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To obtain information needed for the eventual explanation of the oscillating decomposition of hydrogen peroxide in acid iodate~
iodine systems, it is necessary to reinvestigate the Dushman reaction (reduction of iodate by iodide in acid solution) at iodide

concentrations below 1077 M and to measure its temperature coefficient.

Measurements were made of rates kept constant by

the maintenance and interaction of three equilibria in which AglI(s), AgIO;(s), and HIO; are involved. A new experimental
method was devised, tested, and found satisfactory. Specific rates, corrected for equilibrium salt effects, are given for 15,

25, and 50°.

At 25°, measured rates are higher than corresponding values based on earlier work by a similar method, and
they fall near corresponding rates based on two investigations of radioactive exchange between I, and 10;.

It appears

likely that the Dushman reaction influences the oscillating decomposition of hydrogen peroxide.

The Dushman reaction,! classical in chemical kinetics,

is
I0s~ + 51~ + 6H* = 81, 4+ 3H,0 (1)
It was found by Abel and Hilferding? to have the rate

law
+/d[L] /dt = —d[I0s7]/dt = k[IOs~][I7][HT]2  (2)

at 25° and [I~] below 10—7 M.

At 50°, the oscillating decomposition of H,O, exhibits
pulses in [I7] at these low concentrations.® The
present investigationi was undertaken to establish
whether the Dushman reaction needs to be considered
in explaining the oscillating decomposition. The ex-
perimental method of Abel and Hilferding had to be
modified in several important respects.

The rate measurements are difficult to make because
[I-] is so low. As carried out, they assume virtual
establishment of the three equilibria

K3
Agl(s) == Ag* + I~ @)
K
AgIOs(s) == Ag* + 10, - )
K
HIO; ‘—_‘5 H+ + 105~ (5)

In 1928, HIO; was considered a strong acid; Abel and
Hilferding thus did not take equilibrium 5 into account.
Having two solids in equilibrium with a common
ion is expected to maintain [I~] at a constant value
given by*
[I7] = [10s71Ks/K; (6)
So long as [I0Q;~] and [H+] are large enough so that
they do not change appreciably during the course of
reaction 1, this reaction will proceed at constant rate,
and

b = ik 25 frnoye| @)

These conditions obtained in our experiments.

(1) 8. Dushman, J. Phys. Chem., 8, 453 (1904).

(2) E. Abel and K. Hilferding, Z. Phys. Chem., 136, 186 (1928).

(8) 1. Matsuzaki, J. H. Woodson, and H. A. Liebhafsky, Bull. Chem. Soc.
Jap., 48, 3317 (1970), and other references there cited.

(4) Units throughout. are moles, liters, minutes. Variables that express
composition need special attention. Brackets are used to denote concentra-
tions of HClOs and of NalO; added to make the reaction mixture-—or of
their ions, complete dissociation being assumed. For iodide, brackets
mean ‘‘calculated according to eq 6, for Is; they mean ‘‘concentration
that would be spectrophotometrically measured.” Other concentrations
actually existing, or calculated actually to exist, in the reaction mixture are
denoted by parentheses. Equation 6 tacitly assumes that differences in the
two anionic activity coefficients are negligible.

After AgIO;(s) begins to form, reaction 1 becomes
5AgI(s) + 610;~ 4+ 6H T = 3I, + 3H,0 + 5A8I03(s) (8)

a point not mentioned by Abel and Hilferding.

Final Experimental Method.—It is difficult to main-
tain {I=] near the equilibrium concentration [I~-], of
equilibrium 3 and to cope with other difficulties asso-
ciated with Agl(s). We believe the following (final)
experimental method to be satisfactory.

The reaction vessel was a thermostated 125-ml erlen-
meyer flask with numerous punched indentations to
give turbulent flow. Stirring at a rate near 1600 rpm
was accomplished with a variable-speed electric stirrer
operating through a mercury seal. A 30-g amount of re-
agent quality Agl(s), the required volume of NalIO; solu-
tion, and enough dissolved AgNO; to make the reaction
mixture (final volume of solution 100 ml) 10—3 M in
Agt were placed in the reaction vessel and stirred.
The required volume of HCIO4 solution was added to
start reaction.

Ten seconds prior to {, the time of a sample, stirring
was stopped and the solids were allowed to settle, a
proved procedure for halting the reaction. With a
syringe, 3 ml of solution was then withdrawn and dis-
charged into a small separatory funnel that contained
4 ml of CCly,. After the iodine had been extracted by
vigorous shaking for 3 min, the CCl, was transferred
to a cuvette that was centrifuged for 90 sec prior to the
spectrophotometric determination of I, at 5000 A.
Blank experiments with known amounts of I, showed
the procedure to be satisfactory.

Solid iodine was never formed in our experiments.
By the final method, “old” and “‘new’’ AgI(s) gave the
same results, “old” AgI(s) having been used in ome or
more previous experiments and therefore containing
the reaction product AgIO;(s).

Problems with Silver Iodide.—First, there must be no
direct oxidation of AgI(s), for this would contravene
eq 2. Neither Abel and Hilferding nor we encountered
such oxidation.

Second, the Agl(s) must contribute no reactive im-
purity, a stringent requirement in light of the 300
g/1. used in our final method. In preliminary experi-
ments with “new’” Agl(s), formation of excess iodine
during the initial period of reaction was usually ob-
served at rates sharply exceeding the constant rate
expected and attained after this initial period (some-
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times 60 min long or more) was over.  The anomaly
was eventually ascribed to a trace of soluble iodide in
the Agl(s). In any event, the anomaly disappeared
when AgNO; was initially added as prescribed above:
the observed rates were then constant to within the
experimental error (except as noted below) from ¢t = 0
onward.

Third, the Agl(s) should give no long induction
period if it dissolves rapidly to establish equilibrium 3.
During the induction period, reaction 1 will proceed at
decreasing rate until reaction 8 takes over. The length
of the induction period with “new’” AgI(s) can be esti-
mated as follows. Upon mixing of the reagents, the
reaction

Agl(s) = Ag* + I~ 9)
will proceed until enough Ag™ has formed to establish

equilibrium 4. The increase in [Ag*] will measure
all the iodide formed in reaction 9. At:¢ = 0, [I7] =

A/K;. Call this concentration a, and let x be the [Ag+]
added to the reaction system by reaction 9 in time ¢
Then a + x = [Ag™] at time ¢, K;/(a + x) = [I~] at
timet, and K,/[I10;~] = [Ag*t] when equilibrium 4 is
reached (effect of equilibrium 5 neglected). From eq 2
d(a + x)/dt = 5k [H]*I0:"1Ks/(a + x) =
(constant)[I0;7] /(@ 4+ x) (10)

which gives
fK4/[IO:r] (e + x)d(a + x) = (constant)[IOa‘]_fotdt (11)

and
¢ = l(Ke)Y/(10:7]° — a?/[10571}

constant

(12)

where ‘‘constant’ is defined by eq 10. The induction
period ¢ varies inversely as [H*]? and almost inversely
as [IO03~]%. According to this treatment, the rate of
iodine formation decreases during an induction period
not over several minutes long. This behavior is in
accord with detailed data for all final—but not for all
preliminary—experiments; see Figure 1. The success
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Figure 1.—Detailed results of two experiments.

of the treatment increases confidence in the final experi-
mental method and the final results.

Fourth, Agl(s) must dissolve rapidly enough to en-
sure the virtual maintenance of equilibrium 3 even
when iodine is being formed at the maximum constant
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rate. Experiments were done over the entire tempera-
ture range to establish the AgI(s) content beyond which
ks no longer increased when more of the solid was added.
This amount was near 100 g/l. Three times that much
was used in the final method. If AgI(s) does not dis-
solve fast enough, [I~] will fall below the equilibrium
value used to calculate k.- The calculated result would
then be too low. This is one reason for placing more
confidence in the higher values of ;.

Finally, the rate of solution of AgI(s) should be in-
dependent of time. Owing to the violent stirring, the
finely divided iodide gradually adsorbs air and even-
tually floats on the liquid when stirring is interrupted.
We interpret a decrease in the rate of iodine formation
sometimes observed near the end of long experiments as
due to a decreased rate of solution of Agl(s) owing to
adsorbed air. A reliable value of %k was always ob-
tained before any such decrease occurred.

Problems with Iodic Acid.—Iodic acid is an ¢nter-
mediate electrolyte, neither weak nor strong. It canform
ions that contain more than one iodine atom.5® Un-
dissociated HIO; exists; (H*) and (I0;™) consequently
are smaller than [H+] and [IO;~]. In our reaction
system, there is a further problem. Because (I0;™) is
less than [IO;~], (I~) must also be less than [I~]; see
eq 6. Wehave

K5 = (v.)*H)I0s7)/(HIOs) (18)

if the activity coefficient of HIO; is unity. Mean
ionic activity coefficients for our reaction mixtures not
being available, we have substituted those for per-
chloric acid solutions of the same ionic strength. See
below.

With (I0;-) from eq 13, we have calculated (I™) as
in eq 6 and obtained a corrected specific rate &y’ from

k' = ko[I7]/(17) (14)

This calculation corrects for the effect of equilibrium 5
on equilibrium 3.

Evaluation of Needed Equilibrium Data.—We have
evaluated Kj;, K, and K; over the temperature range
0-50° from data in the literature. For K3 and K, we
have used data from two compilations™® to obtain the
equations

log K5 = —(6.000 X 103/T) + 4.068
log Ky = —(3.040 X 10%/T) + 2.714

(15)
(16)
For K;, literature data®%® are the basis for our equation

log K; = +(0.633 X 10%3/T) — 2.904  (17)

Obviously, the dissociation of HIO, is exothermic.

For calculations involving eq 13, y. for HCIO, at
25° was used™ at all temperatures. The equation was
solved by making successive approximations to obtain
self-consistent values of concentrations, activity co-
efficients, and ionic strengths.

(8) E. Abel, O. Redlich, and P. Hersch, Z, Phys. Chem., Abl. A, 170, 112
(1934),

(6) A. D. Pethybridge and J. E. Prue, Trans. Faraday Soc., 68, 2019
(1967).

(7) L. G. Sillén and A. E. Martell, Chem. Soc., Spec. Publ., No, 17, 339,
350 (1964).

(8) W.F. Linke, “Solubilities, Inorganic and Metal-Organic Compounds,”’
4th ed, Van Nostrand, New York, N. Y., 1958, pp 93 and 101.

(9) N.C.C.Liand V. Lo, J. Amer. Chem. Soc., 68, 307 (1941).

(10) “Handbook of Chemistry and Physics,”” 51st ed, Chemical Rubber
Co., Cleveland, Ohio, 1970, p D-123.
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TaBLE I
FinaL RESULTS AT THREE TEMPERATUTES?
No. [HCI04] [NalOs:] (vimcio, (H*) (I0s7) (HIOs) 10-%k2 10-tk2’

15°, K3 = 1.742 X 107V, Ky = 1.416 X 1078, K5 = 0.195

1 0.50 0.20 0.776 0.3%0 0.090 0.110 3.08 6.87
2 0.797 0.20 0.802 0.639 0.062 0.138 2.69 8.62
3 0.50 0.25 0.778 0.367 0.117 0.133 2.84 6.01

25°, Ky = 8591 X 107V, K; = 3.199 X 1073 K; = 0.165

4 0.50 0.10 0.770 0.438 0.038 0.082 3.72 9.76
5 0.95 0.10 0.818 0.872 0.022 0.078 2.74 12.60
6 0.50 0.25 0.777 0.358 0.108 0,142 5.10 11.19

50°, K3 = 3.148 X 107%, Ky = 1.968 X 1077, K; = 0.115

7 0.198 0.05 0.7756 0.174 0.026 0.024 14.06 26.93
8 0.494 0.05 0.769 0.458 0.014 0.036 9.75 33.90
9 0.198 0.125 0.771 0.145 0.072 0.053 14.93 25.96

o These nine experiments were run as a continuous seties
(none discarded!) immediately after the final method had been
developed on the basis of 61 preliminary experiments. Calcu-
lated values of (I7) range from 0.585 X 10~1%1in no. 5 to 11.50 X
10~ in no. 9. See eq 14 and 6.

Kinetic Results.—The results in Figure 1 are typical.
The final results are summarized in Table I. The
figure and the table support these statements, already
made or implied: (1) anomalous initial formation of
iodine is eliminated by the use of AgNO; as prescribed;
(2) the final experimental method gives the highest
specific rates, and there is no clear dependence of these
specific rates on the absolute rates; (3) although neither
ks nor k' is constant throughout, k;’ has the advantage
of including the unavoidable correction for the effect of
equilibrium 5 on equilibrium 3.

Mean specific rates by both preliminary and final
methods are summarized in Figure 2. Here the k'

6.0 T T T T T

Loc of MeaN SPeCIFIC RATE

30 3.1 3.2 s 3.3 3.4 3.5
1o/T
Figure 2.—Specific rates at different temperatures.

final values have a clear advantage. For the final data,

the equations of the lines are
log B, = —(1.783 X 103/T) 4+ 10.605 (18)
log k2’ = —(1.628 X 10%/7) + 10.504  (19)

and the corresponding heats of activation are —8&8.16
keal for by and —7.45 kcal for ky'.

Discussion of Results.—Figure 2 shows that k,/,
which is defined by

sd[Le] /dt = —~d[1057]/dt = k/[I07] (I7)[H]2  (2a)

is adequate for calculating the rates of the Dushman
reaction at low (I~) and at different temperatures.

FuruicHr, MaTSUZAKI, SIMIC, AND LIEBHAFSKY

The principal objective of this investigation has thus
been accomplished.

In the usual kinetic studies, reactants at concentra-
tions near 10— 3/ either exist as reactive intermediates
to which the Bodenstein steady-state approximation
is applied or are supplied by a reaction near
equilibrium in the phase within which reaction is
occurring (e.g., OH~ supplied by the dissociation of
H,0). Here iodide must be maintained at a constant
concentration by the dissolution of a solid in near-
equilibrium with its ions and by three equilibria.
Furthermore, the ratio of the rate of reaction to this
minute constant concentration is unusually high, being
about 3.8 X 10%in a typical experiment (no. 5, Table I).

Our final experimental method seems trustworthy
even though k' is not entirely constant. The method
gives rates that are constant within the experimental
error from ¢ = 0, and it gives the highest values of k'
found in this investigation. The nature of the reaction
system suggests that these are two reliable criteria of
trustworthiness.

Myers and Kennedy?!! and Connick and Hugus!? have
arrived at rate laws for the Dushman reaction by study-
ing the rate of exchange of radioactive iodine between I,
and I0;~. The simplest and most convincing way to
compare the new results with the earlier work is to use
the older rate laws to calculate rates for comparison
with the rates we measured at 25°. See Table II.

TaABLE I1

COMPARISON OF RATES MEASURED AT 25° WITH
CORRESPONDING CALCULATED RATES

Rates, 107 X mol of 103~/(l. min)-————————ae
Abel Connick ~——Myers and Kennedy®——
and and First Second
No. Measd Hilferding? Hugus® term term Sum
4 2.50 1.22 3.62 8.83 2.24 11.07
5 6.65 4.39 9.46 19,47 16.15 35.62
6 21.40 7.60 15.81 116.2 10.40 126.6

@ Abel and Hilferding:*? rate 1.84 X 104[I-][10;~][H ]2
b Connick and Hugus:!? rate 1.1 X 108(I~)(TOs~)(H )3,
° Myers and Kennedy:'' rate = 3.42 X 108(y_ (I~ )(10;~)?-
(H)Y® + 6.6 X 108(v.)t(I-}I0;=)(ClOs~)H TR Time in
minutes.

I

Thermodynamic data used were those in this paper.
For this reason, 1.84 X 10* appears in place of 2.47 X
10% in ref 2. The value of the calculated rate is un-
affected by the change.

In spite of some large discrepancies, which we cannot
explain, we believe that all of Table II deals with the
same reaction. We consider the results in the second
column to be low mainly because iodide was below its
equilibrium concentration. The results in the first
column are near those in the third and fifth but below
those in the fourth and sixth. The high order of the
reaction, its low rate, the minute iodide concentrations,
and the thermodynamic complexity of the reaction
system—all these—make it difficult (as Table II bears
witness) to be sure of the rate law for the Dushman
reaction at low iodide concentration.

Finally, is the Dushman reaction of possible signifi-
cance in the oscillating decomposition of hydrogen
peroxide, which occurs after an induction period in the

(11) O. E. Myers and J. W. Kennedy, J. Amer. Chem. Soc., T2, 897
(1950):

(12) R. E. Connick and Z Z. Hugus, Jt., Brookhaven Conference
Report BNL-C-8, Chemical Conference No. 2, 1948, p 164,
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presence of H+ and IO;~ at suitable concentrations?
It has long been clear that the reduction of 105~ by
H,0; to give iodine'® begins this induction period and
continues throughout the decomposition, whether
oscillating or smooth.

The oscillating decomposition is characterized by a
pulsating evolution of oxygen, for which a peak rate
near 1.6 X 10~2 mol/(l. min) has been measured.'* So
long as [H,0.] is appreciable, this peak rate is many
times the rate of the Dushman reaction calculated from
eq 2a for the coneentration existing in the H,O, system.
But, the latter rate is comparable with the rate of iodine
formation that can result from the reduction of 103~
by H,0s. For this reduction at 50°, the rate law is'3
+d[L] /dt = —1/d[I05~]/d¢ = 2.6 X 104[I0;~] [H:0:) +

129 X 10-4[H+{IO0s~}[H.05] (20)

(13) H. A. Liebhafsky, J. Amer. Chem. Soc., 58, 896 (1931).

(14) 1. Matsuzaki, R. B. Alexander, and H. A. Liebhafsky, Ancl. Chem.,
42, 1690 (1970); note Figure 7.
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By equating this rate of iodine formation to that calcu-
lated from eq 2a, one obtains the (I~) at which the two
rates are equal. At 50°, the mean k' is near 29 X
104 For [H;0.] = 0.5, [I0;~] = 0.1, and [H+] =
0.1, equality exists when (I7) is near 9 X 10~8. This
is a reasonable value for (I~) during the oscillating de-
composition.!* The Dushman reaction may well be
involved. If that is true, then the Dushman reaction
will also oscillate, for it is coupled to the decomposition
via (I~), which shows pronounced oscillations.!* We
could then have a situation in which an oscillating
formation of iodiné viz the Dushman reaction is super-
imposed on a steady formation of iodine via the reduc-
tion of iodate by hydrogen peroxide. Such a situation
could obviously influence the pulsating oxygen evolu-
tion.
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The oxidation of U(IV) by Cr(VI) proceeds quantitatively to UO,2* and Cr(H:0)8*. A stopped-flow kinétic study was
carried out; after allowance for acid dissociation reactions, the rate equation is —d[Cr(VI)]/d¢ = (B + R[H*|1}[U].

[HCrO4~], where the acid-independetit term, which is quite small, probably represents a medium effect.
produces Cr(V) as an intermediate, as evidenced by the induced oxidation of iodide jons.

The reaction
The iodine yield was evaluated as

a function of [I~]/{U**] and [H™] and indicates U(V) is not an intermediate, which is also supported by the effect of Fe3™*

as well as by ®O studies in the literature.
reported.

Introduction
The oxidation of U(IV) by Cr(VI), eq 1, constitutes

3U4* + 2HCrO.~ + 2H* = U0+ 4 2Cr®+ + 2HO (1)

a standard volumetric analysis for uranium.? Rao,
et al.,® reported that the oxidation oc¢curs rapidly, any
apparent slowness being attributable to a sluggish
indicator reaction. ;

We found no indications that eatrlier kinetic studies
had been made, presumably owing to the high reaction
rate. The reaction of U(IV) and Cr(VI) induces the
oxidation of iodide ions,*® but the reported yields of
iodine could be rationalized only by an involved se-
quence of reactions with a particular coincidehice of
rates.®. The oxygen-18 study of Gordon and Taitbe’
disclosed appreciable oxygen transfer from Cr(VI)
to UO,% .

(1) Work performed in the Ames Laboratory of the U. S Atomic Energy
Commission. Contribution No. 3117, (b) Fellow of the Alfred P. Sloan
Foundation, 1968~1970.

(2) I. M. Kolthoff and J. J. Lingane, J. Amer. Chem. Soc., 55, 1871
(1033).

(8) V. P. Rag, B. V..S. R. Murty, and G. G. Rao, Z. Anal. Chem., 147,
199 (1955). )

(4) W. Manchot, Ber., 89, 1352; 3510 (1906). _

(5) R. Luther and T. F. Rutter, Z. Anorg. Chem., 84, 1 (1807).

(6) F. H. Westheimer, Chem. Rev., 48, 419 (1949).
(7) G. Gordon and H. Taube, Intorg. Chem., 1, 69 (1062),

Somme experiments on the redctions of U(III) and U(V) with Cr(VI) are also

We present here thie results of a detailed kinetic
study carried out in perchlorate solution, as a function
of hydrogen ion concentration and temperature. The
induced oxidation of iodide was also studied under the
same controlled conditions, with results in good ac-
cord with a reasonable reaction mechianism. The
roles of possible reaction intérmediates, particularly
Cr(V) and U(V); were studied, by consideration of
the iodide experiments, by studying a possible rate
effect of Fe(III), by considering the implications of
the O experiments, and by a direct but cursory ex-
amination of the U(V)-Cr(VI) reaction.

Experimerital Section

Materials.—Uranyl(VI) perchlorate was prepared by heating
UsOs in perchloric acid and crystallizing UO,(ClO4).+ XH:O.
Reduction of the acidified aqueous solutions to U(IV) was ac-
complished with amalgamated zinc, followed by air oxidation of
any U(III) produced. The U(IV) solutions were analyzed by
cerium(IV) titration and/or by spectrophotometry.

Solutions of U(V) were prepared by the reaction of europium-
(I1) with uranium(VI) at low acidity.! Other reagents were
prepared as before. %10

(8) T. W, Newton and F. B. Baker, ¢bid., 4, 1166 (1965).

(9) (a) J. H. Espenson, J. Amer. Chem. Soc., 86, 5101 (1964). (b) As
pointed out to the authors by T. W. Newton the left-hand side of eq 24 is
equivalent to the simpler expression (F~! + 1)/3.

(10) J. H, Espenson and R. J. Kinney, Inorg. Chem., 10, 376 (1971).



