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The steady-state concentrations of hydrogenperoxomonosulfate ion, formed as
an intermediate in the hydrogen ion-catalyzed path of the thermal decomposition
of peroxodisulfate solutions of moderate acidities at 60°C, were determined by
reduction with oxovanadium(IV). The solutions initially contained cerium(III)
sulfate complexes also. The rates of the consecutive steps in the chain decomposi-
tion reaction of HSO; were calculated from those measurements. The chain re-
action is induced by OH radicals from the initial step, S,0~ + H,0 - HSO; +
SO; + OH, in the uncatalyzed path of the peroxodisulfate decomposition. The
major fraction of the OH radicals is consumed in the chain reaction, where the
high rate constant, = 2x10° M~ s™', estimated for the step OH + HSOj at 20°C
might indicate that HSO;, which is partly coordinated to Ce(III), reacts fast like
free SO?™. Thus, the peroxomonosulfate ligand competes effectively with the cen-
tral cerium(III) ion for reaction with OH. This finding explains why the reaction
OH + Ce(III) makes no detectable contribution to the oxidation of cerium(III),
whereas SO;, which reacts more slowly with HSO53, is highly reactive in the re-
action SO; + Ce(III) yielding cerium(IV). The results also explain why no
OH-SO; interconversion equilibrium is attained at moderate acidities, and why
there is no detectable formation of hydrogen peroxide according to the reaction

OH + OH.

The peroxodisulfate ion is an important source of
highly reactive species that are effective in oxida-
tions of different metal ions and many types of
organic molecules.'? It has also been used fre-
quently as an initiator of chain reactions in solu-
tion. Often, these oxidations are performed in
moderately acidic solutions, and one fundmental
question is the mechanism of the thermal decom-
position of peroxodisulfate ion in such solutions.
It has been shown® that the decomposition pro-
ceeds by two reaction paths, leading to the rate
law shown in eqn. (1), the k, path being the pre-
dominant one for solutions more acidic than pH
= 2.

d[S,077]
- ——dt_ = (k, + kq[H']) [S:077] )
$,08 — 2 SO; )

The unimolecular homolysis in eqn. (2) was
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early*® suggested as the initial rate-determining
step in the k, path. Although, in fact, there is no
clear evidence of the existence of this homolytic
scission in the thermal decomposition, most au-
thors have since that time kept to this mecha-
nism. However, in an investigation in this labora-
tory,’ it was found that the rate of oxidation of
cerium(IlI) by peroxodisulfate is given by
k,[S,05], when perchloric acid, sodium sulfate
and sodium perchlorate form the additional elec-
trolytes. The k, value obtained was close to that
of eqn. (1) valid for alkaline solutions.® From this
result, it was concluded that cerium(III) is oxi-
dized by an intermediate generated in the k,
path, and that only one such intermediate is
formed from each peroxodisulfate ion decompos-
ing in this path. As a consequence, the bimolec-
ular reaction illustrated by eqn. (3) was suggested
as the rate-determining initial step. As subse-
quent reactions in the ., path, the reactions (4)
and (5) were accepted.’ Reaction (5) only sug-



gests formation of oxygen from the OH radical in
several consecutive steps. Furthermore, it was
suggested that the radical ion SOj; is the interme-
diate that oxidizes cerium(III). Thus, in the pres-
ence of complex-forming sulfate ions, cerium(III)
would effectively capture SO;, reaction (4) being
exchanged for reaction (6). On the other hand, in
the acidic medium used, reaction (7) would be
unimportant.

k
$,0: + H,0— HSO; + SO; + OH 3)
k,

SO; + H,0 > HSO,” + OH 4)

20H - H,0 + 12 O, ®)
ks

Ce(III) + SO; = Ce(IV) + SO (6)
k,

Ce(III) + OH— Ce(IV) + H,0 (7
H#

In order to further check these conclusions about
the mechanism, another study’ was carried out by
measuring the rate of evolution of oxygen gas
from peroxodisulfate solutions in the presence
and absence of cerium(III) and at varying but
moderate acidities: [H*] = 4x107* — 4x1072 M.
It was shown that the rate of oxygen production
by the k, path in the presence of cerium (III) is
one-half the rate in the absence of this species.
This finding clearly indicates that reaction (2)
cannot be the initial step, whereas reaction (3) is
consistent with the result obtained. Nevertheless,
as the reactions of the OH radical in the presence
of cerium(III) were not elucidated in the mecha-
nism suggested, some doubt or uncertainty has
been expressed in later reviews.*® For that rea-
son, the present study was undertaken to elu-
cidate to what extent the disappearance of OH
can be explained by its participation in a chain re-
action with the intermediate HSO;, most prob-
ably formed' initially in the k, path according to
reaction (8). For this purpose, it is necessary to
determine the steady-state concentration of this
species in the overall process.

k
H* + S,0 + H,0 — HSO; + HSO; + H* (8)
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Experimental

Materials. Solutions of cerium(III), oxovanadium
(IV) and dioxovanadium(V) perchlorates in di-
lute perchloric acid were prepared as in previous
investigations.*!® Potassium peroxodisulfate, so-
dium sulfate, sodium perchlorate and perchloric
acid were of analytical grade. Potassium hydro-
genperoxomonosulfate was used in the form of
Oxone (du Pont). Iodometric analysis of this sub-
stance showed that it contained 42 % KHSO;.
Stock solutions of the chemicals, except for the
peroxo compounds, were prepared and analyzed
by standard methods. The water was laboratory-
distilled and then redistilled twice in an all-silica
apparatus.

Measurements. Low concentrations of peroxomo-
nosulfate cannot be determined iodometrically if
peroxodisulfate at a much higher concentration is
also present. However, in a previous investiga-
tion,' it was found that when peroxomonosulfate
is added to an acidic solution of oxovanadium
(IV) at 40°C, an equivalent amount of vanadium
(IV) is oxidized instantly. Furthermore, when
peroxodisulfate is added to such an acidic solu-
tion, a little peroxomonosulfate appears at once
and causes a quick oxidation of some vanadium
(IV). On the other hand, there is no sign of a di-
rect reaction between peroxodisulfate and van-
adium(IV) at [H*] < 0.25 M and at 40°C. On the
basis of these findings, the procedure described
below was used for the determination of the
steady-state concentration of peroxomonosulfate
during oxidation of cerium(III) by peroxodisul-
fate ion.

The reaction vessel was a borosilicate glass
bottle placed in a water thermostat at 60°C. A
fixed volume of a solution containing cerium(III)
perchlorate, sodium sulfate, perchloric acid and
sodium perchlorate was allowed to attain thermal
equilibrium in the vessel. At time ¢t = 0, a
weighed amount of solid potassium peroxodisul-
fate was added. In some measurement series,
peroxomonosulfate as solid Oxone was also
added at the same time. After suitable time inter-
vals, samples were withdrawn and mixed with
equal volumes of a solution of oxovanadium(IV)
perchlorate (10 mM) and perchloric acid (350
mM) at 20°C. The mixed solutions were cooled
to 25°C and the concentration of vanadium(V)
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formed was determined by absorbance measure-
ments at 350 nm with a Zeiss PMQ-II instrument
as described previously.”” The concentration of
vanadium(V) gives [HSO;] + 0.5 [Ce(IV)] dur-
ing the oxidation of cerium(III); [Ce(IV)] was
obtained from separate kinetic runs, at 400 nm.
The constant absorbance after complete oxida-
tion of cerium(III) yields the molar absorption
coefficient for cerium(IV). In other separate
measurements, it was confirmed that cerium(III)
was not oxidized by Oxone. The hydrogen ion
concentration in the reaction solution was meas-
ured as before.’

Results

Steady-state concentrations of peroxomonosul-
fate. If only peroxodisulfate was added at time
t = 0, the value of [HSO;] was already fairly
well reproducible after 5 min, corresponding to
[Ce(IV)] = 1.5x107* M. As seen from Fig. 1,
[HSO;] decreases as the oxidation of cerium(III)
proceeds. Within the measurement range avail-
able, the plots of [HSO;] vs. [Ce(IV)] can be rep-
resented approximately by straight lines, the or-
dinate axis intercepts of which yield values for so-
lutions free of cerium(IV). The results are:
[HSO;] = (1.8 £ 0.2)x10~*and (3.8 + 0.4)x10*
M at [H*] = 2.0x107? and 4.0x10~2 M, respec-
tively, [Ce(III)] = 1.0x10* M and [S,0%] =
0.100 M. The [H*] values correspond to the mid-
dle and the upper part, respectively, of the [H*]
range used in the previous study.” In the lower
part at [H*] = 4x10~* M, measurements of
[HSO;] were not feasible.

When peroxomonosulfate as Oxone was also
added at ¢ = 0, its concentration at first decreased
fairly rapidly, but the values were not reproduc-
ible. During this initial time, no formation of ce-
rium(IV) was detectable. However, after about 5
min, cerium(IV) was formed at the same rate as
in the absence of Oxone. At increasing [Ce(IV)],
plots of [HSO;] vs. [Ce(IV)] (the dashed curves
in Fig. 1) approach the straight lines determined
in the absence of Oxone. This finding is a good
indication that the values of [HSO;] determined
are true steady-state concentrations.

The rate of formation of cerium(IV) is the
same at the two different [H*] used (cf. Ref. 7).
This indicates that at the low steady-state concen-
trations of peroxomonosulfate found, the rate of
reduction of cerium(IV) in the reaction Ce(IV) +
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HSOjs is negligible compared to the rate of its ox-
idation in the reaction Ce(IIl) + SO;.

The chain reaction mechanism. From an investi-
gation'! of the photolytic decomposition of per-
oxodisulfate ion, it was concluded that hydrogen-
peroxomonosulfate ion is rapidly decomposed in
a chain reaction induced by the radicals SO; and
OH. The earlier study" of the thermal reaction
between vanadium(IV) and peroxodisulfate ion
also gave a clear indication of the importance of
these radicals, formed in reaction (3), for the de-
composition of HSO; in moderately acidic solu-
tions. As this decomposition is not inhibited’ by
cerium(III), the chain reaction in the present
case must be induced by the OH radical. Fur-
thermore, as cerium(IIl) is not oxidized by any
intermediate from the chain reaction, no step can
involve formation of SO;. Thus, reactions (3)
and (8) are the initiation steps, and the propaga-
tion cycle is formulated in reactions (9) and (10),
as has been suggested before."> As main termi-
nation step, reaction (11) is suggested.

k
OH + HSO; = H,0 + SO; )

k
SO; + HSO; + H,0 — 2 HSO; + O, + OH
(10)

[HSOZ), mM

02 04 06
[Ce(vV]], mM

Fig. 1. The steady-state concentration of peroxomono-
sulfate during oxidation of cerium(lll) by
peroxodisulfate ion at 60 °C. Initial concentrations:
1.00 mM Ce(CIO,),, 100 mM K,S,O,, 0 (@, O) or
5mM (A, A) KHSO; (as Oxone), 150 mM Na,SO,,
95 or 150 mM HCIO, and 300 mM NaClO,. [H*] = 20
mM (filled symbols) or 40 mM (open symbols).



k

OH + SO; — HSO; + O, (11)
It is well known"!! that the autodecomposition of
hydroxyl radicals with formation of molecular
oxygen is quite susceptible to catalysis by trace
“impurities”, especially heavy metal ions present
as low molecular weight colloids. At 60°C and at
the moderate acidities used, there is certainly
considerable hydrolysis of the cerium(IV) formed
in the reaction. Thus, various hydroxo species of
cerium(IV) most probably function as effective
catalysts. It can be assumed that the rate-deter-
mining step of the autodecomposition in the pres-
ence of such catalysts is first-order in OH. The
first-order rate constant, k,, should therefore in-
clude some unknown function of the cerium con-
centration.

In the following equations, r; is the rate of a re-
action with rate constant k. Application of the
steady-state approximation to the intermediates
OH, HSO; and SO;, involved in reactions (3),
(4) and (7)-(11), then yields the relationships
given by eqns. (12)-(14). Elimination of r; and r,
from (12)-(14) results in eqn. (15); from sug-
gested second-order expressions for r, and r;,
eqn. (16) is obtained. Thus, if k/(k,[Ce(II)] +
k,) can be calculated from the measured values of
[HSOy], the rates r; and r, + rg can be obtained
from eqns. (15) and (16).

retrs—retrtrg=r (12)
rs+re=ry (13)
rs—re—r,=0 (14)
ry+drs+rg=r +2ry (15)
rd(r, + ry) = k[HSO;J/(k,[Ce(IID)] + k)  (16)

Determination of rates. If second-order expres-
sions for the rates r,~r, are inserted in eqns. (13)
—(15), elimination of the unknown steady-state
concentrations of OH and SO; yields the final
eqn. (17). Here, the unknowns are ky/(k,[Ce(III)]
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+ kg) and kk/k,. At 60°C, the most probable
values®® of the rate constants in eqn. (1) are k, =
5.0x10°° s7* and k,; = 1.6x107* M~ 57!, Then,
when the experimental steady-state concentra-
tions of HSOj; are inserted into eqn. (17), two re-
lationships are obtained, from which the un-
known parameters can be determined as k/(k,
[Ce(II)] + kg) = (7 £ 2)X10° MY ksky/k, = 4 £
1M s

ks [HSO: J/(k, [Ce(IID)] + &, + 4 k, [HSO;]) +
2 ksky [HSOST ri/{k,(r, + 2 ry)’} —
(k, [Ce(IID)] + kg) ks [HSOS] ry/
{ky (r + 21y} = ryl(ry + 2 1y) (17)
From these quantities, relative values of the
steady-state rates r, + r, and r—r, have been cal-
culated (Table 1) according to eqns. (13)—(16) for
the [H*] used in the present measurements. In
the previous investigation,” the maximum rate r,
+ r, (= r; + r)) of oxidation of cerium(III) was
found to be (5.2 £ 0.3)x107¢[S,03 ] M 57!, at the
same time that the rate r, of the k, path was (4.8
+ 0.3)x107° [S,03"] M s™!. These rates give r,/r,
= 0.20. Thus, at the acidities used, the relative
rate ry/r, of the catalyzed autodecomposition of
the hydroxyl radical does not seem to be negli-
gible. Finally, the lower limits k/(k, [Ce(III)]) =
0.8, obtained at [H*] = 2.0x107* M, and kJ/(k,
[Ce(IIT)] + kg) = 5x10° M™! yield the estimate
kik, = 9.

Discussion

In the chain mechanism, reaction (11) was pre-
sumed to be the predominating termination step.
In this reaction, HSOy is probably formed as an
intermediate that can be expected to break down
rapidly to give products. In an isotope study®” of
the nonradical reaction HSO; + SO%, evidence
was given of the existence of HSO; as an inter-
mediate. Reaction (11) would then take place via
an addition, and there are many examples™

Table 1. Relative rates of the different steps in the thermal decomposition of peroxodisulfate ion in the

presence of cerium(ill).

102 [H*JM rin (ry+r)ir, rr, ryr, rir,
4.0 1.28 0.28 0.82 0.46 0.36
2.0 0.64 0.36 0.48 0.16 0.32

39*
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showing that the OH radical is especially reactive
in such reactions. Possible termination steps be-
sides reaction (11) are the reactions OH + OH
and SO; + SOj;. Thus, in eqns. (12), (14) and
(15), the rates of these reactions have been ne-
glected. The OH + OH reaction has the rate con-
stant” 10"° M~' s™! at room temperature, whereas
k, in reaction (7) has a value'® of about 2x10* M~!
s”'. Accordingly, as it is certain that [Ce(III)] >
10? [OH] in the measurement solutions, the rate
r(OH + OH) should be quite negligible as com-
pared to r, in eqns. (12) and (15).

A simple estimate of the rate constant k(SO;
+ SO;) would be obtained if it is assumed that
k(SO; + SO;)k, = k,/k;. However, this would
not take into account the presumed particularly
high reactivity of OH in the addition reaction
(11). For this reason, it seems plausible to pre-
suppose that k(SO; + SOy) is at least ten times
smaller than k¢, /k;. Then, from the second-or-
der rate expressions for 7,, the relationship r(SO;
+ SO5) = 0.1 ryr/rs is obtained, and the values in
Table 1 yield r(SO; + SO;) = 0.01 r, and 0.02 r,
at [H*] = 2.0x107? and 4.0x1072 M, respec-
tively. Thus, these rates should also be negligible
in eqns. (14) and (15). Furthermore, for ks > 10°
M™'s! (see below) and a reasonable value of k,,
it can be inferred from the relationship kk/k, =
4 that k, is several orders of magnitude smaller
than k;. This means that SO; exhibits a low re-
activity in comparison with the OH radical.

If it is assumed that the ratio kyk, is approxi-
mately independent of the temperature, the es-
timate ky/k, = 9, valid at 60°C, can be combined
with values of rate constants determined in pho-
tolytic and radiolytic studies at room tempera-
ture. From the value of k, given above and the ra-
tio kyk,, the estimate k, = 2x10° M~! s~! is ob-
tained. This value is much higher than one
determined radiolytically ** for the reaction OH
+ HSOj; at pH = 7, namely 1.7x10’ M~'s™". On
the other hand, it is consistent with the value
2.1x 10° M~ 571, obtained at pH = 11 and as-
cribed" to the reaction OH + SOZ.

Since peroxoanions exhibit a high nucleophilic
power," it might be expected that at the steady-
state concentrations obtained, HSO; is in part
coordinated to cerium(IIl) and cerium(IV). To
check this presumption, the ligand number 7 in
the system Ce**/HSOj; at low ligand concentra-
tions was determined by a spectrophotometric
method® at 296 nm, 20°C and at unit ionic
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strength, with 2.0x1072 M perchloric acid and so-
dium perchlorate as supporting electrolytes.
These measurements gave the stability constant
B, = (2.1 £ 0.2)x10° M~". The system Ce**/SO}"
is known to have a weak complex formation with
CeSO; as the predominant complex with a sta-
bility constant” of 15.5 M~ for the same condi-
tions as for the system above. In the system Ce**/
HSO;/SO;", the mixed ligand complex Ce
(HSO;)(SO,) can be formed in addition to the
simple complexes. If its concentration is ne-
glected, a lower limit for 7 = (Cyso; —
[HSO;1)/Ceeqny is given by the expression 2.1X10°
[HSO; )/(1 + 15.5 [SOZ] + 2.1 x 10° [HSO;]).
Here, [HSO;] means the free ligand concentra-
tion.

The [H*] values for the solutions used in the ki-
netic measurements yield K, (HSO;) = 2.8x 102
M and K, (HS,0;) = 1.4x107' M at 60°C and at
unit ionic strength. Then, for these solutions
[SO¥] = 9%x107? and 6x10°* M are obtained at
[H*] = 2 X107 and 4x107? M, respectively. Fi-
nally, at the steady-state concentrations of HSO;
measured, 7 can be calculated by combining the
two expressions above. The results are 7 = 0.090
and 0.20. As these values are lower limits, it is
found that in both cases, at least half the per-
oxomonosulfate is present as cerium(III) com-
plexes at 20°C. The complex formation should
greatly weaken the bond to the proton so that the
ligand can be expected to react fast with OH, like
the free SO, probably by electron transfer.
Thus, the path OH + Ce(III) - HSO; should be
predominant in reaction (9), the peroxomono-
sulfate ligand competing effectively with the cen-
tral cerium(III) ion for reaction with OH. The
decrease in the steady-state concentration of
HSO; as the formation of cerium(IV) proceeds
(Fig. 1) can then be explained by a moderate in-
crease in the rate of reaction (9), when cerium
(I1I) is exchanged for cerium(IV) as central ion.

However, it should be emphasized that the es-
timate above of k; at room temperature must be
looked upon as a very uncertain one for the fol-
lowing reasons. The value of kJ/k, at room tem-
perature might very well be up to three times
lower than at 60 °C. Furthermore, the value of k,
used has been obtained from the ratio’ k(OH +
Ce(II))/k(OH + TI*) = 2.4x1072, valid for 0.4
M sulfuric acid as medium, and a radiolytically
determined value * of k(OH + TI*), reported as
1x10" M~! s~! without any limits of error. An in-



spection of the method of calculating the last-
mentioned constant shows that a two or three
times smaller value is also compatible with the
measurements. The constant also pertains to 107
M TLSO, in the absence of any additional elec-
trolyte. In conclusion, the estimated value of k;
might be too high by one order of magnitude.
According to another radiolysis study* k; has the
value 2.9x10° M~ s7!. Consequently, it is not
certain that the complex formation with cerium
(III) has a substantial influence on the rate of re-
action (9). From Table 1, it is evident that the
major fraction, (r; — r, + r,)/r,, of the OH radi-
cals formed in reaction (3) is used up in the chain
reaction, and only a fairly low relative rate, ry/r,,
of the presupposed catalyzed decomposition of
OH is required to make any contribution, r,/r,
from reaction (7), to the formation of cerium(IV)
undetectably small (= 0.20).

For the radical ion SO;, the conditions are
quite different. It reacts much faster® with cerium
(II1) sulfate complexes than with the hydrated
Ce** ion. The reason for this is most probably a
high rate of the self-exchange reaction SO; +
SO, by which SO, rapidly enters the inner
sphere coordination shell. The ratio kj/k, of the
rate constants in reactions (6) and (4) was deter-
mined previously® and found to be = 7x10* M~
at 60°C. This ratio, combined with the rate con-
stant k; = 1.4x10° M~ s of reaction (6), deter-
mined in a photolytic study? at room tempera-
ture and with 1.0 M sulfuric acid as ionic me-
dium, yields k, = 2x10° s™'. The value is in
accordance with an earlier estimate® of k, =
10>-10* s7'. Furthermore, from some radiolysis
experiments'” with peroxodisulfate, it has been
found that the rate constant of the reaction SO;
+ HSOj; is < 10° M~! 57!, Thus, it is evident that
sulfate complexes of cerium(III) can compete fa-
vourably with both water and peroxomonosulfate
for reaction with the sulfate radical ion.

Conclusions

After the publication of the previous study’ an-
other investigation was reported” in which the
production of acid (HSO;) in the decomposition
of peroxodisulfate at pH = 8.0 was followed in
the absence or presence of styrene as radical
scavenger. When these results are interpreted
correctly (see Ref. 9), it is found that one S,0}"
yields one HSO; in the initial step. This is pos-
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sible only if S,0%" reacts with one H,0. From
these results, together with those from the previ-
ous study, it is evident that the left-hand side of
reaction (3) is confirmed as well as the formation
of HSO; and SO;. The only possibility, then, for
the other intermediate formed is that it is identi-
cal to the OH radical. Thus, the mechanism of
the k, path is quite clear. Experiments of a third
type have also been reported,” the results of
which were taken as evidence in favour of re-
action (2) as rate-determining initial step. How-
ever, serious objections can be raised to these ex-
periments and to the conclusions drawn. Since
these objections have been presented in detail in
a review paper,’ they are not repeated here.
The entropy of activation for the k, path is 47 J
mol™ K™ (cf. Ref. 9). Such a positive value is
usually regarded as indicative of unimolecular
homolysis, whereas a bimolecular radical forma-
tion step would have a negative entropy of activ-
ation. However, the sign of AS* cannot be con-
clusively interpreted in this simple manner for re-
actions in solution when one of the reactants is a
solvent molecule. In fact, it is very plausible that
at least one H,O is bound by a hydrogen bond to
the peroxo group in S,0%" (aq.) in the ground
state. Then, for the activated complex, the de-
composition would involve fission of the perox-
ide bond coupled with an electron transfer from
the water oxygen to the peroxide oxygen taking
part in the hydrogen bond. This means that re-
action (3) would be only formally bimolecular,
but in reality unimolecular, and the left member
of reaction (3) could also be denoted S,03"- H,O.
The present experiments explain why hydroxyl
radicals formed in decomposing peroxodisulfate
solutions of moderate acidities, containing ce-
rium(1II) sulfate complexes, give no detectable
contribution to the oxidation of cerium(III),
whereas sulfate radical ions formed simulta-
neously are highly reactive with the complexes,
yielding cerium(IV). Thus, these results are com-
plementary to the previous ones. They also ex-
plain some other earlier observations. The rate
law obtained® for the oxidation of cerium(III)
with peroxodisulfate in an acidic perchlorate me-
dium proves that, in addition to reaction (6), re-
action (4) is also of some importance. On the
other hand, even in the presence of hydrogensul-
fate ions in the medium there is no indication of
the reverse of reaction (4), reported® to have the
rate constant k(OH + HSO;) = 8x10° M~' s7L.
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As this value is much lower than that of k; esti-
mated above, it is evident that HSO, cannot
compete effectively with HSOj; for reaction with
OH, and thus no OH-SO; interconversion equi-
librium is attained.

It is well known that the rate of decomposition
of peroxodisulfate in the k, path exhibits a maxi-
mum at pH = 7 (see Ref. 9). This has been ac-
counted for by the plausible proposal' that in
weakly acidic solutions, OH radicals yield hydro-
gen peroxide that would give rise to the reaction:
H,0, + S,0;" — 2HSO; + O, (18)
This could double the rate of peroxodisulfate de-
composition compared with that valid for alka-
line solutions. On the other hand, it has been
shown’ that reaction (18) is of no importance at
pH = 1.4-2.4. This fact cannot be explained by a
decrease in the rate of formation of OH radicals,
since the maximum rate of reaction (6), approxi-
mately equal to k, [S,0;i], was found’ to be inde-
pendent of [H*] within the range mentioned.
However, from the sequence r(OH + OH) < r,
< (r; — r¢ + r;) arrived at above, it can be con-
cluded that the formation of hydrogen peroxide
in the present medium is prohibited by the con-
sumption of OH radicals in the chain reaction.
This conclusion is also valid in the absence of ce-
rium(1II).
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