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and the crystal structures is not known, a strong corre-
lation is suggested with the vapor pressure measure-
ments previously made in this alloy system. In order
to place the suggested correlation on a better theoretical
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basis and perhaps to determine the crystal structure of
the parent hexagonal lattice the authors plan a con-
tinued X-ray diffraction examination of the micro-
phases in this alloy system.
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It is postulated that the iron(III) and copper(II) catalyzed oxidation of arsenic(III) by persulfate proceeds by a chain

mechanism initiated by the symmetrical decomposition of persulfate into two sulfate free radicals.
The kinetics of the iron(III) catalysis and the values of the rate constants are in
The rate of oxidation of HQ; by copper is not affected by a change
in pH between 2.7 and 1.3, while that of iron(III) changes nearly in proportion to concentration of FeOH?2*,

intermediate formation of arsenic(IV).
agreement with the results of previous investigations.

The chain involves the

An interpreta-

tion has been given of the fact that the catalytic effect of small concentrations of copper(II) in the presence of oxygen is
much larger than that observed in the absence of oxygen, whereas hardly any difference is observed at high copper concen-

trations.

The acid-catalyzed decomposition of persulfate results in a two-electron transfer oxidation of arsenic(III) to

arsenic(V) without the formation of reactive intermediates.

The induced oxidation of arsenic(III) by the iron-
(II)-persuliate reaction and the photoreduction of
iron(III)?3 and by the iron(II)-hydrogen peroxide
reaction® have been interpreted on the basis of the
intermediate formation of the 44 wvalence state of
arsenic by the reaction of sulfate and hydroxyl free
radicals with arsenic(IIT). In the absence of oxygen
the intermediate arsenic(IV) was postulated to reduce
tron(III) and copper(II) and oxidize iron(II). Ar-
senic(IV) was found to be very sensitive to oxygen,
reacting to give hydroperoxo radical.

Sulfate free radicals which are formed in the thermal
decomposition of persulfate’ can oxidize arsenic(III)
to arsenic(IV). If either iron(III) or copper(II) is
also present, arsenic(IV) reduces these ions, the
iron(1I) or copper(I) produced reacting with persulfate
to give sulfate free radical.®—® It is anticipated from
these results that in the presence of iron(III) or copper-
(I1) a chain oxidation of arsenic(III) by persulfate
will occur. The kinetics of these reactions were
investigated to substantiate further the reactions
postulated in the preceding publications.?2—4

In acid solution the thermal decomposition of
persulfate proceeds by two parallel paths?
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52042~ —> 2804~ (1)
H* 4 5,042~ —> SO; + HSO,~ (2)

In order to interpret the kinetics of a chain reaction
initiated by reaction 1, it is necessary to know the ex-
tent of possible oxidation by SO, formed in reaction
2 and also of direct reaction between arsenic(III)
and persulfate comparable to the oxidation of arsenic-
(I1I) by hydrogen peroxide.®* Therefore, the kinetics
of the arsenic(III)-persulfate reaction were also in-
vestigated in the absence of added metal ions.

Experimental

All materials used were identical with those described pre-
viously.? For the reactions in the absence of added metal ions,
solutions of perchloric acid, arsenic trioxide, and sufficient so-
dium perchlorate to make the ionic strength 0.1 were pipetted
into the reaction flasks and placed in a water bath at 25°, If
the reaction was to be studied in the absence of oxygen, the solu-
tion was deaerated with nitrogen. Deaerated or air-saturated
potassium persulfate solution was added and, after desired times,
aliquot samples were removed and analyzed for persulfate. For
the copper(II) catalyzed reactions, cupric perchlorate was added
to the original mixture and the procedure followed as before.
In the presence of iron(III) the reaction flasks were covered with
black adhesive tape to eliminate photoreactions.%23 In order to
oxidize any trace of iron(II) in the iron(III), solutions of sodium
perchlorate, perchlorie acid, ferric perchlorate, and potassium
persulfate were pipetted into the reaction flasks and allowed to
stand overnight at room temperature. Where relevant the solu-
tion was then deaerated and deaerated or air-saturated arsenic
trioxide solution added, the reaction mixture being sampled and
analyzed as before,

Persulfate was determined polarographically, the sodium
perchlorate and perchloric acid present acting as supporting
electrolyte. (Polyacrylamide in a concentration of 0.01%, was
used as a maximum suppressor.) In the presence of iron(III),
sodium fluoride in a concentration of 0.1 M was added to the
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Figure 1.—Current—voltage at dm.e.; 2 X 1072 M As(III),
10—2 M HClO4 0.09 M NaClOy, 0.019% polyacrylamide, 0.39%
acrylonitrile: no. 1-5, 1073 3/ $,04%~ with 0, 104, 1073, 5.4 X
1073, and 2.7 X 1072 M Cu(Il), respectively; no. 6-8, 1.6 X
10—¢ M S,0:2~ with 0, 5.4 X 1073 and 2.7 X 10—2 M Cu(II),
respectively; mno. 9, residual current.

polarographic cell to eliminate its interference at the d.m.e.
One drop of 0.29; o-phenanthroline was also added to quench
the reaction. In the presence of copper(1I), the chain reaction
was quenched by the addition of one drop of acrylonitrile to the
polarographic cell. A minimum appears on the persulfate
polarographic wave in the presence of copper(Il) and arsenic-
(I1I) (Figure 1) which does not occur in the presence of either
constituent alone. This effect is more pronounced at the
higher persulfate concentrations used and is dependent on the
copper(Il) concentration, Fortunately, when the persulfate
diffusion current is measured at +0.25 v. vs. s.c.e. there is a
negligible error in persulfate determination at copper(Il) con-
centrations up to at least 2.7 X 1072 M (Figure 1). The sup-
pression of the current at more negative potentials is being in-
vestigated further,

Arsenic(V) was determined spectrophotometrically.?

The persulfate, perchloric acid, sodium perchlorate, and dis-
tilled water were analyzed for trace quantities of copper(11) with
dithizone .20

Stock solutions 10! M in persulfate, 1 M in perchloric acid,
and 10 M in sodium perchlorate, respectively, were prepared.
These were 100 times as concentrated as those used in the rate
experiments. The neutral solutions were made 0.01 M in per-
chloric acid. Ten-ml. portions of these solutions were shaken
with 5 mal. of 0.0019; dithizone in carbon tetrachloride for 2 min.,
and the absorbance of the carbon tetrachloride layer was measured
in the spectrophotometer at 510 mu. Distilled water (1 1.) was
evaporated to give 10 ml., acidified to 0.01 M with perchloric
acid, and the same procedure followed as above. A reference
curve was constructed using known concentrations of cupric
perchlorate in 0.01 M perchloric acid.

Results
All reaction rates were measured at 25°.
(i) Absence of Added Metal Ions.—The reaction
between arsenic(III) and persulfate solutions in the

(10) E. B, Sandell, ‘“Colorimetric Determination of Traces of Metals,”
3rd Ed., Interscience Publishers, New York, N, Y., 1959, p. 453.
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absence of any other reagents was found to be first
order to persulfate, but the first-order rate constant
was irreproducible. In the presence of 0.01 M per-
chloric acid and 0.09 3 sodium perchlorate, the rate of
the reaction was more reproducible. The rate of per-
sulfate decomposition was determined at the same
acidity and ionic strength in the absence of arsenic-
(I11).

Kolthoff and Miller® found the rate of decomposi-
tion of persulfate to be first order and unaffected by the
presence of oxygen. The rate at 25° is very small,
and the reaction was followed for less than one half-
life period. The order of the reaction therefore cannot
be determined unequivocally, but the results are con-
sistent with first-order kinetics with a rate constant of
9 X 10—8sec. 7L

The rate of reduction of persulfate in the presence
of arsenic trioxide in deaerated solution also is very
small, and only the decrease from 103 to 7 X 10—* M
persulfate was followed. The arsenic(V) formed was
found to be equivalent to the persulfate reduced. The
order of this reaction also could not be determined
unequivocally, but the results are consistent with
first-order kinetics with regard to persulfate. The
rate of reduction of persulfate in the presence of arsenic
trioxide in air-saturated solution is much greater than
in the absence of oxygen, and the rate was followed
over 909, of the reaction. The reaction was found
to be first order to persulfate and the arsenic(V)
formed corresponded to the persulfate reduced. The
first-order rate constants, £ = —d In [S,0s2]/d¢, are
given in Table L.

TaBLE 1
RATE OF REDUCTION OF PERSULFATE
1073 M S.052~; 0.01 M HCIO,; u = 0.1
[As(IID)], M k, sec,71 X 107
Absence of Oxygen

0 0.9
103 3.0
102 6
2 X 10 6,7
Air-Saturated
0 0.9
103 35
4 X 1073 35
102 41, 35, 40
2 X 1072 46

The effect of allyl acetate and of acrylonitrile on
the rate in air-saturated solution was determined
under the same conditions of acidity and ionic strength.
These reactions are very slow and only one half-life
period was followed. The results are in agreement with
first-order kinetics. The arsenic(V) formed was equiv-
alent to about 909 of the persulfate reduced.

(if) Iron(II) Catalyzed Reaction.—The rate of re-
duction of 10—% M persulfate was measured at an
ionic strength of 0.1 in the presence of varying con-
centrations of ferric perchlorate, perchloric acid, and
arsenic trioxide. For iron(III) concentrations equal
to or less than 4 X 10—% M, the rate was found to be
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TasLE II

EFFECT OF ALLYL ACETATE AND ACRYLONITRILE IN
AIR-SATURATED SOLUTION

1078 M S;04%~; 1078 M As(III); 0.01 M HCIOy; u = 0.1
As(V),
k1, % persuliate
Addition gec, "1 X 107 reduced
1%, allyl acetate 2.4 89
19, acrylonitrile 3.1 91
first order to persulfate and reproducible. At greater

iron(ITI) concentrations, the rate was less than first
order to persulfate and irreproducible, possibly due to
the formation of polymeric iron(III) species which
have different reaction rates. The reactions at the
higher iron(III) concentrations were not studied in
detail and are not reported.

The arsenic(V) formed was always equivalent to
the persulfate reduced, both in oxygen-free and air-
saturated solutions. The rate constants in air-satu-
rated solution are independent of arsenic(III) con-
centration at arsenic concentrations of 10=% M or
greater. In oxygen-free solution the rate constants
are virtually independent of arsenic(III) concentra-
tion, being increased by only 109, for a twofold in-
crease in arsenic(III) concentration. Figure 2 shows
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Figure 2.—First-order rate constant, iron(11I) catalyzed reaction;
0.01 M HCIO4, 4 = 0.1; As(III) from 0.02 to 10™% M.

the logarithmic plots of the first-order rate constants
(sec.—1) in nitrogen and in air against the iron(III)
concentration. A straight line of slope one-half is
obtained in both oxygen-free and air-saturated solu-
tions, showing that the reaction is one-half order to
iron(IIT).

The effect of varying the perchloric acid concentra-
tion at constant iron(III) concentration was also in-
vestigated. Figure 3 is a logarithmic plot of the first-
order rate constant against ([H+*] 4 K,), K. being the
first acid dissociation constant of aqueous ferric iron

K. = [FeOH**][H*]/[Fe®*]

equal to 2.8 X 103 at ionic strength 0.1.%!
line of slope —1!/, is obtained

A straight
in both oxygen-

(11) R. M. Milburn and W. C. Vosburgh, J. Am. Chem. Soc., 77, 1352
(1955), |
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Figure 3.—TFirst-order rate constant, iron(II1) catalyzed reaction;
1073 M S;0s2~; 2 X 1073 M Fe(III); u = 0.1.

free and air-saturated solutions, and therefore the re-
action is minus one-half order to ([H*] 4+ K,).

From Figures 2 and 3 the relationships obtained are:
Oxygen-free solution

[Fe(1II)]7
(H*] + Ko7

—1

=76 X105

Air-saturated solution

[Fe(III)]”2
(H+] + K7 ¢

-1

k=43 X 10-°

in which [Fe(III)] is the total concentration of iron-
(I11).

(iti) Copper(IT) Catalyzed Reactions.—The rate of
reduction of 10— M persulfate at an ionic strength of
0.1 was determined in the presence of varying con-
centrations of cupric perchlorate, arsenic trioxide, and
perchloric acid. The arsenic(V) formed corresponded
to the persulfate reduced both in oxygen-free and in
air-saturated solutions.

The perchloric acid concentration was kept con-
stant at 0.01 4/ and the concentration of copper(II)
varied from 10— to 2.7 X 10=% M for oxygen-free
solutions and from 4 X 10—8 to 2.7 X 10—2 M for air-
saturated solutions. The rate of reduction of per-
sulfate was determined in the presence of 2 X 1072
and 10~2 M arsenic(III). In all cases the reaction
was first order to persulfate.

A plot of log & against log [Cu(II)] is given in Figure
4. The plot is linear with a slope of one-half for
oxygen-free solution at copper(II) concentrations less
than or equal to 10—% M and for air-saturated solution
at copper(II) concentrations less than or equal to 4 X
105 M or greater than 10~7 M. The rate at these
copper(II) concentrations is virtually independent of
arsenic(IIT) concentration. The first-order rate con-
stant for the reduction of persulfate at these copper-
(IT) concentrations is given by: oxygen-free solution,
B = 42 X 10-3[Cu(II)]”* sec.”!; air-saturated solu-
tion, £ = 2.8 X 10~2[Cu(II)]”? sec.~ L.

In air-saturated solution, the slope of the log k
against log [Cu(II)] plot decreases at copper(1I) con-
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TasLE III
Errecr oF ARSENIC(IIT) CONCENTRATION
1078 M S:042~; 0.01 M4 HCIO4; p = 0.1
Oxygen-free solution Air-saturated solution —
[Cu(ID)], [As(TIT}], k, sec, ™1 E/{As(IIT)]H2  E, M V2 gec, ™! k, sec. 1 k/[As(III) ]2 k, M ~Y2 gec, "1
M M X 10+ X 108 X 103 X 104 X 103 X 108
5.4 X 1073 2 X 1072 2.6 1.8 3.7 2.6
102 2.3 2.3 2.7 2.7
4 X 108 1.8 2.8 1.8 2.8
103 3.1 3.0
2.7 X 1072 2 X 10~ 3.3 2.3 3.5 2.5
102 2.6 2.6 2.7 2.7
4 X 1073 1.6 2.5
108 2.9

centrations greater than 4 X 10-% 3 and becomes zero
at concentrations greater than or equal to 10—% Af.
In this range, the rate is significantly different at the
two arsenic(I1I) concentrations studied. The rate in
oxygen-free solution at the higher copper(II) concen-
trations studied tends toward the same limiting value
as in the presence of oxygen.

The results (Figure 4) suggest that the rate of re-
duction of persulfate is independent of arsenic(IIT)
concentration at low copper(IT) concentrations but
is dependent at high copper(II) concentrations. How-
ever, only a twofold change in arsenic(III) concentra-
tion was studied in these experiments, and it was neces-
sary to extend the range of arsenic(III) concentrations
to determine accurately the dependence on arsenic(I17)
for the two limiting kinetic relationships. The inde-
pendence of the reaction on arsenic(III) concentration
at low copper(II) comncentrations was confirmed, the
first-order rate constants with respect to persulfate
being 4.3 X 1078, 4.7 X 1073 and 4.5 X 10~%sec.7! in
oxygen-free solution for arsenic(IIT) concentrations
of 2 X 102,102 and 103 M, respectively, at a copper-
(II) concentration of 10~* 3. In air-saturated solu-
tions at a copper concentration of 10~® M the rate con-
stants were 2.7 X 1075, 2.7 X 1073 2.5 X 10°%,
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Figure 4.—First-order rate constant, Cu(II) catalyzed reac-
tion; 1078 M S;05%7, 0.01 M HCIO,, 0.01-0.02 M As(III), u =
0.1: A, 2 X 1072 M As(1I1), oxygen-free; 01, 10™? A As(II1),
oxygen-free; O, 2 X 1072 M As(111), air-saturated; X, 10-2 M/
As(I11), air-saturated.

and 2.2 X 107 sec.~! for arsenic(IIT) concentrations
of 2 X 1072, 1072, 4 X 1073 and 103 M, respectively.

In order to determine the dependence of the rate of
reduction of persulfate on the arsenic(III) concentra-
tion in the range where the rate is independent of
copper(I1) concentration, the rate was determined in
the presence of 2 X 107% 1072 4 X 1073 and 10—% M/
arsenic(I1I), for copper(II) concentrations of 5.4 X
10—3 M in air-saturated solution and 5.4 X 10—* and
2.7 X 1072 M in oxygen-free solution. The first-
order plots of log [S;0s2~] against time for 4 X 103
M arsenic(III) were not strictly linear due to the de-
crease in the arsenic(III) concentration during the re-
action. The initial slope was taken to find the rate at
this arsenic(III) concentration. The reaction in the
presence of 1073 M arsenic(III) (i.e., equimolar per-
sulfate and arsenic(III)) obeys ?/s-order kinetics, sug-
gesting a /y-order dependency on arsenic(III). This
is confirmed by the rate constants at the higher arsenic-
(ITI) concentrations (Table III). The results con-
firm that the same 1imitingw'_kinetic relationship is
obtained in both oxygen-free and air-saturated solu-
tion, the relationship being

B = 2.9 X 107*[As(III) ]/ sec.—!

The effect of changing the perchloric acid concentra-
tion to 0.050 and 0.002 A on the rate of reduction of
persulfate at constant ionic strength was determined
for the two limiting kinetic relationships (Table IV).
A maximum variation of 1.3-fold is found for the 25-
fold change in perchloric acid concentration for the
reactions studied, and therefore it can be concluded
that the reaction is independent of acidity at all copper-
(II) concentrations within the range of acidity 0.002
to 0.050 M.

(iv) The Rate of the Iron(II)-Persulfate Reaction.
—The rate of the iron(II)-persulfate reaction at an
ionic strength of 0.1 was determined by measuring the
rate of oxidation of iron(II).2 The second-order rate
constant was found to be 25 M ! sec.~1 at 25°, which
compares favorably with the value of 27 A/—! sec.™
obtained previously? at the same temperature and u =
0.07.

(v) Determination of Copper(Il) Impurity.—The
kinetics in the absence of added metal ions could be
explained by the presence of a copper(II) impurity in
the system. As the rate of reduction of persulfate is
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TaBLE IV
EFFECT OF ACIDITY
1073 M S:0427; u = 0.1

Oxygen- Air-
free saturated
&, k,
[HC104), sec, "1 sec, "1
M X 108 X 108
.002, 14
010 14
.050 15
.002 13
.010 13
.050 15
.002
.010
050
.002
010
050
.002
.010
050
002
010
050
002
.010
.050

[Cu(ID],

[As(IIL)],
M M

10-3 2 X 1072
10-#

4 X 1073 102

B b
(=200 ]

10-8 2 X 1072

10~ 2 X 10~2

102

[\
NN WNNWT®O-TDN
T = O~ WW kO

virtually independent of arsenic(III) concentration
(Table I), the arsenic(III) cannot be the source of the
impurity. No copper was detected in 0.1 M persul-
fate and 1 M perchloric acid solutions. At the con-
centrations of these agents used in the reaction mixtures
the copper concentration was negligible, at least less
than 0.5 X 10=% M. The copper concentration in
0.1 M sodium perchlorate corresponded to 8 X 10—*
M, and in the water to 6 X 10=® M. Thus, the copper
concentration in 0.1 M sodium perchlorate solution was
1.4 X 108 M.

Discussion

The thermal decomposition of persulfate in acid solu-
tion proceeds by two parallel paths, reactions 1 and
2, the over-all rate constant, &, being given by®

k =k + k[H"]

The rate constant k; was determined by Kolthoff and
Miller® to be 1.0 X 1078 sec.—! at 50°, independent
of acidity or ionic strength, with an activation energy
of 33.5 kcal. The value of this rate constant at 25°,
calculated from these results, is 1.3 X 10-% sec.” !,
The over-all rate constant at 25° was found to be 9.0 X
102 sec.—! (Table I) at a hydrogen ion concentration
of 0.01 M and an ionic strength of 0.1, giving 7.7 X
10—¢ M—! sec.”! for ks at this temperature and ionic
strength. This value of %k, compares favorably with
2.0 X 107% M1 sec.~! at 25° and u = 0.4 calculated
from the data of Kolthoff and Miller. The decom-
position characterized by %, at an acidity of 0.01 M
and an ionic strength of 0.1 accounts for 869, of
the persulfate decomposed in the absence of oxidizable
material other than water.

In the absence of oxygen, the presence of arsenic
trioxide has only a small effect on the rate of reduction

CaTALYZED ARSENIC(III)~PERSULFATE REACTION 701

of persulfate (Table I). In air-saturated solution
arsenic trioxide increases the rate of reduction of
persulfate fortyfold (Table I). This increase is re-
duced to a factor of about three in the presence of 19
of either allyl acetate or acrylonitrile, which are efficient
capture agents for sulfate free radicals and without
attack on persulfate. The effect of these agents
suggests that reaction 1 initiates a chain reaction in
the presence of oxygen. In the presence of allyl
acetate or acrylonitrile the arsenic trioxide oxidized
is equivalent to 909, of the persulfate reduced, showing
that a nonchain oxidation of arsenic trioxide by the
ky persulfate decomposition path is still taking place.
This oxidation of arsenic(III) by reaction 2 and its
nonchain character can be explained by two-electron
oxidation of arsenic(III) by the product of reaction 2

As(I1I) + SOy —> As(V) + SO,2- (3)

Wilmarth and Haim!? suggested that reaction 2 should
be

H;0% + 8:052~ —> H.S0; + HSO,~ (2a)

The oxidation of arsenic(III) by SO4 or HoSOj5 is similar
to the oxidation by hydrogen peroxide, which was also
shown to proceed by a nonchain mechanism.?

The oxidation of arsenic trioxide by the persulfate
decomposition path characterized by k; should not
affect chain oxidations initiated by the decomposition
path producing sulfate free radicals and need not be
considered in the iron(IIT) and copper(II) catalyzed
reactions between persulfate and arsenic(I1I),

In the presence of oxygen a chain reaction occurs
(Table I). The reaction is first order to persulfate,
the rate constant being 4 X 10~% sec.~}, and practically
independent of arsenic(III) concentration. The chain
process could be accounted for by the series of reactions

S:052~ —> 280, (1)
SO, ™ + As(III) —> S0O.2~ + As(IV) (4)
As(IV) + O + H* —> As(V) 4+ HO, (5)
HO; + $;05*—> H* + O; + SO42~ 4 SO,™ (6)
If termination occurred by either of the reactions!®
SO;™ 4+ HO; —> SO~ 4+ H+ + O, 7N
280,7 —> ;042" (8)

the rate of reaction would not be independent of [As-
(III)], contrary to fact. If termination occurred by
the reaction

As(IV) + HO; —> AS(III) + H* 4+ O,

the reaction would be first order to persulfate and zero
order to arsenic(III), as found experimentally, and
half order to [0.]. Although such a termination
reaction is possible, our results are accounted for quan-
titatively by taking into account the trace of copper(I1)
in the reaction mixtures in Table I. The copper con-
tent of the reaction mixtures in Table I was 1.4 X
108 M Cu(II). The results of the copper(II) cata-

(12) W. K. Wilmarth and A. Haim, *‘Peroxide Reaction Mechanisms,’
J. O. Edwards, Ed., Interscience Publishers, New York, N, V., 1960, p. 175.

(13) M. 8. Tsao and W. K. Wilmarth, Discussions Faraday Soc., 29, 137
(1960).
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lyzed reaction (Figure 4) revealed that at low copper-
(IT) concentrations in air-saturated solution the rate
of reduction of persulfate is given by

d[S:0s2 ]

g T 2EX 10~2[Cu(11)]"*[S,05*"]

The kinetics in the absence of added copper(II)
(Table I) correspond to a rate constant of 4 X 10-%
sec.”!, which is equivalent to [Cu(II)] = 2 X 1078 M,
in satisfactory agreement with the experimentally
determined value of 1.4 X 10—% M [Cu(I1)]. Further-
more, the rate constant in the absence of oxygen when
no copper(I1l) was added was 6-7 X 1077 sec.”! (Table
I), which also is consistent with a copper(II) concen-
tration of ca. 2 X 1078 M (Figure 4). The copper
impurity also accounts for the increased rate observed
in Figure 4, when the added concentration of copper
became less that 107 1.

The rates of the iron(I1I) catalyzed reactions were
not corrected for the rate in the absence of iron(III)
(traces of copper), although this rate is comparable
to the rates in the presence of the lower iron(III)
concentrations studied. Copper(II) is 25 times more
reactive toward hydroperoxo radical than iron(III)
in the presence of 0.01 A perchloric acid.!* As the
iron(I1I) concentration in all experiments was greater
than 104 times the copper impurity, the reaction of this
impurity with the hydroperoxo radical, and therefore
its catalysis, will be eliminated. It is postulated
that the iron catalyzed reaction proceeds by a chain
mechanism initiated by reaction 1. The subsequent
reactions constituting the chain should be the same
as those in the induced oxidation of arsenic(III) by the
iron(I1)- persulfate reaction.®?

In the absence of oxygen the chain should proceed

AS(IIT) + 80,7 —> As(IV) + SO2- (4)

AS(IV) 4 Fe(III) —> As(V) - Fe?+ )

Fe?* 4 853052~ —> Fe(III) + SO4™ + S0.2- (10)

The stoichiometry of the chain agrees with the experi-

mental results. The previous investigations®*?* suggest
that the termination reaction will be

As(IV) + Fezt —> As(III) 4 Fe(III) (11)

Assuming steady-state conditions with respect to

Fe?t, 8O,7, and As(IV) and taking ky[Fe2t]/k > 1,
we find at a given acidity

d[S:0:7]

- (Bikroke/ bry) *[Fe (T11) 172 [S:082 ]

The ratio ke/k1 was shown to be dependent on acidity
due to different rates for the reactions of arsenic(IV)
with Fe3+ and FeOH?*+.2¢ 1In the acidity range studied
here, only the reaction with FeOH?*

As(IV) 4 FeOH2* —> As(V) 4 Fe?™ (99
will be significant and therefore

(14) W. G. Barb, J. H. Baxendale, P, George, and K, R, Hargrave, Tranus.
Faradey Soc., 47, 462, 591 (1951),
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d[8,0577] ( Fy )1/2 [Fe(IIT)]”
——— = | Rk K,) -— g [ 8502
d "k (7] + K0
In air-saturated solution, the reactions
As(IV) 4+ 0, + Ht —> As(V) + HO, (5)
HO; + Fe(Ill) —> HT + O, + Fe?t (12)

will replace reaction 9 in the chain, the over-all stoichi-
ometry being unchanged in accordance with the experi-
mental results. The chain should be terminated by
the series of reactions®*

Fer* 4+ HO; —> Fe(III) + H;0, (13)
Fe*™ + H:0, —> Fe(IIl) + OH~ + OH" (14)
As(III) + OH' —> As(IV) + OH- (15)
AS(IIL) + Hy0p —> As(V) + H,0 (16)

Assuming steady-state conditions with respect to
Fe?t, SO,7, As(IV), HO., H:0, and OH yields a
cubic equation for [Fe?*] which can be put in the
form

1

klo 912 9 1 - T

b [Fe*]? + [Fe?*] L+ ki [As(IID)]{ —
k14[F€2+]

k

“Re(IID)] = 0
ks

The coefficient of [Fe?*] obviously cannot exceed 2,
while £10[Fe?+]>> % Accordingly

ki >‘/f

[Fe2t] = <%[FG(III) ]

and

d[S;0s2~ Eikioki ) .
*Jd;—‘] = (—1;9—“) [Fe(I1D)][8,052"]
It has been shown previously®'* that the ratio %y /kig
is dependent upon acidity, the quantity ([Ht] +

K.)(ki/kys) being a constant = «.  Accordingly
d[S$:0s*7] . [Fe(IID)]7: .
a = (kik1ok) (H] = Ka)l/z 19,052

Experimentally, in both oxygen-free and air-satu-
rated solutions, the rate of reduction of persulfate is
found to be first order to persulfate, one-half order to
iron(III), minus one-half order to { [H+] + Ka}, and
zero order to arsenic(III), in accordance with the pro-
posed mechanism. Furthermore, all the individual
rate constants are known: k = 1.3 X 1078 sec.”!
calculated from the data of Kolthoff and Miller,’
ki was determined in this research to be 25 M—!
sec.”l, ke'/ky = 9,2 Ko = 28 X 1073 at u = 0.1,
and k = 3.7 X 107%.% Therefore

ko 2
(klklo E— Ka> = 0.0 X 105 sec.™?

11
and
(klka)l/z = 3.5 X 10~% sec.™ !

The experimental values for these constants are 7.6 X
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10-5 and 4.3 X 1075 respectively, in excellent agree-
ment with the calculated constants, substantiating the
proposed mechanism and the values of the ratios
ky/ky and ([H+] + K,)k1/ ki determined previously.2?

The rate of the copper(II) catalyzed oxidation of
arsenic(III) by persulfate at low copper concentra-
tions is first order to persulfate, one-half order to
copper(II), zero order to arsenic(IIT), and dependent
on the presence of oxygen. This is the same kinetic
relationship as in iron(III) catalysis and therefore an
analogous mechanism is indicated.

In the absence of oxygen, therefore, the reactions

As(IV) + Cu?t —> As(V) + Cu(l) (17)
Cu(I) + S0~ —> Cu?*t 4 80,™ 4 S0O,2~ (18)
AS(IV) + Cu(I) —> As(IIT) + Cu?t (19)

will replace reactions 9, 10, and 11, respectively. In
air-saturated solution, the reactions

HO; + Cutt—> H+ + 0; + Cu(I) (20)
Cuw(I) + S:0:2~ —> Cu?t 4 SO~ + SO~ (18)
Cu(I) + HO; —> Cu?* + H;0, (21)
Cu(l) + H,0; —> Cu?* + OH" + OH~ (22)

will replace reactions 12, 10, 13, and 14, respectively.
The rate of reduction of persulfate, analogous to the
iron(I1I) catalysis, is given by the following equations.
Oxygen-free solution

_d[SzOsQ_]

dt = (Bikiskyr/ 1) " [Cu(I1)]77[S,082 ]

Air-saturated solution

_ d[S:08%7]

dt = (Bakigkao/ ) 7 [Cu(11) ]/[S;082~]

The rate of reduction of persulfate at high copper-
(IT) concentrations becomes independent of copper-

(IT1) concentration and the presence of oxygen. This
can be explained by the termination reaction
Cu(I) + SO ™ —> Cu?t + SO,2~ (23)

As the copper(II) concentration is increased, the copper-
(I) steady-state concentration is increased and the
sulfate free radical reacts with the copper(I) rather than
the arsenic(IV). At the higher copper(II) values the
termination reaction 23 is much more pronounced
than the termination reactions 19 and 21 in oxygen-
free and air-saturated solutions, respectively, and there-
fore determines the kinetics. As the sum of reactions
5 and 20 is equal to reaction 17 and the termination
does not involve competition of copper(I) with arsenic-
(IV) or hydroperoxo radical, it is evident that the
kinetics will be independent of oxygen. Assuming
steady-state conditions with respect to the interme-
diates and taking k;3[Cu(I) ]/ > 1

_ d [52032_]

TR (kikssks/ kos) /*[As(TTT) /2 [S2082~]

The experimental results are in agreement with this
relationship, substantiating the proposed mechanism.

CataLvzeD ARSENIC(III)-PrRSULFATE REACTION 703

Comparison of the experimental and derived rate
constants, taking & = 1.3 X 1073 sec.™!, gives the
values: k13k17/k19 = 14 X 103, klgkzo/kzl = 5.2 X
104; kisks/kys = 6.5 X 102, all M—! sec.—L, The rate
of the copper(I)-persulfate reaction, ki, is not known
and therefore the individual ratios cannot be deter-
mined. '

Of particular interest is the effect of acidity on the
copper(II) catalyzed reaction. The rate of reduction
of persulfate is determined by the ratios kikiskir/ kg,
kikiska/ ka1, and kikigks/key in oxygen-free solution at
low copper(II) concentrations, in air-saturated solu-
tion at low copper(II) concentrations, and in oxygen-
free and air-saturated solutions at high copper(II)
concentrations, respectively. Experimentally, the rate
under all these conditions was found to be independent
of acidity and, as it can be anticipated that all the
other rate constants are independent of acidity, it
is concluded that the ratio kso/ks1, the ratio of the rate
constants for the reactions of hydroperoxo radical
with copper(II) and copper(I), is independent of
acidity.

Barb, ef al.,'* suggested that hydroperoxo radical
dissociated at the acidities used here and that HO,
is the oxidizing and O, the reducing species

HO; === H* + 0,~
Cu?* 4+ 0y~ —> Cu(I) + O (20")
Cu(I) + HOp —> Cut + H;O, (21)

The ratio of the rate constants ky/ky should then be
equal to (kew/kn)(Kuo,/[H*]), Kuo, being the acid
dissociation constant of HO.. This would imply an
acid dependency for ks/ky and therefore for the rate
of reduction of persulfate in the region where reaction
21 is the chain-termination step. However, ku/kn
should be independent of acidity if both copper species
react with HO; which, like As(IV), can act as an oxi-
dizing and reducing agent. Rothschild and Allen!®
proposed this for the reaction of iron(III) with hydro-
peroxo radical, FeOH2t+ being more reactive than
Fed+. The experimental evidence, therefore, supports
the Rothschild and Allen mechanism and is in contra-
diction to that of Barb, et al.

An alternative explanation is that arsenic(IV) forms
a peroxy species, As'VO,, as suggested by Daniels,
which, like the hydroperoxo radical, can react with
iron(III) or copper(II) to give arsenic{V) and oxygen,
and with iron(IT) or copper(I) to give arsenic(V) and
hydrogen peroxide. The effect of hydrogen ion con-
centration in the case of iron(III) catalysis can then
be accounted for by a greater reactivity of FeOH?*
than Fe®+ with As'™Q, Qualitatively, this mech-
anism explains the over-all reactions presented here
and in previous publications.®* However, it was
found previously?® that the value of the ratio of the rate
constants, as well as the acid dependence, for the re-
actions of the peroxy intermediate (As'VO, or HO,)
with iron(III)} and iron(II) agreed with that for the

(15) W. G. Rothschild and A. O. Allen, Radiation Res., 8, 101 (1958).
(16) M. Daniels, J. Phys. Chem., 66, 1473 (1962),
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reactions of hydroperoxo radical with iron(III) and
iron(I1) obtained by Barb, e al.,'* and Shubin and
Dolin.'” Therefore, it seems more plausible that HO,,
and not O,7, is the reactive species.

It is of interest to note that the copper(11) catalyzed

(17) U. N. Shubin and R. I. Dolin, Dokl. Akaed. Nauk SSSR, 140, 1380
(1961).
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oxidation of arsenic(III) by persulfate at small copper
concentrations is seven times as fast in the presence as
in the absence of oxygen. ZEspecially in oxidations of
organic substances, oxygen usually acts as a powerful
inhibitor. For example, this is the case in the copper-
(1T) catalyzed oxidation of oxalate by persulfate,'®

(18) E. Ben-Zvi and T, L. Allen, J, Awm, Chem. Soc., 83, 4352 (1961).
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When ozone reacts with sulfur dioxide in aqueous acid solution, as many as two ozone oxygens appear in each product sulfate
ion. Corresponding to this excess transfer (only one O being required for the oxidation), the oxygen formed is found to have

undergone exchange with the solvent.

In alkaline solution, transfer in excess of one O for each sulfite ion is observed and

some of the sulfate oxygen is derived from the solvent despite the fact that sulfite ion is not a labile species under these condi-

tions.

Ozone induces exchange between sulfate ion and water both in alkaline and acidic solution, but the reaction is so

slow as not materially to affect the results which have been described. By contrast the isotopic course of the reaction of
nitrite ion with ozone in alkaline solution is simple; the nitrate ion contains two oxygens derived from the nitrite and one

derived from the ozone,

Substantial ozone oxygen appears in the manganese dioxide and thallium(III) oxide which are

formed in the reaction with ozone of Mn?+(aq) and Tl (aq), respectively.

In this paper we describe the results of experiments
done to trace the path of oxygen in reactions of ozone
with a number of reducing agents. As will appear from
the results, even in the absence of kinetic studies, which
for some of the systems would be very difficult to per-
form, the tracer experiments illuminate the mechanisms
of the reactions to a considerable extent. The reducing
agents dealt with in this study are sulfite (sulfur di-
oxide) and nitrite ion which react with ozone in homo-
geneous solution, and Mn?* and T1* which were studied
under conditions so that the solid products, manganese
dioxide and hydrous thallic oxide, are formed.

Experimental

Reagents. Ozone Preparation and Analysis.—Ozone was
generated by silent electric discharge with a Welsbach Corp.
Model T 23 ozonator, from tank oxygen dried with calcium sul-
fate. In experiments in which it was necessary to know the
concentration of ozone in oxygen, several chambers with cali-
brated volumes (100 and 500 ml. were used), each completely
immersed in a water—ice slush, were connected in series to the
ozone generator, and ozone was passed through these for some
time (say 30 min.). Each container was isolated, and some were
taken for analysis, others for the desired reaction.

Quantitative determination of ozone concentration was car-
ried out by gentle aspiration of a 100-ml. container of the gases
into a train of two absorption flasks each containing ca. 25 nml. of
(initially) neutral 0.1 F potassium iodide solution. These solu-
tions were combined after ce. 10 min. of aspiration, 5 ml. of 1 F
sulfuric acid was added (to cause any lodate formed to react
with iodide to iodine), and then 10 ml. of 2 Fsodium carbonate was
added (to provide the appropriate acidity for titration). The
solution was then titrated with standard 0.02 N arsenic(III)
solution to a starch end point. Successive determinations on
samples collected at the same time usually yielded values within
0.5% of the mean,

Reducing Agents in Enriched Solvents. Sulfur Dioxide Solu-
tions.—Solutions of dissolved sulfur dioxide were prepared by
syringing the required volume of anhydrous gas into 5-10 ml. of
dilute perchloric acid of approximately known oxygen-18 con-
tent. The solutions were prepared and kept for a short time in
capped containers, previously purged with purified nitrogen.

Sulfite Solutions.—Two types of solutions were prepared: solu-
tions in which the sulfite ion is of normal isotopic composition in
solvent enriched in oxygen-18, and solutions in which both sul-
fite ion and solvent are enriched in oxygen-18 to the same extent.
Solutions of the former type were prepared by neutralizing sulfur
dioxide gas of normal isotopic composition with excess aqueous
sodium hydroxide, also normal in isotopic composition. En-
riched water was then added to the solution. Solutions with
sulfite ion and solvent equally enriched in O were prepared from
sulfur dioxide gas (5 to 50 ml.) in enriched water (say 5-10 ml.)
faintly acidified with perchloric acid. A small volume (0.1-0.5
ml., as required) of concentrated sodium hydroxide (carbonate-
free) was then added. These solutions were prepared and stored
briefly under purified nitrogen.

Nitrite Solutions.—As in the case of sulfite ion, two types of
solutions were prepared: with normal nitrite ion in enriched
solvent, and with nitrite ion and solvent equally enriched. For
solutions of normal nitrite ion in enriched water, solid sodium
nitrite was dissolved in the appropriate volume of enriched water
containing sodium hydroxide. For preparation of solutions of
nitrite ion in isotopic equilibrium with the solvent, use was made
of the known exchange rates of nitrous acid in solutions of pH
4-6.! Sodium nitrite (1.0 F) was dissolved in enriched water,
also ca. 0.2 F in perchloric acid. Using 4 X 1074 as the acid dis-
sociation quotient of nitrous acid, the calculated pH is 4. The
solution was left for 20 min., which is ca. 60 half-lives for ex~
change,! then concentrated sodium hydroxide, carbonate-free,
was added.

(1) At pH 4, the half-time for exchange, as calculated from data of M.
Anbar and H, Taube {J. Am. Chem, Soc., 76, 6243 (1954) ], is 20 sec. at 25°,



