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The rate of clilorine excliange between hypochlorite and chloride ions has been investigated in the range of pH 0.6-13.7.
Tle reaction was found first order in hypochlorite and chloride concentrations and second order in hydrogen ion concentra-
tion. The rate constant for the expression R = kE(HOCI)(C17)(H+*)is 3.16 X 1013 1.2 mole~2 min.~! at 27°, The chlorine
exchange proceeds at a slower rate than the chloride catalyzed oxygen exchange between HOC! and water (Anbar and
Taube®).  An intennediate (ITOCIC) ~ is suggested for the oxyvgen exchange renction, which may exchange its oxygen with
water without interchanging the chlorines.  Tlhe same intermediate is postuloted for the chlorine exchange reaction. Cataly-
sis of the ¢hlorine excliange by aleoholate ious demnoustrates a dircet exchange path througlh the respective hypochlorites.
h1 contrast to the behavior of the free acid, the chlorine exclinnge between ¢-butyl hypochlorite and chloride ions was found

hoth acid and basce catalyzed, the acid catalysis being first order in H+* and involving most probably {-BuOCIH +,

Introduction

In our preceding paper' we have described the
kinetics of interaction of hyvpobromous acid with
bromide ions as compared to the bromide catalyzed
oxvgen exchange of hypobronious acid. In an
analogous manner we shall follow in this work the
chlorine exchange between hypochlorous acid and
its esters with chloride ions.? The catalytic effect
of chloride ions on the rate of the reaction was found
considerably slower than the interaction of bromide
ions with hypochlorous acid.®* This large dif-
ference in rates, compared with the fact that in the
case of hypobromous acid the rate of interaction of
chloride 1ons with hypobromous acid is faster than
that of bromide ion, was rather surprising.* Fur-
ther, there was an observation® that the rate of
chloride c¢xchange with hypochlorite ion at 0.1 1/
sadiumr hiydroxide procceds considerably  slower
than the chloride catalyzed oxvgen exchange.
It has been pointed out® that this result may ex-
clude a straight forward substitution of the oxygen
by the chioride fon. This result is alse contrary
to the findigs i the case of hypobromous acid!
witere bromine was found to exchange fasfer than
the catalyzed oxygen exchange,

The purpose of this work was to clucidate the
mechanism of interaction of chlorine ions with hiy-
pochlorous actd by following the rates of chlorine
exchange over an extended range of concentrations
of the reagents.  These results are to be compared
with the kinctics of chlorine exchange between
¢-butyl hypochlorite and chloride ions.

Experimental

The chloride-free hiypochlorons acid was prepared by ex-
traction of o chlorine monoxide solution in carbon tetra-
clhiloride into a sodium hydroxide solution.  The concentra-
tion 6Of tle sodium hvdroxide was fixed so that tlie final
alkalinity after extraction would be in the desired range of
pH. The chlorine monoxide solution was prepared by
shaking a clilorine solution in CCly with analytical freshly
prepared mercuric oxide,  Care was taken to avoid niois-
turc in tlie chlorine and in the HgO. The chloriie monox-
ide solution was avalvzed for frec clilorine before use. This
wis done by titrating the iodide released in the preseunce of
an aliquot of standardized acid and tlen titrating the excess
of tlie acid ijodontetrically by adding iodate in excess.?
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Stock solutions were discarded if the chlorine content ex-
ceeded 5%; of the total oxidizing power. The concentration
of the hypochlorite solutions was determined iodometri-
cally, using standardized sodiuin thiosulfate.

Radioactive hypochlorous acid was prepared by hydroly-
sis of radioactive f-butyl hiypochlorite. Radioactive clilo-
ride of high specific activity was added to a chloride-frec
hypoclilorous acid solution, the solution was acidified to
pH 9, t-butyl alcoliol was added and the radioactive #-
butyl hypochlorite formed, was separated, washed aud
dried.® In more recent experiments tlie dircet excliange be-
tween {-butyl hvpocllorite and chiloride ions was used to
produce labeled ROCL. This was achieved by shaking ¢-
butyl hiypochlorite withh an acid solution containing radio-
active cliloride of high specific activity,

In the alkalinities under investigation, there is practically
complete hyvdrolysis of ¢-butyl liypochlorite,® tlus the ester
could be used as a carrier of cliloride-free hiypochlorous acid.
It hias been shown that if the hiypochilorous acid concentra-
tion does not exceed 0.1 muolar, there is little effect of the
aleohol fored by hydrolysis on the rate of exchange.

The anliydrous ¢-butyl alenhiol for tlie ~-BuQCl-Cl— ex-
change experinients was prepared from conmmercial purified
alcoliol.  The alcoliol wus first fractionated and the fraction
boiling in the range of 81-82.5° was scparated. This was
dried over crystalline sodium aluminuin silicate (Linde
Molecular Sieve Type 4a) and redistilled. Then about 1 g.
of metallic lithimm was added anud the alcoliol was fraction-
ated again. The amount of water renaining was of the
order of 10 T wolar (about 10 p.p.n1.l.

The cliloride solution i1 absolute -BuOI was prepared
by dissolving analytical lithium ehiloride in the alenliol under
reflux and using the saturated solution.  Solutions of the
order of 1072 molar could be abtained. The BuO~ solu-
tions were obtained by dissolving mietallic lithiimm in the
aniivdrous alcohol.  When the aleolinl was extremely dry
solutions of the order of 107 molur could be prepared.
though traces of moisture made these solintinoms unstable and
IiO1L, possibly together with LiOBun. was precipitated.
The acid soluticmis in absolute +BuOH were prepared by
preparing a 0.1 molar solution of p-tolnenesulfonie acid in
-BuOlI.  This solntion, which contaiued water, was frae-
tinnated with benzene aud most of the water was removed
in form of the azeotrope.  The solution finally contained
less than 0.39¢ water.  This solution was now diluted with
absolute +-BuOll to the desired range of acidities (107%-
1073 molar). Tlus the water was diluted to sanie order of
magnitude as in the basic sulutivus.

The radioactive clilorine used, clilorine 36, was used at
two levels of specific activities. Puotassiuin chloride® ob-
tained from Harwell and lhaving a specific activity of 1
microcurie per gram, was recrystallized. HCI%, having a
specific activity of about 100 niicrocuries per gram, was ob-
tained from Tlie Radiocliemicsl Centre, Amersham, and
was used for preparing radioactive f-butyl hiypochlorite.
All otlier reagents were of analytical grade.

In the acidity range up to pH 12 the alkalinity was kept
constant by phosphate buffer and was determined with an
alkaline glass electrode using the Beckman Model G pH
Meter, with an accuracy of =#0.05 pH unit. At higher

(8) AL, Aubar and 1. Dostrovsky, J, Chem. Scc., 1094, 1103 (1954).
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TABLE 1
THE EXCHANGE OF CHLORINE BETWEEN HYPOCHLORITE AND CHLORIDE IONS
Phosph k"
buf AN k’ 1.3 mole =3

No. ?H (OC17) (C17) mole;1 min. 1. mole ! min, =1 min, "} Remurks
1.01 9.6 0.0017 0.0017° 0.1 8.7 23.5 0.38 K
1.02 9.8 00043 .0017° 1 26 12.5 .50 ¢
1.03 9.9 .002 .0026° .1 18 8.4 .53 ¢
1.04 10.2 .47 .05 2 0.3 4.43 1.08 -
1.05 10.5 .21 .033 .2 3.0 0.96 0.00 N
1.06 10.6 .53 .05 .2 2.1 .57 .01
1.07 10.7 .30 .25 2 3.0 42 1.05 b
1.08 10.7 .08 05 2 24 .23 0,58 ‘
1.00 10.8 15 09 2 14 21 .81 d
1.10 10.8 .73 05 05 4.8 19 76 N
1.11 10.8 65 .05 8 6 A7 08 "
1.12 10.8 .37 .05 .2 6.3 .27 1.08 “
1.13 11.1 .47 .05 .2 20.0 .67 1.06 “
1.14 11.3 .37 17 2 42 .031 1.24 b
1.15 11.3 .45 .05 .2 50 028 1.12 N
1.16 11.3 .45 .05 2 60 023 0.92 ‘1Y F-
1.17 11.6 .70 05 2 120 T.7 X 1078 1.23
1.1% 11.8 .35 .20 .2 312 4.0 X 103 1.60 b
1.19 12.1 .50 .05 .2 2760 0.45 X 103 0.57 N
1.20 12.5 .05 1.00 3870 0.12 X 1073 0.38 i
1.21 13.0 .05 1.00 50500 1.25 X 103 1.25 .t
1.22 13.0 .05 5.00 9900 1.4 X 10-° 1.40 ot
1.23 13.3 05 5.00 35500 .38 X 1073 1.52 “

¢ Kinetics followed cliloride activity.
centration deterniined by dilution analysis.

alkalinities no buffer was used and the OH ~ concentration
was deterniined by potentiometric titrations.

The BuO~ concentratioits in the ¢-BuOCI-Cl~ exchange
experiments were deterinined by potentiometric titrations
after introducing an aliquot of the alcoholic solution into
COs-free distilled water.

The reaction inixtures cortaining hypochlorite and chlo-
ride io11s in a buffered or unbuffered solution were kept in a
thermostat at 27 =+ 0.2°. Aliquots were withdrawn at
different timme intervals and their activity was dctermined
by the following methods.

1. Radioassay of the Hypochlorous Acid up to pH 11.5.—
An aliquot of 1 ml. was added to a 5-1nl. aqueous suspension
containing 1 g. of silver phospliate and was meclianically
shaken. Tlen the silver chloride aud the excess of silver
plhiosphate were separated by centrifugation. The solution,
which was now chloride-free, was acidified to pH 8 und ¢-
butyl alcohol was added. Tle ¢-butyl hypochlorite formed
was extracted by 2 ml. of tolucne and the toluene solution
was transferred into a 5-inl. volumetric flask and diluted to
5ml. An aliquot was taken and introduced to a scintilla-
tion solution which was counted (¢f. ref. 1). An aliquot
was later taken from the scintillation mixture, was added to
an acid iodide solution and titrated with standardized so-
dium thiosulfate. This procedure giving thie specific ac-
tivity of tlhe sample was shiown to yicld a 98¥¢ couuting
cificiency of the radioactivity. Moreover, the scintillution
mixtures containing the hypochlorite ester were shown to
remain stable for hours in respect to tlie hypochlorite cou-
tent, thus making the iodometric titrations quite reliable.
There have been some attempts to use tlhe reaction of hiypo-
chlorous acid with p-cresol for radioassay.! Tlie results are
satisfactory but, as the f-butyl hyvpochlorite method gives a
direct measure of the specific activity, the p-cresol method
was rejected.

2. Radioassay of the Chloride Ion.—The silver chloride-
silver phosphate mixture obtained by centrifugation (see
above) was washed with water, then dilute ammonium hy-
droxide was added. This dissolves the phosphate, as well
as some silver oxide formed. The remaining silver chloride
was filtered and the filter paper mounted for counting with a
Geiger counter. This procedure was improved in later ex-
periments by separating the silver chloride by centrifuge,
dissolving it in concentrated ammonium hydroxide and
evaporating thie solution in a counting dish. When the ¢-

® Kinetics followed liypochlorite activity by the f-butyl
¢ Kinetics followed hypochlorite activity by the p-cresol method.
TR = RJ(HT)

hypoeblorite metload,

4 Kineties started witlt radioactive hypochlorite. = Con-

butyl hypoclilorite niethod was not applied, silver pliosphate
or silver acetate was used to precipitate all the chiloride and
tlie supernatant was rejected. At higher concentration of
chiloride, wlien large aitounts of AgCl were to be connted,
the silver chloride was dissolved i1 ammmoninm hydroxide
solution aud then the solution was evaporated 11 a counting
dish on a rotatory dryer to obtain a homogeneus laver for
counting. At higher alkualinity (pH > 11.5) fornatim of
silver oxide interfered with the quantitative precipitation of
silver cliloride; thus in these cases, which were also runs
of higher chloride concentrations, only a part {100-30¢ i of
the total chiloride was precipitated.  The preeipitation was
done by adding a constant volmne of silver perchlorate
solution to the reaction mixture.

When the concentrations of rudicactive chlorhle were
very low (pH >10), the aliquits of the reaction mistnre were
quenclied in 0.2 1/ sodium hiydrxide solntion amtaining
0.01 A7 chloride as carrier.  In these mus the chloride con-
centration was deternmmined by dilution analysis. camparing
the specific activitics at tinie zero and at eqnilibrinm with
the concentration of HOCI as determined iodnmetrienlly.
The equilibrimm values of activity for very long rmns were
obtained by acidifying the reaction mixture privr to the ad-
ditiom of the silver salt.

The kinetics of chiloride exclhiange bhetween -BuOCT and
Cl= were followed by introduciug aliquots of the reaetiom
nmixtures into a kiowu volunie of silver perelidorate solution
i anhydrous acctone. Silver chloride precipitated and it
was centrifuged, washed with dry acctone, centrifuged again
and then dissolved in concentrated anmmonimm hydroxide
solution and transferred to a comnting dish for ¢vaporation.
At chloride concentration below 3 X 1072 the aliquot of the
reaction mixture were first mixed with a 5 X 1072 molar
chloride solution in anhydrous ¢-butyl alcoliol and then the
AgClO, solution was added. Tliere was no innduced ex-
change in this procedure.

Results

The rate of chlorine exchange between hvpo-
chlorite and chloride ions was investigated chang-
ing the chloride concentration 251)0-fold, the hypo-
chlorite concentration 1500-fold and the hy-
drogen ion concentration 10,000-fold. Over this
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wide range of concentration, half-lives of the ex-
chunge ranged from 12 seconds to over a vear, but
the rate law remained unchanged,  Table I pre-
sen1ts a selection of tvpical runs under different
coneentrations of the reagents. Each run con-
sists of  3-10 points and the constmits given
are averages.  The standard deviation in 90 of
the runs does mot exceced 25,0 All the exchange
results are given in Fig. 1as function of pH,

S
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L
7

Specific riate, 1. mole~1 min. "L

10-5

107 = —

1!LJ1[J(11'iiJIf
11.8 128 136 14.0 pH.

I O T

11.0

0.4 10.2

Fig. 1.—The rate of HOC1-C1~ exchange reactions as func-
tiom of pH: (1) HOCI-Cl~ chlorine exchange; (2) Cl~ cat-
alyzed oxygen exchange with water?; (3) HOCl-Br— —
HOBr - Cl- reactiom?® (Ordinate = specific rate 1. mole™!
min, 74,

From Table I it may be seen that the rate of
excliange s proportional both to hypochlorite and
to chloride concentration and to the second power
of hydrogen ion concentration. Also it is found at
pH < 12 that there is no substantial effect of the
buffer concentration, (it should be noted that phos-
phate buffer is both a general acid and general
base) (¢f. 1.10, 1.11, 1.12). On the other hand a
small negative salt effect may exist (¢f. 1.15, 1.16).
In the more alkaline region, however, a kind of
general base catalysis to be described in a fol-
lowing paragraph is detected. The dependence
on the hydrogen ion concentration is clearly demon-
strated in Fig. 1 which displays data extending over
four pH units and over nine orders of magnitude of
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the rate constant &2’. TUsing all our data k" is
0.3 £ 2.8 X 10*1.*mole % min. 1.

The rate law, rate = %" (H*)¥ClO~)(Cl7),
can be presented in the equivalent form k‘(H*)-
tHOCL:Cl—). Taking the disscciation constant
of hypochlorous acid A, = 3.4 X 1078 (¢/.7) into
accountt, & becomes 3.16 = 0.95 X 103 1.* mole—*
i, T

The effect of #butyl alecchol. ethyl and methyl
alcohol o the rate of chlorine exchange, are
presented n Table IT.

TaBLE I1
THE EFFECT OF ALCOHOLS ON THE RATE OoF CHLORINE Ex-

CHANGE

!OH ") (RO1) (OC17) (C17) I mole}\'lvmin.'l
2.01 0.1 0.05 1.0 7.5 X 1078
2.2 B! 0.2" 05 1.0 1.1 X 103
2.03 1 1t 05 1.0 1.6 X 10-°
2.04 1 o 05 1.0 29X 107
2.05 1 3 5 1.0 4.4 X 1078
2.06 1 2" 05 1.0 7.3 X 108
2.07 .5 .. .05 1.0 2.5 X107
2.08 5 1° 05 1.0 2.5 X 1078
2.09 .5 on .05 1.0 4.5 X 10°8
2.10 1° .05 1.0 2.6X10°¢
2.11 5 14 .05 1.0 2.6X10°¢
2.12 5 2 .05 1.0 9.1 X 10t
s t-BuOH. ? Dioxane. <EtOH. ¢ MeOH.

It may be seen that alcohols have a catalytic
effect on the rate of exchange which is not a solvent
effect (¢f. 2.01, 2.04, 2.06; 2.09, 2.12). In the
case of /-butyl alcohol the effect can be shown
to be directly proportional to its concentration and
inversely proportional to the hydroxyl ion concen-
tration.

From the rate coefficients of runs 3.01-3.05 and
3.07, one can compute the specific rate coefficient
E for R = k({-BuOH)(OCI7)(C17); % is found
1.1 X 107 1.? mole~? min.~! at 0.1 molar OH~ and
2.2 X 10~%at 0.5 molar OH ™.

Table II[ presents the effect of acetate ion con-
centration on the rate of chlorine exchange. The
results of these series were not as reproducible as
those in unbuffered or in phosphate buffered solu-
tions, thus they allow us only a qualitative inter-
pretation.

TasLe II1
THE ErFrECT OF ACETATE IOoNs ON THE RATE OF CHLORINE
EXCHANGE
(OH ") (AcO ") (OC171 (C17) L mole%‘ ‘min. -1
3.01 0.006 .. 0.05 1.0 4.4 X 1078
3.02 .006 1.0 053 1.0 2.2 X 1072
3.03 .006 3.0 05 1.0 1.4 X 1072
3.04 .03 . 05 1.0 8.0 X 1078
3.05 .03 0.5 05 1.0 2.4 X 107
3.06 .03 1.0 05 1.0 1.3 X 1073
3.07 .03 3.0 .05 1.0 6.3 X 107¢
3.08 1 .. 05 1.0 5.5 X 10°%
3.09 .1 3M NaClQ, 05 1.0 4.4 X 1078
3.10 .1 0.5 05 1.0 4.2 X 10°¢
3.11 1 3.0 05 1.0 4.1 X 1078
3.12 1 1.0 05 5.0 1.7 X 1078
3.13 .25 .. 05 5.0 1.6 X 10°*
3.14 .25 1.0 05 5.0 6.9 X 107¢
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We see here a definite catalytic effect of acetate
ions on the rate of exchange. The effect becomes
more pronounced with the rise of alkalinity (cf.
3.02, 3.06; 3.05, 3.10; 3.03, 3.07). The catalytic
effect of acetate ion is smaller at higher chloride
concentrations (¢f. 3.10, 3.12; 3.14}. Itseems that
at higher acetate concentrations there is a decrease
in the catalyvtic effect of acetate ions (¢f. 3.02,
3.03; 3.06, 3.07) which cannot be accounted for by
a simple salt effect (¢f. 3.0S, 3.09, 3.11).

The kinetics of -BuOCI-Cl~ exchange studied in
anhydrous t-butyl alcohol are represented in Tables
IVa-IVc. The reproducibility of these kinetic
data is limited due to the effect of traces of water
on the rate of exchange and due to the fact, that
both butoxide and chloride solutions in the range
used were oversaturated. Therefore we will con-
sider these results on a semiquantitative basis only.

Table IVa represents the effects of t-BuOC],
t-BuO~ and Cl~ ions on the rate of chlorine ex-
change.

TABLE IVa
THE EFFECT OF {-BuQOC], C1~ AND BuO~ oN THE RATE OF
CHLORINE EXCHANGE BETWEEN {-BuOC! anp Cl~ IN AN-
HYDROUS {-BuOH
k' X 102,

(BuO ) (C17) (BuOCl17) e, 1. mole ™1

X 10% X 102 X 102 min. min. 1
4.11 3.5 6 25.0 20 11.2
4.12 3.5 6.1 12.5 30 12.5
4.13 3.5 6.1 5 35 17.8
4.14 3.5 6 2.5 44 18.6
4.15 3.5 6 1.0 120 8.3
4.16 3.5 6.1 0.5 150 7.1
4.17 3.5 6 0.25 210 5.3
1.21 2.5 35.0 4 11.5 15.5
4.22 2.5 14 4 13.5 28.5
4.23 2.5 7 4 15 42
4.24 2.5 3.5 4 27 31
4.25 2.5 1.4 4 42 31
4.26 2.5 0.7 4 61 24
4.31 50 7 5 19 31
4.32 25 7 5 22 268.5
4.33 12.5 7 5 28 20.4
4.34 5.0 7 5 34 17
4.35 2.5 7 5 45 13
4.36 0.5 7 5 144 4
4.41 .35 6 4 98 7.1
4.42 .23 6 4 245 2.8
4.43 077 6 4 675 1.03
4.44 .037 6 4 1240 0.56

The consistency within a series of runs performed
with the same reagent at the same time is better
than that between different series.

From series 4.11-4.17 it may be seen that the
exchange does not deviate appreciably from the
second-order rate law. Thus changing {-BuOCl
concentration one hundred fold did not affect the
calculated rate constant by more than a factor
of two; the same is true of the effect of chloride ion,
the concentration of which is changed fifty fold.
As may be seen in series 4.31-4.44, increasing the
concentration of butoxide ions increases the rate
of exchange, but not in a simple manner. Com-
paring 4.31 with 4.44 we see that changing but-
oxide concentration by a factor of over one thou-
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sand, induces a rate catalysis by a factor of sixty
only. On the other hand comparing runs 4.35
with 4.42 we see a fivefold change in rate following
a ten-fold change in butoxide concentration;
morover comparing 4.41, 442, 443, 4.44 shows a
first-order proportionality between the rate of
exchange and butoxide concentration. It should
be borne in mind that at the higher butoxide con-
centrations we are concerned with saturated or
nearly saturated solutions of hLithium butoxide.
It may be suggested that at these concentrations
most of the butoxide exist in form of ion pairs,
thus we obtain a reduced catalytic effect.

Table IVb demonstrates the effect of water and
acetate ions on the rate of exchange.

TABLE IVb

THE EFFECT OF WATER AND OF ACETATE IONS ON THE RATE
oF CHLORINE EXCHANGE BETWEEN /-BuOC!l AND CHLORIDE

Ioxs

(BuO-) (C17) (BaOCDH  (H:0)  (AcO-) tea,

X 108 X 102 X 10% X 102 X 10-3 min.
4.51 3.8 T 5 264 3.3
4.52 3.8 T 3 8R 6.5
4.53 3.8 7 5 26 7.8
4.54 3.8 v 5 8.8 9.3
4.55 3.8 7 5 2.6 12.7
4.56 3.8 7 5 0.9 .. 13.5
4.61 20 4 2 1.4 22
4.62 20 4 2 2.8 15
4.63 20 4 2 5.6 26
4.7 8 6 0.8 1.4 58
4.72 8 6 0.8 2.8 107
4.73 8 6 0.8 5.6 115

From Table Vb it can be seen that water has
a positive catalytic effect on the rate of exchange
and that acetate ion has no effect on the rate of
reaction. The behavior of the {-BuOCI-Cl~ system
in the acid region is summarized in Table IVe.

TABLE IVe

THE EFFECT OF TOLUENESULFONIC ACID ON THE RATE OF
CHLORINE EXCHANGE BETWEEN {-BuOC! AxD CHLORIDE
Ions 1IN ABSOLUTE -BuOH

(H*) (C17) (BuOCH k7T(H*)
X 108 X 10 X 102 fie k’ k"e X 108
4.81 800 6 5 3 2.1 2.05 2.6
4.82 500 6 5 6.6 0.95 0.90 1.8
4.83 240 6 5 14 .45 .40 1.7
4.84 200 6 5 9 .89 .64 3.2
4.85 80 6 5 16.5 .38 .33 4.1
4.86 40 6 5 28 .23 .18 4.5
4.87 16 6 5 38 184 11 6.9
4.88 8 6 5 65 097 047 5.9
4.89 4 6 5 115 .055 .005 1.2
4.90 .. 6 5 125 .050
k= 3.6x1.8 X 10% 1.2 mole™? i, !
s k” = k’ — k’pyon; k’puom is the rate constant of tle

non-catalyzed reaction as it appears in run 5.90.

It can be seen from Table IVe that the chlorine
exchange is acid catalyzed and that there is a
first-order dependence on (H™)

R = k(H*)(BuOCI)(C17), £ = 3.6 X 1051.2 n1ole ~2 min. "
Discussion

The interaction between hypochlorous acid and
chloride ions in aqueous solutions may lead to three
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different results: (1) chlorine may be formed;
(2) the chlorine atoms may exchange; (3) there may
be an induced oxygen exchange between hypo-
chlorous acid and water. In fact the first inter-
action HOC! 4+ Cl— &2 Cly + OH~ will result in
a simultaneous chlorine exchange and a chloride
induced oxygen exchange. Kinetic studies of the
chloride induced oxygen exchange? and the chlorine
exchange between hypochlorite and chloride ions
presented in this paper may be compared with the
kinetic study of chlorine hydrolysis? which implies,
by using the equilibrium constant for the chlorine
hydrolysis,*® the rate of chlorine formation from
HCl 4+ HOCL We do see that the above-men-
tioned three interactions proceed at different rates

(1) The chlorine formation®1?; rate = &(HOCH)(Cl7)-
H +
(2) The chlorine exchange; rate = k(HOCI)(Cl=)(H*);

ks >k

(3) The chloride induced oxygen exchange?; rate =
k3(HOCL)(C17) does not lead to chlorine exchange.
(Reactions 2 and 3 are compared in Fig. 1.)

The mechanism of reaction 3 has been discussed
i1 a previous paper? and it has been concluded that
the chlorine atoms in the activated complex (H.O-
HOCI-C17) do not become equivalent whereas
the oxygens may exchange. Next we have before
us an activated complex (H;O+.HOCI-Cl—) which
leads to a chlorine exchange.!' This activated
complex, having the same composition of the
activated complex of reaction 1 must behave dif-
ferently and no free chlorine is formed by its de-
composition. The difference between the two
nodes of decomposition of two similar activated
complexes may be due to a different position and
role of the water molecule. 1In the case of chlorine
exchange the water molecule is probably attached
to the terminal chlorine which subsequently be-
cotnes a hypochlorite chlorine

(I1:*OCI*C1—-H,0) == H:0 + Cl- + *CIOH,* =
H.O + Cl~ + CI*OH + H*

In the case of chlorine formation the water molecule
may be attached to the hypochlorous acid end of
the complex (H,0-H;OCl-C17) &2 2H,0 + Cl.

The precursor of the (H.O-CICIH.O) complex
is probably the (HOCICI~) ion the role of which in
hypohalite cheinistry has been discussed else-
where.? The rate-determining step in this case
will be therefore a proton transfer to this trihalide-
like ion. Assuming arbitrarily that the equilibrium
constant for the formation of HOCICI~ is equal to
unity, we end up with a rate constant of 3 X 10181,
mole™! min.~! for the proton transfer, which is
comparable to the value obtained by Eigen for fast
proton transfer reactions.!?> The precursor for the
formation of the second type activated complex is
probably the hydrated H.OCl* which exists only in

(9) 1i. Shilov and S. N. Solodushenkov, J. Phys. Chem. (I'SSR), 21,
1159 (1017).

{10) W. M. Latimer. “Oxidation Potentials.”” Prentice—Hall, New
Yark.N. V. 1052, p. 51,

(11) Whelher oxygen exchanges simultaneously with chlorine at pH
vilnes below 9.5 where reaction 3 shoald dominate has not been proven
(cf. Pig. 1) because of experimental limitations_but i1 is most probable
that this is aclually the case.

(12) M. Eigeu, Z. physik. Chem.. 203, 170 (1954):
Noe.. 17, 194 (1051,
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much more acid solutions than those studied
by us.813

Comparing the four reactions HOCl 4 Cl-,
HOCI1 4 Br—, HOBr 4+ Cl— and HOBr 4+ Br— we
note, that the HOCI-Br— reaction® proceeds at a
higher rate than Cl— catalysed oxygen exchange.?
Assuming that the rate determining step in the
chloride catalyzed oxygen exchange is most prob-
ably the nucleophilic attack on HOCICI— which it-
self may be formed at a much higher rate, thereis no
incomnsistency between the HOCI-Cl— and HOCI-
Br—interactions.* It hasbeen suggested that BrCl
is formed as intermediate in the HOCI-Br-— re-
action.!* It seems probable that when a bromide
ion attacks an HOClmolecule, a HOCIBr —is formed,
this ion is capable of losing its OH~ and forming a
CIBr molecule which hydrolyzes instantly to
HOBr and Cl—. Remembering that the Br— will
attack HOCI on the Clside because this is slightly
positively polarized!® and assuming that the (HO-
CIBr)~ ion is linear in analogy to trihalide ioms,
we may exclude the possibility of releasing a Cl—
ion from the (HOCIBr)~ ion in a single step. The
comparable rates of the HOC!-Br, HOPBRr-Br,
HOBr—Cl~ reactions, namely 1.77, 1.8 and 4.8 X
105 1. mole~! min. ™!, respectively,?? may point to a
similar rate-determining step in the three reactions.
In the case of HOCKCl— interaction to form HO-
CICI1—, only the original Cl— may split off, whereas
the OH~ may interchange with the solvent without
affecting the polarity of the chlorine bound to it.

The catalytic effect of the alcohols may be ex-
plained by the formation of the corresponding
esters as intermediates

fast
HOC! + RO~ = ROCI + OH~;
k
ROCI + CI- = RO~ + Cl

The RO~ group may polarize the ROCl molecule
sufficiently to enable an attack of a chloride ion on
its chlorine. As the ROCI concentration is pro-
portional to the first power of hydrogen ion con-
centration, (ROCl) = K(OCl™) (ROH)(H*), we
observe a first-order dependence on H¥ concentra-
tion. The different mode of chlorine exchange
between ¢-butyl hypochlorite and chloride ions is
probably due to the polarizing effect of the ¢-
butyl group on the chlorine. This chlorine is ac-
cessible to a nucleophilic reagent, without requiring
an additional proton. The difference between
ROC! and HOCI is manifested again by the fact
that a nucleophilic reagent like OH~ attacks /-
BuOCl at the chlorine end,® whereas an analogous
attack on HOCI, which would lead to oxygen ex-
change, could not be detected.?

The exchange reaction of #-BuOCl with CI-
studied in non-aqueous solutions confirms the dif-
ference in behavior of ROCI as compared to HOCIL.
We do observe in this system both an acid and a
base catalysis. The deviations from linearity
at the higher electrolyte concentrations may be
attributed to the formation of ion pairs. The cata-

(13) P. B. P. De la Mare. A. D. Ketley and C. A. Vernou_J. Chem.
Soc.. 1290 (1954).

(14) J. 0. Bdwards, Chem. Revs.. B0, 455 (1952).

(15) J. Jander. Z. anorg. aligem. Chem.. 280, 276 (1035).
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Iytic effect of small amounts of water on the rate
of exchange, points to an effect of ion pair dis-
sociation.

In the acid region we pick up a reaction path
involving acid catalysis, but we see that the pres-
ence of an acid is no prerequisite for the ROCl-
Cl~ chlorine exchange, as it is in the case of the
HOCI-Cl~ exchange. The acid path becomes
appreciable only at acid concentrations above 10~7-
molar where we may assume ¢-BuOCl™ as interine-
diate. Estimating the dissociation constant of
t-BuOHCl1t at 10° we derive a specific rate constant
for this reaction £ = 4X107 . mole™! min.~! at
27°.

In the basic region we are surprised by the well
established catalytic effect of t-BuO— concentration
on the rate of exchange. We suggest three ways
to explain this effect: one is to assume that a
butoxide ion forms a complex with BuOCI which
facilitates the interaction with Cl—. It is hard
however to see, why should (¢-BuO).Cl1~ be more
liable to a nucleophilic attack than ¢(-BuOCl;
if such a complex would be formed, it might prob-
ably suppress the rate of exchange. An alternative
explanation may be by the reaction ¢-BuOCl
+ ¢-BuOLi = (-BuOClt + (BuO— whereafter

Li
t-BuOClt is attacked by Cl—; t-BuOClt + Cl-
. 1

Li 1
= {-BuOLi + Cl,. This assumption would require
a second-order effect of LiCl concentration, which
has not been observed. The third explanation
may be the effect of BuO~ on the availability of
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free Cl~ ions in our system. If we assume that the
LiCl exists in solution in an undissociated form,
then by the reaction LiCl + BuOLi & BuOLi;* 4
Cl— more chloride ions are available for exchange.
Still there is no evidence available for the existence
of complexes of the type -BuOLi,*. We conclude
that it is hard to offer an explanation for the
t-BuO— effect.

The effect of acetate ions on the rate of chlorine
exchange is not clear. It is hard to assume acetyl
hypochlorite as intermediate because its rate of
formation is slower® than the catalytic cffect of
acetate ions on the chlorine exchange. The pH
dependence herc is not well established, whereas
the dependence on the chloride ion concentration
points tc conipeting reactions between AcO~ and
Cl- ions. We may conclude that the effect of
acetate lons on the chlorine exchange requires
further investigation.

Conclusion

Our results give more evidence that the HOCI
system differs basically from the HOBr system.
Having a much stronger HO-X bond, HOCI {ol-
lows different mechanisms of interaction with
nucleophilic reagents the HOCI molecule requires
occasionallv an additional proton to make its
chlorine accessible. Next it has been shown
that the trihalide like ions HOX ™y or HOXY™
may occasionally occur as intermediates in HOX
reactions.
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The system NaF-HF-H;0 has been studied at 0 and —15°.

and NaF-4HF at both temperatures.

Introduction

Ternary systems involving an inorganic fluoride,
hydrogen fluoride and water have been studied by
relatively few workers. Tananaev has investi-
gated systems involving hydrogen fluoride, water
and lithium fluoride,® potassium fluoride,® zir-
conium(IV) fluoride* and iron(III) fluoride.®
Clark® has listed some data on the solubility of
sodium fluoride in various concentrations of
aqueous hydrogen fluoride.

Our interest in the ternary system sodium fluo-
ride-hydrogen fluoride-water (NaF-HF-H:0) was
stimulated by the lack of complete data for this
system and the disagreement in the literature con-

(1) Presented at the 133rd Natiomal Meeting of the American
Chemical Society, San Francisco_ California.

(2) 1. V. Tananaev, Khim. Redkikh. Elementor. Akad. Nauk. S.S.
S.R. Insi. Obshei. Neorg., Khim. 1, 33 (1954).

(3) 1. V. Tananaev. J. Appl. Chem. (U.S.S.R.). 11, 214 (1939).

(4) I. V. Tananaev. N. S. Nikolaev and Y. A. Buslaev. Zhiur.
Neorg. Khim., 1, 274 (1936).

(5) I. V. Tananaev, J, Appl, Chen, (U.S.S.R.), 19, 1018 (1946).

(6) George L. Clark. THis JOURNAL, 41, 1477 (1919).

The solid phases include NaF-HI?, NaF-2HF, NaF.3HI*

NaF exists in the 0° case and presuniably at —15°.

cerning the fluorides in this system. Simons?
states that, with aqueous or anhydrous HF, the
acid salt NaF-HF results and is the only acid
fluoride of sodium known. According to Jache and
Cady,® the analysisof the solid phase in equilibrium
with HF saturated with NaF indicated the presence
of 1 mole of NaF to 4.10 of HF at —24.3°. Tana-
naev?® has also studied part of this system but his
results seem not to have been noted by later
workers.

We have studied this system at 0 and —15°
using the Schreinemakers wet residue method. !0

Experimental

Samples were made up from reagent grade NaF and
aqueous HF. When HF of concentration greater than 489
was needed it was made up from 1nixtures of anliydrous HF

(7) J. H. Simons, “Fluorine Chemisiry ™ Vol. I, Academic Press,
Inc., New York. N. Y. 1050_p. 27.

(8) A. W. Jache and G. 1{. Cady. J. Phas. Cien., 56, 1106 (1952).

(4) 1. V. Tananaev, J. Gen. Chemw. (U.S.S.R.). 11, 267 (1941),

(10) F. E. Purdon and V. W. Slater, "Aqueous Solution and the
Phase Diagram = Arnold and Co._ London, 1946,



