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During titration with bromate as reducing agent we found that the oxidaw~
tion—reduction potential falls [1] at the equivalent point of the reaction with
increasing acid concentration. One of the possible explanations of this phenomen-
on is that with increasing acid concentration the oxidation of the reducing agent
takes place at the expense of the bromine evolved during reaction of bromate with
the'bromide formed in the initial stage of the reaction.

‘ Nevertheless, \1t appears desirable to undertake a study of the dependence
of the oxidation-reductlon potential of bromide-bromate mixtures on the concen-

tration of hydrochloric acid, since in most cases both direct titration with brom-"

ate and oxidation with excess of bromate are carried out in a hydrochloric acid:
medium.

The normal oxldation-reduction potentials of the systems bromate-bromine,
bromine-bromide, and bromate-bromide have been determined with great care by a
number of authors [2]. These data, however, do not provide any evidence as to

the possible changes in. potential during change of acid concentration, particularly
in presence of hydrochloric acid. Moreover, the experimental conditions of prev-
' {ous workers differed considerably from those applied when using bromate in volu-
metric analysis. Thus, for example, the normal potential of the system bromate-
bromine has been determined for the equllibrium state of bromate-saturated bromine
solution; that of the system bromine-bromide has been determined for the equilib-

/
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" ria: liquid bromine-bromide, saturated bromlne.solutlon—bromide, and gaseous brom- -

ine—bromide.

During titratlon with bromate, bromine ions are formed at the very start
- of the reaction, so that the following 1ntermediate reaction is unavoidable:

BrOs~ +.5Br” + 6H' &= 3Br, + 3Ha0, - (D)
‘and three equilibria must therefore be considered: ,
| 2Br0s” + 10e + 126" == Brp + 6Hm0, _— (a)
| BrOs™ + 6e + 6H' X Br™ 4+ 3Hz0, - | (B)
‘Brz + 2¢ > 2Br-, . A (c)

Tt has been shown by Sammet [2] that the oxidation-reduction potentials of
the systems (A), (B), and (C), which are represented by the equations:

'R, [Brog~)3[gt+]12

Bp = Eop *+ ToF- [Bra] ’
LBrO§ 1[g*+])®
EB = EoB + gf‘ ln [Br-] ,
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Br']df
Br- s

‘ Ec-Eoc-i-F
are correlated at the’ equilibrium position of all of the three components of reac-

" “tion (I) by the expressions.

RT_ - RT .- v RT
(1) EOB’— EOA = 5OF ln K) (2) EOC - EOB = gi, ln K; (5) EOC - EOA = B'i, :.Ln_K,

ln [

_where K 1s the equilibrium constant of reaction (I).

L : Having determined Eq; and Eo Sammet obtained the value of K = 0.73

/" '= 0.73(+0.21)°10%3, from equation (3). This value of the constant shows that with
. sufficiently high acid concentration the reaction bromate — bromide proceeds to com-
.pletion with substantially complete removal from the sphere of the. reaction of one
" of the two components of the mixture.

Measurement of the Potential of Mixtures with Excess of Bromide

. The measuring procedure was as follows solutions of KBrOs of exactly 0.05
" .and 0, 005 molar concentration were prepared, and also solutions of KBr of the same
- concentrations. These solutions were mixed in such
proportions that after addition of hydrochloric acid
*two series of solutions were obtained, containing
bromine and bromine ion: 1) with [Brz] = 0.005 molar
~and with [Br"] = 0.01 molar, and 2) with [Bra] =
= 0.0005 molar and with [Br~] = 0.001 molar. The re-
action was carried out in the very same vessel in
" which the oxidation-reduction potential was subse—
- quently measured (see drawing).

4 The vessel consists of a small cylindrical
bottle of 38-40 ml capacity with a platinum electrode
sealed into the side tube. The stopper of the bottle

. ' is of ground glass. .The volume of reaction mixture
*was 80 selected that 1t filled the vessel almost completely, .thus avolding appre-

' ¢iable volatilization of bromine from the solution. The mixture was rapidly shaken

. and the bottle closed with the stopper.  Potential measurements were performed

. within 24 hours after the start of the reaction between the components of the mix-

ture; after this period, as shown in control tests, equillbrium has been' estab-

Si'lished and the potential remained constant after more prolonged standing The
'following chain was constltuted for ‘measuring the ox1dation reduction potential.

'[Pt |Bra, Br™ |mMEC | Ho1mM |H2|Pt|

v  In order to prevent the development of a diffusion potential at the bound-
- ary of both half-elements, the concentration of hydrochloric acld in the vessel
' for measuring the redox potential and in the hydrogen electrode was identical. The
‘}ielectrolytic bridge and the connecting vessel were filled with acid of exactly the
;ﬁ‘same molarity. We prepared the acid for 'the hydrogen electrode, the electrolytic
‘/‘bridge, and the connecting vessel in the following manner: To the same volume of
 @cid that was introduced into the vessel with the bromate-bromide mixture was added
a standard solution-of potassium hydroxide in quantity equivalent to the quantity

" of acid consumed during the reaction of the bromete with the bromide.’ Thereupon

. the volume was made up with water to the very same volume that was occupied by the
;solution under investigation A batch of this solution large enough for all of the
“parallel experiments was prepared and its molarity was determined by titration.

" In order to" check whether the activity of the hydrogen ions was the same in both
half-elements, the pH values of the hydrogen electrodes. were measured in a series
~of solutions connected to a saturated calomel electrode, and ‘other measurements
Were made in correSponding solutions, which had- contained the system Brp — 2Br~ s,
with the aid of the glass electrode after the redox potential of these had been
determined - Good agreement was obtained ih nearly all cases. "Results are given
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in Table 1. In the fourth column - . TABLE 1
the pH values calculated from the T

" hydrochloric acid activity on the -~ Molarity pH
: szis of Linhartis data [g] are ¥ of HC1l |By hydrogen|By glass Calculated
shown for comparison. ‘ .| electrode elgctrode f?om'actlvf
‘All of the messurements ety of Kol
© were performed in a thermostat at 8'8%28 1.38 l'gé 1'27
30°., Before the vessel used for 0.1822 éfll é.82 0'81"
measurement of the redox potential 0‘2211 Of7i O' 1 O.
was place in the thermostat, its .’ 0.5562 0-71 017 0-72
ground glass stopper was rapidly 0.5082 0:2 O.ZE O.EO
replaced by an electrolytic bridge, - O.6h95 0'29 0.26 O‘ o
one of the limbs of which was seal- ' O:860h 0.12 O.lh 0.36
Zioigzs.a similar‘groundrglass o 1.0177 011 0. 01 0.07
' 1.2300 0,00 -0.07 -0.02
The potential of the sys- _ 1.2592 -0.07 | -0.11 | -0.04’
tem Brp +.2¢ <= 2Br  is represen- 1.7935 - -0.26 -0.25
ted by the equation: ‘ ) 2.4735 -0.42 -0.46 ~0.46
, ' 8, 3.7496 -0.73 | -0.72 | -0.80
EBI‘Q/EBI'— = EO + 0.050 10g as_ = .

- : .030 1
where a; is the activity, vy is the activity coefficient, and cy is the concenfra;
tion of bromine; az 1is the activity, Yz is the activity coefficient, and cz is the
‘concentration of bromine ion. On measuring the emf of the chain constituted ac-
cording to the scheme given on p. 2024, we obtain: ' ' '

,_ . . ’ ‘Y
Emeas. = EBrp/2Br- 0.060 log ay = Eopr, /opp- + 0.030 log ‘Té +

| + 0.030 log 25 + 0.060 pH.
: Denoting Eo + 0.030 lbg ;ﬁ by Eo' (the "apparent" normal oxidation-reduc-
tion potential) we find: 2 . n
: 1 s ' . i
EOBrz/EBr- = Bpegs, — 0.030 log gé - 0.060 pH
when C; = 5°107 mole and Cz = 11072 mole, 0.030 log Sk = 0.051

and EoBr, /2Br™ = Epegs. — 0.051 ~ 0.060 pH ()

A

~when Cy = 5-107* mole and Ca = 11073 mole, 0.030 1og'§§-=’o.081

N

\

and EaBrZ/QBr- = Epeag. — 0.081 - 0.060 pH. | )

In Teble 2 are given the results of measurements of the potential of the
system Brz + 2e <= 2Br™, carried out in solutions with ¢, = 5 - 1073 mole and Cp =
1-1072 mole; in the fourth column are the values of4EoB . calculated from
equation (4). 'All of the results are the mean of severs /ggiues\differing.from
each other by 2-3 mV. ' :

In Table 3 are presented the results of measurements of the potential of .
the same system‘for Cy = 5°10 4 mole and Ce'= 11073 mole; E°Br /2Br' was calcula-
ted from Equation (5). ' a/== o

These two tables show that the value of the "apparent! normal oxiddtion-re-
duction potential of the system Brp + 2e = 2Br~, and consequently also the magnit-
ude of 0.030 log‘;%vat first increases with Increasing concentration of hydrochldric

. . . 2 N N : .
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TABLE 2. Lt mABIE B

e 'Tﬁrg 5 lo 3 mole. [BI""]= 1:10 2.mole . ['Brz] 5 lo 4 mole. [B_‘[‘"} =1-10"3 ‘mole ‘
f;l;gity PH' Emeas&f -'EéBra/zBr‘ o Mg%?;é;y | pH Emeas. | EoBra/2Br
0.0362 | 1.53 | 1.206 1.065 . o.obs8 | 1.37 | 1.211 |. 1.0kg
© 0.0894 | 1.12-| 1.200° ' 1.08, . 0.0918 | 1.12 | 1.207 1.05g
S o.7h7 | 0.8 | 1,188 | 1/08, . o1713 | 0.85 | .1.20L | 1:0bs.
0.2211 | 0.77 | 1.131 1,09, . 0.223k | 0.76 | 1.198 1.072
S 0.3595 | 0.55 | L1.A7T 1.095 . 0.7551 | 0.57 | '1.186 | 1.0y
.. 0,5111 | 0.k0 | 1.160 1.08, o508z | o.ho | 1.7k | 1.06e
. 0.6595-| 0.29 1.1h4 | 1.074 . 0.6493 | -0.30 | 1.165 1.06g
" 0.8604 | 0,16 | 1.135 1,07, 0.8762 | 0.15 | 1.150° 1.060
©1.0177 | 0.07 1| 1l.123 . 1.06 .. 1.0216 | 0.07 | 1.1i5 | 1.060.
S 1i2592 |-0.0k | 1115 1.066 = - 1.2%00 | 0.00 | 1.13k | 1.054
. 1.7804 |-0.25 1.094 1.056 1.7613 [--0.24 | 1.116 | 1.0kg
+ 12,5286 |-0.48 | 1.066 1.0k, . . 2.47%5 | -0.46 | 1.086 [ 1.03s
3.7496 |-0.80 | 1.045 | 1.0k 5;7630 ~0.80 | 1.047 1.014

" ,acid and then falls. A consideration of the factors capable of influencing the

" activity coefficients of bromine and bromine ion during increase in the concentra-
.,'tion of, liydrochloric acid suggests.that.the following are concerned: 1) the in- = .

v‘fcrease in the ionic strength of the solution, 2) the presence in the. solution of

" the equilibrium Brp + CL1~ —"Brzcl‘, and. j) the existence of the equilibrium
‘AVBI'2+BI‘ —-—BI‘3'. ‘

ISR Influence of the Magnitude of the Ionic Strength of the Solution

L v There are no data in the literature about the influence ,of  this factor upon
‘ the activ1ty coefficient of bromine, regarding the act1v1ty coefficient of ‘the
bromine ion, -this falls with increasing ionic. strength of the solution, according
to the data of Lewis and Randall [4], to a value of p=0.1. ‘

o o ., Influence of the Equilibrium Brg + c1- = BrzCl“

: It 1s cbvious that displacement of the equilibrium Braé+ C17 == BraCl- to

"*the right must reduce the activity coefficient of bromine. Jakowkin. [5] found,
Broj[C1™

o K= TEei-T values in the range. of O. 69-0. 76 ‘Tnis constent, hovever, is

; equal to O 708 according to Ray and Sarkar e ]

' Influence of the Equilibrium Bro + Br = Brs

. This eQuilibrium is bound to have an effect both upon the activity coef-‘.
‘ficient ?f bromine and that of bromine ion. Jakowkin [7] found that ' :
. Br KBr

K= T Ken = 0, 063 (0. 061 0. 066), similar results were obtained by Lewis and

‘ Storch [2]; Griffith, McKeOWH, and Winn [s] obtained approximately the same, values
. for the equilibrium constant, and according to their data K increases with in-
creasing ionic strength of the solution. '

_ Nevertheless, the foregoing equilibrium can scarcely be expected to exer-
',cise a great influence upon the magnitude "of 0.030 log Yl/Yz, ‘since ‘if the activ- .
. 1ty of Brp increased in consequence of the formation of Brz~, then the activity
coefficient of Br~ should be correspondingly reduced. Lewis and Randall [9]
<consider that the activity coefficient of Brs~ is 8% smaller than the activity
coefficient of Br~.. ' Hence, the.chief factor influencing the magnitude of the
t'gpparent" normal oxidation-reduction potential ‘of. the system Bro + e —» 2Br~ on ,
increase of concentration ‘of hydrochloric acid may be assumed to be the‘Equilibrium '

---.—-

’ Ths DH valuas 1n this table‘and the later tables are calculated from ths velues of the activity of HCl.

- “‘ “/ . ,’ EE
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Measurement of Redox Potential in Solutions of Mixtures with
o ‘Excess of Bromate -

In practice such mixtures are formed .during the'OXidation of feducing agents

with excess of bromate. In a hydrochloric acid medium in presence of an excess of
bromate the reactions: ' ' -

BrOs~ + 5Br- + 6Ht & 3Brz + 5H20; ' Brz + C1™ == BrpCl-, (1)
may be accompanied by the reactions: . , ‘ '
2BrOz~ + 10C1- + 12H+ <= Brz + 5Clz + 6HpO, - : (11)
6BrOz” + 5C17 + 6HY . 3= 3Brs + 50103~ + 3HzO, (I11)
C103™ + 5C1° + 6H' 3= 3Clz + 3Ha0. . o (1v)

‘ The hydrochloric &cid concentration at which resction (II) commences was
.established as approximately. 0.2 molar for a BrOs~ concentration of 0.001 molar.
The following procedure was used for determination of the foregoing hydrochloric
acid concentration. Into flasks with ground glass stoppers were introduced 1 ml
of a 0.02 molar solution of KBrOz and 20 ml of hydrochloric acid of varying con-
centration; a small plece of paper moistened with indigo carmine was suspended in
the flask and then the flask was tightly closed. At hydrochloric acid concentra-
‘tions of 0.17 and 0.22 molar, decolorization of the edges of the paper, was observ-
ed only after 24 hours; at a hydrochloric acid concentration of 0.35 molar, de~
-colorization of the paper set in rapidly. 1In precisely the same manner the mini-

)

mum concentration of acid required for initiation of reaction (IV) was established.

After 24 hours traces of chlorine were detected at hydrochloric acid concentrations
of. 0.88 molar and 1.08 molar; at a HC1 concentration of 1.25 molar and higher,
appreciable decolorization of the indigo carmine was observed only after 24 hours.

" For confirmation of formation of chlorate ion in a hydrochloric acid solu-
tion' of bromate-bromide mixture on prolonged standing, we applied the method of
Fichter and Tschudin [10] for quantitative determination of bromates in presence
of chlorates. The basis of the method is that the reaction between bromate ions .
and iodine ions proceeds almost,instantaneously, whereas that between chlorate
ions and iodine ions proceeds extraordinarily slowly. In our case bromate ions
participate in the reaction with iodine ions (if not all of the bromate has decom- .

posed towards the end of the reaction), as well as free bromine and free chlorine; .
" consequently the difference between the quantity of bromate taken and.that found

after reaction with hydrochloric acid should correspond to the amount of chlorate

formed., Into a flask with a ground glass stopper were measured various amounts
 of bromate and hydrochloric acid; after standing for 24 hours, the sum of the
bromate, bromine and chlorine was determined iodometrically. Results are’ shown
in Table 4. In Expt. 3 the solution was diluted twice before the addition of
potassium iodide; in Expt. 4 it was diluted U4 times. T

TABLE 4 _
. Expt. | Volume of | Molarity of Vo;ume of |Amount . | Amount : R
~ No. [ HCL (ml) [the KBrOs [KBrOz (ml)|of KBrOs |of KBrOs Note
: _ taken, g | found, g
1 20 0.15 1.00 =1 0.0027" | %0021 | In the last column
.2 , .20 0.37 - 1.00 0.0027 0.0018 | the amount of KBrOz
3 o) 0.50 . 10.00 0.0283 0.0208 | comprises the sum of
b Lbo- 2.50 , 10.00 0.0283 ' 0.0158 | KBrOsz, Brz and Clp,

computed as KBrOgs
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B The low speed of this’ reac

The slowness of reaction (III) is’ demonstrated by the facét that bromate in :
“hydrochloric acid sOlutions can be quantitatively determined with great accuracy. . °
tion may be explained by the fact that there is a very

' slight difference between the oxidation-reduction potentials of the systems

SBrOs~ + 10e + 120+ 3= Brg + 6H20 ,

, "and ~ ClOs-. + 6e + 6HF = C1™ + 5H20
' The normal oxidation-reduction potentials are EoBr93 Bro = 1.50 V and
EJClO 1-= 1.44 V.. The-equilibrium constant of t & reaction, according to
these dgta, is 1030 (at 30°). ‘

f From the foregoing observations it follows that the following systems must
be present in hydrochloric acid solutions of bromate-bromide mixtures with an
excess of bromate: bromate-bromine, chlorine—chlorine ion, chlorate—chlorine ion,
and- chlorate—chlorine, their amounts dependlng upon the hydrochloric acid concen-

R tration.

.. The nature of the changes of redox potential of solutions of this type was
studied by the same method as for “the system Brz + 2e == 2Br~. The initial solu-
tions of bromate and bromide were mixed in the ratio of T7:5 and diluted fivefold
with solutions of hydrochloric acid; the reaction mixture was left for 24 hours
and then the oxidation-reduction potential was measured Results for two series

’of solutions are presented in Tables 5 and 6. . ‘ ,

TABLE 5 L O TABLE 6
R Initial conc. of KBrOsz and KBr = , Inltial conc. of KBrOs and KBr =
0,05 molar . . ‘ . O 005 molar
Molarity ' OH E Redox ) Molarity| - 0 E Redox '~
. .of HC1 pa. mesas. potential o of HCL |- p meas. potential
o, 0,0362 1.1.53 |1.361 " 1.26g - . - - 0.0458 | 1.37 1.352 1.274
"0.0894 1.12 |1.381 1.314 . 0.0913 1.12 | 1.368 1.30;
0.1747 | -0.84 |1.407 - 1.355 - ©0.1822 0.81 | 1.377 | 1.32g
0.2211 | 0,77 |i.kb11 | 1.36s = - 0.223k 0.76 | 1.383 1.33,
- 0.3595 0.55 | 1.401 1.36g - . 0.3551 0.57 | 1.k00 |  1.364
' 0,5111 0.40 [1.,386 .| = 1.362 : ~0.5082 0.40 { 1.383 | 1.35g
0.6595 | 0.29 |1.369 - 1.352 . - 0.64k93 | 0.30 | 1.373 1.355
© 0.8604 | 0.16 |1.342 7| 1.33z  0.8762 | 0.15 | 1.354 1.345
o l.017F | 0.07[1.338 | . 1.334 - . 1.0216 |- 0.07 | 1.322 1.31g
1 1.2592 |-0.04 [1.325 - 1.32, 1.2300 0.00 | 1.296 1,29,
1.7804 " |-0.25 [1.297 | 1.315 - 1.7613 | -0.2k | 1.266 1.284
© . 2.5286 |[-0.48 }1.267 1.29¢ ©o2.4735. | -0.46 | 1.236 1.264
'3.7496 ' -0.80 1.225 .1.273 ) . 5.7650 | -o.8o~',1.185 1.23;-

- These tables reveal that with increasing concentration of hydrochloric acid
from 0.0k to0.3.75 molar, the oxidation-reduction potential of the mixture at.
_first rises fairly rapidly up to a concentration of 0. 55 mole of hydrochloric .
acid and thereafter falls gradually ! . :

This influence of the hydrochloric acid concentration may be ascrlbed to
the fact that at low concentrations of hydrochloric acid .the system bromate-
bromine predominates in the solution, and the potential of this system increases

. with increasing hydrogen ion concentration. At the same time in the solution
’, there is formed, according to reaction (III), the system chlorate-chlorine ion,
- the potential of which, on the one hand, must increase with increasing hydrogen
don concentration, and, on the other hand must fall sharply with increasing

.;',concentration of chlorine lons. Finally, at a hydrochloric acid concentration

hiSher than 0.2 molar, the rapid reaction (II) takes place, t.e. » the predomina-
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ting influence upon the potential of the mixture will be exerclsed by the system
© Clz + 2e &= 2C1-.

SUMMARY

‘1., ‘A study was made of the influence of the hydrochloric acid concentration~
upon the oxidation-reduction potential of the system Bro + 2e ;=-2Br within the
concentration range of 0.04-3.75 moles HC1. . '

2. Up to 0.22 molar concentration of HC1 the potential‘was found to in-
crease, and subsequently .to fall. :

. 3. The cause of the fall in the redox potential is the reaction Brs + C1°
‘—— BTQC].

. The reactions taking place in hydrochloric acid solutions in bromate —
bromide mixtures containing excess of bromate were investigated.

5., The oxidation-reduction potential of bromaste — bromide mixtures contain-
ing excess of bromate was studied in dependence on the hydrochloric acild concen-
tration in the range of O. Ok to 3.75 moles HCl. o

6. The potential 1s found to increase with increase of hydrochloric acid
concentratlon to 0. 35 molar, and then falls.

7. The cause of the fall in the redox potential is the predominance in -
strong hydrochloric acid soiutions of the system Clz + 2e ;2'201
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