May, 1961

ionized carboxylic acids,' giving strong bands in
the regions 1610-1550 cm.~! (symmetrical vibra-
tions) and 1420-1300 ecm. ! (asymmetrical),

On the anatase, the CO;~ species is predominant
as the two strong bands at 1580 and 1320 cm.—!
fall well within the usual range for such species.
The 1580 cm.—! band is stronger than the 1320
em.~! band, however. The weak shoulder at
about 1500 em.! is more difficult to assign; it
does not fall into either the CO,~ or CO;™~ region,
but is only just outside the region normally as-
signed to carbonates (1450-1410 cm.=t!). It is
tentatively suggested that this shoulder is caused
by a small proportion of carbonate-like species
on the surface.

Rutile—The width of the bkands (Fig. 4) is
very similar to that found with anatase, and the
significance of this has been discussed in the previ-
ous section. The strong band at 1325 cm.~?! and
the weak shoulder at 1580 em.—! may be due to
some type of CO.~ species. However, if sufficient
of these species are present to form a strong band
due to asymmetric stretching vibrations at 1325
em, %, 1t is difficult to account for the weakness of
the band at 1580 cm.—! presumably due to the
symmetrical stretching vibrations. It seems very
unlikely that the extinction coefficients of these
two modes of vibration of the CO,~ species could
be drastically affected by the surface on which
they are adsorbed. The assignment of the bands
on the rutile surface is rather uncertain for this
reason. The strong band at 1485 ecm.—! shown in
Fig. 4a may be caused by a carbonate-like species.
Although outside the range normally assigned to
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carbonates (1450-1410 cm.—!) this may be because
these surface species do not have any strictly com-
parable analogs in bulk solids. Possibly configura-
tions intermediate between a carboxylate and a
carbonate group are present on the surface.

More work is needed before such species, if they
exist, can be assigned with certainty. What is
certain is that carbon dioxide is strongly adsorbed
on the samples of anatase and rutile used here,
probably both as CO,~ and CO; species. Never-
theless, wide variations in intensity of the 1580
and 1485 cm.—! bands occur when anatase and
rutile are compared.

In common with the spectra of the residual hy-
droxyl groups and carbon monoxide, the spectra of
the chemisorbed carbon dioxide show clearly
that there are quite wide differences in surface
properties between the two samples. While this
may be due to the different bulk crystal structure
of the two oxides, this is unlikely, as very large
differences in the spectra of the residual OH groups
were found between the anatase and rutile mainly
used, and the other samples also studied. The
marked differences in surface characteristics shown
in all the figures for anatase (MP-1579) and rutile
(MP-1208) are likely to be due to variations in their
method of manufacture. With titania, at least,
it is evident that a great deal of care must be taken
in sample selection before the experimental data
obtained can bear any relation to surface properties
which may be calculated from bulk values of lattice
constants, crystal structure, polarizability and so
on,
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The hydrolysis of chlorine in the presence of acetate ions has been investigated. The results can be explained by the as-
sumption that the reaction proceeds along three parallel paths: one the same as in pure water, the second involving a reac-
tion between molecular chlorine and acetate ions, and the third involving a reaction between molecular chlorine and hydroxyl

ions.
(k = 5.55 x 102 mole™11. sec.™?).
tributions. The rate constant for the thir
observed rate, this reaction must be diffusion-controlled.

Introduction
We have reinvestigated recently! the kineties
of the hydrolysis of chlorine in pure water, using
the continuous flow method. We concluded that
the reaction takes place according to
X: + H,0 T HOX + X~ + H* (1)
(where X represents the halogen) with no ap-
preciable contribution from a reaction involving the
hydroxyl ion
X, 4+ OH- = HOX + X~ (2)
On the other hand, when investigating the kineties

(1) A. Lifshitz and B. Perlmutter-Hayman, J, Phys. Chem., 64, 1663
(1960),

In the presence of acetate and acetic acid the second reaction predominates and its rate constant can be determined
In the (f)resence of acetate alone, the second and third reactions make comparable con-
reaction can only be estimated approximately. In order to contribute to the

of the hydrolysis of bromine? in phosphate buffer
solution we found that the observed rate was com-
patible with the mechanism

H:0 + X, + A- T HOX + X~ 4+ HA (3)

where A~ represents the buffer anion. The next
step in our program of investigating the kinetics of
the hydrolysis of the halogens is the study of the
hydrolysis of chlorine in buffer solution in order to
verify whether mechanism 3 is operative for
chlorine. In this paper, the results in the pres-
ence of acetate are reported; the possible correla-

(2) A. Lifshitz and B. Perlmutter-Hayman, Bull. Research Council
Tsrael, A8, 166 (1959).
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tion between k- and the basic strength of A— will
be discussed in a later paper.

Experimental

We again used the continuous flow method, where the
progress of the reaction along the observation tube was
measured with the aid of 8 thermistors. The apparatus and
experimental procedure are described elsewhere.!* The
flow velocity was 4.5 to 7.7 cc. sec. ~* (140 to 250 cm. sec.™}).
Chlorine water was prepared and analyzed as before.!
When the hydrolysis in the presence of acetate only was in-
vestigated, the latter was contained in one vessel, and the
chlorine solution in the other. Other reagents (acetic acid
orinert salt) were divided to equal parts between the two react-
ant vessels. The concentration of the acetate was checked
by adding to a sample a known amount of standard HC!
solution, and carrying out a conductometric titration of the
excess HCl, using standard NaOH solution. The tempera-
ture was again' 9.5°. The total temperature change AT
was between ( —141 to —296) X 1078 deg.

Results

Influence of Ionic Strength.—An experiment was
carried out in the presence of 0.17 N sodium per-
chlorate. Within the limit of experimental error
the rate constant ktmo (ki of our previous paper)
was identical with that found previously for the
reaction in pure water.

Experiments in the Presence of Sodium Acetate,
and of Sodium Acetate and Acetic Acid.—Ex-
periments at various initial concentrations of
chlorine, sodium acetate and acetic acid were car-
ried out. Details of these experiments are sum-
marized in Table I. In this table, ¢ is the total
stoichiometric concentration of chlorine and =z
and z. are the concentrations of chloride (or hypo-
chlorous acid) at time zero and infinity, respectively.
The values of xy were calculated as before!; those
of xe were calculated from K; = Kn/K,, where K,
is the hydrolysis constant of chlorine (K, = 2.23 X
10—49+' and K, the dissociation constant of acetic
acid (K, = 1.74 X 107%).%* (An equilibrium of
the type of reaction 3 may be assumed to be un-
affected by changes of the ionic strength. We
therefore used the thermodynamic equilibrium
constants for the caleulation.)

Tasre [
DEracs or EXpERMENTs CARRIED OUT IN THE PRESENCE
OF ACETATE, OR ACETATE AND ACETIC ACID

o
[HAcle [Ac™ho a . k* mole 1
No. Millimole/1. see.”! ], sec, !
1 541 96 69.1 17.3 63.5 46 5.80
2 242 96.4 35.3 12.7 346 51 6.10
301295 121 39.7 13.2 397 70 6.50
4 105 99 35.4 12,6  35.1 63 6.80
b) 88 76 9.0 149 48.1 41 6.90
6 63 51.5 5+.6 15.2 484 25 6.65
7 0 118 540 152 53.8 8 10.00
8 0 91.2 55.8 15.8 55.8 52 7.85
9 0 66.5 37.9 13.3 37.9 35 10.30
10 0 45.0 45.6 14.6 42.8 24 7.90
11 0 0 60.0° 15.6" 22.2° 5.6"

a Mean value! of 5 experiments.

(3) E. Giladi, A. Lifshitz and B. Perlmutter-Ilayman, Bull. Re-
search Council Israel, 8A, 75 (1959).

(4) R. E. Connick and Yuan-tsan Chia, J. 4m. Chem. Soc., 81, 1280
(1959).

(5) R. A, Robinson and R. H. Stokes, “Electrolyte Solutions,”
Butterworths Scientific Publications, London, 1955, (a) p. 486; (b)
p. 506,
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The values of z were calculated from the meas-
ured values of AT from the following considera-
tions. Immediately after mixing, the hydrogen
ions present in the chlorine water will be neutral-
ized by the acetate. This causes an initial tem-
perature change A7, which is given by the expres-
sion

ATQ = - (AHa/Cp)ZQ

where C}, is the specific heat of the solution, and
AH, is the heat of neutralization of H* by Ac—
(AH, = —0.46 kcal. mole~, calculated from the
change of pK, with temperature).® At time ¢ we

have therefore
T = Xy — AC—;I (ATt + %}?zo)

where AH is the heat of reaction of reaction 3.
Now, AH can be calculated in two ways: (a) it is
equal to AH, plus the heat of hydrolysis of chlorine.
The latter quantity* is equal to AH, = 6.55 keal.
mole—*; (b) it can be calculated from our own
experimental data, viz.

_ ATe — AT,
Te — Ty

AH = x Cy
The results of methods (a) and (b) were in reason-
able agreement, but method (b) usually yielded a
slightly higher result (up to 39;). (Values of C,
between 0.98 to unity were used according to the
concentration of the solution.®) The latter value
was employed for the calculation of 2, in order to
get consistent results. (We suspected that the
discrepancy might be due to the heat of dilution
of the acetate solution; we therefore measured
this quantity in our apparatus, but found it neg-
ligibly small.)

In column 7 of the table, we report the specific
rate with respect to chlorine, defined by the ex-
pression

B* = —dln(a — 2)/dt (I

Although this quantity was found to decrease in
the course of every run, it gives a useful indication
of the reaction rate. The ¢nitial values are re-
ported. (The change of k* can be seen from Fig.
1, which is a typical plot of log (¢ — z) vs. time.)
For the sake of comparison, the mean value of k*
for 5 experiments carried out in the absence of
acetate! is also included (last row).
Column 8 is explained in the next section.

Discussion

When the last row of Table I is compared with
all the others, it becomes clear immediately that
sodium acetate has a considerable accelerating in-
fluence on the rate of hydrolysis of chlorine. The
fact that sodium perchlorate has no such influence
shows that the effect of the acetate is not an “inert
salt effect.’”” We shall therefore assume that re-
action 1 remains completely unaffected by the
presence of acetate, and that in addition a reaction
takes place whose rate depends on the acetate con-
centration. If we tentatively assume that this
reaction is reaction 3, we get the rate equation

(8) “Handbook of Chemistry and Physics,”
Publishing Co., 35th Edition, 1954, p. 2105.
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dz/dt = [kmo + kac ([Ac~]o — 2)}(a — z) —
[k’ mo[H* + ks ([HAc)o + z)]2?  (1I)

where [Ac—], and [HAc], are the concentrations of
acetate and acetic acid which would correspond to
z = 0, and k and k' refer to the forward and back
reactions, respectively. On this tentative as-
sumption, the meaning of k* as defined by equa-
tion I becomes (as long as the back reaction can be
neglected)
E* = kmo + kac ([Ac~]o (Ia)

The values of k4, -have to be evaluated by trial and
error. The method—which also takes the back
reaction into account—is described in detail in the
Appendix. The values obtained were constant
during each run (see Fig. 4, which is explained in the
Appendix).

The results are shown in column 8 of Table I,
under the heading “ka.-” It can immediately be
seen that the values do not correspond to a true
constant.

A small increase with decreasing concentration
of acetic acid can be noted. The high values of
“la.-" obtained In the absence of acetic acid show
that this increase, though almost within the limit
of experimental error, is nevertheless significant.
We therefore have to revise our previous tenta-
tive assumption about the reaction mechanism.

The possibility suggests itself that the retarding
influence of acetic acid is due to its influence on the
hydroxyl ion concentration, and that reaction 2
plays some role in the reaction scheme. There-
fore we shall assume that all three,reactions (1, 2
and 3) contribute to the observed rate. The mean-
ing of k* then becomes

k* = kmo + fcas ([Ac~]o — 2) + kor-[OH™] (Ib)

The next step is the calculation of [OH~]. As
already discussed in the case of bromine,? reaction 2
cannot proceed faster than the hydroxyl ion (whose
initial concentration is minute) can be supplied
in the reacting system. The rate of autoprotolysis
of water is far too slow’ to sustain an appreciable
percentage of the observed rate of up to 2.5 mole
.71 sec.~l. Reaction 2 must therefore be preceded
by the reaction

H,O 4 Ac— (___5 HAc + OH- (4)

- z)

Whereas an equilibrium of this type usually can
be assumed to be attained “instantaneously” we
cannot make this assumption in the present case:
As far as we are aware, the rate of reaction 4 has
not been measured. We may assume the back
reaction to be diffusion controlled, with &,/ = 6 X
101 gec.~!. This shows that ks = 10 sec.™, so that
at our concentration of acetate, OH ~ can be supplied
by reaction 4 at a maximum rate of about 1 mole
1.—! sec.™!, This is of the same order of magnitude
as the measured rate of disappearance of chlorine.
Therefore, if we assume an at all appreciable per-
centage of this disappearance to be due to reaction
2, we find that equilibrium 4 is probably disturbed
by this reaction. We can then calculate the hy-
droxyl ion concentration by treating reactions 4
and 2 as a system of consecutive reactions.

Since the concentrations of all the other partici-

(7) M. Eigen, Disc. Faraday Soc., 17, 194 (1954).

Tue KineTics oF THE HyDRoOLYsIS oF CHLORINE 755

1.6

=
kS

=
o

—
o

3 + log (a — x).

e
»

0.6 | 1 | ! | L !
0 001 0.02 003 004 0.05 0.06 0.07
i, sec.

Fig. 1.—The dependence of log (¢ — z) on time, for a
typical experiment (run 5). The slope of this line is equal
to k* as defined by equation I, and is seen to decrease as the
reaction proceeds.

pants are always much higher than that of OH—,
the latter can be calculated from the steadyv-state
hypothesis which yields

_ KEwilAc]o — 2+ (aKu/Kn) 32}
T Kul[HAc)y + 2 + a (e — )}
where « is defined by « = kon/k’s.

The value of « can only be guessed. Since %'y
may be assumed to correspond to a diffusion con-
trolled reaction, a cannot be a large quantity.
If it were negligibly small, the value of [OH—]
would of course become equal to the equilibrium
value. A rough estimate shows, however, that if
reaction 2 is to make an appreciable contribution
to the measured rate of disappearance of chlorine,
then—because of the extremely low concentration
of OH-—Fkou- must be very high and possibly also
correspond to a diffusion controlled reaction. The
value of « is therefore probably of the order of
unity. This consideration shows that the third
member in the numerator of expression III is
negligibly small, <.e,, in calculating [OH~] we can
neglect the back reaction 2 and get
- Kw([AcTle — 2)

K.{[HAly + 2 + ala — o)}

An inspection of this expression shows that in
spite of our lack of a precise knowledge of «, we
can make a fairly safe estimate of [OH—| when
[HAc]y > 0, and may be widely in error when
[HAc], = 0. We shall therefore use only experi-
ments 1-6 for the evaluation of kx.-. Our calcula-

[OH-] (11T

[OH™]

(IlIa)

tion will become simplest if we assume o = 1.

We then get

. ((h B _ Kw 1 T

k* = kmo + (AAc + kox K. [HAds + a a{([AC Jo — )
(Ie)

and comparison with Ja shows the meaning of
((Tn X}
I\/Ac‘ to be

Kw 1
Mhac = kae o ow g (R

(IV)
1.e., on this simplifying assumption the order with
respect to both chlorine and acetate is the same as
in the absence of any contribution by reaction 2.
In order to evaluate the rate constants ks.- and
kon- we plotted “‘kac-"" vs. 1/([HAc) + a) (see Fig.
2). It is possible to draw a straight line through
these points, which can be extrapolated to 1/
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5 ] | | |
0 2 4 6 8 10
([HA]s + o).
Fig. 2.—The values of “ka—"" against the reciprocal of
([HAclo + a), for experiments 1 to 6 (see equation IV).

([HAcly + a) = 0, t.e., [OH-] = 0. This yields
kas = 5.55 X 102 mole~11 sec.”?

It should be stressed that although there may be
some uncertainty as to best straight line to be
drawn, the extrapolation is so short that the value
of kac.- would not be seriously affected if the line
were drawn somewhat differently. This is a
natural consequence of the fact that reaction 2
evidently contributes only a comparatively small
correction term so that the value of k4,- obtained by
extrapolation is not very much lower than the low-
est measured values of ‘“kac-.’’ For the same
reason, any error which may have been introduced
by arbitrarily assuming « to be unity cannot be
serious,

The situation is much less favorable with respect
to kom-. This constant can be obtained from the
slope of Fig. 2. Using® Kw = 0.292 X 10~** we
get kou- = (9 = 2) 10, but this can only be
considered an approximate value, because our as-
sumption about « is a rather drastic one, and also
because the slope is very sensitive to small errors in
“Lkao-"" It is not surprising that it should be dif-
ficult to evaluate kom- with any precision from ex-
periments in which the contribution of reaction 2
is at most 159,. At first sight, it would seem more
promising to evaluate kom- from the experiments
where the relative contribution of reaction 2 is
largest, ¢.e., from the experiments carried out in
the absence of acetic acid. However, it is just in
these experiments that the value of [OH~] is most
affected by small errors in the initial chlorine con-
centration, and—more important—by our lack of
knowledge of @ (The situation is particularly
unsatisfactory because of the fact that if we as-
sume « > 1, t.e., ko~ > ki, [OH™] gets smaller,
and kom- gets correspondingly larger. In other
words, assuming a very high value of kom- leads
to a very high value of kou-, and vice versa.)
Furthermore, equation IIla shows that when
[HAc]o = 0, the relative contribution of OH~ either
increases or decreases perceptibly as the reaction
proceeds, unless « is exactly unity. Therefore,
“Lac-’ may also either increase or decrease, al-
though to a much lesser extent. No such change
was observed. Still, it is possible that the value of
“Lac-" obtained for each experiment represents in
reality only a mean value over the range of z meas-
ured. This possibility somewhat detracts from
the experimental reliability of reactions 7 to 10.
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It should also be mentioned that whatever our as-
sumption about «, we cannot explain why the rate
constant in experiment 7 is so much higher than in
experiment 10. Since in the former run a is higher
than in the latter, equations IIla and IV would lead
us to expect the opposite. Unless this is due to
experimental error and the uncertainties described
above, an additional factor must be operative in
the absence of acetic acid, which we have not yet
taken into account.

For all these reasons we cannot utilize the experi-
ments carried out in the absence of acetic acid for
the calculation of a more accurate value of kon-,
and have to content ourselves with the very ap-
proximate value given above. This value shows
reaction 2 to be diffusion controlled. The rate
constant even seems unusually high, but in view
of the high mobility of the hydroxyl ion, not pro-
hibitively so.

The assumption that reactions 1, 2 and 3 all
contribute to the observed rate thus explains all
our data, and gives reasonable values of the rate
constants involved.

However, the high values of kom- lead to an
inconsistency with the observed rate of exchange of
radioactive chlorine between HOCI and Cl-8
In spite of this, we believe that the evidence of
reactions 1 to 6, and 7 to 10, taken together, shows
that reaction 3 alone cannot explain our results.
An additional reaction must always make a cer-
tain contribution; the increase of this contribu-
tion with decreasing acidity seems inevitably to
point to reaction 2, But if at these very low con-
centrations of OH~ (0.2 to 2.0 X 10~% mole 1.7Y)
this reaction is to make an appreciable contribu-
tion, it must have the high rate constant found by
us. The plausibility of this value of kou- will be
further discussed in a later paper.

It might be added that of course reaction 2 alone
cannot explain the observed rate. Firstly, the
hydroxyl ions cannot be supplied fast enough.
Secondly, the values of kon- would be impossibly
high, and would vary from one experiment to the
other (kom- = 2 X 10'? and 2 X 10, for experi-
ments 1 and 10, respectively). Thirdly, such an
assumption is contradicted by the straight line ob-
tained in Fig. 2, which cuts the “ks.-"’ axis at a
value very different from zero.

Appendix
Calculation of %s.-—When the back reaction in
the hydrolysis of chlorine is neglected, equation II
is easily integrated and yields
1
krso/kas + [Ac~]e —

P X L(z) + const. = kae-t (V)

(8 The rate of exchange of radioactive chlorine between Cl1-
and HOCI in alkaline solution was found by Anbar and co-workers
(M. Anbar, 8. Guttmann and R. Rein, J. Am. Chem. Soc., 81, 1816
(1959)) to follow the rate law: v = k[H*1[HOCIL][Cl-] with & >
k’m,0; the authors therefore assumed the exchange reaction to be
different from reaction 1, and to take place without the formation of
elementary chlorine. On the other hand, when elementary chlorine is
formed in a reaction involving HOCI and Cl1-, we should certainly ex-
pect isotopic exchange to take place. Therefore, if reaction 2 is indeed
as fast as we have found, it should compete with the above rate law at
high values of pH, so that beginning at pH ~ 11, the rate of exchange
should decrease with increasing pH far less steeply than was found
experimentally. This inconsistency was pointed out to us by the
Referee.
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where L (z) is defined by
L(z)==1n Emo/ka- + [Ac~]o — @

a—2z

(VI)

Equation V is a transcendental function for the
desired rate constant which must therefore be
calculated by trial and error.

For this purpose, we first guessed a trial value
from k* using suitable mean values of z corre-
sponding to the time intervals considered.

Inserting this trial value into VI we found a series
of values of L, which we call L°, These were plotted
against time, from which we get

dLo kg _
- / (,;5—‘-’ + [AT], — a) (VII)

The new value k's.- is & better approximation to
kac- than k% .- had been. Whenever k%,.- and
k.- differed at all significantly, the procedure was
repeated, until the values of kPa.- and kP+1,,- in
expression VII became identical.

That k's.- is indeed a better approximation than
kse- can be shown in the following way: Let us
suppose that the first trial value k%,- differs from
the true value of ka.- by an amount e which is small
in comparison with kso-. Expression VII can then
be written

klAe' = F(koAu') = F(kAc' + G) = FAe'(kAc’) +
e(dF/dk“Ac‘) = ]bAc‘ + € kHzO/[kH:O + ker‘([Ac_IO - x)]

Since dF/dk%,- is always positive and smaller than
unity we conclude that if, for instance, k%.- was
too large, than k4.~ will also be too large, but will
be nearer to the true value.?

In most of our experiments, the back reaction
cannot be neglected. The integrated form of
equation II becomes cumbersome and not at all
suitable for use in a trial and error method.

We therefore developed a device® which en-
ables us to use an expression of the form of equation
(V) where, however, the time { is substituted by an
empirical time scale 8 which is “‘corrected’” for the
contribution of the back reaction.

Provided the equilibrium between H¥, Ac~ and
HAc can be assumed to be maintained during the
reaction, equation II can be re-written in the
form

klAc'

% o Do + ke (TAck = Dl(a = 2)(1 = (=) (TTa)
where

() = K. 2 ([HAclo + 7)
AP = Kn (@ = a)([Ac o — 2)

(VIII)

The expression ¢(x) represents the relative con-
tribution of the back reaction, and can easily be
calculated for every measured value of z. We found
that when ¢(z) was plotted against the correspond-
ing values of time, simple curves were obtained in
all experiments, which with sufficient accuracy could
be represented as short power series in time.

Figure 3 shows ¢ as a function of time for a
typical experiment. The circles correspond to the

(9) The authors are indebted to Dr. H. J. G. Hayman for suggesting
this test of their trial and error method.

(10) See A. Lifshitz and B. Perlmutter-Hayman, Bull. Research
Couneil Tsrael, 9A, 200 (1960), where the method is discussed in detail.
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Fig. 3.—The value of ¢(z) as defined by equation VIII,
against the corresponding values of time, for a typical ex-
periment (run 1).
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Fig. 4—The dependence of the left-hand side of equation
V on a time scale which has been corrected for the back-
reaction, for three typical experiments (runs 1, 5 and 10).
Straight lines correspond to constant values of the rate
constant.

values ealeulated from expression VIII for 9 meas-
ured values of z, whereas the smooth line represents
the analytical expression

o(t) = 0.003 + 2.8 + 801
in a range between zero and 0.045 sec.
seen to be satisfactory.

Fquation IIa can now be written in the form
dz
(a — 2Xkr0/kae- + [Ac™]o — 2)

The fit is

= kar[l — «()]dt
(I1b)

This can be integrated easily, The result is iden-
tical with equation V, except that instead of ¢
there appears 6, where

t
GEL L — o(t)]dt

We used 6 instead of ¢ in the trial and error method
described above. Figure 4 shows plots of the left-
hand side of equation V as a function of 6 for three
representative experiments, Straight lines are seen
to be obtained, ‘



