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ABSTRACT

A spectrophotometric study w;s underteken to investigate the
nature of complexes involving molecular bromine in solution. Initial
studies of the complexing of bromine in a(iueous solution were made with
the system, water-bromine, which shows, in addition to the visible
bromine absorption, a short wavelength band in the approximate wave-
length region, 2550-2650f. These early studies led to the major portion
of the present work in which the formation equilibria of the tribromide
and dibromochloride ions in aqueous solution at 250 were investigated.
Bromine comple;cjng with acetonitrile and ethylene dichloride was also
investigated spectrophotometrically.

With the water-bromine system, the interpretation was necessarily
qualitative because of the instability. as indicated by the time-
dependent spectral chanzes, of the very dilute bromine solutions.
Assuming that the low wavelength band is due principally to the presence
of the tribromide ion, which is formed through bromine hydrolysis, a
reaction scheme was then postulated to account for the observed changes.

The system, water-bromine-sodium bromide, was ultimately chosen
for quantitetive study of the tribromide ion equilibrium; formation of

th? tribromide ion results from the reaction,
Br, + Br = Br,~

Ul.traviolet- absorption by the trihalide ion is characterized by a very

intense band with 2 maximum at 2660E. A method was developed for

vi



treatment of the data, which led to values of 3.46 x 10% and 1/.3 liter

mole.l for the molar extinction coefficient at the band maximum and

the equilibrium constant, respectively. The value for the equilibrium
constant is in agreement with those obtained Ey other investigators
using non-spectrorhotometric methods based upon distribution experiments.

The dibromochloride ion equilibrium study was first attempted with
the system, water-bromine-sodium chloride. However, a complex reaction
sequence seemed to prevail, as evidenced by the non-concordant results.
It was decided to‘modify the spectrophotometric approach to the dibromo-
chloride equilibrium by study of the system, water bromine-sodium
chloride-sodium bromide; the undesirable effects are suppressed by
addition of the bromide. Through use of the data already obtained for
the tribromide study, this system did lend itself tc quantitative
treatment, despite the presence of both the tribromide and dibromochloride
jons. The molar extinction coefficient at the bani maximum (2&302) and
the equilibrium constant were calculated to be 2.19 x 104 ard 1.39
liter mole-l, respectively. The value for the equilibrium constant is
in excellent agreement with those resulting from non-spectrovhotometric
methods.

The syétem, aéetonitrile~bromine, is characterized by an intense
UJ:braviolet'absorption with a peak at 2690f. As with the water-bromine
study, a quantitative treatment proved unfeasible due to time-dependent
Spectral changes. Nevertheless, some significance could be ascribed to

the observed changes. The absorption is believed to be due to the ion

vii



pair, CH3CNBr'Br3°. The postulated equilibria for the system, including
the formation equilibrium for the ion pair, can lead to an explanation
for the spectral changes.

The ethylene dichloride-bromine system also exhibits an intense
absorption in the ultraviolet reg.on of the spectrum. The maximum of
this band could not be observed because of the 1limited transparency of
the solvent itself. [t is probable that‘the 1:1 complex, C1CH,CH,C1Br.,
is the absorbing species. The work with ethylene dichloride also led
to a novel means for purification of this solvent; the method should
prove feasible as a means of obtaining specfroscopic-grade ethylene

dichloride.
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INTRODUCTTON

Tneoretical and spectroscopic considerations suggest an ionic
character fof certain excited electronic states of aromatic molecules.
A study was undertaken to demonstrate, by chemical behaviour, the lonic
character of these excited molecules. It was sought to promote a photo-
chemical ring bromination of an aromatic compouni containing an
aliphatic side chain, through irradiation with wavelengths of ultra-
violet light selected to correspond to the appropriate absorption band
of the aromatic compound; normal phctobromination, in which the actinic
radiation is absorbed by the bromine, leads to side-chain bromination
of such substituted aromatic compounds through a free-radical mschanism.

A first requirement for the study was an inert solveat, one trans-
parent throughout the ultraviolet regionj the high reactivity of bromine
seriously complicates the problem of finding such a solvent. The
solvents investigated included cyclohexane, ethylene dichloride, and
acetonitrile, the latter two being studied the more extensively. While
considerable effort was expended, and a novel parification procedure
was devised for one of the solvents, etlhylene dichloride, the aim of
obtaining a suitable one was not achieved. Severzl fluorocarbon
Solvents were tried but those readily available were also found to be
uﬂsatisfactory.

The use of acetonitrile led to a particularly complicated inter-
action with bromine, involving initial complexing followed by ion pair

formation and dissociationj the system seemed to defy quantitative study.



In an attempt to obtain a simpler prototype for the acetonitrile-
bromine system, the triha.lide ions in aqueous solution were selected
for study. The trihalide study itself has become the major portion of
this imreé‘bigation, and accordingly is presented first in this thesis.
The other phases of the study are presented in later sections.

A spectrophotometric study was made of the formation equilibrias
of the tribromide and dibromochloride ions in aqueous solution. This
study has led to a determination of the formation equilibrium constants
and mq]a.r extinction coefficients for these two trihalide ions. The
numerous earlier studies of these trihalide equilibria have, with two
exceptions, been based upon distribution experiments rather than
spectrophotometric methods, and detailed data on the light aksorption
characteristics of these ions have been largely lacking; such data are
easential to photochemical studies, to theoretical interpretations of
the light absorption process (including the nature of the grouni and
e::cited states), and to possible analyticsl applications of spectro-
photometric methods to these systems.

. The review of past work, and the various phases of this study,
will be subdivided according to the apparent complexity of the system.

We will first consider the binary system, water-bromine.



PART T

Tribromide and Dibromochl.oride Ion Formation
Equilibria in Aqueous Solution



HISTORICAL SUMMARY
The Water-Brominz System

The ultraviolet absorption spectrum of the system, water-bromins,
does not appear to have been interpreted satisfactorily. The fcllowing
remarks of Bovis (1) seem to be typical of those present throughout the
literature:

Bromine in water exhibits two absorption maxima, one of which

1ies at 1100 and the other at 2600X. Since only the former

is exhibited by gaseous and by liquid bromine, the band at

26008 must be characteristic of bromine in solution.

Figure 1, a spectrum taken from the paper of Katzin (2), shows the
visible and ultraviolet absorption of this system. Figure 2, a spectrum
also reproduced from the literature (3), represents the absorption of
hypobromous acid in water. The latter has been included because of the
important role of this acid in the system. The lack of complete inter-
pretation of the spectrum reflects the actual complexity of the system.

The more important of the reactions occurring in an aqueous solu-
tion of bromine will now be considered. Bromine hydrolysis proceeds
as follows:

Br, + H,0 = H' 4+ Br~ + HOBr (1)

In the presence of light, the hypobromous acid undergoes the decompo-
sition,

HOBr + hv = H' + Br + 30, (2)

Besides the photochemical step, the formation of HOBr leads to
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additional side reactions. It appears that its decomposition proceeds
by two simultaneous, independent paths,

SHOBr = H™ + BrO, + 2H,0 + 2Br, (3)
and

LHOBr = 0, + 2Hp0 + 2Br, (L)
In the dark, reaction (3) predominates. Hypobromous acid is also a
very weak acid, its dissociation occurring as follows:

HOBr = H + Br0O (5)
Another reaction which may be significant is the oxidation of hydro-
bromic acid by  ‘bromic acid, i.e.,

6H' + SBr « Br0,” = 3Bry + 3H0 (6)
The 1itéra.ture concerning reaction (1), the extensively studied bromine
hydrolysis, has been reviewed by Liebhafsky (L4); a value of 5.8 x 10‘9
for the hydrolysis constant seems to be the most acceptable one.
Reaction (2), the photochemical one, has been studied by Pagel and
Carlson (5). Reactions (3) and (L) were investigated by Pollak and Doktor
(6). Shilov (7) has reported a dissociation constant of K = 2.06 x 10'9
for reaction (5); this value is in good agreement with that of other
investigators. Reaction (6) is discussed by Betts and MacKenzie (8).
Standard axidation potentials for reactions (3), (L), and (6) are 0.07,
0.36, and 0.43 volts respectively. These values have been calculated
from tabulated half-cell potentials (9). The above oxidation potentials
lead to values of 2.59 x 10, 6.62 x 105 ani 3.08 x 108 for the

resypective equilibrium constants.



The addition of bromide ion to the water-bromine system effects
considerable simplification, since repression of the hydrolysis
reaction virtually eliminates the complex side reactions of hypobromous

acid. The system, water-bromine-bromide, is considered next.

The Water-Bromine-Bromicde System

The reaction of molecular bromire with bromide ions in aqueous
solution yields the anionic donor-acceptor complex, Brs-. The formation

reaction is as follows:

Br, ¢« Br = Br,

With excess bromine, an additional complex Brg , may be formed (10)

according to the overall equation,
2Br, + Br = Brg

The equilibrium constants for these reactions are:

- - £ -
%Br, (Brg ) Brg

2 - = 2 = 2 -
aBr2 %Br (Brg)® (Br ) fBr2 fBr




where the quantities in parentheses represent concentrations of the
particular species, and the symbols a and f the activities and activity
coefficients, respectively. The first of these reactions is the more
important, with the extent of the second being relatively negligible
under most conditions. In addition, in some studies, the bromine

hydrolysis reaction,
Br, + H,0 = H - Br_ + HOBr

must also be considered, although it is appreciably repressed in sys-
tems containing added bromide.

Most of the earlier studies of the water-bromine-bromide system were
based on a partition or distribution method. By these means, the
concentration of free bromine in a solution containing both free bromine
and bromide ions is accurately determined after permitting the volatile
bromine to reach a state of equilibfium, via the vapor phase, with a
similar solution which is, however, free of bromide ions. Since the
activity of bromine at equilibrium is the same in both solutions, the
concentration of free bromine in the aqueous bromide solution can
easily be determined if the activity coefficients are assumed to be the
same in both solutions. 1In the earlier work, activity coefficients were
generally neglected, although in several more receat studies they have
been included.

The most recent work on the tribromide equilibrium is that of
Scaife and Tyrell (11). Here again, a distribution method was applied.

It was found advantageous in their work to use a solvent medium of



constant acidity and of high and almost constant ionic strength. The
slight acidity helped to suppress the hydrolysis reaction and the
constant ionic strength to ensure that activity coefficients are
independent of changes in congcentration of the complex species. These
vinvest,iga:bors studied the system at three temperatures; 5, 25, and 35° ¢,
Mean values of K, for these temperatures were found to be 19.85, 15.53,
a.nd 15.28 kg mole_l, respectively (all cqncentrations were based on
the molality scale).

. - A selection of the best accepted values is shown in the following

table, which has been taken from the paper of Scaife and Tyrell.

Salt  gemp. (°C)  Ka(liter mole”)) Source
KBr 0 19.6 (12)
KBr (I = 0.5)% 16.5 18.2 (13)
NaBr (I = 0.5)° 16.5 17.L (13)
KBr (1 = 0.5)° 21.5 17.k (13)
NaBr (I = 0.5)" 21.5 16.6 (13)
IiBr (I = 0.5)% 21.5 16.2 (13)
KBr 25.0 16.1 (1L)
KBr 32.5 15.4 (15)

¥ I = ionic strength

The only previcus spectroscopic studies of the tribromide icn in
aqueous solution are those carried out by Gilbert, et al. (16) and
Job (17). A numzer of other trihalide ions, including the dibromo-

Chloride (which will be discussed later) were also studied by these
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workers. Gilbert's group was primarily interested in the general
characteristics of the various trihalide spectra in the ultraviolet
region, and in possible correlations of spectra and structure.
Hydrolysis effects were not considered, and even the well-established
trihalide equilibria were not taken into account. For example, in
their study of the salt, cesium tribromide, in water, it was assumed
that all of the bromine existed as the tribromide ion. The marked
changes in observed absorbances with time made quantitative treatment
unfeasible. Their data indicate that the tribromide ion absorbs
very intensely in the region of 26008. Joo's work was not complicated
by hydrolysis, since he studied the system, water-broemine-potassium
bromide. His data did permit calculation of the equilibrium constant;
a value of 28.6 liter mole-l resulted (studies were carried out at 16°C).
This rather high value can probably be attributed to the experimental
megns employed by Job. In this early work, which antedated use of the
more sensitive photoelectric spectrophotometer, the photographic plate
method was usea for the detection and recording of the ultraviolet
radiation. Popov and Swensen (18) have found that the tribromide ion in
ethylene dichloride and acetonitrile also invariably shows a strong
absorption in the 2600-27008 region.

It was considered of interest to study, for purposes cf comparison,
the interaction of other halide ions with bromine. The only one com-
Pleted in this study was the system, water-bromine-chloride, discussed

in the following section.
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Thz Water-Bromine-Chloride System

The results of previous studies on the dibromochloride equilibrium,

Br, + C1” = BrCl , in aqueous solution may be summarized as follows:

a m2an value of l'.39 liter mole"1 at 25040 is reported from the data

of Jakowkin (19), Dancaster (20), and Ray and Sarkar (21). Jakowkin
studied the system, water-bremine-chloride, the chloride being added as
the potassium salt. As in the tribromide studies, again a distribution
method was used. The other workers used essentially the sam= procedure.
Dancaster's studies included the following salts as a source for the
chloride ion: CuCl,, MgCl,, CaCl,, SrCl,, BaCl,, CdCl,, HgCl,, and
A1Cl,. The results obtained with each of these salts appeared very
s21f-consistent, with the exception of the chlorides of cadmium and
mercury. The study of Ray and Sarkar involved the single system,
water-bromine—hydrbchloric acid .

Since the distribution method was so widely used for studies of
this nature, it may be appropriate to briefly discuss the general
calculation procedure. Using the water-bromins-chloride system to
illustrate the method, let ZBrz be the concentration of titratable
bromine in the aqueous phase, (Br"’)CCl4 be the concentration of bromine
in .the carbon tetrachloride phase,. and 201" be the total concentra-
tion of chloride, i.e., (C17) + (BryCl ) in the aqueous phase. If D is
the distribution constant of the volatile halogen for the water-carbon
tetrachloride system, i.e., D = (Brz)CCL/(Brz)HzO’ then the following

relationships result:
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(Brz)Hzo = (Br2)0014/D
(BryCl7) = $Bry - (Bra)ggy /D
(c17) = 3017 - YBr, + (Bra) gy /7
The equilibrium constant, K,, can then be evaluated by substitution of

the above quantities into the equilibrium expression,

(BryC1™)

47 By ()

The only spectrophotometric investigations of the dibromochloride ion
are the previously mentioned studies of Gilbert, et al. (16) and Job (17).
For the system, water-bromine-potassium chloride, the former investi-
gators found that an absorption maximm occurred at approximately 26008 .
Ectinction coefficients were included in the data, but since the authors
themselves attributed little significance to the values, due to the
instabllities of the systems, they will not be presented here. Job also
studied the particular system, water-bromine-potassium chloride.
An equilibrium constant of 0.53 liter mole”" was calculated; the study

wis carried out at 16°C.
Evaluation of Activity Coefficients

Introduction

It was found necessary, with our calculations, to consider the
activity coefficients of the varlous species involved in each of the
different systems studied. The activity coefficients of bromine and,

iIn some instances, of hydrobromic acid, in sodium bromide, sodium
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chloride, and in mixtures of the two salts were needed. Some background
discussion is presented here of the methods and reasoning used for

estimation of these quantities.

Brominz in Aqueous Salt Solutions

Numerous studies have been carried out to determine the activity
coefficients of non-electrolytes in aqueous salt solutions in which no
complexing occurs. It is obvious that direct determination of the
activity coefficient of bromine in aqueous sodium bromide cannot be
performed because of the formation of the tribromide complex. However,
the data compiled from systems free of complexing permit estimation of
reasonably accurate values for the activity coefficients of bromine in
snolutions where complexing does occur. This necessarily indirect
method will now be discussed.

A complete survey of the data previous to 1927 by Failey and
Randall (22) has demonstrated that a nearly linear relationship exists
between the logarithm of the activity coefficient of a given non-
electrolyte and the ionic strength of a given aqueous salt solution.

Mathematically, this relationship can be expressed as follows:

—1725—!-— = constant

Tne symbols ¥ and m represent the molal activity coefficient and the
ionic strength (molal scale), respectively. A portion of their data
1s reproduced in the following tablej the values included therein will

ST1bsequently be used in our calculations.
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Activity Coefficients of Non-electrolytes
in Aqueous Salt Solution

Non~electrolyte Salt

N0
N0
C2H>
CzHz
N0
N-0
CaHz

CeHz

NaBr
Na 30,
NaBr
Na S0,
NaCl
Na 50,4
NaCl

Na S04

log

¥

0.091
0.110
0.077
0.038
0.101
0.110
0.093

0.098

Ratios

0.091/0.110 = 0.827
Mean = 0.807

0.077/0.098 = 0.785

0.101/0.110 = 0.918
Mean = 0.93)4

0.093/0.098 = 0.949

The significance of the ratios given in the last column of the

table will become clear as the discussion proceeds. Theoretical justifi-

cation for setting up the ratios as shown is given in the paper of

Sherrill and Izard (23).

Actually, these workers reproduced and

elucidated an argument originally proposed by Debye and McAulay (2L).

The latter had shown, using the results of their ion attraction theory,

how the activity coefficient of a non-electrolyte varies, for a given

Solvent, with the nature and concentration of the non-electrolyte and

elextrolyte.

The derivation of this relationship is complicateds the

final result may be expressed for the special case of gas solubility

by the relatively simple equation,

log (So/S) = K (aD/3s)(1/r) Z(ciziz)
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Here, K is a constant characteristic of the solvent at a tempzsrature T3
the ratio, 38D/ ®8, is the rate of change of dielectric constant of the
solution (containing only non-electrolyte) with the concentration of
the non-electrolytes r is the mean radius of the ions present3 the
ratio, 8,/8, is the saturation concentration of non-electrolyte in
mre water Aivided by its value in the presence of the electrolytes

and cy is the concentration and z; the charge of a.ny ion of kind i.

The ratio, 2D/ 38, may be assumed to be independent of the concen-
tration, 8, and therefore regarded as a constant characteristic of the
non~-electrolyte. Since the ionic strength, p, is equal to the quantity,
igciziz), and the activity, ¥ , is equal to the ratio, S,/S, then

the relationship above becomes:

._125_!. = K'( 3D/ 3S)(1/r) = constant

This equation can be generalized further by expressing it as follows:

__l_()ﬁl = (Kl)(]-//r)

Thus, K, is a constant characteristic of the solvent and non-electrolytes;
(1/r) is, of course, characteristic of the salt.

Using the last equation, it will now be shown how some significance
Can be ascribed to the method used for the calculations:

for bromine in sodium sulfate,

(log ¥ )/n = (Kl)H20 and Br, (1/r)NazSO4



for nitrous oxide in sodium sulfate,
= t 1
(1Og 8 )/’l (Kl )Hgo a.n.d Nzo (—/r)Na.st4
for nitrous oxide in sodium bromide,
= 1
(log #)/m = (K2'Vy 0 and w0 V/Fapr
for bromine in sodium bromide,
(10g ' )/’l = (Kl)H20 and Brz CL/r)Na.BI‘

By substitution of the quantities on the right into the expression,

(10g " )/)l BI'2 in N8.2804 (lOg ‘ )/’A N20 in Na.Br

1
(Log ¥)/M y 0 1n Na,S0,
we obtain, by cancellation of like terms, the reduced expression,
(K2)y 0 and Br, (1/*)yapyr

The latter is identical to the expression desired, i.e., the ratio

(log ¥ )/m, for bromine in sodium bromide.
Griffith, et al. (13), using the above expressions, calculated the

value of (log¥)/m for bromine in sodium bromide. The data shown in the

Preceding table were first supplemented with the corresponding value for

bromine in aqueous sodium sulfate. By partition experimsnts, the par-

tition coefficient for bromine between carbon tetrachloride and an
aqueocus solution of sodium sulfate (ionic strength = 0.5) was found to be
31.3. since the partition coefficient of bromins between water and

Carbon tetrachloride is 27.5, it follows that the activity coefficient
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of bromine in the sodium sulfate solution is 31.3/27.5 = 1.13L. Hence,

(log ¥ )/m = (log 1.134)/0.5 = 0.109. It is then inferred, from
considerations discussed in the preceding paragraph, that for bromine
in sodium bromide, (log ¥ )/m = 0.109(0.807) = 0.088. Since the
expression, (log ¥ )/, is a constant for a given system, the activity
coefficient for bromine in any given solution of sodium bromide can
then be easily calculated. For the system, water-bromine-sodium
chloride, the ratio was determined in an analogous nianner; i.e.,

(log ¥ )/m = 0.109(0.93L) = 0.102.

For the mixed salt system studies, the activity of bromine was
estimated as follows. From the preceding discussion, it was seen that
for bromine in aqueous sodium bromide, the value of (log ¥ )/m = 0.088.
Similarly, for bromine in aqueous sodium chloride, (log ¥ )/m = 0.102.
For any mixture of the two salts, it would appear that the (log ¥ Y/

value should be closely estimated by the expression,
(log ¥ )/ = 0.088 + m! (0.01L)

The term m' represents the ratio of the molality of sodium chloride to
the sum of the molalities of both salts in a given run. The value,
0.01l, is the difference in the (log ¥ )/m values for bromine in each

of +the aqueous salt solutions, i.e., 0.102 - 0.088 = 0.01k.

Hydrobromic Acid in Aqueous Sodium Bromide

The activity coefficient of hydrobromic acid in aqueous sodium

br'Ol'ti.de was calculated from data available in the literature. It was



18

necessary to make two plots of the literature data. For the first,
values of the mean ionic activity coefficient of the acid in sodium
bromide for a constant acid conceatration of 0.0lm were plotted versus
the concentration of the salt (25). From data of the mean ionic
activity coefficient of hydrobromic acid in water (26), a second plot
of the mean activity coefficient of the acid versus the concentration
of the acid was prepared. By proper interpolation from these two plots,
with respect to the individual runs, a third graph was obtained for
subsequent use in the calculations. This third graph was drawn for
each run. The significance of this latter plot may perhaps be best
understood by reference to a particular run. For run 145, the following

data are pertinent:

molality of solution = 0.195

¥, of HBr in H0 = 0.783
=~ (HBr conc. = 0.195m)

¥, of HBr in NaBr = 0.769

* (0.01m HBr, 0.185m NaBr)

In the plot, the log 'Ui for hydrobromic acid was plotted versus the
molality of the acid at constant total molality. Extrapolation to zero
molality yields a value of ¥ + for the acid which should be quite
accurate. It will be recalled that the concentration of the acid,
formed from the hydrolysis of bromine in aqueous sodium bromide is
relatively very low, even in dilute solutions of the salt. This method
has been widely used by other investigators. For example, Hawkins (27)

has shown that for hydrochloric acid-uniunivalent halide mixtures, this
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linearity persists at constant total molalities as high as 6 m. Other

similar systems have also been studied in this manner.

Hydrobromic Acid in Aqueous Sodium Chloride

The activity coefficient of hydrobromic acid in sodium chloride

was calculated from the expression,

(¥ (e )
'iHBr in NaCl = i—HClx in NaCl NaBr in H0
(¥ 3ac1 4n HZO)

For each calculation, the quantities on the right side of the equation
were associated with salt concentrations equal to those for the run
under consideration. From the following discussion, it would appear
that the above expression should approximate the desired quantity
fairly well. Using the definition of mean ionic activity coefficient,

the equation can be expressed as follows:

¥ B in Nacl = ("H")i ( 301')% (xNa*)% (“Br")’}
(¥ )2 (¥gyo)2

The ionic activity coefficients of the chloride ions can be cancelled
from the expressiony in the one case (HC1l in NaCl), we are choosing
the hypothetical, extrapolated condition of zero concentration of acid
in the sodium chloride solution--in the other case (NaCl in H,0), the
Sodium chloride solution alone is considered. In both instances, the
@nvironment of the chloride ion is essentially the same. If one now
Considers the environment of the sodium ion for the systems, sodium

Bromide in water and sodium chloride in watér, it is clear that a
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bromide and chloride environment respectively are involved. Assuming
that the effect on the sodium ion by the two different species is not
appreciably different, we can cancel these terms and arrive at the
following:
= s R

¥ipr in vact = (¥p)° (¥p,7)
The expression on the right side is, by definition, the mean ionic
activity coefficient of the hydrobromic acid. For a given run, the
value of ¥ +HC1 in Nacl “es calculated in the same manner as was the
coefficient for hydrobromic acid in sodium bromide (preceding section).

The values for the mean ionic activity coefficients of the sodium

bromide and sodium chloride in water were taken from the literature (28).

Conversion of Activity Coefficients

With all subsequent calculations, it will be noted that concen-
trations are expressed in terms cf molarities. Since the literature
data used for activity coefficient calculations are based on the molality
Scale (as discussed in the preceding pages), it was necessary to convert
all activity coefficients. The conversion was made by use of the
formila (29), fi = (1 + 0.00lan)(do/d) ¥4, where the quantities are
defined as followss

f, = mean molar ionic activity coefficient
m = molality of solution

W, = molecular weight of the solute

do = density of the solvent

d = density of the solution

¥, = mean molal ionic activity coefficient
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The analogous formla, f = (1 + 0.00lmWE)(do/d)X', was employed for
conversions involving the non-electrolyte, bromine. For the case of
a mixed electrolyte, the extended formula, f, = (1 + 0.001 XmWB)(dg/d)‘o’:,:J

was used for converting from the molal to the molar scale (29).
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THE PRESENT TNVESTTGATION-~RESULTS AND DISCUSSION

The various systems studied in this investigation are the follow=-
ingt water-bromine, water-bromine-bromide, water-bromine-chleride, and

water-bromine-chloride~-bromide. Each of these will now be considered
in some detail.

The Water~Bromine System

The water-bromine system was initially studied in an attempt to
elucidate the origin of the short wavelength band in the ultraviolet
region of the spectrum. Our studies clearly deﬁonstrate that this
band can be ascribed to the presence of the tribromide ion, which
results simply from the reaction of molecular bromine with the bromide
lons formed in the hydrolysis step, i.e.,

H,0 + Brp = HOBr + H + Br-

Br, + Br = Bry

In an attempt to verify this interpretation quantitatively, a study was
planned in which both reé.ct.ions, the hydrolysis and the tribromide
fomat:}.on equilibria, would be accounted for in the mathematical treat-
ment of the data. Unfortunately, however, quantitative treatment was
not possible because of the spectral changes which occurred with time.
When ro precautions were taken to exclude light, the intensity of.
the gbsorption maximum in the 2550 to.26508 region always showed a
definite increase with an accompanying shift to longer wavelengths.

A typical increase would amount to approximately one-tenth of an

-

4,
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absorbance unit; the shift would be of the order of five angstroms.

A period of several hours was usually necessary for these changes to

occur. This instability made quantitative treatment impossibie.

Figure 3, a typical spectrum for the system, illustrates the observed

trends. Two 200-waitt tungsten lamps, placed several feet from the

absorption cell during the exposure periods, were used as light sources.
The changes mentioned sbove could be accounted for by the subse-

quent behaviour of the hypobromous acid which is formed in the hydrolysis.

Hypobromcous acid readily undergoes decomposition in one of two ways.
In the presence of light, the decomposition proceeds largely in accord-

ance with the following reaction [reaction (2), early discussion]:
2HOBr = 2H* + 2Br™ + 0,

The bromide ion formed enters into the tribromide equilibrium, thus
increasing the tribromide ion concentration. Therefore, because of
the intense absorption of light by the tribromide ion, even a very

small change in its concentration would resvlt in an appreciable change

in the absorption spectrum. The shift may be explained by the depletion
of the hypobromous acid together with the accompanying increase in the
tribromide ion. Anbar and Dostrovsky (3) and other independent workers
have studied the ultraviolet absorption of hypobromous acid in aqueous
Solution (Figure 2). The acid has two absorption msxima, one at 2600
and the other at 32008. The short and long bands have molar extinction
. -1 .1
Values of approximately 95 and 35 liter mole” cm respectively. Since

the tribromide absorption maximum occurs at 2660f, the observed wave-

length shift could thus be explained.
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When precautions were taken to exclude light, it was observed that
again a time-dependent shift to longer wavelengths occurred in the 2550
to 26653 rezion. Under these conditions, however, the absorption
maxirm decreased In intensity. An accompanying slight increase in
the bromine band intensity at 3900% wes also noted. The magnitudes
of the changes for the short wavelength band were approximately the
same as for the case discussed in the preceding paragraph. Typical
spectra for this system are shown in Figure L.

Since even the "dark" system displayed instability, no reproducible
quantitative results were obtained, and any explanation of the behaviour
must be speculative. The following combination of effects seems con-
algtent with the earlier discussion and ia capable of explaining the
observed trends. If the tribromide ion is indeed the main contributor
to the short wavelength band, then since this band decreases in intensity,
while the bromine bend intensity at 39002 undergoes an increase, it
follows that the bromide ion concentration must decrease. The shifting
of the short wavelength band to longer wavelengths also indicates a
lowering of the hypobromous acid cancemtration, so that the hydrogen
ion concentration must increase to maintain the hydrolysis equilibrium.
From a consideration of the important reactions, one might arrive at
the following explanstion for the o_bServed spectral changes. Hypobromous
acid would, of course, be produced in the hydrolysis step. Its decompo-

Sition in the dark could then proceed as shown by reaction (3), i.e.,

SHOBr = H' + BrO,  + 2Br, + 2H,0 (3)
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Subsequent oxidation of hydrobromic acid would then occur according to

reaction (6).
6H" + SBr~ + Br0,” = 3Br, + 3H0 (6)

If all of the bromic acid produced by (3) were not consumed in (6),

the conditions stipulated above would be satisfied. The hydrogen ion
concentration would increase, that of the bromide decrease, that of

the hypcbromous acid decrease, and that of the free bromine increase.
Reactioﬁs (2) and (L) need not be considered since their occurrence
requires the presence of light. The ionization of hypobromous acid can
81480 be overlooked; the dissociation constant is so smsll that the
concentrations of the ionization products would be insignificant. From
the known chemistry of bromine and its acids, this explanation seems
to be a reasonable one.

One of our runs was initially studied in the "light" and then
followed in the "dark." The interesting results are shown in Figure 5.
It is meen that the changes are precisely what one might predict from
the "light" and "dark" reactions discussed separately above. Tha short
wWavelength band first increased in intengity with an accompanying shift
to longer wavelengths. When light was later excluded from the system,
thls same band decreased in intensity with the shift toward longer
wavelengths again occurring. In addition, the bromine band was observed

to show a slight increase during the "dark" stage of the study.
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The Water--Bromire-Sodium Bromide System

The instability in the above system was eliminated in the next
phase of our study by the addition of sodium bremide, which suppresses

the hydrolysis. Runs 138-140 and 142-152 were concerned with this

portian of our work. The spectra obtained verified the anticipated

stability; absorption readings for any one run at a given wavelength

were virtually constant with time in all cases. The observed absorption

maxima occurred at 2660f in these runs, indicating no contribution from

hypobromous acid. A typical spectrum is shown in Figure 6.

Determination of €660 Hydrolysis Neglected (Method 1)
Various methods of treating the dafa. were employed. The expressions

used dn the first method will now bé derived. Consider the following

equilibrium:

Br, + Br = Bry~

Let a be the initial concentration of bromine, b the initial concen-

tration of bromide, y the equilibrium concentration of the tribromide

lon - -

’ fBrz the activity coefficient of bromine, and fBr3 and fBr the
activity coefficients of the tribromide and bromide ions respectively,
Then,

v (£pp,)

RN O e I )

Neglecting the y term relative to b, and assuming the ratio,

(fBra‘)/(fBr")' to be essentially unity, we get
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Yy T
(T )@ - 906~ (55 (@b - &)

K, =

Solving for y gives
Kaah(f, )
T2

Y= TY Kb (TG, )

The justification for neglecting the y term relative to b can be seen
from a consideration of the relative concentration vajues of a and b
(Table 1). 1In most of the runs, b is more than a hundredfold greater
than a. Since y is hecessarily less than a, the difference between

b and y is even greater than between b and a. Using a value of K5 = 17
liter mole"l, the tribromide ion concentration was calculated for each
run from the data. The value, K; = 17 liter mole'l, is representative
of those in the literature (11). The molar extinction coefficient,
€og60? WS then calculated from the exvression, e = A/yl, where A is
the observed absorbance and 1 is the path length of the quartz cell

used in the studies. Table 1 shaws the results of these calculations.

Determination of €0660-= Hydrolysis Considered (Method 2)

A second and somewhat lengthier method of treating the data in-
cluded the effect of hydrolysis. Let a, b, and y represent the same

quantities as before. The two equilibria,

HO + Br, = HOBr + H + Br_

Br, + Br = Br,

” )

M
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are now considered. If x is the ccncentration of the bromide ion pro-

duced from the hydrolysis, the equilibrium expressions become

K = x%(b + x - y) (fH"')(fHOBr)(fBr')
A CES £5 e e
and (again asswuing fBra" = fBr-),
y

K, =

(fpp (e -x=y)(by x-y)

Then assuming further that f f_._, since these are both neutral

HOBr ~ 'Br,
species, the ratio of the equilibrium constants gives

x2(b ¢ x = y)?

K/ = (£g+)(£,) (T, )

y
x3(b + x = y)2 2
y (fiﬂBr) Ki‘Brz)
and
, N x(b rx =-y) ‘ >
\Kh/}l\’;) '5 (fi"I‘lBr)\fBI'z\

y

R2arrangement of terms gives

(K, /Ko)5y?
x2 + x(b - y) = p T (1)
(£ symp) (B )
Again gssuming f, = f » the product of the equilibrium constants
Br, = 1HOBr
gives
xzy (fH’)(fBr‘)
K. Ky =
h™3 (& ~x-y)° z?Br,
2
- 2
%7y (fiHBr)

T (a-x-Yy (TB5

T2

b > il A

[—
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and

* T
Xy (£ 1)
(Kth)J" i re-ea-ar fﬂ{B.)%
( Br,
Solving for x,
X = _%(E}LKS)'? _(f' - y) (2)
i (I
+HBr - (Khxa)
(£g,)

Bquations (1) and (2) were solved for x by choosing arbitrary values
for y. When x is plotted versus y for each equation, the point of
Intersection of the two curves obtained gives the values of x and y
consistent with the two equilibria for the system. This procedure was
followed for each run. The results of these calculations are shown in
Tuble II.

Because of the very dilute salt solutions used for runs. 138 and
139, the usual method for determining the mean ionic activity coefficient
of the hydrobromic acid was not possibles i.e., the literature data did
no+t extend into this very dilute raﬁge. Calculations for the two runs
Ware made with the assumption that the activity coefficient was equal
to unity. Runs sbove 116 were not analyzed according to this method.
With these later runs, hydrolysis effects were insignificant, and the
method is.reduced to the one used in the preceding section; The very
[ngll discrepancy between the results obtained by the first and second
m2thods, as sean from a comparison of Tables I and 1I, indicates that
the hydrolysis equilibrium can be neglected in all runs with added

bromide.
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Determination of K, and &5 66(%£Meth°dj)'

A third method of calculaticn was tried in which both K5 and
€gko WETe calculated. Thz fact that K; was evaluated by this method
probably makes it the most desirable of the three. In this case the
hydrolysis reaction was neglected, as was shown to be justified by the
previous calculations, because of the direct suppression of the
hydrolysis by the added bromide. Development of the expression used in
the calculations proceeds as follows:

Cnﬁsidering only the tribromide equilibrium,
Br, + Br = Bry~
and

¥y
£ " T JE 7= 7)

where a, b, and y are the concentrations of bromine, bromide, and tri-
bromide, respectively, as in the previous methods. Since b is much
geater than y in the runs where bromide has been added, the equation

becomes
yo

0 - W

By rearrangement and substitution of the value A/el for y, the concen-
tecation of Bry,

abl(fy, )/A = 1/kge + b(£y, )/e

Tharefore, a plot of a.bl(fBra)/A versus b(fy ) shovld yield a straight
2
line with intercept equal to 1/K,e and slope equal to 1/e. Figure 7

Shows thi_s plot. A least squares analysis of the data resulted in
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values of 17.3 liter mole™ and 3.L6 x 10* for K5 and eyqc o,
respectively. Table IIT includes the values used for the least squares
treatment.

Ths excellent agreement between these spectrophotometric results
and the results of earlier distribution studies verifies the identity
of the band at 2660f as due to the tribromide ion and affords, for this

ion, a value for the molar extinction coefficient which ecan be utilized

as an analytical tool in any further studies.”

The Water-Bromire-Sodium Chioride System

G TR
Sr_ ..

Determination of K, and €2380-= Hydrolysis Neglected (Methcd 1)

The first series of runs in regard to the dibromochloride ion
were studied in the system, water-bromine-sodium chloride. Although
hydrolysis in this system is not directly suporessed, as was the case
wlth the system, water~bromine~bromide, it should nevertheless be
diminished appreciably because of the reduction in bromine concentra-
tion through the dibromochloride equilibrium. The first set of calcu-
lations were therefore made with the assumption that the hydrolysis
effects could be neglected. It was also necessary to assume (analogous
to the assumption, fBra- = fBr"’ made for the tribromide ion study)

that fBr?_Cl‘ = fCl" Preliminary studies had indicated that the

-

*Using the triiodide absorption maximum at 3520, Custer and Natelson
(31) have made spectrophotometric determinations of microquantities of
iodine. A 5% KI solvent was utilized for complexing of the iodine.

As 1livtle as 0.2 micro grams of iodine per milliliter could be
determined.
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