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Thermodynamic Constants and the Degree of Dissociation of Bromine Chloride in
Carbon Tetrachloride Solution

By ALEXANDER I. Porov AND JaMES J. MANNION?

The absorption spectra of bromine, chlorine and bromine chloride solutions in carbon tetrachloride were measured with a
Beckman DU spectrophotometer. The dissociation of bromine chloride at 25° was found to be 43.2 & 19, The equi-
librium constant for the reaction 2BrCl & Br; 4 Cl, in carbon tetrachloride was calculated to be 0.145 & 0.006. Approxi-
mnately the same values were obtained at 15°and at 10°. The true absorption curve of bromine chloride is given as well as
its molar absorbancy index at the maximum. New values for AH%gs. AF%psand AS% are given for the formation of bromine

chloride.

Introduction

The existence of bromine chloride int bromine and
chlorine mixtures was first clearly proven by Gillam
and Morton.> Spectrophotometric study of the
bromine—chlorine mixtures in carbon tetrachloride
showed that the mixture absorption curve was quite
different from the summation of bromine and chlo-
rine absorption curves. The authors stated that
the compound was probably highly dissociated,
but gave no numerical values.

The only previous attempt to determine the de-
gree of dissociation of bromine chloride in carbon
tetrachloride solution was made by Barratt and
Stein.®? The work was based on the absorption
curves obtained with a Hilger photographic spec-
trophotometer. They teported a dissociation con-
stant of 0.28. However, as it was pointed out by
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indicated that the dissociation constant was not
above 0.18.

Blair and Yost,® in 1933, studied the thermody-
namic properties of iodine chloride, iodine bromide
and bromine chloride. In their calculation of the
thermodynamic constants of bromine chloride, they
took the Barratt and Stein value for the degree of
dissociation of bromine chloride which led to inaccu-
rate values of derived thermodynamic constants.

Many investigators®-* have determined the dis-
sociation of bromine chloride in vapor phase, by
various methods. The values obtained for X vary
between 0.10 and 0.14 at room temperature.

Experimental

Carbon tetrachloride and bromine used in this investiga-
tion were carefully purified by the usual methods. Chlorine
was obtained from commercial cylinders and was dehy-
drated by passing it through sulfuric acid.
Stock solutions were prepared by addi-
tion of the halogens to carbon tetra-
chloride. The concentration was then
determined by iodometric titration and
the solutions were diluted to the desired
concentration. Both chlorine and bro-
mine solutions were found to be stable
in carbon tetrachloride for a period of
several days provided that the solvent was
free from traces of moisture and that the
halogen concentration did not exceed 0.01
M. However, to avoid any possible
source of error, fresh solutions were pre-
pared for each set of experiments.

.Since the establishment of equilibrium
in bromine~chlorine solutions is facilitated
by ultraviolet light,* the solutions were
irradiated by a mercury lamp for five
minutes before the absorption measure-
ments were made.
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Fig. 1.—Absorption of bromine, chlorine and bromine chloride in carbon
tetrachloride solution: curve 1, chlorine 5 X 10—% M, curve 2, bromine 5 X
10—8 M, curve 3, bromine chloride 1 X 10-2 M; curve 4, addition of chlorine

and bromine curves.

Vesper and Rollefson,* Barratt and Stein made a
wrong assumption that bromine chloride does not
absorb at the wave lengths at which they measured
the absorption and their results were erroneous.
Recalculation of their data by Vesper and Rollefson
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1 A Beckman DU model spectrophotom-
eter was used for absorption measure-
ments. It was equipped with thermo-
spacers which allowed temperature control
to +=0.1°. Most of the measurements
were made at 25°. An attempt was made
to determine dissociation constant also at
15° and at 10°. Corex-stoppered cells of
path length 1,000 == 0.001 cm. were used.
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Results and Discussion

Prelimninary measurements showed good agree-
ment with the results of Gillam and Morton,? with
the exception that the molar absorbancy index!® of
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TABLE I
ABSORBANCY VALUES FOR CHLORINE, BROMINE AND BROMINE CHLORIDE
A, mp Solution, M As Solution, M As Solution, M As As(BrCl) aBrCl
BrCl, 4.9 X 107
-3 , -3
332 Br(Cl, 4.9 X 10 0.181 { Bry, 9.8 X 10-3 f 0.190 Brz, 9.8 X 10 0.029 0.161 32.85
BrCl, 4.9 X 107 -
. -3 ) -
332 BrCl, 4.9 X 10 181 { Bry, 1.95 X 10~ } .208 Brg, 1.95 X 10 .058 .158 30.6
BrCl, 4.9 X 103
-z , -2
332 BrCl, 49 X 10 181 { Br, 3.98 X 10~ } .251 Bry, 3.98 X 10 .119 132 26.94
BrCl, 5.0 X 103 -
-3 , -
332 BrCl, 5.0 X 10 .189 { Brs, 504 X 10— } .286 Br, 5.04 X 10 . 151 135 26.78
440 BrCl, 5.01 X 10-3 .310 s .250 Cl,, 1 X 102 .019 .231 46.10
450 Br(Cl, 501 X 10—3 .275 ]é;Cll, 5>'<0110>f,10 .212 Cl,, 1 X 1072 .015 .197 39.32
460 BrCl, 5.01 X 10-3 .245 > .185 Cl,, 1 X 1072 .011 174 34.73
-3 -2 2 .
440 BrCl, 5.01 X 10_ .310 BrCl, 501 X 10-2 .265 Cl, 2 X 10_ .038 .227 45.39
450 BrCl, 5.01 X 103 .275 Cl,. 2 X 10-2 .223 Cl, 2 X 1072 .030 .193 38.52
460 BrC], 5.01 X 103 .245 b .187 Cl;, 2 X 1072 .022 .165 32.93
-8 -2
440 BrCl, 501 X 10_ .310 BrCl, 5.01 X 107 .270 Cly, 4 X 10_ .076 . 194 38.72
450 Br(Cl, 5.01 X 10—# 275 Cl,. 4 X 10-2 .228 Cl;, 4 X 1072 .060 . 168 33.53
460 BrCl, 501 X 103 .245 B .183 Cl;, 4 X 1072 .044 .139 27.74
440 BrC], 5.01 X 10~ .310 s .288 Cl, 5 X 1072 .095 194 38.52
450  BeClL50IX 10 275 ornodi 242 Cly 5 X 102 075 167 33.33
460 BrCl, 5.01 X 103 .245 B .190 Cly, 5 X 1072 .055 .135 26.94

the bromine chloride peak was found to be 102
instead of 97 as claimed by the above authors.

In order to determine the molar absorbancy
indices for pure bromine chloride, excess amounts
of one or the other halogen had to be added to
the bromine chloride solution in order to repress
the dissociation. The wave lengths at which
measurements were made were so chosen that the
excess of a halogen would not mask the absorp-
tion due to bromine chloride. As seen from Fig.
1, the optimum wave length to use with an ex-
cess of bromine is 332 mu where the absorption
of this halogen is very small but still can be meas-
ured accurately. Also, at this wave length the
ratio of bromine absorption to bromine chloride
absorption is at a minimum. Likewise, opti-
mum wave lengths for excess chlorine lie in the
region 440-460 m.

Varying amounts of excess halogen were added
to the bromine chloride solutions and the ab-
sorbancy of the mixture was measured. Assum-
ing complete suppression of dissociation, the ab-
sorbancy obtained was the sum of the absorb-
ancies of the bromine chloride and the excess
halogen
1

A, = as:or beprot + @hal benat
where:

aprot and ana1 are the molar absorbancy indices of bromine
chloride and the excess halogen, respectively.

b is the optical path length.

cpre1 and cpal are the concentration of bromine chloride
and excess halogen, respectively.

From the above equation, knowing the molar ab-
sorbancy index of the excess halogen from previous
measurements, the molar absorbancy index of
bromine chloride was calculated. As seen from
Table I, the molar absorbancy index thus deter-
mined varied with excess halogen added and
reached a constant value only on addition of 8-10-
fold excess. This shows that at least 8-fold excess

Molar absorbancy index.

of a halogen is needed in order to suppress the dis-
sociation of bromine chloride.
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Fig. 2.—Molar absorption of chlorine, bromine and bromine
chloride: curve 1, chlorine; curve 2, bromine; curve 3, bromine
chloride.

The concentrations of chlorine, bromine and
bromine chloride present in an equimolar mixture
of chlorine and bromine can now be calculated by
the method given in a previous paper,!! from data
given in Table I.

In a series of 16 experiments, the degree of disso-
ciation was found to be equal to 43.29, with an av-
erage deviation of 19. The dissociation constant
for the reaction

2BrClcory =—= Bracoy + Clacom (2)
was then calculated to be equal to 0.145 with an av-
erage deviation of =0.006. These values are con-

(11) A.I. Popov, K. C. Brinker, L. Campanaro and R. W. Rinehart,
THis JournaL, 78, 514 (1951).



224

siderably different from the values obtained by
Barratt and Stein,® but they agree well with the
values obtained for the dissociation in vapor phase.

A true absorption curve for the bromine chloride
molecule can now be drawn by subtracting the
known amounts of bromine and chlorine absorption
from the absorption curve of the equimolar mixture
of the two halogens. This absorption curve is given
in Fig. 2. The position of the maximum is now at
370 mu instead of 380 and the value of the molar
absorbancy index is 135 instead of 102.

Measurements were also made at temperatures
of 15 and 10°. The results were essentially the
same as those obtained at 25°, variation being only
slightly higher than the experimental error. This
agrees well with the small heat of formation of bro-
mine chloride,

Blair and Yost® have determined experimentally
the heat of formation of bromine chlaride in carbon
tetrachloride solution. However, since they have
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taken the dissociation of bromine chloride to be
52.49, the value of AHgs they obtained was too
high. Recalculation of heat of formation on the
basis of 43.29, dissociation gives AHgs = —317
cal. Likewise, AFsand ASfscan berecalculated as
shown by Table II.

TasLE 11

THERMODYNAMIC CONSTANTS FOR THE REACTION
1/:Bracoly + 1/2Clycony — BrClicey

Blair and Yost This paper
AHgy, cal., —378 —312
AFyy,, cal. —357 —572
ASss, cal./deg. - 0.0705 4+ 0.872
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A Spectrophotometric Study of Chromate-Phosphate Complexes in Solution

By FrRaNK HorLLoway!

The spectrum of chromic acid is reported. Spectrophotometric investigation of chromic acid—-phosphoric acid solutions

indicate that two chromate-phosphate complex ions are formed.

The equilibrium constants for the formation of the two

complexes were determined at 25° and ionic strength equal to 0.25.

In the course of the study of the chromic acid
oxidation of isopropyl alcohol? in buffered systems,
it became necessary to consider the possibility of
the interaction of chromic acid and buffer com-
ponents, giving rise to complex molecules or iomns.
A preliminary spectrophotometric study of the
systems employed indicated that the chromic acid-
phosphoric acid system exhibited the largest spec-
tral chauges from1 the spectrum of chromic acid
alone. Subsequent studies of this system, reported
here, led to the determination of the number of
complexes formed and the equilibrium constants
for their formation at 25° and an ionic strength of
0.25.

These data led to an internally consistent anal-
vsis of the rate data for the dihydrogenphosphate—
phosphoric acid buffer catalyzed chromic acid
oxidation of isopropyl alcohol. However, the
resulting kinetic equations, because of alternative
mathematical formulations, did not permit a
unique interpretation of the observed catalysis.

Viterbi and Krausz? have reported the spectrum
of chromic acid. Their work is in qualitative agree-
ment with the work here reported, in the wave
length range of 230 to 390 my, and in quantitative
agreement in the wave length range of 400 to 480
mu. The observations of Brownell* and of Lingane
and Collat® substantiate the positions of the near

(1) University of Illinois, Division of Physical Sciences, Chicago 11,
Tilinois,

(2) F. Holloway, M. Cohen and F. H. Westheimer, THIS JOURNAL,
73, 65 (1951).

{3) E. Viterbi and G. Krausz, Gasz. chim. ital., 87, 690 (1927).

(4) R. M. Brownell, Doctorate Dissertation, University of Chicago,
1347,

(3 J.J. Lingane and J. W. Collat, Anal. Chem., 33, 166 (1950}.

ultraviolet maxima here reported for the chromic
acid or chromic acid—phosphoric acid systems. The
spectra for these systems were determined from 220
to 480 my.

Figure 1 describes the essential differences in the
absorption spectra of chromic acid and chromic
acid-phosphoric acid systems. In all cases the
concentration of the buffer was in excess of the
concentration of chromic acid. The absorption
due to the buffers was sinall and was compensated
by employing a solvent blank containing the same
buffer.

Increasing concentrations of the buffer lowered
and shifted the peak in the 250 mpu region, lowered
the peak at 350 myu, and decreased the apparent
specific extinction coefficient between 300 and
450 myu. Studies were made which indicated that
these observed changes were not due to any appreci-
able degree to pH, ionic strength or asymmetrical
ion effects. The 250 mu region was selected for
detailed analysis because of the presence there
of two separate absorption bands.

Determination of the Number of Complexes.—
The very close correspondence between the
experimental data and a mathematical model
(see appendix) which assumes two complexes,
confirms the existence of two complexes. The
reactions which give rise to the complexes may be
represented as

HCI’O4— + H2P04— 2 HCrPO;~ + H.0 (1)
HCI‘O4— + H3P04 2 HzCI’PO7— + H.O (2)
Determination of Formation Equilibrium Con-

stants and Specific Extinction Coefficients for the
Complexes.—It is shown in the appendix that the



