylene glycol, the 
meso and the d, 1-isomers of 2,3-butylene glycol and 
glycerol.

The predicted straight-line relationship was ob­
tained at low concentrations of sodium borate. 
The curvature at concentrations above 0.3 M  may 
be explained as being the result of two effects: 
(1) the neglect of activity coefficients in the aqueous 
and resinous phases, and (2) the salting-out effect. 
Approximately one-half of the observed curvature 
at a concentration of sodium borate of 0.893 M  has 
been shown7 to be due to a selective salting-out of 
the glycol from the aqueous to the resinous phase. 
The authors have employed this selective salting- 
out as a chromatographic method of separating 
mixtures of polyglycols that are difficult to separate 
by conventional techniques.8

Equilibrium Constants.—Because of the linearity 
of the curves at low concentrations, the intercept 
and limiting slope can be used to find the true 
equilibrium constants for reactions (1) and (2).

(7) R. Sargent, doctor’s thesis, Rutgers University, 1956.
(8) R. Sargent and W, Rieman, J. Org. Chem., 21, 594 (1956).

These are given for each glycol in Table II, lines 
1 and 2. In order to facilitate the calculation of 
the position of the peak of the elution graph, 
empirical values of K 2 (Table II) may be used

[B02-]. 
Fig. 1.

which will account for the curvature. These 
values are obtained by solving equation 3 for K 2, 
the experimental values obtained for Ki and 
W Q [R m 2\/CV being used.

T a b l e  II
E q u il ib r iu m  C o n st a n t s

Concn.
of BOs", BG

M EG PG meso d,l GL
1.30 2.12 1.18 8.41 14.8

' 0 0 1.80 3.22 3.33 17.0 15.9
2 1.80 3.24 3.33 17.0 15.9
4 1.86 3.40 3.41 17.5 16.7
6 1.97 3.68 3.70 18.8 17.9

l 8 2.10 4.14 4.21 21.9 19.5

Table III presents a comparison of our values 
for Ki with experimental results of other investi­
gators. G. Roy, et al.,9 determined this constant 
(K ci) by observing the change in pH caused by ad­
ding a known amount of glycol to a borate buffer.

(9) G, Roy, A, Laferriere and J. Edwards, private communication,
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A measure of the extent of complex formation 
with boric acid is given by a quantity, A, Table 
III, which is the difference between the specific 
conductance of an equimolar mixture (0.5 M ) of 
glycol and boric acid and the sum of the conduc­
tances of the unmixed solutions of the same con­
centration. Negative A values are probably the 
result of the presence of trace quantities of base 
that was used to neutralize the glycol prior to the 
measurement of conductance. This base would 
neutralize the hydrogen ions released in the forma­
tion of the complex and would lower the conduct­
ance.

T a b l e  III
A‘ -d X

Glycol Ki X 0l“ Ki«3 10«
EG 1.30 1.85 0.14 -  1.0
PG 2 .1 2 3.10 0.44 -  0.7
BG, m eso 1.18 J  3.45' -  1.3
BG, d ,l 8.41 +  4.7
GL 14.8 16.0 0.77 +  11.9
a G. Roy, A. Laferriere and J. Edwards, private com- 

munieation. 4 J. Boeseken, Her,, trav. chim., 40, 353 (1921). 
c P. Hermans, J. Chim. Phys. d J. Boeseken and R. Cohen, 
Rec. trav. chim., 47, 845 (1928). e Probably a mixture of 
meso and d,Z-forms
A',, =  (glycol-acetone complex) (water)/(glycol) (acetone).
A  =  « ( 0 . 5  M g ly c o l  + 0 .5  M n B O i )  —  ( « 0 .5  M glycol +  «0 .5  M H B 0 2)

The reaction between a glycol and acetone is 
similar to the complexation reaction of the glycol 
with borate because the quantity of product formed 
is dependent upon the favorabilitv of the positions 
of the hydroxyl groups. The equilibrium constants 
for this reaction at 18°, designated by K is in 
Table III, shows a distinct parallel to both A and 
K\ values.

These comparisons show that the values of Ki 
as obtained by anion-exchange chromatography 
are in the order expected. The determination of 
Ki (and K 2) by this method is subject to less ex­
perimental error than a determination of A from 
conductance or pH measurements with boric acid 
as the complexing agent.

Separations.—The separation of one glycol from 
another can be accomplished readily with an eluent 
solution of sodium borate if the ratio of the values 
of C is greater than or equal to 1.3. The data 
presented in Tables II and III have been used to 
develop chromatographic methods for the separa­
tion of the glycols, which will be reported else­
where. Polyglycols and monohydric alcohols do 
not interfere with the determination of vicinal 
glycols because they are eluted from the column 
very rapidly.

INFRARED SPECTRA OF SOAIE REACTION PRODUCTS OF 
OCTAFLUOROISOBUTENE

B y  E r n e s t  H a l p e r n  a n d  J e r o m e  G o l d e n s o n

Chemical Corps Chemical and Radiological Laboratories, Army Chemical Center, Maryland
Received, March 28, 1956

The infrared spectra (2 to 15 y) of 13 new fluoroorganic compounds are presented. Included are the spectra of a number of 
fluorinated ethers and carbonyi compounds. Characteristic details of the spectra used to assist in the identification of their 
structure are discussed. The linear relationship reported in the literature1 between the C = 0  absorption wave length 
and the sum of the effective electro-negativities of the substituents on the carbon was extended for application to the tjqies of 
fluorinated carbonyl compounds included in this report.

In connection with a study of the reaction of 
alcohols with octafluoroisobutene,2 3 methods were 
required to determine and identify the structure of 
the reaction products. Since the inertness of 
fluorinated compounds makes them difficult to 
characterize chemically, infrared spectroscopy was 
used to aid in establishing their structures. In 
the work, the infrared spectra of 13 new fluoro- 
organic compounds were obtained and are presented 
here for identification purposes.

Experimental
Fluoroorganic Compounds.— All the compounds used in 

this work were prepared by the group under Drs. F. W. 
Hoffmann and T. C. Simmons.2’3 Evidence for their struc­
ture was based on the method of synthesis and nuclear 
magnetic resonance spectra in addition to the infrared 
spectra presented here. Fluorine, carbon, hydrogen and 
nitrogen analyses were determined for liquids and molecular 
weights for gases; molar refractions were also determined

(1) R. E. Kagarise, J. Am. Chem. Soc., 77, 1377 (1955).
(2) R. J. Koshar, T. C. Simmons and E. W. Hoffmann, piesented 

at the 130th A.C.S. Meeting, Atlantic City, N. J., Sept. 1956.
(3) F. W. Hoffmann, T. C. Simmons, E. R. Larsen, F. E. Rogers, 

R. J. Koshar, H. V. Holler, B. S. Singleton, J, E. Mulvaney, K. E. 
Paulson, R. E. Sparks and R. B. Beck, private communication.

for some of the liquids.2 Purities were 98% or better in all 
of the compounds. The compounds, spectrum numbers 
sample phase and cell thicknesses are given in Table I.

T a b l e  I
L is t  o f  F lu o r o o r g a n ic  C om pounds  an d  S pec tra

Compound

N u m bers

Spec­
trum Sample phase

Cell
thick­
ness,
mm.

(CFjLCHCFíOCíHs 1 4% soin, in CCLi 0. 109
(CF3)2CHCF20„C.3H7 2 Liquid .023
(CF+CHCFjOnCÆ 3 Liquid .023
(CF3)2C=CFOCH 3 4 Liquid .023
(CF,)2C = C F 0 C 2H5 5 Liquid .023
(CFj)2C =C FO „C jH, 6 Liquid .023
(CF3)2C=CFOCH (CH s)j 7 Liquid .023
(CF3)2C =C FO „C 4H9 8 Liquid .023
(CFjLCHCOF 9 Gas 100.0
(CF3)2CHCONH2 10 4% soin, in CCli 0.1092
(CF3)2CHCOO„C3Hj 11 Liquid 0.023
(CF3)2NCOOC2Hs 12 10% soin, in CCR 0.109
(CFsRNCOF 13 Gas 100.0

Determination of Infrared Spectra.— The spectra were 
determined with a Perkin-Elmer Model 21 recording spec­
trometer equipped with a sodium chloride prism. A slit 
program of 960, a response of 1, a gain of 5, a speed of 6 and 
a suppression of 0 were used in all cases.
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2 4 6 8 10 12 14 2 4
Wave length, ¡x

6 8 10 12 14

Fig. 1.— Infrared absorption spectra of fluoroôrganic compounds: 1, (CF3)2CHCF2OC2H5; 2, (CF3)2CHCF20„C 3H7; 3, 
(CF3)2CHCF20„C 1H9; 4, (CF3)2C==CF0CH3; 5, (CF3)2C =C F O C 2H5; 6, (CF3)2C =C F O „C 3H7; 7, (CF3 i2C==CFOCH(CH3)2; 
8, (CF3)2C=CFO„C4H9; 9, (CF3)2CHCOF; 10, (CF3)aCHCONH2; 11, (CF3)2CHCOO„C3H7; 12, (CF3)2NCOOC2H6; 13, 
(CF3)2NCOF.

Discussion of Spectra
The compounds represented by spectra 1 through 

8 were made by the addition of alcohols to octa­
fluoroisobutene. Spectra 1 through 3 represent 
the saturated products and spectra 4 through 8 the 
unsaturated products. The saturated products 
of the type formula (CF3)2CHCF2(OR) do not 
show absorption in the 5 to 6.2 p region while the 
unsaturated products of the type formula (CF3)2C 
=C F (O R ) show absorption at 5.9 ix. Since the 
starting material, octafluoroisobutene, shows ab­
sorption at 5.73 ix,A the reactions were readily fol­
lowed by observing the disappearance of absorp­
tion at 5.73 and the appearance of absorption at
5.9 ix.

Spectrum 3 shows weak absorption at 5.7 ¿a due 
to a trace of octafluoroisobutene as an impurity. 
The spectrum of the methyl analog of (CF3)2- 
CHCF2(OR) has been reported by Weiblen.4

Spectra 1 to 3 are quite similar showing absorp­
tion in common at 9.0, 9.6, 10.9, 11.8, 13.2, 13.8 
and 14.2 ¡x. Spectra 4 to 8 also show similarities

(4) D. G. Weiblen, “ Fluorine Chemistry,”  Vol. II, edited by J. H. 
Simons, Academic Press, Inc., New York, N. Y., 1954, Chapter 7.

in absorption at about 8.8, 9.6, 10.1, 13.1, 13.6 and
14.1 ix.

All the compounds examined in which the 
(CF3)2C - group is present (spectra 1 through 11) 
with one exception (spectrum 11) show medium 
absorption in the region of 13.0 to 13.3 ¡x and strong 
absorption in the region of 14.0-14.2 ¡x.

Use of Carbonyl Group Relation.— Five com­
pounds whose spectra are included in this paper 
contain the carbonyl group. The Kagarise rela­
tion1 between the sum of the Gordy scale electro­
negativities5 of adjacent substituents and the 
stretching frequency of the carbonyl group was 
found to be useful in confirming the structures of 
these compounds and some intermediates. The 
equation for this relation was used in the following 
form, where nc=o is the wave length in microns of 
the C = 0  stretching wave length and X  is the sum 
of the Gordy electronegativity values of the sub­
stituents on the carbon

10,000
MC-°  -  1536.5 +  48.85A

(5) W. Gordy, J. Chem. Phys., 14, 305 (1946).
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T a b l e  II
C o m pa riso n  of E x p e r im e n t a l  an d  C a l c u l a te d  C = 0  A b so r ptio n  W a v e  L en g th s  in  F lu o r o o r g a n ic  C om pou n ds

Sum of effective Calcd. Exptl. Â C=0’
Compound Spectrum Ref. electronegativities i*C=0’ /*c=0> ** calcd.-obsd., p

(CF3)2NCOF 13 5.30
CF3CF2CF(CF3)CF2COF a 7.06'’ 5.33 5.30 +0.03
w-C13F27COF a 7.06" 5.33 5.32 + .01
(CF3)2CHCOF 9 6.66 5.37 5.31 + .06
c 2f 5c o c i 6 6.10 5.45 5.51 — .06
c f 3c o c h 3 7 5.59 5.53 5.63 - .10
c 2f 6c o c h 3 7 5.47 5.55 5.65 - .10
(CF3)2NCOOC2Hs 12 5.02^ 5.61 5.53 + .08
c 2f 5c o o c h 3 6 4.94 5.62 5.59 + .03
c 2f 6c o o c 2h 6 6 4.94 5.62 5.56 + .06
c 3f 7c o o c 2h 5 8 4 .92d 5.63 5.60 + .03
(CF3)2CHCOOC3H7 11 4.52“* 5.69 5.60 + .09
c 2f 5c h o 6 5.26 5.58 5.73 - .15
(CF3)2CHCONH2 10 3.17s 5.91 5.74 + .17
C2Fs,CONH2 6 5.84,6.13

0 Determined at Army Chemical Center. Spectrum not included in this paper because the preparation was not of suf­
ficiently high purity. 6 The n-Ci3F27-  and CF3CF2CF(CF3)CF2-  groups were assumed to have the same effective electro­
negativities as the CF3-C F 2-C F r- group (3.11). c The effective electronegativity for the (CF3)2N - group (3.21 ) was obtained 
by substitution in equation I of mc= o =  5.30 for (CF3)2NCOF. d The effective electronegativity value was assumed to be con­
stant for OR groups ( 1.81 ).1 e The effective electronegativity for the NH2-  group (0.46) was obtained by substitution in 
equation I of mc= o =  5.84 for C2F5CONH2.

To extend the applicability of equation I, it is 
necessary to assign electronegativity values to 
substituents which consist of groups of atoms. 
Kagarise1 assigns an effective electronegativity to 
substituted methyl groups on an empirical basis 
by the equation

Zeff =  +  g (XX +  Xy  +  Xz) (II)

where xc, Xx, Xy, xz are the Gordy electronegativity 
values of carbon and substituents X , Y  and Z.

Equation II was used to obtain effective electro­
negativity values for groups such as CF3, and in 
the work of this report this value was used in turn 
in equation II to obtain effective electronegativity 
values for larger groups such as CF2CF3 and CF2- 
CF2CF3.

Examination of the effective electronegativity 
values calculated in this manner indicates certain 
trends of electronegativity with structure. The 
electronegativity of a fluorocarbon group is not 
appreciably affected by an increase in chain length 
as shown in the series

-C F 3 (3.25) >  -C 2F5 (3.13) >  -C F 2CF2CF3 (3.11)

However, branching has a greater effect on the 
electronegativity of the substituted methyl group
as
-C F 3 (3.25) >  -C F 2CF3 (3.13) >  -C F (C F 3) 2 (3.01) >

-C (C F 3) 3 (2.89)

Substitution of a perfluoromethyl group by a hy­
drogen in C(CF3)3 decreases the electronegativity 
of the substituted methyl group as
-C (C F 3) 3 (2.89) >  -C H (C F 3) 2 (2.71) >  -C H 2(CF3) (2.52) >

-C H 3 (2.34).
By use of the calculated effective electronegativ-

(6) R. N. Haszeldine and K. Leedham, J. Chem. Soc., 1548 (1953).
(7) R. N. Haszeldine and K. Leedham, ibid., 3483 (1952).
(8) G. Rappaport, M. Hauptsehein, J. F. O’Brien and R. Filler, 

J. Am. Chem. Soc., 75, 2695 (1953).

ity values and substitution in equation I, the data 
in Table II were obtained.

From an inspection of the data in Table II, and 
references 1 and 9 the similarity in shift of wave 
lengths between the C—O and P = 0  bands may be 
noted. Both bands shift to lower wave lengths 
with increase in the sum of electronegativities of 
the substituents on the carbon or phosphorus. 
The greatest deviations are noted with the two 
ketones, the aldehyde and amide included in the 
table.

An attempt was made to derive an approximate 
relation between the C = C  absorption wave length 
and the effective electronegativities of the sub­
stituents on the carbons as an aid in confirming the 
structure of fluorinated compounds such as those 
represented by spectra 4 to 8. Using Gordy elec­
tronegativity values6 and the C = C  absorption 
wave lengths of CF2= C F 2, CF2=C F H , CF2=CH2 
and CH2= C H 2, the following equation was ob­
tained by the method of least squares

juc_c =  7.1837 -  0.11494X (III)
where juc=c is the wave length in microns of the 
C = C  absorption and X  is the sum of the electro­
negativity values of the substituents surrounding 
the double bond. Using equation III, poor agree­
ment was obtained between the observed and cal­
culated C = C  absorption wave lengths for com­
pounds containing CF3~, C2F5- and R O - groups. 
Since the groups on each side of the C = C  bond 
would be involved in this stretching vibration, it is 
thought that the effect of mass may be more pro­
nounced on the C = C  band position than is ap­
parent with the C = 0  and P = 0  bonds, in which 
the oxygen vibrates independently of the masses of 
the groups on the C or P, Further work is planned 
to introduce the parameter of mass into a C = C  
relation.

(9) J. V. Bell, J. Heisler, H. Tannenbaum and J. Goldenson, ibid., 76, 
5185 (1954).
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Oct., 1956 M ethod of Deriving Rate Laws for Enzyme-catalyzed R eactions

A schematic method of deriving the rate laws for enzyme-catalyzed reactions is described which is particularly useful for 
treating very complicated mechanisms. It is proved that this schematic method is valid for deriving the rate law for any 
enzyme catalysis mechanism regardless of the number of enzyme-containing species which are involved. Allowance for 
interactions which do not involve the enzyme is not within the scope of this method but is readily taken into account by 
usual means.

If the mechanism for an enzyme-catalyzed reac­
tion involves n different enzyme-containing species, 
the usual steady-state assumption leads, after first 
eliminating the concentration of one of the enzyme- 
containing species by the relationship [E]0 = 
S(E X j),1 to a system of n — 1 non-homogeneous 
linear equations.2 The solution of these equations 
for the concentrations of the several E X ,’s is a 
straight-forward problem but one which can be 
tedious even when the determinant method (i.e., 
Cramer’s rule) is employed.3’4 It is the purpose 
of the present communication to describe a 
schematic method of deriving the steady-state con­
centrations of the several enzyme containing species, 
EX,, which is based upon the determinant method.

The concentration of each EXi relative to the 
total concentration of enzyme, (EX»)/[E]o, is a 
quotient of two summations of terms, each term 
being the product of n — 1 different rate constants 
and the appropriate concentrations. Each term in 
the numerator of the expression for (E X m)/[E]o 
involves the rate constants (and appropriate con­
centrations) associated with reaction steps which 
individually or in sequence lead to E X m, the enzyme- 
containing species in question. The n — 1 rate 
constants in each term are associated with n — 1 
reaction steps in which each of the n — 1 different 
enzyme-containing species EX; (i =)= m) is a 
reactant. All of the possible combinations of 
n — 1 rate constants which conform to this require­
ment are present as numerator terms in the expres­
sion for (EX m)/[E ]0. The denominator of the 
expression for (E X m)/[E ]0 is the sum of the several 
different numerators.

A simple example will serve to illustrate this 
method. The mechanism in- ,,p. 
volves 3 enzyme-containing spe- —rr  = , , . , , , 
cies; thus each term in the ex- di k̂  ™  +
pression for the relative concentration of E, ES or 
EP contains 2 rate constants and the appropriate

h k3 h
E +  S ES EP E +  P

k2 ki k6
(1) The total stoichiometric concentration of the enzymatic sites is 

represented by [E]o; the concentration of a species is represented by its 
formula enclosed in parentheses. Since the present discussion per­
tains exclusively to sjrstems in which [E]o is very small compared to 
the concentrations of substrate, product, etc., their true concentrations 
are approximately equal to their stoichiometric concentrations.

(2) R. A. Alberty, J .  Am. Chem. S o c .,  75, 1928 (1953); footnote 7.
(3) (a) M. Bocher, “ Introduction to Higher Algebra,’ ’ The Mac­

millan Co., New York, N. Y., 1907, p. 43. (b) A. C. Aitken, “ Deter­
minants and Matrices,”  Oliver and Boyd, Edinburgh, 1939, Chap. 2.

(4) G. B. Kistiakowsky and W. H. R. Shaw, J. Am. Chem. Soc., 75, 
866 (1953).

concentration factors. The numerator terms can be 
obtained by the schematic method most simply if 
the mechanism is represented in triangular form

The terms are

kz

kz

The relative concentration of each enzyme-con­
taining species is proportional to the summation of 
three terms, the schematic representations of which 
are shown; the proportionality constant in each 
case is {(E) +  (ES) +  (E P )} -1. Thus, (E )/[E ]„ 
œ +  kjc  ̂ +  kjcs], (E S)/[E ]0œ +
hkiiS) +  fc4/c6(P){, ana (E P )/[E ]0 {/c2/c6(P) -j- 
*1*3(8) +  *>*«(P)}.

Since the net rate of production of product is
d(P) _  \h(EP) -  fc,(E) (P ) } [E]o 

di (E) +  (ES) +  (EP)

_________ {k .ik3h ( S )  — f a W P ) ) [ E ] 0__________________________
k3ks +  (S) (fel's +  kiki +  k\k3) +  (P) (k2ke +  k3k3 +  ktk3)

It is to be noted that the patterns of line seg­
ments which are the schematic representations of 
the three numerator terms in the expressions for 
(EX,-)/[E]0 are the same for each of the enzyme- 
containing species; these patterns differ only with 
the identification of the processes by the intro­
duction of the arrowheads. Therefore, the ex­
pression for the relative concentration of each 
enzyme-containing species in a reversible reaction 
involves the same number of numerator terms. 
If a particular reaction is being studied under 
concentration conditions such that it is a great 
distance from equilibrium, the negative term(s) 
in the numerator of the complete rate expression 
may be dropped; the condition that the reaction is
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far from equilibrium does not, however, allow the drop­
ping of any of the denominator terms.6 The common 
procedure of dropping all (P) containing terms 
in treating initial velocity data may be a satisfac­
tory practice but it cannot be justified solely by 
the fact that the reaction is a great distance from 
equilibrium. Thus, the complete rate law for the 
mechanism given above, when applied to a uni­
directional reaction, incorporates provision for the 
frequently observed competitive inhibition by the 
product.6

It is of interest that one can use elementary 
probability considerations to compute the total 
number of combinations of n — 1 rate constants 
(and associated concentration factors) which are 
present in the expression for the relative concen­
tration of each EX». If the mechanism involves 
m reversible steps interconverting the n different 
EX j’s, the total number of combinations of the m 
steps taken n — 1 at a time is

mCn-1 = t------... ,m'------- . ... (1)

Of this total number of combinations, some may 
contain cycles of reaction steps. Combinations 
containing cycles are not included since such com­
binations do not conform to the previously stated 
requirements. For every cycle consisting of r 
steps (2 r n — 1), there are

r  _  _________ (m -  r)l_________
“  r " 1 r {n — 1 — r)! (to — n +  1)!

combinations which involve this cycle and which, 
therefore, must be subtracted from the total. As 
an example of the use of these equations, let us 
calculate the number of terms in the numerator of 
the expression for the relative concentration of each 
enzyme-containing species in the modifier mecha­
nism which has been treated by Botts and Morales,7 
and which is outlined in the accompanying paper.8 
This mechanism can be represented

EM
in which each line represents a reversible step. 
For this mechanism, n =  4, to =  6, and r =  2 
for each of 2 cycles; thus the total number of 
terms in the expression for relative concentration of 
each EX, is

(5) In terms of the example being discussed, the condition that the 
reaction is a great distance from equilibrium means that &i&3&6(S) > >  
&2&4&6(P). That this condition does not eliminate any denominator 
terms follows from considering the number of rate constants which 
are present in each denominator term. The relative magnitudes of the 
various denominator terms are not directly related to the thermo­
dynamics of the over-all reaction, S = P.

(6) H. T. Huang and C. Niemann, J. Am. Chem. Soc., 73, 1541 
(1951).

(7) J. Botts and M. Morales, Trans. Faraday Soc., 49, 696 (1953).
(8) E. L. King, T h is  Jou rn al , 60, 1378 (1956).

Each pattern corresponds to a term in the 
numerator of the expression for the relative con­
centration of E, ES, EM or EMS.9

It must be noted that for some mechanisms there 
may be combinations of n — 1 line segments which 
involve more than one cycle. Thus equation 2 for 
calculating the total number of combinations which 
involve a cycle will count a combination containing 
w cycles w times and, thus, must be used with care 
to assure that such a combination is subtracted 
from the total (given by equation 1) only once.10

The Basis for the Schematic Method.— The basis 
for the schematic method of deriving the rate law 
for an enzyme-catalyzed reaction can be found in 
the determinant solution, i.e., Cramer’s method,3 
for the relative concentration of each particular 
EX,-. Let us consider the most general case of a 
reaction scheme involving n enzyme-containing 
species, each of which can be converted to every 
other enzyme-containing species, EX*. We have 
the n steady-state equations of the form

-  £  «a
3 = 1

(EX,-)
[E]„ £  -

y=i
(EX,-) 

‘ [E]o
= 0 (3)

where k,,- stands for the product of the rate constant 
and associated concentration factors (not including 
concentrations of enzyme-containing species, how­
ever) for the reaction which converts EX, to EX,-. 
The use of this double subscript is a convenience in 
connection with the determinant notation which 
is to be used.11 If more than one reversible step

(9) An appendix dealing further with this mechanism will be sent 
upon request.

(10) One can keep track of the combinations by numbering the m 
equilibria with the numbers 1 to to; it is easy, then, to compile a list of 
the m.Cn— i combinations from which one can delete those containing 
one or more cycles.

(11) This notation has been used by F. A. Matsen and J. L. Franklin, 
J. Am. Chem. Soc., 72, 3337 (1950).
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interconverts a particular pair of enzyme-contain­
ing species, e.g., EX S and EX„, both kp& and Ktp are, 
in reality, the summations of the two or more k’s 
for the interconversion of these species, Kij =  
2 ii 'i j ,  the n 'ij’ s  corresponding to the individual 
steps.

The relative concentrations of the EX»’s are 
related by the equation

E  (EXd/[E]„ =  1 (4)
i =  l

Simplicity of the determinant expression for the 
relative concentration of E X m results from re­
placing the steady-state equation for species E X m 
by equation 4 in setting up the n non-homogeneous 
linear equations. The use of Cramer’s rule for 
determining the relative concentration of E X m 
yields

2*1 ; *21 * • 0  •* * Knl
*12 — 2«2i • • 0  ■ • *712

i 1 r ~  1
(EXm) Kin *2n ' • 0  --  2K„j

[El — 2 ki,- *21 * * *7711 * *7ll

i i i i
Kin *£n ' ’ * *77171 2»/

It follows from Cramer’s rule and equation 4 that 
the denominator, which is the same in the expression 
for every (E X ;)/[E ]0 is the summation of the n 
different numerators. Thus only the numerator 
in this expression for (EX m)/[E ]0 need be con­
sidered; this numerator reduces to the (n — 1) 
by (n — 1) determinant

2 * i / *21 *31 • *7ll

*12 —  2 * 2  j *32 * * ’ • *712

*13 *23 —  2 Kij • '  * n 3

* lf » Kin * 3 »  — 2 * n /

there being no column with to as the initial index 
and no row with to as the final index. (In each of 
the summations which are the diagonal elements, 
the index j  assumes all possible values from 1 to n .) 
The index to, which corresponds to the sought for 
enzyme-containing species, occurs only as a final 
index in one term of each of the expanded diagonal 
elements; these diagonal elements will be repre­
sented as &ii, i.C.

n
an =  E  K'i  i ^  m 

j= 1

The solution of this determinant, which consists of 
a summation of products of n — 1 k’s (which will 
be called kappa products), includes only those 
combinations which conform to the rules already 
set down for the schematic derivation of the value 
of (EXm)/[E ]tt. The properties of determinants3 
lead to the following conclusions regarding (6).

(1) The column index m is not present in the 
determinant; thus no k corresponding to a reac­
tion in which E X m is the reactant appears in any of 
the kappa products.

(2 )  All k’ s  with the same initial index are in the 
same column; thus no kappa product contains a

combination . . . .  K,; K,-m . .  .. ,  the k’ s  for two reaction 
steps originating with the same species.

(3) Every k</ (i ^  m, j  ^  m) occurs two places in 
the determinant, once as a non-diagonal element 
and once in a summation an. Because of this, 
certain conclusions can be drawn regarding the 
kappa products which contain a cycle, e.g., . . . 
Kat . . .  Kt,c . . .  Kca . . .  . The sign of this kappa 
product will be ( — 1)“ +̂  where the value of a is 
determined by k’ s which are not involved in the 
cycle and /? is determined by the k ’s  which are 
involved in the cycle. If the cycle consists of p 
different k’ s , the value of ¡3 for the kappa product in 
which all of the k’ s in the cycle arise from diagonal 
elements will be an even number if p is an even 
number and an odd number if p is an odd number. 
The value of ¡3 for the kappa product in which all 
of the k’ s in the cycle arise from non-diagonal ele­
ments is determined by the number of interchanges 
of these k’ s , initially in an ordered sequence accord­
ing to the initial index, which are required to bring 
the second indices into their natural order; an 
odd number of such interchanges are required if p 
is an even number and thus the value of /? for this 
kappa product will be an odd number while an even 
number of such interchanges are required if p is an 
odd number and thus the value of ¡3 for this kappa 
product will be an even number. Thus, the kappa 
products which contain cycles are cancelled since 
two with opposite signs are always present. (It is 
of interest to note that the k’ s  in a cycle arise either 
all as non-diagonal elements or all from the ex­
panded diagonal elements.)

(4) In the fth column, are only k’ s with an initial 
index i; thus, every kappa product contains a k 
with each of the n — 1 possible values, i =  1 to 
i =  n with i m, as an initial index. In the jth  
row, however, are k’ s  whh every possible value of j, 
j  =  1 to j  =  n, as a final index. This is for the 
reason that each an contains all possible k, - /s 
(j  =  1 to n, j  9̂  i). Thus if the index to is not a 
final index for one of the k’ s  in a particular kappa 
product, every j  which appears as a final index is 
also represented as an initial index and thus the 
kappa product must contain at least one cycle. 
Such a kappa product will be cancelled by an identi­
cal one with opposite sign as demonstrated under
(3). If the index to is a final index for one or more 
of the k ’ s in a particular kappa product, one or more 
of the other possible j ’s will not be represented as a 
final index in this kappa product, but will, of course, 
be represented as an initial index. Thus, a se­
quence of reaction steps, represented in a kappa 
product, which terminates at E X m originates at the 
EX* with an i value not represented as a final index 
in the kappa product. A kappa product containing 
a sequence of steps terminating at E X m which 
also contains a cycle of steps will be eliminated 
under (3).

The conclusion regarding which kappa products 
in determinant (6) are not allowed can really be 
stated with simplicity; all of the kappa products 
which contain cycles of steps are eliminated and all 
of those which do not correspond to a sequence 
terminating at E X m do contain at least one cycle. 
The schematic method is, therefore, valid for
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deriving the rate laws corresponding to any 
enzyme-catalysis mechanism in which the only 
interactions considered are those involving the 
enzyme as one of the participants.

The use of the schematic method for deriving the 
rate equation for enzyme-catalyzed reactions 
renders the treatment of a completely reversible 
reaction as simple as that for a more limited case.

Since, as has been mentioned earlier, the condition 
that the reaction is being studied at a distance 
from equilibrium eliminates only the negative 
numerator terms and does not eliminate (P) con­
taining terms, per se, it seems desirable to derive 
the rate law on the basis of complete reversibility 
and then proceed to drop terms which are unim­
portant under the conditions being employed.

UNUSUAL KINETIC CONSEQUENCES OF CERTAIN ENZYME CATALYSIS
MECHANISMS1
B y  E d w a r d  L. K i n g

Department of Chemistry, University of Wisconsin, Madison, Wisconsin 
Received April 2, 1956

The simple consequence of the absolute rate theory that the composition of the activated complex for a reaction is given 
by the form of the rate law does not apply to all limiting rate expressions arising from certain mechanisms for enzyme- 
catalyzed reactions. These unusual limiting cases may arise in mechanisms with more than one pathway for producing 
product (and regenerating the enzyme). Such unusual cases do arise if (a) the enzyme is predominantly present as an inter­
mediate which is part of a reaction pathway via which most of the product is not being formed and (b) the predominant form 
of the enzyme is not in equilibrium with any intermediate along the reaction pathway via which most of the product is being 
formed. Alternate pathways in enzyme-catalyzed reactions cannot, therefore, be considered to be independent of one an­
other as is true for alternate reaction pathways in uncatalyzed reactions.

Although steady-state kinetic data fall far short 
of completely establishing the mechanism for a 
chemical reaction, it is generally assumed that the 
order of the reaction with respect to each particular 
reactant gives the number of reactant molecules or 
ions which are incorporated into the activated 
complex for the reaction. This simple and useful 
conclusion of the absolute rate theory2 is a conse­
quence of the activated complex being essentially 
at equilibrium with the reactants.3 In the usual 
Michaelis-Menten mechanism for an enzyme- 
catalyzed reaction, the reaction is first order with 
respect to the substrate at low substrate concentra­
tions where the enzyme is predominantly present 
as E and is zero order with respect to the substrate 
at high substrate concentrations where the enzyme 
is predominantly present as ES. Throughout the 
entire concentration range, the activated complex 
has the composition ES*, and thus the order of 
the reaction with respect to substrate is numerically 
equal to the average number of substrate molecules 
which must be added to the enzyme species to give 
E S*.4 It is the purpose of the present article,

(1) Presented at the 129th National Meeting of the American Chemi­
cal Society, Dallas, Texas, April 8-13, 1956.

(2) S. Glasstone, K. J. Laidler and H. Byring, “ The Theory of 
Rate Processes,”  McGraw-Hill Book Co., New York, N. Y., 1941, p. 
200.

(3) B. J. Zwolinski and H. Eyring, J. Am. Chem. Soc., 69, 2702 
(1947).

(4) It should be noted that the mechanism: E E ', E ' +  S ?=* E 
+  P, which bears a formal resemblance to that suggested by G. 
Medwedew (Enzymologia, 2, 53 (1937)), yields the same rate law as the 
Michaelis-Menten mechanism. In this mechanism, a “ special”  form 
of the enzyme E ', perhaps a particular configuration of the enzyme, 
reacts with the substrate to convert it to product. At low concentra­
tions of substrate, equilibrium in the first reaction is maintained and 
the second reaction is rate determining. At high concentrations of sub­
strate, the fate of almost every E ' is reaction with S and the first re­
action is rate determining. Thus the reaction goes from first order in 
substrate to zero order in substrate because the activated complex is 
ES 4= at low substrate concentration and is E ^  at high concentration of

however, to point out that certain slightly more 
complicated mechanisms allow the realization of 
limiting cases for which the order of the reaction 
and the composition of the activated complex are 
not so simply related. The mechanisms which 
allow these unusual consequences are enes in which 
the product can be formed (and the enzyme re­
generated) by two or more pathways. If the enzyme 
is predominantly in a form which is an intermediate 
along one of the reaction paths at the same time 
that most of the product is produced via another 
reaction path, the unusual cases may arise.

The steady-state rate law corresponding to an 
enzyme catalysis mechanism is, in general, a 
quotient of two summations of terms. A general 
investigation of all possible limiting cases which 
this rate law can encompass involves considering 
the meaning of each numerator term coupled with 
each denominator term. That is, appropriate 
values of the rate constants and concentrations 
make one particular numerator term more im­
portant than all of the rest. Under such conditions, 
certain of the denominator terms can be important 
compared to all of the others and certain de­
nominator terms cannot be important compared to 
all of the others. The physical significance of the 
allowed limiting cases can be discerned by consider­
ing the rate constants and concentration factors of 
the quotient of one numerator term and one de­
nominator term. This can best be discussed in 
terms of some examples.

The steady-state rate law corresponding to the 
coenzyme mechanism
substrate. This mechanism can be distinguished from the Michaelis- 
Menten mechanism, however, by measurements at concentrations of 
enzymatic sites comparable to the substrate concentration. Through­
out this paper the customary concentration condition, a very low 
relative concentration of enzymatic sites, is assumed and thus the 
true concentrations of substrate, product, coenzyme and modifier 
are approximately equal to their stoichiometric concentrations.
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Ai(A) E A  \  fa(B)

E ]
A. fe fa /

fc6(B r^E B V fc8(A)

EAB E +  products

may be written as the quotient of two summations 
of terms, the coefficients of the concentrations in 
the numerator being products of four of the nine 
rate constants6'6 and in the denominator the co­
efficients are products of three of the nine rate con­
stants. This rate equation is

^  = [fafafakf A)(B) +  fafafafa( A)(B) +  WcA/fcs(A)2(B)
-{- fafafafa(A)(B)2j / { fakik/A)2 -f- kifa.kf A)2 -j- fafafa(A)2(B) 

+  fafafa(B)2 -j- fafafa( B)2 -{- fak(>fa(A)(B)2 
-|- fafaks(A)lB) fcife*9(A)(B) -j- kik:{k:(A)(B)
-j- kifaka{A )(B ) -j- fafaka(A )(B ) -j- fafafatA)
4“ fafaka( A ) -f- kifafa{A) -|- fafafa(A)
+  h k M  A) +  fafafa^) +  h k M 'B )
4- kzfakfB) +  fafafa/B) 4“ fakdca{B)
-[- fajcifa -f- kikifa -j- k'zk-kt}

where [E]0 stands for the total concentration of en­
zyme and (A) and (B) stand for the concentrations 
of uncombined A and B.

It can be proved that 60 of the 96 possible 
combinations of numerator and denominator terms 
will not be important under any conditions. As 
an example consider the combination of the third 
term in the numerator and the fifth term in the 
denominator: If the third term in the numerator is 
dominant, it is large compared to the fourth term 
in the numerator, and thus the fifth term in the 
denominator cannot possibly be as important as the 
eighth term in the denominator. If 
{fafafakS(A )2(B)1 > >  [&3i;5&6&8(A )(B )2}, then fa(A) »  &e(B) 
and therefore

{ W c 9(A)(B)i »  ¡Wco(B)2) 
thus, the third term in the numerator and the fifth 
term in the denominator cannot be simultaneously 
the dominant numerator and denominator terms. 
The 59 other physically meaningless combinations 
can be proved impossible in a similar fashion; in 
some proofs, the equality fafafafa =  fafafafa must 
be used. Of the 36 remaining combinations of 
numerator and denominator terms, 32 are of a 
simple type; the coefficient of the concentrations 
in such a combination is a single rate constant or the 
product of an equilibrium constant and a rate 
constant. An example is the quotient of the third 
term in the numerator and the eighth term in the 
denominator, which is

’f - 5 [E]o(a )

with a coefficient that is the product of an equilib­
rium constant 7c8//c9 and a rate constant fa. This 
limiting case (the third term in the numerator and 
the eighth term in the denominator are the terms 
of predominant importance) corresponds to the 
dominant form of the enzyme being EB and the 
rate-determining step being the one with the rate 
constant fa. The equilibrium constant fa/fa is for

(5) L. I. Ingraham and B. Makower, T his Jou kn al , 58, 266 (1954).
(6) This rate law has been derived without taking into account the 

reverse reaction; it is applicable, therefore; only if applied to a reac­
tion which is proceeding irreversibly and also is not subject to inhibi­
tion by product.

the reaction which converts the dominant form of 
the enzyme, EB, into the reactant of the rate­
determining step, EAB.

The four remaining combinations cannot be 
eliminated and yet they are not amenable to such a 
simple interpretation. The four unusual combina­
tions are those involving the third term in the 
numerator with the fourth or twentieth terms in 
the denominator and the fourth term in the 
numerator with the second or fifteenth terms in the 
denominator. They are

Rate ftifcs (A )2 (b) Rato __ kikgks
lEJo fa (B) Lidio k 2/C6

Rate fafa (B )2 (d) Rate _  kdk&ks
L-KJo fa (A) lidio kik-i

The second-order dependence upon A (or B) is 
surprising since no activated complex in the entire 
reaction mechanism contains two more A molecules 
(or B molecules) than are associated with any 
possible form of the enzyme. The physical sig­
nificance of these unusual limiting rate expressions 
is clarified by a numerical example. If the con­
centrations of A and B are each unity and the rate 
constants have the values fa =  106, fa =  102, fa =  
106, fa =  102, fa =  106, fa =  104, k7 =  1 , f a  =  102 
and fa =  10-2, the situation which exists cor­
responds to the unusual combination (a). (The 
units of concentration and the dimensions of the 
rate constants are not given; they are arbitrary 
but must be consistent.)

(1) The numerator jerm fafafafa(A)2(B) is at 
least 100-fold larger than each of the other 3 
numerator terms.

(2) The denominator term fafafa(B) 2 is at least 
100-fold larger than each of the other 23 de­
nominator terms and accounts for 97% of the total 
numerical value of the denominator.

(3) Approximately 97% of the enzyme is present 
as EB, 1% being present as each of the other 
enzyme species, E, EA and EAB.7

(4) Approximately 99% of the reaction occurs via 
the pathway

E c > EA c > EAB — >• E +  products

(5) The relative concentration of E, the enzyme 
species which is a reactant in the rate-determining 
step, is given by

(E) _  (E) U A )
[E]0 -  (EB) fce(B)

involving the ratio fa/fa which is not an equilibrium 
constant. The numerator, fa(A), is the specific 
rate of a process which converts the predominant 
form of the enzyme EB into a form EAB which 
rapidly yields E, thus making it available for the 
important reaction pathway; the denominator, 
fa(B), is the specific rate of a process which con­
verts E into the predominant form of the enzyme 
EB thus making it unavailable for the important 
reaction pathway. Thus, even though the acti­
vated complex E A * be essentially in equilibrium 
with E and A, the reactants from which it is 
directly formed,3 it is not in equilibrium with the

(7) The summation of denominator terms to which the relative
concentration of EB, (EB)/[E]o, is proportional is {A:3̂ bA;6(B)2 +
&3&6&9(B)2 +  ftl&3&o(A) (B) -f- &2&4&o(B) +  +  &2&6&9(B)) .
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predominant form of the enzyme, EB, and this is 
of great importance in connection with the rela­
tionship between the composition of the activated 
complex and the form of the empirical rate equation 
which involves the stoichiometric concentrations of 
the enzyme [E’0 ([E]0 =  (EB)).

Case b differs from case a in that the step EA 
^B) EAB is rate determining. Cases c and d 
are analogous to a and b with the predominant 
form of the enzyme being EA and most of the 
product being produced via the pathway

E c > EB c > EAB — 5» E +  products

Another mechanism which provides more than 
one pathway for the formation of the product is the 
modifier mechanism

ki kx
E +  S ES Z ^ A  E +  P

ÌC2 ky
k&

E +  M ^ z A  EM
ki
ky

ES +  M Z^A: EMS
ki

h  ka
EM  +  S Zi=A EMS ^ A  EM  +  P

ki kp
which has been treated extensively by Botts and 
Morales.8 The rate law derived from this mecha­
nism with the allowance for reversibility9 is a 
quotient with twelve positive terms in the numer­
ator (and, of course, twelve negative terms) and a 
forty-eight term denominator. Thus, considering 
only the forward reaction (i.e., considering only 
the concentration conditions (S)/(P) > >  /c2fcy//c,fcx), 
there are 12 X 48 =  576 combinations of numerator 
and denominator terms.10 Of these, 434 can be 
shown to be impossible; i.e., the particular numer­
ator and denominator terms cannot be dominant 
under the same conditions.11 A total of 112 of 
the combinations have simple physical significance; 
the coefficient of the concentrations is a single rate 
constant or the product of an equilibrium constant

(8) J. Botts and M. Morales, Trans. Faraday Soc., 49, 696 (1953).
(9) E. L. King and C. Altman, T his Jou rn al , 60, 1375 (1956).
(10) An appendix summarizing the physical significant combina­

tions will be sent upon request.
(11) In the elimination of these impossible combinations, the 

equalities kikzkzki =  fefeWs and kiksk^kx =  kzkikaky were used. Fur­
ther, although the inequality &i&x(S) > >  &2&y(P) which corresponds 
to the reaction proceeding unidirectionally eliminates only the nega­
tive numerator terms from the complete rate law, it does, if a certain 
numerator term is predominant, aid in eliminating certain denominator 
terms. (It is to be noted that (P)-containing terms remain in the 
numerator even under the condition that the reaction is proceeding

, , ky
unidirectionally.) For this particular mechanism, the steps E +  P —> 

k&
ES and EM +  P —> EMS must be included if the principle of micro­
scopic reversibility is not to be violated. Thus, the sequence of steps

*»(S) fc,(M) ka
E ~  ES ^ ^  EMS — ^ EM  +  P

/f’2 ki
provides a pathway for formation of EM but no way for EM to yield

k(j
E +  M ; the inclusion of EM +  P —■> EMS rectifies this physically im­
possible situation in conformity with the principle of microscopic re­
versibility.

and a rate constant. These limiting cases cor­
respond to the activated complex for the reaction 
being in equilibrium with the predominant form 
of the enzyme.12 The remaining 30 limiting cases 
are unusual in the sense that the activated complex 
is not in equilibrium with the predominant form of 
the enzyme and the composition of the activated 
complex is not necessarily given by the concentra­
tion dependence of the rate. Twenty-six of these 
unusual limiting cases are similar to the 4 which 
arise in the coenzyme mechanism5 already dis­
cussed. The larger number of unusual cases for 
modifier mechanism arise because there is the 
possiblity of two enzyme species not being inter­
mediates which are a part of a reaction pathway 
(i.e., EM and EMS are not intermediates on the 
pathway E ES E +  product, and E and ES 
are not intermediates on the pathway EM  
EMS «=* EM +  product). It is for this reason, 
also, that 4 unusual cases can arise which are not 
suggested by analogy with the simpler coenzyme 
mechanism. These cases may arise when the two 
species which are not intermediates on the im­
portant reaction pathway are not in equilibrium 
with one another or in equilibrium with an inter­
mediate on the important reaction pathway or 
rapidly converted to such an intermediate. One 
of these unusual limiting cases is

1 d(P) kxk M  S)2
[E]o di ~  k8k a (M )

this limiting case corresponds to the physical situa­
tion: (a) the enzyme is predominantly present as 
EM, (b) the product is produced predominantly by 
the pathway

H  S) kx
E -------A  ES — E +  P

with the first step rate determining, (c) the process
kg

E +  M — EM retards the reaction since it con­
verts E into the predominant form of the enzyme,
(d) the species EMS, which furnishes enzyme to

kt
the reaction pathway via the process EMS ES

*e(S)
+  M, is formed from EM via the process E M -----»-

ka
EMS and yields EM via the process EMS —> EM 
+  P. The limiting rate expression is thus ration­
alized; the concentration of E, the reactant in the 
rate-determining step, is determined by the relation­
ship

(E) _  (E) k M S )
[E]o ~  (EM ) W M )

(12) Among the usual limiting cases is the interesting one in which 
the rate is proportional to (P)

_ l_ d ( P )  =  hjk/jkx (P) 
[E]o di k3ka (M )

Kx
this corresponds to the rate-determining step being ES —=*- E +  P with 
the concentration of ES governed by the equilibrium expression

(ES) _  (ES) _  kjcts(P) 
[E]„ -  (EM ) k3ka( M )

EM being the predominant form of the enzyme.
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in which the coefficient kiks/kgka is not an equi­
librium constant.13

For the usual limiting cases, the activated com­
plex is in equilibrium with the predominant form of 
the enzyme and even though the apparent rate 
constant is a composite of several rate constants, 
the temperature coefficient of the apparent rate 
constant is related to the enthalpy difference be­
tween the activated complex and the reactants. 
For the unusual limiting cases, such is not true; 
the temperature coefficient of the apparent rate

(13) A set of numerical values of the concentrations and rate con­
stants which yields this unusual limiting case is: (S) =  (M) =  (P) = 1, 
kx = 10», k2 = 1, hi = 103, k 4 = 103, fa = 1, fa = 103, fa = 10-i, fa = 
IQs, ka =  105, kp = 10“*, kx = 109 and fcy = iqt.

constant is not directly related to the enthalpy 
difference between the activated complex and the 
reactants.

If an uncatalyzed reaction (or a catalyzed reac­
tion in which no significant amount of the catalyst 
is tied up as reaction intermediates) proceeds via 
more than one pathway, these pathways are com­
pletely independent. This is not true for catalyzed 
reactions in which a significant fraction of the 
catalyst (which is a catalyst for two or more of the 
pathways) is tied up as intermediates. The 
alternate pathways cannot, under such conditions, 
be viewed as independent and unusual kinetic 
consequences of the type outlined may arise in 
reactions which follow such mechanisms.

TRANSFERENCE NUMBERS IN MOLTEN SALTS
B y  B e n s o n  R .  S u n d h e i m

Washington Square College, New York University, New York, N. Y.
Received April 5, 1956

It ia shown that the transference numbers of the species in a pure molten salt measured in any particular experimental 
arrangement may be calculated in terms of the relative masses and boundary conditions. In particular the transference 
number measured in the “ bubble cell”  type of experiment is tA =  M s/(M a +  M b).

A pure molten salt cannot sustain a concentra­
tion gradient. For this reason, the experimental 
arrangement usually employed in measuring Hittorf 
transference numbers can give only certain results. 
The forces imposed by the walls of the cell or by 
gravity cause the transference number of the species 
to which the electrodes are reversible to appear to 
be unity.1 It has been suggested2’3 that an ex­
perimental arrangement which obviates the effect 
of gravity would enable more realistic transference 
numbers to be determined. Transference num­
bers in this sense would be based on the mobility 
of each ionic species “ with respect to the bulk of 
the liquid.”

Following suggestions put forward by several 
authors, experimenters2’3 carried out electrolyses 
in cells so delicately constructed that lateral 
motion of the fluid within the cells could be de­
tected. For example, in the cell pictured in Fig. 1 
it was observed that electrolysis between electrodes 
reversible to the cations was accompanied by an 
increase in the volume of the cathode compart­
ment and a corresponding decrease in the volume 
of the anode compartment. The interpretation 
heretofore made of this phenomenon was as follows: 
the volume change in the cathode compartment per 
equivalent of charge is due to the equivalent 
volume of the metal discharged at the electrode 
minus the equivalent volume of salt lost by the 
electrolysis plus t+ equivalent volumes of salt due 
to migration into this compartment. After cor­
recting for the volume changes at the electrode, 
there yet remains a decrease in volume equal to 
1 — t+ =  t-  equivalent volumes of electrolyte.

(1) K. E. Schwarz, Z. Elektrochem., 45, 740 (1939).
(2) S. Karpachev and S. Pal’guev, Zhur. F iz. Khim., 23, 942 (1949).
(3) F. R. Duke and R. Laity, J. Am. Chem. Soc., 76, 4046 (1954); 

F. R. Duke and R. Laity, T his Jo u r n al , 59, 549 (1955).

It is the purpose of this communication to 
demonstrate that simple considerations about the 
conservation of momentum lead to definite pre­
dictions about the relative motions of parts of such 
cells as measured in any particular arrangement 
and hence to predictions of the quantities which 
have been called transference numbers.

Fig. 1.—An electrolysis cell. The arrows show the motion 
of the ions in the various parts of the cell. For simplicity 
the figure shows the motion after any necessary corrections 
for volume changes at the electrodes are made.

Since a crucial concept in the following is the 
balance of momentum, we begin with the following 
thought experiment. Consider two separate 
masses of different fluids, each of which has any 
given momentum. Any type of interaction be­
tween the two species is permitted. The samples 
are allowed to collide in any way, with any sort of 
mixing process. The final momentum of the 
mixture must equal the sum of the initial momenta. 
Of course, kinetic energy is not conserved in such 
an inelastic collision unless heat is included in the 
kinetic energy balance. In short, the interaction 
of the two species according to any viscous dis­
sipative process does not disturb the momentum 
balance.

A second important point is that the application 
of a homogeneous electric field to any neutral
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sample of matter does not lead to any net body 
force. Although one part of a fluid may move 
with respect to another, momentum of an elec­
trically neutral set of charges is conserved in a 
homogeneous field.

Finally, the concept of the flux of momentum in 
a chemical reaction must be discussed. For con­
venience we limit ourselves here to incompressible 
liquid systems. Whenever there is a volume 
change in a chemical reaction the chemical species 
come into (or out of) existence so to speak by 
thrusting their way against the fluid already exist­
ing. This process creates motion and hence kinetic 
energy but no net force and no net momentum. 
If the reaction is heterogeneous, taking place at an 
electrode for example, the momentum of the elec­
trode must be taken into account.

Fig. 2.—Three types of cells. The arrows show the motion 
of the ions. For simplicity the figures show the motion after 
any necessary corrections for volume changes at the elec­
trodes have been made.

Consider the cell shown in Fig. 1. The elec­
trodes are represented as sources adjusted so as to 
produce an ionic species at rates equal in mag­
nitude and opposite in sign. The ends of the cell 
are open, gravity being considered absent and the 
cell walls of negligible mass. The liquid is incom­
pressible and slips freely along the cell walls. 
There are two ionic species and the electrodes are 
reversible to the species A. The flow pattern is as 
shown in the figure. The superscript i or o serves 
to distinguish between portions of the fluid between 
the electrodes (i) and outside of the electrodes (o). 
The subscript E refers to the electrodes. There is

a porous plug (subscript P) inserted in the cell 
between the electrodes. It floats freely and be­
cause of the friction of the moving fluid has the 
mass average velocity of the fluid between the 
electrodes. All velocities are measured with refer­
ence to a coordinate system fixed in the laboratory. 
In the event that complex species are formed by 
the ions, respective velocities of the two com­
ponents denote the appropriate number average 
velocities.

The conservation of momentum then requires

M  aV  +  M  nb'B° +  M a'Va' +  IF b'^b1 +
M eVe +  Mpi [■ =  0 (1)

The equation of continuity for each species re­
quires that the material lost by a source appear in 
the liquid. Electroneutrality requires that the 
boundaries of the two species remain coincident. 
These conditions lead to the equations

V.\' — Va ° =  q
vb1 — fB° = 0 (2)
V \ °  =  !>B° =  V b  

Vp =  v‘

where q is the strength of the source. It may be 
expressed in terms of the current density, the 
dimensions of the cell and the molar volume of 
the salt and it represents the volume swept out per 
cm.2 of cross-section per second by material issuing
from the source. The mass average velocity, v1 
of the liquid between the electrodes is defined by

-?  M a’Va1 +  Mb'Vb' , qn

8 = - M S  +  MJ (3)
Making the appropriate substitutions into equa­
tion 1, the conservation of momentum is dis­
played in the form
M \°vb +  M b°vb +  M  A'(g +  Vb) +  M b'Vb +  M eVe +

M aKq■ +  Vb) +  M b'v3 =  (4)
M a ' +  M b'

The masses and the strength of the source are
given so that equation 4 serves to determine vb

in terms of Ve- In each experimental arrangement
a further relation between v-b and ve is given, 
thus determining the motion of all parts of the cell 
and consequently determining the motions upon 
which transference number calculations are based.

The three experimental arrangements com­
monly used are shown in Fig. 2.

The ordinary arrangement of an electrolytic cell, 
Fig. 2A, is exposed to the leveling effect of gravity. 
The porous plug is omitted and the experimentally
observed quantities are of course wb! 

â1 — v-e. In this case
M b =  M a °  =  M b "  =  0

i>n — i>e = 0 
» a — vE ~  q

ve and

(5)

a  =  (va' -  vF,)/q =  1
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The experimentally observed quantity is vb — v' 
after correction has been made for the volume 
change of the electrodes.

vB — v' =

Vb (MV +  Mb') — M a' (q +  fn) — Mb'vb' _  — qMa 1_
M  a ' +  M b ' M  a ' -f- M b '

tB = 0 b - 7 b) /( - ? )  = (g)

The arrangement of Figure 2C requires that 
= vb- The experimentally observed quantity 

Ma° = Mb° = 0
v E =  Vb

vB — v' — q M A/ (M ,.  +  M b) 
tn =  M  a/ {M  \ +  M b )

The arrangement of Fig. 2B constrains the elec­
trodes and the porous plug to zero relative velocity. is vb — v'.

In addition to the motions described by the 
above relations certain other effects can have a 
bearing on the net motion. The extent of fric­
tional drag in cells of type B is one such factor. 
Electrophoresis in the plug or along the walls is 
another. The quantities calculated above thus 
have the character of ideal results. The significant 
result is that the analysis of the relative motion of 
parts of an electrolysis cell does not yield informa­
tion about the structure of the liquid. It is there­
fore seen that transference numbers in pure molten 
salts have little significance.

It is a pleasure to acknowledge assistance to a 
portion of this work by the United States Atomic 
Energy Commission.4

(4) Several workers have been kind enough to show me their experi­
mental results before publication. At the time of writing no set of 
experimental results agrees with the results of this study or with the 
results of any other work.

KINETICS OF THE REACTION BETWEEN CHROMATE AND ARSENIC 
TRIOXIDE IN ALKALINE MEDIUM. INDUCED REDUCTION OF OXYGEN

BY THIS COUPLE1
By I. M. K o l t h o f f  a n d  M o r t o n  A. F i n e m a n 2 

Contribution frcm the School of Chemistry, University of Minnesota, Minneapolis, Minnesota
Received April 12, 1956

The oxidation of arsenic trioxide by potassium chromate in alkaline medium in the absence of oxygen has been found to 
be first order with respect to bo^h the chromate ion and arsenic trioxide. The average value of the second order rate con­
stant at 30° in solutions of pH 9.1 and ionic strength of 1.75 was found to be 1.61 (±0 .0 8 ) X  10-3 liter mole-1 sec.-1. This 
rate constant is independent of hydrogen ion concentration at pH greater than 9.1 and increases with hydrogen ion concen­
tration at pH smaller than 9.1. The chromate ion-arsenic trioxide reaction induces the reduction of oxygen (by arsenic tri­
oxide) in alkaline medium. The induction factor at 40° was found to be a function of both the pressure of oxygen and the 
concentration of the chromate ion but apparently independent of arsenic trioxide concentration. A limiting induction 
factor of 4 /3 was obtained. A mechanism has been proposed to account for the kinetic and the induction factor data.

The initiation of polymerization of styrene, 
acrylonitrile, methyl isopropenyl ketone and buta­
diene-styrene mixtures by the alkaline chromate 
ion-arsenic trioxide system has been successfully 
accomplished in this Laboratory.3 An under­
standing of the mechanism of the over-all reaction 
(equation 1) between chromate and arsenic tri­
oxide in alkaline medium and of the initiation of 
polymerization by this system is desirable.
4Cr04“  +  3As203 +  10H2O — 4Cr3 +  3As20 5 +

20(OH)-  (1)
There are several experimental techniques avail­

able for studying the mechanism of initiation. 
These methods include: (1) the determination of 
the stoichiometry of the chromate ion-arsenic 
trioxide reaction in the absence and presence of 
the polymerizable monomer, (2) a kinetic investiga­
tion of the reaction in the absence and presence of 
monomer, (3) the identification and quantitative

(1) This work was carried out under the sponsorship of the Federal 
Facilities Corporation, Office of Synthetic Rubber, in connection with 
the Synthetic Rubber Program of the United States Government.

(2) Department of Chemistry, Providence College, Providence, 
R. I.

(3) I. M. Kolthoff and E. .1. Meehan, J. Polymer Sci,, 9, 327 (1052).

determination of the initiating fragment which is 
formed in the chromate ion-arsenic trioxide reac­
tion and is tied up in the polymer, and (4) the in­
vestigation of other induced reactions involving 
the chromate ion-arsenic trioxide primary reaction 
in alkaline medium. With respect to the last 
method it should be pointed out that the initiation 
of polymerization with this oxidation-reduction sys­
tem is an example of an induced chain reaction.4

In the present paper we describe a kinetic study 
of the oxidation of arsenic trioxide by chromate ion 
in alkaline medium in the absence of monomer, 
and the investigation of the stoichiometry of the 
induced reduction of molecular oxygen by the 
chromate ion-arsenic trioxide reaction in alkaline 
medium. The induced reduction of oxygen was 
chosen since the results will be useful not only for 
the interpretation of the mechanism of the primary 
reaction but for an understanding of the effect of 
oxygen in polymerization initiated by the above 
system.

Experimental
Materials.— Baker A .R . grade potassium chromate was
(4) A. I. Modalia, Anal. Chem,, 27, lfi78 (1955).
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recrystallized from conductivity water and dried between 
135 and 170°. Two batches prepared in this manner were 
analyzed for chromate by iodometric titration.6 The an­
alyses for potassium chromate were Batch A, 99.7 ±  0.1%, 
and Batch B, 99.6 ±  0.1% . Merck primary standard 
arsenic trioxide and all other chemicals of A .R . grade were 
used without further purification.

Analyses.— In stoichiometric investigations of induced 
reactions involving chromate ion and arsenic trioxide both 
substances must be quantitatively determined. The ar­
senic trioxide was determined by amperometric titration 
with iodine6 in solutions buffered with borax at zero applied 
voltage. Chromate ion was determined polarographically 
at —0.80 volt (vs. S.C.E.) at a dropping mercury electrode.7 
The polarographic analysis gave a reproducibility within 4%  
even in the presence of the other constituents of the system.

Kinetics
Procedures.— The effects of the concentration of chro­

mate ion, concentration of arsenic trioxide, pH, chromic 
ion and arsenic pentoxide on the rate of reaction were stud­
ied. The solutions of chromate ion and arsenic trioxide 
containing buffering agents, potassium nitrate and other 
reagents were made up for each run so that on mixing the 
ionic strength was 1.75 (± 0 .1 0 ) moles/liter. The initial 
concentrations of the reagents were calculated from the 
volumes and concentrations of their stock solutions and the 
final volume.

The solutions of arsenic trioxide and potassium chromate 
were deaerated at 30° for at least 15 minutes with tank 
nitrogen (99.5% ) which had been further purified through 
an alkaline pyrogallol train. One-hundred ml. of the 
chromate solution was pipetted into a 250-ml. reaction bottle 
and the bubbling of the nitrogen was continued. The reac­
tion was started by adding with a pipet 25 ml. of the arsenic 
trioxide solution to the reaction bottle. Zero time was 
taken when half of the arsenic trioxide solution had been 
added.

During the first 10 minutes samples of the reacting mix­
ture were withdrawn by pipet for the determination of the 
arsenic trioxide. The bottles were then closed with self­
sealing Buna-N gaskets held tightly by perforated metal 
screw caps. The remaining samples were removed with a 
calibrated ten-ml. syringe. The samples were run into 
about 120 ml. of cool borax solutions (0.04M) and quickly 
analyzed for arsenic trioxide. Even in the fastest reactions a 
negligible amount of arsenic trioxide was consumed by re­
action with chromate during the actual titration.

In the faster runs, nitrogen was bubbled through the 
solution during the entire course of the reaction and all the 
samples were taken with a pipet. With this procedure of 
removal of each aliquot the error in time was reduced to 
probably less than 30 seconds.

Most of the kinetic experiments were performed in solu­
tions buffered with borax (0.12 M ) to a pH of 9.1. In those 
experiments conducted at other pH values, the solutions 
were buffered with borax and HC1 for lower pH and with 
borax and sodium carbonate for higher pH.

Results.— By having the initial chromate ion 
concentration in sufficient excess over that of the 
arsenic trioxide concentration so that no appreciable 
change in chromate ion concentration occurred 
during the reaction, the determination of the order 
of the reaction with respect to arsenic trioxide is 
possible by the method of integration.8 By re­
peating such experiments in which the chromate 
ion concentration is altered (but is still in large 
excess), the order with respect to the chromate 
ion can be obtained. All the kinetic data are

(5) I. M. Kolthoff and E. B. Sandell, “ Textbook of Quantitative 
Inorganic Analysis,”  The Macmillan Co., New York, N. Y., 1943, p. 
624.

(6) I. M. Kolthoff and J. J. Lingane, “ Polarography,”  Interscience 
Publishers, Inc., New York, N. Y .t 1952, p. 946.

(7) J. J. Lingane and I. M. Kolthoff, J. Am. Chem. Soc., 62, 852 
(1940).

(8) K. J. Laidler, “ Chemical Kinetics,”  McGraw-Hill Book Co., 
Inc., New York, N. Y., 1950, pp. 13-18.

presented in Table I. As an illustration a few 
runs are plotted in Fig. 1.

T a b l e  I
K in e t ic  D a t a  f o r  t h e  C h r o m a te - A r se n ic  T r io x id e “
R e a c t io n  a t  30° in  t h e  A b se n c e  of  Ox y g e n  ( m =  1.75 

M o l e  L i t e r -1 )

M  A° M c ° M ° c r  + + +
(m l) (mil/) (m M )

1 0.586 81.6
2 1.171 81.6
3 1.171 81.6
4 1.171 163
5 1.171 245
6 4.554 163
7 1.161 80.3 0.781
8 1.172 162 1.04
9 1.168 163

10 1.164 82.3 3.18
11 1.174 163
12 1.174 163
13 1.174 163

M ° a s20s 
(in M ) pH

ki
(sec. -1 
X 10«)

(1.mole 1 
sec.-1 
X 10*)

9.1 1.23 1.51
9.1 1.26 1.55
9.1 1.24 1.52
9.11 2.68 1.65
9.08 4.06 1.66
9.1 2.81 1.73

0.588 9.1 1.25 1.56
0.781 9.1 2.60 1.60
6.0 9.1 2.77 1.70
2.39 9.1 1.12 1.36

8.33 3.94 2.42
9.82 2.89 1.78

10.56 2.47 1.50
° Explanation of symbols: M °c =  initial concentration of 

chromate ions in millimoles per liter; M °a =  initial concen­
tration of trivalent arsenic in millimoles per liter.

Employing the method of integration, the rate 
of reaction with respect to arsenic trioxide con­
centration was found to be first order for the initial 
40% of the reaction. After 40% had reacted, the 
first-order rate constant decreased slightly as the 
reaction proceeded. The data in Table I reveal 
that an eightfold variation in initial concentration 
of arsenic trioxide did not influence the initial rate 
constant.

From the data for runs 3, 4 and 5, the rate with 
respect to the chromate ion concentration can be 
shown to be first order within the experimental 
error.

Since DeLury9 has shown that the rate of oxida­
tion of arsenic trioxide by chromate in acid media 
is second order with respect to hydrogen ion con­
centration, it was of interest to find whether the 
rate was dependent on hydrogen ion concentration 
in alkaline media. By comparing the results of 
runs 11, 4, 12 and 13 in Table I in which the pH 
was altered from 8.3 to 10.6, it is seen that the 
rate is independent of pH above 9.0 while the rate 
constant for the run at 8.3 does appear to be 
significantly larger.

Since the rate law goes from second order with 
respect to hydrogen ion concentration in acid 
media to zero order at pH greater than 9.0, it 
seems that the actual rate law which would cover 
the entire range of pH must be a sum of terms each 
one having a different dependency on hydrogen 
ion concentration.10

It was of interest to find whether the products of 
the reaction influenced the rate in such a way as to 
account for the slight decrease in the rate constant 
as the reaction proceeded. From the runs 3, 7 and 
10, and 4, 8 and 9, there appears to be a small 
effect due to the products of the reaction. How­
ever, we feel that this effect is not large enough to 
account for the variation in rate constant as the 
reaction proceeded because the concentrations of

(9) (a) R. E. DeLury, T his Jou rn al , 7 , 239 (1903); (b) 11, 54 
(1907).

(10) J. O. Edwards, Chem . R evs., 50, 472 (1952).
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the products in the actual runs were too small to 
cause such an effect.

The second'order rate constants (/c2) have been 
included in Table I. The average value for &2 
for this reaction at 30° and at a pH of 9.1 at an 
ionic strength of 1.75 is 1.61 (±0.08) X 10-3 liter 
mole-1 sec.-1.

Induced Reduction of Oxygen
For discussing the induced reduction of oxygen 

by the chromate ion-arsenic trioxide reaction it is 
convenient to use the nomenclature of Luther and 
Schilow.11 The arsenic trioxide is the actor, 
chromate ion is the inductor and oxygen is the 
acceptor. The primary reaction occurring between 
the chromate ion and the arsenic trioxide induces 
the secondary reaction between arsenic trioxide and 
oxygen. The induction factor ( / f) is given by the 
ratio of the number of equivalents of the acceptor, 
oxygen (Eox), reduced divided by the number of 
equivalents of the inductor, chromate ion (ECr6), 
reduced.

Ii = Eoi/Ect6 (2)
Nearly a century ago Kessler12 discovered the 

induced reduction of oxygen by the chromate ion- 
arsenic trioxide reaction in alkaline medium. 
Except for a few experiments conducted by him, 
no further work has been reported in the literature 
on this system.

Procedure.— By measuring the amount of chromate ion 
and arsenic trioxide consumed in the induced reduction of 
oxygen, the induction factor can be calculated. For these 
stoichiometric experiments, most runs were performed in 
250-ml. bottles or modified Kolthoff-Medalia13 flasks. 
Several experiments were conducted in a Parr bomb cal­
orimeter in order that large pressures of oxygen could be 
used. A few other experiments were performed in an erlen- 
meyer flask.

The procedure varied slightly depending on the vessel 
used for the experiment. When using the Kolthoff-Medalia 
flasks, measured volumes of each solution were placed in 
the two separate containers of the flask. Oxygen was 
bubbled through a borax buffered (0.125 M )  solution 
containing potassium nitrate (1.50 M ) and then through the 
solutions in the vessel for at least 25 minutes. After sealing 
the vessel from the air with greased, ground glass stoppers, 
the vessel was placed in a 40° bath for at least 15 minutes. 
The time was noted after the solutions were thoroughly 
mixed by vigorous shaking.

When using the Parr bomb calorimeter, solutions of chro­
mate ion and arsenic trioxide saturated with oxygen at one 
atmosphere were mixed in a beaker placed in the bomb. 
The cover of the bomb was immediately tightened in place 
and the bomb was filled with oxygen under 10 to 15 at­
mospheres. The apparatus was then immersed in the 40° 
bath.

In the experiments performed in the 250-ml. bottles, the 
measured volumes of solutions of chromate ion and arsenic 
trioxide were mixed in the bottles and oxygen bubbled 
through the mixture for at least a half-hour at room tem­
perature. The bottles, after being sealed with Buna-N 
gaskets tightly held metal screw caps, were placed in the 
constant temperature bath and zero time noted. Since 
under the experimental conditions the reaction between ar­
senic trioxide and chromate is very slow at 25°, the amount 
of reaction which may have occurred during the bubbling 
period was negligible.

Because the reaction was extremely slow, the final con­
centrations of arsenic trioxide and chromate ion could be 
determined almost simultaneously. A 25-ml. sample of the 
reaction mixture was quickly added to a polarographic cell

(11) R. Luther and N. Schilow, Z. physik. Chem., 46, 777 (1903).
(12) F. Kessler, Fogg. Ann., 119, 218 (1863).
(13) I. M. Kolthoff and A. I. Medalia, J. Am. Chem. Soc., 71, 3777 

(1949).

0

Time in minutes.
Fig. 1 .— Rate of oxidation of AS2O3 by chromate at 30.0°;

n =  1.75 molar, pH 9.1,
M a 0 mM M  o°

o Run 1 0.586 81
A 3 1.171 81
□ 4 1.171 163
□ 5 1.171 245
V 6 4.554 163

in the 25° bath and bubbling of nitrogen was started. 
About five minutes later, two samples of the reaction mixture 
were added to 100 ml. of borax buffered solutions (0.04 M ) 
at room temperature and immediately titrated ampero- 
metrically with iodine to determine arsenic trioxide. As 
soon as this was accomplished, the diffusion current of the 
chromate was measured at —0.80 volt (as. S.C .E .). The 
total time involved for the analysis was about 25 minutes. 
The times listed in Table II below were recorded when the 
samples for arsenic trioxide determination were cooled and 
diluted.

Results.— According to the over-all equation 
for the oxidation of arsenic trioxide by chromate 
ion in alkaline medium (see equation 1) the theo­
retical reaction ratio of the number of atoms of 
arsenic to the number of chromium atoms reacted 
is 1.50. This reaction ratio was determined (see 
Table II, runs 1 and 2) to be 1.46. It was con­
cluded that the analytical procedures employed 
were satisfactory within a few per cent.

Several runs were made to verify the fact that 
no measurable amount of arsenic trioxide is oxi­
dized by oxygen in alkaline medium in the absence 
of chromate ion during the longest time the reac­
tions were studied. In the most favorable case 
for the oxidation of arsenic trioxide by oxygen 
(i.e., oxygen at 15 atmospheres above the solution) 
only 1.7% of the oxide had reacted after 71 hours. 
In those runs in which the oxygen pressure was 
smaller than 15 atmospheres, no measurable reac­
tion occurred. A small correction for direct oxida-
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T a b l e  I I
D a t a  on  th e  I n duced  R ed u c tio n  of Ox y g e n  b y  th e  A l k a l in e  C h r o m a te  I on - A rse n ic  T r io x id e  Syste m  

Msora* = 0.125 Ma, M kno3 = 1.50 AT, M = 1.75, t = 40.0°
Estim.

Run
Time,

br.

Oxygen
pressure
(atm.)

Reaction b 
vessel

M°Ca
( m l )

M° A 
(m M)

Mg
( m l )

Ma
( m i )

Eq. O, 
(meq./l.) i t i / i f

Estim. 
error 

in 1/7/
(Me/  
Pox) Av. 

mM/atm.
error in
(Me/

P ox) Av.

1 24 0.0 K  and M 5.60 5.94 2.73 4.02
2 53 0.0 K and M 5.60 5.94 3.48 5.02
3 70.5 0.2 Bottle 3.24 4.64 1.78 3.87 2.40 0.45 2.22 0.23 11.75 0.57
4 69.2 0.2 Bottle 2.59 4.64 1.49 3.54 2.61 0.59 1.69 .13 9.25 .34
5 70.5 0.2 Bottle 1.62 4.64 1.06 2.76 2.34 0.73 1.37 .07 5.45 .20
6 69.2 0.2 Bottle 1.30 4.64 0.88 2.39 2.14 0.81 1.23 .05 4.30 .15
7 29.5 0.2 Erlenmeyer 5.60 5.94 2.47 4.56 1.71 0.23 4.35 1.17 21.85 1.08
7 52.8 0.2 5.60 5.94 2.72 5.30 2.44 0.30 3.33 .61 21.20 0.90
8 24.0 1.0 K  and M 5.60 5.94 1.81 4.52 3.61 0.67 1.49 0.31 4.70 0.18
9 52.8 1.0 K  and M 5.60 5.94 2.21 5.56 4.49 0.68 1.47 0.22 4.50 .17

10 24.0 1.0 K  and M 1.62 5.94 0.72 2.12 2.08 0.99 1.01 0.10 1.26 .05
11 74.0 1.0 K  and M 1.62 5.94 1.18 3.67 3.80 1.07 0.93 0.04 1.03 .04
12' 24.0 1.0 Bottle 1.62 5.94 0.58 1.71 1.68 0.97 1.03 0.15 1.33 .05
13' 46.0 1.0 Bottle 1.62 5.94 1.01 3.04 3.05 1.01 0.99 .05 1.12 .04
14 71.8 1.0 K  and M 1.60 5.94 1.12 3.84 4.32 1.30 0.77 .03 1.04 .05
15 74.7 1.0 K  and M 0.56 5.94 0.46 1.53 1.69 1.23 0.81 .01 0 33 .01
16 118.0 1.0 K  and M 2.33 7.92 1.92 5.45 5.14 0.89 1.12 0.02 1.37 0.05
17 48.0 1.0 Bottle 1.08 7.92 0.84 2.75 2.98 1.21 0.83 .02 0 66 .02
18 138.0 1.0 Bottle 0.667 7.92 0.65 2.18 2.41 1.23 0.81 .01 0.34 .01
19 95.0 1.0 Bottle 0.540 7.92 0.52 1.71 1.86 1.19 0.84 .02 0.28 .01
20 95.8 1.0 Bottle 0.333 7.92 0.32 0.98 1.00 1.04 0.96 .04 0.17 .01
21 68.7 1.0 K  and M 13.00 18.60 8.04 18.13 12.14 0.50 2.00 0.15 8.97 0.33
22 65.5 1.0 K and M 10.35 18.60 7.71 17.50 11.9 0.51 1.96 .15 6.50 0.23
23 24.0 10 Bomb 1.62 5.94 0.68 2.11 2.18 1.04 0.96 0.10 0.13 0.01
24 114 15 Bomb 1.62 5.94 1.19 4.28 4.99 1.33 0.75 .02 0.07 0.003
25 161 15 Bomb 2.33 7.92 1.95 6.66 7.47 1.22 0.82 .01 0.09 .003

° Explanation of symbols: Me — conen. of chromate ion; M a — concn. of trivalent arsenic; Eq. 0 2 = equiv. of oxygen. 
The superscript “ o”  refers to initial state. b K  and M is a Kolthoff-Medalia flask. c Run at 35°.

tion has been made in the experiments conducted 
under 15 atmospheres of oxygen; in all other cases 
no correction was needed.

Three series of runs were made in which the initial 
concentration of arsenic trioxide and pressure of 
oxygen were the same in a given series while the 
initial chromate ion concentrations were varied 
(compare runs 3, 4, 5 and 6; and runs 8, 9, 10, 11, 
12, 13, 14 and 15; and runs 16, 17, 18, 19 and 20 
in Table II). In all cases, the induction factor 
increased, as the initial chromate ion concentra­
tion decreased.

In experiments in which the initial oxygen pres­
sure was varied it was found that increasing the 
oxygen pressure increased the induction factor 
(compare runs 24 with 10, 11, 12 and 13; runs 25 
and 16; and runs 7, 8 and 9).

The arsenic trioxide concentration did not appear 
to affect the induction factor.

It is well at this point to emphasize that the 
induction factors tabulated are average values of 
the induction factors determined at given times 
during the reaction period. All the essential in­
formation necessary for the determination of the 
induction factors is given in Table II.

Treatment of Data.— The.largest induction fac­
tor observed for the induced reduction of oxygen 
by the chromate ion-arsenic trioxide couple was 
1.33. As the conditions are altered to favor the 
induced reduction of oxygen, i.e., decreasing the

initial chromate ion concentration and increasing 
the oxygen pressure, the induction factor seems to 
approach a limiting value of the order of 1.33.

Assuming the error in the limiting induction 
factor is as much as ten per cent, and that the limit­
ing induction factor (7°f) is close to the maximum 
one observed, namely 1.33, then the 7°f lies be­
tween 1.20 and 1.50. In order to establish the 
correct limiting induction factor, other information 
must be brought to bear on deciding its value.

From the definition of the induction factor (see 
eq. 2), it is seen that the limiting value of 7f is a 
ratio of two integers. Furthermore, the limiting 
ratio of the number of molecules of oxygen con­
sumed to the number of molecules of chromate ion 
consumed (this ratio will be designated by p) 
must also be that of two integers. It seems reason­
able to assume that the mechanism of the coupled 
reaction is such that both ratios, 7°f and p°, are 
ratios of small whole numbers. From Table III 
one notices that when 7°f is 4/3 and p° is 1/1, both 
7°f and p° are composed of the smallest whole 
numbers for a limiting induction factor between 
1.20 and 1.50. Although Table III is not complete 
insofar as there are an infinite number of ratios of 
integers for 7f at values between 1.20 and 1.50, it 
can be easily demonstrated that any of those 
omitted will have values constructed from very 
large integers.
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T a b l e  III

V a r ia t io n  o f  R a tio  of Ox y g e n  to  C h r o m a te  C onsum ed  
( p ° )  a t  V a r y in g  V a lu e s  betvyeen  1.20 an d  1.50 o f  th e  

L im it in g  I n d uction  F a c t o r  I ° t
I°t p°

6/5 = 1.20 9/10
11/9 = 1 .2 2 1 1 / 1 2
5/4 = 1 .2 5 15/16
9/7 = 1 .2 9 27/28
4/3 = 1.333 1 / 1

11/8 = 1.38 33/32
7/5 =  1.40 2 1 / 2 0

10/7 = 1 .4 3 15/14
13/9 = 1.44 13/12
3/2 = 1 .5 0 9/8

A relation between the observed average induc­
tion factor and the ratio of the average chromate ion 
concentration to the average pressure of oxygen for 
a single experiment was derived from the mecha­
nism proposed in the next section for the induced 
reduction of oxygen, namely

[ Cr6l
l/I t  =  A  +  B ^  (3)

In Fig. 2 the data of the reciprocal of the induc­
tion factor versus the average ratio of chromate ion 
concentration to oxygen pressure have been plotted. 
For each experiment the errors for both 1 /If and 
[Cr6]/Po2 have been estimated and are given in 
Table II. The rectangles about each point in 
Fig. 1 represent these estimated errors.

The linearity of the plot in Fig. 1 is not verified 
conclusively by our data because of the large errors 
and scattering of some of the points about the best 
straight line. Nevertheless, considering that the 
oxygen pressure was varied 75-fold, the chromate 
ion concentration 40-fold, and the arsenic trioxide 
concentration 4-fold, the fit of the data to a linear 
equation is gratifying. The most significant feature 
of Fig. 2 is that a limiting induction factor does 
exist at zero chromate ion concentration or infinite 
pressure of oxygen; the limiting induction factor 
is 4/3 within the experimental error.

The chemical equation for the over-all induced 
reaction corresponding to this value of I°{ may be 
written as
7 H3ASO3 +  2Cr04"" +  2 O2 +  5 H2O — >  7 H3ASO4 +

2Cr3 +  lO(OH-) (4)
Discussion

Watanabe and Westheimer14 have discussed the 
limitations which normally are imposed upon any 
postulated mechanism of a reaction. One of the 
most important is that “ when relatively stable 
and unstable particles occur together in a reaction 
mixture, the unstable particles (especially when 
they are present at high dilution) do not react with 
one another to the practical exclusion of reactions 
between stable and unstable particles.”  Further­
more, with respect to the chromate ion-arsenic 
trioxide reaction in acid medium, Westheimer16 
points out that it is very unlikely that a tetravalent

(14) W. Watanabe and F. H. Westheimer, J. Chem. Phys., 17, 61 
(1949).

(15) F. H. Westheimer, Chem. Revs., 45, 419 (1949).

([Cr6] /P 0 2) (millimolar/atm.).
Fig. 2 .—Plot of l / / f  vs. ( [Cr3]/Po2): •, 0.2 atm. of oxygen;

O, 1.0; 3, 15.

arsenic and a pentavalent chromium are produced 
in the initial step,16 i.e.

Ci'6 +  As3 -*• Cr5 +  As4

Within the limitations imposed upon a proposed 
mechanism and assuming that trivalent arsenic is 
always oxidized by a two-electron transfer, the 
following sequences of reactions in schemes A and 
B would account for the stoichiometry of the 
chromate-arsenic trioxide reaction in the absence 
of oxygen.
Scheme A

Cr6 +  As3 — >• Cr4 +  As6 (5)
Cr4 +  As3 — ^ Cr2 +  As5 (6)
Cr2 +  Cr6 — > Cr3 +  Cr5 (7)
Cr5 +  As3 •— Cr3 +  As5 (8)

Scheme B
Cr6 +  As3---- >- Cr4 +  As5 (5)
Cr4 +  Cr6 — >- 2 Cr6 (9)
Cr5 +  As3---->- Cr3 +  As5 (8)

Westheimer14 has given an excellent discussion 
of the induced oxidations of manganous and iodide 
ions by the chromate ion-arsenic trioxide reaction 
in acid medium. He has shown how Scheme B 
can account for the observed induction factors and 
rate data in acid media for both of these oxidations.

In alkaline medium in the presence of oxygen it 
is necessary to assume that the dissolved oxygen 
oxidizes the chromous ion (Cr2), (that oxygen does

(16) Designations of Cr5, Cr4, Cr6, As3, As5 are used where the 
nature of the particular ion or molecule of the indicated valence cannot 
be identified.



1388 Gert Ehrlich Vol. 60

not oxidize Cr5 or Cr4 appears reasonable from 
estimated electrode potentials).16 Thus it appears 
that Scheme A is operative in alkaline medium. 
The following reactions along with Scheme A 
would account for the induction factor

Cr2 +  0 2— >  Cr20 2 (10)
2Cr02 ■— ^ (Cr02)2 (11)

(Cr02)2 +  2As3 +  4H + — > 2As6 +  2Cr3 +  20H~ +
H20 2 (12)

H20 2 +  As3 — >  As5 +  2 0 H - (13)

In the presence of oxygen there is competition be­
tween reactions (7) and (10). Under conditions 
where the limiting value of the induction factor is 
attained the entire sequence is given by reactions
(5), (6), (10), (11), (12) and (13). Reaction (12) 
undoubtedly occurs in steps. It is assumed that 
Cr20 2 is relatively stable and can accumulate in 
the solution to give rise to reaction (11).

The rate of disappearance of arsenic trioxide 
has been determined in a few preliminary runs at 
40° in the presence and absence of oxygen. The 
data are not accurate enough to be reported here, 
but they indicated clearly that the rate constant 
of disappearance of arsenic trioxide in the presence 
of oxygen is somewhat greater (of the order of 10 
to 20%) than in its absence. Hence it may be 
concluded that oxygen does not affect the rate of 
the rate-determining reaction (5).

With respect to the initiation of polymerization 
by the alkaline chromate ion-arsenic trioxide 
oxidation-reduction system, it seems very probable 
that initiation occurs by way of one of the inter­
mediates of unstable oxidation states of chromium 
(Cr5, Cr4) which are formed in the reaction mixture. 
At the present time we cannot venture to predict 
which one actually performs this function. Experi­
ments have been carried out in which polystyrene 
was prepared by emulsion polymerization using 
the chromate-arsenic trioxide recipe.6 Although 
the polystyrene was purified by repeated solution 
in benzene and precipitation with alcohol, its color 
remained slightly greenish, indicating the presence 
of chromium. Considering that the molecular 
weight of the polymer was a few million, the green­
ish color must have been due to some coprecipi­
tated trivalent chromium. Therefore, it is still 
unknown whether an intermediate valence form of 
chromium initiates polymerization by adding to a 
monomer molecule or by the reaction Cr4(Cr5) +  
M -*■ M* +  Cr3 +  H+.
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The states of binding of nitrogen adsorbed on a sparsely covered tungsten surface have been examined experimentally. 
In addition to a primary chemisorbed state, /3, which is completely desorbed only at temperatures as high as 2000°K., two 
other states of lower binding energy have been isolated using the flash filament technique. One of these states, designated 
as a, is significantly populated at room temperature, the other, y, can be detected only below 200 °K. Prom the evapora­
tion rate determined by Becker and Hartman, it is shown that nitrogen in the /3-state is present on the surface as atoms, with 
a binding energy of ~150 kcal./g. atom. The rate of filling up of the «-levels is limited by the rate of formation of the in­
state, and it is deduced that adsorption occurs on sites formed on the surface through the presence of the immobile, atomically 
bound fl-layer; the y-state is only weakly bound, and can be associated with physical adsorption. At 80°K., chemisorption 
in the /3-state ceases when only part of the surface is covered— adsorption in the y-state continues, however, indicating an 
activation barrier to chemisorption on some of the surface sites. Heterogeneity of binding also is indirectly indicated.

Fundamental to an understanding of the reac­
tions that may occur between a gas and a metal 
surface is a knowledge of the states of binding of 
the adsorbed species present on the surface and 
their rate of formation. The kinetics of chemi­
sorption of a diatomic gas on a metal have recently 
been examined1 on the assumption that gas mole­
cules held to the surface by dispersion forces act as a 
precursor to the final, chemisorbed state. Such a 
mechanism proved consistent with the results 
obtained by Becker and Hartman2 for the adsorp­
tion of nitrogen on tungsten and their rate meas­
urements suggest that chemisorption occurs prefer­
entially at sites which are clustered together into 
regions only a few atom spacings wide, which have 
been associated with lattice steps on the surface.

(1) G. Ehrlich, Intematl. J. Phys. and Chem. of Solids, in press.
(2) J. A. Becker and C. D . Hartman, T h is  J o u r n a l , 57, 157 (1953).

Underlying this analysis is the assumption that 
only two states of binding need be considered— 
physical adsorption, in which molecules are weakly 
held to the surface by dispersion forces, and chemi­
sorption, in which a bond comparable in energy 
with a primary chemical bond is formed between 
the adsorbed species and the surface. Actually, 
the nature of the interactions between a gas and 
a metal is far from being understood; the rela­
tion between binding and surface structure and 
even the more basic problem of the state of associa­
tion of adatoms on a surface have not been 
thoroughly explored; reliable experimental data 
bearing on such questions are scanty. We have 
therefore undertaken a study of the adsorption of 
diatomic gases on a bare metal surface and in the 
following we report upon the results of our in­
vestigation of the system nitrogen on tungsten.
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In this, we have relied primarily upon the flash 
filament technique, not only to explore the rate of 
gas adsorption, but also to distinguish between the 
various states of binding possible on the surface. 
Molecules held in states of low binding energy 
(~T0 kcal./mole and lower) would be expected to 
appear in detectable amounts only at low tempera­
tures, and it is this range (100-400°K.) which we 
shall consider in detail here.

The Flash Filament Technique
The amount of gas adsorbed on a surface as a function of 

the time during which gas impinges upon it, as well as the 
state of the adsorbed material, can both be ascertained by 
the flash filament method; in this the solid under investiga­
tion, immersed in a gas, is mounted in a vacuum system 
in such a way as to permit rapid heating, and the amount of 
gas desorbed from the sample upon such heating is deter­
mined from the resulting pressure rise in the system. This 
idea was first made use of by Taylor and Langmuir3 in 
studying the adsorption of cesium on tungsten, and the 
experimental arrangement in this investigation differs in 
only two significant ways from that of Taylor and Langmuir. 
Following Apker,4 5 an ionization gage has been employed to 
monitor the gas pressure inside the system; and instead of 
operating at a constant pressure in a closed system we have 
resorted to a flow technique similar to that described by 
Becker and Hartman.2 The gas is allowed to stream 
through a cell containing the sample and the pressure gage, 
and a steady state with respect to the number of molecules 
in the cell is established with the filament so hot that it is not 
adsorbing. Upon letting the sample cool, adsorption occurs, 
resulting in a decrease in the pressure; this is continuously 
indicated by the ion gage, so that the number of molecules 
striking the filament is known, just as in the constant pres­
sure method of Taylor and Langmuir. The amount ad­
sorbed at any instant can be obtained from the pressure 
burst upon flashing the filament, or else from the decrease 
in the cell pressure during the interval of adsorption. 
Inasmuch as we will report findings that appear to have es­
caped previous observers, the experimental techniques em­
ployed will be described in detail, though some aspects may 
have been summarized previously.2»6

Vacuum System.— Figure 1 shows the line used in our 
studies. Reagent (Airco) nitrogen is kept in a flask provided 
with a break-off seal, leading to trap A; the latter is equip­
ped with a 10 mil tungsten spiral filament, which during a 
run is kept at ~1300°K . to remove possible contaminants 
in the gas. The gas pressure inside the flash filament cell is 
regulated with a metal valve B ,6 manufactured by the Gran- 
ville—Phillips Company. The cell itself consists of an 
inverted ion gage G ,7 to which is joined a side arm con­
taining the sample under investigation—a 10 mil tungsten 
filament F, mounted on molybdenum leads L; gas flow 
through the cell is restricted by the magnetically operated 
ground glass plates D and E, resting on ground glass shoul­
ders, which delimit a volume of 370 cc. A second ion gage H 
is provided on the manifold leading to the trap I and serves 
both as pump and pressure measuring device. Interposed 
between I and two single stage mercury diffusion pumps in 
series is an additional trap J, immersed in liquid nitrogen to 
eliminate mercury vapor. Prior to incorporation in the 
measuring system, the cell was calibrated on an auxiliary 
system against a McLeod gage, yielding a gage constant for 
N2 of 15 (mm. Hg)_1.

Electrical System.— Since the flash-filament method de­
pends upon pressure measurements during rapidly changing 
conditions, the gages must be operated at a constant electron 
current ie, regardless of the state of contamination of the 
electrodes. A circuit designed by Malmberg8 has been 
found very satisfactory for this purpose. The ion current 
of the gage ¿p is amplified by a slightly modified RCA micro­
ammeter, WV-84A, the output of which is displayed on a

(3) J. B. Taylor and I. Langmuir, Phys. Rev., 44, 423 (1933).
(4) L. Apker, Ind. Eng. Chem., 40, 846 (1948).
(5) J. A. Becker, Advances in Catalysis, 7, 135 (1955).
(6) D. G. Bills and F. G. Allen, Rev. Sci. Instr., 26, 654 (1955).
(7) D. Alpert, J. Appl. Phys., 24, 860 (1953).
(8) P. R. Malmberg, Westinghouse Res. Lab. Memo 60-94411, 9-16

(1953).

Fig. 1.— Vacuum system for flash filament determinations: 
A, trap; B, metal valve; C, flash filament cell; D, E, 
ground glass valves; F, flash filament; G, H, ionization 
gage; I, J, trap; L, leads.
Speedomax G recorder in which the response time for full 
scale deflection has been decreased below one second by 
altering the pen drive mechanism. For very low current 
measurements (ip <  10~9 amp.) the response time of the 
amplifier is too great to follow the pressure variation during 
a gas burst, and an Applied Physics Corporation vibrating 
reed electrometer has been used in its place.

The sample filament is heated by 60 cycle a.c., using a 
constant voltage source, which is capable of raising the 
filament temperature from ambient to 2200°K. within a 
second. By proper grounding of all equipment external 
to the cell, the need for an internal electrostatic shield has 
been obviated.

The Adsorption Sample—A 10-mil, pre-war 218 tung­
sten wire, 12.15 cm. long was bent into a hair pin loop and 
welded to Vs" molybdenum leads. The sample was aged 
in a separate vacuum system (pressure ~ 1 0 -8 mm.) in 
which the filament was first maintained at 2750°K. for six 
hours, then at 3000°K. for 15 minutes, after which it was 
sealed into the cell. This treatment is designed not only to 
eliminate gases from the sample, but also to bring about 
recrystallization and thus establish a reproducible surface 
structure, which will not be affected by subsequent heating 
cycles.s Microscopic examination of the sample shows the 
wire to consist of small grains, most of which extend over the 
entire diameter and are between 0.5-1 mm. long; the heat­
ing schedule smooths but does not eliminate the drawing 
marks on the wrire.

Vacuum Techniques.—To achieve suitable vacuum con­
ditions, the line, up to the break-off seal leading to the gas 
bottle, is brought to 10~6 mm. with the diffusion pumps, 
leak checked, and then baked at 420° for 12 hr. or more with 
the valve B kept open by means of a clamp, and the ports 
D and E tipped to permit gas flow. To facilitate baking, 
the operating parts from trap A to I are mounted on a Mari- 
nite board to which an oven can be attached. Those parts 
not enveloped by the oven, the connections to the gas reser­
voir, to the trap J and to the mercury pumps, are sepa­
rately baked out with heating tapes and small ovens. The 
trap J is cooled first, and is then immersed in liquid nitrogen. 
The temperature of the system is then lowered. After 
cooling and checking for tightness, the system is pumped 
down with the ion gages, and the metal parts of trap A, 
cell C and gage H are slowly outgassed by resistance heating, 
electron bombardment, and induction heating. One hour 
generally suffices to eliminate major contamination, and the 
whole system is then put through another bakeout cycle. 
Once a pressure <10-9 mm. is achieved, the flash filament is 
carefully outgassed, and after another brief baking the 
system is pumped down to below 2 X  10~10 mm. The 
valve B is then shut, the trap A cooled in liquid nitrogen 
(keeping the filament hot) and nitrogen is admitted by 
opening the break-off with a magnetically operated hammer. 
After flushing the cell several times with nitrogen, the sys­
tem is ready for operation.

(9) G. F. Smith, P h y s. Rev., 94, 295 (1954).
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Techniques of Measurement.— The pressure pc in the 
flash filament cell at any instant is determined by the re­
quirement

dG 
d t

dr = V_ dpq
kT At (1)

that the increase in the number of molecules G within the 

volume V of the cell be equal to the flux of gas, J j  . At 
through the surface r delimiting the cell interior. Here all

molecular currents j  must be included, and it is this require­
ment which defines the operating conditions of a cell, as is 
apparent on considering a measuring cycle. The course of 
the pressure during such a cycle is shown schematically in 
Fig. 2. A steady state pressure p is established with the 
filament hot, i.e., AG/At =  0; the filament heating is inter­
rupted at time to and adsorption is allowed to occur until an 
arbitrary time t\. Here the sample is heated rapidly, and 
the gas accumulated on the filament is evolved, leading to 
the pressure burst at time i2. Once the steady-state pres­
sure is regained, a measuring cycle can again be started.

Fig. 2.— Typical measuring cycle. Trace of ion current 
ip of gage in flash filament cell (operating at electron current 
it =  5 X HU4 amp.) as a function of time.

If the cell has been properly prepared then, during the 
hot interval, the only source of gas will be the controlled 
supply entering the port D, the only sinks the port E, 
through which gas can escape to the pumps, and the ion 
gage, which, in monitoring the pressure continuously re­
moves gas molecules by ionization or dissociation.7 Under 
these ideal conditions, the flow of gas into the cell is given by

— J “ j-AX, and dependson ly upon the leak rate Sb of the
valve B, and the pressure ps of the gas reservoir. Since p\ 
is generally > > 1 0 -3 mm., the condition pa > >  pc holds, 
and (neglecting a small contribution of port D)

—J  j  ■ At =  ~  (p A -  Pc) =  5a (2)

Provided the reservoir temperature remains constant, the 
pressure in A will remain unaffected by the flow into the 
cell, which is thus equal to the constant 5a. The rate at 
which molecules stream through port E is given by

J  j  At =  — (pc -  Pu) (3)

and the loss due to the pumping action of the gage by 
T  —  ( t d  +  T E )

f j  dr =  jjr ;' (pc -  Pa) (4)

where So is the pumping speed of the gage at the set elec­
tron current, and p: the ultimate pressure achievable, which 
again satisfies the condition pc »  po. From the steady- 
state requirement, we find, if pc > >  pn, that

‘5 a  =  — (<Se  +  S o )  ( 5 )K1 c
When the heating of the filament is discontinued, then in 

addition to the two terms in (5), we must account for the

loss of molecules at the filament due to adsorption, and at 
the leads and walls, which during the heating of the fila­
ment are themselves warmed, and upon cooling can also act 
as sinks (to which we assign a strength Sw) or, under some 
conditions, as sources. The instantaneous pressure within 
the cell is now determined by

Wo  I T  =  ffA +  Wo  ('Se +  So +  Sw +  Sf) (6)
and since 5a is constant the introduction of two additional 
sinks will cause the pressure to drop to a lower value at 
which a new steady state, Apc/dt =  0, will be maintained. 
The sink strengths Sw as well as Sf decrease as the amount 
of gas adsorbed increases, and we must expect thereafter a 
gradually increasing pressure. It should be noted that the 
representation of the net rates of adsorption by (pc/kTc) S 
is straightforward only if adsorption occurs as a reaction 
of the first order with respect to gas, and evaporation from 
the surfaces is negligibly small.

Upon flashing the filament, the gas adsorbed on it during 
the cold interval is evolved at a rate 5f, and the pressure in 
the cell rises rapidly as a result of this additional source, 
with an over-all variation

-J~r — 5a +  5f +  (ÄB +  +  Sw +  Sf) (7)

until all the gas is given off. The number of molecules de­
sorbed from the filament during the flash is obtained by 
integration over the time during which desorption occurs, 
and is

f

d£ = v r l dpc
L

5a d£ - i f
k J i, Tc di

h pc

di —

(<Se +  Sa +  Sw +  iSb')df (8)

For sufficiently small (i2 — ii), the number n is just equal to 
the number of molecules adsorbed during the cold interval 
between i =  i» and i =  ii and can therefore also be obtained 
from (6) by integrating over this interval, that is

_  rh Sf ,
n ~ J u  kTcPcd

The instantaneous net rate of adsorption on the filament 
likewise can be obtained in two different ways: either from
(7) by solving for (pc/kTc)Sf or alternatively, by construct­
ing a curve of n versus t, using (8) and differentiating this 
with respect to time.

These procedures become significant only if the quanti­
ties entering (7), and (8) are experimentally accessible, 
however, and the experimental conditions must be designed 
to minimize the contributions of factors which cannot be 
readily accounted for quantitatively. In determining n 
from (8), it is apparent that considerable simplification re­
sults it the terms on the right for the number of molecules 
entering from the reservoir during the time interval (f2 — U) 
necessary for desorption and for the depletion of molecules 
within the cell due to the action of ports, ion gage, glass 
wall and filament are small compared with the gas evolved 
from the filament during the flash. This condition could be 
easily satisfied'by keeping 5a, the rate of inflow, at a mini­
mum and by reducing (<SE +  Sa) as well as (fs — h); these 
requirements are, however, mutually contradictory if the 
kinetics of adsorption are of interest. The value of S r 
can be made as small as that of <Sb ( ~ 1 0 "n cc./sec.) by 
resorting to an improved valve, Sq can be minimized by 
operating the ionization gage at a low electron current 
it, 5a can bo decreased by adjusting valve B, and the time 
interval (f2 — ti) can be cut down by increasing the power 
input to the filament. However, to elucidate the kinetics, 
it is necessary to know not only n, but also l/pc An/At. 
If 5a is greatly reduced, not only does the time interval 
(£i — to) necessary to achieve a given coverage become 
excessively long, but it becomes more difficult to measure 
the instantaneous pressure, which will also be lowered. 
Similarly, reduction of So results in a proportionate lower­
ing of the ion current, and therefore a decrease in the signal 
to noise ratio. A decrease in <Se, on the other hand, will 
prolong the time necessary for establishment of a steady 
state and therefore will enhance the contribution of Sv/ 
and Sf- An increase in the power input to the filament, to 
decrease the desorption time, may result in excessive heat­
ing of the wall, etc.
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The conditions under which measurements have gener­
ally been carried out have been adjusted to make the sum 
of the last two terms of (8) less than 5%  of the term ac­
counting for the pressure peak, and corrections have been 
calculated using values for (Se +  Sq +  <Sw) obtained from 
the experimentally observed decrease in the pressure fol­
lowing a gas burst. The instantaneous temperature of the 
gas evolved upon heating the filament will of course be 
greater than that of the cell walls. However, the cell is 
designed so that gas from the filament must, before enter­
ing the gage, collide with the walls, which are maintained 
at a constant temperature by an oil thermostat; this of 
course limits operations to wall temperatures at which con­
densation of gas evolved from the filament is not appreci­
able. Under these conditions, 2’c can be considered con­
stant, and (8) can be approximated by

n VApc
kTc (9)

These general considerations also dictate the dimensions 
of the cell and sample used. To increase the response upon 
flashing the filament, the ratio of the filament area to the 
cell volume should be increased. This is limited by the 
size of the electrode structures and the need for large pass­
ageways between sample tube and gage to prevent pres­
sure gradients. Increasing the size of the filament not 
only may result in mechanical instability but also brings 
with it a reduced cooling rate and a lower and more dif­
ficultly measurable steady-state pressure. Also adsorption 
immediately upon shutting off the heating current does not 
take place at the bath temperature; measurements become 
significant only when the filament reaches its steady-state 
temperature and the early stages of adsorption may thus 
become inaccessible.

It should be apparent that the same factors enter the 
determination of n, and (l/pc)(dra/df), by the alternative 
route using (7). However, whereas during the flash the 
correction factors (£e +  Sa +  S w ) can be kept at a readily 
determined minimum value, the adsorption on the walls and 
depletion through gage and port during the interval t, — U 
enter more significantly and can lead to appreciable errors 
in assigning the total amount of adsorption on the filament. 
Corrections necessitated by adsorption on the walls in par­
ticular can only be evaluated indirectly, and determination 
of n and dn/dt from (7), though quite rapid, has been used 
only to check qualitatively the results obtained by direct 
flashing of the filament.

Operating at an emission current ie of 5 X 10~4 amp., 
with the exit port E completely closed, (S e +  Sa +  S w ) 
for our system was determined as 28 cc./sec. The rate of 
gas inflow was varied between 7 X 1010 to 2 X 1012 mole­
cules/sec. During the interval necessary to establish a 
steady-state pressure with the filament hot, the filament 
leads have been found to rise 85° above the bath tempera­
ture, but return to within 5° of the latter 1.5 minutes after 
shutting off the heating current. The lag in the tempera­
ture rise of the leads upon heating the filament is sufficient 
to prevent evolution of gas from the leads during the one 
second period necessary to measure desorption from the 
filament; the temperature rise during this interval is less 
than 10°. The large diameter of the leads necessary to 
accomplish this, however, also results in a cooling of the 
filament near the point of juncture, sufficient to prevent 
removal of gases from this section. Assuming that chemi­
sorbed material is not removed below 1400°K., we can cor­
rect the total length,10 to give an effective filament length of 
11.63 cm. and a geometric surface area of 0.92 cm.2, which 
we have employed in calculating the amount of adsorption 
per unit area. This section of the filament, permanently 
covered with adsorbed gas, also acts as a barrier to the 
transport of gas to the clean sections through surface dif­
fusion of chemisorbed material from the leads. The life­
time of physically adsorbed gases at room temperature is so 
short that only ~ 1 0 3 atom sites can be visited before evap­
oration, and therefore the bulky leads cannot act in this 
fashion as a significant gas source.

The flash filament method depends, in essence, upon the 
rapid measurement of gas pressures in a flow system. 
Just as a McLeod gage cannor be applied to the study of 
condensable gases, so the ionization gage cannot be used,

without special precautions, in the study of gases that are 
dissociated at hot filaments. This, of course, circum­
scribes the technique described here, as will appear in detail 
in a later report.

Experimental Results
The State of Binding of Nitrogen.—The struc­

ture of the gas burst evolved from the tungsten 
filament upon heating it after an interval of ad­
sorption at room temperature11 is shown in Fig. 3,
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Fig. 3.—Dependence of pressure peak on filament tem­
perature at constant (t, — i0). Trace of ion current for gage 
operating at i, =  5 X 10-4 amp.: (a) ion current amplifica­
tion on recorder 100 X 10“° amp. full scale; (b) ion current 
amplification 100 X 10~10 amp. full scale.

for a series of progressively lower filament currents 
(i . e lower steady-state temperatures). Above 
2100°K., the peak height is insensitive to a further 
temperature increase—all the gas has been de­
sorbed from the filament; below this temperature, 
however, the peak height decreases as the maximum 
temperature is decreased. With a heating current 
small enough to raise the temperature to only 
1700°K., and therefore also with a smaller rate of 
heating, a second peak at the foot of the larger one 
can be clearly resolved and by resorting to a higher 
amplification of the ion current, this can be en­
larged suitably for measurement. The height of 
this (a) peak, as appears from 3b, is fairly insensi­
tive to the power input to the filament; the same 
value is found for the a peak for maximum fila­
ment temperatures from 1400-1850°K. From a 
qualitative estimate of the heating curve of the 
sample an upper limit of 800°K. can be set for the 
temperature at which the material constituting the 
a peak is completely desorbed.

That the low temperature a-peak is real, and 
not due to possible transients in the measuring 
devices, is demonstrated by the recorder traces in 
Fig 4a; here the burst structure for a fixed time 
(ti — to) is compared with that obtained after 
briefly flashing the filament to a low temperature 
(<800°K.). After such a preliminary heating, 
the a-peak has been significantly diminished, yet 
the larger, high temperature /3-peak has not been 
affected. During the evolution of the a-peak the 
temperature of the lead-filament junction rises less 
than 2°, and such an indirect heating can therefore

(10) I. Langmuir, S. MacLane and K. B. Blodgett, Phys. Rev., 35,
478 (1930).

(11) For a preliminary account of these effects see (a) G. Ehrlich, 
J. Chem. Phys., 23, 1543 (1955); (b) 24, 482 (1956).
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also be eliminated as a source of this effect. The 
presence of an a-peak has been observed on three 
different filaments in different vacuum systems, 
using several nitrogen sources; it is found as well 
when a tungsten filament is mounted on leads of 
nickel, on which no adsorption of nitrogen has been 
observed around room temperature. The inter­
action of nitrogen with the hot filament of the ion 
gage, or the production of ions, is not responsible 
for the peak structure either—the same effects are 
found if during the interval of adsorption, the 
operation of the gage is discontinued. Only the a- 
and /3-peak contribute significantly to the number 
of adsorbed molecules at room temperature, and 
higher, as is evident from the shape of the gas 
bursts observed after adsorption at 196°K. Even 
at this low temperature, no additional peaks can 
be resolved— only at 80°K. does a third peak, y, 
become important.1113

In ascertaining the course of adsorption, the a- 
and /3-peaks are determined separately because of 
the limitations of the ion current detecting system;

to measure the a-peak, the 
power input to the f.lament has 
to be lowered to achieve a time 
interval of 0.7 sec. between the 
start of heating and the evolu­
tion of ß, and the /3-peak is 
therefore partly lost. The 
amount of gas in the /3-peak is 
obtained as the difference be­
tween the total peak height, as 
found with a heating current 
sufficient to raise the filament 
temperature above 2200°K., 
and that of a; i.e., it corre­
sponds to b e  in Fig. 2. That 
the detecting system does not 
introduce an error >10%  in the 
determination of a has been 
demonstrated both by heating 
the flash filament more slowly 
and by resorting to a detector 
with a rise-time <10~3 sec. A 
sample plot for na, nß and kip, 
the impingement rate, obtained 
in this fashion for a filament 
maintained at 298 °K. during 
the period of adsorption is given 
in Fig. 5. The relationship be­
tween the material in a and ß 
is most clearly shown in Fig. 6, 
however. Here the number of 
a molecules recorded for a given 
number of ß is plotted for tem­
peratures from 196-334°K.; at 
any given temperature, data 
for only a single run are in­
cluded. The initial steady-state 
pressures for these differ by a 
factor of two, however, and the 
explicit dependence of the in­
creasing portion of these curves 
upon pressure, if any, is within 
the limit of error of the meas­
urements. For small values of 

riß (<50 X 1012 molecules/cm.2) a single curve 
fits all data points. The higher the tempera­
ture of adsorption, however, the lower the value of 
riß at which a maximum in na is recorded and beyond 
which the population of the latter decreases. The 
interpretation of the two peaks, a and ß, in terms 
of two different states of adsorption— one stable 
only for temperatures below 800°K., the other one 
up to 2000°K.—is further supported by the results 
of kinetic measurements reported below.

The Rate of Adsorption.—For a first-order re­
action between gas and surface, the rate of ad­
sorption dn/dt is related to the pressure through 
the condition of mass balance

dn/dt =  fci ps — D (10)

fcip gives the rate of impingement of molecules on 
unit area, s the fraction of these that are adsorbed, 
and D the rate at which evaporation from the 
surface occurs. Above T =  190°K. only a- and 
/3-species appear in significant numbers, and we 
shall consider their rate of formation independently,
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At. MINUTES.
Fig. 4.—Effect of preliminary low temperature flash upon a- and (3-pressure peaks. Ion gage electron current =  5 X 10 “ 4 

amp., T =  336°K.: (a) trace of ion current recorder; (b) adsorption in state a and 0 at 3S6°K. as a function of the time 
of adsorption.

applying a relation of the form of (10) to the 
analysis. By the procedures outlined above, we 
obtain for any given adsorption temperature a 
grid plot,2 in which the rate of adsorption in the 0- 
state, dng/dl, is graphed against the impingement 
rate k$> for different constant values of ng, the 
number of molecules adsorbed. The slope at 
constant n gives the sticking coefficient sg, the 
intercept the evaporation rate Dg. Under the 
conditions of our experiments (maximum adsorp­
tion temperature 373°Iv., maximum cover ~ 2  X 
1014 molecules/cm.2) the evaporation rate, as shown 
in the previous section, is negligibly small; the 
dependence of the sticking coefficient for /3-species 
upon the temperature as well as the amount ad­
sorbed so obtained is given by the plots in Fig. 7.

Qualitatively, these curves are very similar to 
those found for the total rate of adsorption by

Becker and Hartman.2 At the lowest tempera­
tures, and at low coverage, the value of sg is con­
stant on increasing ng; it decreases only when an 
appreciable portion of the surface has been filled. 
At the higher temperatures, the sticking coefficient 
not only has a lower value, it also decreases at a 
smaller cover ng. It should be noted that our 
results differ in two significant ways, however—the 
absolute values of the sticking coefficients are 
lower than found by Becker and Hartman, as is 
the coverage (0C) at which the sticking coefficient 
decreases. At 298°K. we find a sticking coefficient 
sg for a sparsely covered tungsten surface of ~0.1 , 
comparecí with 0.55 previously reported; the 
sticking coefficient sg decreases for ng >  50 X  1012 
molecules/cm.2, whereas the previous investigators 
found it constant till 125 X 1012 molecules/cm.2 had 
been adsorbed.



1394 Gert Ehrlich Vol. 60

Fig. 5.— Adsorption of nitrogen on tungsten filament at 
298°K.; n/s =  number of molecules adsorbed in ß state 
per cm.2; na =  number of molecules adsorbed in a state 
per cm.2; fcip =  number of molecules impinging per cm.2 
per minute.

Fig. 6.— Dependence of adsorption in state a upon popula­
tion of state 0.

For the lowest temperature examined, T =  
80°K., adsorption cannot be followed by the usual

J____ L
20 40 60 80 100 120 140 160 180

n I 0 '12 M OLECULES/cm .2 .

Fig. 7.— The dependence of sticking coefficient for nitrogen 
in state 0 upon coverage (ra#) and temperature.

J_______±______L
0 4 8 12

At, MINUTES.

Fig. 8.— Adsorption of nitrogen in states ß and y on tung­
sten, sample at 80°K.

methods, inasmuch as immersion of the cell in 
liquid nitrogen results in condensation of gas 
evolved from the flash filament and thus prevents
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k! p /n q 10, 2 MINUTES"'.

Fig. 9.- -The rate of adsorption of nitrogen in state a on tungsten at T =  336 °K.

detection.12 Measurements carried out with a 
stream of gas at 310°K., impinging upon the fila­
ment kept at 80°K., are recorded in Fig. 8. We 
have refrained from evaluating a sticking co­
efficient, inasmuch as experimental observations are 
still preliminary and inasmuch as under the condi­
tions of the experiment— a hot gas impinging 
upon a cold surface— the condensation coefficient 
of nitrogen onto tungsten may well be less than 
unity. The initial rate of formation of the ¡3- 
state appears at least twice as rapid under these 
conditions as at 300°K, however.

The rate behavior of / «  can also be recorded on 
a grid graph similar to that used to ascertain s3. 
For the adsorption step, we can write AnJAl =  
pkiSa, where sa =  sa(na, tip) ; inasmuch as our data 
indicate an essentially constant relation between 
na and np, we are justified in writing sa =  sa(np). 
Our results also indicate, however, that for na 
we must consider the depletion step, and for this 
we propose a trial term of the form naDa, in which 
the specific rate Da =  Da{np). If this is indeed 
warranted, then a plot of (1 /na dtta/di) ?&£j=const. 
against kip/na should yield a straight line of slope 
sa and intercept Da. The data for the rate of 
formation of na at 336°K. is shown in Fig. 9, and 
within the limits of error of the data points a 
straight line graph can be obtained. For rip >  
70 X  1012 molecules/cm.2, however, we find sa <  0, 
indicating that our assumption concerning the rate

(12) Measurements on germanium which may be suspect because 
they have been carried out under uhese conditions are reported by 
J. T . Law, T his Journal, 59, 543 (1955).

of depletion of na is unjustified, and that Da de­
pends upon the rate of impingement of gas or 
equivalently, upon dnp/dt. Such a relation is 
apparent from Fig. 6 as well—the decrease in na 
with increasing np at constant T, is such as to indi­
cate dnjdnp is constant for varying pressures.

The double flash experiments already referred 
to provide additional information concerning the 
rate of growth of the a-peak. Figure 4b gives the 
variation of na and rip with time as observed in an 
ordinary measuring cycle, and also the effect of 
subjecting the filament to a preliminary flash at an 
intermediate time. The height of the (3-peak is 
not significantly affected by such a preliminary 
flash; however, the a-peak x/ 2 minute after the 
preliminary flash, is still absent; it then approaches, 
but does not achieve, the same height usually 
found, but with a rate approximately twice as high. 
In other words, the a-species are adsorbed at a 
finite rate, small compared with the rate of im­
pingement or dnp/dt, and this rate depends upon 
the number of a species already present. A 
comparison of the rate of formation of a and ß 
also establishes that the former cannot be an 
impurity effect. At 196°K., the ratio dna/dnp is 
found to be 0.13, and Sp ^0.25; this implies that 
for the a-peak to be due to an impurity, it would 
have to be present in the gas admitted at a mini­
mum concentration of 3% (assuming a sticking co­
efficient of unity)— a hundred-fold greater than the 
impurity content given by mass spectrometric 
analysis.
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The Adsorption of Nitrogen on Tungsten 

The Mechanism of the Formation of State ß .—
It\has been shown in|a preceding paper1 that a 
sticking coefficient significantly less than unity yet 
independent of the amount chemisorbed (riß) is 
evidence for a reaction limited by the rate of dif­
fusion of physically adsorbed gas over the surface, 
and occurring at patches of unusual reactivity, 
which have been tentatively identified with lattice 
steps present on the surface. For a temperature 
at which rrs, the root mean square distance between 
the point of arrival and departure of a physically 
adsorbed molecule, is small compared with the 
separation of the active (A) patches, the sticking 
coefficient sß, in the region where it is independent 
of the amount chemisorbed, reduces to

sß =  A a (  1 +  (ID

here A a gives the fraction of the total surface area 
occupied by active A patches of characteristic 
dimension a. The variation of the sticking co­
efficient with temperature is dictated by A H - *  — 
Affs*, the difference between the heat of activation 
for desorption and surface diffusion of the pre­
cursor, and is given by

à lnsff _ Aff-i* -  AHs* G  _  o_ \
p. 1 2  \ Xa )

h T

At higher coverages, the more complete expression
fa

fa +  fc-iA +  4dx„~l fajB
a

(13)

must be resorted to, since the rate constant of 
chemisorption k2, which decreases with the amount 
chemisorbed, may then no longer dominate over 
the rate constant for evaporation fc_ 1a and surface 
diffusion /c a b  of the physically adsorbed precursor 
and the sticking coefficient will become dependent 
upon the amount of material chemisorbed. For 
the high temperature range in which a >  xs, the 
rate is given by

Sß

fa  +  fc_lA +  ——
4 d (14)

a x, +  4d
d being the interatomic distance on the surface, 
and the dependence upon temperature is found to be

=  Agfa,* -  AH2* (15)

òkf
where AH_i* is the heat of activation for desorp­
tion of the precursor, and AH2* that for transfer 
from the precursor to the chemisorbed state.

This kinetic scheme, however, does not account 
for the presence of molecules in an intermediate 
state of binding, such as the a-state which has 
been demonstrated here. The data presented 
above suffice to show that our previous considera­
tions are not affected by this. If nitrogen in state 
a were to participate as an intermediate in the 
formation of 0, we expect that depletion of the 
population, na, in this state would diminish the 
rate of formation of 0. This, however, is not 
indicated by the results in Fig. 4b—the rate of

formation of 0 is not affected, within the limit of 
error, by the removal of the a-species by a low 
temperature flash, although this permanently 
lowers the concentration in this state. Also, 
regardless of the mechanism by which 0 is formed, 
the ratio of the rate of formation of 0, dnp/dt, to 
the concentration of precursor, at a fixed, value 
of np must be constant and independent of the 
pressure. This condition is not satisfied by the im­
material. As appears from Fig. 6, the concentra­
tion na is initially independent of pressure and is 
determined by np only, the rate dnp/dt, on the 
other hand, varies directly with pressure. The 
presence of molecules in a binding state of low 
energy is demanded by the mechanism proposed; 
that species of this kind are present is indicated by 
the fine structure of the gas burst, evolved from a 
filament on which adsorption has occurred at 
80°K.ub The additional y-peak, which is obtained 
only at this low temperature, varies in size directly 
with the pressure, and thus may constitute the 
precursor.

To account for the adsorption of nitrogen in the 
a-state, we need add only a term ka, the rate con­
stant for the formation of a, in the denominator of
(13) and (14), provided we remain in a region where 
evaporation is negligible. As mentioned above, 
the rate of chemisorption found for the /3-state is 
considerably less than that reported previously, 
as is the coverage (0c) at which the sticking co­
efficient becomes dependent upon the amount of 
material on the surface. Even at as low a tempera­
ture as 336°K. the sticking coefficient depends upon 
cover in the limit 6 —*- 0. In the temperature range 
over which Sp is initially constant, and for which the 
rate is diffusion limited, the activation term 
AH-i* — AHS* is found to be ~ 2 .5  kcal./mole, in 
agreement with the value deduced from Becker’s 
data. The lower value of the sticking coefficient, 
and of 0c, as well as of the temperature at which the 
rate appears to become reaction controlled, can all 
be reconciled by a lower value of A a , the fraction 
of the surface occupied by reactive strips. We must 
conclude that on a polycrystalline filament the 
active strips are spread farther apart than on a 
rolled tungsten ribbon of coarse crystals, as used 
by Becker and Hartman. Such treatment tends to 
orient the crystals so that (100) is parallel to the 
plane of rolling, and [110] is parallel to the direc­
tion of rolling13; even severe heat treatment, 
sufficient to cause appreciable evaporation, does 
not eliminate this texture.14 Unfortunately, we 
cannot conclude from this that crystal planes with 
an orientation close to (100) are particularly active 
in adsorption, inasmuch as we have no information 
on the relative density of steps on the samples 
used. The interesting point that is raised by the 
interpretation of the kinetics as occurring at active 
regions is the extraordinary reactivity that must 
be associated with these. A sticking coefficient 
independent of cover depends on the fact that a 
molecule which encounters an active region will 
have a negligibly small probability of being 
evaporated. As previously pointed out, the dimen-

(13) W. G. Burgers and J. J. A. Van Amstel, P h y sica , 3, 1064 (1936).
(14) L. Apker, private communication.
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sions of the active region are such that their 
association with lattice steps is a tempting one. 
For these, there would be significant spilling over of 
conduction electrons into the troughs, which may 
contribute to the ease with which chemisorption 
(and as will be shown later, disruption of the bond 
between nitrogen atoms) occurs; another effect 
which may contribute, however, is the stronger 
binding due to dispersion forces which can be 
expected at a lattice step, and which would prolong 
the time interval during which reaction can occur.

The continuing adsorption of nitrogen, once the 
active (step) sites have been filled, has been associ­
ated with the presence of other sites of lower 
reactivity on the surface. In Fig. 8, the course of 
adsorption on a filament cooled with liquid nitrogen 
(T =  80°K.) is recorded. Significantly the ad­
sorption in the /3-state ceases at this low tempera­
ture once tip reaches a value of 100 X 1012 mole- 
cules/cm.2, in contrast with the continued growth 
of the population of this level at higher tempera­
tures. From the temperature range over which 
the 7 peak can be isolated, we infer that it is due to 
gas held to the surface by dispersion forces; ad­
sorption in the 7-state, at 80°K., continues until 
it is more than twice the size of /3. This, of course, 
is the low temperature behavior that would be 
expected for sites with an activation energy such 
that conversion from the physically adsorbed to 
the chemisorbed state is slow, yet for which the 
activation energy for desorption from the physically 
adsorbed state is still higher, so that gas is irre­
versibly bound in this state.15 16 The rapid initial 
formation of /3 indicates a lower activation energy 
for the active sites.

Measurement of chemisorption at these tem­
peratures may elucidate the variation in reactivity 
of different gases found for the same surface. For 
example, the sticking coefficient of carbon monoxide 
on a sparsely covered tungsten filament at 300°K. 
is three times that of nitrogen and remains con­
stant at this high value up to np ~240 X 1012 
molecules/cm.2.16 This difference may be due to 
a dependence of the rate cf CO adsorption upon 
crystallographic surface features different from 
those important for Nj, and should be revealed, in 
a higher value of A a , by such measurements.

The Nature of Nitrogen in State a.— In order to 
interpret properly the experimental results on the 
adsorption state of low binding energy which we 
have designated as a, we must consider the meas­
urements which indicate its presence. These 
consist of observations of the rise in the pressure 
in the cell upon raising the filament to T <  800°K., 
and indicate those entities that are desorbed in 
this temperature range. If there are species 
present on the surface in binding levels of low 
energy, the possibility exists that, upon increasing 
the temperature, these may be transferred to more 
stable levels, and would therefore eventually be 
desorbed in a higher temperature range, together 
with molecules that were initially adsorbed in a 
tightly bound state. The absence of gas evolution 
at a low temperature thus does not constitute evi­

(15) G. Ehrlich, T h is  J o u h n a l , 59, 473 (1955).
(16) G. Ehrlich, to be published.

dence for the absence of levels of low binding 
energy if gas is found that can be desorbed at a 
higher temperature. Although for nitrogen the 
observation of gas desorption proves the existence 
of states of low binding energy, their occupation 
can be inferred only if it can be shown that transfer 
to a different state has not occurred during the 
flash.

As is apparent in Fig. 6, the quantity of nitrogen 
adsorbed in the a-state is defined, for low coverages 
at least, by the amount of material in the /3-state; 
for approximately nine molecules in ß there appears 
a single one in a. From this we can draw two con­
clusions. First, over the range of temperatures 
and coverages for which 'his holds, the a-levels are 
not depopulated by conversion to /3, or by evapora­
tion. Loss by conversion during a flash would 
have to occur above this temperature range, and 
here it would have to compete with evaporation. 
The a-pressure peak as shown in Fig. 3b is not 
sensitive to the power input, suggesting that the 
amount lost is not appreciable. Second, the ma­
terial in state a is irreversibly adsorbed, the 
population being independent of temperature or 
pressure. The constant relation between the 
population of state a and ß can be accounted for 
if the rates of formation of both species are de­
termined by the same limiting step— such as dif­
fusion to active sites— and if the number of a and ß 
sites differ. The same relation could be obtained 
if an a-site were formed by the adsorption of 
nitrogen in state ß. We can distinguish between 
these two possibilities by comparing the de­
pendence of the rate of formation of ß upon rip, 
as shown in Fig. 7, with that of na upon rip, in 
Fig. 6. The value of na reaches a maximum at a 
value of lip somewhat larger than that for which 
the sticking coefficient becomes markedly de­
pendent upon the cover. Inasmuch as the de­
crease in the sticking coefficient has been associ­
ated with a change from a diffusion controlled 
to a reaction controlled rate,1 the maintenance of a 
linear relation between a and ß when the mecha­
nism of formation of the latter has undergone a 
change, eliminates the possibility of a common con­
trolling step. A scheme whereby an a site is 
formed through the adsorption of ß is not subject 
to such a difficulty.

The formation of such sites has been considered 
by Roberts,17 who pointed out that the adsorption 
of diatomic molecules, without lateral interaction, 
in an immobile layer corresponded to a random 
array of pairs of sites and as such would leave a 
number of single sites unoccupied. These could 
not accommodate both atoms of a molecule, but 
could still hold the molecule, although more weakly; 
it is tempting to speculate that this could be due 
to the presence of strongly bound ß-species, which 
induce surface states18 that can form one electron 
bonds with the molecule, as envisioned by Pollard.19 
Here we shall not concern ourselves, however, 
with the nature of the bond formed, but will con-

(17) J. K. Roberts and A. R. Miller, Proc. Cambridge Phil. S o c 35, 
293 (1939).

(18) C. A. Coulson and G. R. Baldock, Disc. Faraday Soc., 8, 27 
(1950).

(19) W. G. Pollard, Phys. Rev., 66, 324 (1939).
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centrate on the phenomenology of the a-state. 
Underlying Roberts’ model are the equivalent 
assumptions that a diatomic molecule is adsorbed, 
without losing its molecular identity, through inter­
actions between two adjacent lattice sites and the 
atoms, and that the adsorbed molecule is immobile, 
or, that the adsorption is accompanied by rupture 
of the molecular bond and that the adatoms so 
formed in adjacent lattice sites are immobile. For 
adsorption of the latter kind (which will be shown 
to correspond to the system nitrogen on tungsten) 
on a uniform crystal surface, and assuming no 
lateral interactions between adatoms, the fraction 
of the total number of sites which are surrounded 
by occupied sites, and thus could conceivably con­
stitute an a-site, has been given as (1 — 6)/ 
(30/4 — 0)4. For 9 =  1/ 2, this would predict that 
for every molecule in state a there would be ~ 7  
in /3, close to the experimentally determined value. 
However, it also follows that initially the number 
of a-species would be negligible, but would increase 
very rapidly at higher values of %. As appears 
from Fig. 6, an essentially linear relation between 
a and P holds even at the smallest values of n$ 
experimentally accessible, and this explanation 
does not appear correct. However, on a non- 
uniform surface there are other opportunities for 
forming gaps inaccessible to a diatomic molecule 
as a whole, beyond those considered by Roberts. 
Thus, for exam-pie, the regions on which adsorption 
occurs most rapidly have been associated with 
lattice steps, and these, above absolute zero, must 
be kinked.20 For tungsten at the maximum flash 
temperature (~2200°K.) the kinks are separated 
from one another by ~ 1 5  atom distances. An 
unoccupied site between a kink and a filled site 
could, conceivably, form a well for an a-nitrogen. 
Moreover, if chemisorption in the /3-state occurs 
solely on a step, the number of nearest neighbors, 
and therefore the dependence upon d, would be 
reduced, so that the relation between a and p could 
in this way approach that experimentally observed.

The view that a-nitrogen is bound on sites that 
are created by the adsorption of nitrogen in the 
/3-state offers a ready explanation for the possibility 
of isolating an a-peak in the pressure burst at all. 
The relatively low temperature (T <  800°K.) 
at which a is completely evolved indicates that it 
is thermodynamically less stable than the /3-state. 
To account for the existence of a at all we must 
therefore assume a barrier to the conversion to p. 
Physically, this is most readily visualized if the 
a-sites are surrounded by sites on which p cannot be 
formed. To bring nitrogen from an a to a /3-site, 
an activation energy equal at least to that for 
evaporation out of a minus that for evaporation 
from the physically adsorbed state will have to be 
gained; that is, the barrier to surface diffusion 
away from such a site does not differ significantly 
from that for evaporation and these processes will 
be competitive. This is in contrast to the diffusion 
between equivalent sites for physically adsorbed 
molecules,21 or between chemisorbed adatoms,22

(20) W. K. Burton, V. Cabrera and F. C. Frank, Phil. Trans. Roy. 
Soc., A 243, 299 (1951).

(21) F. C. Tompkins, Trans. Faraday Soc., 46, 569 (1950).
(22) R. Gomer and R. Wortman, J. Chem. Ph.ys., 23, 1741 (1955).

in which the barrier amounts to a small fraction 
(less than Vs) of that to evaporation.

It appears from Fig. 9 that the process whereby 
the concentration of a is depleted at higher values 
of rip does not explicitly depend upon na. The 
rate of adsorption in • the /3-state appears as the 
rate determining step, which is consistent with the 
picture of irreversible binding of a during the 
initial stages of chemisorption. The activation 
energy for the depletion step, deduced from the 
temperature dependence, is ^ 2 .5  kcal./mole. 
Although molecular binding in the a-state is the 
most appealing and offers a consistent interpreta­
tion of all the facts known at present, the data 
do not so far permit a proof of this, or deduction 
of the driving force for the depletion of the a-state. 
Both matters will be considered in a future report 
on the details of the desorption steps.

The Nature of Nitrogen in State p.—Although 
there is indirect evidence, such as the evolution of 
atoms from a hot tungsten filament in a gas at­
mosphere and the occurrence of exchange reactions 
on surfaces, that upon chemisorption homonuclear 
diatomic molecules may lose their molecular 
identity and be adsorbed as atoms, investigations 
of the kinetics of the desorption step, which should 
establish this, have been very limited. The work 
of Becker and Hartman appears to be the first 
and only study of the desorption of molecules in 
which the rate has actually been followed directly, 
through measurement of the quantity of gas ad­
sorbed. In this connection, the isolation of a 
state of adsorption of low binding energy (the a 
state) is of interest since it permits a preliminary 
attempt to interpret their rate measurements.

In Fig. 10a the rate of evaporation of nitrogen 
on tungsten (at constant coverage) has been 
plotted on a log scale against reciprocal absolute 
temperature. It is apparent that for T >  900°K. 
the data at low cover can be adequately approxi­
mated by a straight line, but that this fails to 
account for the evaporation rate at lower tempera­
tures. Such a behavior is to be expected from our 
own work which indicates the presence of adsorbed 
material in a distinct state of weak binding (a), 
and qualitatively, the results of Becker and Hart­
man for evaporation below T =  1100°K. are in 
agreement with ours concerning the temperature 
range and onset of evaporation of a. Their data 
for higher temperatures are presumably not in 
serious error due to failure to isolate the a state, 
since in this range it is unstable and the population 
in it negligible; the activation energy for the 
desorption of nitrogen in this range (1100° <  T 
<  1500°K.) i.e., for the /3-state, obtained from the 
slope of the plot in Fig. 10a, is 71 kcal./mole. 
This value appears to describe the data for those 
coverages for which sufficient data are given, i.e., 
Upton,? =  172 X 1012molecules/cm.2; for the latter, 
however, the fit is much poorer. The variation of 
the rate with the amount chemisorbed is more 
uncertain, both because of the difficulties in mak­
ing such measurements and because of the evolu­
tion of a. At high enough T, not only should the 
rate of desorption of p outweigh that of a, so that 
the error incurred by failure to separate the two
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should be diminished, but the rate also becomes 
more readily measurable. In Fig. 10b the de­
sorption at 1400°K. has been plotted against the 
square of the amount chemisorbed—and an ade­
quate straight line is obtained. For lower desorp­
tion temperatures, the agreement is much poorer; 
a dependence upon a power >2  seems indicated— 
and we must consider as tentative the deduction 
that desorption is a second-order reaction, with a 
rate law Dp =  np2 2.4 X 10-4 exp(—71'103/RT) 
molecules/cm.2 sec.

These results are to be compared with those 
previously reported by Bosworth and Rideal23 
and van Cleave.24 It is conceivable that the low 
binding energies found by these investigators for 
nitrogen on tungsten referred to nitrogen in the in­
state; a more likely explanation of the discrepancy 
between their findings and ours is the possibility 
of contamination of the surfaces used in their 
work. An additional limitation on the work of 
Bosworth26 lies in the fact that particularly at low 
temperatures (T =  80°K.) the contact potential 
will not be significantly affected by the species 
present in the greatest numbers—the molecules 
physically adsorbed.

From the analysis of the data of Becker and Hart­
man, it does appear that, upon adsorption in the 
/3-state, nitrogen molecules are dissociated and 
exist on the surface as atoms. If we accept the 
validity of Gomer’s22 measurements on the onset 
of surface diffusion of hydrogen and oxygen ad­
sorbed on tungsten, as well as his correlations with 
the heats of adsorption per atom, then we can 
expect the onset of surface diffusion for nitrogen 
at approximately the same temperature as for 
oxygen, that is, at 450°K. or higher. This is of 
twofold interest. First of all, it indicates that the 
model for the formation of the a state presented in 
the previous section, involving singularities in an 
immobile adsorbed layer, is consistent with the 
available evidence. Secondly, inasmuch as de­
sorption measurements are carried out above T =  
1000°K., a mechanism for the transfer of atoms 
over the surface exists under the conditions of 
measurement, and the temperature coefficient 
of the evaporation rate from a non-uniform surface 
thus gives an average heat of activation for desorp­
tion from the sites present on the particular 
surface.26 Beeck27 has reported a differential 
heat of adsorption of nitrogen on an evaporated 
tungsten film at room temperature of 95 kcal./mole, 
significantly higher than the heat term deduced 
from the rate measurements. At room tempera­
ture, the chemisorbed nitrogen should be immobile, 
and Beeck’s experimental value thus refers to the 
heat of adsorption for sites of high reactivity. 
Although the validity of the technique for the pro­
duction of such films is in serious doubt,28 con­
tamination or incomplete adsorption on the metal

(23) R. C. L. Bosworth and E. K. Rideal, Physica, 4, 925 (1937).
(24) A. B. van Cleave, Trans. Faraday Soc., 34, 1174 (1938).
(25) R. C. L . Bosworth, J. Proc. Roy. Soc. N. S. Wales, 79 , 166 

(1946).
(26) We do not agree that the temperature coefficient gives a mini­

mum heat of desorption from the weakest binding sites, as suggested 
by R. Gomer, Advances in Catalysis, 7, 93 (1955).

(27) O. Beeck, ibid., 2, 151 (1950).
(28) T. W. Hickmott and G. Ehrlich, to be published.

Fig. 10.— Desorption of nitrogen from tungsten as reported 
by Becker and Hartman.2 One layer (0 =  1) =  1.25 X  1014 
molecules/cm.2; (a) evaporation rate as a function of 1 /T ; 
(b) evaporation rate at T =  1400°K. as a function of 
coverage.

could lead to values of the heat which are too low, 
and if we accept the experimental data as correct, 
we must conclude that this discrepancy between 
the calorimetric heat and that observed from rate 
measurements is due to the presence of binding- 
sites of different strength on the metal. This may 
be expected from the well established dependence 
of surface tension and work function on the orienta­
tion of the crystal surface exposed, and a variation 
of heat of adsorption with crystal plane has actually 
been deduced from field emission studies of oxygen 
on tungsten by Becker.5 This, however, is a 
particularly complicated system, for which the 
interpretation of the emission patterns is even more 
uncertain than usual5'26’29 and such a conclusion 
appears premature. Since only very limited ex­
perimental studies on desorption are so far avail­
able, a more detailed examination of this question 
will be delayed till the completion of experimental 
work now in progress.

Becker2’6 has interpreted his results on both 
adsorption and desorption on the assumption that 
a second, atomic layer, is formed on top of the first, 
once 1.25 X 1014 molecules have been adsorbed per 
sq. cm. Our own analysis associates the break 
in the plot of sticking coefficient versus amount 
adsorbed with a filling up of reactive A sites, with 
adsorption continuing thereafter, still on the metal,

(29) E. W. Müller, Z. Elektrochem., 69, 372 (1955).
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but on less reactive sites as well as on those A sites 
not filled. The break is determined by the rates of 
the processes that compete with chemisorption for 
molecules physically adsorbed. Only at a tem­
perature such that the rate of these processes is 
negligibly small compared with chemisorption does 
6c give a true measure of the “ active”  area on the 
surface— as we have found at T =  80°K. A reac­
tion on a uniform surface, with only alternate sites 
filled, as envisioned by Becker,6 cannot do justice 
to the experimentally determined kinetics of chemi­
sorption. Moreover, the interpretation of the 
desorption data, offered in support of the two-layer 
model, does not appear valid. As indicated, the 
heat of desorption appears constant within the 
experimental error, even in the range of formation 
of the “ second layer,”  and there seems to be no 
change in the mechanism of desorption; the 
constancy of the heat of desorption upon increas­
ing the amount of material adsorbed also shows 
that, up to 77,3 =  172 X 1012 molecules/cm.2 at 
least, interaction between adatoms is small. Since 
the data available at the moment are not extensive, 
a further examination of the kinetics of desorption 
is indicated, however.

The salient facts regarding the interaction of 
nitrogen with a tungsten surface that emerge from 
these studies are that adsorption may occur in at 
least three distinct binding states— one in which 
primarily dispersion forces are at play, and two, 
designated as a and /3, respectively, in which the 
binding is sufficiently strong to be termed chemi­

sorption. In the ¡3-state nitrogen is present as 
atoms, with a binding energy of ~150 kcal./g. atom. 
Below 450°K., the chemisorbed species so formed 
should be immobile. The rate of formation of this 
state is rapid at special active strips, presumably 
lattice steps, and occurs at temperatures as low as 
80°K.; adsorption in the /3-state occurs at other 
lattice sites as well, but by a process with a higher 
activation barrier which prevents chemisorption 
at 80°K. Simultaneous with adsorption of nitro­
gen in the /3-state is the formation of the «-state, 
which is dictated by the rate of growth of /3, and 
presumably occurs through the adsorption of 
molecules on singularities in the atomic layer first 
formed. At temperatures below lOCPK., a third 
state, y  can be detected, and it is this binding level 
that is most densely populated at 80°K. At this 
temperature adsorption in the y state competes 
successfully with chemisorption.

Experimental work still in progress has shown 
that other diatomic molecules can also exist in a 
number of different binding states on a tungsten 
surface, although the details of the interactions 
differ from those found for nitrogen.30 The presence 
of chemisorbed entities adsorbed with a low bind­
ing energy may be significant in affecting catalytic 
reactions— so far, however, no experimental work 
has been carried out under conditions that would 
help to elucidate this question.

(30) T. W. Hickmott and G. Ehrlich, J. Chem. Phys., 24, 1263
(1956).
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Methods of correlation of the physical properties of various normal alkyl series of compounds are described. The prop­
erties are for the liquid state and include molal volume, density, molal refraction and refractive index, at 25°, and the 
normal boiling point at 1 atmosphere. The compounds treated include the normal alkyl series of the alkanes, 1-alkenes, 
cyclopentanes, cyclohexanes, benzenes, 1-alkanethiols, 2-alkanethiols, 1-alkanols, 2-alkanols and alkanoic acids.

I. Introduction
The American Petroleum Institute Research 

Project 44 has been engaged since 1942 in collect­
ing, analyzing, correlating, calculating and criti­
cally selecting values of properties of hydrocarbons 
and related compounds.2-4 In this work, one of

(1) This investigation was performed under the American Petroleum 
Institute Research Project 44 in the Petroleum Research Laboratory 
of the Carnegie Institute of Technology, Pittsburgh, Pennsylvania.

(2) F. D. Rossini, K. S. Pitzer, W. J. Taylor, J. P. Ebert, J. E. Kil­
patrick, C. E. Beckett, M. G. Williams and H. G. Werner, “ Selected 
Values of Properties of Hydrocarbons,”  National Bureau of Standards 
Circular 461, U. S. Government Printing Office, Washington, D. C., 
1947.

(3) F. D„ Rossini, K. S. Pitzer, R. L. Arnett, R. M. Braun and 
G. C. Pimentel, “ Selected Values of Physical and Thermodynamic 
Properties of Hydrocarbons and Related Compounds,”  Carnegie 
Press, Carnegie Institute of Technology, Pittsburgh, Pennsylvania, 
1953.

the important tie lines for the reference of values of 
isomeric molecules is the series of normal alkyl 
compounds for the different homologous series. 
The general formula of such a homologous series 
may be taken as

Y-(CH 2)„-H  (l)
where m represents the number of carbon atoms in 
the normal alkyl chain and Y  represents the given 
end group, containing one or more carbon atoms, 
which may be a methyl group, CH3- ,  a cyclopentyl 
group, C5H9-, a cyclohexyl group, C 6H u -, a phenyl 
group, C6Hb-, a vinyl group, C2H3-, an acetylenic 
group, C2H -, or H O C H 2-, or H S C H 2- ,  etc. The

(4) “ Selected Values of Properties of Hydrocarbons and Related 
Compounds,”  Loose-leaf data sheets, American Petroleum Institute 
Research Project 44, Carnegie Institute of Technology, Pittsburgh, 
Pennsylvania.
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first members of the foregoing series are, respec­
tively, methane, cyclopentane, cyclohexane, ben­
zene, ethylene, acetylene, methanol and methane- 
thiol (methyl mercaptan).

It was desired to obtain values for the simple 
physical properties for each member of such homolo­
gous series of compounds up to near C20, and in 
some cases to near C40. It was found that for each 
homologous series there were a number of the com­
pounds which had not yet been synthesized in a 
pure state with measurements of properties re­
ported. Further, for some of the compounds which 
had been prepared, the reported measurements 
were not sufficiently reliable. In order to obtain 
values for the compounds which had not yet been 
synthesized, and to obtain more reliable values for 
those compounds for which the reported data were 
inadequate, recourse was had to the correlation of 
the values of the properties with molecular struc­
ture.

To do this properly requires very reliable data on 
the first several members of a given homologous se­
ries of compounds and on two or three compounds in 
the range of 10 to 20 carbon atoms in the normal 
alkyl chain. With reliable data on five or six 
compounds so selected, it is possible to obtain re­
liable values for from 10 to 25 other members of the 
given homologous series without experimental data 
on these latter compounds.

The present paper explains the procedures which 
have been in use since about 1946 in the work of 
the American Petroleum Institute Research Proj­
ect 44 on the evaluation of values of properties 
for the members of homologous series of com­
pounds, and presents the background and proce­
dures for the properties of molal volume and den­
sity, molal refraction and refractive index and boil­
ing point.

II. General Considerations
It has long been known that the value of a physical 

property for a pure compound can be correlated 
with the structure of the molecules of which it is 
composed. In order to represent a given property 
in terms of molecular structure, one may assume 
a function, G, representing the property, which is 
expressed in terms of i  independent structural 
variables, Z\. . .Zi, and of j  adjustable parameters, 
a i .. .a,-. That is

G =  /(zi. . . Z i ,  ai. . .a,) (2)

In equation 2, the z’s are known from the structure 
of the molecule and the a’s are adjusted to fit the 
experimentally observed values of the given prop­
erty.

In dealing with the members of a homologous 
series of compounds, of the general formula given 
by equation 1, a simplification occurs since the 
difference from member to member, beginning with 
m =  0 and continuing to the higher members of 
the series, is the addition of one CH2 group in the 
normal alkyl chain. In this case, only one struc­
tural variable, z, is needed, that pertaining to the 
number of carbon atoms in the normal alkyl chain, 
and we may write

(3)

Starting with the first member of the homologous 
series

Y -H  (4)

one sees that each succeeding member of the series 
is produced from the preceding member by the ad­
dition of one carbon atom and two hydrogen atoms, 
into the chain

It is clear that a very rough first approximation is 
that the change in the value of the given property 
will be approximately the same from member to 
member in the homologous series. Further, it is 
clear that the actual differences in the value of the 
property will tend to approach constancy as one 
goes to large values of m. In terms of the incre­
ment in the value of the property per CH2 group, 
one can say that the increment per CH2 group will 
approach a constant value, or the difference in 
successive values of the increment per CIi2 group 
will approach zero, as m increases. The rate at 
which the differences in successive values of the 
increment per CH2 group approach zero will vary 
greatly with the property under consideration. 
In any case, for any given property, the increment 
per CH2 group will approach a constant value for 
m equal to infinity and this limiting constant value 
of the increment per CH2 group will be independ­
ent of the end group Y, for the given property, 
under specified conditions. That is to say, for the 
compound represented oy equation 1, we can ex­
press the value of the given property, G, by the 
equation

G =  Go — am +  f(m) (6)
where a is a constant for all homologous series in­
dependent of the end group, Y, /(m) is a function 
of which the derivative with respect to m goes to 
zero for m equal to infinity, and (?o is a constant for 
each series. As previously mentioned, the end 
group Y  is always selected so as to contain at least 
one carbon atom.

III. Molal Volume and Density
1. Review of Previous Work.— The molal

volume has long been recognized as an approxi­
mately additive property. Aranda6 and Komo­
shilov6-7 developed linear equations for the homolo­
gous series of paraffin hydrocarbons. Calingaert 
and co-workers8 and Huggins9-10 put forward more 
accurate equations for the molal volume for the 
liquid at 20°, in terms of the number of carbon 
atoms in the molecule. Kurtz and co-workers11-12 
recommended a general equation for the molal 
volume of liquid hydrocarbons.

(5) V. G. Aranda, Anal, real soc. espan. fis . y quim. (Madrid), 34, 
513 (1936).

(6) N. F. Komoshilov, Zhur. Obshchei Khim., 9, 701 (1939).
(7) N. F. Komoshilov, ibid., 10, 945 (1940).
(8) G. Calingaert, H. A. Beatty, R. C. Kuder, and G. W. Thom­

son, Ind. Eng. Chem., 33, 103 (1941).
(9 ) M. L. Huggins, J. Am. Chem. Soc., 63, 116 (1941).
(10) M. L. Huggins, ibid., 76, 843 (1954).
(11) S. S. Kurtz and M. R. Lipkin,/nd. Eng. Chem., 33, 779 (1941).
(12) S. S. Kurtz and A. Sankin, ibid., 46, 2186 (1954).G =  f(z, Ci. . .  a,)
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Mibashan13 related molal volume to normal 
boiling point. Francis14 correlated the density 
with the number of carbon atoms. Smittenberg 
and Mulder15 proposed the following equation for 
the density of a homologous series of compounds 

d =  +  k'/(n  +  z') (7)

Here n is the number of carbon atoms, d„ is the 
limiting value of the density for an infinitely long 
chain, and k' and z' are arbitrary constants for 
given homologous series. This relation gave re­
markable accord with the experimental values for 
the individual compounds.

2. Method Used in the Present Work.— In the 
work of the API Research Project 44, the reference 
data were taken for the liquid at 25°. Accurate 
data on the densities of the API Research hydro­
carbons of the series of normal paraffins (n-alkanes) 
and the normal monooleftns (1-alkenes) up to Cic 
were available.16 These two normal alkyl series 
were used as the primary basis for developing the 
correlation.

Plots of the molal volume, F, against to, the 
number of carbon atoms in the normal alkyl chain, 
for these two normal alkyl series, n-alkanes and 1- 
alkenes, yielded lines which were nearly straight 
and had almost identical slopes. A sensitive test 
for linearity was performed by plotting, against to, 
the residual volumes, defined as the differences 
between the experimental values and correspond­
ing values calculated from the equations represent­
ing the straight; line in each case. Definite de­
partures from linearity, greater than the uncer­
tainty of the data, were indicated, and it was de­
cided to include in the equation a term involving 
f(?n)

V = Vo +  avm +  / ( to) (8)
In accordance with the discussion presented 

earlier in this paper, the change of molal volume 
with the number of carbon atoms in the normal 
alkyl chain approaches a limiting constant value as 
to increases without limit. This requires that 
d/(m)/dm in equation 8 becomes zero, with d F /d to 
becoming equal io av.

It was found that plotting (to — 1) times the 
residual volume against the l/(m  — 1) yielded a 
straight line within the significance of the data. 
This meant that the residual volume, or / ( to), 
could be expressed as a second degree equation in 
l/(m  — 1), or

/ ( to) =  6v/ ( to — 1) +  cv/ ( to — l ) 2 (9)

Then the final equation for the molal volume be­
comes

V = Vo +  avm +  bv/(m — 1) +  cv/(m — l)2 (10)
where the constants Fo, av, bv and cv are evaluated 
from the experimental data. It is to be noted 
that, as previously indicated

dF/dwt =  a,; as to— >■ co (11)

This means that av will have the same value for all 
normal alkyl series. Since density is the molecular

(13) A. Mibashan, Trans. Faraday Soc., 41, 374 (1945).
(14) A. W. Francis, Ind. Eng. Chem., 33, 554 (1941).
(15) J. Smittenberg and D. Mulder, Rec. trav. chim., 67, 813 (1948).
(19) D. L. Camin, A. F. Forziati and F. D. Rossini, This Journal,

58, 440 (1954); D. L. Camin and F. D. Rossini, ibid., 59, 1173 (1955).

weight divided by molal volume, M/V, then the 
limiting value of density, as to approaches infinity, 
will be

do. =  14.026/av (12)

where 14.026 is the molecular weight of one CH2 
group.

For all the normal alkyl series examined in this 
investigation, Equation 10 holds satisfactorily for 
values of to greater than one.

3. Results of the Present Work.— Equation 10 
was fitted to the best available data on the molal 
volume, at 25° and one atmosphere, of the n- 
alkanes and 1-alkenes2-4'16-1? by means of the 
method of least squares.

From the data on the twelve n-alkanes, C6 to 
Cie, inclusive, the value of av in Equation 10 for 
the series of n-alkanes at 25° was found to be 
16.4867 ml./mole, with a standard deviation of 
±0.0090 ml./mole. Correspondingly, the data 
on the twelve 1-alkenes, C5 to C m, inclusive, 
yielded, for the value of av in Equation 10 for the 
series of 1-alkenes at 25° and 1 atmosphere 16.4834 
ml./mole, with a standard deviation of ±0.0049 
ml./mole. For all normal alkyl series, a weighted 
mean value of av equal to 16.4841 ±0.0043 ml./ 
mole at 25° and 1 atmosphere was selected. With 
this value of av, values of the other constants, F0, 
bv and cv were recalculated for the series of n- 
alkanes and the series of 1-alkenes. The limiting 
value of density, dm, corresponding to the selected 
value of av, becomes 0.85088 g./ml. at 25°.

With the value of av thus predetermined, only 
three constants, Fo, bv and cv, were required to be 
evaluated in applying equation 10 to the data on 
other normal alkyl series. Eight other homologous 
series of compounds were thus investigated. 
Wherever the data warranted, the method of least 
squares with appropriate weighting was used.

Table I gives the values of the constants of equa­
tion 10 for calculating the molal volume for the 
liquid at 25° for ten normal alkyl series of com­
pounds, including n-alkanes, 1-alkenes, cyclopen­
tanes, cyclohexanes, benzenes, 1-alkanethiols, 2- 
alkanethiols, 1-alkanols, 2-alkanols and alkanoic 
acids. The last column of Table I gives the root 
mean square or standard deviation of the calculated 
from the experimental values of density. These 
standard deviations are of the same magnitude as 
the uncertainties in the experimental data.

From the values of the molal volume calculated 
from the constants given in Table I for each series, 
it is possible to calculate the density, for the liquid 
at 25° and 1 atmosphere, for each of the com­
pounds of each of the series.

IV. Molal Refraction and Refractive Index
1. Review of Previous Work.—As far back as 

1893, Eykman17 reported the additivity of the 
molal refraction, R =  F («d — 1), of CH2 groups 
in homologous series for the liquid state. Follow­
ing Eykman’s work, many linear equations have 
been proposed by different investigators.9'12’18

Equations for refractive index have been de-
(17) J. F. Eykman, Rec. trav. chim., 12, 157 (1893).
(18) J. P. Wibaut and S. L. Langedijk, ibid., 59, 1220 (1940).
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T a b l e  I
V a l u e  o f  t h e  C o n st an t s  o f  E q u a tio n  10 f o r  M o l a l  V o l u m e , f o r  th e  L iq u id  a t  25° a n d  1 A t m o sp h e r e , for

V a r io u s  N o r m a l  A l k y l  Se r ie s

av = 16.4841 ml./mole for all series. The series is represented by the general formula, Y-(CH 2)m-H , where the end group
Y  always contains one or more carbon atoms.

Normal alkyl 
series

No. of 
compd. used 
to evaluate 

the constants
Vo,

ml./mole
ra-Alkanes 12 45.82233
1-Alkenes 12 57.08054
n-Alkyl cyclopentanes 3 95.80176
n-Alkyl cyclohexanes 3 110.53675
n-Alkyl benzenes 3 91.99335
1-Alkanethiols 6 59.61365
2-Alkanethiols 5 77.53475
1-Alkanols 7 43.56824
2-Alkanols 5 61.65620
n-Alkanoic acids 6 43.84111

Values of the constants
bv,ml./mole C v ,ml./mole

Root-mean- square or 
stand, dev. in density, g./ml.

14.56329 -4.56336 0.000048
10.37057 -5.33246 .000037

-0.74372 +  1.64148
-0.81676 1.02295
-5.03136 4.71845
-5.09148 5.03934 .000038
-4.61859 4.64630 .000148
-3.74475 3.36719 .000135
-6.88659 7.21123 .000134
-1.17385 -1.09678 .00078

veloped by Schoorl19 in terms of molecular weight 
and by Francis13 in terms of the number of carbon 
atoms. Mibashan12 also correlated refractive in­
dex with the normal boiling point.

Smittenberg and Mulder14 proposed for the re­
fractive index an equation of the form similar to 
their equation for density

jid =  +  k/(n +  z) (13)

Here, na is the limiting value of refractive index 
for an infinite number of carbon atoms in the nor­
mal alkyl chain and has the same value for different 
homologous series.

2. Method Used in the Present Work.— The
accurate data obtained on the series of normal 
paraffins of the API Research hydrocarbons2-4-18’16 
indicate that the Lorentz-Lorenz molal refraction 

R =  U > 2 -  1 )/(n2 +  2) (14)

is linear with the number of carbon atoms within 
the significance of the data

R =  Ro +  aRm (15)

Here, m is the number of carbon atoms in the nor­
mal alkyl chain, and an is the constant increment 
per CH2 group, which is the same for different 
homologous series. Equation 15 holds satisfac­
torily for values of m greater than one.

3. Results of the Present Work.—Equation 15, 
with R taken as given by equation 14, was fitted to 
the best available data on molal volume and 
refractive index for the sodium-D spectral line, at 
25° and one atmosphere, for the n-alkanes and 
1-alkenes2-416-16 by means of the method of least 
squares.

From the data on the twelve n-alkanes, Ce to 
C16, inclusive, the value of an in equation 15 for the 
series of n-alkanes at 25° was found to be 4.64290 
ml./mole, with a standard deviation of ±0.00039 
ml./mole. Correspondingly, the data on the 
twelve l-alkenes; C5 to Ci6, inclusive, yielded, for 
the value of <z r  in equation 1 5  for the series of 1 -  
alkenes at 25° 4.64109 ml./mole, with a standard 
deviation of ±0.00034 ml./mole. These data in­
dicate an apparently fortuitous small value of the 
standard deviation for each series which is consid­
erably smaller than the difference in the experi-

(19) N. Schoorl, “ Organische Analyse,”  Vol. II, third edition 
D. B. Centen, Amsterdam, 1937, p. 39.

mental value of o r  for the two series of compounds. 
In the same manner as was done for the molal vol­
ume, one value of an was selected to be used for all 
different normal alkyl series. A weighted mean 
value of an was arbitrarily taken as 4.64187 ml./ 
mole. This mean value is 0.00103 and 0.00078 
ml./mole within the experimental values for the 
n-alkanes and 1-alkenes, respectively.

Using this selected value of <z r , the value of R0 
was calculated for each of the homologous series 
under investigation, by the method of least squares, 
with appropriate weighting. Table II gives the 
calculated values of Ro for ten normal alkyl series 
of compounds, including n-alkanes, 1-alkenes, 
cyclopentanes, cyclohexanes, benzenes, 1-alkane- 
thiols, 2-alkanethiols, 1-alkanols, 2-alkanols and 
alkanoic acids. The last column of Table II gives 
the root mean square or standard deviation of the 
calculated from experimental values of refractive 
index. These standard deviations are of the same 
magnitude as the uncertainties in the experimental 
data.

From the values of molal refraction calculated 
from the constants given in Table II, it is possible to 
calculate the refractive index, for the sodium-D 
spectral line for the liquid at 25° and 1 atmos­
phere, for each of the compounds of each of the 
series, using the value of molal volume from Table 
I, using the equation

(n2 -  l) /(n 2 +  2) =  R /V  (16)

Writing equations 10, 14, and 15 together, one has
R /V  =  (ra2 -  l)/(«,2 +  2)

= (Ro +  anm)/[Vo +  avm +
bv/(m  -  1) +  cT/(m -  l )2] (17)

As m approaches infinity, the limit of R/V is 
the value per CH2 group and becomes

( R/ V )co =  [(ra2 -  l)/(re2 +  2)]„ =  aR/av (18)

Substituting the numerical values of and av, one 
obtains

as,/a, =  0.2815968 (19)

and, from equation 18
Wco =  1.47510 (20)

for the liquid at 25° and the sodium-D spectral line.
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T a b l e  I I

V a l u e s  o f  t h e  C o n s t a n t s  o f  t h e  E q u a t io n  f o r  M o l a l  
R e f r a c t io n , R  =  V ( n *  — l ) / ( ? i 2 +  2 ) =  R 0 - f  osrto, f o r  
t h e  L iq u id  a t  2 5 3 a n d  t h e  So d iu m -d  Sp e c t r a l  L in e , f o r  

V a r io u s  N o r m a l  A l k y l  Se r ie s

an =  4.64187 ml./mole for all series. The series is repre­
sented by the general formula, Y— (CIDm— H, where the 
end group Y  always contains one or more carbon atoms.

Normal alkyl 
series

No. of 
compd. 
used to 

evaluate 
the con­
stants

Value of Bo. 
ml./mole

Root-mean- 
square or 

stand, dev. 
in refractive 

index
n-Alkanes 12 6.72066 0.000052
1-Alkenes 12 10.93704 .000046
n-Alkyl cyclopentanes 3 23.14251 .000048
n-Alkyl cyclohexanes 3 27.76551 .000016
ra-Alkyl benzenes 3 26.55060 .000052
1-Alkanethiols 6 14.50273 .00012
2-Alkanethiols 5 19.17105 .00021
1-Alkanols 7 8.23182 .00046
2-Alkanols 4 12.85626 .00019
n-Alkanoic acids 6 8.26657 .00033

V. Normal Boiling Point
1. Review of Previous Work.—The relation­

ships involving the normal boiling points of com­
pounds of homologous series have been very 
extensively studied in the past, with the series of 
normal paraffins having received the greatest 
amount of attention. In 1842, Kopp20 stated that 
in any given homologous series the increase in 
boiling point on the addition of a CH2 group is 
constant. Thirty-five years later, Schorlemmer21 
pointed out that Kopp’s statement was somewhat 
inaccurate. In the following years, Goldstein22 
and Young23 formulated relations for the difference 
in boiling point between two successive members of 
a homologous series of compounds. Expressions 
of different forms and degrees of complexity for 
the normal boiling point of members of homologous 
series have been proposed by Mills,24 Hinrichs,25 
Walker,26 Boggio-Lera,27 and Ramage.28

In 1916, Plummer29 suggested that one should 
distinguish three different classes of homologous 
series and that their boiling point relations should 
be treated differently. The first class involves 
marked association among the molecules; the 
second class, slight association among the mole­
cules; and the third class, no association.

More recent correlations include those of 
Young,30 Cox,31 Aten,32 Merkel,33 Burnop,34 Kin­
ney,36 and Francis.14

(20) H. Kopp, Ann., 41, 169 (1842).
(21) C. Schorlemmer, Chem. News, 25, 101 (1877).
(22) M . Goldstein, Ber., 12, 689 (1879).
(23) S. Young, Phil. Mag., 9 , 1 (1905).
(24) E. J. Mills, ibid., 17, 173 (1884).
(25) G .  Hinrichs, Z .  physik. Chem., 8, 229 (1891).
(26) J. Walker, J. Chem. Soc., 65, 193 (1894).
(27) E. Boggio-Lera, Gazz. chim. ital., 29 , 441 (1899).
(28) H. Ramage, Proc. Cambridge Phil. Soc., xii, 445 (1904).
(29) H. C, Plummer, Phil. Mag., 32, 371 (1916).
(30) S. Young, Proc. Roy. Irish Acad., B38, 65 (1928).
(31) E. R. Cox, Ind. Eng. Chem., 27, 1423 (1935).
(32) A. H. W. Aten, J. Chem. Phys., 5, 260 (1937).
(33) J. H. C. Merkel, Koninkl. Ned. Akad. Wetenschap. Proc., 40, 

164 (1937).
(34) V. C. E. Burnop, J. Chem. Soc., 826 (1938).
(35) C. R. Kinney, Ind. Eng. Chem., 32, 559 (1940).

Egloff, Sherman and Dull86 adopted Plum­
mer’s29 logarithmic formula

T  =  a lo g ( n  +  b)  +  k  (21)

and found that the boiling points of aliphatic ho­
mologous series of compounds could be represented 
rather accurately by this simple formula, with the 
same value of a and b being used for the different 
series. Subsequently, this same formula was ap­
plied to the homologous series of other types of 
compounds by using a different value of a for each 
series, with the same value of b being used for all 
series.37-39

2. Method Used in the Present Work.—
Because of the great increase in the precision and 
accuracy of our present-day data, it was necessary 
to seek some new form of equation to satisfy the 
needs of the API Research Project 44 in correlating 
the data on normal boiling points for many dif­
ferent series of normal alkyl compounds.

In view of the moderate success achieved by 
previous correlations involving a logarithmic func­
tion, it appeared logical to take as a first approxi­
mation the following

t =  to +  ct '  log (m — 1) (22)

However, a plot of boiling point against log (to — 1) 
indicated that one or more additional terms were 
required to bring accord with the experimental data 
on the first several members of the series. Then 
the following form of equation was taken

t =  to +  log (m -  1) +  / ( to) (23)

In equation 23, the form of the function, / ( to), 
could be determined from the accurate data re­
cently reported by the API Research Project 6 on 
the boiling points of the normal paraffins and the 
normal monoolefins (1-alkenes), each series from 
C6 to Cie, inclusive.16'16 Careful comparison of 
these data with equation 23 made it evident that 
the function, / ( to), had to be something more than 
a simple power series.

Differentiation of equation 23 with respect to to 
gives

dt/drn =  ct/(m — 1) +  d [/(m )]/d m  (24)

A plot of the data in the form of (to — l)di/dTO 
against to showed that (to — l)di/d?re increases with 
increasing values of m and rapidly approaches 
a limit, in a form resembling an exponential curve. 
Then the data were plotted in the form of (to 
— l)d(/dTO against e~btim ~ x), and a reasonably 
good straight line was obtained when a suitable 
value of bt was used. Then we have

(to — 1) dl/dm  =  — d te~ b t(m -l)  -f. Ct (25)

or
dt/drn =  — — 1 ) - f  c t/ (m  — 1) (2 6 )

Equation 26 gives a limit of zero for dt/dm as to 
increases to infinity.

Integrating equation 26 from to =  2 to any
(36) G. Egloff, J. Sherman and R. B. Dull, T his Journal, 44, 730 

(1940).
(37) N. Corbin, M. Alexander and G. Egloff, Ind Eng. Chem., 38, 

156 (1946).
(38) W. D. English and R. V. V. Nicholla, J. Am. Chem. Soc., 72, 

2764 (1950).
(39) W. D. English, ibid., 74, 2927 (1952).
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T a b l e  III
V a l u e s  o f  t h e  C o n st an t s  o f  t h e  E q u a tio n  f o r  t h e  N o r m a l  B o il in g  P o in t ,

t =  io +  ct' log (to — 1) — e~" d In u — j *  e~u d In u|

u — bt(m — 1), and bt =  0.1505 for all normal alkyl series. The series is represented by the general formula, Y-(CH 2)m-H, 
where the end group Y  always contains one or more carbon atoms. (The values of the definite integrals are given in Table

IV.)

Normal alkyl
No. of 

compd. used 
to evaluate to.

Values of the constants 
ct', dt,

Root-mean- 
square or 

stand, dev. in
series the constants °C. °C. °C. normal b.p., °C.

/¿-Alkanes 12 -  47.2841 570.5673 225.3648 0.044
1-Alkenes 12 -  9.4932 550.2697 226.0561 .047
n-Alkyl cyclopentanes 3 +  103.4316 471.4638 204.8897
«.-Alkyl cyclohexanes 6 130.9469 449.4821 196.1562 .21
«-Alkyl benzenes 6 133.2915 439.1626 190.3216 .25
1-Alkynes 4 5.3599 542.2579 229.9587 .036
1-Alkanethiols 6 69.3654 513.3685 224.4221 .30
2-Alkanethiols 5 83.9546 484.5158 210.2326 .088

given higher value of to, one obtains
m

t =  fe +  ct I d m/(m — 1) —

dt J*2™ le-M m-1  ) /(m -  i)]dw (27) 

or
l =  to +  ct In (to — 1) —

dt J [e-&t(tf>-l)/(TO — l)]dm (28)

The lower limit of m =  2 for the integration was 
taken for simplification of the mathematical opera­
tions and also because it was not necessary to in­
clude the first member of the series in the correla­
tion. The last term in equation 27 may be trans­
formed. Let

then

and

u =  bt(m — 1), or m = (u/bt) +  1 (29)

dm =  du/bt (30)

[e- &t(m-l)/(jn — l)]dm =  f (bte u/u)du/bt
J 2 J bt

(31)

=  I e~“d In u 
Jbt

But

/ U e“"d In u =  j e““d In w — f  e~“d In u (32) 
bt J bt J u

The values of the two definite integrals on the right 
side of equation 32 may be found in certain mathe­
matical tables.40

The complete equation then may be written, 
from equations 28, 31 and 32, as 
t =  U +  ct' log (m — 1) —

dt e~ud In u — J* e~ud In m| (33)

where« =  bt(m — 1).
The value of bt is determined as follows. Dif­

ferentiating equation 25 with respect to to gives
d[(;rc — l)di/dTO]/dTO =  btdte^dm-l) (34)

(40) “ Tables of Sine, Cosine and Exponential Integrals,“  Vol. I, 
Prepared by the Federal Work Agency, Works Projects Administra- 
ion for the City of New York, New York, 1940.

Taking the logarithm of both sides of this equation, 
one obtains
ln{d[(m — l)di/d?n]/dOTl =  —bt(m — 1) +  ln(5tdt) (35)

A plot of ln{d[(m — l)di/dm ]/dm } against (to
— 1) yields a straight line, the slope of which is
— bt, with intercept equal to In (6tdt)-

Although the evaluation of bt in this way may 
seem somewhat tedious, it has been found that one 
value of bt can be made to serve for substantially 
all normal alkyl series of compounds. Moreover, 
it ;s found that the value of dt, the coefficient of the 
definite integrals in equation 33, has nearly the 
same value for the series of normal alkanes and the 
1-alkenes. These findings are in accord with the 
fact that the differences in normal boiling points 
between normal alkanes and 1-alkenes having the 
same value of m fall on a straight line when plotted 
against log (to — 1). This latter fact would be 
true when the values of the definite integrals in 
equation 33 are the same for the two corresponding 
compounds of the two series, that is, when the 
values of bt and dt are the same for the two com­
pounds. This means also that the values of 5t 
and dt so determined may be utilized in some meas­
ure to evaluate data for other normal alkyl series 
for which the data may be very meager.

By the method of least squares, the data on the 
series of normal alkanes and 1-alkenes yielded a 
value of bt =  0.1505 ±  0 0027.

For the normal alkyl series of oxygen compounds, 
it was found that plots of (to — l)dt/Am against 
f>—bt(m -  i) yielded curves which departed from 
linearity. This departure was not unexpected 
since the correlation was based primarily on the 
simple hydrocarbons which have an intermolecular 
behavior appreciably different from that of or­
ganic oxygen compounds.

As in the case of molal volume and molal re­
fraction, it was found that the first member of the 
series can not readily be included in the correlation. 
Hence, equation 33 may be used to calculate values 
of normal boiling points for to greater than one.

3. Results of the Present Work.— In Table III 
are given values of the constants, i0, bt, ct and dt, 
required for calculating the normal boiling points 
for the compounds of eight different normal alkyl
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T a b l e  IV

V a lu e s  of t h e  D e f in it e  I n te g r a l s  in  th e  E q u a tio n  fo r  
C a l c u l a t in g  N o r m a l  B o il in g  P o in ts

y :bt(m -  1); bt =  0.1505;

e~u d In u

e~" d In u =  1.461598

fJ b\
e u d In u —

e u d In u
Value of m J u J u

2 1.461598 0.000000
3 0.903213 0.558385
4 .623211 0.838387
5 .452555 1.009043
6 .338771 1.122827
7 .258833 1.202765
8 .200710 1.260888
9 .157408 1.304190

10 .124556 1.337042
11 .099279 1.362319
12 .079610 1.381988
13 .064165 1.397433
14 .051942 1.409656
15 .042235 1.419363
16 .034495 1.427103
17 .028158 1.433440
18 .023122 1.438476
19 .018972 1.442626
20 .015647 1.445951
21 .012893 1.448705
22 .010671 1.450927
23 .008824 1.452774
24 .007325 1.454273
25 .006075 1.455523
26 .005056 1.456542
27 .004204 1.457394
28 .003506 1.458092
29 .002922 1.458676
30 .002441 1.459157
31 .002039 1.459559

T a b l e  IV  (Continued)

e -«  d In u
f r «  d in  m —
&t
e -w d In

Value of m J U J U
32 .001706 1.459892
33 .001427 1.460171
34 .001196 1.460402
35 .001002 1.460596
36 .000841 1.460757
37 .000706 1.460892
38 .000593 1.461005
39 .000498 1.461100
40 .000419 1.461179

series. The last column of the table gives the root 
mean square or standard deviation.

In Table IV are given values of the definite 
integrals for values of m from 2 to 40.

It should be noted that when one value of the 
constant bt is common to a number of series of 
compounds, equation 33 may be simplified to

t =  fc' +  ct' log (m — 1) +  dt f  e~nd In u (36)
J U

where
to' =  to — d t f e~u d In u (37)

J bt
VI. Conclusion

By means of the methods described in the pres­
ent report, values were calculated for the prop­
erties of molal volume, density, moial refraction, 
refractive index and boiling point for two hundred 
compounds for which experimental data are non­
existent or inadequate. The many individual 
values so calculated appear in the tables of the 
API Research Project 44.4

The work is being extended to cover additional 
series, in particular with respect to the property of 
boiling point for the normal alkyl series of alcohols.

PHYSICAL PROPERTIES OF 2,4,6-TRI-DIMETHYLAMINOMETHYL-
PHENOL TRIACETATE1
B y  A. B ondi and H. L. P a r r y 2

Shell Development Company, Emeryville, California 
Received A-pril 26, 1966

In order to elucidate the mechanisms of curing of EPON® resins with amine salts, the dissociation equilibria of the tri­
acetate of 2,4,6-tri-(dimethylaminomethyl)-phenol in non-aqueous media have been investigated. In the temperature range 
20-80° it has been found that 1. Ionic dissociation in solution is negligible (ca. 0.01-0.1%) and changes little, if any, with 
temperature. 2. Molecular dissociation into free amino and free acid, either in the melt or in solution, is of the order of 
20-25% at 80°. From the rate of cure of EPON resins observed with this salt, one would assume that the salt is dissociated 
to more than 70% at 80°. This discrepancy is reconciled by the suggestion that the first and rate-determining step in the 
reaction is the removal of acetic acid from the catalyst by esterification with some of the epoxide. Several previously un­
explained observations are also explained by such a mechanism.

Tlie cure of certain epoxy resins catalyzed by 
amines is often too rapid. Delay of cure until the 
resin is heated has been accomplished through the 
use of the corresponding amine carboxylates. R,e-

(1) Presented before the Paint, Plastics and Printing Ink Division, 
American Chemical Society, National Meeting, Atlantic City, Sep­
tember 1955.

(2) Shell Chemical Corporation, Union, New Jersey.

lease of the amine by thermal dissociation at the 
intended curing temperature was held responsible 
for this effect. In the course of time, some doubts 
arose regarding the correctness of this mechanism. 
A quantitative investigation of the extent of molecu­
lar and ionic dissociation of a typical amine salt 
was therefore undertaken to clarify the mode of
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■ action of these amine carboxylate catalysts.
Properties and Structure of the Amine Salt —

All of the work was done on the triacetate of 2,4,6- 
tri-(dimethylaminomethyl)-phenol (TDMP). The 
commercial TDM P was purified by fractional 
distillation in vacuo and was neutralized with the 
stoichiometric amount of Analytical Grade Glacial 
Acetic Acid. The physical properties of the TDM P 
and of the triacetate are given on Table I. The 
molecular structure of the salt is indicated on Fig. 1.

The molal volume of the salt is 51 cm.3 less than 
that of the physical mixture of the two components 
would have been. The shrinkage per amine acetate 
group, 16.9 cm.3, corresponding closely to the
17.4 cm.8 observed for piperidine propionate3 is 
about two-thirds of that accompanying covalent, 
e.g., C -C bond formation, indicative of the strength 
of the bond.

The dipole moment of so complicated a molecule 
as TDM P can hardly be interpreted in an unam­
biguous manner. The same applies to that of the 
triacetate. The probably nearly random orienta­
tion of the amine dipoles would lead to an average 
dipole moment of about 1 D  for the TDMP. The 
observed value of about 3.4 D must therefore be 
connected with phenolate formation of one or both 
of the ortho methyl amino methyl groups.4 The 
large dipole moment of the triacetate is of the order 
expected if the randomly oriented salt bonds are 
of the length indicated above. Clarification of this 
point requires experiments with simple model com­
pounds. (The dipole moments given in Table I 
are just a by-product of "he electrical measure­
ments carried out for the study of ionic dissociation.)

T a b l e  I

P h y sic a l  P r o p e r t ie s  of 2 ,4 ,6 -T r i- ( d im e t h y l a m in o - 
m e t h y l ) -ph e n o l  (TDMP) an d  of it s  T r ia c e t a t e

TDM P- 
TDM P Triacetate

Density at 30°, d30̂  g. cm.-3 0.973
Expansion coefficient (30-100°), ° c .-1
Viscosity, at 30°, poise 1.5“

50°, poise 0.4°
82°, poise

Dipole moment,6 in toluene, at 30°, D 3.3 
at 90°, D 3.5

1.0684 
5.8 X 10-* 
32.7 
3.97 
0.44 
7.0  
4.3

° Approximate values, obtained with a Brookfield vis­
cometer. b Calculated by means of Guggenheim’s method 
from dielectric constant measurements at 10 kc./sec.

The high viscosity of the TDMP-triacetate is its 
most peculiar physical property. The more than 20- 
fold increase in viscosity as TDM P is neutralized 
with acetic acid is illustrated by the curves of Fig. 2. 
The similarity of the slope of the viscosity-tempera­
ture curve of the triacetate to that of about equi- 
viscous hydrocarbons, shown on Fig. 3, threw 
doubt on the idea that the salt is extensively dis­
sociated at 80 to 100°, for in that case the viscosity 
of the salt should have been of the order of that of a 
physical mixture of TDM P and acetic acid, or 
about 50 times less than actually observed.

(3) E. B. R. Prideaux and R. N. Coleman, J. Chem. Soc., 1346 
(1936); 4 (1937).

(4) This surmise has been confirmed by the measurements of J. R. 
Hulett, et al. (J. Chem. Soc., 3901 (1955)) who found that trimethyl- 
aminephenolate exhibits a dipole moment of 3.24 D.

Fig. 1.— Configuration of TDMP-triacetate.

Fig. 2.— Viscosity i>s. composition for the system TDM P- 
acetic acid at various temperatures.

Molecular Dissociation.— Amine carboxylate 
salts can dissociate into uncharged, molecular 
species and into charged, ionic components. The 
extent to which they will do so depends strongly 
on the environment into which they have been 
placed. Vapor pressure measurements (with a 
simple U-tube tensiometer) on the pure triacetate 
gave the results shown in Table II. After correc­
tion for dimerization in the vapor6 the activity of 
acetic acid in the system could be evaluated. If 
the acetic acid forms an ideal solution in the TDMP 
acetate, the activity is a direct measure of the degree 
of dissociation of the salt. The model system acetic 
acid-isoôctylphenol exhibited the behavior of a 
nearly perfect solution (Table III). This finding 
supported the assumption that acetic acid forms a 
sufficiently nearly ideal solution in the salt to per­
mit the identification of the activity of acetic acid 
(cf. Table II) with the degree of molecular dissocia­
tion of the triacetate.

(5) O. Rodlieh, Shell Development Company, private communica­
tion.
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Temperature, °C.
Fig. 3.— Comparison of the viscosity-temperature curves of 

TDMP-triacetate and a hydrocarbon.

T a b l e  II
V a p o r  P r e s su r e  an d  D e r iv e d  D a t a  f o r  TDMP-Tri-

ACETATE

Temp., °C. 40 60 80
Vapor pressure, mm. 1 6  19
Apparent activity of AcOH, o /  0.032 0.068 0.094 
Corrected activity“ of AcOH, a, 0.10 0.17 0.19
Activity coefficient of AcOH, 7 i 0.14 0.23 0.26

° Corrected for dimerization of acetic acid in the vapor 
phase.

T a b l e  III
So lu tio n  C h a r a c t e r ist ic s  fo r  th e  S ystem  A cetic  A cid -

P - I s OÖCTYLPHENOL

Concn. of AcOH, mole fraction 0  0  0 . 1 0.4
M.p., °C. 85.8" 81.9 61.4
Activity coefficient of isooctyl-

phenol, 7 2 1.03 1.06
Vapor pressure, mm. at ( ) °C. 10(85) 52(80)
Apparent activity of AcOH, a/ 0 04 0.26
Corrected activity6 of AcOH, ai 0.097 0.40
Activity coefficient of AcOH, 7 1 0.97 0.99

“ Heat of fusion of p-isoôctylphenol at its melting point =  
22.6 cal./g. =  4,600 cal./mole (kindly determined by Mr. C. 
Busso). 1 Corrected for dimerization of AcOH in the vapor 
phase.

The over-all dissociation of the salt in 2-butanone 
was measured ebullioscopically. The results are 
shown in Fig. 4. Owing to the smallness of the 
ionic dissociation, the data of Fig. 4 are essentially 
a measure of the degree of molecular dissociation6 
(hi 2-butanone) at 80°.

Ebullioscopic measurements in benzene, by con­
trast, indicated rather strong association of the 
TDMP-triacetate in non-polar solvents. Similar 
association of organic electrolytes in non-polar

(6) The activity coefficient of acetic acid in the related solvent 2- 
heptanone7 (the only applicable literature data that were found) is 
sufficiently close to unity to warrant simple conversion of the activity 
to the degree of dissociation of the salt in 2-butanone solution.

(7) D. F. Othmer and R. F. Benenati, Ind. Eng. Chem., 37, 299 
(1945).

solvents had been observed by Walden8'9 and 
others.10 Cryoscopic measurements in benzene, 
surprisingly enough, do not show any strong signs 
of association or dissociation.

Between the butanone, the melt and benzene, 
essentially just the ends of the “ polarity”  spectrum 
have been covered. They do not provide sufficient 
information to discern the parameter which de­
termines the extent of molecular dissociation. 
Rough interpolations might be made on the basis 
of cohesive energy density, dielectric constants or 
other measures of cohesive forces in liquids.

Ionic Dissociation.—The only convenient meas­
ure of ionic dissociation in non-electrolytes is the 
electrical conductivity K, or more specifically the 
Walden product Arj of equivalent conductance A 
and viscosity rj. According to an empirical rule 
proposed by Walden9 and, more recently, given 
theoretical justification by Eyring and co-workers,11 
the degree of dissociation a is approximately 
(Atj)/b. The numerical constant b is 0.6 according 
to Walden’s experiments, and this is the value we 
shall use, keeping in mind, however, that it is 
probably just a number of the order of one.

The change of At? as the TDM P is titrated with 
acetic acid is shown on Fig. 5. It is apparent that 
one of the three amine groups is rather weaker than 
the other two, both of which are of about equal 
strength and exhibit a degree of dissociation of the 
same order as that of melts of strong electrolytes. 
The titration curve of TDM P in aqueous solution, 
shown on the same figure, also indicates the greater 
strength of two of the amine groups as compared 
with the third one. The aqueous solution is 
colored intensely yellow until the neutralization of 
the first two amine groups.

The color suggests that the great strength of the 
first two amine groups may be due to resonance of 
the unpaired electrons of the nitrogen atom ortho to 
the phenol group between the phenolate and the 
hydrochloride bond. Interestingly, Gemant had 
suggested a very similar structure to explain the 
unusually high electrical conductivity of the ternary 
salt amine-carboxylic acid-phenol in hydrocarbon 
solutions.12 The very different quantitative rela­
tions in the non-aqueous and in the aqueous case 
derive from the fact that the TDM P is a strong 
base in water but a nearly neutral body in non- 
aqueous environments. The dissociation constants 
of the “ strong”  amine groups differ from that of the 
“ weak”  one by a factor somewhat less than 103 
in water, and slightly more than 102 in the TDM P 
salt melt.

The temperature coefficient of A-rj of the melt, 
and hence of a, is slightly negative and would 
probably be nearly zero if the competing thermal 
(molecular) dissociation were taken into account. 
This result is in agreement with -die theory,11 
which exhibits no temperature factor in the formula 
for At].

(8) P. Walden, Z. physik. Chem., A157, 389 (1931).
(9) P. Walden and E. J. Birr, ibid., A131, 1, 21, 31 (1928): A160, 45, 

57, 161 (1932).
(10) M. Centnerszwer and Iazniewski, ibid., A160, 257 (1932).
(11) S. Glasstone, K. Laidler and H. Eyring, ‘ ‘Theory of Rate 

Processes,”  McGraw-Hill Book Co., New York, N. Y., 1941.
(12) A. Gemant, J. Chem. Phys., 14, 424 (1946).
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Ionic dissociation of TDM P and of its triacetate 
in solution in toluene and 2-butanone is primarily 
a function of the dielectric constant e of the solu­
tion and of the temperature T. All of the solution 
data of this investigation and the comparable data 
of Gemant12 can be plotted against the variable 
(eT)-1 as had first been proposed by Mecke for the 
evaluation of non-aqueous electrolyte solutions.13 
Such a plot is shown in Fig. 6.

While the aminophenol exhibits no anomaly, i.e., 
its dissociation is a unique function of eT, the dis­
sociation of the triacetate salt may involve a further 
variable, in that the dissociation at the higher 
temperature appears to be systematically smaller 
than that at 30°. This deviation reflects only the 
“ loss”  of ionogens due to simultaneous molecular 
dissociation. The data can be brought to coinci­
dence on a single line (within the rather poor ex­
perimental accuracy) by correcting for molecular 
dissociation in butanone.

The quantitative evaluation of the dissociation 
constant from the degree of dissociation requires 
either the knowledge or an assumption of the 
stoichiometry of the dissociation process in the 
solution. Assumption of dissociation like a uni­
univalent electrolyte leads to the relation A; =  a2 
at low degrees of dissociation. The process sug­
gested by the melt data, namely, the simultaneous 
dissociation of both ortho acetate groups, leads to 
Ki =  a3 at low degrees of dissociation. The 
thermodynamic parameters which can be obtained 
from the information in Fig. 6 are

AF¡ =  RT In Ai =  -  2T AS,
6

where Qn =  heat of neutralization of the ions, A¡ = 
work of dissociation =  A(àlog Ki/à(tT)~[)T, 
and AS; =  entropy of dissociation =  R In K¡ at 
(eT)-1 =  0. The resulting data are assembled in 
Table IV. It is noteworthy, and of course to be 
expected, that the value of is essentially identi­
cal for the solutions in toluene and in 2-butanone. 
The magnitude of the parameters does not differ 
very much from the values published for other non- 
aqueous ionized systems.

T a b l e  IV
T h e r m o d y n a m ic  P r o p e r t ie s  G o v e r n in g  th e  I on ic

D isso c ia tio n  of T D M P -T r ia c e t a t e  in  T w o  So lv e n t s  a t  
30°

Solvent
Toluene
2-Butanone

Free 
energy 
of dis­ Heat of

Work 
of ion 

separa­ Entropy
sociation neut., tion, dissociation,

AFit Qq, kcal./ AS, A£¡, e.u.
kcal./mole mole mole

30.6
10.3

24.05 Ì 
24.37 J 56.6 )

i
> 27.4

The dissociation of TDMP triacetate in the resin 
system can now be estimated by interpolation be­
tween the data for toluene solution (e25 ~2.38) 
and 2-butanone (e20 =  18.5), since the dielectric 
constant of the liquid resin precursor (EPON 828) 
is about 8.3.14 At the usual concentration of 
catalyst (about 8%w.) and at 80°, the observed 
cure temperature, ionic dissociation of the salt

(13) R. Mecke and H. Zeininger, Z. Elektrochem., 52, 49 (1948); 54, 
174 (1950).

(14) Kindly determined by Dr. C. H. Klute in this Laboratory.

%  W .--------— >
Fig. 4.—Total degree of dissociation of TDMP-triacetate in 

2-butanone at 80° (from ebullioscopio data).

Moles acid per mole TDMP.
Fig. 5.— Change of ionic dissociation of TDMP upon 

additions of acid at 30°. Broken curve shows the change 
of A?; of the melt upon addition of acetic acid, the continuous 
curve gives the change of pH of an aqueous solution of 
TDMP upon addition of HC1.

should be of the order of 0.01%. Molecular dis­
sociation should be less than 25% (the extent ob­
served in butanone solution) and probably more 
than about 8%, the linear interpolation value.

Catalytic Activity of the Salt.— Quantitative 
evaluation of the reactivity of cross-linking catalysts 
is exceedingly difficult owing to the lack of simple 
means to estimate the reaction rate. An ap­
proximate measure of the reaction rate is the rate of 
heat release in this exothermic reaction. For rapid 
evaluation it is convenient to conduct the reactions 
adiabatically by simply following the temperature 
rise of a thermocouple embedded in the center of a
2-inch cube of polymer during the curing process. 
A few measurements have also been carried out (by 
Dr. D. J. Meier) in the more nearly isothermal 
differential thermal analyses. Evaluation of the 
reaction rate from the adiabatic experiments indi­
cated that the triacetate of a given amount of 
TDM P exhibits about 70 to 80% of the activity of 
the free amine. The differential thermal analyses, 
shown in Fig. 7, demonstrate also in a qualitative
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Fig. 6.— Relation between degree of ionic dissociation, «i 
dielectric constant e of the solution and temperature.

manner how much more the amine triacetate cata­
lyzed reaction resembles that catalyzed by the same 
amount of free amine than that catalyzed by half 
the amount of free amine.

While the higher total heat release during the 
acetate catalyzed reaction is undoubtedly real (it is 
displayed also in the adiabatic reaction and can be 
associated with the esterification of the acetic acid 
by epoxide groups), the early hump in the triacetate 
curve “ C”  is probably an instrumental artifact.

0 50 100 150
t, °C.

Fig. 7.—Differential thermal analysis of the catalyzed 
condensation (curing) of epoxide resin EPON 828: A, 
catalyzed by 5 parts TDMP; B, catalyzed by 10 parts 
TDMP; C, catalyzed by 10 parts TDMP +  6.8 parts 
acetic acid; D, the temperature differential between 
samples B and C in a repeat run. The heating rate of the 
reference cell was uniformly l°/m in.; AT in arbitrary 
units.

The relatively small differences between the curves 
B and C are accentuated in curve D, depicting the 
temperature difference between an acetate and a 
free amine catalyzed polymer during the curing 
process. This measurement shows the low temper­
ature start of the reaction by the free amine and 
the higher heat release rate of the acetate catalyzed 
reaction once it gets underway.

The “ degree of cure”  of the finished resin as 
measured by physical properties, such as thermal 
shock resistance, also indicates an activity of the 
amine triacetate equivalent to more than 60% of 
the amine contained therein.

The temperature coefficient of catalyst activity 
is apparent from the “ pot life”  of the monomer- 
catalyst mixture. For the triacetate it is >18 hr. 
at room temperature, >2.5 hr. at 60° and at 80° 
full cure is obtained within 2 hr. For TDM P the 
corresponding figures are 0.5 hr. at room tempera­
ture and full cure at 80° in less than 1 hr., at 5.5% 
amine.

Proposed Mechanism of Polymerization Cataly­
sis by Amine Carboxylates.—The sharp tem­
perature dependence and the high amine-equiva­
lence of the reactivity of the amine carboxylate 
catalyst appear incompatible with the small 
temperature coefficient and the relatively small 
extent of dissociation (molecular and ionic) of this 
salt, estimated in the previous sections. If there 
were a mechanism, however, which withdrew the 
acid from the partially dissociated salt, all of the 
amine would become ultimately available as cata­
lyst for the curing reaction. The rate at which 
the acid was withdrawn would then determine rate 
at which the catalyst became available and thereby, 
in effect, the reactivity of the catalyst. The 
temperature coefficient of catalyst reactivity would 
then not be the relatively low heat of dissociation 
(of TDMP-triacetate) but the probably large 
energy of activation of the acid withdrawal reac­
tion.

Such an acid withdrawal reaction is the well- 
known esterification of epoxides to form glycol 
monoesters. As a typical reaction mixture con­
tains 0.52 eq./lOO g. of epoxy groups and 0.05 
eq./lOO g. of acetic acid (in the catalyst), the latter 
can be removed easily by esterification without 
markedly affecting the over-all polymer. The 
epoxide esterification rate is, indeed, sharply 
temperature dependent, should be proportional to 
the concentration of reactants, and is catalyzed by 
the amounts of ionized acid available from the 
amine salt. The “ activation temperature”  of the 
catalyst is then just the point at which acid is 
esterified at the rate at which amine has to be 
available to sustain the rapid EPON condensation 
reaction. Unfortunately, this picture must re­
main qualitative as long as there are no quantitative 
data on the epoxide acetylation rate.

The proposed mechanism is supported by indirect 
evidence. EPON 828 resin containing TDM P 
carboxylate exhibits neutral pH before beginning 
the reaction but becomes basic rapidly as soon as 
gelation commences. If the acid had not been 
consumed, the reaction should have remained 
neutral. The *~15% increase in total heat release 
brought about by the acetic acid is in agreement 
with expectation from the known values of the 
heats of epoxide condensation and esterification. 
Moreover, if the amine carboxylate had remained 
in the resin, its electrical properties should have re­
flected the very high conductivity of that salt. 
Actually, however, the electrical properties of resin 
cured with amine carboxylate are virtually in­
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distinguishable from those cured with free amine 
(Table V). This observation, in the face of the 
notorious sensitivity of the dissipation factor to 
conducting impurities, precludes the presence of 
more than traces of amine carboxylate in the cured 
resin. The proposed mechanism of catalysis 
appears to be well supported by the properties of the 
material.

T a b l e  V
C o m pa riso n  o f  E le c t r ic a l  P r o p e r t ie s “ o f  E pon  C a s t ­
in g s  C u red  w it h  F r e e  A m in e  an d  w it h  A m in e  C a r b o x y l -

TDMP-
car-

Property TDMP boxylate
D ie lectric  constant, at 21 °, /  = 10 2 c ./s e c . 3 .9 3 3 .6 6

/  = 107 3 .7 8 3 .4 2
8 5 ° , /  = 132 4 .3 2 3 .8 0

/  = 107 3 .3 3 2 .8 0
D issipation  fa ctor, a t 21 °, /  = J )2 c ./s e c . 0 .0 0 3 0 .0 0 3

/  = 107 0 .0 1 8 0 .0 21
8 5 ° , /  = 10s 0 .0 3 0 .0 1

/  = 107 0 .0 3 0 .0 3
“ Kindly determined by Dr. C. H. Klute.

After completion of this manuscript, Shechter 
and Wynstra15 presented a series of papers giving 
rather good experimental evidence for the postu­
lated ion catalyzed epoxide-carboxylic acid reac­
tion in the presence of tertiary amine. But their 
data are still insufficient for quantitative evaluation 
of the mechanism.

Conclusions.— 1. The bond between tertiary
amines and carboxylic acids appears to be quite 
strong, as judged by molar volume contraction 
when they form the salt. 2. Molecular dissocia­
tion of the phenolic amine carboxylate (TDMP- 
triacetate) under consideration at 80° is of the 
order of 20% in the melt and in 2-butanone solu­
tion and is essentially absent in toluene solution.
3. Ionic dissociation— measured by the Walden 
product A??—is rather extensive in the melt (about 
20%), but for all solutions tested it is small and its

(15) L. Shechter and J. Wynstra, Div. of Paint Plastics and Printing 
Ink Chemistry, Am. Chem. Soc. Meeting, Cincinnati, April, 1955, pre­
print p. 280.

logarithm is an inverse function of the product eT.
4. The TDM P as triacetate exhibits within 70 
to 80% of the reactivity of the free amine as 
epoxide resin curing catalyst. 5. The contra­
dictory nature of the small extent of dissociation 
and the catalytic activity of the amine carboxylate 
is resolved by proposing that the catalytic activity 
of this salt is determined by the rate at which the 
acid component is esterified by the bulk monomer 
rather than by the extent of amine salt dissociation. 
This mechanism is supported by several auxiliary 
observations.

Acknowledgment.— The writers are indebted 
to Dr. Dale J. Meier for assistance with the vapor 
pressure measurements, for the aqueous titration 
and thermal analysis data and to Dr. 0 . Redlich 
and Mr. R. C. Hurlburt for valuable suggestions.

Experimental
The electrical conductivity measurements on the melt 

were carried out with blacked platinum electrodes and a 
Leeds and Nortlirup Resistance Bridge.

The electrical measurements on the solutions were car­
ried out in a Balsbaugh cell.16 The a.c. dielectric constant 
and dissipation factor were measured with a Type 716C 
General Radio Bridge and a suitable oscillator. The d.c. 
conductivity was determined with the aid of a wide range 
electronic multimeter.17" 19

Because of the very pronounced polarization effects (time 
variable resistance values) with most of the solutions in low 
voltage d.c. measurements, the a.c. conductivity results 
were employed in the calculation of equivalent conductance 
A, wherever possible. The dissipation factors in the buta- 
none solutions were too large, however, to permit accurate 
a.c. measurements. The d.c. conductivity of these solu­
tions was therefore measured under a potential of 95 volts 
to overpower the polarization effects. A disagreeable side 
effect of this high voltage was rapid electrolysis of the more 
concentrated triacetate solution to an unidentified insoluble 
compound and considerable heat liberation. Only the 
conductivity determined at low concentrations in butanone 
has therefore been used for the calculations. Even these are 
probably not very accurate.

(16) J. C. Balsbaugh and A. H. Howell, Rev. Sei. Instr., 10, 194 
(1939).

(17) C. J. Penther and A. Bondi, T h is  J o u r n a l , 57, 540 (1953).
(18) A. A. Maryott and E. R. Smith, “ Table of Dielectric Con­

stants of Pure Liquids,’ ’ Natl. Bur. Stand. Circular 514, 1951.
(19) Rohm and Haas Co., Catalog of Dimethylaminomethyl Phe­

nols, 1947.
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THE LIQUID DENSITY, VAPOR PRESSURE AND CRITICAL TEMPERATURE 
AND PRESSURE OF NITROGEN TRIFLUORIDE1’2

Bi' R oger  L. Ja r r y  and  H e n r y  C. M iller

Pennsylvania Salt Manufacturing Co., Research, and Development Department,
Whitemarsh Research Laboratories, Wyndmoor, Pa.

Received April 27, 1956

The liquid density of nitrogen trifluoride has been measured over the temperature range 78 to 170°K. These data have 
been fitted to the equation d(g./cm.:i) =  2.103 — 3.294 X  1 0 T — 4.675 X  10 6 T2. The estimated uncertainty in the 
measured values is ±0 .1 % . Vapor pressures have been measured to the critical point and are represented to a precision 
of ±0.17 atm. by the equation logio P(atm.) =  4.27264 — 613.330 71-1. The vapor pressures to one atmosphere have been 
measured to a higher order of precision and the data have been fitted to the Antoine equation: log™ P(mm.) =  6.77966 — 
501.913/77 — 15.37. The normal boiling point calculated from the Antoine equation is 144.10°K. Temperature was 
known in all cases to ±0.05°. The critical temperature is 233.90 ±  0.10°K., the critical pressure is 44.72 ±  0.17 atm.

Introduction
As part of a program at this Laboratory on the 

physical properties of fluorine compounds, various 
properties of nitrogen trifluoride have been meas­
ured. The temperature range over which the 
liquid density had been previously measured by 
Ruff3 has been considerably extended by this study. 
Vapor pressures were checked against the data of 
Pierce and Pace4 and extended to the critical point. 
The high vapor pressures and the critical constants 
have not appeared in the literature heretofore.

Apparatus and Procedure.—The density was measured 
between 97 and 170°K. using an all-metal apparatus, de­
scribed in a previous publication.5 This system allowed 
measurements to be made to 5 atm. pressure. For the 
lower temperature measurements a dilatometer comprising 
a glass bulb of about 4 cm.3 volume connecting to the gas 
system by means of 2 mm. i.d. capillary tubing was used. 
Ten cm. of this capillary tubing immediately above the bulb 
was calibrated along with the bulb using mercury. The 
bulb of the dilatometer was enclosed in a copper block and 
a second block placed about the capillary tubing above the 
calibrated section. This upper block was equipped with a 
heat leak which dipped into the refrigerant used, liquid 
nitrogen. The entire assembly was enclosed within a 
vacuum shield. By means of heaters on the two blocks and 
the heat leak the temperature of the blocks could be adjusted 
so as to have a minimum temperature differential over the 
calibrated 10 cm. of the capillary. By this means measure­
ments could be made over the full length of the calibrated 
section.

The nitrogen trifluoride was condensed into the measuring 
devices from calibrated volumes in an air thermostat. 
Since the range of determinations in the two devices over­
lapped, and the dilatometer required several fillings, the 
precision of filling by the volumation method could be readily 
checked.

Vapor pressures were measured in the metal system in 
which the density device had been replaced by a nickel con­
tainer connected by means of Vs in- nickel tubing to the 
sensing unit. Pressures to two atmospheres were read on a 
mercury manometer by means of a cathetometer to a pre­
cision of ±0.05 mm. Pressures to the critical point were 
taken on a 1000 p.s.i.g. Bourdon gage with an accuracy of 
±0 .2 5 %  of the total scale.

Critical temperature was measured on samples sealed in 2 
mm. i.d. capillary tubing. This tube was placed directly 
into a bath of cold acetone; temperature was controlled by 
a heater immersed in the bath and/or the addition of cold

(1) Presented at the Delaware Valley Regional Meeting, Philadel­
phia. February 16, 1956.

(2) This paper represents the results of one phase of research carried 
out under Contract No. 18(6001-761, supported by the United States 
Air Force through the Air Force Office of Scientific Research of the 
Air Research and Development Command.

(3) O. Ruff, Z. cnorg. allgem. Chem., 197, 273 (1931).
(4) L. Pierce and E. L. Pace, J. Chem. Phys., 23, 551 (1955).
(5) R. L. Jarry and H. C. Miller, J. Am. Chem. Soc., 78, 1552

(1956).

acetone. The disappearance and reappearance of the me­
niscus was noted by several observers and an average value 
of temperature used.

Temperature was measured by means of a capsule type 
platinum resistance thermometer, or by means of thermo­
couples which had been compared with the thermometer. 
The thermometer had been compared with the National 
Bureau of Standards temperature scale. During the 
equilibrium periods of 15-20 min. during which measure­
ments were taken the temperature drift in the metal̂  system 
or the dilatometer were no more than 0.002°/min. and
0. 004°/min., respectively.

Material.—The nitrogen trifluoride wa3 prepared by 
the electrolysis of molten ammonium bifluoi ide as described 
by O. Ruff and co-workers.6 A nickel anode was used to 
prevent the formation of carbon tetrafluoride. The crude 
gas resulting from the electrolysis was purified by low tem­
perature filtration and distillation using a still set-up and 
controls as described by Booth and Jarry.7 As a check of 
the purity, both infrared spectra and the freezing point wore 
determined. The infrared scans were compared with the 
data of Wilson and Polo8 and later of Pace and Pierce.9 
The spectra found for the purified material corresponded 
to the later work with its inclusion of two peaks, at 7.8 and 
6.45 y. which appear to be part of the nitrogen trifluoride 
spectra and were not reported by Wilson and Polo. The 
freezing point was determined on two samples and gave 
an average value of 66.49°K. as compared to the value of 
66.37°K. given by Pierce and Pace.10

Preliminary toxicity studies were made on the crude ni­
trogen trifluoride (approx. 90% NF3, the remainder prob­
ably N20). These tests indicated a moderate degree of 
hazard. The main toxic effect of this compound appears 
to be irritation of the lung tissue comparable to the nitrogen 
oxides, but requiring higher concentrations, and recovery 
from non-lethal exposure seems to be rather complete. Ir­
ritation of the external mucous membranes cannot be used 
as a warning sign as this appears at concentrations (4000 
p.p.m.) affecting the lungs.

Results and Discussion
The data for the liquid density are given in Table

1, and have been fitted to the equation
d =  2.103 -  3.294 X 10 ~3 T -  4.675 X 10 (1)

where d is the density in g./cm .3 at the absolute 
temperature T.

Deviations between the experimental and values 
calculated using eq. 1 are given in column 3 of Table 
I. A  comparison with the previous data of Ruff3 
shows good agreement, with his data being gener­
ally 0.2-0.3% lower. The precision of these meas­
urements is estimated to be ±0.1% . The volume 
values for the glass bulb were corrected using the

(6) O. Ruff, J. Fischer and F. Lutz, Z. anorg. allgem. Chem., 172, 
417 (1928).

(7) H. S. Booth and R. L. .Tarry, J. Am. Chem. Soc., 71 , 971 (1949).
(8) M . K. Wilson and S. P. Polo, J. Chem. Phys., 20, 1716 (1952).
(9) E. L. Pace and L. Pierce, ibid., 23, 1248 (1955).
(10) L. Pierce and E. L. Pace, ibid., 22, 1271 (1954).
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T a b l e  I

T h e  D e n s it y  o f  L iq u id  N it r o g e n  T r if l u o r id e  b e t w e e n  
78 an d  170°K. (0°C. =  273.16°K.)

Temp.,
°K .

Density,
g./cm .3

Dev. 
obsd. — 

caled.
Temp.,

°K.
Density,
g./cm .3

Dev. 
obsd. — caled.

78.05 1.819 0.002 119.53 1.643 0.001
79.10 1.814 .001 124.50 1.621 .000
79.44 1.812 .001 129.42 1.600 .001
81.68 1.802 -.0 0 1 131.06“ 1.593 .002
87.23 1.780 .000 134.23 1.580 .003
87.66 1.775 -.0 0 3 135.35“ 1.574 .003
92.22 1.760 .001 139.16 1.558 .004
94.27 1.748 -.0 0 2 139.94“ 1.552 .002
97.01 1.740 .001 144.00 1.536 .004
99.45 1.727 -.0 0 2 144.66“ 1.530 .002

101.79 1.720 .000 149.34“ 1.508 .001
104.07 1.708 -.0 0 1 153.93“ 1.484 -.0 0 1
109.91 1.683 -.0 0 2 158.53“ 1.461 -.0 0 3
114.79 1.663 .000 164.16“ 1.434 -.0 0 2
119.47 1.643 .001 169.54 1.406 -.0 0 4

“ Indicates the measurements made in the metal appara­
tus.

expansion coefficient data for Pyrex glass of Buffing­
ton and Latimer.11 Temperature was known to 
±0.05°.

The vapor pressure results are given in Table II. 
The data to one atmosphere were fitted to the An­
toine equation by the method described by C. B. 
Willingham, et al.,12 and the following equation de­
rived

logio P(mm.) =  6.77966 — ^ 5  3 7  (2)

The normal boiling point calculated using eq. 2 is 
144.10°K., in good agreement with that of Pierce 
and Pace,4 144.15°Iv. The vapor pressure data to 
the critical point were fitted by the method of 
least squares to the equation

logic P(atm.) =  4.27264 -  (31| ^  (3 )

Deviations between the experimental and calcu-
(11) Buffington and Latimer, J. Am. Chem. Soc., 48, 2305 (1926).
(12) C .  B. Willingham, et al., J. Research Natl. Bur. Standards, 35, 

219 (1945).

T a b l e  I I

T h e  V a p o r  P r e ssu r e  o f  N it r o g e n  T r if l u o r id e  
(0°C. =  273.16°K.)

Temp.,
°K.

Pressure,mm.
Dev. 

obsd. — caled, mm.
Temp.,

°K.
Pressure,

atm.
Dev. 

obsd. — caled, 
atm.

89.33 1.00 0.01 148.97 1.388 0.043
94.14 2.59 .03 153.80 1.884 .043
98.99 5.92 - .0 7 158.67 2.558 .004

103.87 12.84 .01 163.52 3.374 .049
108.58 24.79 - .0 5 168.40 4.326 .055
113.70 47.39 .04 173.36 5.551 .122
118.49 81.64 - .0 9 178.27 6.912 -.1 0 6
123.16 132.83 .01 183.16 8.544 .149
127.61 203.16 - .0 2 188.03 10.380 .129
131.95 297.96 - .1 3 193.15 12.490 -.0 0 9
136.08 418.31 - .1 4 198.06 15.006 +  .011
140.17 573.08 +  .39 203.14 17.796 -.1 2 6
144.18 764.26 +  .21 208.02 20.925 -.1 7 2

217.94 28.272 -.4 6 4
222.96 32.830 -  .326
227.81 37.863 -.1 8 7
232.78 43.510 .076

lated values for these two equations are given in 
column three of Table II. Temperature was known 
in these measurements to 0.05°. The heat of vapori­
zation at the normal boiling point calculated using 
eq. 2 and a gas imperfection of —3.78%, derived 
from the Berthelot equation, is 2769 cal./mole. This 
value is the same as that obtained experimentally 
by Pierce and Pace.4

The critical temperature was determined to be 
233.90 ±  0.10°K. From this value the critical 
pressure was calculated using eq. 3 to be 44.72 ±  
0.17 atm.
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A BOILING POINT METHOD FOR DETERMINATION OF VAPOR PRESSURES
OF MOLTEN SALTS

B y  J. L. B arto n  and  H. B loom
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Received May 1, 1956

A method has been developed for determining vapor pressure of fused salts by measuring their boiling points over a range 
of measured constant pressures. Superheating was prevented by passing a slow stream of nitrogen bubbles through the 
melt and the temperature of the boiling liquid was measured directly. The reliability of the method has been demonstrated 
for NaCl, KC1, CdCk, and PbCl2. The heats of vaporization and normal boiling points of the four salts have been calculated.

In only very few cases are the vapor pressures of 
molten salts known to a reasonable degree of 
accuracy.1 Many methods have hitherto been 
used for such determinations, but the results of 
different investigators vary considerably. The

(1) K. K. Kelley, Bureau of Mines Bull. No. 383 (1935),

purpose of this investigation was to develop a re­
liable method for the measurement of vapor pres­
sure of fused salts and to establish accurate vapor 
pressure data for pure NaCl, KC1, CdCl2 and 
PbCl2 prior to an investigation of binary mixtures 
of these salts.
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The methods available for determination of vapor 

pressure may be divided into two categories: 
absolute and non-absolute

Non-absolute methods include the Knudsen 
effusion and the transpiration techniques. Both 
require a knowledge of the molecular weight of the 
vapor. As it is becoming increasingly evident that 
salt vapors at high temperatures do not always 
consist of the simplest molecular species,2’3 methods 
which require a knowledge of molecular weight of 
the vapor are best avoided. These methods are, 
however, useful in obtaining information on the 
molecular weight of vapors when the vapor pres­
sure is known. The transpiration method has yet 
other disadvantages—the possibility of under­
saturation of the gas stream, thermal segregation 
and diffusion. This method has been used ex­
tensively by Jellinek and co-workers.4

Absolute methods may be divided into boiling 
point and static techniques. Both have been used 
for molten salts. Static methods have certain 
disadvantages, viz., the difficulty of removing all 
adsorbed gases from the sample before sealing it 
off and the difficulty of finding suitable refractory 
materials to form the relatively complicated high 
temperature part of the apparatus.

Rodebush and Dixon5 developed a “ quasi­
static”  method in which the sample is not sealed 
off. This method does not suffer from the draw­
backs of static methods.

In the present investigation, a boiling point 
method was considered attractive because of its 
fundamental simplicity and because small amounts 
of gaseous impurities in the sample do not cause 
error. The mam difficulties lie in the measure­
ment of temperature and the elimination of super­
heating. A boiling point method was used by von 
Wartenburg, et al.,6~8 to determine the vapor pres­
sures of some thirty-three salts, but otherwise it 
has oeen used for molten salts in only a few in­
stances.9’10 Previous investigators using this 
method have not generally attempted to eliminate 
superheating. At moderate temperatures, the ef­
fect of superheating may be avoided by measur­
ing the temperature of the condensing vapor. At 
high temperatures, however, the rapid interchange 
of heat between a thermocouple in the vapor and 
the walls of the container (which are generally at a 
higher temperature) can lead to erroneous results. 
The error may be reduced by radiation shields. 
In the present investigation the temperature of the 
boiling liquid was measured after ascertaining that 
superheating had been prevented.

Preliminary investigations showed that without 
adequate precautions the melts tended to super­
heat, particularly at pressures less than 50 mm.

(2) L. Brewer and J. S. Kane, T his Journal, 59, 105 (1955).
(3) E. W. Dewing, ibid., 77, 2639 (1955).
(4) K. Jellinek and G. A. Rosner, Z. physik. Chem., A143, 51 

(1929); H. Hintz and K. Jellinek. Z. Eleklrochem., 42, 187 (1930).
(5) W. II. Rodebush and A. L. Dixon, Phys. Rev., 26, 851 (1925).
(6) H. von Wartenburg and P. Albrecht, Z. Elektrochem., 27, 162 

(1921).
(7) II. von Wartenburg and H. Schulz, ibid., 27, 568 (1921).
(8) H. von Wartenburg and 0. Bosse, ibid., 28, 384 (1922).
(9) L. Hackspill and R. Grandadam, Ann. Chirn., 5, 218 (1926).
(10) D. N. Tarasenkov, A. N. Grigorovich and A. V. Bogoslovskaya, 

J. Gen. Chem. (USSR), 5, 924 (1935).

This superheating probably accounts for the irregu­
larities in the data reported by previous investi­
gators who used boiling point methods. Super­
heating was prevented in this case by passing a 
slow stream of nitrogen bubbles through the melt. 
It will be shown from the steady boiling tempera­
tures that true vapor pressures of the molten salts 
can be derived.

Experimental
Materials Used.— Sodium and potassium chlorides were 

of analytical reagent quality. Lead chloride was pre­
cipitated from a solution of analytical reagent lead nitrate by 
analytical reagent hydrochloric acid.11 Cadmium chloride 
was prepared from electrolytic cadmium (supplied by the 
Electrolytic Zinc Co. of Australia, Ltd.) and gaseous chlo­
rine.12

Apparatus.— Heating was carried out in a 13% rhodium- 
platinum wound electric furnace controlled by variable 
voltage transformers. The temperatures of the furnace 
and the inside melt were measured by standardized 13% 
rhodium-platinum versus pure platinum thermocouples 
and a Tinsley precision potentiometer. The refractory 
tubes were of impervious mullite or silica. Silica was found 
to be quite satisfactory as high as 1300° provided oxygen 
was completely excluded. The melt (3 to_4 cm. in depth) 
was held in a refractory tube of length 18 inches, closed at 
the bottom. The length of the tube situated in the furnace 
was approximately 8 inches. Into the melt was inserted a 
double bore insulator (24 inches long) of sillimanite, the 
lower end being 0.5 cm. from the bottom of the tube. This 
insulator conducted the thermocouple into the melt, the 
wires being bent upwards so as to situate the junction just 
below the surface of the melt. Pure dry nitrogen was 
passed into the melt at a rate of approximately 2 bubbles per 
second through the bores of the insulator, the rate of 
bubbling (indicated by a butyl phthalate bubbler) being 
controlled by a valve similar in principle to that described 
by Wansbrough-Jones.13 Sealing of the upper end of the 
boiling point apparatus was accomplished by a rubber gland 
which had holes for the admission of tubes containing the 
thermocouple, etc. To prevent overheating of this gland, 
a silica air condenser was inserted into the boiling point tube 
through a hole in the gland to lower the condensation level 
of the vapor. The boiling tube was lagged with asbestos 
wool for 4 inches above the level of the furnace to prevent 
solidification of the liquid condensed salt in this region. 
Pressure in the apparatus was controlled by a rotary oil 
pump connected to two Lewis type manostats14 in series. 
The first contained a fine sintered glass disk for rough 
control of pressure and the second, a medium porosity disk 
for fine control of the pressure in the boiling point appara­
tus. Stability was accomplished by allowing a controlled 
leak of air into the high pressure end of the manostat system. 
Pressure was measured by a closed end mercury manom­
eter read by means of a precision cathetometer. Pres­
sure remained constant to ±0 .1  mm. throughout an experi­
ment.

Procedure.— With the apparatus assembled as above, 
the furnace temperature was raised at the rate of 2-10° per 
minute, while a steady stream of nitrogen was being bub­
bled throughout the melt. The boiling point; was indicated 
by the steady temperature maintained by the thermocouple 
in the melt in spite of the continued rise of the tempera­
ture registered by the furnace thermocouple. This pro­
cedure was repeated for various applied pressures from 15 
mm. to about 2/ 3 atmosphere.

Accuracy.— Temperature was measured to ± 0 .5 °  and 
pressure to ±0 .1  mm.

Results and Discussion
The vapor pressure (P) may be expressed as a 

function of temperature (T °,K .) by equations of 
the type

(11) H. Bloom and D. Rhodes, T h is  J o u r n a l , 60, 791 (1956).
(12) J. Barton, H. Bloom and N. E. Richards, Chem. and Ind., 

439 (1956).
(13) O. II. Wansbrough-Jones, Proc. Roy. Soc. (London), A127, 530 

(1930).
(14) J. M. O’Gorman, Ind. Eng. Chem. (Anal. Ed.), 19, 506 (1947),
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lQgio p  2.303ft T 1 +  2.303ft logl° T£  1 (' 1)

AH =  heat of vaporization per mole, ¿¿Up =  heat 
capacity of vapor minus heat capacity of liquid and 
I  is an integration constant. The values of ACP 
used are for NaCl, —7; KC1, —7; CdCl2, —10 
and PbCl2, —13.2 cal. deg.-1 mole-1. Similar 
values are used by Kelley.1 In each case equation 
1 with the experimentally determined constants 
AH0 and I  expresses the relation between experi-

logio p, mm.
Fig. 2.— Vapor pressure of KC1: this work, • ; Horiba 

and Baba,20 ©; Fiock and Rodebush,16 O; Ruff and Mug- 
den,21 A.; Von Wartenburg and Albrecht,6 A.

logio P, mm.
Fig. 3.— Vapor pressure of CdCl2: this work, Maier16 ©.

logit P, mm.
Fig. 4.— Vapor pressure of PbCl2: this work, • ; Maier,1" 

©; Jahn-Held and Jellinek,19 O; Von Wartenburg and 
Bosse,8 ▲; Tarasenkov, et cl.,10 A.

mental values of log P  and T to within 1%. In all 
cases the boiling point from equation 1 can be 
estimated within experimental accuracy (standard 
deviation ± 1 °).
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T a b l e  I

V a p o r  P r e s s u r e  E q u a t i o n s  

(P  in mm. T in °K.)
NaCl login P =  —11,495T“ 1 -  3.526 log10 T +  20.929
KC1 logm P =  —11,02371~1 -  3.526 log10 T +  20.798
CdCl2 logm P =  -  9,183 T - 1 -  5.04 logI0 T +  25.907
PbCl, log,o P =  —10,168T“ 1 -  6.65 log10 T +  31.726

The experimental results, together with those of 
previous investigators, are shown in Figs. 1, 2, 3 
and 4, respectively. In each figure the derived 
vapor pressure equation of Table I is represented 
by the solid line.

The heat of vaporization is obtained from the 
measured values of the constants in equation 1. 
The values of heats of vaporization for the salts 
investigated are given in Table II, in which they 
are compared with earlier results quoted by Kelley.1

T a b l e  I I

H e a t  o p  V a p o r i z a t i o n  A II, k g . c a l . m o l e - 1

The relation between log P  and T  for the salts
investigated is shown in Table I.

This work

Source
of

Kelley’s
Kelley data

NaCl 52.6 - 7 . 0  X 10~ZT db 0.4 5 2 .8 - 6 .9  X 10~*T 15
KCI 50.4 -  7 .0 X 10“*T ±  0.2 50.6 -  7 .0 X 10~*T 15
CdCh 42.0 - 1 . 0  X 10~2T ±  0.2 42.3 -  1.0 X 10~2T 16-18
PbCU 46.5 -  1,32 X 10~2T ±  0.2 45.8 -  1.32 X 10-277 16, 17

NaCl and KC1.— The measurements by Fiock 
and Rodebush15 are the most self consistent of any 
previous investigations on these salts. (The 
standard deviations of temperature from the equa­
tions they derive are no higher than ±0.8°). The 
“ quasi-static”  method employed by these in­
vestigators has been checked carefully by Rodebush 
and Dixon6 for mercury giving results which were in 
excellent agreement with previously accepted

(15) E. F. Fiock and W. H. Rodebush, J. Am. Chem. Soc., 48, 2522 
(1926).

(16) C. G. Maier, Bureau of Mines Technical Paper No. 360 (1925).
(17) B. Greiner and K. Jellinek, Z. physik. Chem., A165, 97 (1933).
(18) F. Yolmer, Physik. Z., 30, 590 (1929).
(19) W. Jahn-Held and K. Jellinek, Z. Elektrochem., 43, 491 (1937).
(20) S. Horiba and H. Baba, Bull. Chem. Soc. Japan, 3, 11 (1928).

figures—hence the values by the former authors 
for the vapor pressures of NaCl and KC1 are con­
sidered toBe reliable. A comparison of the present 
heat of vaporization values with those of Fiock 
and Rodebush shows satisfactory agreement. 
The heats of vaporization (in kg. cal. mole-1) 
obtained by Fiock and Rodebush are 43.1 ±  0.2 
for NaCl and 41.7 ±  0.2 for KC1. At the mean 
temperatures of their experiments, the values calcu­
lated from our equations are 43.2 ±  0.4 (1339°Iv.) 
and 41.4 ±  0.2 (1279°K.), respectively. At a 
given vapor pressure our measured temperature is 
an average of 4° higher for NaCl and 1.5° lower 
for KC1, than the corresponding values of Fiock and 
Rodebush. From our results we have calculated 
the boiling point at 760 mm. pressure, obtaining for 
NaCl, 1734°K. (cf. von Wartenburg and Albrecht6 
1712°, Ruff and Mugden21 1715°, Kelley1 1738°), 
and for KC1, 1686°K. (cf. von Wartenburg and. 
Albrecht6 1690°, Ruff and Mugden21 1688° and 
Kelley1 1680°).

CdCl2.— The best previous data are those of 
Maier16 who claimed only “ technical accuracy.” 
From Fig. 3, it can be seen that Maier’s results have 
considerable scatter at pressures less than approx. 
100 mm. The equations for AH from Table II, 
show that our value agrees very well with that 
calculated by Kelley. Our value of the boiling 
point at 760 mm. is 1233°Iv. (cf. Maier16 1243°, 
Kelley11240°).

PbCl2.— Our data are more self consistent than 
that of previous investigators especially at pres­
sures below 200 mm. Kelley’s estimate of AH for 
this salt is approximately 1 kcal. too low. Our 
value of the boiling point at 760 mm. is 1224°K. 
(cf. von Wartenburg and Bosse8 1227°, Maier16 
1227°, Tarasenkov, et al.,w 1215° and Kelley1 
1227°).

The apparatus used in the above investigations 
was purchased from a grant from the University 
of New Zealand Research Fund. One of us 
(J.L.B.) was the recipient of a University of New 
Zealand Research Fellowship.

(21) O. Ruff and S. Mugden, Z. anorg. allgem. Chem., 117, 147 
(1921).
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Oct., 195G R eaction between Pu (III) and Oxygen in Sulfate Solutions

The rate of oxidation of ̂  Pu(III) by oxygen in aqueous sulfate solutions has been investigated at 25° at an ionic strength 
of 2. The initial reaction is 2Pu(III) +  2 H + +  0 2  =  2Pu(IV) +  H 20 2. Its rate was found to be first power in O 2, second 
power in Pu(III), zero power in Pu(IV), and essentially zero power in H + concentration. The rate depends on the S O 4 “  
concentration in a complicated way which may be explained on the basis of reaction by two parallel paths, one involving 
two and the other involving three sulfate groups in the activated complexes. In one run at 35° the rate was found to be 
about 2.9 times as fast as at 25° in solutions with the same concentrations of reactants. Tais leads to an over-all average 
activation energy of about 19 kcal.

Introduction
It is known that the oxidation of Pu(III) to 

Pu(IV) by oxygen is very slow in solutions of HC1 
or HCIO4.2 In these solutions the potential for 
oxidation of Pu(III) to Pu(IV) is about —0.98 v .3 
In sulfuric acid solutions the reaction is measur­
ably fast.4 5 In 1 M  H2SO4 the potential is about
— 0.75 v.6 Many oxidations by oxygen in acid 
solutions are believed to involve H20 2 as an inter­
mediate. The H20 2- 0 2 couple has a potential of
— 0.68 v., and thus only strong reducing agents 
can form enough H20 2 to make the oxidation fast.6 
It has been suggested4 that perhaps sulfate in­
creases the rate of oxidation of Pu(III) because 
the existence of very stable Pu(IV )-S04= complexes 
makes Pu(III) a stronger reducing agent.

The purpose of the present investigation was to 
determine the rate law for the oxidation of Pu(III) 
by oxygen and to learn something of the mecha­
nism of the reaction. It was found that relatively 
large amounts of H20 2 are formed as an inter­
mediate in the oxidation and that although the 
rate depends strongly on the sulfate concentration, 
it does not depend on the Pu(IV) concentration. 
Thus the increased rate in sulfuric acid solutions is 
not due to the fact that Pu(III) is a better reducing 
agent there.

Experimental
Apparatus.— The oxidations were carried'out in a cylindri­

cal, jacketed Pyrex reactor of about 500-ml. capacity. 
Thermostated water was circulated through the jacket. 
Oxygen was introduced below the liquid surface and the 
contents of the reactor were stirred with a hollow Pyrex 
stirrer. The shaft of this stirrer emerged from the reactor 
through a Teflon bearing which was supported by a glass 
tube mounted in a rubber stopper in the top of the reactor. 
The stirrer was fashioned so that gas from above the liquid

(1) This work was done under the auspices of the U. S. Atomic 
Energy Commission. Presented in part at the 129th ACS Meeting in 
Dallas, Texas, April, 1956.

(2) R. E. Connick and W. H. McVey, paper 3.9, and K. A. Kraus 
and J. R. Dam, Paper 4.14. in “ The Transuranium Elements,”  edited 
by G. T. Seaborg, J. J. Katz and W. M. Manning, National Nuclear 
Energy Series, Division IV, Vol. 14B, McGraw-Hill Book Co., Inc., 
New York, N. Y., 1949.

(3) R. E. Connick and W. H. McVey, J. Am. Chem. Soc., 73, 1798 
(1951); S. W. Rabideau and J. F. Lemons, ibid., 73, 2895 (1951).

(4) R. E. Connick, in “ The Actinide Elements,”  edited by G. T. 
Seaborg and J. J. Katz, National Nuclear Energy Series, Division IV, 
Vol. 14A; McGraw-Hill Book Co., Inc , New York, N. Y., 1954, Chap. 
8.

(5) J. J. Howland, Jr., J. C. Hindman and K. A. Kraus, ref. 2, Paper 
3.3.

(6) W. M. Latimer, “ The Oxidation States of the Elements and
Their Potentials in Aqueous Solutions,”  Second Edition, Prentice-
Hall, Inc., New York, N. Y., 1952, p. 44.

was pumped down through the hollow shaft and dispersed 
from holes in the rotating stirrer tips in the form of many 
tiny bubbles. A Teflon valve at the bottom of the reactor 
enabled samples to be withdrawn for analysis.

Spectrophotometric measurements were made with a 
Cary Recording Spectrophotometer, Model 14, No. 5. 
Potentiometric measurements were made with a Beckman 
Model G pH meter. A saturated calomel electrode was 
used for reference. This electrode was connected to the 
experimental solutions by means of a bridge containing 1 M  
H 2S O 4 .

Reagents.— Stock solutions of Pu(C104)3 in HCIO4 were 
prepared by dissolving pure plutonium metal in standard­
ized concentrated acid and diluting the resulting solution 
to the desired concentration. Stock solutions of Fe(C104)2 
in HCIO4 were prepared by dissolving reagent grade iron 
wire in standardized dilute acid and diluting. The HC104 
solutions were prepared by diluting concentrated acid 
and were standardized by titration. The perchloric acid 
used for the solutions described above was prepared by 
distilling reagent grade concentrated acid under reduced 
pressure. Stock solutions of Na^SCh were prepared from 
reagent grade material which had been recrystallized from 
boiling water. Stock solutions of NaCKV were prepared 
by neutralizing reagent grade Na^CCR with reagent grade 
HCIO4 and boiling out the C 02. These last two stock 
solutions were analyzed by evaporating known volumes and 
heating to constant weight at 140°. The water used in 
all the solutions and experiments was doubly distilled, the 
second distillation from alkaline KMn04. The oxygen 
was from the laboratory supply and the air was water 
pumped from the room. These gases were purified by 
passing over CuO at about 700° and then scrubbing with 
alkaline KMnCh and dilute acid.7 Before passing them 
into the reactor they were saturated with water vapor by 
passing them through a solution with a composition similar 
to that of the experimental one.

Rate Measurements.— The proper amounts of the vari­
ous stock solutions, except for the plutonium, were put into 
the thermostated reactor. Oxygen (or air) was passed 
through the stirred solutions for at least 10 minutes before 
the plutonium stock solution was added. Periodically, 
samples were withdrawn for analysis as described below.

To show that the reaction was homogeneous, and not 
catalyzed by surfaces of the reactor, two separate experi­
ments were made. In the first, the glass surface was in­
creased by a factor of about 11 by the use of glass wool, and 
in the second the Teflon surface was increased by a factor 
of about 170. In neither cf these runs was the rate in­
creased by more than 5%  compared with a similar run 
without glass wool or Teflon scrap. It has been concluded 
that the reaction is predominantly homogeneous.

The small effect found here due to glass wool is to be con­
trasted with that found for the oxygen oxidation of Fe(II) in 
phosphoric acid solutions.8 For that reaction, Cher and 
Davidson found that when the glass surface was increased

(7) A run made with recrystallized NaClCb gave a rate constant dif­
fering by less than 1% from that obtained from a similar run using 
non-recrystallized material. A run made with untreated oxygen gave 
rates essentially the same as a similar run using purified oxygen. 
Thus, either there are no critical impurities in these reagents, or the 
purification procedures removed none of them.

(8) M. Cher and N. Davidson, J. Am. Chem. Soc., 77, 793 (1955).
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by a factor of 15.8, the rate was increased by a factor of 
1.78.

The measured rates were not limited by the rate of solu­
tion of oxygen in the experimental solutions. Except where 
it has been otherwise indicated, all runs were made at a 
stirring rate of 2000 r.p.m. or greater. At this rate, a great 
many very fine bubbles were stirred into the solution. To 
show that this gave an adequate rate of solution of oxygen, 
two runs were made which were identical except that in one 
the stirring rate was 2100 r.p.m., and in the other it was 
only 1000 r.p.m. At this lower rate, only a few bubbles 
were stirred into the solution. Conditions were chosen so 
that the rate of the reaction was as large as any studied. 
The apparent second-order rate constant for the run at the 
lower stirring rate was 0.994 as great as for the other. 
This difference is well within the experimental error; so it 
has been concluded that the rate of solution of oxygen is 
very large compared with its rate of reaction with Pu(III).

Analytical Methods.— Rate runs were made both with 
and without Fe(II) which was added in some of the runs 
to keep the H20 2 concentrations very low. The analyses, 
which were made periodically to determine the rate of the 
reaction, were different in these two types of runs.

In runs without Fe(II), H20 2 was detected in the par­
tially oxidized solutions of Pu(III) by means of the char­
acteristic spectral absorption produced when titanyl sul­
fate was added. The PI20 2 concentrations, during the 
course of a run, were determined by subtracting the spec- 
trophotometrically determined Pu(III) concentrations from 
the sums of the Pu(III) and H20 2 concentrations. These 
sums were determined by titrating aliquots from the re­
actor in the following way. The 13.81-ml. aliquot was 
quickly pipetted into an excess, 5.00 ml., of standard 
KM n04 in 20 ml. of 3 M  H2S04; this stopped the reaction by 
oxidizing the Pu(III) to Pu(IV) and the H20 2 to oxygen. 
The time of the analysis was taken as the time at which half 
the aliquot had been delivered. Nitrogen was bubbled 
through the solution to remove the dissolved oxygen, and 
5.00 ml. of standard FeS04 (an excess) was added to reduce 
the unreacted KMn04. The excess Fe(II) was then deter­
mined by a potentiometric titration with standard K 2Cr2C>7 

solution. At the end-point of this titration, all the pluton­
ium present was quantitatively Pu(IV). The flow of nitro­
gen was maintained during the titration.

The Pu(III) concentrations were determined spectro- 
photometrically by measuring the absorbances9 of samples 
from the reactor at 4815 and 6005 A. Where necessary, 
readings were made as a function of time and extrapolated to 
the time at which the sample was taken. At the wave 
lengths used, both Pu(III) and Pu(IY) absorb significantly; 
therefore the necessary molar absorptivities9 were deter­
mined from the absorbances of analyzed mixtures. These 
mixtures were prepared by oxidizing known concentra­
tions of Pu(III) with oxygen, so significant amounts of 
H20 2 were present. Thus the Pu(III) concentrations 
could not be determined by simple titrations to Pu(IV), 
but were calculated from separate determinations of the 
sums and of the differences of the concentrations of Pu(III) 
and PI20 2. The sums were determined as already de­
scribed, and the differences were determined as follows. 
An aliquot of the mixture was pipetted into 5.00 ml. of 
standard FeS04 in 20 ml. of 3 M  H2S04, which had been 
swept with nitrogen. This reduced the H20 2 to HaO. The 
solution was then partially oxidized with 5.00 ml. of stand­
ard KMn04 and then titrated potentiometrically with 
standard K2Cr2C>7 as before. The amounts of standard 
FeS04 and KMn04 were made the same for this procedure 
as for the one above so that the blank corrections would be 
the same in both procedures.

In the runs in which Fe(II) had been added, a rapid oxi­
dation-reduction equilibrium involving Pu(III), Pu(IV), 
Fe(II) and Fe(III) was set up (reaction (5), vide infra). 
In these runs the Pu(III) concentrations were calculated 
from the sums of the Pu(III) and Fe(II) concentrations 
and the equilibrium quotient

K 5 =  [Pu(III) ] [Fe(III) ] / [Pu(IV) ] [Fe(II) ]

where the quantities in brackets represent the concentra­
tions in the indicated oxidation states. The concentration 
of Pu(III) is the solution of the equation

(9) H. K. Hughes, Anal, Chan,, 24, 1349 (1952).

( K 6 -  1) [Pu(III)]2 +  (T  -  K„P -  K bT -  F) [Pu(III)] +  
K„PT =  0

where T is the sum of the Pu(III) and Fe(II) concentra­
tions, P is the total plutonium concentration and F  is the 
total iron concentration.

The sums of the Pu(III) and Fe(II) concentrations were 
determined by titration in the same way as described for 
the Pu(III)-H20 2 sums except that Ce(IV) was used as the 
initial oxidizing agent. It was found that partially reduced 
Ce(IV) is more stable than partially reduced KM n04.

The equilibrium quotients, K s, were calculated for the 
various experimental solutions from the formal potentials 
for the Pu(III)-Pu(IV) and the Fe(II)-Fe(III) couples. 
These formal potentials were determined in the various 
experimental solutions by applying the Nernst equation 
to the potentiometric titration curves of Pu(III) and Fe(II). 
The equilibrium quotients were calculated from the equa­
tion

0.059 log K b =  -Bp,, — BFo

where Bp„ and are the formal potentials of the pluto­
nium and iron couples, respectively. The values found for 
K b in the experimental solutions are listed in Table III.

Results and Discussion
Runs without Fe(II).—Two rate runs were made, 

during which H20 2 and Pu(III) concentrations 
were determined as a function of time, as previously 
described. It is postulated that the reactions 
which take place are

Pu(III) +  1/2 0 2 +  H+ =  Pu(IV) +  1/2 H20 2 (1)
Pu(III) +  1/2 H20 2 +  H+ =  Pu(IV) 4- H»0 (2)
Pu(IV) +  1/2 H20 2 =  Pu(III) +  1/2 0 2 +  H+ (3)

This reaction scheme requires that d[Pu(III)]/df =  
Rz -  Rx -  Rt, 2 d[H20 2]/d£ = Rt -  R* -  Rz, 
and Ri — Rs =  d[H20 2]/df — Vs d[Pu(III)]d£, 
where the R ’s are the rates of the individual 
reactions given above. The rates d[Pu(III)]/di 
and d[H20 2]/d£ were determined from plots of 
concentration vs. time, and the quantity (Ri — Rz) 
was determined as a function of the concentrations 
of Pu(III) and H20 2. It seemed likely that Ri =  
h '[P u (m )¥  and Rs =  V[H 20 2][Pu(IV )]2,
where W  is an apparent second-order rate constant, 
since during a run, P o2, [H+] and [S04=] remained 
essentially constant. The rate law for reaction (1) 
was suggested_ by that of the reaction between 
Fe(II) and 0 2.10 Since reaction (3) is the reverse 
of reaction (1), its rate law was chosen so that the 
ratio of the reverse and forward rates gives the 
equilibrium quotient.11

If these rate laws are the correct ones, a plot of 
(Ri -  £ 3)/[P u(III)]2 v s . [Pu(IV)]2[H20 2][Pu-
(III)] 2 should be a straight line with a slope of kz 
and an intercept of hi. When the data were 
plotted in this way, essentially straight lines re­
sulted. The data for one of these runs are shown 
in Table I. The plots for both runs are shown in 
Fig. 1. The points scatter considerably, but 
indicate that fc/ is about 1.93 flf-1 min.-1 and that 
kz is about 9.5 X  102 Iff-2 min.-1. These runs 
were made in solutions with P o2 =  0.75 atm. and 
0.3 M  in. HCICh and 0.4 M  in Na2S04.

(10) P. George, J. Chem. Soc., 4359 (1954); A. B. Lamb and L. W. 
Elder, Jr., J. Am. Chem. Soc., 53, 137 (1931).

(11) The back reaction may be a little more complicated than 
indicated here. The equilibrium quotient for reaction (1) was esti­
mated from the ratio of ki and ks, this together with the potential of 
the H2O2-O 2 couple led to a potential for the Pu(III)-Pu(IV) couple 
which agreed with a direct determination in a solution with the same 
acid and salt concentrations to within only 0.05 v.
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T a b l e  I
O x id a t io n  o f  Pu (III) b y  0 2

Conditions: 25° P o 2 =  0.75 atm., total Pu =  5.36 X IO- 3  
M, 0.3 M  H C ÌO 4, 0.4 M  Na2S04

Time,
min.

Pu(III), 
M  X 10«

- d  P u(III)/ 
d£, M  min.

X 10«
h 20!,

N X 10«
d H20 2/d¿,

N  min. -1 X 106

0 52.3 44.2 1 .1 27.4
20 43.5 43.0 6.3 2 2 .0
40 35.5 36.0 9.6 1 1 .2
60 29.5 26.7 1 1 .0 0
80 24.8 18.9 1 0 .2 -  4.0

100 21.7 13.9 9.1 -  5.3
12C 19.3 1 0 .2 8 .1 -  5.1
14C 17.5 7.7 7.0 -  4.8
160 16.2 5.6 6 .2 -  4.2
18C 15.0 4.2 5.2 -  3.6

Runs with Fe(II) Present.— In order to remove 
the complications arising from reactions (2) and 
(3), the main series of runs was made with Fe(II) 
present. In addition to the reactions given above, 
it is postulated that the following occur also

Fe(II) +  1/2 H202 +  H+ = Fe(III) +  li20 (4) 
Fe(II) +  Pu(IV) Fe(III) +  Pu(III) (5)

Reaction (4) is very fast, but its kinetics have been 
studied.12 The reaction between Fe(II) and 0 2 
has been neglected here because it is very slow.10 
Reaction (4) keeps the H20 2 concentration at such 
a low level that reactions (2) and (3) may be 
neglected. Under these conditions R, = Ri =  
— y 2 d[Pu(III) +  Fe(II)]/d£. At various times 
the sums of the Pu(III) and Fe(II) concentrations 
were determined by titration and the Pu(III) 
concentrations were calculated as previously de­
scribed. A small correction for the H20 2 present 
was made. Its concentration was estimated from 
the rate of reaction (4) using the rate constant 
reported by Rigg, et al.12 Rates were determined 
from the slopes of plots of [Pu(III) +  Fe(II)] vs. 
time.

The course of a typical run is indicated by the 
data shown in Table II. Here the rate, 721, and 
the concentrations of Pu(III), Fe(II) and H20 2 are 
given as a function of time. When A i/[Pu(III)] 
was plotted against [Pu(III)], a good straight line 
through the origin resulted, showing that, indeed, 
Ai =  fci'[Pu(III)]2. This run gave 1.94 M -1 
min.-1 for the value of k i. Two other runs, 
again made in 0.3 M  HCIO4 and 0.4 M  Na2S04, 
gave 1.97 and 1.99 M ~l min.-1. These values are 
in good agreement with the two runs made without 
Fe(II); this indicates that Fe(II) probably reacts 
only as indicated in equations (4) and (5).

The runs discussed above were made in solutions 
in which the H+ concentration was about 0.095, 
the SO4“  concentration was about 0.195, and the 
HS04-  concentration was about 0.205 M. These 
concentrations were calculated under the assump­
tion that the acid dissociation quotient of HS04-  
is about 0.09 at unit ionic strength.13 These 
concentrations lead to an ionic strength of 1.09.

For studying the effect of 0 2, H+ and S04“  on 
the rate solutions with an ionic strength of 2 were

(12) T. Rigg, W. Taylor and J. Weiss, J .  Chem. Rhys.. 22, 575 (1954).
(13) E. Eichler and S. Rabideau, J. Am. Chem. Soc.. 77, 5501 (1955).

T a b l e  II
O x id a t io n  of Pu(III) b y  0 2 w it h  Fc(II) P r e s e n t  

Conditions: 25°, P o2 =  0.745 atm., total Pu =  2.64 X 
1(W3 M, total Fe =  5.6 X  10- 4  M, 0.30 M  HC104 and 

0.40 M  Na2S04.
Time,
min.

Pu(III), 
M  x 10 «

Fe(II) 
M  X 10«

Ri, M  min. “ 
10«

Ri (caled.),a 
1 X M  min. ~« X 

IO«
5 25.2 4.2 1 1 . 8 12.3

35 21.3 2 . 1 8.9 8 . 8

65 17.7 1 . 2 6 . 1 6 . 1

95 15.0 0.9 4.3 4.4
125 13.0 .7 3.3 3.3
185 1 0 . 1 .4 2 . 2 2 . 0

245 8 . 0 .3 1.5 1.25
305 6 . 6 ■ 25 1 . 0 O. 8 5

365 5.7 . 2 0.7 0 . 6

425 5.0 . 2 0.4 0.5
“ Calculated using Ri =  1.94 [Pu(III)]2.

chosen. The acid and salt concentrations in these 
solutions are given in Table III. The concentra­
tions of free H+ and free S04= were calculated 
from the concentrations of HC104 and Na2S04 by 
assuming that the acid dissociation quotient of 
HS04-  is 0.1 in solutions with an ionic strength of
2. This value is not in agreement with that given 
by Zebroski, et al.,u but has been confirmed by 
pH and extinctiometric measurements.15

T a b l e  III
A cid  an d  Sa l t  C o n c e n tr a t io n s

Solu- HC104, Na2S0 4 , NaClO* H+, SO4-, 11SO4-,
tiona M M M M M M Ke

a 0 . 1 0 0.15 1 .55 0.05 0 . 1 0 0.05 4.9
b . 2 0 . 2 0 1 .40 . 1 0 . 1 0 . 1 0 4.4
c .40 .30 1 . 1 0 . 2 0 . 1 0 . 2 0 4.4
d .60 .40 0

OCO .30 . 1 0 .30 4.8
e .80 .50 0 .50 .40 . 1 0 .40 5.6
f .13 .06 1 .75 . 1 0 .03 .03 1 1 . 1

g .17 .14 1 .55 . 1 0 .07 .07 5.2
h .30 .40 0 .90 . 1 0 . 2 0 . 2 0 3.7
i .40 .60 0 .40 . 1 0 .30 .30 3.3
“ Ionic strength of all solutions is 2.0 if K a for H S04 is 

0 .1.

Oxygen Dependence.—The oxygen dependence 
was studied by comparing the rates in runs made

(14) E. L. Zebroski, II. W. Alter and F. K. Heumann, ibid,, 73,  5646 
(1951).

(15) Use was made of the effect that the sulfate ior> concentration 
has on the absorption spectrum of the uranyl ion.
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with air passing through the reactor with similar 
runs made with oxygen. The results of these 
experiments are shown in Table IV. The column 
headed “ Oxidation range’’ gives the range in which 
data were collected for the evaluation of the 
apparent second-order rate constant. In the air 
runs which gave rise to the values 1.05, 1.07 and
1.10 for the oxygen dependence, it was noticed 
that the apparent second order rate constants 
drifted upward as the runs proceeded. It was 
thought that this might be due to a small amount 
of inhibitor which was being oxidized slowly. In 
the air runs marked with an a in Table IV, a small 
amount of Pu was oxidized with oxygen before 
any Fe was added. This treatment removed the 
trend and brought the apparent oxygen dependence 
closer to unity. It has been concluded that at 
least the middle half of the oxidation occurs pre­
dominantly by a mechanism which is first order in 
the oxygen pressure.

T a b l e  IV
E ff e c t  o f  O x y g e n  P r e ssu r e  

Temperature, 25°
Apparent

Total Pu 
M  X 
ICF

Total Fe, 
M  X IO* P0 2 . atm.

Oxidation 
range, %

2nd-order rate const., M-i 
min.

Apparent02depend­
ence

2.4 9.8 0.742 20-83 2.85
3.1 9.8 .740 41-86 2.88
4.8 9.8 .154 10-65 0.531 1.07
3.1 9.8 .156 12-52 0.556 1.05
3.1 9.8 .156 35-71 0.591" 1.01
2.4 8.1 .733 37-82 3.25
3.1 9.9 .734 57-86 3.27“
4.8 9.8 .154 19-68 0.585 1.10
3.1 9.9 .152 39-71 0.646“ 1.03

“ Fe added after a small amount of Pu had been oxidized 
with oxygen.

Hydrogen Ion Dependence.—The effect of H + 
on the rate of the reaction in the presence of Fe + + 
has been studied at a constant SCfi“  concentration 
of 0.10 M. The results of these experiments are 
shown in Table V. The apparent second-order 
rate constants were corrected to 1 atm. of O2 by 
assuming a first power oxygen dependence. The 
solubility of oxygen in solutions of constant ionic 
strength but of varying concentrations of HCIO4 
and Na2S04 was found to be constant to within 
1% .16 The rate decreases approximately linearly 
with increasing H+ concentration. This effect is 
probably due to a combination of three factors. 
(1) A medium effect: the solution with the lowest 
H+ concentration was 1.55 M  in NaClCfi whereas 
the solution with the highest H+ was only 0.5 M  
in NaC104. (2) An incorrect estimate of the acid
dissociation quotient for HS04~: this would
lead to varying concentrations of S04=. (3) A
path for the reaction which involves hydrolyzed 
plutonium species: this last explanation cannot
be the most important one for, if it were, the effect 
of varying H+ concentration would be given ap­
proximately by k =  k0(l  +  a/[H +]) where a and 
ko are constants. This last expression does not 
describe the experimental results.

(16) The authors are grateful to Mr. T. N. Sarachman for making 
these measurements.

Sulfate Ion Dependence.—The effect of S04= on 
the rate of the reaction in the presence of Fe++ has 
been studied at a constant H + concentration of 
0.10 M . The results of these experiments are 
shown in Table VI, and in Fig. 2. The apparent 
second-order rate constants were corrected to 1 
atm. of O2 in the same way as before. The rate is 
strongly dependent on the sulfate concentration 
but not in any simple way. It is reasonable to 
assume that different activated complexes with 
different numbers of S04”  groups attached are 
simultaneously important. This suggests the fol­
lowing general mechanism
Pu+++ +  i'S04-  <-> Pu(S04);+3_2‘ (rapid and reversible) 
Pu(S04);+3“ 2i +  0 2 <=i 0 2 'Pu(S0 4)i+3- 2i

(rapid and reversible)

Pu(S04)i+3-2; +  0 2 Pu(S04)i +3~2i =
intermediate which 
reacts rapidly with 
,H + to give products, 

(rate determining)

where i =  0, 1, 2, . . ., and,) =  0, 1, 2, . . .  . The 
intermediate might be similar to one of the Pu-
(IV )-H 20 2 complexes studied by Conniclc and 
McVey,17 or it might be two singly hydrolyzed 
Pu(IV )-S04= complexes plus an H20 2 molecule.

T able  V
E fff.ct of H yd r o g e n  I on  C o n c e n tr a t io n  

Temperature, 25°, sulfate concentration, 0.10 M.
Rate

Soln.
H +, 
M

Total
Pu,
M
X

103

Total
Fe,
M
X
10<

P02,
atm.

Oxida­
tion

range,
%

con­
stant 
A f-i 

atm. 
min. -1

Calcd.® rate 
constant 

A f-i 
atm. ~1 
min.-I

a 0.05 ■ 2.4 6.5 0.741 25-75 2.28 2.34
b .10 2.4 9.8 .736 11-72 2.30 2.28

3.1 33.1 .725 18-66 2.25
c .20 2.4 9.8 .732 13-70 2.23 2.14
d .30 2.4 9.8 .731 10-68 1.98 2.01
e .40 2.4 9.8 .737 8-67 1.85 1.88

2.4 9.8 .738 10-68 1.87
“ Calculated assuming k =  2.41 [1  — 0.55(H+)].

T a b l e  V I
E ff e c t  of S u lfa te  I on  C o n c e n tr a t io n  

Temperature, 25°, hydrogen ion concentration, 0.10 M.

Soln.
s o « - ,

M

Total
Pu,
M
X

103

Total
Fe,
M
X
10«

P02,
atm.

Oxida­
tion

range,
%

Rate 
con­

stant 
M ~1 

atm. _1 
min. ~1

Calcd.° 
rate 
con­
stant

atm. -1 
min. _1

/ 0.03 4.8 9.8 0.726 8-55 0.325 0.324
9 .07 4.4 9.8 .740 38-77 1.39 1.40
b .10 2.4 9.8 .736 11-72 2.30 2.24

3.1 33.1 .725 18-66 2.25
h .20 2.4 9.8 .742 20-83 3.84 3.94

3.1 9.8 .740 41-86 3.89
i .30 2.4 8.1 .733 37-82 4.43 4.39

9.9 .734 57-86 4.46
“ Calculated using k =  3.3/,/i +  21.3/ i/ 2, where is the 

fraction of the Pu(III) in the first sulfate complex, and / 2 is 
the fraction in the second complex.

With a scheme as general as this, it is very un­
likely that a unique description of what actually is 
occurring is possible. However, by making some 
reasonable assumptions about the sulfate com­
plexes of Pu(III), we are able to interpret our 
experimental observations in terms of only two 
reaction paths. These are the ones with two and

(17) R. E. Connick and W. H. McVey, reference 2, Paper 4.12,
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three S04= groups in the activated complex. 
This assumption and the mechanism above lead 
to the following rate law

Rate =  [Pu(III )]2 [02 ][A'u / i/ i +  k u f j2] ( 6 )

where the k’s are the rate constants for the indicated 
paths, /i  is the fraction of the Pu(III) in the form 
of the first complex and / 2 is the fraction in the 
form of the second. These fa  are calculated from 
the appropriate association quotients. Since these 
quotients have not been determined they were 
estimated as follows. The association quotient 
of CeS04+ at ionic strength 2 is about 10.18 Since 
Pu+++ has very nearly the same radius as Ce+++,19 
it has been assumed that the association quotient 
for PuS04+ is 10 also. No information is available 
on complexes such as Pu(S04)2-  but its association 
quotient is undoubtedly less than that for the first 
complex. We have assumed that [Pu(S04)2- ] /  
[PuSOi+HSCh“ ] =  5. The calculated values in 
Table VI and the solid line in Fig. 2 are based on 
these assumptions. The agreement between calcu­
lated and observed apparent second-order rate 
constants does not support the precise values 
assumed for the association quotients, but probably 
does support the idea that in the sulfate range in­
vestigated, the two most important paths are those 
with two and three S04= groups in the activated 
complexes. By means of least squares, kn and fc42 
were found to be 3.33 and 21.3 M -1 atm.-1 min.-1, 
respectively.

Effect of Temperature.— The effect of tempera­
ture on the rate of the reaction has been investi­
gated only briefly. One run was made at 35°; 
the acid and salt concentrations were those of 
solution b in Table III. The apparent rate con­
stant was found to be 5.18 i lf-1 atm.-1 min.-1. 
For comparison with data taken at 25° it is neces­
sary to correct for the difference in oxygen solu­
bility at the two temperatures. It has been found 
that at 35° oxygen is about 12% less soluble in 
HC104, Na2S04 NaC104 mixtures with ionic 
strengths of 1.1, than at 25°.16 At 35° and at 
ionic strength of 2 the acid dissociation quotient 
for HS04-  is probably about 0.08; this leads to a 
free sulfate concentration of 0.093 M. At 25° a 
solution with this sulfate concentration and 
saturated with oxygen at 0.88 atm. would have an 
apparent second-order rate constant of 1.8 Ilf-1 
min.-1. The average activation energy (RT2 d 
In k/dt) is then calculated to be 19 kcal. If the

(18) T. W . Newton and G . M . Arcand, J. Am. Chem. S o c 75, 2449 
(1953).

(19) Reference 6, page 297.

Fig. 2.

mechanism which is proposed above is correct, this 
valu^ is an average for the two paths and includes 
the heats of formation of the Pu(III)-S04= com­
plexes.

N ote  ad d ed  in  p r o o f .— In a discussion of this paper 
with Prof. G. Scatchard the following two points were' 
brought out. (1) In equation (6) the term kufifi should 
be replaced by knfifi +  ¿.'0 2 / 0 / 2  in order to allow for the 
other, but kinetically indistinguishable, path leading to an 
activated complex with two S04"  groups. (2) If K  =  
[Pu(S0 4)2“ ]/[P uS 0 4 +] [SO4“ ] is not assumed to be 5, but is 
taken as an adjustable parameter, a least squares treatment 
gives it a value of 4.2 and leads to a slightly better fit of 
the data.
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PHASE RELATIONS IN THE SYSTEM CALCIUM BROAIIDE, CALCIUM
OXIDE AND WATER

B y  A. C. N ixo n  and R. E. Smith

Shell Development Company, Emeryville, California 
Received May 18, 1956

Isotherms for the system calcium bromide-calcium oxide-water were determined at 40, 50 and 60°. Existence of the 
complex salts CaBr2-3Ca0-16H20  (Di.a.ie) and 3CaBr24Ca0-16H20  (D 3.4.ia) was confirmed. The decomposition tempera­
ture of Di.3.16 is 52.5°. D 3.4.i6 appears to be stable below 100°, at which temperature water is lost. The heat of formation of
Di.3.i6 is approximately 1100 kcal.

Introduction
This paper describes the results of an investiga­

tion of the ternary system calcium bromide-cal­
cium oxide-water at 40, 50 and 60°. A previous 
investigation by Milikan1 established the existence 
of two complex salts, CaBr2-3Ca0-16H20  (D i.3.i6) 
and 3CaBr24Ca0-16H20  (D3.4.16), and defined 
the phase diagram at 25°. He reported a de­
composition temperature of 49.2° for 
Our data indicate that this value is low.

The current work employed the “ wet residue” 
method of Schreinemakers.2 In connection with 
the application of this method a useful experi­
mental technique was developed during this study. 
The decomposition temperatures of D i.3.i6 and 
D3.4.16 were investigated by thermal analyses.

Experimental
Chemicals,— Calcium oxide was prepared by two meth­

ods. In the first method a selected sample of Mallinckrodt 
Chemical Works reagent grade calcium acetate was cal­
cined at 1050 to 1100° for approximately 20 hours. In the 
second method a selected sample of Allied Chemical and Dye 
Corporation Baker and Adamson reagent grade CaO was 
recalcined and used without further purification. The 
impurity level for both samples, as determined by erflission 
spectrometric analysis, varied from 0.4 to 0 .8% ; the chief 
impurity was strontium.

Calcium bromide was prepared initially by the reaction 
■between hydrobromic acid and calcium oxide followed by 
concentration and repeated crystallizations. Later in the 
work a selected sample of J. T . Baker Chemical Co. re­
agent grade calcium bromide was used without further treat­
ment. The maximum impurity level for both samples was 
0 .1  to 0 .2 % .

Distilled water was employed in all experiments.
Analytical Methods.— Bromide was determined by the 

Volhard method3 for total halides. Calcium oxide was 
determined by titration with 0.1 N  HNO3, using phenol- 
phthalein as an indicator. Total calcium was determined 
either by the volumetric oxalate method4 5 or by the Ver- 
senate method6 for total cations. The Versenate method 
gave calcium values which checked to within 1 %  of the oxa­
late method for a few test samples. The total calcium 
value, used as a cation check, gave closures which showed 
an average deviation of 1 %  for all experiments. Water was 
determined by difference.

Equipment.— The bulk of the experimental work was 
performed in a stoppered test-tube type cell equipped with a 
sintered glass liquid phase sampler and a stainless steel stirrer. 
This assembly was contained in a constant temperature 
water bath controlled to ± 0 .2 ° . Equilibrium periods of 
24 to 48 hours were allowed.

A portion of the work employed a useful equipment 
variation in which the equilibrium cell was attached to a

(1) J. Milikan, Z . physik. Chem., 92, 59 (1918).
(2) F. A. H. Schreinemakers, ibid., 11, 81 (1893).
(3) “ Scott’s Standard Methods of Chemical Analysis," 5th ed., 

Vol. 1, D . Van Nostrand Co., Inc., New York, N . Y .,  1939, p. 192.
(4) Ref. 3, p .211 .
(5) G . Sehwarzenbach, and W . Biedermann, Helv. Chim. Acta, 31,

‘ •.78 (1948).

phase separating cell containing a sintered glass filter plate 
but separated by a puncturable rubber diaphragm. After 
charging the equilibrium cell the mounted assembly was im­
mersed in a constant temperature water-bath and vented 
after reaching the bath temperature. The cell was rotated 
end-over-end at approximately 30 revolutions per minute for 
24 hours. The liquid phase was sampled by (1) slightly 
elevating the unit to allow connection of a vent line to the 
liquid sample bottle, (2) rotating the assembly and punc­
turing the rubber diaphragm with a stainless steel wire, and 
(3) attaching an air line to permit pressure filtration of the 
slurry. A Dow-Corning medium porosity (fine series) sin­
tered glass filter was employed. Only at the time of actual 
manipulation were the connections above the surface of the 
bath. Alter the filtration was completed the assembly was 
removed from the bath, dismantled and a sample of the 
solid filter cake was taken.

This experimental device prevents the vapor loss nor­
mally found with all packing gland-type stirrers. As a re­
sult, it provides a check on the accuracy of each experi­
ment since the composition of the charge lies on a straight 
line connecting the compositions of the two phases, when 
plotted on a three component diagram.

Results and Discussion
Equilibrium data for the system calcium oxide- 

calcium bromide-water at 40, 50 and 60° are 
presented in Tables I, II and III, respectively. 
The solubility data for calcium oxide in water and 
for calcium bromide in water were taken from the 
literature.6 The corresponding equilibrium phase 
diagrams are shown in Figs. 1, 2, and 3. In these 
diagrams the composition of the liquid phase has 
been intentionally shifted away from the calcium 
bromide-water axis to clarify the diagram. The

Fig. 1.— System Ca0-CaBr2-H 20  at 40°, weight percentages.

(6) N. A. Lange, “ Handbook of Chemistry," 3rd e d .r Handbook 
Publishers, Inc., Sandusky, Ohio, 1939, p. 1024.
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compositions of the field intersection points at 
these temperatures, including the 25° data by 
Milikan,1 are presented in Table IV.

T able I
T he System Calcium Oxide-C alcium Bromide-W ater 

a t  40°, W eight Percentages

CaO
Liquid phase Wet residue phase

CaBr2 H20 CaO CaBr2 H20
0 .1 1 0 9 9 .9

.045 12 .9 87 .1 3 1 .3 7 .6 6 6 1 .0

.13 2 2 .5 7 7 .4 3 3 . 2 12 .2 5 4 .6

. 13 2 8 .2 7 1 . 7 4 0 .5 12 .8 4 6 .7

.18“ 3 0 . 4 “ 6 9 . 4 “ 1 5 .6 “ 2 8 . 9 “ 5 5 . 5 “

.21 3 2 .3 6 7 .5 2 5 .5 2 5 . 8 4 8 .7

.16 3 6 .5 6 3 .4 1 4 .8 33 .6 51 .6

.16 37 .9 61 .9 11 .6 3 4 .5 5 3 .9

.24 4 1 .6 5 8 . 2 16 .2 3 5 .7 48 .1

.41 5 0 .0 4 9 . 6 1 0 .8 4 2 .6 4 6 .6

. 55“ 5 2 . 1 “ 4 7 . 4 “ 1 2 .1 “ 4 2 . 8 “ 4 5 . 1 “

.70 5 2 .5 4 6 . 8 13.1 4 3 .7 4 3 .2

. 45 5 4 . 0 4 5 .6 11 .0 5 3 .0 3 5 . 4

.35 5 5 . 3 4 4 .4 11 .0 5 4 .5 34 .5

.26 5 8 .5 4 1 .2 9 .4 5 5 6 .7 3 3 .8

.25 5 9 .5 4 0 .3 8 .3 3 5 8 .2 3 3 .5

.20 6 1 . 7 38 .1 5 .4 5 62 .7 3 1 . 8
6 8 . 0 3 2 . 0

“ Modified apparatus.
T able II

T he System Calcium Oxide-C alcium Bromide-W ater 
a t  50°, W eight Percentages

Liquid phase Wet residue phase
CaO CaBr2 H20 CaO CaBr2 Ii20

0.097 0 99.9
.045 9.24 90.7 36.2 5.5 58.3
. 15 14.0 85.8 30.5 7.89 61.6
.092 15.1 84.8 30.5 9.58 59.9
.12 18.8 81.1 29.3 13.8 56.9
.11 22.8 77.1 31.4 13.6 55.0
.14 34.6 65.3 32.9 19.8 47.3
.10 35.4 64.5 46.5 13.8 39.7
.21 37.2 62.6 40.9 17.3 41.8
.30 40.3 59.4 12.6 35.6 51.8
. 30“ 40.6“ 59.1“ 28.5“ 25.4“ 46.1(
.14 41.9 58.0 13.1 36.6 50.3
.68 47.7 51.6 12.2 40.6 47.2
.74 49.1 50.2 9.91 42.9 47.2
.89 51.4 47.7 14.7 42.1 43.2

1.07 51.5 47.4 9.11 49.1 41.8
0.68 52.6 46.7 11.5 53.3 35.3

.46 55.3 44.2 10.3 54.6 35.1

.38 59.1 40.5 6.79 61.5 31.7

.30 59.7 40.0 11.2 57.0 31.8
0 72.0 28.0

° Modified apparatus.
T able III

T he System Calcium Oxide-C alcium Bromide-W ater 
at 60°, W eight Percentages“

CaO
Liquid phase 

CaBr2 H20
Wet residue phase 

CaO CaBr2 H20
0.088 0 99.9

.33 24.5 75.2 37.9 13.4 48.7

.28 34.4 65.3 32.9 19.5 47.6

.40 42.3 57.3 45.9 16.7 37.4
1.26 51.6 47.1 5.98 49.1 44.9
1.20 52.4 46.4 8.15 52.3 39.5
0.38 56.5 43.1 9.75 55.4 34.9

.37 59.8 39.8 8.41 64.1 27.5

.27 61.1 38.6 5.99 60.0 34.0
0 73.5 26.5
All except first four in modified apparatus.

Milikan1 reported a decomposition temperature 
of 49.2° for Di.3.1«; however, the 50° isotherm 
shows that D i.3.i6 is stable at this temperature. 
This salt was prepared by precipitation from a 
supersaturated solution and was separated from

Fig. 3.— Ca0-CaBr2-H 20  at 60°, weight percentages.

T able IV
E quilibrium Field Intersection Compositions in 

W eight Percentages

Temp.,
Ca(OH)2-Di.3.i6 Et.3.16--D3.4.16 O 3.4.16—CaBr2* #H20

°C. CaBr2 CaO CaBr2 CaO CaBr2 CaO x
25 20.8 0.38 54.3 0.11 60.0 0.20 6
40 31° 0.70 52.5 0.22 59.5 .25 4
50 40.4 1.07 51.5 0.30 59.5 .32 4
60 52.06 1.256 59.8 .35 4
“ Obtained 

D ;.4.i6 field.
two values: 32.3 and 30.4. Ca(OH)2-

the mother liquor by centrifuging. The white 
crystals, after drying between filter papers, ap­
peared to be stable and non-hygroscopic. Freez­
ing point determinations on this sample indicate 
that the formation temperature of Di.3.i6 is 52.5°. 
Warming curves attempted in a modified Rossini- 
type apparatus gave high results (54.8°), but this 
is believed due to poor heat transfer between the 
crystals and the benzene suspending agent. Based 
on the heat input to the benzene-crystal slurry and
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the warming curve, the heat of formation of D1.3.16 
is approximately 1100 kcal.

The complex D3.4.16 was prepared in a similar 
manner. A simple warming experiment showed 
no evidence of decomposition below approxi­
mately 100°, at which temperature some water loss

occurred.
The authors wish to express their appreciation 

to Shell Development Company for permission to 
publish this work, and to R. C. Hurlbert for 
assistance in evaluation of the heat of formation 
of D1.3.16.

REACTION OF ACTIVE NITROGEN WITH METHYL CYANIDE1
B y  W. F o rst2 and  C. A. W in k le r
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The reaction of active nitrogen with methyl cyanide was studied at five temperatures in the range 90 to 460°. The main 
products were hydrogen cyanide and hydrogen. Smaller amounts of cyanogen, methane, ethane, ethylene, acetylene and 
(probably) methylisonitrile were also recovered. The yields of primary products, in relation to the methyl cyanide flow rate, 
indicate complete consumption of active nitrogen at each temperature, but the maximum yield increased markedly with 
increase of temperature.

Introduction
Previous studies in this Laboratory have shown 

that, although reactions of active nitrogen with 
hydrocarbons yield mainly hydrogen cyanide, small 
amounts of cyanogen may also be formed. The 
present study was made to determine whether, 
with the CN group present in methyl cyanide, 
reaction of this molecule with active nitrogen would 
reveal another aspect of active nitrogen reactions 
that might be useful in their interpretation.

Experimental
The apparatus was similar to that described in an earlier 

paper. 3 The molecular nitrogen flow rate was 5.98 X  10~ 6 
mole/sec., corresponding to an operating pressure of 1.03 
mm. in the system. Methyl cyanide “ chemically pure”  was 
purchased from Brickman and Company, Montreal, and 
was purified as outlined previously. 3

Condensable products of the reaction were distilled into 
a low temperature still of the type described by Le R.oy. 4 
The C2 hydrocarbons were distilled at —140° and analyzed 
on a mass-spectrometer.5 The excess of the reactant and the 
products were condensed on N/2 KOH frozen in liquid 
nitrogen. Upon melting, the solution was divided into 
three aliquots. In one aliquot, total cyanide ( =  a) was 
determined by titration with silver nitrate6; the second 
aliquot was acidified with dilute sulfuric acid ( 1 : 1 0 ) and 
boiled 'A  hour. The ammonia so formed ( =  b) was deter­
mined by Kjeldahl distillation. The third aliquot was 
transferred into a tube, frozen in liquid nitrogen, and an 
equal volume of concentrated sulfuric acid slowly added. 
The tube was then evacuated, sealed and digested for 12 
hours at 150°. Total ammonia ( =  c) was then determined 
in another Kjeldahl distillation. Cyanogen ( =  d) was 
determined in a separate experiment by the method of 
Rhodes.7 Net hydrogen cyanide was given by the differ­
ence (a — d), and unreacted methyl cyanide by (c — a — b). 
In the absence of any reaction products easily hydrolyzable 
by dilute acids, the determination of cyanogen as ammonia 
( 6 ), or by the direct method (d) should have yielded identi­
cal results. However, the result ( 6 ) was consistently higher 
than the result (d), and the discrepancy was attributed to

Cl) With financial assistance from the National Research Council of 
Canada.

(2) Holder of National Research Council Bursary and Studentships, 
1952-1955.

(3) W. Forst. and C. A. Winkler, Can. J. Chem., 33, 1814 (1955).
(4) D. J. Le Roy, Can. J. Res., 28B, 492 (1950).
(5) The authors are indebted to Dr. H. I. Schiff for permission to 

use the mass spectrometer, and to Dr. D. Armstrong for the analyses.
(6) I. M. Kolthoff and V. A. Stenger, "Volumetric Analysis," 

Vol. II, John Wiley and Sons, New York, N, Y., 2nd Ed., 1947.
(7) F. H. R.hodes, J. Ind. Eng. Chem., 4, G52 (1912).

the presence of methylisonitrile in the reaction products. 
Methylisonitrile was identified by its hydrolytic products, 
i.e., methylamine and formic acid, which were detected 
in the acidified reaction mixture by tests due to Valton8 and 
Grant, 9 respectively. No attempt was made to determine 
the methylisonitrile quantitatively, in view of the small 
amounts involved (at most 3%  of total products at 235°). 
The difference ( 6  — d) was assumed to represent methyl­
isonitrile, and the carbon and hydrogen balances calcu­
lated on this basis were between 99 and 101%.

Non-condensable reaction products were withdrawn from 
the nitrogen stream with a Toepler pump and analyzed 
on the mass spectrometer.

Experiments were made at 90,160, 245,345 and 460°.

Results
The results for all the products exclusive of 

methane are summarized in Figs. 1, 2 and 3. No 
methane was found at 90°; the results of analyses 
at 460° were:

MeCN flow rate, 
mole/sec. X 10s

3.5
8.1

15.5

Methane yield, 
mole/sec. X 106

0.00
.00
.184

The data for methylisonitrile are uncertain, i.e., 
the amounts calculated might represent methyl­
isonitrile plus other unidentified components. 
At lower temperatures these results were fairly re­
producible, but at 345 and 460° the reproducibil­
ity became very poor and no consistent data could 
be obtained.

Discussion
In discussing the results, the assumption will be 

made that the reactive species in active nitrogen is 
atomic nitrogen in the ground state, for reasons 
indicated elsewhere.10

Since the main products of the reaction were 
hydrogen and compounds containing a carbon- 
nitrogen bond, it would appear that the initial 
attack of the nitrogen atom was at a carbon atom 
in the methyl cyanide molecule. Seven possible

(8) P. A. Valton, J. Chem. Soc., 127, 40 (1925).
(9) W. M. Grant, Anal. Chem., 20, 267 (1948).
(10) (a) H. G. V. Evans and C. A. Winkler, Can. J. Chem., in 

press; (b) H. G. V. Evans, G. R. Freeman and C. A. Winkler, ibid., 
in press.
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reactions may be suggested, of which three are 
highly endothermic and a fourth11 may be ruled 
out on evidence available. The only three exo­
thermic reactions are all spin disallowed.10“ They 
are12

N +  CH3CN — >- 2HCN +  H +  19 kcal. ( 1 )
N +  CH8CN — >  C2N 2 +  H2 +  H +  7 kcal. (2)
N +  CHaCN-----^  HCN +  CN +  H2 +  9 kcal. (3)

Fig. 1.— Dependence of hydrogen cyanide and hydrogen 
yields on methyl cyanide flow rate: O, 90 ±  30° (temp.); 
■, 160 ±  15°; □ , 245 ±  10°; • , 345 ±  5°; A , 460 ±  5.

(11) The reaction N -f- CH3CN —► CH3C -f- N2 +  ? kcal. seems un­
likely since studies in this Laboratory have shown that no C2 hydro­
carbons are formed when active nitrogen is introduced into excess 
hydrogen cyanide; H. Brody, M. Sc. thesis, McGill University, 1955.

(12) The approximate heats of reaction were calculated from heats 
of formation published by the National Bureau of Standards in “ Se­
lected Values of Chemical Thermodynamic Properties,”  Nat. Bur. 
Stand. Washington, 1952, supplemented by

Substance

Heat of 
formation 

(kcal./ 
mole) Reference

CN - 9 3 L. Brewer, L. K. Templeton, and

N - 1 1 2

F. A. Jenkins, J. Am. Chem. Soc., 
73, 1462 (1951); C. A. Mc­
Dowell and J. W. Warren, 
Trans. Faraday Soc., 4 8 , 1084 
(1952).

A. E. Douglas, T h is  J o u r n a l , 59,

c h 2c n - 7 0
109(1955). 

Rough estimate

Fig. 2.— Dependence of cyanogen and isonitrile (?) yields 
on methyl cyanide flow rate (symbols have same signifi­
cance as in Fig. 1 ).

Fig. 3. Dependence of acetylene, ethylene and ethane 
yields on methyl cyanide flow rate (symbols have same 
significance as in Fig. 1).
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All three reactions will produce the entities H and 
CN in the ratio 3:2, i.e., three hydrogen atoms are 
formed for every two CN radicals when no atten­
tion is paid to the state of combination. A simple 
material balance requires that the yield of final 
products in each case must obey the relation
(yield of H2) =  ‘ /„(yield 0f HCN) +  3A(yield of C2N2)

Inspection of Figs. 1 and 2 shows that this relation 
is approximately satisfied at both 90 and 460°. 
The agreement obviously means only that any 
one of the three reactions, or any combination of 
them, is not inconsistent with the experimental 
results.

It has not been possible to assess the relative im­
portance of reactions 1, 2 and 3 except by com­
parison with the reaction of active nitrogen with 
methyl chloride.13 In that reaction, neither cy­
anogen chloride nor chlorine was found among the 
products. By analogy, it might be inferred that 
the production of HCN in reaction 1 is probably 
large compared with the extent of its formation in 
reaction 3, or through C2N2 and CN produced in 
reactions 2 and 3, respectively.

The plateaus on the curves of Figs. 1, 2 and 3 
indicate that, irrespective of mechanism assumed, 
the amounts of the primary products formed in the 
initial step (or steps) remain constant above a 
certain critical flow rate of methyl cyanide at 
each temperature. The only explanation seems to 
be that all the available nitrogen atoms are con­
sumed when the methyl cyanide flow rate exceeds 
the critical values, and that the number of nitrogen 
atoms participating in product formation is quite 
different at different temperatures. Similar though 
less accentuated behavior has been observed in the 
reaction of methyl chloride with active nitrogen.13 
The observation can be explained if it is assumed 
that the reactant acts as an efficient catalyst for 
the recombination of nitrogen atoms; a mathe­
matical analysis of the problem is projected for a 
further publication.

The ethane found in the reaction products at 
higher temperatures, and at methyl cyanide flow 
rates above the critical values, presumably resulted 
from recombination of methyl radicals formed3 in 
the reaction

H +  CH3CN — HCN +  CHs (4)

At lower methyl cyanide flow rates, where nitrogen 
atom consumption was incomplete, methyl radicals 
should be destroyed rapidly14 and ethane produc­
tion correspondingly insignificant, as observed.

The few data for methane content of the prod­
ucts suggest that the pattern of methane produc­
tion was similar to that for ethane and that methane 
also resulted from reactions of methyl radicals

CH., +  H — >. c h 4 ( 5 )
CH3 +  H2 — >- CII4 +  H ( 6 )
CH3 +  CH3CN — >  CH4 +  CH2CN (7)

Reactions 6 and 7 are known to have activation
(13) H. B. Dunford, H. G. V. Evans and C. A. Winkler, Can. J. 

Chem., 34, 1074 (1956).
(14) D. A. Armstrong and C. A. Winkler, ibid., 33, 1649 (1955).

energies of about 10 keal.16’16 and should occur 
at appreciable rates at 345° and 460°. Hence, 
reactions 4 and 6 could lead to methyl radical 
production by a chain mechanism. This appar­
ently does not occur, however, since the straight 
lines representing the production of ethane (Fig. 3) 
do not have a common origin nor do they have 
different slopes at different temperatures, corre­
sponding to different extents of a chain reaction. 
In the absence of a chain reaction, there should be a 
methyl cyanide flow rate above which ethane pro­
duction from recombination of methyl radicals 
should become constant. Apparently this flow 
rate was not attained for the conditions of the 
present experiments. Further, the recovery of 
ethane at 460° at a lower methyl cyanide flow rate 
than at 345° may be attributed to an increase, 
with temperature, of the rate of reaction 4, and 
may also indicate that there is more rapid con­
sumption of nitrogen atoms at the higher tem­
perature.

The pattern of acetylene production (Fig. 3) sug­
gests that acetylene is a primary product from the 
attack of active nitrogen on methyl cyanide. 
It seems necessary to assume that acetylene is 
formed in a drastic disruption of the methyl 
cyanide molecule, perhaps in a sequence such as

CH3CN +  N — >  CHaCN-N 
CH3CN-N +  N — >  N 2 +  reactive fragments

which would be expected to accompany catalyzed 
recombination. The recombination of two nitro­
gen atoms makes available more than 200 keal. 
and there should be a good chance that the methyl 
cyanide part of the complex receives enough en­
ergy to dissociate into reactive fragments. Among 
the possible fragments are CH, CH2, CH3 and CN. 
Acetylene might then result from recombination of 
CH radicals, or from interradical reactions such as17

CH2 +  CH3 — C2H2 +  H 2 +  II

The presence of ethylene in the products may also 
be explained by interaction of radicals formed by 
fragmentation of the parent molecule, e.g.

2CH2 — > C2H4 

CH +  CII3 — s- C2H4

At low methyl cyanide flow rates, some of the 
fragments might be involved in subsequent reac­
tions, such as

CH2 +  N — >- CN +  H 2 

CH +  N — >- CN +  II

It seems reasonable to assume that some of the CN 
radicals produced directly or indirectly in the 
fragmentation of the methyl cyanide molecule 
should recombine to cyanogen. If these frag­
ments were the only source of cyanogen, the fol­
lowing relation might be expected at high methyl 
cyanide flow rates and at low temperatures 

C2H2 +  C21I4 >  C2N 2

The fact that this relation is not satisfied (Figs.
(15) M. H. J. Wijnen and E. W. R. Steacie, Disc. Faraday Soc., 14, 

118 (1953).
(16) M. II. J. Wijnen and E. W. R. Steacie, J. Chem. Phys., 22, 1074 

(1954).
(17) H. Wiener and M. Burton, Am. Chem. Sac., 75, 5815 (1953).
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2 and 3) suggests that reactions 2 and 3 may con­
tribute appreciable cyanogen to the products.

The formation of some methylisonitrile in the 
methyl cyanide-nitrogen atom reaction is difficult 
to explain. It might arise from a reaction between 
CH3 and CN radicals, or conceivably from an inver­
sion reaction of the type reported by Ogg and

Polanyi18
CN +  CH3CN — CH,NC +  CN -  15 kcal.

However, the endothermicity of such a reaction 
would seem to require the participation of excited 
CN radicals.

(18) R. A. Ogg and M. Polanyi, Trans. Faraday Soc., 31, 482 
(1935).

FORMATION CONSTANTS OF SOME METAL DERIVATIVES: 8-ALKYL
CARBOXYLIC ACIDS

B y  R o u e r  J. I r v i n g 1 a n d  W. C o n a r d  F e r x e l i u s

Contribution f  rom The College of Chemistry and Physics, The Pennsylvania State University, University Park, Pennsylvania
Received May 21, 1956

Formation constants are reported for the compounds C2H5SCfi>COOH, C2H5SCH2CH2COOH and o-C2H5SC6H4COOH 
with the following metals: Cu, Ni, Pb, Cd, Co, Zn, Mg. The order of stability for the metal derivatives of a given ligand 
is different in some respects from that previously established for coordination through oxygen and/or nitrogen. Fivc- 
membered chelate rings are more stable than six-membered rings. For these sulfur-containing ligands log K, >  log K , with 
some metals, in contrast to the situation usually found for ligands coordinating through oxygen, nitrogen, nitrogen and 
oxygen, and nitrogen and sulfur. Difficulties encountered in the study of sulfur compounds are discussed.

Introduction
Since 1941 a good deal of information has accumu­

lated on the relative stabilities of metal coordina­
tion compounds.2 The data demonstrate the 
existence of several regularities among the proper­
ties of coordination compounds.5-8 However, if 
one lists the ligand molecules or anions for which 
data on formation constants exist, one sees that 
these ligands all coordinate through the atoms 
oxygen and nitrogen: oxygen only, /3-diketones, o- 
hydroxyaldehydes, tropolone, hydroxyquinones, 
kojic acid, etc.; nitrogen only, diamines, poly­
amines, o-phenanthroline, dimethylglyoxime, etc.; 
oxygen and, nitrogen simultaneously, amines con­
taining —0 — and -OH, 8-quinolinol, amino acids, 
the “ complexones,”  o-hydroxy azo dyes, etc. 
Although many familiar ligands coordinate through 
sulfur, very few data on formation constants exist 
for such ligands: sulfur only apparently none; 
sulfur and nitrogen simultaneously, amines contain­
ing -S -  and -SH ,9’10 o-aminobenzenethiol11; sulfur 
and oxygen simultaneously, o-mercaptobenzoic 
acid.12 Furthermore, these data are not suffi-

(1) New South Wales University of Technology, Sydney, Australia.
(2) J. Bjerrum, “ Metal Ammine Formation in Aqueous Solution,” 

P. Haase and Sons, Copenhagen, 1941.
(3) J. Bjerrum, Chem. Revs., 46, 381 (1950).
(4) A. R. Burkin, Quart. Rev., 5, 1 (1951).
(5) A. E. Martell and M. Calvin, “ Chemistry of the Metal Chelate 

Compounds,”  Prentice-Hall, Inc., New York, N. Y., 1952.
(6) M. Calvin and K. W. Wilson, J. Am. Chem. Soc., 67, 2003 

(1945).
(7) H. Irving and R. J. P. Williams, Nature, 162, 746 (1949).
(8) (a) L. G. Van Uitert, W. C. Fernelius and B. E. Douglas, J. 

Am. Chem. Soc., 75, 2736 (1953); (b) L. G. Van Uitert and W. C. Fer­
nelius, ibid., 76, 379 (1954).

(9) E. Gonick, W. C. Fernelius and B. E. Douglas, ibid., 76, 4(571 
(1954); C. R. Bertsch, W. C. Fernelius and B. P. Block, T h is  Jo u r n a l , 
60, 384 (1956).

(10) G. L. McIntyre, Jr., Dissertation, The Pennsylvania State 
University, 1953.

(11) R. C. Charles and H. Freiser. J. Am. Chem. Soc., 74, 1383 
(1952).

(12) T . Foley and R. C. Anderson, ibid., 70, 1195 (1948); 71, 909 
(1949); 72, 5609 (1950); R. C. Anderson and S. E. Turner, ibid., 71, 
912 (1949).

ciently numerous to permit one to judge whether 
the same regularities which hold for coordination 
through oxygen and nitrogen, are valid for co­
ordination through sulfur. The present report is a 
preliminary account of an investigation begun in an 
effort to furnish formation constant data for sulfur- 
containing ligands.

Experimental
S-Ethylmercaptoacetic Acid, C2H 5SCH2COOH.— This

compound was obtained by the action of ethyl mercaptan on 
monochloroacetic acid in alkaline solutions13: pale yellow
liquid with an unpleasant odor; b.p. 117° at 11 mm., d20« 
1.152; lit. values b.p. 117.8° at 11 mm., d20, 1.1518, 90% 
yield.

(S-(S-Ethylmercapto)-propionic Acid, C2H5SCH2COOII. 
— /3-Chloropropionic acid (5.5 g.) was dissolved in 10 ml. of 
water containing 2.5 g. of sodium hydroxide. To the cooled 
solution (ice-bath) was added with constant stirring an ice- 
cold solution of 3.5 ml. of ethyl mercaptan and 2.5 g. of 
sodium hydroxide in 5 ml. of water. After the mixture 
was allowed to stand at room temperature for several hours, 
it was again cooled in ice and carefully made acid to litmus 
with 20% sulfuric acid. The solution was repeatedly ex­
tracted with ether, and the extract dried over calcium 
chloride. After removal of the ether, the oil was distilled 
in vacuo to yield a pale yellow oil soluble in water and 
readily soluble in dioxane; b.p. 127° at 12 mm., d204 1.143, 
nM3  1.482, yield 3.8 g. ( 6 8 %  based on chloropropionic acid), 
neut. equiv., 134.0 g., theoretical 134.2 g., molar refraction 
33.46 cc., ealed. 33.42 cc.

o-(S-Ethylmercapto)-benzoic Acid, C2H*,SC6H iCOOH.— 
Thiosalieylic acid (7.2 g.) was added to a solution of 5 g. of 
sodium hydroxide in 10 ml. of water and 50 ml. ol alcohol. 
This mixture was refluxed with 3.9 ml. of ethyl iodide for 2 
hours. On cooling and acidification with dilute hydro­
chloric acid (litmus as indicator) the compound separated 
as a white powder. 14 It was recrystallized twice from water; 
yield 95%, m.p. 135°; lit. value 134-135°.

2,3-Dimcrcaptopropanol was purchased from the Delta 
Chemical Works. Mercaptoacetic acid, cysteine hydro­
chloride, and methionine were obtained from Distillation 
Products Industries. Dioxane was purified by Eigen- 
berger’s procedure15 and stored over activated alumina in a 
brown bottle to minimize the formation of oxidizing de­
composition products on standing.

(13) J. P. Claosson, Bull. soc. chim., [2] 23, 444 (1875).
(14) Farbewerke vorm. Meistei Lucius und liriining, German Pat­

ent203,882; Chem. Zentr., 79, II, 1791 (1908).
(15) E. Eigenberger, J. prakt. Chem.. 130, 75 (1931).
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Table I
Formation Constants of Metal Derivatives of Sulfur-Containing Acids in 50% D ioxane at 30°

S-Ethylmercaptoacetic /3-(S-Ethylmercapto)- o-(S-Ethylmereapto)-
acid propionic acid benzoic acid

Metal Ion Max. n log K i log Ki Max. n log Ki log Ki Max. n log K i log Ki

H + -5 .5 6 -6 .3 4 -6 .1 7
Cu++ 2 4.55 3.60 2.5 4.2 a 2.0 4 16 3.30
Pb + + 1.7 3.97 2.90 2.2 4.34 3.57 2.0 4 d
Cd + + 0.8 3.45 2.1 3.17 3.55 2.0 3.34 3.35
Zn + + 1.0 3.14 2.0 3.02 3.22 2.0 2.87 3.52
Ni++ 0.9 3.12 1.7 2.86 3.38 1.7 2.37 3.62
Co++ 0.9 3.06 2.0 2.8 & 2.0 2.0 3.1 e

Mg++ 1.8 3.0 av. c 2.0 2.18 3.29

“ When n 0.7, a hydroxy species formed. b Likely, but not certain, value. c Value from formation curve because cal­
culations from twelve sets of n values gave unreal roots in every case. d Even at small n values, hydroxy species formed. 
e Even at low pH values, hydroxy species formed.

The potentiometric titrations were performed at 30° by a 
modified form16' 17 of the procedure described by Calvin and 
Wilson, 6 with 0.1 mmole of metal ion as nitrate and 0.4 
mmole of ligand present in 100 ml. of 50% dioxane. Cal­
culations were made as described by Block and M cIntyre . 18

Results
The results are assembled in Table I. In several 

instances (EtSCH2COOH with Cu, Pb, Cd; Et- 
SCH2CH2COOH with Cu, Pb, Cd, Co*; o-Et- 
SC6H4COOH with Pb, Cd) doubling the concen­
tration of ligand (0.8 mmole of ligand to 0.1 mmole 
of metal ion) resulted in higher n values than those 
given in the table. (The variations were particu­
larly large in the case marked*). However, in 
such cases calculations at the higher concentration 
for the case N =  2 yielded the same values for log 
Ki and log K 2 as calculations at the lower concen­
tration for the case N  =  2.

No calculations of formation constants is possible 
when the acid dissociation constants of the ligand 
acids are not known. Simple titration in aqueous 
solution is not suitable for determination of the 
dissociation constants of very weak acids. Never­
theless, worthwhile information can be obtained 
by titrating such acids in the presence of metal 
ions and observing the relative displacements of 
the titration curves from that of the weak acid 
alone.

With 2,3-dimercaptopropanol (BAL), the ions, 
Cu++, Ni++, Pb++ and Zn++ gave precipitates 
above phi 3 in water. The Pb++ and Zn++ com­
pounds were insoluble in all mixtures of water- 
dioxane up to 75% dioxane. The complexes of 
BAL with Cu and Ni are quite stable as shown by 
the lowering of the pH of BAL in the presence of 
metal ions, while Mg shows no evidence of co­
ordination. From a solution of pH 10 where the 
ratio of BAL to Ni++ was 2:1, a soluble green com­
pound was isolated. Calcd. for Ni(SCH2CHSH- 
CH2OH)2: Ni, 19.4. Found: Ni, 20.6.

Although mercaptoacetic acid is essentially mono-
(16) L. G. Van Uitert and C. G. Haas, Jr., J. Am. Chem. Soc., 75, 451 

(1953); L. G. Van Uitert, W. C. Fernelius and B. E. Douglas, ibid., 75, 
457 (1953).

(17) B. E. Bryant, W. C. Fernelius and B. E. Douglas, ibid., 75, 
3784 (1953);

(18) B. P. Block and G. Ii. McIntyre, Jr., ibid., 75, 5667 (1953).

basic {pK-o =  5.3, pKm  =  11) in titration with 
base, it is definitely dibasic when titrated in the 
presence of Ni++ and the titration curve shows 
strong coordination. The mercapto acid oxidizes 
readily.

Titration curves of aqueous solutions of cysteine 
in the presence of Cu++, N i++, Zn++, Pb++, Cd++ 
and Co++ give evidence of coordination while 
those in the presence of M n++ and Mg++ do not. 
The curves in general follow a complicated pattern 
above pH 5 due to oxidation,19 precipitation, or 
formation of basic metal cysteinates. Cystine 
hydrochloride could not be studied, as it is insoluble 
in both water and water-dioxane mixtures.

Dissociation constants (pK d) from the neutraliza­
tion curve of methionine, CH3SCH2CH2CHNH2- 
COOH are 2.94 and 9.15.20

Methionine in 50% dioxane coordinates strongly 
with several metal ions and from the titration 
curves the order of stability is Cu >  Ni >  Zn >  
Co >  Cd.

Discussion
The choice of suitable ligands coordinating 

through sulfur for potentiometric study is not easy 
despite their wide use in analytical chemistry. 
Many of the most interesting compounds are not 
suitable for study because of (1) lack of solubility 
of ligand and/or metal derivatives, (2) ease of 
hydrolysis, and (3) ease of oxidation of -SH  groups 
to disulfides. Further, those sulfur compounds 
which are neither weak acids or bases cannot be 
studied by potentiometric titration.

The results tabulated in Table I show that like 
the chelate rings containing nitrogen and oxygen, 
the five-membered chelate rings containing sulfur 
are more stable than six-membered rings.

The increase in n values upon increasing the 
concentration of ligand is very unusual. If this 
increase in n is real and if it can be assumed that 
>S and -COO~ are held with greatly different 
intensity, then it seems reasonable that the neutral 
species

(19) M. P. Schubert, ibid., 53, 3851 (1931).
(20) O. H. Emerson, P. L. Kirk and C. L. A. Schmidt, J. Biol. 

Chem., 92, 449 (1931), give 2.28 and 9.21 at 25°.
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OCO OCO would become OCO OOCCH2SEt

Cu
/  \

c h 2s  s c h 2

I I
Et Et 

I

Cu
„  /  \
CH2S OOCCHiSEt

Et
II

Ag+-N H 3: log K , =  3.19; log K 2 =  3.8324 
Ag +-monoamines9- 25

Z n + + -N H S: log 7^ =  2.37; leg K* =  2.44; log K , =  2.50;
log K t =  2.1526

Fe + +-dipyridyl: log K, =  4.26; lo g A 2 < 5 ;  lo g ic 3 > 7 .3 27 

Fe + +-o-phenanthroline: log K x =  5.19; log Fli_ 3 =  21.3

or

Et
I

OCO SCHoCOO-

" " ' C u /

„  /  \
CH2S SCHoCOO-

Et Et III

III seems more likely because many compounds of 
Cu and Pt of this type with sulfur-containing 
ligands are known.

The most important conclusion to be drawn from 
Table I is that for the three ligands the strength of 
bonding as indicated by log K\ values is Co <  
Ni <  Cu >  Zn which is the same order of stability 
as for ligands containing oxygen and/or nitrogen. 
Irving and Williams21 in a comprehensive study of 
the problem show that in the first transition series 
the stability order of the divalent metals is a direct 
consequence of their ionization potentials and ionic 
radii. The empirical order Cu >  Ni >  Pb >  
Co >  Zn >  Cd >  Mg8b'22 holds with minor varia­
tions for many oxygen and nitrogen type ligands, 
but lead and cadmium fall out of line when the 
ligand contains sulfur; Cu >  Pb >  Cd >  Zn >  Ni.

For the great majority of cases of metal ion co­
ordination studied so far log K n >  log K n+1. In 
several instances in Table I, log K 2 >  log K\. 
This situation is in direct contradiction to the view 
held by Bjerrum23 that there is a statistical de­
crease in the numerical values of succeeding forma­
tion constants. Even though this may well be an 
over simplification omitting such factors as steric 
hindrance, type of hybrid orbitals formed, or 
possible rearrangement of orbitals, the instances 
where log K 2 >  log K i are few in number

(21) H. Irving and R. J. P. Williams, J. Chew,. Soc., 3192 (1953).
(22) D. P. Mellor and L. Maley, Nature, 159, 370 (1947); 161, 436 

1948).
(23) Ref. 2, pp. 40-4.

so that log K 2 and log K 3 are probably both greater 
than log if i .28 The abnormally high second and 
third formation constants of ferrous ion with di- 
pyridyl and o-phenanthroline have been explained 
on the basis of “ orbital stabilization.” The evi­
dence of an electronic rearrangement lies in the 
change from paramagnetism to diamagnetism.21 
No explanation of the reversal of order of formation 
constants in the case of A g+ and Zn++ has been 
proposed. The general reversal of order for these 
sulfur-containing ligands makes a study of these 
ligands particularly important.

Several earlier workers have studied the metal 
derivatives of cysteine.19’29-33 The N i++, C o++, 
Co+++ and Fe++ derivatives have been definitely 
established (in some cases more than one for a given 
ion). The Ni++ compound is stable; the Co++ 
compound oxidizes readily to a substance which 
seems to contain Co+++ and some cystine; the 
Fe++ compound is stable but the Fe+++ compound 
formed on oxidation is unstable so that cystine is 
the product.
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(24) Ref. 2, pp. 130-6.
(25) R. J. Bruehlman and F. A. Verhoek, J. Am. Chem. Soc., 70, 
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(26) Ref. 2, pp. 152-64.
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KINETIC STUDY OF THE TRIFLU ORO ACETONITRILE-BUT ADIENE
C Y CLIZATION1

B y  J oh n  M. S. Ja r v ie  a n d  G e o r g e  J. Ja n z

Contribution from the Department of Chemistry, Rensselaer Polytechnic Institute, Troy, N. I .
R ec e iv e d  M a y  2 2 , 1 95 6

A kinetic study of the trifluoroaeetonitrile-butadiene cyelization reaction in the temperature range 350-520° is reported. 
The reaction is homogeneous and second order, the rate expression being k« =  2.1 X 109 e_2I> 5°o/BT. Comparison of these 
data with the kinetic parameters of normal diene reactions, at high temperatures, shows that this reaction is an example of a 
Diels-Alder process in which the dihydro-cyclic adduct loses hydrogen spontaneously under the conditions of the reaction 
to form 2-trifiuoromethylpyridine. From consideration of the entropies of activation, it follows that the transition state, 
while similar to that in the normal Diels-Alder process, may be more bonded in structure.

The reaction of cyanogen and related nitriles 
with 1,3-dienes to form 2-substituted pyridines; i.e.

f
+  C— R — >  +  H 2 (1)

N
has been studied by Janz and co-workers2 in the 
homogeneous gas phase and over catalyst surfaces. 
More recently it was observed3 that with trifluoro- 
acetonitrile and butadiene, reaction proceeds readily 
without the presence of catalysts at 400° with the 
formation of 2-trifluoromethylpyridine as product. 
The present communication describes a kinetic 
study of this reaction in the temperature range 
350-520°. A discussion of the results in the light 
of the high temperature Diels-Alder and the cyano­
gen-butadiene reactions gives a further insight on 
the mechanism of this generalized eyclization- 
dehydrogenation reaction.

Experimental
Description of Flow Apparatus.—The system used was an 

all glass apparatus, having a preheater maintained at 
about 250° so that the gases entering the reaction zone were 
of sufficiently high temperature to prevent any cooling at the 
entrance. The gas flows were controlled by two needle 
valves (Edwards and Co.) and read on rotameters (Emil 
Greiner) which had been calibrated previously for both tri- 
fluoroacetonitrile and butadiene. The nitrogen flow was 
measured by a capillary type flowmeter. The temperature 
in the reaction zone was measured by means of six chromel- 
alumel thermocouples placed in a well over the length of the 
reactor.

The trifluoroacetonitrile (Columbia Organic) and buta­
diene (Matheson) were transferred from the cylinders sup­
plied by the manufacturers to glass cylinders and were de­
gassed on a vacuum system. The glass cylinder of butadiene 
was placed in an ice-water mixture previous to the com­
mencement of a run and the trifluoroacetonitrile cylinder 
in an acetone-chloroform mixture to which Dry Ice was 
added until the temperature was constant in the range —62 
to -5 8 ° .

The product and the unreacted reactants were collected 
in two Dry Ice traps and two liquid nitrogen traps. The 
system was flushed for 30 minutes with nitrogen before and 
after each experiment. It was found that all the product 
was collected in the first Dry Ice trap in addition to most of 
the butadiene. These were subsequently separated by a 
simple distillation. The trifluoroacetonitrile was collected 
as a white solid in the liquid nitrogen traps. A summary of 
experiments completed is given in Table I. From a con­
sideration of the limits of error in the operation of flow

(1)  P a r t  X I  in  th e  series, “ T h e  R e a c t io n  o f C y a n o g e n  a n d  R e la te d  
N itr ile s  w ith  1 ,3 -D ie n e s .”  P re se n te d  b efo re  th e  G e n e ra l Session , P e ­
tro leu m  D iv is io n , A m e rica n  C h e m ica l S o c ie ty , A t la n t ic  C it y ,  S e p te m ­
ber, 1956.

(2) G . J . Jans? an d  co -w o rk ers, J . A m . C h em . S o c .,  76, 6377 (19 5 4 ); 
77, 30 14 (19 5 5 ).

(3) J. M . S. J a rv ie , W . E . F itz g e ra ld , an d  G . J. J a n z , ib id .,  78, 978
(19 5 6 ).

methods, a variation of 1 0 %  is possible in the rate constant. 
However, for internal consistency the values given in Table 
I are shown with more significant figures than are necessary. 
An experiment designed to correlate the amount of hydro­
gen evolved with the pyridinic product formed (runs 37 and 
39) utilized a Toepler pump and a calibrated volume to 
collect this gas. The number of moles of hydrogen was 
calculated from the pressure and volume of the gas thus 
collected escaping from the liquid nitrogen traps in the 
reaction system.

Determination of 2-Trifluoromethylpyridine for Rate 
Calculations.— In the initial stage of this work, it was 
thought the refractive index would afford a means of deter­
mining the amount of trifluoromethylpyridine present in the 
product. It was found that this method gave unsatisfac­
tory results, probably because the other substances present 
interfere with the refractive index determination, which 
was based on a calibration assuming only trifluoromethyl- 
pyridine and vinylcyclohexene as products.

The ultraviolet spectra of 2 -trifluoromethylpyridine and 
3-vinylcyclohexene-l were examined in order to find out if 
trifluoromethylpyridine could be determined in the presence 
of vinylcyclohexene and the other products formed. The 
spectrum of trifluoromethylpyridine in alcohol is shown in 
Fig. 1. Two maxima were observed close together at 251 
and 256 m,u and having extinction coefficients of 1685 and 
1784, respectively. The spectrum of vinylcyclohexene in 
alcohol in the same region showed a peak at 273 my. and e 
4.5. The values obtained for the extinction coefficient 
over the range 220-340 mg did not exceed 8 , while in the 
region 250-260 my the extinction coefficient had the value 
of about 4. From this it is apparent that the interference 
in the spectrum of trifluoromethylpyridine caused by the 
presence of vinylcyclohexene is exceedingly small and may 
be considered negligible in the use of ultraviolet analysis 
for the quantitative determination of the trifluoromethyl­
pyridine.

A distillation of the reaction product was carried out to 
separate the fraction boiling higher than trifluoromethyl­
pyridine. A study of the ultraviolet spectrum showed that 
the higher boilers did not interfere with the determination of 
trifluoromethylpyridine. It follows that this method for the 
determination of trifluoromethylpyridine in the presence of 
vinylcyclohexene and the high boilers is satisfactory.

Results and Discussion
The forms of the kinetic rate equations in flow 

systems have been considered by Harris4 in detail. 
For a second-order process, where the limiting cases 
of complete and negligible diffusion can be neg­
lected; i.e., for low conversions, the rate law has 
the form

, Y 2 Í  No \ , _fa =  ( XT—-at ) ce. moleIT \ N m N b J
( 2)

in which V i is the volume of the gases entering the 
reaction zone, Vr, at the temperature and pressure of 
the reaction, and Y a„  Y b„ N c are the moles of 
trifluoroacetonitrile, butadiene and trifluoromethyl­
pyridine per second flowing through the reaction

(4) G . M . H arris , T his  J o u r n a l , 51, 505 (19 4 7 ).
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T a b l e  I
R u n  D a t a  fo r  B u t a d ie n e - T r if l u o r o a c e t o n it r il e  R e a ctio n

Run
Partial pressure o f reactants (atm.) Contact Conversion X  10*, % Rate constant,

CFaCN CiHt N2 time (sec.) CFsCN C.Hs Temp., °K . cc. moles _1 sec. "
5 0 .3 8 3 0 .4 1 3 0 .2 0 5 3 9 .3 6 .4 5 5 .9 8 666 219
6 .3 6 7 .2 9 2 .4 0 2 2 9 .6 3 .7 9 3 .9 8 678 243
7 .2 5 4 .2 5 3 .4 9 2 2 3 .4 1 .6 3 1 .6 4 687 156

12 .4 7 8 .5 2 2 4 1 .1 9 .8 2 1 0 .3 3 672 252
13 .3 8 7 .4 0 0 .2 1 3 3 7 .8 1 5 .3 2 1 4 .8 0 718 596
14 .3 7 1 .3 2 7 .3 0 2 3 1 .5 5 .2 7 5 .9 8 688 289
15 .4 0 6 .3 8 4 .2 1 0 3 7 .0 1 7 .0 1 1 8 .0 0 7 22 708
16 .3 9 6 .3 9 0 .2 1 5 3 5 .2 4 4 .4 3 4 5 .1 0 776 2060
17 .4 0 7 .3 8 9 .2 0 5 3 5 .5 1 8 .2 2 1 9 .0 8 733 795
18 .3 7 7 .3 9 6 .2 2 7 4 1 .0 1 2 .4 9 1 1 .9 0 703 444
19 .4 0 2 .3 8 6 .2 1 2 3 8 .9 7 .8 5 8 .1 8 6 94 298
20 .2 5 4 .2 6 0 .4 8 6 2 6 .1 2 .2 1 2 .1 7 672 179
21 .1 9 8 .1 9 0 .6 1 2 1 9 .0 0 .5 6 7 0 .5 9 2 674 8 7 .1
22 .3 5 4 .3 5 4 .2 9 2 3 5 .5 4 .3 8 4 .3 7 668 191
23 .4 4 2 .5 5 8 3 8 .0 1 0 .1 3 8 .0 1 683 268
24 .3 9 9 .5 0 3 .0 9 8 4 0 .6 7 .1 0 5 .6 4 671 192
25 .4 0 8 .4 9 8 .0 9 4 3 6 .6 2 2 .4 2 1 8 .3 6 715 721
26 .5 5 1 .4 4 9 3 6 .6 2 0 .8 9 2 5 .6 6 726 757
27 .5 7 4 .4 2 6 3 7 .5 2 4 .3 1 3 2 .7 4 749 934
28 .6 1 8 .3 8 2 3 0 .1 3 5 .7 1 5 7 .8 0 796 2030
29 .5 9 7 .4 0 3 3 8 .5 1 0 .1 3 1 5 .0 1 696 373
30 .5 8 8 .4 1 2 4 3 .5 1 .9 5 2 .7 9 630 5 6 .3
31 .4 2 2 .3 5 6 .2 1 6 1 2 .1 0 .1 2 1 0 .1 4 8 675 1 6 .1
3 2 (P )° .6 1 3 .3 8 8 4 7 .1 9 .4 8 1 4 .9 9 688 293
3 3 (P )a .4 8 4 .2 9 6 .2 2 0 3 6 .3 4 .9 8 8 .1 4 688 261
37 .5 9 5 .4 0 5 3 9 .7 1 0 .9 0 1 6 .0 0 696 387  (4 0 2 )1’
39 .4 7 5 .5 2 5 3 9 .6 1 4 .0 0 1 2 .6 9 693 383  (3 8 6 )6

“ (P) Reactor packed with Pyrex chips. 6 ( ) In Rate Constant column refers to fc2 calculated from moles of hydrogen 
evolved.

zone. In the present case, this relation can be 
expressed by the equation

^ _  (fractional conversion of CF3CN)
2 (contact time)(partial pressure of C4Hc) ' 

for convenience of calculation. The rate constants, 
fc2, reported in Table I were computed in this 
manner.

Kinetic Results
The effects of contact time, partial pressures and 

surface area were investigated to test the validity 
of the rate equation, and the order of the reaction. 
The dependence of the rate constant on the contact 
time was investigated at 400°. The data (runs 
5, 6, 7, 12, 20, 21, 23, 24 and 31, Table I) were ex­
trapolated to this exact temperature using the 
slope of the Arrhenius plot. It was found that at 
contact times greater than 30 sec., the rate constant 
was independent of time. The failure of the rate 
law at contact times less than 30 sec. is not under­
stood, but may be, in part, due to the fact that 
temperature equilibrium may not be attained by 
the gases. In the present work, the contact times 
used at all temperatures were greater than 30 sec.

The rate constants, normalized to 420°, for the 
variation in partial pressures with nitrogen gas 
(runs 6, 13, 18, 22 and 24, Table I) and in the molar 
ratios of reactants (runs 6, 13, 22, 24, 26 and 29, 
Table I) were constant (338 ±  18) within the ex­
perimental limits of error. The homogeneity of 
this reaction was established using a reaction vessel 
packed with Pyrex chips to increase the surface area 
fiftyfold (runs 32 and 33).

The temperature dependence of the rate con­
stant was investigated to obtain the parameters 
of the Arrhenius equation. The plot of log fc2 
and 1/T°K . is linear over the whole range in­
vestigated. The rate equation for this process,

Fig. 1.—Ultraviolet absorption spectra of trifluoromethyl- 
pyridine and 3-vinylcyclohexene-l in alcohol: A, trifluoro- 
methylpyridine; B, 3-vinylcyclohexene-l.
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accordingly, is
fc2 =  2.1 X  109 e~21’mlRT (4)

the reaction being second order over-all, but first 
order with respect to each of the reactants, buta­
diene and trifluoroacetonitrile, respectively. The 
rate constants, interpolated at even temperatures, 
are given in Table II.

T a b l e  II
R a t e  C o n st an t s '* f o r  th e  T r if l u o r o a c e t o n it r il e -  
B u t a d ie n e  R e a c t io n  o v e r  th e  T e m p e r a t u r e  R ange  

350-520°
Temp.,

°C.
fa ,

cc. moles-1 sec.-1 Temp., °C.
h,

cc. moles-1 sec. -
350 58.1 440 528
360 76.6 450 649
370 1 0 1 460 802
380 131 470 982
390 169 480 1190
400 2 1 0 490 1430
410 274 500 1720
420 345 510 2070
430 429 520 2470
° Interpolated from the experimental results plotted as 

log fo against l / r ° K .

The reaction of trifluoroacetonitrile with buta­
diene may be formulated as
s FA 1
1 +  c - c f 3

V  illX  N XN^\CF3
in which the dihydropyridine derivative postu­
lated above corresponds to the normal adduct in 
an orthodox Diels-Alder association reaction. 
Theoretical considerations5 on the stability of 
dihydropyridine relative to pyridine show that the 
dihydro compound is thermodynamically quite

respectively) confirmed the prediction above; i.e., 
that hydrogen is produced in the same molar ratio 
as the pyridinic product.

An insight on the mechanism of this reaction 
can be gained by comparison of the kinetic results 
with other high temperature homogeneous gas 
phase reactions. A summary of the pertinent data 
is given below.

The entropies of activation, A<S*, have been 
calculated from the absolute rate theory equations11 
for two typical Diels-Alder type reactions as well as 
for the trifluoromethylpyridine and cyanogen 
cyclizations. The Arrhenius A factor and the 
energy of activation for the trifluoroacetonitrile- 
butadiene reaction fall within the range (109~1010, 
20-24 kcal.) for typical Diels-Alder association 
reactions. It follows from this that the kinetic 
parameters of the present system may be attributed 
to a rate-controlling step similar to that for the 
Diels-Alder addition, i.e., the cyclization step. 
The kinetics of the diene associations at high 
temperatures in the homogeneous gas phase have 
been discussed recently in detail.9 It was shown 
that a cyclic transition complex was in best accord 
with all available rate data. The entropy of ac­
tivation in the trifluoroacetonitrile-butadiene cy­
clization is about 2 to 4 e.u. more negative than that 
in the orthodox Diels-Alder associations. If sig­
nificant, this indicates that the transition complex 
has a more bonded structure in this cyclization 
than in the comparable diene associations.

It is of interest to compare the kinetic results 
reported for the cyclization of cyanogen with buta­
diene10 with the present work. The energy of 
activation for the former is 5 to 10 kcal./mole higher, 
and the frequency factor 102 higher than that ob­
tained for the trifiuoroacetonitrile-butadiene cycli­
zation, and the orthodox Diels-Alder reactions.

Diene Dienophile
Temp, range 

(°C.)
Butadiene Acrolein 155-322
Butadiene Crotonaldehyde 242-300
Butadiene Butadiene 173-386

Butadiene Ethylene
418-650
487-648

Butadiene Cyanogen 325-450
Butadiene Trifluoroacetonitrile 357-523

A Factor AB AS* Ret.
1.46 X 109 19.7 6

0.9  X  10« 2 2 . 0 7
9.2 X 109 23.69 —16.9 8

1.4 X  1011 26.8 9
3 .0  X 1017 27.5 —14.5 9
1.6 X  1012 31.6 - 1 1 . 8 1 0

2.1 X 109 21.5 -1 9 .4 This work

unstable, and thus, if formed under conditions 
favoring aromatization, would be expected to pass 
over to the pyridinic product. A hydrogen-pyri- 
dinic product balance in the ratio of 1.0/1.0 accord­
ingly is predicted for the over-all process under 
consideration. In the present work an experiment 
was devised in which the amount of hydrogen 
evolved during the reaction could be collected. 
The results (runs 37, 39, Table I, 4.64 X 10-2,
4.46 X 10~2, and run 39, 3.40 X 10~2, 3.75 X  lO-2 
moles of hydrogen and trifluoromethylpyridine,

(5) P. J. Hawkins and G. J. Janz, J. Chem. Soc., 1479 (1949).
(6) G. Kistiakowsky and J. Lâcher, J. Am. Chem. Soc., 55, 4109 

(1933).
(7) M. G. Evans and E. W aThurst, Trans. Faraday Soc., 34, 614 

(1938).
(8) G. Kistiakowsky and J. Ransom, J. Chem. Phys., 7, 373 (1939).
(9) D. Rowley and IT. Steiner, Faraday Soc. Disc., 10, 198 (1951).
(10) P. J. Hawkins and G. J. Janz, J. Am. Chem. Soc., 74, 1790 

(1952).

The entropy of activation calculated for the cyano­
gen-butadiene reaction ( —11.8 e.u.) is consider­
ably greater than the values found for the present 
system and the related diene associations. A 
comparison of the rotational entropy increments 
accompanying the configurational changes when 
butadiene and cyanogen approach the position for
1,4-addition ( — 6 e.u.), with the loss in translational 
entropy in the formation of a bonded cyclic com­
plex ( — 40 e.u.), indicates that the transition com­
plex must have greater looseness than in the 
other reactions. The orientation of butadiene 
and cyanogen into the position for 1,4-addition ac­
counts for approximately one half of the entropy 
of activation, so that the degree of bond formation 
in the transition complex must be quite incipient.

(11) S. Gladstone, K. Laidler and H. Eyring, “ Theory of Rate Proc­
esses,” McGraw-Hill Book Co., New York, N. Y., 1941, p. 198.
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The use of trifluoroacetonitrile in the dienes- 
nitriles cyclization has also been of interest since 
the (CN) group is coupled with a group having a 
very strongly electrophilic nature. Of the nitriles 
previously studied (HCN, CH3CN, C2H6CN, C6- 
HbCN, CH2=CH— CN and (CN)2) only cyanogen 
reacted at an appreciable rate in the homogeneous 
gas phase. In the present instance, the high re­
activity of the (CN) group in trifluoroacetonitrile 
may be attributed to the polarization of the dieno-

philic link by the proximity of the CF3 group with 
its strong electrophilic properties. A study of 
importance of this effect in the mechanism in the 
homogeneous gas phase reaction is in progress.
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The conductances of nineteen uni-univalent electrolytes in dimethyl sulfoxide have been measured at 25° for solute con­
centrations ranging from 3-700 X  10 “ 5 N. In every case, excellent agreement exists between the experimentally observed 
behavior and that predicted theoretically by the Onsager equation. The limiting equivalent conductance of each electro­
lyte has been evaluated by an extrapolation of a Shedlovsky plot of A'o versus C. Limiting ionic equivalent conductances 
which are based upon the equal conductances of the n-octadecyltrimethylammonium and the re-oetadecyl sulfate ions agree 
within 2 -5%  with those which are based upon an assumed constancy of the limiting conductance-viscosity product of the 
tetra-n-butylammonium ion in non-aqueous solvents. The conductance behavior of electrolytes in dimethyl sulfoxide 
closely resembles that for the same electrolytes in dimethylformamide and in pyridine.

Introduction. 2. Purification of Salts.— Tetra-n-butylammonium and
Dimethyl sulfoxide (CH3SOCH3) is a recently 

introduced, versatile solvent which now has be­
come available commercially as a relatively inex­
pensive, very pure product. It is characterized by 
a broad, convenient liquid range (18.4-189°), a 
moderate viscosity (0.0196 poise), a relatively high 
dielectric constant (46.6), and extensive dissolving 
power. Its high Trouton constant (29.5)1 2 is evi­
dence that it is an associated liquid. The struc­
tural aspects of dimethyl sulfoxide indicate that it 
should function as an electron-donor solvent; hence, 
its solutions might be expected to exhibit solute- 
solvent interactions similar to those which have 
been observed for solutions of the same solutes in 
dimethylformamide, acetone or pyridine. The ob­
jectives of this research, therefore, have been to in­
vestigate the potentialities of dimethyl sulfoxide as 
an electrolytic solvent through a study of the con- 
ductimetric behavior of several electrolytes and to 
compare the pattern of results for dimethyl sulfox­
ide solutions with those which have been reported 
for solutions of the same electrolytes in other elec­
tron-donor solvents.

Experimental
1. Purification of Solvent.— Dimethyl sulfoxide, which 

was supplied as 99.9% pure by the Stepan Chemical Com­
pany, was refluxed for several hours in contact with calcium 
oxide and then was fractionated through an efficient dis­
tillation column at a reduced pressure of approximately 5 
mm. The middle fractions thus obtained were fractionated 
one or more times at the same pressure until the dimethyl 
sulfoxide which finally was retained had a conductivity 
which did not exceed 3 X  10 -8  ohm -1  cm . - 1  as well as the 
desired density, viscosity and dielectric constant.

(1) Taken from a thesis submitted by George R. Lester in partial 
fulfillment of the requirements for the degree of Master of Science.

(2) T. B. Douglas, J. Am. Chem. See., 70, 2001 (1948).

trimethylphenylammonium iodides and sodium benzene- 
sulfonate (all Eastman Kodak Co. grade) were recrystallized 
three times from methanol or ethanol-ether mixtures. 
Trimethylphenylammonium benzenesulfonate (practical 
grade) was treated with boneblack prior to several recrys­
tallizations from methanol. These salts were dried to con­
stant weight in vacuo at 70°.

The purification and the drying of the potassium and 
sodium salts have been described in previous papers. 3' 4

The following salts were furnished in purified form by 
E. D. Wilhoit5: potassium n-octadecyl sulfate, m.p. 179— 
181°; re-octadecyltrimethylammonium nitrate, m.p. 2 0 0 -  
202°; n-octadecyltrimethylammonium iodide, m.p. 234- 
236°.

3. Apparatus and Procedure.—The bridge, cells, bath 
and temperature control and procedure of the conductance 
measurements have been described previously. 3' 6 The di­
electric constant of each fraction of dimethyl sulfoxide was 
determined at ten megacycles using the equipment and 
procedure which have been described by Leader.7 The vis­
cosity of each fraction of dimethyl sulfoxide was measured 
using size-50 Cannon-Fenske viscometers which were cali­
brated by the Cannon Instrument Company. Kinetic en­
ergy corrections were assumed to be negligible.

The following data for dimethyl sulfoxide at 25° were 
used in the calculations: density, 1.096 g ./m l.; viscosity, 
0.0196 poise; dielectric constant, 46.6. Values of the fun­
damental constants were taken from a 1952 report of the 
Subcommittee on Fundamental Constants.8

Results
Corresponding values of the equivalent conduct­

ance, A, and the concentration in gram equivalents 
per liter, C, are presented in Table I for each of the

(3) D. P . Ames and P. G. Sears, T his J o u r n a l , 59, 16 (1955).
(4) P. G. Sears, R. K. Wolford and L. R. Dawson, J. Electrochem. 

Soc., accepted.
(5) E. D. Wilhoit, Dissertation. University of Kentucky, 1956.
(6) P. G. Sears, E. D. Wilhoit and L. R. Dawson, J. Chem. Phys., 

23, 1274 (1955).
(7) G. R. Leader, J . Am. Chem. Soc., 73, 856 (1951).
(8) F. D. Rossini, F. T. Gucker, H. L. Johnston, L. Pauling and 

G. W. Vinal, ibid., 74, 2699 (1952).
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nineteen electrolytes which were studied. The 
maximum experimental error inherent in these 
data is estimated to be 0.15%.

T able I
E quivalent C onductances of Some E lectrolytes in  

D imethyl Sulfoxide at  25°
C X 104 A C X 104 A C X 104 A
(a) Potassium (b) Sodium (c) Potassium

iodide iodide bromide
0.7092 37.81 0.5083 37.24 1.529 37.83
2.317 37.41 2.718 36.75 5.175 37.32
8.123 36.91 6.335 36.30 1 0 . 8 8 36.80

13.30 36.31 13.44 35.74 23.27 36.04
19.72 35.99 22.59 35.25 35.89 35.38
26.96 35.67 32.92 34.82 52.52 34.92

(d) Sodium (e) Potassium (f) Sodium
bromide thiocyanate thiocyanate

1.432 37.40 1.331 42.90 1.434 42.36
4.147 36.95 4.212 42.44 3.080 42.02

10.44 36.31 8.292 41.97 8.865 41.36
2 2 . 1 2 35.57 16.07 41.41 18.33 40.64
24.52 35.01 25.53 40.88 29.87 40.04
50.71 34.45 * 37.47 40.30 44.48 39.43
(g) Potassium (h) Sodium (i) Potassium

nitrate nitrate perchlorate
1.005 40.95 2.669 39.81 1.867 38.44
3.546 40.44 6.451 39.26 3.641 38.15
7.064 39.96 13.04 38.60 9.470 37.58

15.46 39.13 23.05 37.91 19.13 36.96
25.55 38.44 35.72 37.15 27.39 36.52
36.45 37.87 51.76 36.41 37.66 36.13

(j) Sodium (k) Potassium (1) Sodium
perchlorate picrate picrate

0.7860 37.86 0.4676 31.36 0.9568 30.65
4.644 37.24 2.045 30.95 4.799 30.07
8.771 36.88 5.198 30.53 8.257 29.69

14.25 36.49 12.09 30.02 15.84 29.20
22.19 36.06 19.71 29.62 25.21 28.75
44.51 35.25 29.64 29.15 37.51 28.23

(n) Tri- (o) Tri-
(m) Tetra-»- methylphenyl- methylphenyl-

butylammonium ammonium ammonium ben-
iodide iodide zenesulfonate

1.970 34.25 2.126 37.05 1.810 30.21
4.117 33.98 5.120 36.68 5.282 29.71
8.550 33.54 1 2 . 0 0 36.07 9.224 29.37

14.19 33.15 23.98 35.33 20.19 28.62
22.46 32.67 38.30 34.66 33.35 27.97
31.42 32.29 49.00 34.29 43.71 27.57

(q) n-Octadecyl- (r) m-Octadecyl-
(p) Sodium trimethyl- trimethyl-

benzene- ammonium ammonium
sulfonate nitrate iodide

2.768 29.73 0.2830 36.71 0.2882 33.53
6.521 29.29 0.9595 36.71 1.260 33.26

15.14 28.58 3.216 36.10 2.995 32.95
31.83 27.67 6.574 35.70 5.410 32.68
51.63 26.89 10.26 35.37 8.983 32.33
66.97 26.41 (s) Potassium

n-octadecyl
sulfate

0.3018 24.17 
1.141 23.97
3.004 23.69
6.324 23.34
9.647 23.08

Discussion
For each salt in dimethyl sulfoxide, a linear plot 

of the equivalent conductance versus the square 
root of the concentration was obtained for concen­
trations less than 2 X  10“ 3 N. The data which are 
presented in Table II show in each case that 
excellent agreement exists between the limiting ex­
perimental and the theoretical Onsager9 slopes and 
therein indicate that the salts are completely dis­
sociated in dimethyl sulfoxide. At concentrations 
greater than 2 X 10_3 N, the slopes of the plots of 
A versus \/C exhibit various types of minor devia­
tions from those predicted theoretically; however, 
these deviations are somewhat expected inasmuch 
as the Onsager equation is a limiting expression 
and applies only to very dilute solutions.

T able II
T est of Onsager ’ s E quation for the C onductances of 
Some U ni-un ivalent Salts in D imethyl Sulfoxide  at 

25°

Salt Ao
Theor.
slope
(St)

Exptl.
slope
(SB)

% Dev. 
(Se -  St) 

100/St

K I 38.2 - 5 5 - 5 4 — 2
Nal 37.6 -5 5 - 5 0 —9
KBr 38.4 - 5 5 -5 3 - 4
NaBr 38.0 -5 5 - 5 4 - 2

KSCN 43.5 - 5 8 -5 5 - 5
NaSCN 43.0 - 5 7 - 5 6 - 2

KNOa 41.5 - 5 7 -6 0 5
NaNOa 40.8 - 5 6 - 6 0 7
KC104 39.1 - 5 5 -5 3 - 4
NaC104 38.3 - 5 5 - 5 0 - 9
KPi“ 31.7 - 5 2 -4 9 - 6

NaPi 31.1 - 5 2 - 4 9 - 6

Bu4NI 35.0 -5 3 - 4 8 - 9
MeaPhNI 37.8 - 5 5 -5 6 2

MeaPhNSOaPh 30.9 -5 1 - 5 2 2

NaSOaPh 30.6 -5 1 - 5 2 2

MeaOctdNNOa6 37.0 - 5 4 - 5 0 - 7
MeaOctdNI 33.8 - 5 3 -4 9 - 7
KOctSOa 24.5 - 4 8 - 4 4 - 8

a Pi represents picrate. 6 Octd represents octadecyl.

Values of the limiting equivalent conductances 
of the salts in dimethyl sulfoxide were determined 
by mathematically extrapolating plots of the Shed- 
lovsky rearrangement and extension of the Onsager 
equation.10 This modified equation which may be 
written in general form as

A 4~ /3-y/c
1 — OL\/c

— Ao' — Ao 4- BC ( 1)

reduces to the following expression for dimethyl 
sulfoxide solutions at 25°

A +  35.7 V5 
1 -  0.502VC — Ao 4- BC (2)

The plot of A'o versus C for each salt is linear over 
the entire concentration range which was studied. 
The results are summarized in Table III.

Numerous combinations of the values of A0 in 
Table III provide substantiation of the Kohlrausch 
law of independent ionic migrations for dimethyl 
sulfoxide solutions. The values of B (and also of

(9) L. Onsager, Physik. Z., 28, 277 (1927).
(10) T. Shedlovsky, J. Am. Chem. Soc., 54, 1405 (1932).
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T a b l e  III
D a t a  D e r iv e d  from  P lots  of A0' versus C fo r  Some 

Sa lt s  in  D im e t h y l  Su l f o x id e  a t  25°
Salt Ao B Salt Ao B

KI 38.2 90 KPi 31.7 90
Nal 37.6 1 0 0 NaPi 31.1 55
KBr 38.5 90 BuiNI 35.0 80
NaBr 38.0 60 MsaPhNI 37.9 50
KSCN 43.5 1 0 0 M 33PhNS03Ph 30.9 8
NaSCN 43.0 65 NaSOjPh 30.6 8

KNOs 41.5 - 8 0 Me30ctdN N 03 37.0 90
NaN03 40.8 - 9 5 Me3OctdNI 33 . 8 150
KCIO, 39.1 115 KOctdSO., 24.5 1 1 0

NaC104 38.3 145

B' which can be calculated by dividing B by Ao) do 
not show any consistent parallelism with those 
which have been observed for solutions of the same 
electrolytes in water or in hydrogen cyanide.11

Several methods have been used to approximate 
limiting ionic equivalent conductances in non-aque- 
ous solvents. Thompson and Kraus12 have sug­
gested that the limiting equivalent conductances of 
the n-octadecyltrimethylammoniuifi and the n-oc- 
tadecyl sulfate ions should be equal and therefore 
can be evaluated by halving the value of A0 for n- 
octadecyltrimethylammonium n-octadecylsulfate. 
Then utilizing the data for additional salts in which 
one of these ions is present, other ionic conductances 
can be calculated. Although n-octadecyltrimeth- 
ylammonium w-octadecyl sulfate is virtually insol­
uble in dimethyl sulfoxide, the value of its limiting 
equivalent conductance has been calculated indi­
rectly by two combinations of the values of A0 for 
potassium n-octadecyl sulfate, potassium nitrate, 
n-octadecyltrimethylammonium nitrate, potas­
sium iodide and n-octadecyltrimethylammonium 
iodide. Taking the limiting conductance of each 
of the two large ions in dimethyl sulfoxide as 10.0 
ohm-1 cm.2 equiv.-1, other ionic conductances 
were calculated. The results are summarized in 
Table IV.

T a b l e  IV
L im it in g  E q u iv a l e n t  C o n d uctan ces  o f  I ons in  D im e th y l  
Su l f o x id e  a t  25° B ased  upon  th e  M eth o d  o f  T hompson  

an d  K ra u s
Cation Ao + Anion Ao

K  + 14.4 SON- 29.2
MeaPhN + 14.1 n o 3- 27.0
Na + 13.8 C104 24.6
Bu,N + 1 1 . 2 Br- 24.2
Me.iOctdN + 1 0 . 0 I - 23.8

P i- 17.3
PhSOa- 16.8
OctdSOj “ 1 0 . 0

The constancy of the conductance-viscosity
product for the tetra-n-but.ylammonium ion was 
suggested initially by Pickering and Kraus13 as a 
basis for approximating limiting ionic conduct­
ances. Healey and Martell14 and also McDowell

(11) C. A. Kraus, T h is  J o u r n a l , 58, 673 (1954).
(12) W. E. Thompson and C. A. Kraus, J. Am. Chem. Soc., 69, 

1016 (1947).
(13) H. L. Pickering and C. A. Kraus, ibid., 71, 3288 (1949).
(14) F. II. Ilealey and A. E. Manell, ibid., 73, 3296 (1951).

and Kraus16 have discussed the applications of this 
method. Assuming the value of the conductance- 
viscosity product of the tetra-n-butylammonium 
ion in dimethyl sulfoxide to be 0.208 ±  0.009 
ohm-1 cm.2 equiv.-1 pcise, values of anionic limit­
ing conductances were calculated which were 2-5%  
greater than those based on the n-octadecyltri­
methylammonium n-octadecyl sulfate method.

If the limiting ionic conductance data in Table 
IV are considered to be reasonably reliable, it is in­
teresting to note that the conductance-viscosity 
product for the picrate ion in dimethyl sulfoxide is 
approximately 0.34 ohm-1 cm.2 equiv.-1 poise. 
This appears to be an unusually high value for the 
product although Kraus16 has emphasized the un­
usual nature of the product for the picrate ion in 
other electron-donor solvents such as pyridine and 
nitrobenzene.

T a b l e  V
R a tio s  o f  th e  L im it in g  E q u iv a l e n t  C o n d u ctan ces  of 
Some P otassium  an d  So d iu m  Sa lt s  in  D im e t h y l f o r m - 
a m id e , P y r id in e  an d  A ceton e  to  T hose  in  D im e t h y l  

S u lfo x id e  a t  25°
A o (D M F )“ A o(P yrid in e) Ao(A cetone)

S a lt Ao(D M S O ) b A o (D M S O ) Ao(D M S O )

Nal 2.18 2 . 0 0 5.07
KI 2.16 2 . 1 0 5.06
NaPi 2.16 1.95 5.26
KPi 2.16 2.07 5.23
NaBr 2.19 2.05 5.11
KBr 2.18 2.16 5.11
NaC104 2.14 1.94 5.06
KCIO4 2 . 1 2 2.04 5.01
NaSCN 2.08 4.64
KSCN 2.07 4.63
NaN0 3 2.15 1.95 4.91
KNOs 2.13 2.04 4.86

Mean 2.14 ±  0.07 2.03 ±  0 .09 5.00 ± 0 .3 7
a DM F represents dimethylformamide. b DMSO repre­

sents dimethyl sulfoxide.

Series of decreasing limiting conductances for 
the cations and the anions in dimethyl sulfoxide are 
discernible from the arrangement of the data in 
Table IV. A comparison of the pattern of behav­
ior of ionic species in dimethyl sulfoxide with pat­
terns for the same species in other electron-donor 
solvents yielded some interesting correlations. Ra­
tios of the limiting equivalent conductances of 
some potassium and sodium salts in dimethyl­
formamide,3’4 in acetone,17 and in pyridine18 to 
those in dimethyl sulfoxide are presented in Table
V. These data indicate that the pattern of behav­
ior of electrolytes in dimethyl sulfoxide most closely 
resembles the patterns for the same electrolytes in 
dimethylformamide and in pyridine.

At 25° the A0170 product for a typical electrolyte 
such as sodium bromide in dimethyl sulfoxide, in 
pyridine, in dimethylformamide and in acetone is 
0.743, 0.685, 0.663 and 0.587 ohm-1 cm.2 equiv.-1 
poise, respectively. These values provide evidence 
that the sizes of the solvodynamic units of the sol-

(15) M. J. McDowell and C. A. Kraus, ibid., 73, 3293 (1951).
(16) C. A. Kraus, Ann. N. Y Acad. Sci., 51, 789 (1949).
(17) M. B. Reynolds and C. A. Kraus, J. Am. Chem. Soc., 70, 709 

(1948).
(18) W. F. Luder and C. A. Kraus, ibid., 69, 2481 (1947).
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ute in dimethyl sulfoxide are relatively less than 
those of the same solute in the other solvents.
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sulfoxide and to the U. S. Army Signal Corps for 
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EQUILIBRIA IN THE TERNARY SYSTEM MgCl2-BaCl2-H 20  BETWEEN 18
AND 100°

B y  G unnar  0 .  A ssarsson

Chemical Laboratory of the Geological Survey of Sweden, Stockholm 60, Sweden 
Received May 28, 1956

The ternary system MgClz-BaCh-IhO was examined within the temperature range 18-100°. There occur three phases of 
barium chloride: dihydrate, monohydrate and anhydrous salt. The solubility of barium chloride in saturated magnesium 
chloride solutions is insignificant. Thus, it is possible to determine the lowest formation temperature of barium chloride 
monohydrate only as being <  45°. The lowest formation temperature of anhydrous barium chloride is at 83 ±  3°. The 
formation of the phases was confirmed by X-ray exposure in a heating camera. Two isotherms, 50 and 100°, and a synoptic 
diagram of the ternary system are given.

In some earlier papers,1 we have published the 
results of investigations concerning the equilibria 
in some of the aqueous systems of alkaline earth 
and alkali chlorides. To complete the survey, 
knowledge is required of the systems containing 
these chlorides and barium chloride. Also the 
chlorides of Li, Cs and Rb could be taken into 
consideration in the final summing up of the results, 
but the systems containing these chlorides are be­
lieved to have been studied elsewhere.2 The results 
from the investigation of barium chloride together 
with magnesium chloride will now be presented.

Experimental
The experiments were performed as earlier described. 

Magnesium and barium were separated and determined 
gravimetrically using the same method as for magnesium 
and strontium . 1

The Barium Chloride Hydrates Occurring in the System.
— The earlier known phases of the barium chloride are the 
dihydrate, the monohydrate and the anhydrous salt.

Barium chloride dihydrate has been investigated by Tov- 
borg-Jensen . 3 It is monoclinic, belonging to the space 
group P21/n, and0hs lattice parameters are a =  7.13G, b — 
10.86, c =  6.738 A ., 0  =  90°57'.

Barium chloride monohydrate was first described by 
Skey and Davis4 as tetragonal, and later by Kirschner5 
as orthorhombic. Skey and Davis’ preparation was ob­
tained from a barium chloride solution containing hydro­
chloric acid, Kirschner’s preparation from nearly pure 
methyl alcohol. Experiments performed in connection 
with the present investigation showed that these two prepa­
rations do not have identical X-ray patterns. The prepara­
tion obtained by Kirschner’s method contains methyl 
alcohol. Later Pinsker6 determined the structure of the 
compound using the electron diffraction method and found 
the monohydrate to be orthorhombic, having the unit 
cell dimensions a =  4.51, b =  9.02, c =  11.28 A. The 
monohydrate is usually prepared by dehydration of the di­
hydrate between 45 and 60°. For identification of the 
monohydrate in the equilibrium studies described below,

(1) G. O. Assarsson and A. Balder, T his J o u r n a l , 68, 416 (1954) and 
literature there cited.

(2) Cf. Y. Y. Dodonov, L. V. Eferova and V. S. Kolosova, Doklady 
Akad. Nauk S.S.S.R., 63, 301 (1948); V. E. Plyushchev and N. F. 
Markovskaya, J. Obshchei Khim., 24, 1302 (1954) and other Russian 
authors.

(3) A. Tovborg-Jensen, Kgl. Danske Videnskaps Selskab. Mai. fys. 
Meddel., 22 , No. 3 (1945) (English).

(4) W. Skey and E. H. Davis, Trans. New Zealand Inst., 3, 220 
(1870).

(5) A. Kirschner, Z. physik. Chem., 76, 176 (1911).
(6) G. Pinsker, Zhurn. Fiz. Khim., 23 , 1058 (1949).

X-ray photographs of analytically controlled preparations 
of this kind (55°), were compared with those of prepara­
tions obtained at «70-80° by diffusion of solutions con­
taining hydrochloric acid (20-30% ) into a barium chloride 
solution. The X-ray patterns of these latter preparations 
were shown to be identical with those of the monohydrate 
prepared by dehydration at 55°. The measurements were 
in very good agreement with those listed in the card cata­
log of A .S .T .M . 7 On comparison with values obtained 
by calculations based on Pinsker’s unit cell dimensions the 
agreement between observed and calculated d-values and 
intensities was generally tolerable. It should be kept in 
mind that the monohydrate may be rather easily dehy­
drated during bombardments of the electrons under the 
low pressure conditions of an electron diffraction apparatus.

Anhydrous barium chloride has been examined by Doll 
and Klemm8 who have calculated its orthorhombic cell di­
mensions per analogia a =  7.823, 6  =  9.33, c =  4.948 A. 
The anhydrous barium chloride can easily be prepared by 
dehydration of the hydrates in a thermostat at temperatures 
higher than 80°. Preparations of this kind (100°) were used 
for comparison of the X-ray patterns of the phases in the 
equilibrium experiments described below; the measurements 
of the diffractions were in very good agreement with those 
given by Doll and Klemm.

A hemihydrate of barium chloride seems also to exist, 
being formed on cautious dehydration of the dihydrate at 
70-85°. However, as it is metastable it has not been ob­
served among the phases of the aqueous systems.

Results
The solids in equilibrium with solutions of the 

system include no double salt within the tempera­
ture range investigated. The principal interest is 
therefore connected with the changes in the iso- 
thermally invariant equilibria and the lowest 
formation temperature of the hydrates of barium 
chloride. As the saturated magnesium chloride 
solutions have a dehydrating effect on barium 
chloride dihydrate, barium chloride monohydrate 
and anhydrous barium chloride must be formed at 
temperatures which are low compared with the 
corresponding ones in the pure aqueous system 
(102° for the monohydrate, 268° for the anhydrous 
salt9) . In an accurate determination of the lowest 
formation temperature of the phases some diffi­
culties were encountered. The experiments were

(7) Alphab. and numer. index of X-ray diffraction data A.S.T.M. 
Spec. Techn. Publ. No. 48 B, 1950.

(8) W. Doll and W. Klemm, Z. anorg. allgem. Chem., 241, 248 (1939).
(9) G. I. Hlittig and Chr. Slonim, Z. anorg. allgem. Ch., 181, 66 

(1929); A. Benrath, ibid., 247, 147 (1941).
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H z 0

Fig. 1 .—The ternary system MgCl2-BaCl2-H 20 : the isotherm at 50°.

T a b l e  I
T he  Sy ste m  M gCb-BaCh-IhO E x p e r im e n t s  for  R e a c h ­
in g  E q u il ib r ia  C lose  to  th e  I so t h e r m a ll y  I n v a r ia n t  

P oin ts

Symbols: Ba 2 =  BaCl2-2H20  Ba 1 =  BaCl2-H20, Ba =  
BaCl2; Mg 6  =  MgCl2-6H20 ; X  =  controlled with X-ray 

photographs.
Temp., Compd. Soin. Wet residue Phase

°C. added MgCls! BaCh MgCls BaCB formed
25.0 Ba 35.7 .05 19.8 45.6 Ba 1 +  Ba X

Ba 1 35.7 .05 14.1 56.3 Ba 1
Ba 2 35.7 .05 6.9 69.8 Ba 2

36.0 Ba 1 36.4 .05 8.2 70.0 Ba 1
Ba 2 36.4 .05 7.0 70.3 Ba 2

42.0 Ba 1 36.9 .05 6.2 74.1 Ba 1
Ba 2 36.9 .05 4.2 75.8 Ba 2

45.0 Ba 1 37.0 .05 17.1 54.6 B a l X
Ba 2 37.0 .05 10.9 64.3 Ba 1 X

47.0 Ba 1 37.2 .05 10.3 67.1 Ba 1 X
Ba 2 37.2 .05 6.5 75.8 Ba 1 X

70.0 Ba 2 35.2 .2 11.1 64.6 Ba 1
Ba 2 30.5 .4 7.1 72.7 Ba 1
Ba 1 29.6 .5 5.4 72.3 Ba 2
Ba 2 26.2 1.1 4.6 72.9 Ba 2

81.0 Ba 39.8 .15 16.8 55.5 Ba 1 X
Ba 1 39.8 .15 12.6 64.0 Ba 1
Ba 2 39.8 .15 14.8 59.5 Ba 1

83.0 Ba 39.9 .15 19.6 49.0 Ba X
Ba 1 39.9 .15 12.2 64.4 Ba 1 X
Ba 2 39.9 .15 10.4 69.0 Ba 1

85.0 Ba 40.0 .15 15.2 61.6 Ba
Ba 1 40.0 .15 12.2 68.8 Ba

25 and 36°: equilibrium not reached

performed by saturating the solutions with mag­
nesium and barium chloride, filtering off the undis­
solved solids, and afterwards adding a small

amount of barium chloride. The analyses of the 
solids formed showed, however, that they were 
dependent upon the type of hydrate of barium 
chloride which was added. At 25° up to about 40° 
the solid contained dihydrate when dihydrate was 
added, and monohydrate and anhydrous salt 
when the solid added was the monohydrate and/or 
anhydrous salt. The results were similar even 
when the samples were shaken in the thermostat 
for a day, for a week or for longer time. Thus, equi­
librium could not be reached.

At first, when the temperature was about 45° 
or higher, there did occur a rather complete trans­
formation of the dihydrate into the monohydrate. 
Some of these analyses are listed in Table I. It 
seems to be impossible to reach equilibrium for 
these reactions within a reasonable time, obviously 
because of the insignificant solubility of barium 
chloride in the saturated magnesium chloride solu­
tions which produces a coating of hydrated salt 
round the grains of tne salt added. As a real 
equilibrium cannot be reached in practice, the 
lowest formation temperature of barium chloride 
monohydrate cannot be determined; it can only be 
concluded that it- is somewhat below 45°.

When the solutions are not concentrated, the 
transformation of the unstable into the stable 
phase is performed more easily, as shown by the 
isotherm at 50° (Table II, Fig. 1). For the same 
reason the transition temperature of monohy­
drate-anhydrous barium chloride is not determined



1438 Gunnar 0 . Assarsson Vol. 60

H20

Fig. 2 .—The ternary system MgCly-BaCk-FhO: the isotherm at 100°.

more exactly than 83 ±  3°. The more dilute 
solutions of the 70° isotherm, partly given in 
Table I, and of the 100° isotherm in Table II, 
show the formation of the stable phases. In 
order to confirm the results, some X-ray photo­
graphs were taken in a high temperature camera. 
A sample of barium chloride dihydrate was ground 
together with 10% magnesium chloride hexahy- 
drate under water-free mineral oil. The oil was 
removed by pressing the sample between filter

Fig. 3.--T h e ternary system MgCI2-BaCl2 IhO: synopsis 
on the isothermally invariant equilibria.

T a b l e  I I
T h e  T e r n a r y  Sy ste m  MgCh-BaCh-FhO I soth e rm s  a t  

50 an d  100°
Temp., Soln. Wet residue

MgCl2 BaCl2 MgCh BaCl2 Phase®
37.4 Mg 6
36.9 0.05 Ba 1 +  Mg 6
36.7 0.05 11.6 64.0 Ba 1
34.1 0.15 9.1 68.4 Ba 1 X
32.5 0.20 5.1 73.8 Ba 2 X
26.8 0.40 3.5 75.0 Ba 2
20.7 2.30 2.0 78.8 Ba 2
12.2 10.60 Ba 2

30.4 Ba 2
42.2 Mg 6
40.9 0.2 9.8 74,6 Ba
37.6 0.2 9.6 72.8 Ba
31.5 0.9 5.1 81.3 Ba
24.0 2.9 7.7 73.3 Ba
18.4 8.0 7.3 65.1 Ba
13.9 14.0 2.2 84.0 Ba
12.7 15.7 1.7 85.8 Ba
11.3 17.7 1.8 72.2 Ba 1 X
9.9 20.2 2.4 78.0 Ba 1 X
4.2 29.7 0.6 80.0 Ba 1
2.4 33.2 0.8 81.2 Ba 1

37.3 Ba 2
“ Symbols see Table I.

paper; the sample, now consisting of very minute 
crystals, was packed into capillaries of Lindemann 
glass which were then fixed into the heating camera. 
The temperature of the camera could only be regu­
lated rather approximatively, and the temperatures 
used for these experiments were 25-30°, 50-55° 
and 100-105°. The X-ray photographs showed in 
the first case dihydrate, in the second case mono­
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hydrate and in the third case anhydrous salt of 
the barium chloride, in very good agreement with 
those photographs obtained from the corresponding 
pure compounds.

The main outlines of the present system are given 
in Fig. 3 which with some assumptions for the 
highest and the lowest temperatures gives a survey 
of the formation of the solids.

THE CRITICAL MICELLE CONCENTRATIONS IN AQUEOUS SOLUTIONS 
OF POTASSIUM ALKANE TRICARBOXYLATES

B y  K ozo Sh in o da1
Department of Physical Chemistry, Faculty of Engineering, Yokohama National University, Minamiku, Yokohama, Japan

Received May 28, 1956

The critical micelle concentrations (CM C) in aqueous solutions of paraffin chain salts which possess three carboxyl groups 
at. one end of their hydrocarbon chain have been determined. The CMC values are determined as 0.79 mole/1. for R 6CH- 
(COOK)CH(COOK)2, 0.095 mole/1. for R 10CH(COOK)CH(COOK ) 2 and 0.012 mole/1. for R»Cir(COO K )CH (CO OK ) 2 at 
25°. The relation between the logarithm of the CMC of above substances and the number of carbon atoms in hydrocarbon 
chain is linear and the slope of the line is 0.52. From the comparison of CMC values of paraffin chain salts which possess 
one, two or three carboxyl groups at one end of their hydrocarbon chain, the electrical and cohesive energies per micelle 
forming ion have been determined. These values agree with the theoretical values.

Introduction
The critical micelle concentrations (CMC) in 

aqueous solution of paraffin chain salts which 
possess two carboxyl groups at one end of their 
hydrocarbon chain have been reported in the 
preceding paper.2’3 As a result it has been found 
that (1) a homologous series of potassium alkyl 
malonates shows 3.5 ~  15 times higher CMC 
values compared with that of corresponding fatty 
acid salts, (2) the plot of the logarithm of CMC 
versus the number of carbon atoms in hydrocarbon 
chain, m, is linear and (3) the logarithm of CMC 
as a function of the logarithm of the concentration 
of counterions is also linear and the slope of the 
line is just twice that of fatty acid salts. It also 
has been verified for the first time that the slope 
of the plot of log CMC versus m is not constant 
but varies with the number and kinds of polar 
groups concerned.

Consequently, it has become important and 
interesting to study the surfactants which possess 
three dissociable groups at one end of their hydro­
carbon chain to gain further information on the 
mechanism of the micelle formation and on the 
action of surfactants.4

The present investigation has been undertaken 
to measure the CMC in aqueous solutions of a series 
of potassium 1,1,2-alkanetricarboxylates, RiCIi- 
(COOK)CH(COOK)2, and to determine the elec­
trical energy and cohesive energy at the micelle 
formation from the comparison of the CMC values 
of potassium alkane mono-, di- and tricarboxylates.

Experimental
“ Nihon Yushi”  purest grade fatty acids were used as 

starting materials. These fatty acids showed sharp and 
exact melting points. The a-bromo fatty acid was obtained 
by the bromination of fatty acid with bromine in the pres­
ence of a small amount of phosphorus trichloride, and

(1) Department of Chemistry, University of California, Berkeley, 
California.

(2) K. Shinoda, T h is  J o u r n a l , 59, 432 (1955).
(3) The CMC values of osmotic pressure measurements by Brahama 

D. Sharma, et al., show good agreement.
(4) The properties of the monolayer of alkane di- and tricarboxylic

acids were reported in IT. Hotta and T. Isemura, Bull. Chern. Soc.
Japan, 29, 90 (1950).

purified by vacuum distillation. The a-bromo fatty acid 
ethyl ester was obtained by esterification of a-bromo fatty 
acid with ethyl alcohol, and purified by vacuum distillation. 
Alkane 1,1,2-tricarboxylic ester was synthesized by the 
addition of sodiomalonic ester to a-bromo fatty acid ethyl 
ester. Then alkane 1,1,2-tricarboxylic ester was saponified 
with alkali in alcohol and then acidified to alkane 1 ,1 ,2 - 
tricarboxylic acid. The final purification of octane, dodecane 
and hexadecane 1 ,1 ,2 -tricarboxylic acids were carried by the 
recrystallization from water, 1 : 1  acetic acid-water solution 
and glacial acetic acid, respectively, and their melting 
points were 129, 135.5 and 135°. The determination of the 
CMC has been performed by the initial change in color of 
pinacyanole in dilution process of concentrated solution .5  *" 7

Results and Discussions
The CMC values obtained are 0.79 mole/1. for 

R6CH(COOK)CH(COOK)2, 0.095 mole/1. for R 10- 
CH(COOK)CH(COOK)2 and 0.012 mole/1. for 
R ]4CH(COOK)CH(COOK)2 at 25°. The relation 
between the logarithms of the CMC of the ho­
mologous 1,1,2-alkanetricarboxylates and the num­
ber of carbon atoms in the hydrocarbon chain, m, 
fits the equation

log CMC =  —Kpn +  Const. (1)

where /v4 is an experimental constant given as 0.52. 
The CMC values obtained by the interpolation are 
0.28 mole/1. for R8CH(COOK)CH(COOK), and 
0.034 mole/1. for R12CH(COOK)CH(COOK)2.

A linearity of the log CMC versus m had been 
noted previously for several homologous series of 
paraffin chain electrolytes.8-11

As a result of a series of potassium alkyl malo­
nates,2 it has been found that the slope of the log 
CMC versus m changes with the number of polar 
groups concerned. The present investigation of 
the homologous series of potassium alkane tricar­
boxylates also offers the evidence that the slope

(5) M. L. Corrin and W. D. Harkins, J. Am. Chcm. Soc., 69, 079 
(1947).

(G) K .  Shinoda, T h is  J o u r n a l , 5 8 , 541 (1 9 5 4 ).
(7) P. Mukerjee and K. J. Mysels, J. Am. Chem. Soc., 77, 2937 

(1955).
(8) J. Stauff, Z. physik. Chem., A183, 55 (1939).
(9) G. S. Hartley, Kolloid Z., 88, 22 (1939).
(10) K. Hess, W. Philippoff and H. Kiessig, ibid., 88, 40 (1939).
(I. )  A. B. Scott and IT. V. Tartar, J■ Am. Chem. Soc., 65, 692

(1943).
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changes with the number and kinds of polar groups 
concerned.

The relation between the log CMC and the log­
arithm of the total concentration of counterions in 
aqueous solutions of potassium dodecane tricar- 
boxylates is linear and the slope of the line is about
1.1. This slope is equal to that of potassium 
alkyl malonates. This seemingly indicates that 
one carboxyl group of alkane tricarboxylates 
creeps in the micelle and only two carboxyl groups 
are active.

The observed data fit the equation
log CMC =  - 3 K , log Ce" -  K am +  Const. (2)

where K 3 is the experimental constant determined 
as 0.37. In the case where no salt is added C8" = 
3CMC and we obtain
log CMC =  — Xo?n/(l +  3/v3) +  const. =  —K,m +

Const. (3)

Substituting 3/C3 = 1.1, K a =  1.082'12’13 we obtain 
K i  =  0.51 (4)

The slope predicted in equation 3 agrees well with 
the observed slope in equation 1.

Hence, all the CMC values of paraffin chain 
salts which possess one,14-16 two2 or three dis­
sociable groups at one end of their hydrocarbon 
chain are expressed in the equations

log CMC, =  —Ki log C„ — K 0m +  Const. (5) 
log CM Cj =  - 2 Kt log Cs' -  K 0m +  Const. ( 6 ) 
log CMC, =  - 3 K , log C3" -  K„m +  Const. ( 2 )

In the case where no salt is added Cs =  CMCi, C' = 
2CMC2 and Cs" = 3CMC3.

At the micelle formation of ionic surfactants the 
cohesive energy change due to the aggregation of 
the hydrocarbon chain and the electrical energy on 
the micelle surface are the most important factors, 
and the CMC was given theoretically as a function 
of the hydrocarbon chain length and the concen­
tration of counterions17’18

log CMC =  -  ~  +  Ki log 200CW
DNkTC, +  log

1000
Nv 1

(7)
Here co is the cohesive energy decrease per methyl­
ene group passing from the bulk of the solution to 
the micelle, m the number of carbon atoms in hy­
drocarbon chain, Ki the experimental constant, a- 
the surface charge density on the micelle surface, 
D the dielectric constant of the water, Cs the con­
centration of counterions, and Nv the molar free 
volume of paraffin chain salts in micellar state.

The first term on the right-hand side of equation 7 
corresponds to the cohesive energy change, the 
second term to the electrical energy change and the 
other terms to the state change from aggrega­
tion to monodispersion per micelle forming ion.

In case of surfactants which possess two or three 
dissociable groups, the electrical energy per micelle

(12) J. T. Davis, Trans. Faraday Soc., 48, 1052 (1952).
(13) K. Shinoda, T h is  J o u r n a l , 58, 1130 (1954).
(14) M. L. Corrin and W. D. Harkins, J. Am. Chem. Soc., 69, G83 

(1947).
(15) H. Lange, Kolloid Z., 121, 66 (1951).
(16) S. H. Herzfeld, T h is  J o u r n a l , 56, 959 (1952).
(17) K. Shinoda, Bull. Chem. Soc. Japan, 26, 101 (1953).
(18) K. Shinoda, ibid., 28, 340 (1955).

forming ion at the micellization becomes twice or 
thrice,2 and we obtain

log CMC, mw ,T. . 2000 ro-2
kT +  lKi l0g DNkTCa1

+  log
1000
Nv

(8)

where i is the number of dissociable groups.
If it is assumed that the molar free volume and 

surface charge density2’4 are constant, in these 
homologous compounds, the electrical energy at the 
micelle formation can be calculated from the 
comparison of the CMC values (under the same 
concentration of counterion) of these paraffin chain 
salts whose hydrocarbon chain lengths are the 
same. Then substituting these electrical energies in 
equation 8 and assuming Nv =  6 cc., the cohesive 
energy at the micelle formation has been calcu­
lated.

On the other hand the electrical and cohesive 
energies at the micelle formation are given theo­
retically17’18

electrical energy =  iK\kT log 2000tto-2/DNkTC', (9) 
cohesive energy =  nia ( 1 0 )

Substituting i =  1,2 or 3, Ki =  0.56, Kz =  0.56, 
K 3 =  0.37, <7 =  e/45 A.2, D =  80.8, C.1 =  ¿CMC19 
and co =  1.08fcT, the electrical and cohesive ener­
gies at the micelle formation are calculated theo­
retically. These values of electrical and cohesive 
energies are summarized in Table I.

T ablé  I
T he C omparison betw een  the Observed and T heoreti­
cal V alues of E lectrical and C ohesive E nergies at 
the M icelle F ormation of Potassium  A lkane  M ono-, 

D i- and T ricarboxylates  a t  25°

Substance
CMC,

moles/1.

Exptl.
elec­
trical
energy,

kT

Theor.
elec-
trkal

enérgy,
kT

Exptl.
cohe­
sive

energy,
kT

Theor.
cohe­
sive

energy,
kT

R7COOK 0.4 2.6 2.5 7.6 7.6
R.COOK .1 3.4 3.3 9.8 9.7
R11COOK .025 4.3 4.1 12.1 11.9
RuCOOK .006 5.1 4.9 14.3 14.0
RuCOOK .0016 5.8 5.6 16.3 16.2
RuCOOK .0004 6.7 6.4 18.6 18.4
R»(COOK)2“ .35 4.7 4.5 9.8 9.7
Ru(COOK), .13 5.9 5.6 12.1 11.9
Rii(COOK)a .048 7.1 6.7 14.2 14.0
Ru(COOK)2 .017 8.2 7.8 16.4 16.2
r ,7(c o o k )2 .0063 9.5 9.0 18.6 18.4
RniCOOK), .0023 10.6 10.1 20.8 20.5
Rs(COOK)3!' .79 3.4 3.4 7.7 7.6e
R.o(COOK)j .28 4.4 4.4 9.8 9.7
R.2(COOK)> .095 5.4 5.4 11.9 11.9
Ru(COOK). .034 6.5 G.6 14.0 14.0
Ri6(COOK)g .012 7.6 7.7 16.1 16.2

0 Ri(COOK ) 2 is the abbreviated formula of Ri_iCII- 
(COOK)2. b R i(COOK ) 3 is the abbreviated formula of 
Ri_ 2CH( COOK)CH(COOK )j. ‘ It is assumed that one 
carboxyl group creeps in the micelle, reduces the cohesive 
energy change of «-methylene group in case of tricarboxyl­
ates.

Though the accuracies of these electrical and 
cohesive energies are subject to the values of 
molar free volume, surface charge density, etc., 
we can conclude that Table I gives us an approxi­
mate energy relation at the micelle formation.

(19) Cl is the concentration of counterions and in this case C'B =* 
¿CMC.
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Using equations 9 and 10, we can easily estimate 
the extent of electrical and cohesive energy con­
tributions in various colloidal phenomena such as 
adsorption, mutual interaction of adsorbed mole­
cules, electrical potential of ionized monolayer, 
surface activity of surfactants and so on.
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FLUOROCARBON SOLUTIONS AT LOW TEMPERATURES. II. THE 
LIQUID MIXTURES C2H6-C 2F6, C2F6-CHF3, CH2F2-CHF3, C2H6-CHF* AND

Xe-CHF3
B y  N . T horp and  R . L. Scott

Department of Chemistry, University of California, Los Angeles 24, California
Received June a , 1966

The liquid-liquid binary systems C2H«-C2F6, C2F5-C H F 3, CH2F2-C1IF3, C M b-CHF., and X e-CH F 3 have been studied 
between 173-193 °K. The vapor pressures of ethane-perfiuoroethane, perfluoroethane-fluoroform, and methylene fiuoride- 
fluoroform mixtures were studied at 176°K. The last system was found to be ideal. C2H6-C 2F6 mixtures show abnormally 
large positive deviations from Raoult’s law, similar to those found previously in other fluorocarbon-hydrocarbon pairs. 
Mixtures of C2F6 with CHF3 also show greater positive deviations from ideality than can be explained by the regular solution- 
solubility parameter equations. Both ethane-fluoroform and xenon-fluoroform mixtures form two phases; the consolute 
temperature is about 186 °K. for both systems. These results are also in disagreement with the predictions of the solubility 
parameter theory, and support the possibility of intermolecular hydrogen bonding in liquid CHF3.

Introduction
The work reported in this paper is a continuation 

of a general research program on fluorocarbon solu­
tions1; we have investigated the liquid-liquid bi­
nary systems of C2H6-C 2F6, C2F6-CH F3, CH2F2-  
CHF3, C2H6-CH F3 and Xe-CH F3, between 173- 
193°K. In addition we have examined briefly 
the behavior of CH2F2 with C2H6, CF4 and C2F6, 
and of CH4 with CHF3.

Experimental
Perfluoromethane, perfluoroe thane, trifluoromethane 

(fluoroform) and difluoromethane (methylene fluoride) 
were kindly donated by the Jackson Laboratories of E. I. 
du Pont de Nemours and Co. The gases were further 
purified by repeated passage over activated charcoal held 
at solid C 0 2 temperatures, followed by removal of dissolved 
air by pumping while alternating freezing and melting. 
Phillips research grade methane and ethane and Airco 
Xenon were used directly without further purification.

The general form of the apparatus used in these experi­
ments was described in our first paper.1 For the con- 
solute temperature measurements the constant tempera­
ture bath was a mixture of liquid ethylene and propane. 
For the vapor pressure measurements, a constant tempera­
ture was obtained by a bath of freezing methanol. A small 
electrical heater was immersed in this bath, so that a mix­
ture of solid and liquid methanol could be maintained, 
with the Dewar vessel immersed in liquid nitrogen. With 
adequate stirring of the bath, a constant temperature could 
be held for over one hour without the methanol freezing 
solid.

The operational procedure was the same as that previously 
described.

Results
Figures 1, 2 and 3 show the measured total vapor 

pressures for the C2H6-C 2F6, C2F6-CH F3 and CH2- 
F2-CH F3 systems. The circles are the experimental 
points, while the full curves are calculated from 
empirical equations of the form suggested by 
Scatchard2

(1) N. Thorp and R. L. Scott, T his J o u r n a l , 60, 670 (1956).
(2) G. Scatchard, Chem. Revs., 44, 7 (1949).

P  =  p°i Xi exp x22[a +  ¿3(3ri — s 2)] +  p°i x2 exp
[a  —  0 ( 3  X-i —  X i ) ]  ( 1 )

In this equation, the same as that used in our 
first paper, P  is the total vapor pressure, p °i and 
p °2 are the vapor pressures of the pure components,

x2.
Fig. 1.—Vapor pressures of C2H6-C 2F6 mixtures.

40 r

CH2F2 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0 .9  CHF,
Xi

Fig. 3.—Vapor pressures of CH2F2-C H F 3 mixtures.
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x i  ana x 2 are mole tractions, ana a  ana p  are con­
stants chosen by the method of least squares3 to 
give the best fit of the experimental results. The 
corresponding excess free energy is of course

A FE = X ix 2[ a  +  p ( x i  — xi)\ (2 )
Table I gives the best values of the constants 

a and /3 for the systems studied.
Table I

Values of the Constants a and /3 in Equation 1, for 
C2H6-C 2F6, C2F6-CHF3 and CH2F2-CHF3 Systems 

In 7 , =  [a +  p (3xi -  x2)]x^
In 72 =  [a — /3 (3z2 — Xi)]xi2 

Superscript 1
System denotes a 0

02-EIô—C2F6 â/t ca. 1/6°K. C 2H 6 1.82 0.35
C2F6-C H F 3 at ca. 176°K. C o F s 1.70 0.05
CH2F2-C H F 3 at ca. 176°K c h 2f 2 0 . 0 0 . 0

The solubility of a component of a solution of a 
non-polar non-electrolyte may frequently be ex­
pressed with the aid of the simple regular solution 
equation.4

AFE =  (iiVi +  X2V2) (Si — 52)2 (3)
where A~FE is the molal excess free energy of mix­
ing, X\ and x2 are mole fractions; fa and fa are volume 
fractions, TV and V2 are molal volumes; and and S2, 
the solubility parameters of the pure components, 
are the square roots of the energy of vaporization 
per ml., i.e., (AEv/V)l/\ the subscripts referring 
to components 1 and 2, respectively.

Fig. 4.—Immiscibility curve for C2H 6-C H F3.

Table II gives the “ thermodynamic” solubility 
parameter evaluated from the heats of vaporization 
and molar volumes at 176°K., estimated by meth­
ods given elsewhere.4 The difference of these 6’s 
is then compared with the “ experimental”  (5i — 
52) difference obtained by fitting equation 2 to the 
experimental excess free energies of mixing at xx =  
x2 =  1/2.

In the second part of Table II the experimental 
(5i — 52) differences are obtained from miscibility

(3) J. A. Barker, Austral. J. Chem., 6, 207 (1953).
(4) J. H. Hildebrand and R. L. Scott, “ Solubility of Non-electro­

lytes,”  3rd. edition, Reinbold Publ. Corp., Netv York, N. Y,, 1950.

Calculated and Experimental (Sx — 52) D ifferences
Caled.

System
Si at 

176 °K.
Ô2 at 

176 °K. ¡S, — 5s!
Exptl. A5 

Eq. 2 Eq. 3
c 2h 6- c 2f 6 7 .7 6 .8 0 .9 3 .1
C2Fr-CHF3 6 .8 9 .3 2 .5 3 .1
CH2F2-C H F 3 1 0 .6 9 .3 1 .3 0 . 0

c 2h 6- c h f 3 7 .7 9 .3 1 .6 3 .9
Xe-CHFa 8 .0 “ 9 .5 “ 1 .5 4 .1

a Solubility parameters at 164.2°K.

data. An approximate expression for the critical 
solution temperature Tc is given by regular solution 
theory4

4JtT0 = ( V i  +  F 2) (5i — So)2 (4)

Figure 4 shows the miscibility curve of C2H6-  
CHF3 system. The critical solution temperature is 
186.3°K. and the critical mole fraction of CHF3 is 
about 0.51 by the method of rectilinear diameters. 
The critical solution temperature for an approxi­
mately equimolar mixture of xenon and fluoro- 
form was found between 185 and 186°K. The 
complete liquid-liquid phase diagram of this sys­
tem was not obtained due to the experimental 
difficulties in operating about 20° K. above the 
boiling point of xenon.

Approximately equimolar mixtures of CH2F2 and 
C2H6, CH2F2 and C2F6, CH2F2 and CF4 and CH4 
and CHF3 have two coexistent phases between 10 
and 15°Iv. above the boiling point cf the lowest 
boiling component. No consolute temperatures 
were obtained for these systems, because of the 
experimental difficulties of operating several de­
grees above the boiling point of one of the con­
stituents in the mixture.

Discussion
The solubility parameters at 176°K. for C2H6, 

C2F6, CHF3 and CH2F2, calculated by methods 
described elsewhere for temperatures other than 
the boiling point,4 are 7.7, 6.8, 9.3 and 10.6, respec­
tively. This gives (5i — 52) differences for C2H6-  
C2F6, C2F6-CH F3 and CH2F2-C H F3 systems as 
0.7, 2.5, 1.3 whereas the experimental values are
3.1, 3.1 and 0.0, respectively. The calculated 
excess free energies of mixing at xx =  x2 =  4/ 2 for 
these same systems are compared in the observed 
values in Table III.

Table III
Excess Free Energies of M ixing, cal. /mole

AT X¡ — * 2  =  72 
C2H6—C2F6 C2F6-CHF3 CH2F2-
at about at about CHFs at
176°K 170° K. about

Obsd. 158 147
176°K.

0
Caled, from thermo­

dynamic <S’s by eq. 2 13 93 19

The anomalous behavior of liquid-liquid binary 
mixtures of C2II6 and C2F6 parallels that of the 
CH4-C F 4 system, and is in agreement with the 
discrepancies observed in other hydrocarbon- 
fluorocarbon pairs.1

The difference between the observed and calcu­
lated excess free energies of mixing for the C2F6-  
CHF3 system, is about 54 calories or approximately
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0.16RT. Discrepancies between observed and 
calculated excess free energies of mixing of the 
order of 0.10RT may be due to any number of 
causes, which are ignored in the derivation of the 
regular solution-solubility parameter equations. 
In this light, therefore, a value of 0.16RT for the 
C 2F 6-CH F 3 system is seen to be in some disagree­
ment with theory. In our first paper1 we suggested 
that the difference in physical properties of CF 4 and 
CHF3 as compared to the great similarity in proper­
ties of CCI4 and CHCI3 might lie in the possibility 
of hydrogen bonding in CHF3. The results for 
the C2F 6-C H F 3 system would seem to level sup­
port to this point of view.

The possibility of hydrogen bonding in fluoro- 
forrn is also evidenced by its behavior with ethane 
and xenon. With these two substances it forms two 
phases below a consolute temperature of about 
186°K. From equation 3 this gives an experimental 
(Si — 52) difference of 3.9 and 4.1 for C2H6-CH F3 
and Xe-CH F3 mixtures, respectively. The “ ther­
modynamic” S difference for these systems are
1.6 and 1.5; from 8 differences of this magnitude 
one would expect rather small deviations from 
ideality.

The discrepancy between the observed and 
calculated excess free energies of mixing for the 
CH2F2-CHF3 is within the limits of experimental 
error. This result together with the high 8 value 
for CH2F2 would seem to suggest hydrogen bonding 
in this compound also. If the hydrogen bonding 
between like and unlike pairs is about equivalent, 
then there would be no net contribution to the

energy of mixing, and the solution of CHF3 with 
CH2F2 would be nearly ideal, as it is.

If the thermodynamic 8 values for the CH2F2-  
CVHf,, CH2F2-C 2F6, CH,F2-C F4 and CHF3-C H 4 
systems are substituted in equation 3 consolute 
temperatures well above the boiling point of the 
lowest boiling component are expected. This is 
borne out by the experimental results, all these 
systems having two phases above the boiling point 
of one of the components in the mixture. On the 
basis of the foregoing discussion it would be ex­
pected that the consolute temperatures for CH2F2-  
C2H6 and CHF3-C H 4 would be well above the 
calculated consolute temperatures. The systems 
CH2F2-C F4 and CH2F2 -C2F6 would probably form 
one phase somewhat above the calculated con­
solute temperatures. It is unlikely that any of 
these consolute temperatures could be attained 
without the use of high pressure apparatus.

We have no information on the volume changes 
occurring during mixing for these systems and little 
information on the ionization potential for most of 
these compounds studied so that we are unable to 
apply the corrections of Simons and Dunlap5 or 
Reed.6
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by the Atomic Energy Commission under project 13 
of contract A T (l l- l ) -3 4  with the University of 
California. We wish to thank the Jackson Labo­
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(5) J. H. Simons and R. O. Dunlap, J. Chem. Phys., 18, 335 (1950).
(6) T. M. Reed III, T h is  J o u r n a l , 59, 425 (1955).

ELECTRODE POTENTIALS IN FUSED SYSTEMS. III. THE PLATINUM 
ELECTRODE IN SOME HALIDE MELTS1

B y  K urt  H. Stern

Department of Chemistry, University of Arkansas, Fayetteville, Arkansas 
Received June 4> 1956

The galvanic cells Ag/AgCl, KC1; K Cl/Pt, Ag/AgBr, KBr; K Br/Pt, and Cu/CuCl, KC1; K C l/P t have been studied
in the temperature range 800-900°. It is shown that the K + 
sures near 1 0 -1 3  atmosphere.

Introduction
In the previous paper of this series,2 a study of the 

cell Ag/AgCI, KC1/C12 showed that for concentra­
tions of AgCl less than 0.05 mole fraction the reac­
tion Ag -j- KC1 = AgCl +  K  proceeds spontane­
ously. It was suggested that the change of poten­
tial with time could be used for a study of reaction 
kinetics. Indeed, a preliminary investigation 
showed that over a considerable time span for a cell 
which was A g/K C l/C l2 initially dE/dt was nearly 
constant, suggesting first-order kinetics.

A kinetic study of this sort requires a reference 
electrode. One possible objection to the chlorine

(1) This research was supported by the United States Air Force, 
through the Office of Scientific Research of the Air Research and 
Development Command.

(2) K . H. Stern, T his J o u r n a l , 60, 679 (1956).

-K (g ) equilibrium operates on the platinum electrode at pres-

electrode used in the previous study for tills pur­
pose is that the dissolved Cl2 in the melt may react 
with the metal under consideration and thus give 
spuriously high rates. Hence an inert metal elec­
trode offers an attractive possibility as reference 
electrode, particularly if the nature of the reaction 
taking place on the electrode can be established. 
For halide melts such an electrode is platinum. 
Fusion of alkali halides in platinum dishes, for ex­
ample, has long been standard procedure for the re­
moval of traces of moisture in the preparation of 
ultra-pure salts. This can be considered evidence 
that chemists generally recognize the inertness of 
this metal in fused salts.

The present work is concerned with elucidating 
the electrode reaction on platinum in halide melts. 
Results are presented for the cells Ag/AgCl,KOI;



1444 K urt H. Stern Vol. 60

KCl/Pt, Ag/AgBr,KBr ;KBr/Pt, and Cu/CuCl, 
KC1;KC1/Pt, where the semicolons represent liq­
uid-liquid junctions between solutions of nearly 
the same composition. Hence liquid junction po­
tentials are virtually negligible.

Experimental Part
Materials.— Copper and silver electrodes were made from 

spectroscopically pure No. 10 B. and S. gage wire. Plati­
num electrodes were made by braiding several strands of 
No. 18 wire into a small cable. All salts were Mallinckrodt 
Reagent Grade. Except for CuCl they are better than 
99.9% pure. The assay on CuCl is 90%. KC1 and KBr 
were dried at 110° for several days before use. AgCl and 
AgBr were dissolved in NELOII and reprecipitated with 
HC1 and HBr, respectively. They were dried at 110° and 
stored in a desiccator. CuCl was used without further puri­
fication.

Experimental Methods.— Vycor cells were made by bend­
ing lengths of 25 mm. diameter tubing into U-shapes in such 
a way as to constrict the bend of the “ U ”  to capillary di­
mensions. Cells were about 10 cm. high. While the open­
ing between the legs of the “ U ,”  the electrode compartments, 
was large enough to permit electrical contact through it, 
it was small enough to prevent diffusion between the com­
partments for several hours.

The furnace was similar to the one described pre­
viously . 2 Measurements were made both under argon and 
in melts open to the atmosphere. No significant differences 
were observed. In the case of copper, oxide formed on the 
electrode above the melt, but the electrode remained bright 
in the melt, even when cells were open to the atmosphere. 
The temperature was measured with a chromel-alumel 
thermocouple whose hot junction was kept near the bottom 
of the furnace touching the cell. The couple was calibrated 
at the melting point of KC1 and kept in a nickel protection 
tube. The temperature was constant to ± 2 ° .  Runs were 
carried out by heating the Vycor cells containing 15 g. of 
the alkali halide in each leg to the desired temperature, dis­
solving a quantity of AgCl, AgBr or CuCl in the proper 
compartment, immersing the electrodes, and measuring 
the potential when temperature equilibrium had again been 
reached. Since the cells were open to the atmosphere salt 
concentration in them could be varied by adding the salt 
through a funnel. Measurements were made as rapidly as 
possible to minimize diffusion between compartments. 
Five or six concentrations were prepared in approximately 
one hour. At the conclusion of a run the electrodes were 
withdrawn and the cooled cells examined for evidence of 
diffusion between the compartments, as shown by a violet 
color in the case of silver (after exposure to bright light) or a 
greenish-brown color for copper. If diffusion had occurred 
measurements from these cells were discarded.

In many cases analyses of the melts were carried out by 
separating the electrode compartments, i.e., breaking the 
cell at the bend of the “ U ,”  and dissolving their contents 
in water.

Analytical Procedure. Silver.— Silver was determined 
speetrophotometrically as the colloidal sulfide when present 
in concentrations of a few parts per million. Large quanti­
ties were precipitated as chloride.

Copper.— It was initially determined that essentially all 
of the copper present in the melt was in the cuprous state. 
This was done by dissolving the quenched melt in a solu­
tion of potassium thiocyanate. Copper(I) immediately 
formed the insoluble thiocyanate and copper(II) was not 
found to any appreciable extent in the filtrate. In subse­
quent analyses of the melt copper(I) was oxidized to copper- 
i l l )  and determined by one of two procedures. Small 
quantities, of the order of a few parts per million, were de­
termined speetrophotometrically by the diethyl dithiocar- 
bamate method . 3 Larger quantities were determined as 
the sulfide.

Results and Discussion
Table I shows the results of a typical run on the 

cell Ag/AgCl(Ai),KC1 ;KC1/Pt. Ah =  mole frac­
tion AgCl, E =  measured potential, E02 =  the 
standard potential, taking the standard state of Ag

(3) E. B. Sandell, “ Colorimetric Determination of Traces of 
Metals,”  Interscience Publishers, New York, N. Y., 1944, p. 221.

to be the metal, for AgCl and KC1 the pure salt, 
and for the (provisionally) unknown reaction on the 
platinum the reduced species at a to be determined 
concentration.

T a b l e  I
E.M .F.’s fo r  th e  C e l l  Ag/AgCl, KC1;KC1/Pt 

t =  875°
N i E (v.) E02

0.000814 0.784 0.080
.00146 .747 .101
.00377 .680 .128
.0121 .565 .128
.0207 .517 . 133
.0353 .465 .134

values tend to constancy near 0.01 mole
fraction AgCl. This is in fair agreement with the 
results of the previous study2 on the cell Ag/AgCl, 
KCl/Cb in which the reaction Ag +  KC1 =  AgCl +  
K was shown to go spontaneously when the con­
centration of AgCl was below 0.05 mole fraction. 
E02 values for the very dilute solutions are thus 
thermodynamically meaningless.

In Table II are given the E02 values for the three 
cells of this study at several temperatures. Each 
of the E02 values is the result of a run such as is 
shown in Table I and represents the thermody­
namically reversible value.

T a b l e  II
E02 V a lu e s  fo r  Se v e r a l  G a l v a n ic  C ells

(°C.) ¿£02 (volts)
Ag/AgCl, KC1; K C l/Pt

795 0.147 ± 0 .0 0 2
827 .140
862 .130
875 .131

Ag/AgBr, KBr; K Br/Pt
760 0.303 ± 0 .0 0 2
832 .276
865 .269
908 .241

Cu/CuCl, KC1; K C l/Pt
820 0.414 ± 0 .0 1
830 .433
840 .440
895 .418

Taking the results of the previous study2 it seems 
reasonable to adopt the hypothesis that the elec­
trode reaction on the platinum electrode is the re­
duction of potassium ion, i.e., K + +  e~ =  K, and 
proceed to calculate the pressure of potassium va­
por at which the equilibrium operates. The 
method will be illustrated for the cell containing 
AgCl but is analogous for the other cells.

The standard potential E01 for the reaction Ag - f  
KC1 =  AgCl +  K can be calculated from recently 
published data on the E° of formation of AgCl and 
KCB by the method outlined there. The standard 
state of E01 differs from that of E02 only in that for 
Eai the pressure of potassium vapor is taken as one 
atmosphere. Hence E02 =  E01 — RT/3 In P k and

(4) W. .T. Homer, M. S. Molmberg and B. Rubin, J. Electrochem. 
Sac., 103, 8 (1956),
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hence the pressure of potassium vapor operating on 
the platinum electrode can be calculated. For the 
cell involving AgBr E01 values were calculated 
from the table of thermodynamic functions pre­
pared by the Bureau of Standards.6

It is instructive to compare the pressures of po­
tassium vapor with that available from the disso­
ciation of the potassium halide. The latter is calcu­
lated from the E®formation “  H6(üssociation by the 
equation

, n E °dis +  RT/iF In a/ 2  
l 0 g P K  =  ---------- 3 / 2 Æ 2 7 S ----------

In all the cells the fraction of potassium vapor on 
the electrode is between 0.001 and 0.1 of the disso­
ciation pressure of the potassium halide. The re­
sults of the calculations of potassium vapor pres­
sures are shown in Table III.

T a b l e  III
P otassium  V a p o r  P r e ssu r e s  (A t m .) in  V a r io u s  C ells

t Pk (on Pt) Pd-, of KC1
Pk (on P t)/ 

P k (dis)
(°C.) X 10*8 X 10" X 10-3

795
Ag/AgCl, KC1; 

1.15
K C l/P t

2 . 2 0 5.2
827 3.15 5.00 6.3
862 13.7 15.4 8.9
875 2 0 . 2 2 1 . 2 9.5

760
Ag/AgBr, KBr; 

0.279
K B r/Pt

1 . 0 2 . 8

832 7.96 6.4 1 . 2

865 29.0 15.5 19.0
908 373.0 50.0 75.0

820
Cu/CuCl, KC1; 

0.24
ICCl/Pt

4.5 0.53
830 0.81 5.9 1.4
840 1 . 1 7.8 1.4
895 9.5 38.0 2.5

In general, the fraction of the total potassium 
vapor participating in the electrode reaction in­
creases with rising temperature, but the results 
within each of the different cells show variations

(5) Circular 500, National Bureau of Standards.

within a little over one order of magnitude. This is 
not too surprising, considering the approximations 
that are made in the calculation of thermodynamic 
functions of substances at high temperatures. These 
approximations are discussed in the references cited. 
Thus, for example, an error of 3 kcal. in one of the 
AF°’s used would change P k by an order of magni­
tude. At any rate, the results imply that between 
92 and 99% of the potassium vapor available from 
the thermal dissociation of KC1 distils into the at­
mosphere, the remaining 1 to 8% is adsorbed on 
the platinum electrode.

The increase of the dissociation pressure of the 
potassium halide with rising temperature parallels 
the rise of equilibrium vapor pressure of potassium 
in the reaction Ag +  KC1 =  AgCl +  K. No ex­
act calculation of the latter is possible because the 
equilibrium ratio N agCi/Nicci is only known within 
an order of magnitude. Taking this ratio as 0.01 
and the activity of solid silver as one, P k can be 
estimated4 from the equilibrium constant Q. For 
example, at 800° Q =  7 X 10-12, from which P k =  
7 X  10 -10. At 875° Q =  7.6 X  lO“ 11 and P K =
7.6 X  10~9, assuming no change in the equilibrium 
ratio of AgCl to KC1. These are equilibrium pres­
sures attained only in closed systems. In open 
systems the actual pressures are much lower and 
the reaction is driven by the distillation of potas­
sium, as shown previously.2

It seems reasonable to conclude that platinum 
can be used as reference electrode in fused alkali 
halide systems, even though the potassium pres­
sure at which it operates is known only within an 
order of magnitude. Within this range its poten­
tial, whatever it is, remains constant and this is the 
chief requirement of a reference electrode.

At the present time no potential can be assigned 
to any half-cell reaction in molten system since 
there is as yet no common agreement as to a zero of 
potential analogous to the H +-H 2 couple in aque­
ous systems.

Acknowledgment.— I would like to thank Dr. 
Jack K. Carlton, now with the Chemistry Depart­
ment, Georgia Institute of Technology, for the 
analytical determinations,
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PHYSICAL PROPERTIES OF THE 17 ISOMERIC HEXENES OF THE API
RESEARCH SERIES1

B y  D avid  L. Cam in  and F rederick  D . R ossini

Petroleum Research Laboratory, Carnegie Institute of Technology, Pittsburgh, Pennsylvania
Received July 8, 1956

For the isomeric hexenes, highly purified hydrocarbons of the API Research series, the following properties were measured: 
densities at 20, 25 and 30°; refractive indices at seven wave lengths at 20, 25 and 30° and boiling points and vapor pressures 
at 80 to 780 mm. The data on refractive indices were correlated by means of modified Cauchy and Hartmann equations, 
and values of the constants are given for each compound, to permit precise evaluation of the refractive index as a function 
of wave length. The data on vapor pressures were correlated with the Antoine equation and values of the three constants 
are given for each compound. Also included are calculated values of the specific dispersions, (?if  — nc)/d and (no — ni>)/d, 
and of heats of vaporization at 25° and the normal boiling point.

Introduction
The American Petroleum Institute Research 

Project 6 has so far reported data on the densities, 
refractive indices and boiling points and vapor 
pressures for 95 different API Research hydro­
carbons.2-9 In this paper are reported similar 
data for the 17 isomeric hexenes.

Compounds Measured
These API Research hydrocarbons were made 

available by the American Petroleum Institute 
through the API Research Project 44 at the Car­
negie Institute of Technology. The samples were 
purified by the API Research Project 6 from mate­
rial supplied by the following laboratories: cis-2- 
hexene, trans-2-hexene, czs-3-hexene, ¿nms-3-hex- 
ene, 3-methyl-l-pentene, 4-methyl-l-pentene, 2- 
methyl-2-pentene, and 3-methyl-fraws-2-pentene 
from the American Petroleum Institute Research 
Project 45, Ohio State University, Columbus, 
Ohio; 2-methyl-l-pentene, 4-methyl-m-2-pentene 
and 4-methyl-¿rans-2-pentene from the American 
Petroleum Institute Research Project 6, Carnegie 
Institute of Technology, Pittsburgh, Pennsyl­
vania; 3-methyl-czs-2-pentene, 2,3-dimethyl-l-bu- 
tene and 2,3-dimethyl-2-butene from the General 
Motors Corporation, Detroit, Michigan; 3,3- 
dimethyl-l-butene from Pennsylvania State Uni­
versity, Hydrocarbon Laboratory, State College 
Pennsylvania; and 2-ethyl-1-butene from the 
American Petroleum Institute Research Project 6, 
Carnegie Institute of Technology, Pittsburgh, 
Pennsylvania and American Petroleum Institute 
Research Project, 45, Ohio State University, Co­
lumbus, Ohio.

The purification and determination of purity and 
freezing point of these compounds have been or

(1) This investigation was performed as part of the work of the 
American Petroleum Institute Research Project 6 in the Petroleum 
Research Laboratory of the Carnegie Institute of Technology, Pitts­
burgh, Pennsylvania.

(2) C. B. Willingham, W. J. Taylor, J. M. Pignoeco and F. D. 
Rossini, J. Research Natl. Bur. Standards, 35, 219 (1945).

(3) A. F. Forziati and F. D. Rossini, ibid., 43, 473 (1949).
(4) A. F. Forziati, W. R. Norris and F. D. Rossini, ibid., 43, 555

(1949) .
(o) A. F. Forziati, ibid., 44, 373 (1950).
(6) A. F. Forziati, D. L. Camin and F. D. Rossini, ibid., 45, 406

(1950) .
(7) F. D. Rossini, B. J. Mair and A. J. Streiff, “ Hydrocarbons from 

Petroleum,”  Reinhold Publ. Corp., New York, N. Y., 1953.
(8) D. L. Camin, A. F. Forziati and F. D. Rossini, This Jotjrnau, 

58, 440 (1954).
(9) D. L. Camin and F. D. Rossini, ibid., 59, 1173 (1955).

will be described in other reports.10-13 The purity 
of the samples measured was as follows, in mole 
% 10-13: m-2-hexene, 99.94 ±  0.05; trans-2- 
hexene, 99.84 ±  0.11; m-3-hexene, 99.90 ±  0.08; 
(Tan.s-3-hexene, 99.95 ±  0.03; 2-methyl-l-pentene, 
99.92 ±  0.07; 3-methyl-l-pentene, 99.75 ±  0.20; 
4-methyl-l-pentene, 99.85 ±  0.12; 2-methyl-2- 
pentene, 99.96 ±  0.03; 3-methyl-cis-2-pentene, 
99.89 ±  0.08; 3-methyl-irans-2-pentene, 99.89 
±  0.09; 4-methyl-ds-2-pentene, 99.93 ±  0.07; 
4-methyl-irans-2-pentene, 99.92 ±  0.07; 2-ethyI- 
1-butene, 99.95 ±  0.04; 2,3-dimethyl-l-butene, 
99.86 ±  0.13; 3,3-dimethyl-l-butene, 99.91 ±  
0.06; 2,3-dimethyl-2-butene, 99.94 ±  0.05. It is 
believed that in each case the impurity was of such 
nature and present in such small amount that the 
properties measured were not affected beyond the 
indicated limits of uncertainty. The values given 
in the tables for the properties of 1-hexene are re­
peated, for convenience, from Forziati, Camin and 
Rossini.6

T a b l e  I

V a l u e s  o f  D e n sit y  f o b  th e  17 H e x e n e s , C6Hi2
Temp, 

coefficient 
of density

Density,0 g./ml. at 25°,
Compound 20° 25° 30° g./ml. °C.

1-Hexene 0.67317 0.66848 0.66374 0.000943
cfs-2-Hexene .68720 .68252 .67776 .000944
irans-2-Hexene .67795 .67327 .66847 .000948
cis-3-Hexene .67990 .67522 .67052 .000938
¿rems-3-Hexene .67711 .67233 .66747 .000964
2-Methyl-l-pentene .67987 .67505 .67020 .000967
3-M ethyl-1-pen ten e .66745 .66287 .65793 .000952
4-M ethyl-1 -pen ten e .66370 .65894 .65400 .000970
2-Methyl-2-pentene .68650 .68187 .67698 .000952
3-M ethyl-cfs-2-pentene .69761 .69302 .68814 .000947
3-Methyl-irans-2-pentene .69321 .68858 .68386 .000935
4-Methyl-as-2-pentene .66918 .66441 .65941 .000977
4-M ethyl-irans- 2-p en ten e .66862 .66380 .65880 .000982
2-Ethyl-l-butene .68958 .68481 .67997 .000961
2,3-Dimethyl-l-butene .67810 .67325 .66842 .000968
3,3-Dimethyl-l-butene .65310 .64795 .64302 .001008
2,3-Dimethyl-2-butene .70810 .70347 .69943 .000867

“ For air-saturated material at 1 atm.

(10) A. J. Streiff, J. C. Zimmerman, L. F. Soule, M. T. Butt, V. A. 
Sedlak, C. B. Willingham and F. D. Rossini, J. Research Natl. Bur. 
Standards, 41, 323 (1948).

(11) A. J. Streiff, L. F. Soule, C. M. Kennedy, M. E. Janes, V. A. 
Sedlak, C. B. Willingham and F. D. Rossini, ibid., 45, 173 (1950).

(12) A. J. Streiff. E. T. Murphy, J. C. Zimmerman, L. F. Soule, 
V. A. Sedlak, C. B. Willingham and F. D. Rossini, ibid., 39, 321 
(1947).

(13) Unpublished data of American Petroleum Institute Research 
Project 6, Carnegie Institute of Technology, Pittsburgh, Pennsylvania. 
Attention of Frederick D. Rossini,
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T a b l e  I I
V a l u e s  or R e f r a c t iv e  I n d e x  f o r  t h e  17 H e x e n e s , C6H i2

Refractive index

Compound
Temp.,

6678.1 6562.8 5892.6 5460.7 
Spectral line

5015.7 4861.3 4358.3
"C. Hered Ha Nap Hg. Heblue Hf Hgg

1-Hexene 2 0 1.38519 1.38552 1 . 38788 1.38991 1.39261 1.39373 1.39837
25 1 . 38235 1.38268 1 . 38502 1.38703 1 38971 1.39083 1.39543
30 1.37951 1.37984 1.38216 1.38415 1.38681 1.38793 1.39249

c?'s-2-Hexene 2 0 1 . 39483 1.39517 1.39761 1.39972 1 .40254 1 .40373 1 .40862
25 1.39196 1.39230 1 . 39473 1.39683 1 . 39964 1 . 40082 1.40570
30 1.38909 1.38943 1.39185 1.39394 1.39674 1 . 39791 1.40278

írans-2-Hexene 2 0 1.39083 1.39117 1.39363 1 . 39575 1 . 39857 1.39976 1.40463
25 1.38794 1 . 38828 1.39073 1.39283 1.39564 1.39682 1.40167
30 1 .38505 1 .38539 1.38783 1.38991 1.39271 1.39388 1.39871

c¿s-3-Hexene 2 0 1.39191 1.39226 1 39479 1.39697 1.39989 1.40110 1.40611
25 1.38903 1.38938 1.39189 1.39405 1.39694 1.39814 1.40312
30 1.38615 1.38650 1.38899 1.39113 1.39399 1.39518 1.40013

írares-3-Hexene 2 0 1.39145 1.39180 1.39429 1.39645 1.39931 1.40052 1.40546
25 1.38854 1.38889 1.39137 1.39351 1.39636 1.39756 1.40248
30 1.38563 1.38598 1.38845 1.39057 1.39341 1.39460 1.39950

2 -Methyl-l-pentene 2 0 1.38923 1.38957 1.39200 1.39408 1.39688 1.39806 1 40293
25 1.38638 1.38672 1.38912 1.39118 1.39395 1.39512 1.39994
30 1.38353 1.38387 1.38624 1.38828 1.39102 1.39218 1.39695

3-Methyl-l-pentene 2 0 1.38157 1.38190 1.38422 1.38622 1.38890 1.39002 1.39467
25 1.37870 1.37903 1.38133 1.38332 1.38598 1.38709 1.39171
30 1.37583 1.37616 1.37844 1.38042 1.38306 1.38416 1 38875

4-Methyl-l-pentene 2 0 1.38003 1.38036 1.38267 1.38467 1.38735 1 38847 1.39312
25 1.37711 1.37744 1.37974 1.38173 1.38439 1.38551 1.39013
30 1.37419 1.37452 1.37681 1.37879 1.38143 1.38255 1.38714

2-Methyl-2-pentene 2 0 1.39734 1.39771 1.40030 1.40254 1.40552 1.40678 1.41195
25 1.39444 1.39481 1.39739 1.39962 1 . 40259 1 . 40384 1.40899
30 1.39154 1.39191 1.39448 1 . 39670 1 . 39966 1.40090 1.40603

3-Methyl-cis-2-pent.ene 2 0 1.40161 1.40197 1.40452 1.40671 1.40968 1.41093 1.41612
25 1.39878 1.39913 1.40166 1 . 40384 1.40678 1.40802 1.41317
30 1.39595 1.39629 1 . 39880 1 40097 1.40388 1.40511 1.41022

3-Methyl-/rans-2-pentene 2 0 1 . 39870 1.39905 1.40157 1.40375 1.40668 1.40792 1.41305
25 1.39590 1.39625 1 39876 1.40093 1.40385 1.40508 1.41019
30 1.39310 1.39345 1.39595 1.39811 1.40102 1 . 40224 1.40733

4-Methyl-as-2-pentene 2 0 1.38519 1 . 38552 1 . 38793 1.39000 1.39279 1 39395 1 .39879
25 1.38226 1.38259 1.38498 1.38703 1.38980 1.39096 1.39577
30 1.37933 1.37966 1.38203 1.38406 1.38681 1.38797 1.39275

4-Methyl-irans-2-pentene 2 0 1.38604 1.38638 1.38878 1.39086 1 . 39366 1.39483 1 39971
25 1 38311 1.38344 1.38583 1.38789 1.39067 1.39183 1 .39668
30 1.38008 1.38050 1.38288 1.38492 1.38768 1.38883 1 .39365

2-Ethyl-l-butene 2 0 1.39394 1.39428 1.39671 1.39880 1.40162 1.40280 1.40771
25 1.39105 1.39139 1.39380 1.39588 1.39868 1.39985 1.40473
30 1.38816 1.38850 1.39089 1.39296 1.39574 1.39690 1.40175

2,3-Dimethyl-l-buteiie 2 0 1.38743 1 .38777 1 . 39022 1.39231 1.39512 1.39629 1.40113
25 1 . 38452 1 . 38486 1.38729 1.38937 1.39216 1.39332 1.39813
30 1.38161 1.38195 I .38436 1.38643 1.38920 1.39035 1.39513

3,3-Dimethyl-l-butene 2 0 1.37355 1 . 37388 1.37620 1 . 37820 1 . 38086 1.38198 1.38657
25 1.37051 1.37083 1.37313 1.37511 1.37775 1 .37886 1 . 38341
30 1.36747 1.36778 1.37006 1.37202 1.37464 1.37574 1.38025

2,3-Dimethyl-2-butene 2 0 1.40931 1.40968 1.41235 1.41466 1.41777 1.41909 1.42456
25 1.40649 1 . 40686 1.40952 1.41182 1.41492 1.41623 1.42168
30 1.40367 1.40404 1.40669 1.40898 1 41207 1 . 41337 1.41880

Measurements Made are given in Table I. Individual measurements
The measurements of density were made at 20, 

25 and 30°, with a density balance previously 
described.14 The experimental values of density

(14) A. F. Forziati, B. J. Mair and F. D. Rossini, J. Research Natl. 
Bur. Standards, 35, 513 (1945).

were reproducible within 0.00003 g./ml. The ac­
curacy of the tabulated values is estimated to be 
±0.00005 to ±0.00010 g./ml.

The refractive index was measured by means of 
the apparatus and procedure previously described.6
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The calculations and correlations were similarly 
made as described previously, wherein the data ob­
tained were correlated by means of the Hartmann 
equation as modified by Tilton and Gurewitz15

n\ =  n„ +  C/(\ -  A*)1-« (1)

Table II gives the values of refractive index at 7 
wave lengths at 20, 25 and 30°. Table III gives 
the values of the constants of the modified Cauchy 
equation. Table IV gives the values of the con­
stants of the modified Hartmann equation. The 
last columns of Tables III and IY  give the root 
mean square values of the deviations of the ob­
served from the calculated points. Individual meas­
urements were reproducible within ±0.00002 to 
±0.00003. The accuracy of the tabulated values 
is estimated to be ±0.00005 to ±0.00008.

T able  III
Values of the Constants of the M odified Cauchy 

E quation for the 17 H exenes, C 6H i2
Constants in the eq. 

An =  a +  b/~S2
Compound a X 103 b X 10« P  X 10«

1-Hexene 2.773 0.0308 4.30
cis-2-Hexene 2.834 .0171 8.73
¿mas-2 -Hexene 2.833 .0250 4.32
e¿s-3-Hexene 2.798 .0371 5.31
¿mras-3-Hexene 2.848 .0260 5.31
2 -Methyl-l-pentene 2.738 .0478 4.58
3-Methyl-l-pentene 2.800 .0304 4.89
4-Methyl-l-pentene 2.865 .0232 5.30
2-Methyl-2-pentene 2.864 .0176 5.21
3-Methyl-CTs-2-pentene 2.751 .0369 4.78
3-Methyl-¿mres-2-pentene 2.759 .0191 5.69
4-Methyl-cis-2-pentene 2.864 .0305 2.44
4-Methyl-/raras-2-pentene 2.860 .0323 2.75
2-Ethyl-l-butene 2.825 .0294 2.80
2,3-Dimethyl-l-butene 2.844 .0288 8.96
3,3- Dimethyl- 1-butene 2.955 .0395 4.55
2,3-Dimethyl-2-butene 2.773 .0198 3.87

T able IV
Values of the C onstants of the M odified Hartmann  

E quation for the 17 H exen es , C6Hi2

Compound

Constants in the 
n\ = 7io> +  C/(\ -  

at 25°
n co C

eq.
X*)»«

X* P X 106
1-Hexene 1.37241 0.004022 0.09976 3.25
cis-2-Hexene 1.38183 .003997 .10856 1.85
iron«-2-Hexene 1.37764 .004121 .10367 5.03
m-3-Hexene 1.37845 .004235 .10345 2.73
írans-3-Hexene 1.37807 .004194 .10325 0.87
2-Methyl-l-pentene 1.37646 .003895 .11047 1.15
3-Methyl-l-pentene 1.36909 .003801 .10781 1.03
4-Methyl-l-pentene 1.36752 .003786 .10855 2.90
2-Methyl-2-pentene 1.38360 .004318 .10535 1.79
3-Methyl-m-2-pencene 1.38843 .004001 .11561 1.71
3-Methyl-frans-2-pentene 1.38560 .003990 .11493 1.14
4-Methyl-cîs-2-pentene 1.37241 .003850 .11182 3.64
4-Methyl-iran$-2-pentene 1.37329 .003815 .11391 3.34
2-Ethyl-l-butene 1.38111 .003877 .11261 1.69
2,3-Dimethyl-l-butene 1.37431 .004088 .10351 2.02
3,3-Dimethyl-l-butene 1.36079 .003901 .10249 3.27
2,3-Dimethyl-2-butene 1.39565 .004165 .11772 2.20

Table V gives the values of the specific disper­
sions, 104 (riF — nc)/d and 104 (ng — nr>)/dt cal-

(15) L. W. Tilton and Helen L. Gurewitz, Natl. Bur. Standards,
unpublished.

culated from the values of refractive index in Table 
II and of density in Table I.

The measurements and calculations of vapor 
pressures and boiling points were made as pre­
viously described2’4’6’8 with the samples being 
introduced into the apparatus without contact with 
the air of the atmosphere.6

Table VI gives the experimental data on the 
temperature and pressures of the liquid-vapor 
equilibrium for the compounds measured. Using 
the experimental data and the method of least 
squares, calculations were made to yield constants 
for the Antoine equation for vapor pressure

logic P  =  A -  B/(C +  t) (2)
Table VII gives the values of the three constants of 
the Antoine equation, the normal boiling point at 
760 mm., the pressure coefficient of the boiling 
point at 760 mm. and the range of measurement in 
pressure and in temperature. The last column of 
Table VII gives the root-mean-square value of the 
ratios of the deviations of the observed points from 
the Antoine equation to the expected standard de­
viation. Individual measurements of boiling 
points were reproducible within ±0.002 to 
±0.003°. The accuracy of the tabulated values 
of the normal boiling point is estimated to be 
±0.008 to ±0.015°.

Previous Data on Physical Properties
The data reported have been obtained on com­

pounds which appear to have a purity greater 
than that of any similar compounds heretofore 
available. A complete list of references to the 
literature reporting physical properties of the 
hexenes is given in the tables of the American 
Petroleum Institute Research Project 44 and need 
not be repeated here.16 Within the respective 
limits of uncertainty, the previous data are in ac­
cord with the present values.

Calculation of Heats of Vaporization
It appeared desirable to utilize the data of the 

present investigation on the change of vapor pres­
sure with temperature, in combination with re­
liable estimates of the difference in the molal vol­
umes of the gas and liquid phases, to calculate 
values of the heats of vaporization for the 17 hex­
enes, at saturation pressure and at 25° and the 
normal boiling point.

The basic equations are17
AH, =  T[V(g) -  V (liq )]d P /d r  =  T(AV)dP/dT  (3) 

2 (g) =  PV{g)/RT; 2 (Iiq) =  PV(fiq)/RT;
2 (g) -  2 (liq) =  A2  =  P{AV)/RT  (4) 

AH. =  2.3026B7,P [F (g) -  V (liq )]/(C ' +  T)- (5) 
AH. =  2M 26BTP[z(g)RT/P  -  F (liq )]/(C ' +  T)* ( 6 ) 

AH. =  2.302ñBRTi(Az)/(C' +  T ) 2 (7)
In the above equations, B and C' (equal to C — 
273.16) are the second and third constants of the 
Antoine equation for vapor pressures; 3 is the com­
pressibility factor, PV/RT, for the gas or liquid 
phases, as specified; AHv is the molal heat of

(16) American Petroleum Institute Research Project 44. Selected 
values of properties of hydrocarbons and related compounds. Petro­
leum Research Laboratory, Carnegie Institute of Technology, Pitts­
burgh 13, Pennsylvania.

(17) F. D. Rossini, “ Chemical Thermodynamics, “ John Wiley and 
Sons, Inc., New York, N. Y., 1950.



E xperim ental  D ata  on the T emperature and P ressures 
of the L iquid- V apor E quilibrium  for the 17 H exen es ,

CeHi2
t, p, t, P, t, P,

°C. mm. °C. mm. °C. mm.
1-H exene cis-2-Hexene trans- 2-Hexene
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T able  V
Calculated V alues of the Specific D ispersion  for the 17 H exen es , CaH i2

1 04(?if — nc)/d 1 0 4(ng — nj))/d 104(ttF — nc)/d 1 0 4(ng — nn)/d 10(71]? — Tic) /  d 1 0 4(ng — nr>)/d
1-Hexene cis-2-Hexene ¿ran.s-2-He.xene

121.96 155 83 124.56 160.22 126.71 162.25
121.92 155.73 124.83 160.73 126.84 162.49
121.89 155.63 125.12 161.27 127.01 162.76

ci's-3-Hexene trans-3--Hexene 2-M ethyl- 1-pentene
130.02 166.50 128.78 164.97 124.88 160.77
129.74 166.32 128.95 165.25 124.44 160.28
129.45 166.14 129.14 165.55 123.99 159.80

3-Methyl-•1 -pentene 4-Methyl--1 -pentene 2-Methyl-2-pentene
1 2 1 . 6 6 156.57 122.19 157.45 132 12 169.70
121.59 156.59 122.47 157.68 132.43 170.12
121.59 156.70 122.78 157.95 132.80 170.61
3-Methyl-cis-2-pentene 3-Methyl-irans-2-pentene 4-Methyl-c/s--2 -pentene
128.44 166.28 127.96 165.61 125.98 162.29
128.28 166.08 128.23 165.99 125.98 162.40
128.17 165.95 128.54 166.41 126.02 162.57

4-M ethyl-Zra?is-2-pentene 2-Ethyl- 1 -butene 2 ,3-Dimethyl-1 -butene
126.38 163.47 123.55 159.52 125.65 160 89
126.39 163.45 123.54 159.61 125.66 161.01
126.44 163.48 123 53 159.71 125.67 161.13

-butene 2,3-Dimethyl-2-butene
158.78 132.89 172.43
158.65 133.20 172.86
158.47 133.39 173.14

Oct., 1956

Temp.,
° C .

20
25
30

20
25
30

20
25
30

20
25
30

20
25
30

20
25
30

64.311 780.03
63.837 768.49
63.299 755.54
62.827 744.29
62.323 732.42

50.914 501.03
44.763 402.82
38.993 325.27
33.399 262.04
28.762 217.44
23.720 176.15
19.950 149.61
15.890 124.85

cis-3-Hexene
6 6 .872 770 .26
6 6 .341 757 .37
65. 921 747 .35
65..426 735..60
60..649 630 .30
53..957 503..06
47..700 403 .34
41..740 323 .77
36,.177 261..16
31. 230 214 .15
25. 935 171 .63

3,3-Dimethyl-l
124.02 
123.93 
123.79

T able  VI

69..319 770 .26
6 8 ..783 757..37
6 8 ..361 747,,36
67..862 735..63

56..395 503.. 0 2

44. 086 323.,78
38..522 261.,17
33. 505 214..15
28..149 171,,64
24..760 145..84

trans-3-■Hexene
67.,508 770..26
6 6 . 979 757. 36
6 6 .561 747,.35
6 6 ..068 735. 58
61..315 630..29
54. 654 503. 1 1

48. 426 403. 34
42. 500 323. 76
36. 941 261. 16
32. 017 214. 14
26. 737 171. 63

68..306 770.26
67..774 757.37
67..353 747.36
6 6 ..858 735.62
62..084 630.30
55..387 503.03
49. 124 403.35
43..165 323.78CO 574 261.17
32. 621 214.15
27..324 171.64
23..547 145.84
18..989 118.69

2-Methyl-l
pentene

62 .518 769.

00

61 .996 757..17
61..580 747.. 2 2

61..090 735..51
56 .353 630..19
49,.719 502..90
43 .509 403..2 1

37..612 323. 6 6

32..096 261. 09
27..190 214. 06

22.158 145.84 
17.575 118.70 
13.488 98.23

3-Methyl-
1 -pentene

54. 592 770 .26
54 .065 757 .36
53.,650 747..35
53. 157 735 . 55
48. 424 630 .29
41. 792 503..16
35. 593 403..34
29. 702 323 .76
24. 182 261 .16
19. 282 214..14
14. 143 171..62

3-Methyl-cis-
2 -pentene

70..859 770 .25
70 .326 757..33
69 .905 747..33
69..409 735.,51
64..624 630 .27
57..913 503. 23
51..635 403..32
45..660 323,.74
40,.062 261..14
35..094 214. 1 2

29..774 171. 61
25..982 145. 81
2 1 .376 118. 74
17. 243 98. 14

22.980 145.83 
18.403 118.71

4-Methyl- 
1 -pentene

54..279 770 .26
53 .757 757..35
53 .344 747..34
52 .855 735..53
48 .156 630. 28
41 .571 503.. 2 0

35..420 403. 33
29 .574 323..75
24,. 1 0 2 261. 15
19,.233 214. 13
14..035 171. 62

3-Methyl-irans-
2 -pentene

6 8 ,.125 770 .24
67..589 757 .32
67,.170 747 .32
6 6 ..674 735 .52
61..879 630 .26
55. 168 503..24
48.. 8 8 6 403..32
42. 913 323..73
37..317 261..14
32. 337 214.. 1 2

27. 023 171. 60
23. 235 145. 80
18. 618 118. 75

2-Methyl-
2 -pentene

67..727 770 .25
67..198 757 .34
6 6 ..780 747 .34
6 6 .285 735 .52
61. 533 630..28
54. 872 503.. 2 1

48.,651 403..33
42..727 323 .75
37. 175 261 .15
32. 238 214 .13
26. 958 171..62
23. 187 145..82
18. 641 118..73

4-Methyl-cis-
2 -pentene

56 .797 770 .25
56 .277 757 .32
55 . 8 6 6 747 .32
55 .380 735 .52
50..697 630..26
44. 140 503..24
38. 006 403..32
32. 176 323..73
26. 717 261..14
2 1 .864 214..1 1

16..696 171..60



1450 D avid L. Camin and Frederick D. Rossini Yol. 60

T able  VI (Cantinued)
t, P ,

°C . mm.
2-Ethyl-
1 -butene

t, p ,
°C . mm.

4-Methyl-irares-
2 -pentene

59. 0 2 2 770. 24
58. 503 757. 32
58. 092 747..32
57..605 735..52
52..921 630. 25
46..359 503 .24
40.. 2 2 0 403 .32
34..381 323 .72
28 .911 261 .13
24 .055 214 . 1 1

18 .862 171 .60

65..1 0 1 770 24
64..577 757. 32
64..161 747,.32
63..671 735 .52
58 936 630 .25
52,.303 503 .24
46 .104 403 .31
40 .208 323 .72

CO . 6 8 6 261 .13
29 .785 214 . 1 1

24 .538 171 .59
2 0 .803 145 .80
16 .237 118 .76

t, P ,
°C . mm.
2,3-Dimethyl- 

1 -butene 
56.027 770.24 
55.506 757.30 
55.094 747.31 
54.607 735.54 
49.916 630.24 
43.342 503.23 
37.198 403.30 
31.347 323.70 
25.874 261.12 
21.019 214.10 
15.815 171.58

3,3-Dimethyl-
1 -butene

41. 649 770.24
41..141 757.30
40. 738 747.31
40..263 735.55
35..676 630.24
29 .250 503.20
23 .265 403.30
17..568 323.70

2,3-Dimethyl-
2 -butene

73. 628 770. 23
73. 095 757. 28
72. 672 747. 29
72. 171 735. 54
67. 354 630. 2 2

60. 604 503. 1 2

54. 282 403. 29
48. 274 323. 69
42. 642 261..1 1

37. 648 214..09
32 .288 171..57
28..481 145 .77
23 .817 118 .80
19 .636 98 . 0 0

15 .856 82 .14

vaporization at the given temperature and pres­
sure; V is the molal volume for the gas or liquid 
phases, as specified. The values of the Antoine 
constants required for the above calculations were 
taken from the present investigation. For the 
calculation at 25°, the molal volume of the liquid 
phase was evaluated from the values of density- 
determined in the present investigation and the 
molal volume of the gas was evaluated from the fol­
lowing empirical relationship provided by the 
American Petroleum Institute Research Project 
4418

z(g) =  PV(g)/RT  =  1 -  P(0.025 +  0.00070iB) ( 8 )
where P  is in atmospheres and is is the normal 
boiling point in °C. For the calculation at the 
normal boiling point, the difference in the molal 
volumes was taken from the American Petroleum 
Institute Research Project 44 as18 
Az =  0.96583 +  2.00 X  10~6r b -  25.0 X  10~87V  (9)

where T\> is the normal boiling point in °K.
The resulting values of the heats of vaporization 

are given in Table VIII for each of the 17 hexenes. 
The only precise values in the literature with which 
a comparison can be made are those of Waddington, 
et al.,n on 2,3-dimethyl-2-butene. For this com­
pound, their data yield 7.78 and 7.08 kcal./mole at 
25° and the normal boiling point, at saturation 
pressure, which values are to be compared with 
the values 7.78 and 7.07 kcal./mole, respectively, 
from the present investigation.

(18) Unpublished, Petroleum Research Laboratory, Carnegie 
Institute o f Technology, Pittsburgh 13, Pennsylvania.

(19) D . W . Scott, H. L. Finke, J. P. McCullough, M . E. Gross, 
J. F. Messerly, R . E. Pennington and Guy W addington, J . A m .  
C hem . S o c ., 77, 4993 (1955).

T able  VII
Summary of the R esults of the C orrelation  of the E xperim ental  D ata  w ith  the A ntoine E quation for V apor

Pressure for the 17 Hexen es , C6Hi2 
Constants of the Antoine eq. Pressure
logio P  =  A  — B / (C  +  t) or 

t =  B / U  -  logio P )  -  C
Normal 
b.p. at

coefficient 
d t/ d P  at Range of measurement

Measure
of

Compound A
P  in mm. ; t m °C . 

B C
760 mm-, 

°C .
760 mm., 
°C ./m m .

Pressure,
mm.

Temp.,
°C .

precision
P

1 -H exen e 6 86573 1 1 5 2 .9 7 1 2 2 5 .8 4 9 6 3 .4 8 5 0 .0 4 1 4 9 1 2 4 -7 8 0 1 5 .9 - 6 4 .3 0  96
c is -2 -H e x e n e 7 .0 3 8 0 5 1 2 5 8 .5 7 1 2 3 3 .8 5 1 6 8 .8 9 1 .0 4 1 61 1 4 5 -7 7 0 2 4 . 7 - 6 9 .3 1 .7 8
íra n s -2 -H e x e n e 6 .8 9 3 4 2 1 1 7 3 .3 4 3 2 2 4 .5 3 0 6 7 .8 8 4 .0 4 1 6 4 1 1 8 -7 7 0 1 8 .9 - 6 8 .3 0 .9 7
c is -3 -H e x e n e 6 .8 7 8 5 4 1 1 6 4 .1 3 4 2 2 4 .7 4 9 6 6 .4 5 0 .0 4 1 6 2 9 8 -7 7 0 1 3 .4 - 6 6 .8 .5 0
t r a n s - 3 -H e x e n e 6 .9 1 7 8 0 1 1 8 0 .7 0 7 2 2 5 .3 8 4 6 7 .0 8 8 .0 4 1 4 0 1 1 8 -7 7 0 1 8 .4 - 6 7 .5 .5 2
2 -M e t h y l - l -p e n t e n e 6 .8 5 0 3 0 1 1 3 8 .5 1 6 2 2 4 .7 0 4 6 2 .1 1 3 .0 4 1 2 9 2 1 4 -7 7 0 2 7 . 1 - 6 2 .5 .2 8
3 -M e t ,h y l- l-p e n te n e 6 .7 5 5 2 3 1 0 8 6 .3 1 6 2 2 6 .2 0 4 5 4 .1 7 8 .0 4 1 3 5 1 7 1 -7 7 0 1 4 .1 - 5 4 .6 1 .9 2
4 -M e th  y  1-1 -p e n te n e 6 .8 3 5 2 9 1 1 2 1 .3 0 2 2 2 9 .6 8 7 5 3 .8 6 6 .0 4 0 9 8 1 7 1 -7 7 0 1 4 .0 - 5 4 .3 0 .7 2
2 -M e tb y l-2 -p e n t,e n e 6 .9 2 3 6 7 1 1 8 3 .8 3 7 2 2 5 .5 1 4 6 7 .3 0 8 .0 4 1 3 9 1 1 8 -7 7 0 1 8 .6 - 6 7 .7 .9 9
3 -M e t h y l -c is -

2-p e n te n e 6 .9 2 6 3 4 1194.527 224.833 70.438 .04171 98-770 17.2-70 9 .63
3-Methyl-Zrans-

2 -pentene 6.91073 1186.402 226.696 67.703 .04175 118-770 18.6-68.1 .80
4-Methyl-cis-

2 -pentene 6.84129 1120.707 226.586 56.387 .04083 171-770 16.6-56.8 .74
4-M e t h y l - t r a n s -  

2 -pentene 6.88030 1142.874 227.143 58.612 .04083 171-770 18.8-59.0 .64
2-Ethyl-l-butene 6.99712 1218.352 231.300 64.682 .04109 118-770 16.2-65.1 2.58
2,3-Dimethyl-

1-butene 6.86236 1134.675 229.367 55.617 .04090 171-770 15.8-56.0 0 . 6 6
3,3-Dimethyl- 

1 -butene 6.67751 1010.516 224.909 41.248 .04006 323-770 17.5-41.6 0.99
2,3-Dimethyl-

2 -butene 6.95058 1215.428 225.443 73.205 .04193 82-770 15.8-73.6 1 . 2 1



Oct., 1956 T hermodynamics of Chelate Formation 1451

T a b l e  VIII
Calculated Values of the Heats of Vaporization of 
th e  17 Hexenes, C6Hi2, at 25° and the Normal Boiling 

Point, at Saturation Pressure
H e a t o f v a p o r iza tio n  

a t  s a tn . pressu re, 
k c a l./ m o le

C o m p o u n d
A t
2 5 °

A t  th e  
n o rm a l 

b .p .

N o rm a l b.p 
(a t  760 

m m .), ° C .

1-Hexene 7.32 6.76 63.485
cî's-2-Hexene 7.52 6.96 68.891
trans-2-Hexene 7.54 6.91 67.884
eis-3-Hexene 7.47 6.86 66.450
trans-3-Hexene 7.54 6.92 67.088
2-Methyl-l-pentene 7.29 6.74 62.113
3-Methyl-l-pentene 6.83 6.43 54.178
4-Methyl-l-pentene 6.86 6.47 53.866
2-Methyl-2-pentene 7.55 6.93 67.308
3-Methyl-m-2-pentene 7.67 7.00 70.438
3-Methyl-irans-2-pentene 7.49 6.89 67.703

4-Methyl-as-2-pentene 7.04 6.59 56.387
4-Methyl-irans-2-pentene 7.16 6.68 58.612
2-Ethyl-l-butene 7.41 6.88 64.682
2,3-Dimethyl-l-butene 6.97 6.55 55.617
3,3-Dimethyl-l-butene 6.36 6.13 41.248
2,3-Dimethyl-2-£utene 7.78 7.07 73.205

Discussion
When the data of the present investigation on 

the 17 hexenes can be combined with data on 
higher monoolefins, particularly those with large 
alkyl groups attached to the doubly bonded carbon 
atoms, in both the cis and irons configurations, it 
will be possible to produce a more satisfactory cor­
relation of properties with molecular structure of 
the monoolefins than has previously been pos­
sible.20

(20) W . J . T a y lo r , J. M . P ig n o c co  a n d  F . D . R o ss in i, J . R esea rch  
N a tl. B u r.t S tand ards, 34, 4 13  (194 5 ).

THE THERMODYNAMICS OF CHELATE FORMATION. II. A MONTE 
CARLO STUDY OF THE DISTRIBUTION OF CONFIGURATIONS IN SHORT

CHAINS
B y  F . A l b e r t  C o t t o n  a n d  F r a n k  E . H a r r is 1

Department of Chemistry, Harvard University, Cambridge, Massachusetts 
R eceiv ed  J u ly  S, 1 9 5 6

The distribution of end-to-end distances in short chains with fixed valence angles has been investigated by a Monte 
Carlo method. The results are used to make a crude estimate of the entropy changes accompanying ring closures. Esti­
mated and measured values are compared for a system involving cyclic thia-alkanes.

I. Introduction
Experimental studies of the thermodynamic 

functions for closure of chelate rings have indicated 
that both the enthalpy and entropy changes de­
pend upon the size of the ring being formed.2 
While the data are not all in complete agreement 
as to the relative importance of enthalpy and en­
tropy contributions, it appears quite likely that 
the differences in entropy are not negligible. One 
contribution to the variation in entropy with ring 
size must be the differences in configurational free­
dom among rings of different sizes. In order to see 
whether this contribution could be the main source 
of the entropy variation, it was decided to study 
the configurational properties of model systems 
chosen so as to approximate the species under con­
sideration.

The present study is of course not the first at­
tempt to evaluate the configurational entropies of 
ring or chain molecules.3-4 Previous theoretical 
considerations have proved most successful for 
polymer molecules, where it is ordinarily satisfac­
tory to use limiting results which apply to long

(1) D e p a rtm e n t o f C h e m is try , U n iv e r s i ty  o f C a lifo rn ia , B erkeley»  
C a lifo rn ia .

(2 )  F . A . C o tto n  a n d  F .  E .  H a rris , T h is  J o u r n a l , 5 9 , 1 2 0 3  (1 9 5 5 ); 
H . I rv in g , R . S . P .  W illia m s , D . S . F e r r e tt  an d  A . E . W illia m s , J .  
C h em . S o c 3494 (1954 ) a n d  referen ces th erein .

(3) F o r  a  g e n e ra l d iscu ssio n  see, fo r  ex a m p le , P . J. F lo r y , “ P rin c ip le s  
o f P o ly m e r  C h e m is tr y ,”  C o rn e ll U n iv e r s ity  P ress, I th a c a , N . Y . ,  1953.

(4) G . S c h w a rze n b a ch , H elv . C h im . A c ta ,  35, 2344 (1952).

chains.3 Applications to short chains, while in 
principle understood, have not been amenable to sim­
ple evaluation. Schwarzenbach4 has provisionally 
suggested that the configurational entropy of a 
short chain be taken to be proportional to the vol­
ume which one end of the chain can reach when the 
other end is held fixed. However, he found that 
this assumption did not satisfactorily account for 
observed results. Also, since the quantity used 
by Schwarzenbach is not related in a simple manner 
to the number of possible configurations, a more 
accurate calculation would still seem to be desirable.

For the reasons outlined above, we haî e cal­
culated the distribution of end-to-end distances for 
chains of 4, 5, 6 and 7 links, assuming a fixed tetra­
hedral valence angle, but otherwise permitting free 
rotation. The calculation was performed by ex­
amining a random sample of the configuration 
space (Monte Carlo method) as indicated in more 
detail below. As shown in the discussion which 
follows, the results are interpreted so as to indicate 
both the distribution of end-to-end distances and 
the configurational contribution to the entropy of 
ring closure. Finally, the calculated results are 
compared with actual systems for which sufficient 
experimental data are available.

II. Method of Computation
The chains whose end-to-end distances were 

computed were composed of an initial link 2.0 A.
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Fig. 1.— Coordinate system used in the computation.

1.0 2.0 3.0 4.0 5.0 6.0 7.0 8.0 9.0
End-to-end distance, A.

Fig. 2.— Distribution of end-to-end distances for the short 
chains described in the text.

long, followed by the requisite number of 1.5 A. 
links. These dimensions were chosen to corre­
spond approximately to distances found in ammine 
complexes. The computation was performed by 
constructing a large number of chains, placing each 
link at a random angle 4> with respect to those pre­
ceding (but with the fixed valence angle 8), and 
counting the numbers of chains with end-to-end 
distances between limits 0.1 A. apart. See Fig. 1 
for a definition of the angles 8 and 4>. The random 
angle <f> was selected with the aid of random num­
bers generated by a process described by Mosh- 
man.5 A total of 3000 chains of each length was 
constructed using a self-checking routine on a 
digital computer. The computing time was ap­
proximately 2 hours. An analysis of these results 
indicated that substantially greater certainty in 
the end-to-end distributions could only be obtained 
with an order of magnitude greater computation 
time, so that the project was terminated after 3000 
chains.

The probability density of end-to-end distance 
for each length chain was then obtained by dividing 
the numbers of chains at each distance by a nor­
malizing factor. The results are shown graphically 
in Fig. 2.

III. Discussion
Before drawing any conclusions from the graphs 

of Fig. 2, let us consider the accuracy to be as­
sociated with the given probability distributions. 
Over the bulk of the range of end-to-end distances, 
enough chains were examined that it is possible to 
conclude that the larger of the irregular “ saw- 
teeth” are intrinsic to the problem, and are not the 
result of an insufficiently refined calculation. If 
the individual points on the curves are replaced by 
lines covering 75%, or even 90% confidence inter­
vals, the irregularities are not removed with any­
thing approaching 75%, or 90% efficiency. We 
therefore believe that these irregularities stem from 
the fact that we are considering small numbers of 
rigid links, and that the curves are, for the most 
part, accurate to about 10%. Results for 1000 
chain portions of the total sample reveal that the 
values shown evolved in a manner which does not 
cause suspicion to be placed upon the operation of 
the computer. This is the only conclusion which 
can be drawn from the partial results as their con­
sideration separately can add no statistical infor­
mation to the combined results we have reported.

We shall be concerned here with the entropy in­
volved in ring closure, which we will evaluate in 
terms of the probability that the two ends of a 
chain will be separated by a distance suitable for 
the ring-closing bond to be formed. It is clear that 
this is a rather naive way of calculating this en­
tropy, as no consideration is thereby made of the 
bond angles about the atoms at the ends of the 
original chain, and as no allowance is made for the 
small, but significant differences in energy among 
different conformations of the chain. This latter 
factor is quite important as the conformations 
available to a closed ring may not sample uni­
formly those available to an open chain. Further­
more, the vibrational characteristics of the ring

(5) J. Moshraan, J. A s s o c . C o m p u tin g  M a c h in e ry , 1 , 88 (1954).
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and chain compounds differ in a manner not al­
lowed for by this analysis. Nevertheless, we shall 
tentatively assume that the entropy of ring close 
can be approximated by consideration of the prob­
ability that the two ends of the chain be between 
certain limits. If the arbitrary limits 1.6 to 2.4 A. 
be chosen, it is found that the probability of ring 
closure of the 4 link chain (to form a 5-membered 
ring) is 0.09, with the 5, 6 and 7 link chains pos­
sessing closure probabilities of 0.062, 0.065 and 
0.063, respectively. While the absolute magni­
tudes of these figures depend upon the region in 
which a chain is called a ring, the relative magni­
tudes of these figures are almost completely un­
altered if the “ ring” region be extended to 1.4-2.6 
A. or more.

To check that the order of magnitude of these 
probabilities is reasonable, calculations can be 
made of the relative numbers of ring and chain con­
figurations on lattices of various kinds. As an 
example, the probability of formation of a six- 
membered ring on a tetrahedral lattice was com­
puted by direct enumeration, and found to be 
0.049, in reasonable correspondence with our value 
of 0.062 quoted above. It is also of interest to 
compare the length distributions obtained here 
with those predicted by use of the Gaussian ap­
proximation so successful in describing longer 
chains. The distributions of Fig. 2 all show much 
smaller probability densities near the origin than 
do Gaussian chains, with maxima much nearer the 
extreme extension consistent with the chain con­
struction.

It should perhaps be mentioned that an alter­
native method of computation could be adopted if 
the only objective were to deduce relative extents 
of ring formation. Such a method would consist 
of studying chains of n  links, and deducing there­
from the probability density for zero end-to-end 
distance. This probability density would not 
bear a simple relation to other characteristics of an 
n  or n  — 1 link chain, but could be used to compute 
the probability of closure of an n-membered ring 
relative to those of other sizes.

.Finally, let us examine the correspondence be­
tween actually observed entropies of ring closure 
and those calculated as described in the foregoing 
text. Inasmuch as the data for the chelates are, 
as mentioned above, not completely agreed upon, 
and since the chelate studies are all in aqueous solu­
tion where many additional factors may require 
consideration, we shall compare our calculations 
with data on gaseous thiacyclopentane6 and thia- 
cyclohexane.7 These compounds are a particu­
larly suitable choice since their dimensions are 
close to those used in the calculation, which were 
chosen with reference to the chelates. We there­
fore propose to consider the equilibrium 

S
/  \

c h 2 c h 2
CH3(CH2)2CH3 +  I

c h 2
\  /

c h 2
(6) W. N. Hubbard, et a l, J. Am. Chem. Hoc., 74, 6025 (1952).
(7) J . P. M c C u llo u g h , et al., J. Am. Chem. Soc., 76, 2GG3 (195 4 ).

s
/  \

CH3(CH2)3CH3 +  CH2 CH2 (1) 

¿ h 2— ¿ h 2

This reaction has the advantage that the numbers 
of molecules and bonds are the same on both sides 
of the equation, so that the major difference should 
be due to the difference in ring size. Using the 
existing data for n-butane and n-pentane,8 together 
with the data already referred to for the sulfur 
compounds, reaction 1 is found to have a standard 
entropy (gas phase, 298°K.) AS ° =  +6.0 e.u.

The thermodynamic functions of 5- and 6-mem- 
bered aliphatic rings have been discussed by Kil­
patrick, Pitzer and Spitzer9 and the thermody­
namic data on the sulfur-containing rings were 
found to be satisfactorily explainable in terms of 
the same concepts.6'7 The points of relevance 
here are two in number, both stemming from the 
consideration of hydrogen-hydrogen repulsions 
which we have thus far ignored. First, the var­
ious distinct conformations which a molecule may 
assume, while equi-energetic for the hydrogen-less 
skeleton, will no longer necessarily be of the same 
energy. The lower energy conformations will be 
more highly populated than will be the others. 
Secondly, the constraints introduced by ring clo­
sure may cause the potential restricting rotation 
to have an anomalous influence on the vibrational 
properties of the molecule concerned. Considera­
tion of the first of t-hese points leads to the conclu­
sion that the calculated probability of closure of 
the 6-membered ring is too large by a factor of 
about 4, since of the four conformations for the 
hetero-ring, one is believed to be ca. 95% prevalent 
at room temperature.7'9 There is but one distinct 
conformation for a 5-membered ring, so that no ad­
justment of its calculated entropy is necessary for 
this first reason. The second point has also al­
ready been assumed to be of importance in cyclo­
pentane and its analog.6'9 It was proposed that a 
very low frequency vibration, equivalent to the 
migration of a point of puckering around the ring, 
is caused by the hydrogenic repulsions. This would 
cause the entropy of the 5-membered ring to be 
larger than the calculated value by the order of R .

On the basis of the considerations summarized 
above, we would calculate the entropy change of 
reaction 1 as

AS — ASc ~t ASi +  AS%

where A S C is the unmodified ring closure con­
figurational entropy, and A<Si and A S 2 account for 
the corrections already mentioned. Evaluating 
the various terms, we find

AS =  4.6 log (0.09/0,002) +  4.G log 4 +  2 =  +5.4  e.u.

in fortuitously good agreement with the experi­
mental value +6.0 e.u.

Since the calculated and observed entropies are 
of the same order of magnitude, we would like to

(8) N a tio n a l B u r e a u  o f S ta n d a rd s , “ S e le cte d  V a lu e s  o f C h e m ica l 
T h e rm o d y n a m ic  P ro p e rtie s ,”  W a sh in g to n , D . C .,  1949.

(9) J. E . K i lp a tr ic k , K .  S. P itz e r  a n d  R .  S p itz e r , J .  A m . Chem . S oc ., 
69, 2483 (19 4 7 ).
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suggest that this method of estimating ring-chain 
entropies may be useful in many cases where a 
complete statistical thermodynamic calculation is 
impractical.

Acknowledgment.— We would like to thank 
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N O T E S

REACTION HEATS OF ORGANIC HALOGEN 
COMPOUNDS. VI. THE CATALYTIC 

HYDROGENATION OF SOME 
ALKYL FLUORIDES1

By J. K. L a c h e r , A. K ia n p o u r  an d  J. D. P a r k

D ep a r tm en t o f  C h em is try , U n iv ers ity  o f  C olorad o, B o u ld er , C olorado  
R ece iv ed  D ecem b er  12 , 1 9 5 5

In a previous paper2 an isothermal constant flow 
calorimeter was described which operated at a 
temperature of about 248°. Its reliability was deter­
mined by measuring the heat of formation of HC1; 
we also reported the heats of hydrogenation of 
methyl, ethyl and vinyl chlorides. The present pa­
per deals with the catalytic hydrogenation of 
methyl, ethyl, n-propyl and isopropyl fluorides. 
Only the last two reactions were sufficiently quan­
titative to permit calorimetric measurements.

indicated mm. pressure; Perkin-Elmer single beam spec­
trometer with sodium chloride optics.

Experimental Details.— Methyl and ethyl fluorides3 
were prepared by the reaction of the corresponding iodides 
with mercuric fluoride. The apparatus consisted of a onc- 
liter copper reaction flask equipped with a copper condenser

(1) T h is  resea rch  w a s su p p o rte d  b y  th e  A .E .C .  C o n tr a c t  N o . A T  
(2 9 -1), P ro g ra m  A .

(2 )  J . R . L a ch e r , E . E m e ry , E . B o h m fa lk  an d  J. D . P a r k , T h is  
J o u r n a l , 60, 4 9 2  (1 9 5 6 ).

(3) A . L . H en n e  and T h o m a s  M id g le y , J r., J . A m . C h em . S oc .,  58,
8 84  (1 9 3 6 ).

and an inlet lor the mercuric fluoride. The methyl fluoride 
was purified by a simple trap to trap distillation. The 
ethyl fluoride was purified by distilling in a low temperature 
Podbielniak column. It boiled at —46° at 625 mm. Five 
hundred grams of n- and isopropyl fluorides were prepared 
using a procedure described by Grosse and Linn.4 The 
compounds were carefully purified by distilling in a 100- 
plate Podbielniak column. The ra-propyl fluoride boiled at 
— 9.0 to —8.8° and the isopropyl at —15.6° at a pressure 
of 627.7 mm. mercury. The infrared spectra of the com­
pounds in the region between 2 and 15/t are illustrated in 
Fig. 1. A sodium chloride prism and optics were used in 
this determination.

The catalyst used consisted of palladium on activated 
carbon. The carbon was sized so that it passed a 6 and was 
retained by a 20 mesh screen. It was first treated with 10% 
nitric acid, washed several times with distilled water, dried 
at 100°, and finally evacuated for 24 hours at 350° and 
about 1 mm. pressure. Eight grams of palladium chloride 
was dissolved in 50 ml. of 15% hydrochloric acid and the 
solution was added to 65 g. of purified activated carbon. 
The mixture was dried over a steam-bath and placed in a 
catalyst chamber. Hydrogen was passed through at a 
temperature of 248° to reduce the palladium chloride. 
After the reduction was complete, the catalyst was evacuated 
at 1 mm. for 24 hours.

In order to determine the effectiveness of the catalyst in 
bringing about the hydrogenation of the alkyl fluorides in 
question, the reactions were studied in a pilot plant. The 
flow rates of the hydrogen and organic material were set to be 
approximately those to be used in a calorimetric measure­
ment. The catalyst chamber -was placed in an electrically 
heated can tor convenient though approximate temperature 
control. The exit gases were passed through a tube con­
taining sodium fluoride pellets to remove hydrogen fluoride. 
The products were analyzed by means of infrared absorption. 
The strong band at 10.30// shown by n-propyl fluoride 
(Fig. 1) and that at 12.25// in isopropyl fluoride occur in 
regions where propane is transparent. The intensities of 
these peaks were measured at different pressures and used as 
reference for quantitative analyses.

Using a flow rate for hydrogen of 1.0 X  10 ~3 mole/min. 
and for isopropyl fluoride 0.5 X 10_s mole/min., it was 
found that the reaction was quantitative at the temperatures 
of 235, 200 and 155°. At 110° only about 5 to 10% con­
version was obtained. Using the same flow rates it was 
found that n-propyl fluoride was more difficult to hydro­
genate. If a new and active catalyst was used, the reaction 
was quantitative at temperatures of 190° and above. 
Even though elaborate precautions were taken, the maxi­
mum conversion of methyl and ethyl fluoride to methane 
and ethane was 10% at 240°.

In making a calorimetric run hydrogen was used in 
excess. The rate of reaction was taken as being equal to 
the rate of formation of hydrogen fluoride. The reaction 
products were diverted for a known length of time to a 
copper collecting tower filled with Teflon chips. The 
absorbing solution consisted of 100 ml. of dilute sodium 
hydroxide. The excess hydroxide was titrated with a 
standard 0.05 N sulfuric acid solution. Of eight runs made 
on 7i-propyl fluoride, seven were completed without experi­
mental difficulties and are given in Table I .

Discussion of Results.— In order to use the
present results to calculate the standard heats of

(4) A . V . G ro sse  an d  C . B . L in n , J . O rg. C h em ., 3. 26 (1938).
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T a b l e  I
H y d r o g e n a tio n  o f  ji-P r o p y l  F l u o r id e , 248°

H z flow , 
m oles/m in . 

X  10«

H F
fo rm a tio n , 
m o les/m in . 

X  10*

Energy-
ra te ,

c a l./ m in .

- A H .
k c a l./ m o le

B -C .H ïF

6 . 2 0 3.050 6.887 22.58
8.50 2.420 5.477 22 63
6.55 3.000 6.807 22.69
8.45 4.025 9 . 3 5 3 22.24
8.30 4.025 9.244 22.97
8.30 3.000 6.942 23.14
7.00 3.015 6.923 22.96

— AH  av. 22.88 kcal./mole
Twice the stand, dev. from the mean: ± 1 .6 %

Five runs were 
given in Table II.

made on isopropyl fluoride and they are

T a b l e  II
H y d r o g e n a t io n  o f  I s o p r o p y l  F l u o r id e , 248°

Hs flow  
m oles/m in . 

X  10 ‘

H F
fo rm a tio n , 
m o les/m in . 

X  10*

E n e r g y
ra te ,

c a l./ m in .

- A H ,
k c a l./ m o le
zso-CsH vF

7.00 3.215 6.692 20.85
8.00 4.52 9.563 21.16
7.30 3.50 7.419 21.19
7.45 3.50 7.445 21.27
7.45 3.013 6.346 21.06

— AH av. 21.11 kcal./mole 
Twice the stand, dev. from the mean: rj=0.69%

formation of n - and isopropyl fluoride, it is neces­
sary to know their gaseous heat capacities in the 
range between 25 and 248°. The data are not 
available. However, it is possible to calculate the 
heat of isomerization of normal to isopropyl 
fluoride at 248°. One finds that the iso compound 
is more stable by 1.80 kcal./mole. The uncer­
tainty in this value is about 2%.

THE NATURE OF THE ACTIVATED INTER­
MEDIATE IN THE HOMOGENEOUS CATA­
LYTIC ACTIVATION OF HYDROGEN BY 

CUPRIC SALTS
By J. H a l p e r n , E. R. M a c g r e g o r  an d  E. P ete r s

D ep a r tm en t o f  M in in g  a n d  M e ta llu r g y , T h e U n iv er s ity  o f  B r it ish  
C olu m b ia , V a n co u v er , C a nada

R ece iv ed  A p r i l  12. 1 95 6

In an earlier paper,1 a kinetic study of the Cu++- 
catalyzed reduction of Cr20 7 = and other sub­
strates by H2, was described. At low acidities, 
the kinetics were found to be of the form

- d [ H 2]/di =  G C u + + ][H2] (1)
suggesting that an H2 molecule reacts homogene­
ously with a Cu++ ion in the rate-determining step, 
leading to the formation of an “activated interme­
diate” which reduces Cr20 7 = hi a subsequent fast 
reaction.

It was reported1 that the rate of this reaction de­
creased slightly as the concentration of HCIO4 was 
increased, but the limitations of the equipment 
which was available at that time, precluded any 
studies with solutions containing more than 0.1 M  
IICIO4. However, by using a titanium-lined auto­

(1) E. Peters and J. Halpern, T h is Jo u r n a l , 59, 793 (1955).

clave, we have since been able to extend the investi­
gation to solutions of higher acidity. The results 
of this work are reported here since they throw some 
further light on the mechanism of the reaction and 
on the nature of the activated intermediate which is 
formed in the rate-determining step.

The procedure was the same as that employed 
earlier,1 i.e ., the rate of reaction of II2 was calcu­
lated from the measured zero-order rate of reduc­
tion of Cr20 7 = using the known stoichiometry of the 
reaction, i.e .

Cr20 7- +  3H2 +  8 H + — ^  2Cr + + + +  7H20  (1)
The decrease in rate as the HCIO4 concentration 
was increased is shown in Fig. 1. At 1 M  HC104 the 
rate was only about 30% of its value at low HC104 
concentrations.

[H + ], mole/1.
Fig. 1.— Dependence of the rate of reaction of H« on the 

H + concentration at 0.1 M  Cu++, 110°, 20 atm. H2: O, 
rate vs. [H + ]; D jrate- 1 ««. [H + ],

An earlier suggestion1 that this apparent decrease 
in rate might be due to the reduction of CIO4-  com­
peting with that of Cr20 7= appears untenable in 
the light of our failure to detect any Cl -  in the solu­
tions and of our observations that the rate depends 
only on the concentration of H+ and is insensitive 
to variations in the C104_ concentration.

An alternative interpretation is that the rate-de­
termining step, in which H2 is converted to a reac­
tive intermediate complex, releases an H+ ion and 
that the decrease in rate is due to the fact that the 
reversal of this step, which regenerates H2, com­
petes with the subsequent reaction of this complex, 
i.e ., with the reduction of Cr20 7=. The zero-order 
dependence of the rate on the Cr20 7= concentration, 
even at high H+ concentrations, suggests that the 
complex does not react directly with Cr20 7=. 
The most likely alternative is that it reacts with an­
other Cu++ ion, reducing it to Cu+, which in turn 
reacts rapidly with Cr20 7” . These steps are incor­
porated in the mechanism
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h
C u+ + +  H2^ ± C u H + +  H + (3)

k -  x
kt

CuH+ +  Cu++ — >- 2Cu+ +  H+ (4) 
fast

2C u+ +  substrate (i.e., Cr20 7 ~) — >
products +  2Cu + + (5)

Application of the steady-state treatment to this 
sequence leads to the kinetics

Rate = — d[H2] 
d t

h lC u ^ F lH d  . 
[Cu + + ] +  (* _ ,/* ,)  [H + ] w

This becomes equivalent to equation 1 at low H + 
concentrations.

At constant [Cu++] and [H2], as shown in Fig. 1, 
the experimental results conform to a reasonably 
good plot of rate-1 vs. [H+], as required by equa­
tion 6. At 110°, the values of ki and of the ratio 
( k - i/ h ) ,  obtained from the intercept and slope of 
this plot, are 9.5 X 10-6 1. mole-1 sec.-1 and 0.26, 
respectively.

Equation 6 also predicts a linear relation between 
[Cu++]/rate and [Cu++]-1 whose slope, given by 
(fc_i//c2) [H+]/&i [H2], should increase with [H + ] 
while the intercept remains constant. In effect, 
this implies a shift of the kinetic dependence on the 
Cu++ concentration from first toward second order 
with increasing H+ concentration. The results in 
Fig. 2 showing the dependence of the rate on [Cu ++] 
at 0.01 and 1.0 M  HC104 are in quantitative accord 
with this prediction. The values of ki and of

Some further evidence, as follows, may also be ad­
vanced in support of the suggestion that CuH+ is 
the activated intermediate in this system.

1. The available thermochemical data suggest 
that formation of other intermediate species which 
might be considered to result from the interaction 
of an H2 molecule with a Cu++ion, i.e., Cu+or Cu°, 
is energetically inconsistent with the observed ac­
tivation energy of 26 kcal./mole for the over-all re­
action. On the other hand, the formation of CuH + 
appears plausible on energetic grounds.2

2. A similar intermediate has previously been 
postulated to explain the homogeneous catalytic 
activation of H2 by cuprous salts in quinoline solu­
tion.3 In this system the kinetics demonstrate 
that two Cu+ ions are involved in the rate-deter­
mining step which may be most reasonably depicted 
as

2Cu+ +  I F — > 2 C u H + (7)

Similar considerations apply to the catalytic activa­
tion of Il2 by silver salts in aqueous solution where 
an analogous intermediate, AgH+, appears prob­
able.2.4

3. The promoting influence of certain anions on 
the catalytic activity of Cu++ can be explained in 
terms of the proposed mechanism by assigning to 
them the role of stabilizing the H+ ion which is re­
leased in the initial step, i.e .

C u X + +  H2 — ^  CuH+ +  H X  (8)

Fig. 2.— Dependence of the rate of reaction of H2 on the 
concentration of Cu + + at 110°, 20 atm. H2: □ , 0.01 M  
HC104; O, 1 .0  M  HCIO4.

(fc-j/fc2) obtained from these plots are 9.4 X 10-6 1. 
mole-1 sec.-1 and 0.25, respectively. These agree 
well with the values estimated eariier from the de­
pendence of the rate on [H + ],

Consistent with this interpretation, the catalytic 
activities have been observed6 to decrease in the 
same order as the basicity of the anion (X), i.e ., 
butyrate, propionate >  acetate >  sulfate >  chlo­
ride >  perchlorate.

Several examples have been reported earlier of 
homogeneous hydrogenation reactions in which the 
kinetic dependence on the catalyst concentration 
shifts from first to second order with a change of 
solvent. For example, the catalytic activation of 
H2 by cuprous acetate is second-order kinetically in 
quinoline solution but first order in pyridine and 
dodecylamine.3-6 Similarly, in silver salt-catalyzed 
hydrogenation reactions, the kinetic dependence on 
the catalyst concentration shifts from first to sec­
ond order in going from pyridine to aqueous solu­
tions.4.6 Some insight into this phenomenon may 
be derived from the interpretation which has been 
proposed above for the Cu++ system, and which 
demonstrates how such a change in the apparent 
order of the reaction may occur, without a real 
change in the mechanism of the H2 activation proc­
ess.

Support of this research through a grant from the 
National Research Council of Canada is gratefully 
acknowledged.

(2) J . H a lp e rn , P r o c .  I n i .  C on g . C a ta ly s is ,  in  press (19 5 6 ).
(3) M . C a lv in , J . A m . C h em . Soc., 61, 2230 (19 3 9 ); S . W e lle r  an d  

G . A . M ills , ib id .,  75, 769 (19 5 3 ); M . C a lv in  a n d  W . K .  W ilm a rth , 
ib id .,  78, 130 1 (19 5 6 ).

(4) A .  H . W e b s te r  a n d  J . H a lp e rn , T h i s  J o u r n a l , 60, 280 (19 5 6 ).
(5) E .  P e te rs  a n d  J . H a lp e rn , C a n . J .  C h em .,  34, 55 4  (19 5 6 ).
( 6 )  L. W rig h t , S . W e lle r  a n d  G . A . M ills , T h i s  J o u r n a l , 59, 1060 

(19 5 5).
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THE HEATS OF COMBUSTION OF 
DYSPROSIUM AND YTTERBIUM1

B y E lmer J. H uber, Jr ., E arl L. H ead and C harles E.
H olley, Jr .

C on trib u tion  jr o m  the U n iv er s ity  o f  C a lifo rn ia , L o s  A la m o s  S c ien tific  
L a b o ra to ry , L o s  A la m o s , N ew  M e x ic o

R ece iv ed  A p r i l  2 0 , 1 9 5 6

This paper is the sixth in a series reporting meas­
urements of the heats of formation of the rare 
earth oxides.2-6 The method, involving the de­
termination of the heat evolved from the combus­
tion of a weighed sample of the metal in a bomb 
calorimeter at a known initial pressure of oxygen, 
has been described elsewhere.6 The same units 
and conventions are used here.

Dysprosium and Ytterbium Metals.— The dys­
prosium and ytterbium metals were analyzed and 
found to have the following per cent, impurities

C  H  N  O  C a  L i Y

D y 0.0224 0.0194 0.007 0.036 0.01 0.005 
Yb .036 .025 .004 .003 .02 .005 0.05

No other metallic impurities were detected.
Each of the metals thus contained about 0.1% 

impurities. If it is assumed that the non-metallic 
impurities are combined with dysprosium and 
ytterbium as the carbide, hydride, nitride and 
oxide, the dysprosium is 97.92 mole per cent, metal 
(atomic weight Dy =  162.51) and the ytterbium 
97.23 mole per cent, metal (atomic weight Yb =
173.04).

An X-ray pattern of the dysprosium showed a 
two atom hexagonal close-packed unit cell and a 
calculated density of 8.534 g./cc. A pattern of 
the ytterbium revealed a face-centered cubic unit 
cell and a calculated density of 6.966 g./cc. A 
small amount of impurity was observed in the 
ytterbium which is believed to be the hydride.

Combustion of Dysprosium and Ytterbium.—  
Each of the metals was burned on sintered discs of 
the corresponding oxide in oxygen at 25 atmos­
pheres pressure. The oxides were approximately 
99.9% pure. Neither of the metals showed any 
increase in weight when exposed to 0 2 at 25 atm. 
pressure for one hour. Combustion varied from 
99.84 to 100.00% of completion. The average- 
initial temperature for the dysprosium runs was 
25.0° and for the ytterbium runs 25.1°. The re­
sults are listed in Table I.

The average values of 5718.9 ±  11.6 and 5251.1 
±  5.0 j.'/g. must be corrected for the impurities 
present.

Correction for Impurities.—The calculated per­
centage composition of the dysprosium by weight is 
Dy metal 98.01; DyH2, 1.58; Dy20 3, 0.28; DyN, 
0.088; C, 0.0224; Ca, 0.01; Li, 0.005. the 
carbon is probably present as DyC2 but the heat of 
formation of the latter is not known and is probably 
small. The heat of combustion of Dy metal cor-

(1) T h is  w o rk  w a s  p erform ed  u n d er th e  au sp ices  o f th e  A .E .C .
(2) E . J. H u b er, J r . ,  a n d  C . E . H o lle y , Jr., J . A m . C h em . S o c .,  74, 

5530 (195 2 ).
(3) E . J . H u b er, J r ., a n d  C . E . H o lle y , J r ., ib id .,  75, 3594 (195 3 ).
(4) E . J. H u b e r, J r ., a n d  C . E . H o lle y , J r., ib id .,  7 5 ,  5645 (19 5 3 ).
(5) E . J . H u b er, J r ., a n d  C . E . H o lle y , J r., ib id .,  77, 1444 (19 5 5).
(6) E . J. H u b er, Jr., C .  O . M a tth e w s  a n d  C . E . H o lle y , J r ., ib id .,  77,

6493 (19 5 5 ).

Table 1
The Heat op Combustion op Dysprosium

M ass 
Dy Wt. Wt.

Energy from 
Fir- Dev.

burned, Mg, DyjOa. J./deg., AT, ing,
j.

Dy, from
g- mg. g. total7 °K. j./g . mean

2.11735 7.15 45.1 10031.6 1.2240 12.1 5710.1 9.3
1.91355 6.55 50.0 10032.9 1.1064 17.8 5707.2 12.3
2.0192 7.1 43.3 10031.2 1.1685 11.9 5712.4 6.6
1.9711 7.7 38.9 10030.0 1.1458 12.9 5727.6 9.9
2.07375 7.6 45.1 10031.6 1.2059 12.0 

Av.
Standard dev.

5737.2 
5718.9

18.1
10.8
5.8

The Heat of Combustion of Y tterbium
Mass
Yb

burned,
Wt.
Mg,

Wt.
Yb20 3, J./deg.,

total7
AT,

Energy from 
Fir­
ing, Yb,

Dev.
from

g. mg. g- °K. j- j./g . mean
2 .02835 7.4 65.6 10036.3 1.0825 12.6 5260.0 8.8
2.0623 7.2 33.2 10028.2 1.0980 12.3 5247.1 4.1
2.1622 8.0 36.1 10028.9 1.1539 21.5 5250.9 0.2
2.3298 7.2 60.0 10034.9 1.2373 17.1 5245.7 5.4
2.4132 7.7 34.8 10028.6 1.2842 15.0 5251.9 0.7

A t . 5 2 5 1 .1  3 .8  
Standard dev. 2 .5

rected6 for impurities is 5726.4 j./g. The correc­
tion due to impurities amounts to 0.13% of the un­
corrected value.8

The percentage composition of the. ytterbium is 
Yb metal 97.64; YbH2, 2.17; Yb20 3, 0.0246; YbN, 
0.053; C, 0.036; Ca, 0.02; Li, 0.005; Y, 0.05. 
The corrected heat of combustion for ytterbium 
gives a value of 5,231.0 j./g. The correction for 
impurities amounts to 0.38% of the uncorrected 
value.

Calculation of the Uncertainty.—The uncertainty 
to be attached to the corrected values includes the 
uncertainty in the energy equivalent which is 
0.04%, the uncertainty in the calorimetric meas­
urements which is 1 1 . 6  j./g. or 0 .2 0 %  for the 
dysprosium and is 5.0 j./g. or 0.095% for the 
ytterbium, and the uncertainty introduced in the 
correction for the impurities.6

The combined uncertainity is 11.9 j./g. for the 
dysprosium and 6.5 j./g. for the ytterbium. The 
values for the heats of combustion give for the re­
action in the bomb a value of AF25.00 =  — 1861.2 ±
3.9 kj./mole for dysprosium and AF25.o° =
—1810.3 ±  2.2 kj ./mole for the ytterbium.

Composition of the Dysprosium and Ytterbium 
Oxides.—Each oxide formed was tan in color. 
An X-ray pattern of the dysprosium oxide showed 
it to be composed of rcughly equal proportions of 
B and C-types of the sesquioxide. Unfortunately 
the energy of transition between these two forms is 
not known. It is probably small, however. The 
X-ray pattern of the ytterbium oxide showed lines

(7) The specific heats of Dy203 and Yb203 are estimated to be
0.26 and 0.25 j . /g ./° ,  respectively. The specific heat of Pt is taken 
as 0.136 j . /g . /°  and the specific heat of O2 as 0.651 j . /g ./° .  The 
amount of MgO formed is so small that its contribution to the energy 
equivalent of the calorimeter may be neglected.

(8) The heats of formation of DyH2 and YbH 2 are estimated at —45 
keal./mole from the known values for NdH2 and PrH2. See R. N. R. 
Mulford and C. E. Holley, Jr., T h i s  J o u r n a l , 59, 1222 (1955). The 
heats of formation of DyN and YbN are estimated at —75 kcal./mole 
from the published values of LaN and CeN. See Selected Values of 
Chemical Thermodynamic Properties, N.B.S. Circular 500, 1952, pp. 
350, 354. The heats of combustion of graphite (to CO2), calcium 
(to CaO), lithium (to L12O2), and yttrium (to Y203), are taken as 
33,000, 16,000, 45,800 and 10,500 j./g ., respectively. The heats of 
formation of H20(g) and N 02 are taken as —58 and +8  kcal./mole.
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only of the C-type sesquioxide. Analysis by the 
method of Barthauer and Pierce9 showed no oxygen 
above that necessary for the sesquioxide.

Heats of Formation of Dy20 3 and Yb20 3.—  
Using methods of calculation reported elsewhere5 6 7 
the heat of formation of Dy20 3, A/As0 =  — 1865.4 
±  3.9 kj./mole. In defined calories this is —445.84 
±  0.93 kcal./mole. For the heat of formation of 
Yb20 3, A# 25° =  — 1814.5 ±  2.2 kj./mole or 
— 433.68 ±  0.53 kcal./mole. No literature values 
are available for comparison. It should probably 
be remarked, however, that this value for the 
heat of formation of Dy20 3 is larger in magnitude 
by about 10 kcal. than would be expected on the 
basis of the value for Yb20 3 (C-form) and the re­
ported values for Gd20 3 (B-form) ( — 433.94 ±  
0.86 kcal./mole)6 and Sm20 3 (B-form) (— 433.89 ±  
0.48 kcal./mole).6 The measurements were made 
at intervals over a two-month period along with 
measurements on other materials, two of the five 
measurements on dysprosium being made before 
the ytterbium measurements and the other three 
afterwards so that it seems unlikely that there is a 
calorimetric error of the necessary magnitude in­
volved. Also, since Sm20 3 and Gd20 3 form B-type 
oxides and Yb20 3 forms the C-type oxide, the fact 
that Dy20 3 forms a mixture of B and C-types can 
hardly be the explanation.
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(9) G . L .  B a rth a u e r  a n d  D . W . P ie rce , I n d .  E n g . C h e m 18 , 479 
(194 6 ).

THE PREPARATION OF DRY ALKALI 
CHLORIDES FOR SOLUTES AND SOLVENTS 

IN CONDUCTANCE STUDIES1
B y  H e n r y  J G a r d n e r , C h a r l e s  T. B r o w n  a n d  

G e o r g e  J. Ja n z

D ep a r tm en t o f  C h em istry , R en sse la er  P o ly te ch n ic  In s titu te , T ro y , N . Y .

R ece iv ed  A p r i l  27 , 1 95 6

In the course of investigations on the conduct­
ance of alkali metal titanium fluorides as solutes in 
potassium chloride-lithium chloride eutectic melts 
at 350-500°, a need was felt for a criterion of purity 
in the preparation of dry alkali chlorides.

The importance of potassium chloride as con­
ductance reference standard in both aqueous2’3 and 
non-aqueous (fused salt)4 measurements is well 
recognized. While Jones and Bradshaw3 recom­
mended fusion of the potassium chloride to remove 
last traces of water, modern practice is to effect this

(1) T h is  w o rk  w a s  su p p o rte d  b y  th e  U . S . O ffice o f N a v a l  R esea rch  
u n d er C o n tr a c t  N on r-59 1(0 6 ).

(2) F . K o h lra u s ch , L . H o lb o rn  a n d  H . D iesse lh o rst, W ied . A n n .,  64, 
4 1 7  (1898).

(3) G . Jo n es a n d  B . C .  B r a d s h a w , J . A m . C h em . S o c .,  55 , 1780 
(19 3 3 ).

(4) E .  R . V a n  A r:s d a le n  an d  I. S . Y a f fc , T h i s  J o u r n a l , 59, 118  
(19 5 5 ).

in a slow stream of dry argon4’5 or nitrogen6 to dis­
place moisture laden air and minimize the possibil­
ity of contamination by hydrolysis. Potassium 
chloride, precipitated from strong hydrochloric 
acid, fused in this way usually contains no more 
than 0.001% of free alkali.6b For very hygro­
scopic material, as lithium chloride, a more rapid 
stream of the inert gas, and electrolysis of the mol­
ten salt at low current density to remove the hy­
droxides have been recommended5 as additional 
pretreatments before use in high temperature elec­
trochemical investigations.

The gain or loss in weight of the alkali chlorides 
as a function of temperature and time, using mod­
ern high vacuum techniques and a dry inert gas to 
purge the samples, would provide a ready reference 
for the drying of these salts for electrochemical 
studies. The present communication describes 
the results of a series of weight loss determinations 
designed to meet this need and to supplement the 
existing information concerning the dryness and 
purity of molten salts.6-7

Experimental
An all glass vacuum-transfer system constructed for work 

under controlled atmospheres was used in the present in­
vestigation. The lithium, sodium and potassium chlorides, 
Fisher reagent grade chemicals, were powdered to pass a 30 
mesh A .S.T.M . sieve and used without further purification. 
The vials used to hold the samples (about 20 g. salt) for the 
measurements were a simple test-tube design made from 
25 mm. Pyrex or Vycor tubing and connected to the vacuum 
manifold through a 14/35 T  male joint. An indentation 
in the bottom was made to receive a calibrated chromel- 
alumel thermocouple for temperature measurements. A 
small General Electric Co. combustion furnace was used to 
heat these vials. Argon or nitrogen, carefully purified and 
dried, was used to provide the inert atmosphere. All 
weighings were corrected for air buoyancy.

The general procedure for measurement of the weight loss- 
temperature dependence was as follows. The salt was 
placed in a weighed dry vial to obtain the weight before dry­
ing. The sample was then evacuated to 10 “ 5 mm. at room 
temperature or at 100°. The criterion, that the leak rate 
on the vacuum manifold system with the sample in be the 
same as that with the sample out, was taken as the indication 
that the sample was “ dry”  at that temperature. The use 
of a dry argon or nitrogen “ flush”  at the temperature of dry­
ing to hasten the removal of water vapor was also introduced. 
The rate of drying would normally be controlled by the rate 
of diffusion of the water vapor through the salt mass. It 
was found with 10 g. of KC1, for example, that with three 
dry gas “ flushes,”  the sample would pump down to 10“* 
mm. in 30 minutes or less, whereas without this practice a 
period of several hours was required to achieve dryness. To 
remove a sample for weighing, the manifold and vial were 
filled with the dry pre-purified inert gas at a pressure slightly 
greater than atmospheric. The vial was removed and the 
stopcock grease adhering to the joint wiped off -with a cloth 
damp with carbon tetrachloride under this flow of gas. 
The tube was then quickly capped for weighing. The re­
producibility of -weighings after such treatment was ± 0 .2  
mg. Extended evacuation at 10“ 6 mm. did not produce 
any further decrease in weight. The weight loss having 
been achieved at the temperature in question, this procedure 
was repeated with the same sample at the next higher tem­
perature, until in increments of approximately 100°, the 
upper limit of temperature was reached.

(5) S . S en d ero ff a n d  A . B ren n er, J . E lectroch em . S o c .,  10 6, 16 
(195 4 ).

(6) (a) G . D . P in ch in g  an d  R . G . B a te s , J . R esea rch  N a t l .  B u r .
S tan d ard s, 3 7 , 3 1 1  (194 6 ). (b) H e a tin g  to  fu sio n  en su res re m o v a l o f
o cc lu d e d  h y d ro ch lo ric  ac id  fro m  th e  s a lt  p re c ip ita te d  in  a  s tro n g  
so lu tio n  of th e  acid .

(7) C . D u v a l,  “ In o rg a n ic  T h c rm o g ra v im e tr ic  A n a ly s is ,"  E ls e v ie r  
P u b l. C o ., H ou ston , T e x a s , 1953.
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The results for the vacuum drying of the three alkali 
chlorides are summarized in Fig. 1. In the present vacuum 
system, with the inert gas flush technique, a period of some 
40 hr. at 25°, and an additional period of 20 hr. at 100° were 
required to achieve the 10“ 6 mm. equilibrium pressure above 
lithium chloride (22 g.). The time was much less for the 
other two alkali chlorides.

The constitution of the volatile components was investi­
gated using larger samples. Batches of 200 g. of LiCl and 
KC1, respectively, were heated at 500° for 12 hr. under high 
vacuum. The volatiles were collected at liquid nitrogen 
temperatures in each case, diluted with de-ionized water, 
and analyzed for pH and hydrochloric acid content. These 
results are summarized in Table I. In each case a test for 
chloride in the volatiles was positive.

When samples of lithium chloride and potassium chloride, 
respectively, were fused under air in platinum, their aqueous 
solutions (approximately 1 molar) were found to be 9.4 and 
8.3 in pH. Samples of these two chlorides dried with 
slowly increasing temperatures using the high vacuum 
technique already discussed gave pH readings of 7.1 and 
6.6, respectively, for their aqueous solutions.

T a b l e  I
A n a l y s i s  o f  V o l a t i l e  M a t t e r

S a lt0 p H

N o r m a lity  
a s  an  
ac id

G ra m s  of 
a c id  per 

100 g. s a lt
%

H y d ro ly s is

LiCl 2.3 0.0175 7.87 X  IO -2 0.00914
KC1 4.5 0.000145 6 51 X  10“ 5 1.33 X  IO“ 4
“ 200-g. sample heated 12 hr. at 500° under high vacuum.

Discussion
The temperature dependence of the weight loss 

results is illustrated in Fig. 1 in terms of per cent, 
weight loss. The sample weights after drying at 
100° for LiCl, NaCl and KC1, were 23.0744, 
28.8103 and 22.3928 g., respectively, below 510° 
in Pyrex vials. For the measurements above 
510°, in Vycor, the sample weights were 23.2713, 
24.4745 and 24.3503 g., respectively, for these 
salts in the same order. The horizontal portions of 
the three curves at the higher temperatures corre­
spond to no further measurable weight loss. The 
precision of the results, estimated from the vial 
weighing and capping technique, was less than 1% 
for the lithium chloride, and less than 2% for the 
sodium and potassium chlorides. The curves 
show that LiCl, NaCl and KC1 can be prepared in 
a dry state at temperatures as low as 450, 420 and 
300°, respectively, if the practices described in the 
present work are observed, i.e ., use of high vacuum 
pumping in stages of gradually increasing tempera­
tures with the criterion of a 10 ~6 mm. equilibrium 
pressure as a measure of dryness. The process can 
be hastened by the use of a dry inert gas flush at in­
tervals to hasten the removal of water vapor. Un­
der these conditions, hydrolysis of the salts, and, 
accordingly, contamination by hydroxide, is mini­
mized.

The weight loss temperature dependence of the 
alkali chlorides has been investigated by Duval7 
using a continuously recording thermogravimetric 
balance but the results reported are qualitative 
rather than quantitative. Inspection of the data 
shows that for NaCl and KC1 the results are in 
agreement, but for LiCl, Duval’s weight loss curve 
shows the loss beginning at 25° with a small re­
gion of constant weight at 100°. Since bottled 
samples of lithium chloride contain up to 0.7% 
water which may be removed in  vacuo at 25°, the 
initial decrease in weight between 25 and 100° ob­
served by Duval is thus explained.

co'

nj
Q.

0 500 1000
TEMPERATURE (°C).

Fig. 1.—Temperature-dependence of weight loss in drying 
the alkali chlorides under high vacuum: KC1 (curves a, a '); 
NaCl (curves b, b ') ;  LiCl ( curves c, c ') ;  the results are 
expressed as percentages of the weight at the lowest tem­
perature shown on each curve. The primed letters refer 
to the use of Vycor glass vessels, and the arrows indicate the 
melting points.

More recently, Laitinen, Osteryoung and Fergu­
son8 have studied the preparation of lithium chlo­
ride-potassium chloride eutectic melts using a 
polarographic technique to investigate the state 
of dryness achieved under various conditions. 
A well-defined polarographic step at —1.0 volt 
with a large residual current was obtained if 
the mixture was fused by heating at 500° under 
vacuum. The current step at —1.0 volt could 
be nearly eliminated i: dry nitrogen was bub­
bled through the melt for one hour followed by 
evacuation overnight. Melts exhibiting reproduci­
ble low residual currents (about 3 amperes) could 
be achieved if the fused salt was treated with hy­
drogen chloride gas, nitrogen, and pre-electrolysis 
in that order. These investigators estimated that 
melts thus achieved were less than 0.001 N  in im­
purities, i.e ., a very high degree of purity. It was 
reported that this degree of purity was sometimes 
nearly achieved by simple fusion under vacuum at 
500°. The present results (Fig. 1) serve to em­
phasize the importance of a stepwise procedure in 
the high-vacuum drying practice, with stress on 
the need for pre-drying each salt separately before 
preparing the mixture of the eutectic composition. 
All possible water is not removed from lithium 
chloride until a temperature of at least 450° has 
been reached, whereas the LiCl-KCl eutectic mix­
ture melts at 352°. The high and irreproducible re­
sidual currents in the eutectic melts observed by 
Laitinen, Osteryoung and Ferguson polarographi- 
cally, may be attributed in part to the uncertain 
amounts of hydrolysis occurring due to the pres­
ence of any water during the melting of these mix­
tures.9

In the investigations in progress in this Labora­
tory1 salts pre-dried by the practices described in

(8) R . A . O s te ry o u n g , P h .D . T h esis , U n iv e r s ity  o f I llin o is , 1954.
(9) P re s e n t p ra c tic e  co n sists  o f p ro lon ged  v a c u u m  d r y in g  o f th e  

p o w d ered  m ix tu re  a t  ro o m  te m p e ra tu re , fo llo w e d  b y  a  g ra d u a l h e a t­
in g  u n d er v a c u u m  d u rin g  an  8 -h o u r p erio d  u p  to  300°, fo llo w e d  b y  
ad m issio n  o f H C 1 v a p o r  a n d  fu sio n . A fte r  u sin g  v a c u u m  tr e a tm e n t 
a n d  d ry  a rg o n  flu sh in g, th e  p re p a ra tio n  is  e n tir e ly  re p ro d u cib le ; 
p re-e lectro lysis  is no lo n g e r u sed  (H . A . L a itin e n , p r iv a te  co m ­
m u n ica tio n ).
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this communication melt smoothly in  vacuo without 
ebullition of gas. Pyrex glass vessels are only 
slightly etched after several weeks of contact with 
the molten salts. This work is being extended to 
investigations of the thermal stabilities of the al­
kali metal titanium fluorides, to be described else­
where.

THE HEAT OF FORMATION 
OF NITRAMIDE

By James D. R ay and R ichard A. Ogg, Jr.
D ep a r tm en t o f  C h em is try , S ta n fo rd  U n iv er s ity , S ta n fo rd , C al.

R ec e iv e d  M a y  If., 1 95 6

The rapid reaction of nitramide in basic solution 
to form nitrous oxide and water, which was shown 
by Thiele and Lachmann1 to be quantitative, was 
used to determine the heat of formation of nitra­
mide.

Materials and Method.— Nitramide was prepared by the 
method of Thiele and Lachmann1 as modified by Marlies 
and LaMer.2 The observation of Bell and Wilson3 that ni­
tramide so prepared contained about 1% acidic impurity 
was confirmed. To eliminate this impurity the following 
refinements in the preparative method were carried out. 
It was found that if the starting material, urethan, was re­
crystallized three times from benzene, no such relatively 
non-volatile acidic material was present in the end-product 
nitramide. Recrystallization of the intermediate ammo­
nium nitrourethan from methanol to remove any yellow 
discoloration was also necessary to ensure a pure final prod­
uct. Elimination of the above two steps gave a nitramide 
which led to heats of decomposition in the calorimeter which 
were lower than for the pure compound by about a kilocalorie 
per mole. No high precision method for analysis of nitra­
mide has been reported; however, Bronsted and King4 were 
unable to observe any effect on the conductivity of aqueous 
solutions of nitramide by repeated recrystallization or by 
vacuum sublimation. In agreement with this observation, 
the heat of decomposition obtained from vacuum sublimed 
sample II (Table I below) is not significantly different from 
that of the others which were not vacuum sublimed. Tong 
and Olson5 found no strong acid or basic impurity in the 
solution resulting from decomposition of nitramide, and were 
able to account for greater than 99% of the theoretically 
expected nitrous oxide. The purity of the nitramide samples 
used in the present calorimetric studies is believed to be at 
least 99.8%.

The calorimeter consisted of a 1 quart Dewar flask. A 
mercury seal on the glass paddle stirrer allowed collection of 
the small amount of non-dissolved nitrous oxide product in 
an external system. A Beckmann thermometer was used 
to measure the temperature. The nitramide samples were 
placed in small “ Pyrex”  thin walled bulbs which had been 
previously weighed. The bulbs were then evacuated to re­
move any water which might have formed from slow spon­
taneous decomposition of the sample during storage. The 
sample bulbs containing the nitramide were then again 
weighed just prior to use in the calorimeter. One-gram 
samples in bulbs left on the balance pan for several hours 
were observed to lose only 0.4 mg. per hour. Small paraffin- 
impregnated corks were then shoved down in the necks of the 
bulbs flush with the spherical surface so as to ensure com­
plete reaction of the nitramide. The bulbs were then at­
tached to the lower end of the stirrer. Lowering the 
stirrer caused the glass bulbs to shatter against the bottom 
of the Dewar flask to initiate the reaction.

(1) J . T h ie le  a n d  A . L a ch m a n n , Ann., 288, 2(37 (1893).
(2) C . A . M a r lie s  a n d  V . K. L a M e r, J . A m . C h em . S o c .,  87, 2008 

(19 3 5 ).

(3) R . P. B e ll a n d  G . L, W ilso n , T ra n s . F a ra d a y  S o c .,  46, 407 
(1950 ).

(4) J. N . B ro n s te d  an d  C . V . K in g , J . A m . C h em . S o c .,  49, 193 
(1927).

(5) L . K .  J. T o n g  an d  A . R . O lso n , ib id .,  63, 3406 (19 4 1).

T a b l e  I
D a t a  U sed  to  C a l c u l a t e  t h e  H e a t  o f  D e c o m po s itio n  
o f  C r y s t a l l in e  N it r a m id e  to  F o r m  A q u e o u s  N it r o u s  

Ox id e  a n d  L iq u id  W a t e r  a t  24°

Sample I II III
Wt. nitramide, g. 0.7896 0.7994 0.9184
Temp, rise, °C. 0.808 0.819 0.942
Obsd. cal. 422.50 428.25 492.57
N20  not dissolved, dry ml.

STB 16.4 14.2 11.9
H20  vaporized along with

N20 0.52 0.45 0.38
Correction for N20, cal. 3.88 3.35 2.82
Correction for H20, cal. 0.25 0.21 0.18
Cor. cal./sample 426.63 431.86 495.57
AH, cal./mole for N20  aq.

prod. -33515 -33507 -33471
Av. -33500

The heat capacity of the calorimeter was determined by 
the heat of solution of Baker and Adamson reagent grade 
potassium chloride. Recrystallization of the potassium 
chloride had no effect on its heat of solution. The heat of 
solution of potassium chloride was taken from Rossini, 
et al.e Four determinations led to a calorimeter heat ca­
pacity of 522.9 ±  1.2 cal./°C . Correction for the cal­
orimeter temperature drift during the solution process was 
made by graphical evaluation of the integral in Newton’s 
law of cooling.

0.032 N  sodium hydroxide solution used in the calorime­
ter allowed the reaction to be complete in all cases in less 
than a minute.

Experimental Results.—Three determinations of 
the heat of decomposition of nitramide to form 
nitrous oxide (largely dissolved) and liquid water 
were made. The results are listed in Table I. 
Blank runs in a tall glass container of identical 
shape to the inside of the Dewar flask allowed 
visual observation of the course of the decomposi­
tion of nitramide. The crystals were observed 
to decompose without rising to the surface. The 
random variation in amount of nitrous oxide not 
absorbed by the solution was seen to depend upon 
the size of the few initially evolved large nitrous 
oxide bubbles—thus the degree of agglomeration of 
the nitramide sample and the specific manner in 
which the sample bulb shattered were determining 
factors. The solution of nitrous oxide resulting 
from the reaction was metastable with respect to 
further loss of nitrous oxide into the air space above 
the solution; however, further evolution of nitrous 
oxide was so slow as not to be detectable in the gas 
collecting buret over a period of a minute (less 
than 0.1 ml. per minute). Carlson7 has made a 
kinetic study of the process of nitrous oxide evolu­
tion from supersaturated aqueous solutions in an 
apparatus similar to the calorimeter described here. 
This slow continuing evolution of nitrous oxide 
made necessary evaluation of the final temperature 
drift of the calorimeter on a second solution not 
containing nitrous oxide, but under identical condi­
tions of temperature and stirring. The decomposi­
tion of nitramide was so rapid that the time be­
tween the initial and final temperature readings was 
only one minute, and the corresponding Newton’s 
law cooling correction less than 0.001° in all cases,

(6) F. D. Rossini, D. D. Wagman, W. H. Evans, S. Levine and 
I. Jaffe, U. S. Bur. Standards Circ. 500 (1952).

(7) T. Carlson, J. Chem. P h y s 9, 228 (1911).
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so no appreciable error was involved in this pro­
cedure.

The process of solution of a single 0.8264-g. sam­
ple of nitramide in 500 ml. of 0.001 N  sulfuric acid 
at 24° was found to be endothermic by 3700 cal./ 
mole.

For calculation of the heat of formation of nitra­
mide at 24° from the elements, the following values 
were used. Enthalpy for the process of solution of 
nitrous oxide in water —5303 cal./mole (ACp be­
tween 0 and 40° +35.9 cal./°C.) as derived from 
the solubility data of Markham and Kobe8; heat of 
formation of nitrous oxide +19490 cal./mole and of 
liquid water —68310 as given by Rossini, et ah6

The value for the heat of decomposition of nitra­
mide (c) to form nitrous oxide gas and liquid water 
was calculated to be exothermic by 28200 ±  85 
cal./mole. The uncertainty in this value includes 
that of sample purity, and that of calorimetric 
measurement. The heat of formation of nitramide
(c) from the elements was calculated to be 20630 ±  
85 cal./mole (exothermic) at 24°, that for aqueous 
nitramide, —16930 cal./mole. Comparison of this 
latter value with the heat of formation of hyponi- 
trous acid in aqueous solution from the elements as 
determined by Latimer and Zimmerman,9 and re­
calculated by Rossini, et a l.,6 —13700 cal./mole 
shows that aqueous nitramide is more stable by 3230 
cal./mole than hyponitrous acid.

(8) A . E . M a rk h a m  a n d  K .  A .  K o b e , J . A m . C h em . S o c .,  63, 449 
(1 9 4 1 ) .

THE VAPOR PRESSURE OF HC1 ABOVE 
NON-AQUEOUS SOLUTIONS

By J. J. Fritz

D ep a r tm e n t  o f  C h em is try , T h e P e n n sy lv a n ia  S ta te  U n iv er s ity , U n iv ers ity  
P a r k , P a .

R ec e iv e d  M a y  7, 1 9 6 6

The writer and Fuget1 have recently published 
tables of the vapor pressures of HC1 above aqueous 
solutions, as calculated from available cell meas­
urements. The same methods are applicable to 
non-aqueous solutions. The purpose of this com­
munication is to make available data for facilitating 
the calculation of vapor pressures of HC1 above 
non-aqueous media.

In general, the vapor pressure of HC1 is given 
by

ln /nci =  ~  E )  (1)

where E  is the voltage of the cell H2, Pt/HCl 
(solvent)/AgCl, Ag, (corrected to 1 atm. pressure 
of hydrogen); E g° is the standard potential of the 
cell for unit fugacity of HC1. Values of E g° from 
0 to 40° are given by Aston and Gittler,2 and can 
be calculated readily for other temperatures. 
Some typical vapor pressures of HC1 at 25°, so 
calculated, are: in water (1 to), 2.2 X 1 0 mm.  
Hg; 50 mole %  ethanol-water (1 to), 1.2 X 10~3 
mm. Hg; ethanol (1 to), 0.46 mm. Hg; methanol 
(0.56 to), 8 X 10-4 mm. Hg.

(1) J. J . F r itz  a n d  C . R . F u g e t, I n d . E n g . C h em ., to  b e  p u b lish ed .
(2) J . G . A sto n  a n d  F . L . G it t le r , J . A m . C h em . S o c .,  77, 3 17 3  (19 5 5).

By use of the standard potential for hypothetical 
1 molal solution (E°) in equation 1, the standard 
fugacity of HC1 is obtained for each system. Table 
I gives some representative values of the standard 
fugacity at 25°.

Table I
Fugacity of HC1 in Hypothetical 1 Molal Standard

State at 25°
Source ofSolvent f °  HC1, atm. f °  HC1, mm. Hg cell data

Water 4.92 X  10“ 7 3.74 X 10"4 3
Methanol 4.19 X  :o ~ 3 3.18 4
Ethanol 5.06 X IO“ 2 38.5 4
Dioxane-water“
Ah = 0.0487 1.045 X  10“6 7.93 X  10 -4 5
Ah =  0.1433 4.86 X  10-« 3.69 X  10 -3 5
Ah =  0.3231 2.34 X  IO“ 4 0.178 5
Ah =  0.4823 1.41 X  10-2 10.7
N2 is the mole fraction of dioxane in the solvent.

5

The vapor pressure of HC1 is then given by
h  =  aijl =  m V ± / 2° (2)

where y± is the mean in activity coefficient as 
ordinarily tabulated. The fugacity is a measure 
of the absolute activity of HC1 in the solution, as 
contrasted to the relative activity usually tabu­
lated.

As demonstrated in our analysis of the aqueous 
system,1 the vapor pressures obtained from cell 
measurements are frequently more accurate than 
the results of direct measurements. Where meas­
urements are available to sufficient dilution, the 
vapor pressure of the solvent can, of course, be 
calculated by means of the Duhem equation.

(3) H . S . H a rn e d  a n d  R . W . EhLers, ib id .,  54 , 1350  (193 2 ).
(4) H . S. H a rn e d  a n d  B . B . O w en , “ P h y s ic a l C h e m is try  o f E le c tr o ­

ly t ic  S o lu tio n s,’ ' R e in h o ld  P u b l. C o rp ., N e w  Y o r k ,  N . Y . ,  1950, p . 336.
(5) H . S. H arn ed , J. O . M o rriso n , F . W a lk e r , J . G . D o n e lso n  a n d  C . 

C a im a n , J . A m . C h em . S o c .,  61, 49 (193 9).

NUCLEATION OF COPPER METAL FROM 
AQUEOUS SOLUTION

By Welby G. Courtney1
C h em ica l C o n stru c tio n  C o rp o ra tio n . 5 2 5  W e s t  4 3  S tr e e t, N ew  Y o rk , N . Y .

R ece iv ed  M a y  7, 1 9 6 6

Theories of nucleation can be divided into the 
classical “supersaturation” viewpoint2 that the 
size of the critical nucleus varies significantly with 
temperature and supersaturation (i . e ., reagent 
activities), and the less widely accepted “constant 
number” viewpoint3 that the critical nucleus is 
essentially independent of temperature and ac­
tivities. In view of the vanishingly small solubility 
of metals in water, supersaturation would appear 
to be an uncertain concept when applied to the 
nucleation of metal particles by reduction of the 
metal ion from aqueous solution. However, the 
results of the following exploratory study of the 
nucleation of Cu metal from aqueous solution can

(1) E x p e r im e n t In co rp o ra te d , R ic h m o n d , V irg in ia .
(2) M . V o lm er, “ K in e t ik  der P h a s e n b ild u n g ,”  T .  S te in k o p ff, D re sd e n  

1939.
(3) J . A .  C h ris tia n se n  an d  A . N ie lsen , A c ta  C h em . S ca n d .,  5 , 103 

(19 4 9 ); F . R . D u k e , R . J . S e v e r  an d  H . D ie h l, Io w a  S ta te C o llege  J . 
S c l .,  23, 297 (1949).



1462 N otes Vol. 60

be adequately interpreted by the constant number 
theory.

Experimentally, the nucléation of Cu metal by 
the disproportionation of Cu(I) was studied at 
25 ±  1° by noting the induction period, r, for a 
Tyndall effect to appear in an unstirred aqueous 
solution containing initial concentrations of 
0.00077-0.0015 M  Cu(I), 0.2-6 M  H+, 0.02-2 M  
NH4+ and 0.0001-0.01 M  Cu(II), all as the sulfates. 
Runs were made by pouring together with rapid 
shaking 2-20 ml. of [Cu(NH3)x]2S0 4  and 10-100 
ml. of H2SO4 stock solutions in a test-tube or 250- 
ml. erlenmeyer flask. The Cu(I) stock solution 
was prepared from recrystallized CuS04-5H20, 
excess 99.95% Cu° powder ( — 325 mesh) and NH3 
in 10-fold molar excess over the expected final 
Cu(I) concentration. Conversion to Cu(I) was 
practically complete in 48 hours when agitation was 
used. A N2 atmosphere protected all solutions. 
The final Cu° product from a nucléation run was 
composed of 5-10 micron floes of 0.5-1 u poly­
hedral particles.

Figure 1 plots typical results showing the de­
pendence of 1/r upon the initial Cu(I) molar con­
centration, c0, at a constant 1 M  H+ concentration.

Fig. 1.— Variation of induction period (r) with initial 
Cu(I) molar concentration (c0) for constant H + ion con­
centration equal to 1 M ; see equation 1. r was measured 
in seconds.

A slight but uncertain effect of H+ upon r was 
noted, but further work on this problem had to be 
indefinitely postponed, r was independent of 
(NH4)2S04 and CuS04 in the concentration ranges 
used here. The data at H+ equal to 1 M  cor­
responded to

1 0 - " - 9  =  Co10, r  ( 1 )

Precision in r appeared to be limited by sub­
jective error only, being independent of the order 
of mixing of reagents, a 1000% variation in the 
volumes of solutions, and a 200% variation in 
concentrations in the stock solutions. It is there­
fore concluded that r is at least partially related 
to nucléation kinetics.

If r is interpreted as essentially resulting from 
nucleation kinetics only,4 it can be shown theo­
retically, following the constant number theory, 
that

Co —  C r  =  K c t t T  (2)
where Co and cT are the molar concentrations of 
Cu(I) at times zero and r, K  is a temperature- 
dependent constant which includes thermodynamic 
and kinetic factors, and p  is the total number of 
Cu(I) ions involved in nucleation, i.e ., in the rate­
determining step plus any prior equilibria.

Linearity of the experimental plot of log(l/r) vs. 
log Co suggests that (a) the data can be adequately 
interpreted by the constant number theory, and
(b) Co — cT is both very small and essentially con­
stant for the experimental metal sols. Therefore, 
the observed slope of 10 in Fig. 1 may be identified 
with p  in equation 2. A possible nucleation 
mechanism would be the prior equilibrium forma­
tion of a cluster of four metal atoms, or 

fast
8Cu(I) =  (Cu°)4 +  4Cu(II) 

fast
(Cu°)4 +  Cu(I) =  (Cu°)4.Cu(I) “ adsorption”  (3) 

slow
(Cu°)4.Cu(I) +  Cu(I) ->  (Cu«)5 +  Cu(II) 

fast
(Cu°)6 -------->  microscopic particle

growth

This mechanism is somewhat supported by the 
conclusion of Taylor, et a l.,6 on quantum mechanical 
grounds that the 5-atom Cu° cluster is thermo­
dynamically the least stable of small Cu° clusters 
which are in contact with Cu° vapor. Thus, if 
the growth of Cu° clusters of different sizes in­
volves similar kinetics, then in the extreme case the 
formation of the least stable cluster would be the 
rate-determining step in particle formation.

The author is pleased to acknowledge the advice 
of Drs. H. M. Hulburt and F. A. Schaufelberger 
and the assistance of Messrs. P. B. Eng and J. J. 
Shaw.

(4) I f  t  is a t tr ib u te d  to  b o th  n u c le a tio n  a n d  g ro w th  k in e tics , i t  can  
b e  sh ow n , fo llo w in g  R . A . Jo h n so n  an d  J. D . O ’ R o u rk e  [J . A m . C h em . 
S o c .,  7 6 ,2 1 2 4  (1954 ) ] th a t  th e  C u °  n u cleu s w o u ld  in v o lv e  18  to  20 m e ta l 
a to m s. S u ch  a  n u m b er w o u ld  seem  r e m a r k a b ly  la rg e  un less u n k n o w n  
tr a c e  im p u ritie s  g iv e  an  “ o rg a n ize r”  m ech a n ism  w h ere  a  p o ly m e r ic  
co m p lex  of m e ta l ions and im p u r ity  re a cts  to  fo rm  a m e ta l n u cle u s  
[J . T u r k e v itc h , R . C . S te v e n so n  and J. H illier, D is c .  F a ra d a y  S o c .,  11, 
55 (1 9 5 1 )] .

(5) H . S . T a y lo r , H . E y r in g  an d  A . S h erm a n , J . C h em . P h y s . ,  1 ,  68 
(193 3 ).

BROMINE PENTAFLUORIDE. FREEZING 
AND BOILING POINTS, HEAT OF 

VAPORIZATION AND VAPOR PRESSURE- 
TEMPERATURE RELATIONS1

By M a x  T. R ogers and John L. Speirs

C o n tr ib u tio n  f r o m  K e d z ie  C h em ica l L a b o ra to ry , M ic h ig a n  S ta te U n iv er ­
s i t y ,  E a s t  L a n s in g , M ic h ig a n

R ece iv ed  M a y  9 , 1 9 5 6

As part of a program investigating the physical 
properties of the halogen fluorides, we have re­
determined certain physical properties of bromine 
pentafluoride originally reported by Ruff and
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Experimental
Material.— Commercial bromine pentafluoride (Harshaw 

Chemical Co.) containing traces of bromine and bromine 
trifluoride, and some hydrogen fluoride, was purified by 
use of methods and apparatus previously described.3 Bro­
mine as an impurity was easily fluorinated by pretreatment 
with a minimum amount of chlorine trifluoride. In the 
subsequent fractionation operation we found it necessary to 
discard as much as the first 20%  of the product before the 
more volatile impurities, principally hydrogen fluoride, 
were eliminated. Fractionation was carried out at ap­
proximately 480-490 mm. pressure.

Methods.— The freezing points were determined in the 
previously described apparatus.3 The freezing curve anal­
ysis was made less accurate by the preferential freezing 
of the material as a shell on the wall of the plastic freezing 
point tube. This resulted in jamming of either reciprocat­
ing or rotating stirrers after approximately 50% solidifica­
tion. Usually Freon 12 was placed as a heat transfer me­
dium in the intermediate tube separating the freezing point 
tube from the external acetone-Dry Ice freezing bath. 
Crushed Dry Ice in a Dewar flask was used as a reference 
temperature for thermocouple measurements. The equilib­
rium reference temperature was checked during measure­
ments with a calibrated platinum resistance thermometer. 
Potential measurements were made as in the earlier work 
using both an amplifier-recorder combination and a preci­
sion potentiometer.

By use of an apparatus of improved design in which the 
sample was stirred by shaking1 it was possible to carry the 
temperature readings to the point of about 90% solidifica­
tion. The results for sample 7 of Table I were obtained 
in this way1 and agree well with the other data reported 
here.

The vapor pressure-temperature relations were deter­
mined in the manner previously described.3 The range of 
pressure covered was limited by inability to operate the ap­
paratus much below room temperature or much above at­
mospheric pressure. Measurements of pressure and tem­
perature were made at nine points approximately evenly 
spaced over the range of 410 to 780 mm.

Treatment of Data.— By a modification of the method of 
Witschonke4 the impurity contents of eleven different 
samples were determined from the freezing curve. As­
suming that the impurity was hydrogen fluoride and using a 
value of 1.76 kcal./mole for the heat of fusion (based on 
liquid and solid vapor pressure cata of Ruff and Menzel),2 3 4 
the impurity content varied from 0.2 to 0.7 mole per cent. 
The results obtained for samples of different purity are 
shown in Table I. Although the average deviation from 
the mean value of the freezing point ( —60.48°) is only 
±0 .09° the reported freezing point may be in error by a 
somewhat larger amount because of the uncertainty in 
judging x, the fraction of sample frozen out. It is believed 
that this error does not exceed 0.2-0.3° since t 0 for sample 7, 
which was purer material prepared at a different time and 
studied in an apparatus1 in which 90% of the sample could 
be frozen, agrees well with the other values.

The vapor pressure measurements were corrected to mm. 
at 0° and the simple vapor pressure equation, with suitable 
choice of the constants, was found adequate to express the 
temperature dependence without systematic error over this 
pressure range. The r.m.s. deviation of experimental from 
calculated pressures was 1.04 mm. Temperature measure­
ments had an uncertainty believed to be no greater than 
±0 .05°.

Menzel.2 Availability of more suitable materials
and apparatus made it desirable to redetermine
their values on material of higher purity.

(1) Physical Properties of the Halogen Fluorides. IX. For pre­
vious articles of this series see M. T. Rogers, M. B. Panish and J. L. 
Speirs, J . A m . G hem . S o c ., 78, 3288 (1956).

(2) O. Ruff and W. Menzel, Z . a n org . a llg em . C h em ., 202, 49 (1931).
(3) M. T. Rogers, J. L. Speirs, H. B Thompson and M. B. Panish, 

J . A m . C h em . S o c ., 76, 4843 (1954).
(4) C. R. Witschonke, A n a l.  C h em ., 24, 350 (1952).

T a b l e  I

F r e e z in g  P o in ts  of B r o m in e  P e n t a f l u o r id e  Sam p le s

Sample Trial if,“ °c. fx, °C. mi h , °C.
1 1 -60 .59 -60 .75 0.015 -60.43

2 -60.59 -60 .72 0.12 -60 .46
2 1 -60 .59 -60.81 .020 -60 .37

2 -60 .66 -60.91 .023 -60.41
3 1 -60.69 -60.81 .011 -60 .57

2 -60 .62 -60.91 .027 -60 .33
4 1 -60 .75 — 61.09 .015 -60.41
5 1 -60 .88 -61 .03 .032 -60.73

2 -60 .78 -61 .00 .020 -60 .56
6 1 -60 .73 -60 .94 .019 -60 .52
7 1 -60 .60 -60 .70 .009 -60 .50

Av. .019 -60 .48  :
° U, extrapolated freezing point of original sample; tx , 

temperature of one-half frozen sample; m -„ the molai con­
centration of impurity in the original sample; to, the freez­
ing point of pure solvent calculated by the method of 
Witschonke.4 The equations used are

toX =  t{ — ¿x (1 — x)
to — If — Kiiii

where x  is the fraction frozen out and K  is the molai freez­
ing point lowering of bromine pentafluoride (10.8).

Results
The freezing point of pure bromine pentafluoride 

was found to be —60.5 ±  0.1° as determined by 
analysis of the freezing curve on ten samples of 
about 99.6 mole %  purity. An earlier value re­
ported by Ruff and Menzel2 was —61.3°.

The vapor pressure as a function of temperature 
was found to be given by the expression

log p(mm. at 0°) =  7.9727 -  1598.2/T

with a probable error of ±1  mm. over the range 
from 400 to 760 mm. It is believed that this 
equation can be used over the entire liquid range 
down to the freezing point (without exceeding the 
stated error), as judged by the agreement with the 
lower range values given by Ruff and Menzel. 
They reported, for the range 213 to 297°K., log 
p =  8.0716 -  1627.7/T.

Our calculated boiling point is 40.76 ±  0.05°. 
This represents only a slight extrapolation from 
the closest measured pressure point at 757 mm. 
where the difference between experimental and 
calculated values is 0.03°. The value calculated 
by Ruff and Menzel from their equation was 40.5 ±  
0.5°.

The value calculated for the heat of vaporization 
from our pressure-temperature function is 7.31 
kcal./mole. The molar entropy of vaporization 
calculated from these data is then 23.3 e.u., a 
reasonable value for a non-associated liquid com­
posed of molecules with a dipole moment6 of 1.51 D . 
Iodine pentafluoride, which shows behavior more 
typical of associated liquids, has a Trouton con­
stant of 26.4.3

Acknowledgment.—-We wish to acknowledge the 
valuable financial support provided by the Atomic 
Energy Commission under Contract AT (11-1)-151.

(5) M . T .  R o g e rs , R .  D . P r u e t t , B .  T h p m p so n  ancì J , L .  Speirg 
J . A m . C h em . S o c ., 78 , 44 (195 6 ),
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THE CONCENTRATION DEPENDENCE OF 
THE DIFFUSION COEFFICIENT OF RAF- 
FINOSE IN DILUTE AQUEOUS SOLUTION 

AT 25°
B y  P e t e r  J. D u n l o p

C o n tr ib u tio n  f r o m  the D ep a r tm en t o f  C h em is try , U n iv er s ity  o f  W is c o n s in ,  
M a d iso n , W is c o n s in

R ece iv ed  M a y  10 , 1 95 6

Since the introduction of certain interferometric 
techniques for studying the diffusion process in 
liquid systems,1-6 accurate diffusion data have been 
reported for both two and three-component sys­
tems. This note presents data, obtained by means 
of the Gouy Diffusiometer, for the trisaccharide 
rafhnose in dilute aqueous solution. The concen­
tration dependence of the density, specific refrac­
tive increment and the relative viscosity of this 
system were also measured over the same concen­
tration range at 25° and are included.

Materials, S slut ions and Experimental Procedure
Hydrated raffinose7 was heated in vacuo at 80° to remove 

the water of crystallization. This was necessary since, in 
agreement with the observations of previous workers,8 it was 
found that the hydrated sample did not contain exactly five 
water molecules of hydration.

Solutions of raffinose were prepared by weight, using as 
solvent doubly-distilled water which had been saturated with 
air. Concentrations, c, in g./lOO ml. of solution were cal­
culated from the weight percentages in vacuo and the meas­
ured density data. Pyrex pycnometers of 30-ml. capacity 
were used to measure the densities, d; the data are repro­
duced by the equation

d =  0.697075 +  0.003927c c < 5.75 (1)

with an average deviation of ±0 .0006% . Using a Ubbe- 
lohde type viscometer with a water flow time of 265.8 sec., 
relative viscosities were determined on portions of the solu­
tions prepared for diffusion. The kinetic energy correction 
applied in each case was never greater than 0.15% . The 
data are best represented by the quadratic equation

7r.i =  1 +  0.02742c +  0.00076c2 c <  5.75 (2 )

with an average deviation of ±0 .0 4% .
The Gouy diffusiometer used to measure the diffusion co­

efficients, D, and the specific refractive increments, An/Ac, 
has been previously described,9'10 as have the methods em­
ployed to obtain D, An/Ac and the graph of the relative 
fringe deviations, S2j, versus the reduced fringe num ber/(f j).11 
An average S correction of + 6  ¡j. was applied in all experiments 
and in all cases the same Tiselius cell, with a 2.5103 cm. 
“ a ”  dimension, was used. All experiments were performed 
within 0.004° of 25° and the diffusion coefficients corrected 
to 25.000° by means of the Stokes-Einstein relation.

Results
Values of D  obtained at the mean concentrations 

c =  (ci +  c2) /2 and concentration increments Ac =  
fe — Ci) are tabulated in column 5 of Table I. To 1 2 3 4 5 6 7 8 9 10 11

(1) L. G. Longsworth, J . A m . C h em . S o c .,  69, 2510 (1947).
(2) G. Kegeles and L. J. Gosting, ib id .,  69, 2516 (1947).
(3) C. A. Couison, J. T. Cox, A. G. Ogston and J. St. L. Philpot, 

P r o c .  R o y .  S oc . {L o n d o n ), A192, 382 (1948).
(4) J. St. L. Philpot and G. H. Cook, R esea rch , 1, 234 (1948).
(5) H. Svensson, A c ta  C h em . S ca n d ., 3, 1170 (1949).
(6) L. G. Longsworth, J .  A m . C h em . S o c ., 74, 4155 (1952).
(7) Obtained from Pfanstiehl Chemical Co., Waukegan, Illinois.
(8) E. J. McDonald and B. G. Goss, Report E, 11th Session, Int. 

Comm. Uniform Method Sugar Analysis, Paris, 1954.
(9) L. J. Gosting, E. M. Hanson, G. Kegeles and M. S. Morris, 

R ev . S c i . In s tru m en ts ,  20, 209 (1949).
(10) P. J. Dunlop and L. J. Gosting, J .  A m . C h em . S o c ., 75, 5073 

(1953).
(11) D. F. Akeley antj L, J. Gosting, ib id ., 75, 5685 (1953).

represent the experimental diffusion coefficients 
the method of least squares was used to obtain the 
expression

D  X 10s =  0.43592 -  0.00677c c <  5.0 (3)

with an average deviation of ±  0.05%.
T able I

D iffusion C oefficients of R afflnose in W ater  at 25°
1 2 3 4 5

c, g ./ 
100 ml.

Ac,“ g ./ 
100 ml. jm

(An/Ac) 
X 10«

D  X 105, cm.2 sec. 1
0.3795s 0.7591s 51.16 1466.0Ò 0.43296i
0.62480e 1.24960 84.27 1467.0 . 4320i
0.7500, I.5000a 101.19 1467.4 . 4308o
1.9997, 1.5002s 101.14 1466.4 . 4226i
3.5003! 1.50086 101.18 1466.5 . 4123i
5.0000g 1.4986; 100.87 1464.1 ,4019s
“ Ac is the difference in concentration between the bottom 

solution, ct, and the upper solution, Ci. 6 These values may 
be compared with those of Longsworth who, at this same con­
centration, obtained 1467.1 X 10-6 for An/Ac and 0.4339 X 
10 ~s for D . The Rayleigh Integral Fringe method was 
used in his experiment. c The author is indebted to Mr. 
I. J. O’Donnell of this Laboratory for the results of this ex­
periment.

Specific refractive increments were calculated 
from the relationship An/Ac =  (\jm/aAc), where 
jm is the total number of fringes in a Gouy experi­
ment and X is the wave length, 5460.7 A., of the 
green mercury line in air. These values are listed 
in column 4 of Table I. It should be noted that the 
values of An/Ac are almost constant, thus indicat-

f (0 .
Fig. 1.— Relative fringe deviation graph for the experi­

ment in which C =  5.0000s. At a given value of/ ( f )  crosses 
indicate the average of the experimental points obtained 
from ten different Gouy photographs of the same boundary. 
Individual points are represented with dots.

ing that the refractive index of raffinose solutions is 
nearly a linear function of solute concentration 
when the latter is expressed as weight per unit 
volume of solution. A similar dependence of n  on c 
has been found for sucrose.12

The density measurements provide a value of 
0.609! ml./g. for the partial specific volume of raf­
finose in the concentration range studied; this may 
be compared with the value of 0.607s ml./g. previ­
ously determined by Longsworth.13 A fringe devi­
ation graph for raffinose is shown in Fig. 1. That 
the values of S2j are virtually zero at all values of 
/ ( f ,) indicates that the boundary was of Gaussian 
form within the error of measurement.

It is hoped that some of the data presented above 
will be of use in testing the experimental accuracy of 
a new Beams type equilibrium ultracentrifuge 
which is being installed in this Laboratory. From

(12) L. J. Gosting and M. S. Morris, J . A m . C h em . S o c ., 71, 1998
(1949).

(13) L. G. Longsworth, ibid., 75, 5705 (1953).
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experiments with such a centrifuge it should be pos­
sible to measure molecular weights14 if the necessary 
activity data are available, or, for substances of 
known molecular weight, one may obtain ratios of 
activity coefficients16 at two different concentra­
tions.

Acknowledgments.— It is a pleasure to thank 
Professors J. W. Williams and L. J. Gosting for 
their criticism of this manuscript. Financial sup­
port to make this investigation possible was sup­
plied by the U. S. Public Health Service (G- 
4196-C). Grateful acknowledgment is hereby re­
corded.

(14) J . W . B e a m s, H . M . D ix o n , I I I ,  A . R o b e so n  a n d  N . S n id o w , 
T h i s  J o u r n a l , 59, 9 1 5  (19 5 5 ).

(15) J . S . J o h n so n , K .  T .  K r a u s  a n d  T .  F .  Y o u n g , J . A m . C h em . 
S o c ., 76, 6 (195 4 ).

THE PHOTOSENSITIZED OXIDATION OF 
CARBON MONOXIDE ON 

CUPROUS OXIDE1
By William M. Ritchey and Jack G. Calvert1 2

T h e M c P h e r s o n  C h em ica l L a b o ra to ry , T h e O h io  S ta te  U n iv er s ity , 
C olu m b u s, O h io

R ec e iv e d  M a y  17 , 1 9 6 6

Photosensitization of the oxidation of CO on 
Cu20  has been observed in this work. Significant 
evidence has been obtained for the importance of 
electron-reactant interaction at the Cu20  surface in a 
rate-determining step of the reaction. The compo­
sition, surface area and electrical properties of the 
catalyst samples used in the study are summarized 
in Table I. The photochemical rate data for varied 
reactant pressures and the different catalyst sam­
ples are shown in Table II. Comparison of reaction 
rates in consecutive runs at a given light intensity 
(within a pair of horizontal lines in Table II) is nec­
essary to avoid the complications of arc aging and 
possible catalyst structural changes which may re­
sult from prolonged reactions.

Table I
Composition, Surface Area and Electrical Properties 

of the Cu20  Samples

Sample
Element
added

Atomic
ratio,

impurity/
Cu,

p.p.m.
Surface
area,

m.2/g.

Voltage
drop,

V./400
ma./in.2

area
a “ none” “ 0 0.0329» 0.66
b sulfur 158 .0334 .52
c sulfur 871 .0345 .32
d antimony 207 .0323 . .63
e antimony 1041 .0270 .58
f Bakers, C.p . ■ 826

“ Less than 10 p.p.m. total impurity of Se and Fe and 
probably <2 p.p.m. of Fe according to activation analysis 
made at Oak Ridge. » Calculated from the smoothed curve 
of surface area v s .  composition using the data of samples b, 
c, d and e. The measured value (0.03g m .2/g .)  for “ pure”  
Cu20  is considered less reliable because of experimental 
difficulties which we encountered in this determination.

(1) T a k e n  fro m  th e  th e s is  o f W . M . R it c h e y  s u b m itte d  in  p a rtia l 
fu lfillm e n t o f th e  re q u ire m e n ts  fo r  th e  P h .D . d egree , T h e  O h io  S ta te  
U n iv e r s ity , 19 5 5 . P re s e n te d  in  p a r t  b e fo re  th e  D iv is io n  o f P h y s ic a l 
a n d  In o rg a n ic  C h e m is try , 12 9 th  M e e t in g  o f th e  A m e rica n  C h e m ica l 
S o c ie ty , D a lla s , T e x a s , 1956.

(2) A u th o r  to  w h o m  co m m u n ica tio n s  sh o u ld  b e  ad d ressed .

Table II
Photochemical Rates of CO Oxidation at 25° with 
Various Reactant Pressures and S- and Sb-DopED

Cu20 Sa m pl e s
Irrad. R c  02,

Cu20 time, P  02, P c o , mm./
Run sampleì hr. mm. mm. 6 hr.

1 d 6.00 162.5 80.8 0.504
2 d 6.00 200.3 42.2 .546
3 d 0.00“ 164.1 39.5 .001
4 d 6.00 160.2 40.8 .504
5 d 6.07 319.3 83.5 .589

8 d 6.00 80.6 20.1 .542
9 e 6.00 79.9 19.4 ,40o

10 e 6.00 80.7 19.7 .424
11 b 6.00 79.7 21.0 .432
12 c 6.00 80.1 20.2 .332

16 a 6.00 80.2 19.7 .365
17 d 6 00 80.3 19.8 .313
18 d 5.00 79.9 21.0 .339
19 d 6.07 80.5 19.2 .321
20 d 2.00 78.7 20.3 .267
21 e 6.05 80.2 20.0 .252
22 b 6.00 80.0 20.4 .294
23 c 6.00 79.6 20.7 .260
24 d 6.00 80.1 19.0 .336
25 d 6.00 80.0 81.1 .264

30 d 4.00 81.1 20.8 .186
31» d 4.00 79.8 21.7 .025

° Dark run; time that the reactants were in contact with
the Cu20  was the same as in the 6 hr. photochemical runs. 
6 A glass filter was added inothis run. It removed 89% of 
the ultraviolet light A<4100 A. and passed 75% of the visible 
light.

Several features of the reaction are discernible 
from these data. (1) The absorption of light of X <  
4100 A. by Cu20  at 25° photosensitizes the reaction, 
2CO +  0 2 ->■ 2C02, with an estimated average $ 0 0 , 
=  4 X 10-4 at high light intensities (1.7 X 1018 
q./sec., 2500 <  X <  4100 A.). For a given catalyst 
and light intensity the rate of C02 formation is re­
producible and independent of the exposure time 
for small percentage conversions (compare runs 17, 
18, 19, 20 and 24). (2) The variation of rate
with reactant pressure (runs 1, 2, 4, 5 and 24, 25) is 
described satisfactorily by the rate law, R c o , =  
fciP02/( l  +  k2P o , +  h P c o ) .  This is the form ex­
pected theoretically if the primary process I
Cu+ (in Cu20 ) +  hv — >- Cu + + (in Cu20 )

+  e -  (conduction band in Cu20 )  (I)
is followed by a reaction sequence such as that sug­
gested by Garner and co-workers3 in explanation of 
the thermal catalysis, or certain alternative reac­
tions involving the interaction of electrons and re­
actants at the surface of the catalyst. (3) There is a 
striking correlation between the photochemical 
rates/surface area (symbolized as R , for the ith 
Cu20  sample) and the electrical data (E {) for the 
different Cu20  samples. In Fig. 1, R\ for each 
sample is shown as a function of catalyst composi-

(3) (a) W . E . G a rn e r, T .  J . G r a y  a n d  F .  S . S to n e , D is c .  F a ra d a y  
S o c .,  8, 246 (195 0 ); (b) T .  J. G r a y  a n d  S . D . S a v a g e , ib id .,  8, 250 
(19 5 0 ); (e) F . S . S to n e  a n d  P . F. T ile y , ib id .,  8, 254 (19 5 0 ); (d)
W . E . G a rn e r, F . S . S to n e  a n d  P . F . T ile y ,  P r o c .  R o y .  S o c . (L o n d o n ),  
A 2 1 1 ,  472 (19 5 2 ); (e) R .  D e r r y , W . E .  G a rn e r  a n d  T .  J . G r a y , J .  
c h im . v h y s . ,  51, 670 (19 5 4 ).
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tion by the solid curves; the upper curve (Photo­
chemical I) is derived from the sequence of runs 8 - 
12 at the highest intensity, and the lower curve 
(photochemical II) from runs 16, 17, 18, 19, 21, 22 
and 23, at an undetermined lower intensity (about 
100 hr. arc operation time separated the two se­
quences). For the various ratios, Ri/R& =  E\/E&\ 
R i/R& for series I, Ri/R& for series II, and E i/E a, 
respectively, are: Cu20  sample (d), 0.95, 0.93,
0.95; sample (e), 0.86, 0.84, 0.88; sample (b),

C u jO  i n p u r i t y  C o m p o s i t io n ,  p p m .  (a to m ic  r a t i o ) ,

Fig. 1.— The effect of S and Sb concentration in Cu20  
on the rate of the photochemical C 02 formation (solid 
curves) and on the electrical properties of the samples 
(dotted curve): in the photochemical runs, P 02 about 80 
mm.; Pco about 20 mm.; the absorbed flux was essentially 
constant in the series I at about 2 X  1018 q./sec. (X <  4100 
A.), and in series II it was constant at some lower undeter­
mined value; the voltage drop in Cu20  was measured at a 
constant sample thickness, for a current density of 400 
ma./in.2

0.73, 0.79, 0.79; sample (c), 0.54, 0.68, 0.48. (R a 
for series I was obtained by extrapolation of the 
data in Fig. 1.) Presumably the higher the con­
ductivity of the Cu20  sample (or the lower the Ef) 
the lower will be the amount of charge unbalance 
which the crystal can maintain at the steady state; 
the lower population of electrons at the surface re­
sults in a lower photochemical rate, Ri. A quantita­
tive treatment of the data in terms of the Garner or 
other mechanisms is unwarranted at the present 
stage of this research. Additional studies of this 
reaction and gaseous reactions photosensitized at 
other solid surfaces (PbO, Fe2C>3, etc.) are planned. 
From these it may be possible to evaluate the con­
tribution to smog-forming reactions of oxidations 
photosensitized on the surface of particulate mat­
ter suspended in the atmosphere.

Experimental
Apparatus.— The apparatus was an all-glass, high vacuum 

system suitable for both surface area determinations and 
catalytic studies. The surface area equipment was of con­
ventional design.4 The catalytic reaction system consisted 
of a thin rectangular quartz reaction cell (200 X 20 X 6 
mm.), a solenoid-operated circulating pump (pumping rate, 
60 cc./m in.), a bulb of 400-cc. volume to facilitate the mix­
ing of the reactants and to minimize the build-up of prod­
ucts, and a freeze-out U-tube. The Cu20  catalyst was ir­
radiated with ultraviolet and visible light from a type A 
Hanovia lamp operated with 3.00 amp. a.c. at 155 v. A 
quartz cell, 1 cm. thick, filled with distilled water was placed 
between the arc and the reaction cell to absorb infrared 
radiation. The geometry of the arc mounting, the filter 
cell, and the Cu20  sample was the same in runs of a given 
sequence.

Materials.— Research grade tank gases, N2, He, CO 
and 0 2 were purified by the conventional procedures. The 
Cu20  samples were prepared from high purity Cu obtained 
from American Smelting and Refining Company which was 
further purified by zone refining. The S and Sb were added 
to portions of the Cu, and the mixture homogenized by 
melting in graphite boats under an atmosphere of A by in­
duction heating. Upon cooling, the samples were cold 
rolled to a 1 in. width and 0.040 in. thickness. The strips 
were cleaned electrolytically in an alkaline bath and were 
then oxidized at 900° for 1 hr. in an 0 2-enriched dry air 
atmosphere. The samples were annealed at 600° for 20 
min. and then allowed to cool to room temperature. The 
Cu20  layer was about 0.010 in. thick in all samples, suffi­
cient to absorb practically completely light with X <4000 A. 
Bars of these materials (7.5 X 0.63 X 0.040 in.) were used 
in the catalytic studies. The powdered samples for surface 
area determinations were prepared from the bars which 
were quenched in N2( l )  to loosen the oxide layer; the Cu20  
was then scraped from the Cu with a razor blade.

Procedure.— The surface areas were determined by the 
standard B.E.T. procedure.4 The surface areas of samples 
a-e are smaller by a factor of 24 to 30 than that of the Bakers
C .p . powder f, reflecting the small number of grain bound­
aries and other imperfections in these samples. In the 
catalytic studies, first 0 2 and then CO were introduced into 
the reaction system, thoroughly mixed, and equilibrated 
with the Cu20  sample by operating the magnetic pump for 
1 hr. prior to irradiation. Following the exposure (usually 
6 hr.) at 25 ±  2° the product C 02 was condensed at N2( l )  
temperature in the U-tube by circulating tire C 0 -0 2-C 0 2 
mixture for a period of 45 min.; the unreacted CO and 0 2 
were pumped off. The C 02 was then distilled into a small 
calibrated vessel (6.20 cc.) and the pressure measured with 
a Hg manometer and a cathetometer. All the rates are 
given in mm. of C 02 pressure (at 25° in the volume of the 
system, 506 ce.) per 6 hr. of irradiation. The rate of the 
thermal reaction w'as negligible in this study (compare runs 
3 and 4). The possibility that light absorption may have 
caused significant heating of the oxide during the photo­
chemical runs with an attendant increase in the thermal re­
action can be eliminated.

Electrical Measurements.— Voltage measurements were 
made on circular samples (about 0.03 in. in diameter) of Cu20  
on Cu. The Cu samples were cut from the bars of the com­
positions shown in Table I and oxidized on one side to a 
uniform thickness. Contact between electrodes and the 
CusO and Cu surfaces was established at constant pressure 
(40 lb ./in .2) with a hydraulic press. The Cu20  layer was 
connected to the positive, the Cu base to the negative pole, 
causing the current to flow across the Cu20-C u  boundary 
in the direction of low resistance. The voltage necessary 
to cause a current of 400 m a./in .2 was determined repeatedly 
with each sample, and the averages are recorded in Table I.
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(4) W. E. Barr and V. J. Auhorn, “ Scientific Glass Blowing:,” 
Instrument Publishing Company, Pittsburgh, Pa., 1949,
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NOTE ON THE PRODUCER GAS EQUILIB­
RIUM AND THE ENTROPY OF GRAPHITE

B y  John C hipman

D ep a rtm en t o f  M e ta llu r g y , M a ssa ch u se tts  In s t itu te  o f  T ech n o lo g y , 
C a m b ridge, M a ssa ch u se tts

R ec e iv e d  M a y  2 4 , 1 95 6

The producer gas reaction and its equilibrium 
constant

C 02(g) +  C(graphite) =  2CO(g); K  =  p W p c o ,

have been subject to a number of investigations 
since the classic study of Boudard.1 Of the di­
rect determinations of the equilibrium constant 
the ones which appear to have been done with 
greatest care are those of Rhead and Wheeler,2'3 
Jellinek and Diethelm,4 and Dent and Cobb.5 
These and certain indirect studies were reviewed 
by Chipman6 in 1932 to obtain an equation repre­
senting the average experimental results shown 
as line A in Fig. 1. The position of the line was 
determined in large measure by the 1911 results 
of Rhead and Wheeler, an unfortunate choice 
since there is reason to believe that their 1910 data 
are the more dependable. The experimental re­
sults in the range 800-1000° are plotted. Below 
800 the reaction is so slow that attainment of 
equilibrium is doubtful; above 1000 the concen­
tration of C02 is below the range of accurate 
analysis. Results of earlier studies including those 
of Boudard are omitted. They were reviewed by 
Jellinek and Diethelm and on the average agree with 
line A.

The first calculation of the equilibrium from 
spectroscopic data was made by Gordon7 from his 
own analysis of CO2, that Clayton and Giauque8 
for CO and the heat of combustion of graphite by 
Roth and Naeser.9 His results fell slightly above 
line B of Fig. 1 which represents the present best 
values for K  based upon revised spectroscopic 
calculations10'11 and the newer heat of combustion 
of graphite.12 Gordon called attention to the dis­
crepancy and suggested that it could be explained 
by a zero-point entropy of graphite of about 0.5 
e.u. The purpose of this study is to re-examine the 
data to determine whether a real discrepancy exists 
and whether the experiments actually indicate a 
finite zero-point entropy for graphite.

(1) O. Boudard, A n n .  ch im . p h y s .,  24, 1 (1901).
(2) T. F. E. Rhead and R. V. Wheeler, J . C h em . S o c .,  2178 (1910).
(3) T. F. E. Rhead and R. V. Wheeler, ib id .,  1140 (1911).
(4) K. Jellinek and A. Diethelm, Z . a n org . a llgem . C h em ., 124, 203 

(1922).
(5) F. J. Dent and J. W. Cobb, J . C h em . S o c .,  1903 (1929).
(6) J. Chipman, I n d . E n g . C h em ., 24, 1013 (1932).
(7) A. R. Gordon, J . C h em . P h y s . ,  1 , 308 (1933).
(8) J. O. Clayton and W. F. Giauque, J . A m . C h em . S o c .,  54, 2610 

(1932).
(9) W. A. Roth and W. Naeser, Z . E lek iro ch em .,  31, 461 (1925).
(10) Selected values of Chemical Thermodynamic Properties, U. S. 

Bureau of Standards, 1947-49.
(11) H. W. Wooley, J . R esea rch  N a tl. B u r . S ta n d a rd s ,  52, 289 (1954).
(12) E. J. Prosen, R. S. Jessup and F. D. Rossini, ib id .,  33, 447 

(1944).

Temp., °C.
1000 950 900 850 800

Fig. 1.— The equilibrium constant K  =  p2co/Pco2: line 
A, average of older direct determinations; line B, from 
calorimetric and spectroscopic data.

Direct Determinations.—-Principal sources of 
error include non-uniformity of temperature and 
inaccuracies in its measurement, and limitations in 
accuracy of gas analysis. Thermal diffusion if 
present would yield a tco-low value of K  but this 
is not an obvious source of error in any of the in­
vestigations. Deposition of carbon from the 
effluent gas sample would likewise lower K ;  but 
most of the investigators prevented this by rapid 
cooling. Incomplete graphitization of charcoal 
or coke leads to a higher value of K  as shown clearly 
by Dent and Cobb. They found however that 
after prolonged out-gassing at 900° these materials 
give the same equilibrium constant as graphite at 
800° and their K  at this temperature confirmed 
the 1911 value of Rhead and Wheeler.

In the 1910 series of Rhead and Wheeler the 
thermocouple was embedded in the carbon speci­
men whereas in the 1911 series it was outside the 
reaction vessel in contact with the furnace tube. 
They pointed out that in this second series the 
carbon surface may have been at lower temperature 
than measured; in the earlier series they thought 
it might have been a little higher. If the 1911 tem­
peratures were in error by 20° this would account 
for the deviation. The furnace used in this study 
was too short to provide a satisfactory zone of con­
stant temperature. The thermocouple measured 
the temperature at the hottest point and it seems 
altogether possible that parts of the reaction bulb 
were more than 20° lower in temperature. The 
1910 data contained no source of such large error 
and, with the exception of the lowest temperature, 
the agreement with the spectroscopic calculations 
is fair.

The data of Jellinek and Diethelm scatter about 
equally between the lines. Their lowest point at
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810, like that of Dent and Cobb at 800, would re­
quire correction by 20° to conform with line B. 
There is nothing in the description of either experi­
mental apparatus which would lead one to suspect 
so large an error.

Indirect Studies.—Becker13 measured the total 
pressure in a system containing SrO, SrC03 and 
graphite, and found the same result using graphi- 
tized cast iron and ceylon graphite. His calcu­
lation of the equilibrium constant depended upon 
an extrapolation of the carbonate dissociation pres­
sures obtained by Jones and Becker.14 The orig­
inal unsatisfactory extrapolation was improved 
upon by Chipman15 who obtained an equation 
applicable in the range 650-1100°. Becker’s re­
sults at 800-950° recalculated with the aid of this 
extrapolation are included in Fig. 1 where they 
lie between the two lines. It may be remarked 
that this method is free from some of the errors of 
others, including thermal diffusion and that it 
ought to find wider use in studies involving carbon 
and carbides.

The equilibrium of CO-C02 mixtures with 
solid solutions of carbon in iron has been studied 
by a number of investigators. Among the earlier 
investigations the highest precision has been at­
tained in the work of Becker mentioned above and 
in that of Dunwald and Wagner.16 Of the latter 
results, only the series at 940° extends to high 
enough carbon concentration to permit extra­
polation to graphite saturation. A plot of these 
data is shown in Fig. 2. Here the logarithm of 
the quotient p2co<7Fe/pco2?c in which gie/gc is the 
weight ratio of iron to carbon in the solution, is 
plotted against concentration. It is known from 
the work of Smith17 that the form of curve is a 
straight line. Linear extrapolation to 1.32% car-

(13 ) M . L . B e c k e r , J .  I r o n  S teel I n s t .,  1 2 1 ,  3 3 7  (193 0).
(14) E . O . Jo n es a n d  M. L. B e c k e r, J .  C h em . S o c .,  2669 (19 2 7).
(15 ) J . C h ip m a n , T ra n s . F a ra d a y  S o c .,  29 , 1266 (193 3 ).
(16) H . D u n w a ld  an d  C . W a g n e r, Z . a n org . a llg em . C h em ., 199, 321 

(1 9 3 1) .

(1 7 )  R. P. Smith, J . A m . C h em . S oc ., 68, 1 16 3  (194 6 ).

bon, the graphite solubility found by Gurry18 
leads to p ic o / p c 02 =  72 with an uncertainty of 
about ±5 . It is seen in Fig. 1 that this result 
agrees very well with line B.

Similar studies of Fe-C alloys by Smith have 
been carried up to concentrations approaching 
saturation and in these the error of extrapolation 
is negligible. Values thus obtained at 800 and at 
1000° were 7.28 and 137.2. In connection with 
these experiments Smith also carried out direct 
determinations. He suspended pieces of graphite 
in the gas mixture and determined the rate of loss 
or gain in weight. The point of zero weight gain 
established values of K  at 80Q and 1000° of 7.33 
and 138.6. The direct and indirect results agree 
so closely that the}'' are not distinguished in Fig. 1. 
These are the most accurate of all the experimental 
points; they reduce the discrepancy between ex­
perimental and calculated results to about one- 
fifth of its former magnitude.

Conclusions.—-The principal data which led to 
line A suffered from ununiformity of temperature 
and errors in its measurement. The more reliable 
data are slightly below line B which is based upon 
calorimetric and spectroscopic data. The remain­
ing discrepancies may be ascribed to minor errors 
of calorimetry or equilibrium measurements. Until 
the latter have been further improved in precision, 
it is unnecessary to postulate a zero-point entropy 
of graphite and the best values for the producer 
gas equilibrium are those represented in the Bureau 
of Standards tabulations.

(18) R . W . G u rry , T ra n s. A m . I n s t .  M in in g  M e t .  E n g r s .,  150 , 14 7  
(194 2).

THE ELECTRODE POTENTIAL OF THE 
0 s0 2-0 s 0 4 COUPLE1

By G. H. C a r t l e d g e

C o n tr ib u tio n  fr o m  the C h em is try  D iv is io n , O ak R id g e  N a tio n a l L a b o ra ­
tory , O ak R id g e , T en n ess e e

R ece iv ed  M a y  2 5 , 1 95 6

In connection with a study of the passivation 
of iron by osmium (VIII) oxide2 it was observed 
that the metal is quickly raised to a remarkably 
stable noble potential. The passivation was so 
effective that it appeared likely that the metal was 
functioning essentially as an indicator electrode 
for an oxidation-reduction couple between the 
osmium(VIII) oxide and its reduction product on 
the iron. So far as could be found, there is no value 
in the literature for the normal potential of the 
couple Os02(c) +  2H20  Os04 (aq) +  4H+ +  
4e- . Latimer3 has estimated the free energy of 
formation of osmium dioxide as —50 keal. mole-1, 
the estimate having been made from data on the 
disproportionation of the dioxide into metal and 
tetroxide. This leads to a calculated electrode po­
tential of about —1.0 v. for the couple indicated 
above. The potential observed with the iron elec­
trode was so close to the value calculated from this

(1) T h is  w o rk  w a s  p erfo rm ed  fo r th e  U . S . A to m ic  E n e r g y  C o m m is ­
sio n  u n d e r  c o n tr a c t  w ith  th e  U n io n  C a rb id e  N u c le a r  C o m p a n y .

(2) T h e  re su lts  o f th is  s tu d y  w ill b e  p resen ted  in  a  fo rth c o m in g  
pap er.

(3) W . M . L a tim e r , “ O x id a tio n  P o te n t ia ls ,”  P re n t ic e -H a ll, In c ., 
S eco n d  E d ., N e w  Y o r k , N . Y . ,  195 2 , p . 232.
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normal potential for the conditions of the experi­
ment as to indicate that it should be possible to 
measure the electrode potential accurately.

In agreement with Moraht and Wischin,4 it was 
found easy to deposit some form of osmium dioxide 
electrolytically from an alkaline solution of osmium- 
(VIII) oxide. Electrodes were prepared by coat­
ing platinum gauze, foil and wire in a solution of 
osmium(VIII) oxide at a pH of 9.6, with a mini­
mum current density of 4 ma. per sq. cm. on the 
wire and foil, until a blue-black or black film was 
present. Certain electrodes were prepared in an 
acid medium, but more uniform deposits were ob­
tained from the alkaline solution. The electrodes 
came to steady potentials within one hour, as a 
rule, but most of the data were derived from elec­
trodes that had been aged in the osmium solution 
for several hours or overnight. Only freshly pre­
pared solutions were used for the measurements 
themselves.

The osmium solution was prepared by dissolving crystal­
line osmium(VIII) oxide in distilled water to make a stock 
solution containing 1 g. per 100 ml. (0 .03 9 /). This stock 
solution was then diluted to concentrations as low as 5 X 
10~3 / .  To give the solution adequate conductivity, a 
supporting electrolyte was used. In different series of 
experiments this was either 1 or 2 X  10 ~3/  potassium sul­
fate, 10~2/potassium chloride, 5 X  10-2/phthalate or 10~2f  
phosphate buffer. In certain experiments the osmium di­
oxide electrode was contained in a cell with a bridge leading 
through a closed stopcock to a beaker containing the sup­
porting electrolyte only; a calibrated saturated calomel 
electrode dipped into this beaker. In other cases both the 
electrodes dipped into the osmium solution. The same 
results were obtained from both types of cell. The electro­
motive force was measured by a vibrating-reed electrometer 
and Brown recorder at laboratory temperature of 24.5°.

The first measurements were made in a potassium sulfate 
solution such as had been used in the experiments with iron 
electrodes. The acidity of the solution was adjusted by 
addition of sulfuric acid or sodium hydroxide to give pH 
values ranging from 0.5 to 9.65. When the observed e.m .f.’s 
were plotted against pH, it was observed that a slope of 
0.059 was obtained in the pH range of 3.5 to 6.5. When the 
pH value fell below 3.5, the electrodes continued to respond 
rapidly and fairly reproducibly to changes in acidity, but the 
slope of the curve dropped considerably below the value 
corresponding to the electrode reaction as written. When 
the pH exceeded 6.5, a complicating reaction set in, in­
volving dissolution of the dioxide with formation of osmium 
(VI) compounds. It was quite evident that over the inter­
mediate range of acidities the slope corresponded to the 
value appropriate to the electrode reaction given above. 
The quick response of the potentials to changes in acidity 
made it apparent that the system reacts reproducibly and 
reversibly under these conditions.

The measurements in chloride and phthalate solutions 
gave electromotive forces that were a few millivolts less 
than those in the sulfate solutions. In these solutions there 
was a slight reduction of the osmium(VIII) oxide, which 
was manifested by a very small loose precipitate of osmium 
dioxide and a slight rise in the pH value. The freshly 
precipitated dioxide apparently increased the activity of the 
reduced component at the electrode sufficiently to lower the 
e.m.f. The effect was more noticeable at the higher acidi­
ties. From the plotted results it appeared that the chlo­
ride measurements would agree with those obtained in sul­
fate solutions if the pH value could be raised to 7. An 
experiment in a phosphate buffer at pH 7.08 showed, how­
ever, that the complicating reaction was already in ef­
fect at this acidity. The phosphate data agreed closely 
with the sulfate results in two experiments at pH ’s of 5.51 
and 6.26. For these reasons, only the sulfate and phosphate 
data are used in the calculations.

The calculation of an E° value was based upon the as­
sumption of an activity coefficient of unity for the neutral

osmium(VIII) oxide. The acidities were measured by a 
Beckman Model G pH meter. The measuring instru­
ments were calibrated against a Rubicon Precision Poten­
tiometer. The electrolyte was stirred gently during the 
measurements. Table I gives the data obtained in sulfate 
and phosphate systems in the intermediate range of acidi­
ties and the E° values calculated therefrom. The calcula­
tion to the hydrogen standard was based upon the value 
— 0.242 v. for the saturated calomel electrode, including 
any liquid-junction potential.5

T able I
E le c tro d e  P o t e n t ia l , 0 s0 2- 0 s0 4( a q .), 24 .5°

caled., v.[OsOi (aq.)],/ pH E.m.f.,a volt E°,
0.039 4.03 +0 .459 - 0 .961

.039 4.70 + .422 — .963

.039 4.77 + .421 — .965

.039 4.92 +  ..413 — .967

.039 6.30 “f* ■.327 — .963

.039 6.38 +  .322 — .965

.039 6.50 + .315 — ,.963

.010 4.38 +  .431 — . 9G3

.005 3.59 +  .4V3 — ..964

.005 4.04 +  .454 — ..969

.005 4.66 +  .421 — ,.966

.0106 5.51 +  .368 — ..966

.OIO6 6.26 +  .321 -  ,.963
Av. —0.964 ±  0.002 volt

“ The e.m.f. has the sign of ".he osmium electrode. b Phos­
phate system; all others in sulfate solutions.

An attempt was made to identify the form of the osmium 
dioxide deposit by the electron diffraction of stripped films .6 
According to the literature,7 the black, precipitated oxide 
exists as a dihydrate. This should perhaps be wrritten as 
Os(OH)4, since, according to Latimer,8 entropies for such 
compounds may be estimated better if they are treated as 
metal hydroxides, rather than as oxide hydrates. When 
films of varying thickness were deposited electrolytically on 
platinum foil and stripped, only broad lines characteristic 
of amorphous material could be detected by electron dif­
fraction. It will be assumed for calculation, therefore, 
that the free energy value directly measured refers to 
Os(OH)4 (ppt) and presumably amorphous.

An anhydrous, brown form of osmium dioxide may be 
obtained by fusion of the hexachloroosmium(VI) complex 
with sodium carbonate.7 An attempt was therefore made 
to determine whether the electromotive force could be 
measured in a cell in which solid dioxide was merely sus­
pended in an osmium(VIII) oxide solution in a supporting 
electrolyte. The cell had a platinum wire sealed through 
the bottom of a tube of such size that a Beckman saturated 
calomel electrode neatly closed the open end. The cell was 
then filled with the suspension. When the black, precipi­
tated form of dioxide was used in a 0.02 /  phosphate buffer 
at pH 6.04, the cell attained a steady potential in less than 
30 min., the calomel half-cell having been removed once to 
permit agitation of the solution. The calculated E° values 
for two such experiments were —0.965 and —0.961 v., in 
close agreement with the value derived from Table I.

Since this type of half-cell was thus shown to be feasible, 
an attempt was made to use the anhydrous oxide in it. 
For its preparation, some of the precipitated dihydrate was 
placed in a porcelain crucible with a mixture of sodium 
carbonate and sodium chloride (to inhibit escape of osmium 
(VIII) oxide). The mixture was heated to fusion and held 
there for about 10 minutes. When the mass was extracted 
with boiling water the brown osmium dioxide remained. 
This was thoroughly washed, finally with dilute sulfuric 
acid, and then suspended in a sulfate solution of osmium 
(VIII) oxide. It was found, however, that in spite of the

(5) W. M. Latimer, ref. 3, p. 177.
(6) The author is indebted to Mr. T. E. Wilmarth of the Analytical 

Chemistry Division of this Laboratory for making the examination.
(7) Gmelin’s “Handbuch der unorganischen Chemie,“ Verlag 

Chemie, Berlin, 1939, System-Number 66, pp. 26 ff.
(8) W. M. Latimer, ref. 3, p. 364.(4) H. Moraht and C. Wischin, Z. anorg. Chem., 3, 153 (1893).
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washing alkali was still being leached from the oxide to 
such an extent that reliable measurements could not be 
made.

The oxide was therefore suspended in a 0.02 /  phosphate 
buffer at a pH of about 6 and magnetically stirred in a closed 
flask for an hour. After repeated centrifugal washing the 
solid was suspended in 0.010/ osmium(VIII) oxide in 0.02 /  
phosphate buffer and returned to the cell. Although alkali 
was still being released slowly, the e.m.f. was much more 
stable than before and the apparent E °  value was not very 
different from that measured with the black oxide. The 
oxide was then left for 40 hours in the buffered solution 
after which it was still brown. It was again centrifuged 
and washed and returned to the cell in fresh phosphate- 
osmium(VIII) solution, with a glass-encased magnet for con­
tinuous stirring. The pH value now remained essentially 
constant, but the electrode approached equilibrium much 
less rapidly than it did when the more reactive precipitated 
oxide was used. An apparently stable potential at pH 
6.06 indicated an E °  value of —6.952 v., but when the pH 
value was lowered the electrode responded sluggishly and 
after 1.8 hours indicated an E °  value of only —0.921 v. 
It is therefore evident that the brown oxide is too impure and 
unreactive to give accurate results. It appears, however, 
that the two couples do not differ very much in their poten­
tials.

While it would have been preferable to exclude 
oxygen from tl e cells, this would have been diffi­
cult because of the volatility of the tetroxide. By 
passing a stream of purified nitrogen through the 
bridged cell for ten minutes it was demonstrated 
that the presence of air appeared not to affect the 
measurements appreciably. The e.m.f. did not 
change by as much as 1 mv., whereas in similar 
measurements with technetium dioxide9 the e.m.f. 
shifted quickly when air and nitrogen were inter­
changed in the cell. It is apparent that the estab­
lishment of die equilibrium between the two 
osmium oxides is sufficiently rapid to render the 
oxygen effect negligible.

On the assumption that the normal potential ob­
tained in Table I is the true thermodynamic 
value, the free energy of formation of the black 
hydrated osmium(IV) oxide may be calculated. 
For this purpose, the free energy of formation of 
Os04(aq) was taken from Latimer3 to be —68.59 
kcal. mole-1. This leads to a value of —157.5 
kcal. mole-1 for AFf° for the formation of Os(OH)4 
(ppt). If the method of Latimer10 for estimating 
the entropy of solid compounds is followed, the 
entropy of the black hydroxide is found to be ca. 
25 e.u. This value, with the AFf° calculated above, 
gives AH {° .= —200 kcal. mole-1.

It is not possible to give an accurate set of 
thermodynamic values for the brown oxide from the 
present measurements. If it is assumed that the cor­
rect E ° value for the half-cell Os02(c) +  2H20(1) 
0s04(aq) +  4H+ +  4e-  is —0.952 v., as derived 
from the apparently stable e.m.f. at a pH of 6.06, 
then the AFf° of 0s02(c) is —43.0 kcal. mole-1 and 
the estimated A //f° is —54.9 kcal. mole-1. These 
values would correspond to a AH ° of hydration of 
the brown oxide by liquid water of —8.9 kcal. 
mole-1, due chiefly to the change in entropy.

According to the free-energy values obtained, the 
dioxides are stable at room temperature with re­
spect to the disproportionation into metal and 
tetroxide, but the A H 0 for the process is also posi-

(9) G . H. C a rtle d g e  and Wm. T. S m ith , Jr., T his Journal, 59, 1111 
(1955).

(10) W . A I. L a tim e r , ref. 3. pp. 359 ff.

tive, so that at some elevated temperature the 
observed reaction is to be expected.

ACIDS AND BASES. X. CONDUCTANCES 
OF ANTIMONY TRIBROMIDE AND STAN­
NOUS CHLORIDE IN DIMETHYLFORM- 
AMIDE ON ADDITION OF PIPERIDINE1

By W. F. L u d e r  an d  L e o n ard  S. H am ilto n

C o n tr ib u tio n  f r o m  the D ep a r tm en t o f  C h em is try , N o rth ea s te rn  U n iv er s ity , 
B o s to n , M a ss .

R eceived  M a y  2 5 , 1 9 5 6

In the preceding paper of this series3 conductance 
curves for the behavior of several bases and non­
hydrogen acids in thionyl chloride were inter­
preted according to the electronic theory of acids 
and bases.3 Thionyl chloride is a rather strong 
acid.4 Therefore, it seemed desirable to conduct 
a similar investigation in a more basic solvent such 
as dimethylformamide. But with dimethylform- 
amide several difficulties were encountered that 
have not been met with by other workers using 
other solvents, and this solvent has been aban­
doned. However, some of the results throw light 
on the electronic theory of acids and bases, and are 
reported here.

These results indicate that antimony tribromide 
and stannous chloride in dimethylformamide act 
as secondary acids toward piperidine.

Experimental
Materials.— C.p . antimony tribromide and stannous 

chloride were dried several days over phosphorus pentoxide 
in a vacuum desiccator. Piperidine was dried over calcium 
hydride, and fractionally distilled just prior to use. Di­
methylformamide was dried over potassium hydroxide and 
calcium oxide, decanted and fractionated; its specific con­
ductance was negligible (between 1 X 10-7 and 3 X  10-7 
mho) compared with the rather high conductance of the 
solutions.

Apparatus.—The apparatus employed in the conductance 
measurements was similar to that described in the preceding 
paper.2 The cell constant was 2.513. An oil thermostat 
maintained the temperature at 25 ±  0.01°.

The experiments with indicators were carried out in a 
three-neck 250-ml. flask containing a magnetic stirrer, and 
connected to a source of dry nitrogen so that carbon dioxide 
and moisture were kept out of contact with the solvent and 
reactants.

Procedure.— Conductance measurements were made as 
described in the preceding paper,2 except that weighing 
tubes instead of fragile bulbs were used for the acids.

The indicator experiments were carried out in the appa­
ratus mentioned above by adding a few drops of a saturated 
solution of the appropriate indicator (Table I) in dimethyl­
formamide to the acid solution, then slowly adding the basic 
solution until the basic color of the indicator was observed.

To check the weight measurements the piperidine solu­
tions were standardized with maleic acid, which was much 
more satisfactory than the benzoic acid first tried. With 
neutral red as the indicator maleic acid has one equivalent 
per mole in dimethylformamide, as in water.6

Results
Although many more check measurements were

(1)  A b s tr a c te d  fro m  a th esis su b m itte d  b y  L eo n a rd  S . H a m ilto n  
to  th e  fa c u lt y  o f N o rth e a ste rn  U n iv e r s ity  in  p a rt ia l fu lfillm e n t o f th e  
req u irem en ts  fo r  th e  M .S . d egree, J u n e , 1954.

(2) L . E . D . P ease, Jr., an d  W . F . L u d er, J . A m . C h em . S o c .,  75, 
519 5  (195 3 ).

(3) W . F . L u d e r  an d  S. Z u ffa n ti, “ T h e  E le c tro n ic  T h e o r y  of A cid s  
and B a s e s ,”  Joh n  W ile y  an d  Sons, In c ., N e w  Y o r k , N . Y . ,  1946.

(4) R . A . H u b b a rd , J r ., an d  W . F . L u d er, i b id . , 73, 13 2 7  (1 9 5 1 ) .
(5) H . M . E . ( 'a r d w e ll , J. D . D u n itz  an d  L . E . O rg e l, J . Chem . S oc ., 

3740 (195 3 ).
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made, typical results from the conductance runs 
are shown in Fig. 1, and from the indicator experi­
ments in Table I.

In the upper curve of Fig. 1, the conductance 
rises rapidly as the base piper;dine is added to the 
acid antimony tribromide, until a maximum is 
reached near a ratio of three moles of base to one 
of acid. However, because a white precipitate was 
observed just before this maximum was reached, 
its significance was doubtful. Also, runs at 
higher concentrations exhibited a shift of the max­
imum to the left. Therefore, the addition of base 
to acid was tried using several indicators. With 
neutral red (the one that gave the sharpest end­
point) the color changed at a three-to-one ratio 
(Table I). The presence of the precipitate did 
not interfere with the color-change.

T a b l e  I

R e a c t io n s  o f  A n t im o n y  T r ib r o m id e  an d  Stan n o u s  
C h lo r id e  w it h  P ip e r id in e  in  th e  P r e se n c e  of I ndicator s

Voi. A, Voi. B, Moles B
Acid, A, Base, B ml. ml. Moles A

0.2919 MSbBi-a 0.0999 M 20.57 20.00 3.005
(neutral red) CiHnN 20.55 20.00 3.002

20.60 20.00 3.009
0.02662 M  SnCl2 0.05340 M 42.66 21.10 1.007

(brom cresol c 6h „ n 43.30 21.60 1.004
green) 44.72 22.45 0.993

The rapid rise in conductance, and the three-to- 
one ratio, may be interpreted, by means of the fol­
lowing equation, as the displacement of one base 
by another ,

SbBr3 +  3CSHUN — Sb(C6H11N)s+8 +  3 B I-1 (1) 
acidi base» acid2 basei

The conductance rises rapidly because of the pro­
duction of ions as shown in the equation; it begins 
to fall when the solubility limit is reached and the 
further addition of piperidine decreases the solu­
bility of the product. The indicator changes from 
its acid color to its basic color at the three-to-one 
ratio because piperidine is no longer being used up 
in the reaction.

The interpretation of the lower curve of Fig. 1 
is similar to that of the upper one, except that a 
white precipitate forms sooner.3 Again, therefore, 
the addition of base to acid was carried out in the 
presence of several indicators. With brom cresol 
green the color changed at a one-to-one ratio of 
acid to base (Table I).

The rapid rise in conductance, and the one-to- 
one ratio, may be interpreted, by means of the fol­
lowing equation, as the displacement of one base 
by another

(6) To find out whether all the precautions to exclude water and 
carbon dioxide were necessary, several conductance runs were made 
as follows. Using dried and purified materials, but without the other 
precautions, such as filling the cell with pure nitrogen, both curves 
run at the same concentrations as those of Fig. 1 gave slightly lower 
values of conductance. However, the shapes of the curves were the 
same, and precipitates were still obtained. Somewhat surprised that 
the conductances were lower, we repeated the runs using solvent 
directly from the bottle, without purification. In these runs the 
conductances were much lower (less than 60% of the highest values at 
the same concentrations), the shapes of the curves were entirely dif­
ferent, and no precipitates were formed. Thus the importance of the 
precautions was established.

Moles C6HhN /moles SbBr3.
1.0 2.0 3.0 4.0 5.0 6.0

Moles CsHuN/moles SnCl2.
Fig. 1.— Upper curve (scales at top and left): conductance 

of 0.01221 M  antimony tribromide in dimethylformamide 
upon addition of 0.4461 M  piperidine; lower curve (scales 
at bottom and right): conductance of 0.01218 M  stannous 
chloride in dimethylformamide upon addition of 0.1914 M  
piperidine.

SnCl2 +  C6HuN — >- SnCl(C5HuN )+l +  C l“ 1 (2) 
acidi base2 acid2 basei

Because no theoretical reason exists for supposing 
that the displacement of chloride ion by piperidine 
should stop at a one-to-one ratio, the fact that it 
seems to do so in this experiment may indicate 
that stannous chloride is a weaker acid than anti­
mony tribromide.

According to the accepted electronic formulas of 
antimony tribromide and stannous chloride

Br— Sb—Br and Cl— Sn— Cl 

Br
one would expect neither to show much tendency 
to act as a primary acid. However, according to 
the evidence here presented as summarized in 
equations 1 and 2 both can act as secondary acids3 
toward piperidine.

The displacement of halide ion by piperidine in 
these reactions is analogous to a Bronsted reaction, 
as represented by eq. 3, in which hydrogen chloride 
acts as a secondary acid.

HC1 +  C5H „N  — C5H „N H +1 +  C l“'1 (3)
acidi base2 acid2 basei

ESTIMATE OF THE SIZE AND SHAPE OF 
THE 0 ; -  ION

B y  P .  S m i t h

Chemistry Department, Purdue University, Lafayette, Indiana 
Received June 11, 1956

The recent discovery1’2 of the salts of the hypo-
(1) G. P. Nikol’skii, L. I. Kazarnovskaya, Z. A. Bagdasar’yan and

I. A. KazarnovskiY, Doklady Akad. Nauk S.S.S.R., 72, 713 (1950).
(2) I. A. Kazarnovskii, G. P. Nikol’skii and T. A. Abletsova ibid., 

64, 69 (1949); G. P. Nikol’skii, Z. A. Bagdasar’yan and I. A. Kazar­
novskii, ibid., 77, 69 (1951); T. P. Whaley and J. Kleinberg, J, Am. 
Chem. Soc., 73, 79 (1951).



1472 N otes Yo]. 60

thetical H 03 free radical has interesting implica­
tions. Firstly, it supports the idea that the parent 
H 03 radical may exist. Secondly, it provides a 
source of structural information on a 19-valence 
electron molecule, the 0 3~ ion.

The likelihood that the H 03 radical and related 
species may occur as intermediates in several 
chemical processes has received little attention so 
far.3 Reactions involved in the breakdown of 
aqueous hydrogen peroxide are possible examples. 
These are frequently not fully understood so far in 
terms of more conventional intermediates. For ex­
ample, the recent, unconfirmed claim4 for the par­
ticipation of HOOOOH in the photolysis of aqueous 
hydrogen peroxide typifies our ignorance of this 
superficially simple reaction. It is worth noting 
that the apparent production5 of the NH2NHNH- 
NH2 reaction intermediate during the decomposi­
tion of hydrazine seems to support this claim.

Apart from the case of C102, data on the size and 
shape of 19-valence electron molecules are seem­
ingly lacking. X-Ray powder photographic ex­
amination of solid potassium ozonide, 92.3% K 03, 
was first claimed to prove that the 0 3-  ion is linear 
and the K 03 lattice arrangement is essentially the 
same as that of KN3. This led to calculated values 
for the lattice energy of solid K 03 and the electron 
affinity of ozone. The detailed X-ray data have 
now been published.6 They seem somewhat ques­
tionable because of the admitted impurity of the 
potassium ozonide specimen. In order to explain 
one of the revealed discrepancies between the pat­
terns of K 03 and KN3 it was suggested that the 0 3-  
ion may be bent, unlike the N3~ ion7 which is 
linear. With the help of recent structural data it 
is possible to estimate the size and shape of the 
0 3~ ion in agreement with this idea.

Consideration of the monotonous sequence of 
molecules N 02+, N 02, N 02~ and N 02“ suggests,8 
by extrapolation, that the hypothetical ion N 02"  
is symmetrical and bent, 9 (<  O-N-O) =  108 ±  
4° and r (N-O) =  1.30 ±  0.05 A., in agreement 
with expectation.9 The structure of 0 3 is now se­
curely established,10 9 =  116.8 ±  0.5° and r =  
1.278 ±  0.002 A., not surprisingly close to that of

(3) W. C. Bray, J . A m . Chem . S o c .,  60, 82 (1938); P. Smith, C h em - 
i s t r y  an d  I n d u s tr y ,  1299 (1954); W. C. Schumb, C. N. Satterfield 
and R. L. Wentworth, “ Hydrogen Peroxide,”  Reinhold Publ. Corp., 
New York, N. Y., 1955, Chapter 6.

(4) A. P. Purmal, Z h u r . F iz .  K h im .,  29, 744, 846 (1955).
(5) W. C. E. Higginson and D. Sutton, J . C h em . S o c .,  1402 (1955); 

F. O. Rice and F. Scherber, J .  A m . C h em . S o c .,  77, 291 (1955).
(6) G. S. Zhdanov and Z. V. Zvonkova, Z h u r . F iz .  K h im .,  25, 100 

(1951).
(7) S. B. Hendricks and L. Pauling, J . A m . C h em . S o c .,  47, 2904 

(1925); L. K. Frevel, ib id .,  58, 779 (1936); Z. IC rist., 94A, 197 (1936).
(8) P. Gray and A. D. Yoffe, Q u a rt. R ev ., 9, 362 (1955).
(9) A. D. Walsh, “ Progress in Stereochemistry,”  Vol. X, Butter- 

worths Scientific Publications, London, 1954, p. 1.
(10) R . H. Hughes, J .  C h em . P h y s . ,  24, 131 (1956).

N 02~ which, although less well known, prob­
ably has 9 =  115 ±  4° and r =  1.24 ±  0.03 A.11’12 
By extrapolation similar to that above it may be 
deduced that for 0 3- , 9 =  110 ±  5° and r =  1.34 ±  
0.05 A.

For the above extrapolation the following data 
were used: N 02+, 9 =  180.0°, r =  1.154 ±  0.01 
A.13; N 02, 9 =  134.07 ±  0.25°, r =  1.188 ±  0.004 
A.14; N 02- ,  9 =  115.7 ±  3°, r =  1.233 ±  0.04 
A.11 and 9 =  114.2 ±  4°, r =  1.247 ±  0.035 A.12 
One recent value for N 02+, r — 1.06 A., was not 
used because it is derived from uncertain data.16 
Plots of physical property against number of va­
lence electrons were employed.

The above result may be compared against the 
recent, carefully redetermined 6 value for C10216 
of 116.5 ±  2.5°. This figure has been criticized 
as being a few degrees too high.9 However, it does 
seem to fit into the admittedly uncertain trend of 6 
change in the sequence N 02= and 0 3-  extrapolated 
to include the hypothetical F02, and the 6 increase 
in the sequence 0 3 to S029 assumed to hold for F02 
and C102.

The 6 value estimate for 0 3~ suggests that K 03 
may not have the tetragonal potassium bifluoride 
lattice of KN3.7 This view is supported by com­
paring the powder photograph of monoclinic 
K N 0217 with that of K 03. There is a correspond­
ence between most of the comparable spacings, 
those of K 03 being fairly uniformly about 5-10%  
bigger than those of K N 02. This might be ex­
pected because the 0 3-  ion is slightly larger than 
the N 02~ ion. In view of the impurities in the 
K 03 specimen and the possible inaccuracies in the 
data for K N 02, which are rather old. detailed con­
clusions are hardly worth attempting at present.

The possibility that K 03 has the pseudo-NaCl 
type lattice of K N 02 and not the pseudo-CsCl 
type lattice of KN3 suggests that the electron 
affinity of ozone may not be 66.5 kcal. mole-1 as 
claimed.1’18 Of course, it is doubtful whether the 
crystal energy calculations involved in this esti­
mate, relating as they do to a structure made 
up of polyatomic ions,19 merit calling attention to 
this uncertainty.

The help of Dr. Katerina I. Z. Singleton and 
Mr. R. W. Kiser in translating Russian is grate­
fully acknowledged.

(11) G. B . Carpenter, A c ta  C ry s t .,  5 , 132 (1952).
(12) M. R. Truter, ib id .,  7 ,  73 (1954).
(13) E. Grison, K. Eriks and J. L. de Vries, ib id .,  3, 290 (1950).
(14) G. E. Moore, J . O p t. S oc. A m e r .,  43, 1045 (1953).
(15) K. Eriks and C. H. MacGillavry, A c ta  C r y s t .,  7 , 430 (1954).
(16) J. D. Dunitz and K. Hedberg, J . A m . C h em . S o c .,  72, 3108

(1950).
(17) G. E. Ziegler, Z . K r is t . ,  94A, 491 (1936); I. D. Hanawalt, H. 

W . Rinn and L. K. Frevel, In d . E n g . C hem ., A n a l. E d .,  10, 457 (1938).
(18) H. O. Pritchard, C h em . R evs ., 9, 362 (1953).
(19) D. H. Templeton, J . C h em . P h y s . ,  23 , 1826 (1955).
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