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Iron(lll) —Hydrogen Peroxide Reaction: Kinetic Evidence of a Hydroxyl-Mediated Chain
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The kinetics of decomposition of &, catalyzed by F& in aqueous solution in the presence of HN@s

been followed by permanganate titration and studied by the initial-rate method. In the experimental range
[H20;]o/[Fe*"] = 41-2028 used in this study, the initial rate follows the law= {k([Fe*"]¥qH0,]*?)/
(HT1*PY{ (A + K([Fe*)/([H20:]0[H™)))¥? . Both rate constantk and k' decrease with increasing ionic
strength, and the corresponding apparent activation energies are- I46and 884+ 21 kJ mott. The
experimental rate law strongly suggests a radical-chain mechanism, with e, HO,*, and Q' as
propagating intermediates. At high values of theQk]o/[Fe*"] ratio two different reactions compete as chain-
termination steps (dismutation of HQadicals and reduction of HOby Fe"), whereas at lower values of

that ratio a third chain-termination step (reduction of*H® F&") also contributes. Thus, the kinetics of this
reaction can be considered as an indirect proof of the participation of hydroxyl radicals in the mechanism.

Introduction experimental data found in this work but also those reported

. . . by other authors under different experimental conditions.
It has often been proposed that some transition-metal ions in

their I_ower_oxidation states are capable of reduci_ng hydrogen Experimental Section

peroxide with the formation of a hydroxyl free radidaf The ) » o
most famous case is probably the Fenton reaction, with Fe(ll) _ The solvent was water previously purified by deionization,
as the reducing agefits However, there exist strong discrep- d|st|IIat|on', and C|rculat!qn through a Millipore system. Hydro-
ancies on the actual formation of a hydroxyl radical from that 9€n peroxide (30% additive-free aqueous solution), &-6840,
reaction’-19 Direct identification of this intermediate in the —@nd HNQ (65% aqueous solution) were obtained from Fluka
Fe(lll)—H,0; and Fe(ll)-H,O; reactions has so far proven to and KNG; from Merck.

be elusive; for instance, the use of spin-trap reagents has not Air-saturated solutions were used in the kinetic experiments.
yielded conclusive resulfs. The reaction was followed by taking aliquots from the thermo-

stated reacting mixture at appropriate intervals and titrating them
with potassium permanganate in the presence of excess sulfuric
acid?® To quench the Fe(lllH,0, reaction, an appropriate
volume (approximately 40 mL) of KMn©(1.00 x 1072 M)

was rapidly added from the buret to 20 mL 0p$D, (0.711

M); then the reacting-mixture aliquot (typically 4 mL) was also
added, and after homogenization, more KMrgdlution (ap-
proximately 1 mL) was slowly added from the buret until all
the HO, was consumed. A Brand Bette Digital Il (accuracy
+0.01 mL) was used for the titrations.

Although some authors have interpreted their kinetic results
on the Fe(lll)-H,O, reaction in terms of a radical-chain
mechanisn?}22a definitive proof has never been provided, and
other authors have favored nonradical mechantitfdn early
studies of the reaction in acidic solution, the rate law found
was

[Fe*|[H,0,]
T S

Unfortunately, it has been pointed out that such a simple rate Results

law is compatible with a number of different mechanisms,  Kinetic Method. The kinetic data were obtained using the

involving free radicals as intermediates or Adtdowever, initial-rate method. The reaction follows the stoichioméry
posterior kinetic studies reported the existence of some devia-
tions with respect to that basic rate 1842’ 2H,0,=2H,0+ O, 2

Now, | present the results of a kinetic study leading to a
different rate law. The new law is much more complex than eq The first stretch (typically, up to-210% of H,O, conversion)
1, although it reduces to eq 1 under some experimental Of each kinetic run (Figure 1) was fitted to the approximate
conditions. However, the differences between the two laws are equation
very important, since they greatly reduce the number of possible
mechanisms. The new rate law strongly suggests that the In[H0,] = a, + apt 3)
decomposition of KO, catalyzed by Fe(lll) is a free-radical
chain reaction, and it beautifully fits a hydroxyl-radical-mediated and the initial rate was obtained as
mechanism. This mechanism easily accommodates not only the

_1(d[H2021

_ 1
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Figure 1. Kinetic plots for the iron(lll)-catalyzed decomposition of

H,0, (0.294 M) in the presence of HN@2.31 x 1072 M) at 25.0°C:

[FeCk] = 0.48 (0), 0.97 @), 1.45 (1), 1.93 (), and 2.41[) x 1073

M. The inset shows the kinetic plot for the decomposition eOH

(0.294 M) catalyzed by Fe€{2.41 x 1073 M) in the presence of HNO
(2.31x 102 M) at 35.0°C.
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Figure 2. Dependence of the initial rate (bottom) and théFe*"]

ratio (top) on the catalyst concentration for the iron(lll)-catalyzed
decomposition of KD, (0.294 M) in the presence of HNG2.31 x

1072 M) at 25.0°C. The dashed line represents the tangent to the curve
at [catalyst]= 0.

2.6

At high values of [F&'], the In [HO,] vs t plots showed a
good linearity for at least one half-life (Figure 1, inset). All the
experiments were duplicated. The total number of kinetic runs
was 396, 10 aliquots were titrated in each kinetic run, and the
typical reproducibility of the initial rate was withig:-2%.

Apparent Kinetic Orders. The vy vs [FE'] plots were
roughly linear; although high linear correlation coefficients
(>0.999) were obtained for them, the intercepts were invariably

Perez-Benito

TABLE 1: Apparent Kinetic Orders of Hydrogen Peroxide
and Hydrogen lon at Various Iron(lll) Concentrations 2

[Fe*t)/103 M order (HO,)? order (H")°©
0.24 0.67+ 0.05 —1.424+0.04
0.48 0.76+ 0.04 —1.47+0.10
0.72 0.84+ 0.05 —1.384+ 0.07
0.97 0.87+ 0.04 —1.284+ 0.05
1.21 0.86+ 0.04 —1.33+0.07
1.45 0.89+ 0.02 —1.344+ 0.07
1.69 0.89£ 0.02 —1.33+0.08
1.93 0.90+ 0.02 —1.324+0.08
2.17 0.93+ 0.02 —1.284+ 0.06
241 0.94+ 0.01 —1.30+ 0.06

2The uncertainties are the corresponding standard deviations.
b [H20;]0 = 0.0979-0.489 M; [HNG;] = 2.31 x 102 M; T = 25.0
°C. ¢[H;0;]o = 0.294 M; [HNGs] = 0.023%+-0.102 M; [KNQs] = 0.102
M — [HNOg]; T = 25.0°C.

Apparent orders for Fe;, H,0,, and H" were obtained from
the slopes of double-logarithm plots of the initial rate against
the concentrations of those species. The values obtained for the
apparent order of P& under a variety of experimental condi-
tions were in the range 1.601.26, and they increased with
increasing [HOz]o, increasing [H], increasing ionic strength,
and decreasing temperature (see Supporting Information). The
values of the apparent orders 0f®% and H" were obtained at
different catalyst concentrations (Table 1). The apparent order
of H,O, was in the range 0.670.94, and it increased with
increasing [F&"]. The apparent order of Hwas negative with
absolute values in the range 1-2B47 that decreased with
increasing [F&"].

Kinetic Data. From regression fits to the experimental data,
it follows that the dependence of the initial rate on the catalyst
concentration can be described by the equation

a[Fe3+]3/2
Vo= 3+\1/2 (%)
(1 + b[Fe™))
which can be linearized as
[Fe3+]3 1 b
N + ;[Fe3+] (6)
o}

Under most experimental conditions, the $H8/v¢? vs [Fet]
plots were linear. In fact, of the 17 plots analyzed (at different
values of [HO]o, [H1], ionic strength, and temperature), 15
showed an excellent linearity and only 2 showed a slight
upward-concave curvature. The latter two exceptions cor-
responded to the experimental series with the lowest values of
[H20:]o. Typical examples of both kinds of behavior are shown
in Figure 3.

Parametera andb could be obtained from the intercept and
slope of eq 6. Although the experimental errors associated with
parameter, and especially with parametlrwere rather high,
the a?/b ratio could be obtained with much more accuracy.

negative, and at high catalyst concentrations, the initial rate was p5.ametea and the rati@/b increased with increasing sl

muc+h higher than expected from the tangent to the curve atyyhereas parameterdecreased. The three magnitudes decreased
[Fe*'] = 0 (Figure 2, bottom). The discrepancies with the \ith increasing [H]. Double-logarithm plots of, b, anda?/b

predictions of eq 1 were even more evident when:iig=e>*]

ratio was plotted against the catalyst concentration. If the
reaction rate was first-order dependent or?fffethe vo/[Fe*+]

vs [Fé"] plots should lead to horizontal straight lines, but clear-
cut increasing curves were obtained instead (Figure 2, top).
Thus, the apparent order of the catalystis.

against the initial hydrogen peroxide concentration (Figure 4)
and against the hydrogen ion concentration (Figure 5) were
linear. An increase of the ionic strength was unfavorable for
the reaction, and plots of the logarithmsapb, anda®b against
1V2/(1 + 12) were linear with negative slopes in the three cases
(Figure 6). The three kinetic magnitudes fulfilled the Arrhenius
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Figure 3. Dependence of the [Fg3%us® ratio on the catalyst

concentration for the iron(lll)-catalyzed decomposition efklin the
presence of HN®(2.31 x 1072 M) at 25.0°C. [H0;]o = 9.79 x

2.6

1072 (top) and 0.294 (bottom) M. The dashed line represents the tangent

to the curve at [catalystF O.
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Figure 4. Double-logarithm plots 0&%/b (main figure),a (left inset),
andb (right inset) against the initial hydrogen peroxide concentration

for its decomposition catalyzed by Fe(lll) [(0.242.41) x 1073 M]
in the presence of HN§X2.31 x 1072 M) at 25.0°C.

law (Figure 7) with positive apparent activation energies in the

three cases. The experimental data corresponding to the slopes

of all these plots appear summarized in Table 2.
Rate Law. From these results, it follows that

[H,0,] 172
K K
= o - ®
[H,0,][H 1% [H,0,][H ]
a_ KIHO,l,"  K[H0)" ©)

b~ K[H 248 ~ K[H*?

The agreement of eqs—B with the experimental data is
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Figure 5. Double-logarithm plots 0&%/b (main figure),a (left inset),
and b (right inset) against the hydrogen ion concentration for the
decomposition of hydrogen peroxide (0.294 M) catalyzed by Fe(lll)
[(0.241-2.41) x 1073 M] in the presence of HN@at ionic strength
0.110+ 0.007 M (KNG;) and 25.0°C.
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Figure 6. Dependence of paramete®b (main figure),a (left inset),
and b (right inset) on the ionic strength for the decomposition of
hydrogen peroxide (0.294 M) catalyzed by Fe(lll) [(0.242141) x
103 M] in the presence of HN®(2.31 x 1072 M) and KNG; (0—
0.334 M) at 25.C°C.
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Figure 7. Arrhenius plots for parameteag/b (main figure),a (left
inset), andb (right inset) for the decomposition of hydrogen peroxide
(0.294 M) catalyzed by Fe(lll) [(0.2412.41) x 103 M] in the presence
of HNO3 (2.31 x 1072 M) at 15.1-35.0°C.

b and the ratioa®b on [H']. The experimental value of the
slope of the logb vs log [H'] plot (—0.654 0.25) was slightly
less negative than that expected from eq 8 (roundee¢ h
Accordingly, the experimental value of the slope of the déitp

vs log [H'] plot (—2.48+ 0.15) was somehow more negative

excellent, except for the case of the dependencies of parametethan that expected from eq 9 (rounded-8).
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TABLE 2: Experimental Data Associated with Each Kinetic . Kiv .
Parameter HO® + H,O,— H,0 + HO, (14)
data a b &/b K,
slope (HO)° 047+0.14 -101+033  1.96+0.05 HO, ==H" + 0O, (15)
slope (H)° —1.56+0.11 —0.65+0.25 —2.48+0.15
slope (), MV —152+0.21 —1.10£0.43 —1.93+0.09 - 3+ kv "
E., kJ mote 146+ 10 884 21 203+ 1 0, +Fe" —0,+F¢ (16)
2The uncertainties are the corresponding standard deviations. Ky
bSlopes of log(parameter) vs log {E]o linear plots.c Slopes of 2HO, —H,0, + O, a7)
log(parameter) vs log [H linear plots.¢ Slopes of log(parameter) vs
1¥2/(1 + 1?) linear plots.c Apparent activation energies. Ko
Fe" + HO, — Fe’" + HO,~ (18)

By substitution of egs 7 and 8 in eq 5, we obtain the rate
law: Equation 12 constitutes the chain-initiation step and egs 13

16 the cyclic chain-propagation steps (addition of eqs 13
yields the global stoichiometry, eq 2), whereas two different

[Fe3+]3/2[H O 1/2
K o chain-termination steps (eqs 17 and 18) are proposed. The value
[H+]3’2 reported for the K, of the HO® radical is 4.6%° This means
Vo= that, under the experimental conditions of this work (pH 6-
1 (10) h der th i | conditi f thi k (pH 6:99
.& 1.64), the equilibrium corresponding to eq 15 was shifted toward
[HZOZ]O[H+] the left side with the acidic form of superoxide radicals @§O

predominating over its basic form ¢O). In proposing the
mechanism, | have considered that, although superoxide radicals
are known to possess both oxidizing and reducing properties
(they can disproportionate, as in eq 17), given that protonation
results in a decrease of the electron density, of the two chemical

which is also in excellent agreement with the experimental
values found for the apparent kinetic orders. Effectively,
according to eq 10, the apparent order of the catalyst must vary

- N ; .
within the range 1< order (F€") < %, increasing as either ¢, s of those radicals, HOis expected to be the better oxidant
[H202]o or [H™] increases, as the ionic strength increases, or as 5y o+ the better reductant. Accordingly, | have proposed that
the temperature decreases (the latter two cases due to thcbz.- is the species involved in the reduction offFdeq 16),

decrease of the experimental rate constansee Supporting —\yhereas H@ is the species involved in the oxidation ofFe
Information). On the other hand, the apparent order of the (gq 1g).
reactant must vary within the range < order (H0,) < 1and The mechanism proposed follows the basic scheme proposed
increase as [F¢] increases, whereas the order of hydrogen ion by other authors for the Fe(IH,O, and Fe(ll}-H,0,
must vary within the range-%, < order (H") < —1, and its  reactions. In particular, egs 13 and 14 are consistent with the
absolute value must decrease as’{fFincreases (see Table 1). proposal by Haber and Weids0n the other hand, egs 13, 14,
The values obtained for the experimental rate constantskvere znd 18 are consistent with the proposal by Barb et al., although
=(3.7+0.6) x 103 M2 st andk =28+ 11 M (at ionic in their first proposal these authors assumed thdt Reas
strength 3.11x 1072 M and 25.0°C). However, it should be  reduced by undissociated HG! However, Weiss and Hum-
mentioned that the experimental data support fractional (ratherphrey interpreted the pH-dependence of the reaction rates
than integral) orders for [H in eqs 8 and 9 and that eq 10 is  assuming that P& was actually reduced by© (as in eq 16§2
thus approximate. and this interpretation was later accepted by Barb &t atom

On the other hand, eq 10 reduces to eq 1 at high values ofpulse-radiolysis experiments, Rush and Bielski concluded that
the [FE+)/[H0,]o[H*] ratio (with ks = k/ik'“?). Moreover, eq  HO" is capable of oxidizing P& (kv = 1.2 x 10° M~ts™,
10 can also explain the finding that, at high values offffe ~ €d 18) and that both HOand Q' are capable of reducing
the In [H:0] vs t plots showed a good linearity (see Figure 1, Fe(lll) complexes, although the anionic species is a much better

inset), since under those conditions the reaction becomes pseudd€ductant than the undissociated one, and the reactivity of each
first-order in HO,. complex is rather independent of the ligand involvédaking

from their work for the rate constant of the¥e-O,*~ reaction
(eq 16) the valudy, = 1.5 x 10° M~1 s1 and for that of the
alternative F&—HO,* reaction the upper limik < 1 x 10°
M~1 s71 and taking for the K, of the HQ® radical the value
4.692° we conclude that at pH 0.99..64 the rate of the Fé—

Discussion

Mechanism. The involvement of fractional exponents in the

experimental rate law (eq 10) strongly suggests that the Fe(lll) O, reaction (eq 16) is at least 3034 times higher than that
,HZOZ reaction oc_:curs_through _a radical-chain mechanism, since of the alternative Fe¢ —HO,* reaction. Thus, the results reported
it would hardly fit a different kind of mechanism. The one that 1y, p,,sh and Bielski are entirely consistent with the mechanism
can be proposed tQ explain the expenmental data found in theproposed in the present work. Although earlier works have
present work consists of the following steps: reported values for the rate constant of th&"FeHO,* reaction
considerably highet3—3° the strong base catalysis found in the
present work for the Fe(lltyH,O, reaction suggests that the
low value reported by Rush and Bielski might be more correct.
K It seems that those higher values might correspond to the
FeOOH' —*-F&" + HO, (12) reaction of F&" with a mixture of HQ® and Q*~ rather than
s with HO,* alone. Moreover, competition between the*Fe

N ki gy 3 . Oy~ and FéT—HO," reactions as chain-propagation steps cannot

FE' + H,0,—Fe” + HO +HO (13) explain the acidity-related divergencies (fractional orders for

K
Fe*" + H,0,== FeOOH" + H" (11)
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[H™] in egs 8 and 9) found in the present work, given that the
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of the three, since whereas rate constamtepends on both

experimental data suggest more base catalysis than that expecteglquilibrium constant&; andKy, rate constant’ depends only
from the proposed mechanism (not less, as would be the caseon equilibrium constanKy. This means that the decrease of

if we include also the Fe—HO," reaction).

rate constanky, with increasing ionic strength is partially

With respect to the chain-termination step corresponding to compensated by the increase of equilibrium consgnin the
dismutation of superoxide radicals (eq 17), | have considered three cases (see eqs—224) but that decrease is reinforced by

that, although the rate constant reported for the;HQ,"~
reaction kK = 1.0 x 10® M~1 s71) is much higher than that
reported for the HQ—HO,* reaction kyy = 8.6 x 10° M1

the parallel decrease of equilibrium const&nonly in the cases
of the experimental rate constdnfdirectly proportional to the
square root oK) and the ratiok?k' (directly proportional to

s 1),® at the pH range of the present work the rate of the latter ).

reaction was 1643 times higher than that of the former.

The apparent activation energy associated with the experi-

The concentrations of the following intermediates can be antal rate constamt (146 + 10 kJ mot?) is higher than that
deduced from the proposed mechanism by application of the ;¢ ciated with rate constakit(88 + 21 kJ mofY), and the

steady-state approximation (see Supporting Information):
[Fe =

(KI ku)l/z Kyky [Fe™'] ¥

K [H+](Kka| Ky [Fe*'] + Ky kv [H,O][H +])1/2

(19)

(Kiky ki )1/2KVkVI [F93+] %2

HO'] =
o Ko [H 1Ky kyr ko [FET 4 Ky kyy [HL0,01H )2
(20)
[HO,] = ( K|k||k|||[|:(:—'3+] 1/2[H 0}
’ KKy Ky [FET + Ky kyy [H,0][H ] ?

(21)

whereas those of FeOGHand Q*~ can be easily deduced by

apparent activation energy associated with the i (203
+ 1 kJ mof) is the highest of the three. These values correlate
very well with the excess in the number of rate constants in the
numerators of eqgs 2224 with respect to the corresponding
denominators, since that excess is 0 for the experimental rate
constantk’ (lowest apparent activation energy), 1 for rate
constank (intermediary activation energy), and 2 for the ratio
k4K (highest activation energy). The equilibrium constafits
andKy have not been considered, since the absolute values of
their associated reaction enthalpiesH() are expected to be
lower than the activation energielsy] associated with the rate
constants corresponding to the elementary steps.
Acidity-Related Divergencies.The predictions of the pro-
posed mechanism on the dependencies of the initial rate on
[Fe¥T] and [H,0.)o are in excellent agreement with the
experimental data. However, its predictions with respect to the

application of the quasiequilibrium approximation to eqs 11 and dependency on [H are excellent only for the experimental
15, respectively. The law deduced from the proposed mechanismparametera and a little worse for parametdr and the ratio

for the initial rate (Supporting Information, eq 32) is identical
to the experimental one (eq 10) with

k= (il_k”)l/szkw (22)
VIl
;o KVkVI I(VIII
B k|II kVII (23)
k2 _ KIkllklll KVkVI
K™ km (24)

The proposed mechanism is also in agreement with the effect

of the ionic strength on the experimental parameteesdb
and on the rati@?b (see Table 2). This effect can be easily

a?lb. Whereas, according to the proposed mechanism, the slope
of the logb vs log [H] and log@#b) vs log [H'] plots should

be —1 and —2, respectively, the corresponding experimental
values are—0.65+ 0.25 and—2.48 + 0.15. This divergency
could be explained if we accept the existence of two additional
steps:

KIX

Fe" + H,0=—=FeOH + H" (25)
k>< _

FeOH™ + H,0,— FeOH" + HO™ + HO"  (26)

The value reported for the equilibrium constant associated
with eq 25 isKjx = [FeOH'][H *]/[Fe?"] = 5.0 x 1074 M [at
ionic strengh 1 M (NaClQ) and 25.0°C], whereas that

unlike-charged ions (& and Fé"), so an increase of the ionic
strength results in a decrease of its associated rate consignt (
and in a decrease of the experimental rate constaatsd k'
and of the ratid?/k' (see eqgs 2224) and also in a decrease of
the experimental parametessandb and of the ratice?/b (see
egs 79). Given the high electrostatic charge of one of the ions
involved in that reaction (Fe), the effect of the ionic strength
on the value of rate constaky; is expected to be more important

form of the catalyst i = [FeOHH][H])/[Fe3"] = 1.0 x 1073

M [at ionic strengh 3 M (NaClQy) and 25.0°C].4° Thus, under

the acidic conditions of this work (pH 0.99..64), the equilibria
associated with eq 25 and with the corresponding reaction for
Fe(lll) would both be shifted to the left side with the complexes
FeOH" and FeOR" in very low concentration ([FeOH/[Fe?*]
=4.9x 10310 2.2x 1072, [FeOH']/[Fe3] = 9.8 x 10 3to0

4.4 x 1079). However, considering that substitution of a water

than its effect on other parameters also sensitive to the ionic molecule by a hydroxyl ion in the coordination spheres of Fe(ll)

strength (equilibrium constant&; and Ky). Whereask; is

and Fe(lll) would result in an increase of their electron densities

expected to decrease with increasing ionic strength (the reverseand, thus, in an increase of the reducing power of Fe(ll) and a

reaction of eq 11 involves two like-charged ions),is expected

to increase (the reverse reaction of eq 15 involves two unlike-

charged ions). This would explain the finding that the experi-
mental rate constarit is more affected by the ionic strength
than rate constark and that the ratié®/k’ is the most affected

decrease of the oxidizing power of Fe(lll), the value of rate
constanky could be high enough for eq 26 to compete with eq
13, although the contribution of FeGH-H,O, reaction as an
alternative to eq 11 under the acidic conditions of the present
work is probably small enough to be neglected.
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The expressions for the experimental parameters would then However, under the experimental conditions of the present

be (see Supporting Information) work, where much higher values for that ratio were used
([H202]o/[FE*"] = 41—2028), the contribution of eq 30 as chain-
Kk, \v2 [H,0,] 01/2 termination step would be very minor, so the mechanism would
= ko vKy, H 27) be given essentially by eqs 4+18.

Supporting Information Available: Apparent kinetic orders
b= Kyky Ky 28) of iron(lll); derivation of the rate law, (i) high peroxide/catalyst
(ky [HTT + Kk kg, [H,0,1, ratio—basic mechanism, (ii) high peroxide/catalyst ratio
extended mechanism, and (iii) low peroxide/catalyst ratio. This
material is available free of charge via the Internet at http://
(29) pubs.acs.org.

& _ Kiky(ku [H'] + Kixky)Kyky, [H,0,]o°

b Ky [H+]3
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