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sistent with the previous observation that higher hydro- 
gen ion concentrations favor the more rapid production 
of (C1202) and, consequently, the formation of relatively 
more chlorine dioxide since both parts, Rq and Rb, ap- 
pear to have similar hydrogen ion dependences. 

Details of the mechanism of path 3 are not known, 
but i t  must produce more chlorine dioxide than is pro- 
duced by path 1. This is necessary since the data in 
Table I1 indicate that  a t  low hydrogen ion concentra- 
tions, chlorine dioxide is produced in amounts greater 
than that  corresponding t o  eq 1. The contribution 
from path 3 appears to be important only when the 
hydrogen ion concentration is in the 0.49 to M 
range which corresponds to the presence of appreciable 
amounts of both chlorite ion and chlorous acid. The 
calculations shown in Table VI1 indicate that above a 
hydrogen ion concentration of 0.49 M there is less than 
ly0 chlorite ion present; also if the hydrogen ion con- 
centration is less than M ,  there is less than 2% 

TABLE VI1 
RELATIVE AMOUNT OF CHLORITE ION PRESENT AS A 
FUNCTION OF THE HYDROGEN ION  CONCENTRATION^ 

[H+I, [ClOz-l/ [ H + l ,  [C10z-l/ % 

2.0  0.245 X 0.245 4 .9  x 10-1 32.9 
1.2 0.483 X 0.48 4 .9  X 10-3 1 . 0  50.0 
0 .7  0 .75  X 0.75 4.9 83.1 
0.49 1.00 x 1 0 - 2  0.99 10-4 49 98.0 
0 .2  2.45 X 2.45 490 99.8 
0 . 1  4 .9  x 10-2 4 .7  

was used for K ,  a t  25": 
346 (1944). 

M [HClOnl % ClOz- M [HClOz] ClOz- 

a For the purpose of these calculations a value of 4.9 X 
F. Tachiki, J .  Chem. Soc. Japan, 65,  

ion concentrations where path 3 predominates, the rela- 
tive amount of chlorine dioxide produced decreases with 
time. This is also consistent with a greater contribu- 
tion from path 1 as the reaction proceeds. 

chlorous acid present in the solution. The maximum Acknowledgments.-This research was supported 
contribution from path 3 should be a t  a hydrogen ion by the National Science Foundation under Grant GP- 
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Kinetic data are prcsented for the disproportionation of chlorous acid a t  an ionic strength of 2.0 M under a variety of hydro- 
gen ion conditions from 1.2 x 10-3 to 2.0 M and with up to 0.1 M added chloride ion concentration. At 1.2 and 2.0 M 
hydrogen ion concentrations and at 25O, the rate law is 

k2[HC102] [C1-l2 -d[HC1021 = kl[HC102I2 + + dt 

The parameters kl and K are independent of the hydrogen ion concentration and correspond to 1.17 X 
0.0012 M, respectively. 
3.00 X M-l sec-l. 

M-l sec-' and 
M-I sec-l, and in 2.0 M HCIOr, k2 is In solutions which contain 1.2 M HC104, k2 is 1.57 X 

The results are discussed in terms of a detailed mechanism. 

Introduction 
In  the previous paperI3 the stoichiometry of the dis- 

proportionation of chlorous acid was reported. In  view 
of the marked effect of chloride and hydrogen concen- 
trations on the stoichiometry of the reaction and the 
questions as to the effect of these species on the over-all 
rate of this reaction, we have undertaken a detailed 
study of the rate of disproportionation of chlorous acid 
as a function of these species in an attempt to verify 
the proposed mechanism. 

(1) Part  of the thesis of R. G. Kieffer, presented to the University of 
Marylandin partial fulfillment of the requirements for the degreeof Doctor of 
Philosophy. 

(2) Department of Chemistry, University of Iowa, Iowa City, Iowa 
52240. 

(3) R. G. Kieffer and G. Gordon, Inoug. Chem., 7 , 2 3 5  (1968). 

Alkaline solutions of sodium chlorite are stable for 
periods of up to 1 year if light is exc l i~ded .~-~  Even with 
prolonged boiling, no decomposition OCCUTS.~ As the 
pH is lowered, a sodium chlorite solution beconies less 
stable. Neutral solutions of sodium chlorite are still, 
however, quite stable if they are kept away from light 
and heat, but the solutions will decompose slowly if 
they are heated.6J In contrast to alkaline or neutral 
solutions, the disproportionation of acidic chlorine(II1) 
solutions occurs a t  a measurable rate; the rate in- 

(4) W. C. Bray, 2. Phyrik.  Chem., 64, 569 (1906). 
( 5 )  F. Foerster and P. Dolsh, Z. Ekktvochem., 23, 137 (1917). 
(6) M. C. Taylor. J. F White, G. P. Vincent, and G. L. Cunningham, 

Ind. Eng. Chem., 32, 899 (1940). 
(7) G. M. Nabar, V. A. Shenai, and S. Sundaram, Indian J. Tech. 2, 7 

(1964). 



creases with a decrease in The disproportiona- 
tion reaction is very slow a t  a pH greater than 4 ;  less 
than 1 mg of chlorine dioxide/l. of solution is f0rme.d in 
2 hr with an initial sodium chlorite concentration8 of 
3.2 X Only if the pH is less than 3 will more 
than lYu of the sodium chlorite decompose within 10 
min. Buser and H a n k h a  also found that the rate of 
formation of chlorine dioxide goes through a maximum 
between pH 2 and 3 .  

The decomposition reaction of chlorine(II1) in an 
acidic medium is approximately second order with 
respect to chlorous  acid.'^^-'^ Barnett'' reports that  
a t  low acidities where the chlorite ion concentration is 
greater than the chlorous acid concentration, the rate 
law is 

-d[HClOs]jdt E k[HC10Zl2 (1) 

with k equal to 1.3 IM-' min-I a t  25" with an activa- 
tion enthalpy of 11 kcal/mole. The same rate-deter- 
mining step of chlorous acid reacting with chlorous 
acid that was assumed by Barnettl' has also bcen pro- 
posed by Nabar, Shenai, and Sundaram7 and by Taube 
and Dodgen. 

UThite, Taylor, and VincentL2 found that chlorate 
ion does not enhance the formation of chlorine dioxide 
from the disproportionation of chlorous acid. Taube 
and Dodgen'O also report no difference in the rate of 
decomposition of chlorous acid for tn-o solutions with 
widely different chlorate ion concentrations. 

Chloride ion accelerates the decomposition reaction 
of chlorous acid4n10*11 and also alters the stoichiome- 
try.8,10 Barnett" and Taube and Dodgen'O proposed 
that chlorous acid reacts with chloride ion in the rate- 
determining step for the chloride ion catalyzed decom- 
position of chlorous acid. 

In  this paper we report our observations on the ki- 
netics of the disproportionation of chlorous acid. 

M .  

Experimental Section 
The apparatus used in these experiments and the preparation 

of reagents are identical with that reported e l~ewhere .~  In 
principle, the concentrations of chlorite ion, chlorine dioxide, 
chlorate ion, and chloride ion were collected as a function of 
time and analyzed mathematically in order to obtain an appro- 
priate rate law. 

Many different rate laws were studied in an attempt to fit the 
experimental data to an empirical equation. A11 of the calcu- 
lations were done by computer.I4 Below is given a typical cal- 
culation for one of the rate laws studied. Consider the rate law 

(8) W. Buser and H. Hanisch. H~lrr .  Chint. Acta,  35, 2547 (1952). 
(9) F. Bohmlander, Wassev-Abwussev, 104, 518 (1963). 
(10) H. Taube and H. Dodgen, J .  Am. Chem. Soc., 71, 3330 (1949). 
(11) B. Barnett, Dissertation, University of California, 1935. 
(12) F. White, M. C. Taylor, and G. P. Vincent, I d .  Eng.  rhein., 34, 782 

(1942). 
(13) W. C. Bray, 2. A m i , g .  Allgeirr. CRerir., 48,  217 (1Y06). 
(14) The  computer time for this project was supported i n  pa1-t thl-ough 

the facilities of the Computer Science Center of the University of Maryland. 

The rcmaining two integrals werc integrated by using a nuincri- 
cal integration which assumed the area under the curve to be a 
series of trapezoids. Let (-1ZIST) = J[HC1O2l2ddt and (ABIST) 
= j[HC102] [Cl-]dt. Equation 3 can be rewritten as 

[HCIO2], - [HClOZjt = kl(AZI?;T) + ka(hB1ST) (5) 

-4fter rearrangement and substitution 

Y kpX + ki  (6) 
where Y = ([HC1O2Io - [ H C ~ O I ] ~ ) / ( = ~ Z I S T )  and X = 

(ABINT)/(.-1ZIST). Equation 6 was solved for kl  and k2 by the 
method of least squares with unit weights for each datum point. 
By substituting the least-squares values of kl and K Z  and the 
experimental value of X into eq 6, YC was calculated. 

( 7 )  YC = ksX + k i  

The deviations were computed as 

( 8  DE\. = I'C - y 

The following wcrc also computed 

,ZIDEV av  dev = - 

where R is the average value of X 

std dev of the intercept (or k l )  = 

ill1 of the other rate laws studied were calculated in a similar 
manner. The per cent deviation was used as an indication of the 
"goodness of fit" of the experimental data to the rate law under 
consideration. 

Results and Discussion 
The rate of decomposition of chlorous acid varies 

with the concentrations of the hydrogen ion, chlorite 
ion, and chloride ion and with the ionic strength and 
temperature. Table I shows that the rate of deconi- 
position does not vary appreciably with hydrogen ion 
concentration in the 2.0-0.2 Jil range in the absence of 
initial chloride ion. X comparison': of tl12) t1l4, and 
tl/, shows that the rate is most affected by the hydrogen 
ion concentration a t  the beginning of the reaction where 
the rate is faster a t  lower hydrogen ion concentrations 
although the half-life is fairly constant in this range of 
acidity. These data suggest that  there are a t  least two 
rate-determining processes involved. The first would 
appear to be important a t  the beginning of the reaction 
in the 0.49-2.31 X 11l hydrogen ion range. The 
second process, which predominates in the 0.7-2.0 Jf 
hydrogen ion range, appears to be independent of the 
hydrogen ion concentration. A third process reflects 
the autocatalytic effect of chloride ion. With 0.04 !I 
sodium chloride present initially and with (3.60 0.02) 
X &I sodium chlorite, half-lives of 9.5, 17.2, and 
9S.S min were observed with 2.0, 1 .2 ,  and 0.2 116 hydro- 
gen ion concentrations, respectively. Thus, in the 

(15) Whenever i l l 2 ,  or half-life, is referred t o ,  it indicates the time in 
minutes it takes for half of the original chlorous acid to decompuse. Simi- 
larly l:/a or 11 j8  refer to the lime in minutes thdt i t  takes for one-fourth or one- 
eighth of the original chlorous acid to decompose. 



Vol. 7, No. 2, Februury 1968 DISPROPORTIONATION OF CHLOROUS ACID 241 

TABLE I 
EFFECT OF HYDROGEN ION CONCENTRATION ON THE RATE OF THE 

REACTION IN THE ABSENCE OF INITIAL CHLORIDE I O N ~  

2 .0  1 8 3 . 5 i  4 . 0  66.3 % 1 . 3  26 f 2  
1 . 6  181 63 24 
1 . 2  193 .6% 4 .3  6 4 . 2 f  1 . 4  2 4 . 2 f  1 . 4  
0 .7  230.3% 2 .3  6l.o=!= 1 . 0  2 1 . 7 i  0 . 4  
0.49 59 17 
0 . 2  221 dz 20 49.8rk 1.8 1 4 . 7 f  0.50 
0.106 41.3 f 1 . 7  10.3 =!= 0.6 

IH'Io, M t lp,b min tlj4, min tiit., min 

3.33 x 10-3 15.6 2 . 7  
2 .31  x 10-3 14.9 1 .4  

a Conditions: (7.20 % 0.02) X M NaClOz and 2.0 M 
ionic strength with NaClO4 a t  25 f 0.5". The number fol- 
lowing a "f" sign always refers to the average deviation from 
replicate runs. 

presence of initial chloride ion, the rate does depend on 
the hydrogen ion concentration. 

The data in Table I1 summarize the effect of chloride 
ion on the disproportionation of chlorous acid. At a 
hydrogen ion concentration of 1.2 M, the rate changes 
from a half-life of approximately 400 min in the absence 
of initial chloride ion to a half-life of a few minutes with 
0.1 M chloride added initially. 

TABLE I1 
EFFECT OF CHLORIDE ION ON THE RATE OF THE 

[Cl-], M tip, min 2314, min 

REACTION* I N  1 .2  .&I HC104 

0 389 i 3 
6.77 x 10-5 397 
6.77 x 10-4 296 
6.77 x 10-3 90.5 i 1 . 5  197 i. 9 
0.01 64.1 f 1 . 6  137.4 i 7 . 7  
0.04 17.17f 0 .43  3 6 . 9 2 ~ k  0.78 
0.  O l b  68.5 f 0 7 
0 .  04b 18.15 % 1 85 38.40 i 0.90 
O . l b  6 .85  =t 0.05  14.35 i 0 .05  

a Conditions: (3.60 f 0.02) X 10-3 M NaClOz and 2.0 M 
ionic strength with NaC104 a t  25 i 0.5'. Conditions: (1.99 f 
0.01) X 10-3 JW KaClOz and 2.0 Mionic strength with NaC104 at 
25 i 0.5". 

The data in Table 111 show that the initial concen- 
tration of chlorous acid only has an appreciable effect 
on the rate if the initial concentration of chloride is 
small. This is also reflected in the order of the reaction 
with respect to chlorous acid. A compilation of these 
results is shown in Table IV. In  the absence of added 
chloride ion, the order is approximately 2 with 1.2-2.0 
M hydrogen ion concentrations. As the added chlo- 
ride ion concentration increases, the order decreases 
and approaches 1 a t  high chloride ion concentrations. 
An increase of the hydrogen ion concentration to 4.0 M 
with 0.01 M added chloride ion results in an order with 
respect to chlorous acid of 1.0. Thus, a t  high hydrogen 
ion concentrations the rate-determining step for the 
chloride-catalyzed path involves only one chlorous 
acid molecule. 

The effect of ionic strength is to increase the rate of 
the reaction. For example, with 7.2 X hi7 NaCIOz 
and 2.0 M HC104 a t  25", a change in the ionic strength 
from 2.0 to 4.0 M results in the half-lifeI5 decreasing 

TABLE I11 

CHLORITE ON THE RATE OF THE REACTION" 
EFFECT OF THE INITIAL CONCENTRATION OF SODIUM 

108[ClOz-]o, M tip, min 10a[CIOz-]o, M t l i z ,  min 

7.21 i 0.05b 193 f 4 1.99 i. 0.01c 6.85i. 0.05 
4.87 i O . O Z b  292 =!= 12 1 . 3 2 ~  7 . 5  
3.61 i 0.03b 389 % 3 0.990 7 . 6  

a With 1.2 M HC104 a t  an ionic strength of 2.0 M with NaC104 
a t  25 + 0.5'. No added chloride ion. c With 0.10 M NaCl 
added initially. 

TABLE IV 
ORDER OF THE DISPROPORTIONATION REACTION WITH 

RESPECT TO CHLOROUS ACID  CONCENTRATION^ 
[H +lo, [H ' lo ,  

M [Cl-lo, M ni/zb iM [Cl-lo, M nipb 

0 . 2  1 .67  1 . 2  6 . 8 X  1 .31  
2 . 0  1 .91  1 . 2  0 .01  1.22 
1 . 2  2 .01  1 . 2  0.04 1.20 
1 .2  6.8 X 1.94 1 . 2  0.10 1 .15  
1 . 2  6 .8  X 1.79 
a Conditions: (1.0-7.2) X M NaC104 a t  2.0 M ionic 

The order was deter- strength with NaC104 a t  25 i 0.5". 
mined by means of the Noyes equation 

log tl/, - t ' l / z  
n1/, = 1 + log a' - log2 

where a is the initial concentration of sodium chlorite and ti/, 
is the time required for half of the initial chlorite to decompose. 
In 0.2, 1.2, and 2.0 M HClO4 solutions in the absence of chloride 
ion and with the appropriate quarter- or eighth-lives, values of 
nil, of 1.53, 1.95, and 1.99 and ni/,of 1.12, 1.80, and 2.02, respec- 
tively, were calculated. 

from 184 f 4 to  120 f 3 min. (The number following 
a " i~ " sign always refers to the average deviation from 
replicate runs.) 

Only semiquantitative experiments were performed 
in order to determine the effect of temperature on the 
rate. Above 25" it became more difficult to control 
the loss of chlorine dioxide but with an initial sodium 
chlorite concentration of 7.2 X M and with 1.2 M 
perchloric acid, the half-livesI5 were 194 f 4, 79 * 2, 
and 46 min a t  25, 35,  and 40", respectively. 

In  agreement with the results obtained by Taube 
and Dodgen'O and White, Taylor, and Vincent,12 a t  
low chlorate ion concentrations (comparable to the 
maximum amount of chlorate ion that  could be formed 
in any of the kinetic runs), we find that chlorate ion had, 
a t  most, only a very small effect on the rate of dispro- 
portionation of chlorous acid. Chlorine dioxide also 
was found to have, a t  most, a very small effect on the 
rate. 

A variety of rate laws were tried in an attempt to fit 
the experimental data which were obtained under a 
variety of different conditions to a single mathematical 
expression. Since the order with respect to chlorous 
acid appeared to be 2 in the absence of added chloride 

(16) High chlorate concentrations, 0.1-0.12 M ,  had an effect on the rate of 
This may be due to an impurity in the sodium chlorate or the reaction. 

possibly to the following path 

2C103- + 2C1- + 4H+ = Clz + 2C102 + 2Hz0 

Clz + HClO2 --f ClOz, Cloy-, C1- 
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ion and with 1.2 M perchloric acid, a second-order rate 
law was first attempted 

When only the first 25‘33 of the reaction was considered, 
the deviation from the second-order rate law was less 
than 1% and k1 is (1.19 f 0.06) X 

The second-order rate law did not fit the data when 
chloride ion was present initially and the second-order 
fits became poorer as the reaction proceeded in that 
chloride ion is produced during the reaction.Y Thus, i t  
was necessary to try a more complicated rate law which 
would take into account the catalytic effect of the 
chloride ion. 

M-’ sec-’. 

The rate law 

fits the data a t  1.2 M hydrogen ion from 6.77 X 
to 0.1 144 added chloride ion to better than 5% if the 
value of kl = 1.19 X M - I  sec-l is used. Simi- 
larly the equation 

also fits the data to better than 5%. However, the 
values of k2‘ and kzf’  are dependent on the initial chlo- 
ride ion concentration as can be seen from the data in 
Table IT. 

TABLE 1’ 
DETERMINATIOK OF k2 FROM THE TWO-TERM RATE LAW 

kr’ from eq 15, kd’ from eq 16, 
[Cl-lo, 51 A P l  sec-1 -14-2 sec-1 

6 .77 X 1.27 X 1.80 
0.01* 1.42 X 1.40 
0 . 0 4 ~  1.50 x 10--3 0 .38  
O.ld 1 .53  x 0.15 

a Conditions: (1.0-7.2) X 10-3 J!l NaClOp and 1.2 AT HC1O.j 
a t  25 & 0.5’. The calculated value of kl corresponded to (1.19 
3~ 0.06) X 10-2 11.1-1 sec-1 for all of the data shown. Average 
of eight kinetic runs with an average of 75 i 37, of the reac- 
tion completed. c Average of ten kinetic runs with an average 
of 90 + 27,  of the reaction completed. Average of four kinetic 
runs with an average of 92 i 2‘3 of the reaction completed. 

A preequilibrium step which involves chlorous acid 
and chloride ion could account for the deviations found 
in Table V. Thus, the rate law 

mas tried which reduces to eq 15 at high chloride ion 
concentrations. Approximate values for k:! and K in 
eq 17 were obtained“ by plotting [Cl-]O/ka’ vs. [ c l - ]~ .  

(17) If the second term in  eq 15 is set equal to  the second term in eq 17, 
we obtain 

Rearranging 

4 plot of [CI-lo/kz‘vs. [CI-Io is linear with a slope of l,‘h and an intercept of 
K / h .  

By this method it  was found that kz  should be approxi- 
mately 1.6 x sec-’ and K approximately 1.1 
X For all of the 
kinetic runs a t  1.2 ill hydrogen ion with <lO-’-U.l M 
chloride ion added initially, attempts were made to  
evaluate the parameters for eq 17. A summary of the 
attempted least-squares fits for various values of the 
parameters is shown in Table VI. The variation of the 
fit as measured by the average per cent deviation is 
given as a function of the chloride ion concentration in 
Table VII.  Somewhat better fits are obtained by vary- 
ing the individual parameters slightly for each different 
chloride ion concentration, and these results are shown 
in Table VIII. However, for 1 .2  M perchloric acid, 
the best set of resulting values for kl, kz, and K were 1.17 
X 10-2 M-l sec-l, 1.57 X l op2  1W-l sec-’, and 1.20 X 

M ,  respectively, with an average per cent devia- 
tion of the fitted values of 5.3%. These values of k l ,  

k2, and K were used in conjunction with eq 17 to calcu- 
late the concentration of chlorite ion as a function of 
time. A comparison of the experimental and calculated 
values for two different experiments is given in Tables 
IX and X. The experimental values agree with the 
calculated values to better than A 1% on the average. 

if kl  is 1.19 X lo-* M-’ sec-I. 

TABLE V I  
 EFFECT'^ OF VARIOUS VALUES OF kl, kp, ASD K O N  THU 

AVERAGE P E R  CENT DEVIATIONS FOR EQ 17 
102ki, 102k2, 102k1, 102k2, 

sec-1 sec-1 Af % dev sec-1 sec-1 M % dev 

1.25 1 .57  1.50 6 . 4  1 .17  1 .57  1.50 5 . 5  
1.22 1 .57  1.50 5 . 9  1.17 1.57 1 .20  5 . 3  
1 .22  1 .57  1.00 6 . 3  1.17 1.57 1.00 5 . 5  
1.17 1 .53  1.50 5 . 8  1.08 1.57 1.50 6 . 6  
1 .17  1 .57  2.00 6 . 2  

M-1 A C ~  1 0 3 ~ .  M-1 ~ - 1  1 0 3 ~ ,  AV 

Q Conditions: (1.0-7.2) X 10-3 i l l  NaClOe, with 0.0--0.1 ll4 
EaC1 and 1.2 M HCIOl a t  25 =t 0.5” for a total of 46 kitietic 
runs. 

TABLE VI1 

Fuscrrox OF THE CHLORIDE ION COXCENTRATIOS~ 
AVERAGE PER CENT DEVIATION AS A 

KO. of runs [C1-lo, .li Av % dev 

0 5 .8  11 
6 . 8  X 10+ 7.2 4 
6 . 8  X 6 . 2  2 
6 . 8  X 3 .9  8 
0.01 4 . 1  8 
0.04 5 . 9  9 
0 .1  5 . 7  4 

Q Conditions: (1.0-7.2) X 10-3 hT NaClOa and 1.2 16 HClOa 
at 25 + 0.8’. The best fit values of the parameters in eq 17 
are K = 1.2 X 10-8 AT, kl = 1.17 X l ow2  AT-’ sec-’, and ka = 
1.57 X h 1 - I  sec-l. 

TVith 2.0 JI perchloric acid, values of kl, kz ,  and K of 
1.17 X M-l sec-’, 3.00 X M-l sec-l, and 
1.20 X M ,  respectively, are obtained with an 
average deviation of 4.6YG. Apparently, kl and K are 
independent of the hydrogen ion concentration in the 
1.2-2.0 111 range, and k2 is directly proportional to the 
hydrogen ion concentration. These kinetic observa- 
tions are completely consistent with the stoichiometric 
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TABLE VI11 
BEST SET OF PARAMETERS FOR A GIVEN INITIAL 

CHLORIDE I O N  CONCENTRATION' 
102ki, 102ka, 10*K, Av '% 

[el-], df M - 1  sec-1 M-1 sec-1 M de@ 

0.0 1.17 1.57 2.00 5 .6  
6.77 x 1.08 1.57 1.50 4 . 1  
6.77 x 10-4 1.17 1.57 1.00 6.0 
6.77 x 1.22 1.57 1.50 3 . 5  
0.01 1.22 1.57 1.00 2 .7  
0.04 1.22 1 .57  1 .50  5 . 6  
0 .1  1.22 1.57 1.50 5 . 5  

a Conditions: (3.6-7.2) X lohs M NaClOz and 1.2 M He104 
a t  25 i 0.5". The average per cent deviations would be con- 
siderably smaller if several runs with exceptionally large devia- 
tions were deleted. 

TABLE IX 
COMPARISON OF EXPERIMENTAL AND CALCULATED RATE DATA FOR 

THE DISPROPORTIONATION OF CHLOROUS ACID IN THE ABSENCE OF 
INITIAL CHLORIDE 1 0 ~ 5  

mi n M M M 
Time, 10a[C102]obsd, l~s[CIOz-]obsdl 108[C10Z-]calod.b 

0.0 . . .  3.64 3.64 
9 .6  0.067 3.49 3.56 

14.3 0.083 3.46 3.52 
49.3 0.194 3.15 3.23 
77.8 0.267 3.00 3.03 

108.8 0,341 2.81 2.84 
136 0.399 2.68 2.69 
197 0 .  ,522 2.43 2.40 
227 0.576 2.31 2.28 
293 0.684 2.11 2.04 
320 0.725 2.03 1.96 
347 0.765 1.93 1.87 
408 0.845 1.79 1.72 
477 0.926 1.60 1.56 

a With 3.64 X 10-8 M NaClOz and 1.2 M HCIO4 a t  an ionic 
Calculated on 

M-l sec-I, kz = 1.57 X 
strength of 2.0 M with NaClOa a t  25 i 0.5'. 
the basis of eq 17 with kl = 1.17 X 
10-2 1M-l scc-l, and K = 0.0012 M. 

observations reported p rev i~us ly .~  Thus, eq 17 is an 
accurate ( f 5%) mathematical representation of the ex- 
perimental data, and it gives a consistent interpretation 
of the change of order of the reaction with respect to 
chlorous acid as a function of chloride and hydrogen ion 
concentration. 

These results can be interpreted in terms of the 
following: path 1 : uncatalyzed 

HClOz + HC102 kt HOCl + H +  f c103- 
(rate determining) (18) 

HOCl + HCIOz + [Cl-Cl<g] + HzO (19) 

(20) HOCl + H +  + Cl-= Clz + Hz0 

Clz + HClOz -+- [Cl-Cl<g] + H +  + C1- 

[Cl-Cl<g] + H20 --f C1- + ClOa- + 2Hf  

(21) 

(22) 

(23) 

path 2: chloride ion catalyzed 
K -1 

HClOz + C1- [HC120z-] (24) 
kz 

[HCl2OZ-] + C1- + products (rate determining) (25) 

TABLE X 
COMPARISON OF EXPERIMENTAL AND CALCULATED RATE DATA 

FOR THE DISPROPORTIONATION OF CHLOROUS ACID 
IN THE PRESENCE OF 0.01 M CHLORIDE ION" 

min M M M 
Time, 108[CIOalobsd, IOalCIO~-lobsd, 108[C102-]calodb 

0.0 0.0 3.61 . 3.61 
5.1 0.146 3.45 3.42 
8.5 0.242 3.33 3.29 

13.3 0.370 3.14 3.13 
19.2 0.518 2.94 2.94 
22.5 0.589 2 .81  2.84 
30.0 0.750 2.60 2.62 
37.3 0.890 2 .45  2.44 
48.2 1.083 2 .18  2.19 
58.8 1.242 1.90 1.98 
69.0 1.378 1.80 1.80 
81.0 1.518 1.56 1.61 
96.0 1.660 1.36 1.42  

119.7 1 .841  1.12 1.17 
129.7 1.906 1.06 1.08 
139.7 1.961 0.95 1.01 

a With 3.61 X M NaC102 and 1.2 M HClOd a t  an ionic 
Calculated on 

M-l sec-', kz = 1.57 X 
strength of 2.0 M with NaC104 a t  25 f 0.05'. 
the basis of eq 17 with kl = 1.17 X 
10-2 M-'see-1, and K = 0.0012 M.  

The value of K-l corresponds to 1/K or 833 M-I a t  
25'. No additional details for the formation of prod- 
ucts in eq 25 were obtained d i r e ~ t l y . ~  

An interesting comparison of the proposed [HCl,- 
0 2 - 1  intermediate with [C~ZOZ] and [ICIOz-]LB can be 
made. The [C1202] intermediate rapidly dispropor- 
tionates to form CIOz and C103- depending on the con- 
centration of the intermediate. l9 However, [CIZOZ] 
has also been shown to have oxidizing properties in 
that, for example, pheno1Z0v21 is more rapidly oxidized 
by [Cl,0~] than by HOCl or C102. The proposed 
speciesI8 [IC102-1 is also reported to undergo primarily 
internal oxidation-reduction to form I - (and ultimately 
12) and ClOz- rather than to  oxidize I- or CIOz-. On 
the other hand, the kinetic evidence offered in this 
paper suggests that [HCl,On-] readily oxidizes C1- 
rather than undergoing other possible redox reactions. 

The only other hydrogen ion concentration a t  which 
extensive kinetic studies were carried out was 0.2 M 
acid. A t  this hydrogen ion concentration eq 17 did not 
fit the dataz2 and the average per cent deviation was 
about 15%. Attempts to fit the data with more com- 
plicated rate laws were also unsuccessful. This greater 
complexity a t  low hydrogen ion concentrations is to be 
expected since evidence has been found for a third 
path3 which makes its maximum contribution in the 2-3 
pH range. In Figure 1 the absorbance a t  3585 A of a 

(18) H. Fukutomi and G. Gordon, J .  Am. Chem. Soc., 89, 1362 (1967). 
(19) F. Emmeneger and G. Gordon, Inorq. Chem., 8,633 (1967). 
(20) F. Feldman and G. Gordon, {bid. ,  8, 1728 (1964). 
(21) D Rosenblatt, Edgewood Arsenal, unpublished results, 1967. 
(22) We also find that with 0.2 M perchloric acid relatively less chlorine 

dioxide and more chlorate ion is produced than a t  the higher acidities8 
Furthermore, the initial rate of the  reaction is faster with 0.2 M acid than i t  
is with 2.0 M acid. The order with respect to chlorous acid is 2 with 2.0 M 
acid in the absence of added chloride, but with 0.2 M acid the  order with 
respect to chlorous acid, based on the half-life, is 1.67; the order based on the 
quarter-life is 1.53 and the order based on the  eighth-life is 1.12. This latter 
observation would seem t o  indicate tha t  a t  the  beginning of the reaction the 
rate is first order with respect to chlorous acid concentration. 
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Figure 1.-Formation of chlorine dioxide as a function of 
the hydrogen ion concentration; [C~OZ-]O = 7.2 X M ,  
[Cl-1, = 0; temperature 25, =!c 0 5'; ionic strength 2.0 X. 
A1 mln is absorbance a t  3585 A after 1 min 

7.2 x M sodium chlorite solution, after the re- 
action has proceeded for 1 min (AIImin) l  is plotted as a 
function of the log of the hydrogen ion concentration. 
The absorbance of the solution, which is proportional 
to the concentration of chlorine dioxide, increases 
markedly as the hydrogen ion concentration decreases 
and reaches a maximum a t  pH 2.0-2.7 and then de- 
creases rapidly to zero as the hydrogen ion concentra- 
tion is further decreased. Buser and Hanisch8 and 
White, Taylor, and Vincent12 noted a similar maximum 

near pH 2 in the formation of chlorine dioxide from buf- 
fered solutions. 

The initial rate of formation of chlorine dioxide ap- 
pears to correspond to  the relative amounts of chlorite 
ion and chlorous acid p r e ~ e n t ; ~  ;.e., the maximum pro- 
duction of chlorine dioxide occurs approximately a t  
the pK, of chlorous acidz3 (pKa = 2.31). These ob- 
servations suggest a third term in the rate law which in- 
volves the reaction of chlorite ion and chlorous acid to 
form an intermediate of the composition [HCIOz. 
C102-1. The observations here suggest that  the inter- 
mediate produces chlorine dioxide more rapidly in the 
low acid region than does either the first or the second 
term of the rate law. 

Afore detailed studies must be carried out in order to  
understand completely the mechanism of the dispro- 
portionation of chlorous acid a t  low hydrogen ion con- 
centrations. Necessarily, only kinetic and stoichiomet- 
ric studies in buffered solutions should be performed 
which make the studies somewhat more complicated 
since most common organic buffers are oxidized by 
chlorine(II1) and chlorine(1V) solutions.21 
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(23) F. Tachiki, X i p p o i z  Kagaku Zasshi ,  65, 310 (1944). 
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The kinetics of the oxidation of water by silver(I1) in 2.00-6.18 M HS08 has been studied between 298.15 and 308.15"K 
under a variety of conditions. Studies a t  [Ag(II)] > 1 X 1 0 P  Mshow that the reaction is second order in [Ag(II)] and the 
observed rate law is 

k J A k g ( I I ) 1 2  = ki I [&-(1I ) ]  2 
k b  + kd[-'g(I)] [H+1 

- d [Ag( 11)] / d t  = 

At 6.13-6.17 M H N 0 8  and 1 O 4 [ A g 0 ] ~  = 8.33-8.50 M ,  ~ I I  = 1.78 2d-1 sec-lat 298.15"K. 
under these concentration conditions is 23.0 & 0.4 kcal/mole. 
observed rate law. 

Mshow that there is a first-order reaction with the rate law 

The enthalpyof activation for ~ I I  

The proposed mechanism (reactions 1-5) conforms to the 
Studies a t  [Ag(II)] < 1 X The notation [Ag(II)] has been used in place of [AgN03+] for simplicity. 

ilt the same temperature and Concentration conditions ~ I I  was reported k~ = (2.38 i. 0.10) X 
activation, AHI*, for k~ is 22.3 ;t 0.9 kcal/mole. 

sec-'. The enthalpy of 
The mechanism proposed (reactions 8-15) involves a free-radical reaction. 

Introduction Since silver(I1) is a dg-electron system, i t  is para- 
magnetic. This has been confirmed by Noyes, Pitzer, 
and D u m 2  by magnetic susceptibility measurements on 
silver (11)-nitric acid solutions. More recently, the 
electron paramagnetic resonance spectra of frozen acid 

Our interest in silver(I1) chemistry came as a result 
of an investigation of the silver(I)-catalyzed oxidation 
of oxalate by peroxodisulfate,' TVhere i t  Ilras postulated 
that silver(1) undergoes a one-electron oxidation by 
peroxodisulfate to  silver(I1). 

(1) A. J. Kalb and T. L. Allen, J. A m .  Chem. Soc., 86, 5107 (1964). (2) A. A. Noyes, K. S. Pitzer, and C. L. Dunn, ib id . ,  67, 1229 (1935). 


