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Summary. The catalytic action of Cu(II) on the decomposition of H2O2 in near-neutrality aqueous

solutions is activated by halide ions. The activation energies amount to 113�7 (parent reaction) and

69.9�1.4 (chloride-activated reaction) kJ �molÿ1. Free-radical chain mechanisms are proposed for

both the parent reaction and the halide-activated reaction. The catalyst activation caused by halide ions

is explained in terms of coordination of halide ligands by both Cu(II) and Cu(I), the coordination

causing a higher stabilization of Cu(I) than of Cu(II). At low concentrations, Brÿ causes an inhibition

of the Cu(II)=H2O2 reaction. This is explained in terms of an increase of the rate of termination of

the chain reaction due to the scavenging effect of OH radicals caused by Brÿ.
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Introduction

The intracellular decomposition of hydrogen peroxide catalyzed by transition
metal ions is thought to be involved (probably via a free-radical mechanism) in
aging and carcinogenesis [1±3]. Presumably, mitochondrial DNA might be a prime
target for the free-radical oxidative attack [4±7]. In particular, copper is the third-
most abundant transition metal in the human body (after iron and zinc) [8] and is
essential for life [9], since it is required in low concentration for the formation of
important enzymes [10±13]. As one of the chemical constituents of cell nuclei
it has been proposed to play an essential role in the structure and function of
chromosomes [14]. Hence, most vitamin-mineral combined dietary supplements
include Cu(II). However, Cu(II) is toxic at high concentrations, and its interaction
with hydrogen peroxide might be at least partially responsible for this [15, 16].

In this paper, the results of a kinetic study on the decomposition of hydrogen
peroxide catalyzed by Cu(II) at near-physiological pH are reported.
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Results and Discussion

Determination of kinetic data

The ®rst part of the kinetic plots was ®tted by the linear least-squares method to
Eq. (1) where V is the volume of KMnO4 solution required to titrate the aliquot
extracted at time t (Fig. 1). The initial rate was obtained according to Eq. (2).

lnV � a� bt �1�

v0 � ÿ
�

d�H2O2�
dt

�
t� 0

� ÿb�H2O2�0 �2�

All experiments were performed twice. In total, 632 kinetic runs (each in-
volving 10 permanganate titrations) were done. The typical standard deviation of
the initial rate was �3%.

Formation of a Cu(II)-phosphate complex

It has been reported that high phosphate concentrations inhibit the formation of a
DNA-Cu(I) complex induced by Cu(II)-glutathione mixtures, and this effect has
been attributed to the formation of a Cu(II)-phosphate complex [14]. In the present
work, some evidences of complexation of Cu(II) by phosphate ions were obtained:
(i) [Cu(H2O)6]2� shows an absorption band at 810 nm, and the intensity of this
band increases in the presence of phosphate; (ii) by difference spectroscopy, using

Fig. 1. Kinetic plots at various chloride ion concentrations and constant ionic strength ([KCl]�
[KNO3]� 2.64 M); [H2O2]0� 9.79� 10ÿ2 M, [CuSO4]� 1.20� 10ÿ5 M, [KH2PO4]� [K2HPO4]�
1.20� 10ÿ2 M, pH� 6.33�0.02, T� 25.0�C; [KCl]� 0.00 (inset), 0.30 (empty circles), 0.90 (®lled

circles), 1.50 (empty triangles), 2.10 (®lled triangles), and 2.64 (squares) M
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a solution of [Cu(H2O)6]2� as reference, it was possible to detect an absorption
band corresponding to a Cu(II)-phosphate complex (�max� 237 nm).

From the increase of the absorbance at 237 nm with increasing total phosphate
concentration ([H3PO4]� [KH2PO4]) it could be inferred that, assuming the formula
[Cu(H2PO4)(H2O)5]� for the complex, its formation constant from [Cu (H2O)6]2�

and H2POÿ4 would be expected in the interval 0.05 Mÿ1 < Kf < 1 Mÿ1. A more
precise determination of Kf was precluded by precipitation occurring at high
phosphate concentrations. Since precipitation was favoured by high pH values the
equilibrium measurements could only be carried out under acidic conditions
(H3PO4±KH2PO4 mixtures). An increase of the intensity of the band at 237 nm with
increasing pH seemed to indicate that the ligand bound to Cu(II) was H2POÿ4 rather
than H3PO4.

Kinetic data of the parent reaction

In the absence of halide ions, the initial rate increased as the initial concentration of
hydrogen peroxide increased (Table 1), yielding an apparent kinetic order of
1.87�0.07 for the reactant. The dependence of the initial rate on the concentration
of Cu(II) varied notably with the experimental conditions. Over a large range of
catalyst concentration, the v0 vs. [Cu(II)] plots showed a de®nite (either upward-
concave or downward-concave) curvature (Fig. 2), although at low catalyst con-
centrations almost linear plots were obtained (Fig. 2, inset).

At constant ionic strength and pH, the initial rate decreased as the total
concentration of buffer ([KH2PO4]� [K2HPO4]) increased (Table 2). Keeping both
ionic strength and total buffer concentration constant, the initial rate increased with
increasing pH (Table 3), and the kinetic order of OHÿ was near unity, the slope of a
log v0 vs. pH plot being 0.96�0.03. The initial rate vs. temperature data (Table 4)
yielded a rather high activation energy of 113�7 kJ �molÿ1.

Addition of different electrolytes caused either a decrease (KNO3 and NaClO4)
or an increase (KCl) of the initial rate (Fig. 3). In all three cases the pH decreased
due to an increase of the buffer equilibrium constant (for H2POÿ4 ! HPO2ÿ

4 � H�)
with increasing ionic strength. For both KNO3 and NaClO4 the decrease of the
initial rate could be ascribed to the decrease of the pH caused by their addition,
because the log v0 vs. pH plots corresponding to variable ionic strength (by changing
the concentrations of either KNO3 or NaClO4) and to constant ionic strength (by

Table 1. Dependence of the initial rate on the initial concentration of hydrogen peroxide in the

absence of halide ionsa

[H2O2]0 =M v0 =10ÿ6 M � sÿ1

0.098 0.08�0.01

0.196 0.36�0.03

0.294 0.68�0.02

0.392 1.21�0.01

0.489 1.66�0.08

a [CuSO4]� 1.20� 10ÿ5 M, [KH2PO4]� [K2HPO4]� 1.20� 10ÿ2 M, ionic strength: 2.64 M (KNO3),

pH� 6.30�0.04, 25.0�C
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Table 2. Dependence of the initial rate on the total concentration of buffer in the absence of halide

ionsa

[Buffer]T=10ÿ2 M v0 =10ÿ6 M � sÿ1

2.40 1.27�0.01

3.60 0.97�0.07

4.80 0.91�0.01

6.00 0.89�0.01

7.20 0.76�0.03

a [H2O2]0� 0.392 M, [CuSO4]� 1.20� 10ÿ5 M, [KH2PO4]� [K2HPO4], ionic strength: 2.64 M

(KNO3), pH� 6.30�0.02, 25.0�C

Fig. 2. Dependence of the initial rate on the concentration of CuSO4; main ®gure: [H2O2]0�
0.196 (empty circles) and 0.392 (®lled circles and triangles) M, [KH2PO4]� [K2HPO4]� 1.20

(triangles) and 6.00 (empty and ®lled circles)� 10ÿ2 M, pH� 6.31�0.02 (triangles) and 6.70�0.01

(empty and ®lled circles), [KNO3]� 0 (empty and ®lled circles) and 1.80 (triangles) M, 25.0�C;

inset: initial rate in 10ÿ7 (circles, [KNO3]� 2.64 M) or 10ÿ5 (triangles, [KCl]� 2.10 M) M � sÿ1

at [H2O2]0� 0.392 M, [KH2PO4]� [K2HPO4]� 1.20� 10ÿ2 M, pH� 6.16�0.02 (circles) and

6.26�0.01 (triangles), 25.0�C

Table 3. Dependence of the initial rate on the pH in the absence of halide ionsa

pH v0 =10ÿ6 M � sÿ1

6.16 0.20�0.01

6.32 0.30�0.02

6.51 0.41�0.01

6.74 0.74�0.01

7.04 1.40�0.02

a [H2O2]0� 0.392 M, [CuSO4]� 2.40� 10ÿ6 M, [KH2PO4]� [K2HPO4]� 2.40� 10ÿ2 M, ionic

strength: 2.64 M (KNO3), 25.0�C

1480 J. F. Perez-Benito1480 J. F. Perez-Benito



changing the concentrations of the buffer components in the presence of a large
excess of KNO3) were rather consistent (Fig. 3, inset). Thus, both KNO3 and
NaClO4 behaved as inert electrolytes, and the ionic strength had little (if any) effect
on the initial rate. On the contrary, KCl had a speci®c enhancing effect on the rate of
the decomposition of H2O2 catalyzed by Cu(II).

Kinetic data for the chloride-activated reaction

The effect of KCl on the reaction was studied at constant ionic strength using
KNO3 as inert (bottom) electrolyte. The initial rate increased with increasing
concentration of KCl, and the plots were reasonably linear (Figs. 4±8). The slopes
of the v0 vs. [KCl] plots increased with increasing initial concentration of H2O2,

Table 4. Dependence of the initial rate on the temperature in the absence of halide ionsa

T= �C v0 =10ÿ6 M � sÿ1

16.5 0.27�0.03

20.5 0.48�0.02

25.1 1.27�0.01

29.9 2.53�0.09

35.2 4.23�0.13

a [H2O2]0� 0.392 M, [CuSO4]� 1.20� 10ÿ5 M, [KH2PO4]� [K2HPO4]� 1.20� 10ÿ2 M, ionic

strength: 2.64 M (KNO3), pH� 6.26�0.02

Fig. 3. Dependence of the logarithm of the initial rate on the concentrations of KNO3 (squares),

NaClO4 (circles), and KCl (empty triangles) at [H2O2]0� 0.392 M, [CuSO4]� 2.40� 20ÿ6 M,

[KH2PO4]� [K2HPO4]� 1.20� 10ÿ2 M, and 25.0�C; inset: dependence of the logarithm of the initial

rate on the pH at variable [KNO3] (squares), [NaClO4] (circles), or components of the buffer (keeping

[KH2PO4]� [K2HPO4]� 2.40� 10ÿ2 M and [KNO3]� 2.64 M, ®lled triangles)
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yielding an apparent kinetic order of 1.16�0.05 (Fig. 4, inset) for the reactant
in the chloride-activated reaction which is considerably lower than the value for
the parent reaction under the same experimental conditions (1.87�0.07). The
slopes of the v0 vs. [KCl] plots increased linearly with increasing concentration of
Cu(II) (Fig. 5, inset). The fact that the latter plot had a zero intercept indicated that
Clÿ did not catalyze the decomposition of H2O2 in the absence of Cu(II) under the
experimental conditions (pH near neutrality) of this study, although catalysis is
known to occur in acidic solutions [17].

The slope of each v0 vs. [KCl] plot decreased with increasing total concentration
of buffer and increased with increasing pH according to Eqs. (3) and (4), so that the
reciprocal of the slope increased linearly with either increasing total concentration of
buffer (Fig. 6, inset) or increasing concentration of hydrogen ion (Fig. 7, inset). The
®tting parameters were a0 � (2.02�0.10)� 10ÿ6 M � sÿ1, b0 � (1.8�0.4)� 10ÿ2 M,
a00 � (1.33�0.03)� 10ÿ11 M � sÿ1, and b00 � (6.2�0.2)� 10ÿ7 M. The parent reac-
tion was much more sensitive to an increase of the pH than the chloride-activated
reaction; an increase of the pH from 6.16 to 7.04 resulted in a 7-fold increase of the
rate in the former case (Table 3), but only in a less than 2-fold increase in the latter.

slope � a0

�Buffer�T � b0
�3�

slope � a00

�H�� � b00
�4�

Fig. 4. Dependence of the initial rate on the concentration of KCl at various reactant initial concentra-

tions and constant ionic strength ([KCl]� [KNO3]� 2.64 M); [CuSO4]� 1.20� 10ÿ5 M, [KH2PO4]�
[K2HPO4]� 1.20� 10ÿ2 M, pH� 6.28�0.04, 25.0�C; [H2O2]0� 0.098 (empty circles), 0.196 (®lled

circles), 0.294 (empty triangles), 0.392 (®lled triangles), and 0.489 (squares) M; inset: double-

logarithmic dependence of the slope of each v0 vs. [KCl] plot on the initial concentration of H2O2
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Fig. 6. Dependence of the initial rate on the concentration of KCl at various total concentrations

of buffer and constant ionic strength ([KCl]� [KNO3]� 2.64 M); [H2O2]0� 0.392 M, [CuSO4]�
1.20� 10ÿ5 M, [KH2PO4]� [K2HPO4], pH� 6.23�0.04, 25.0�C; [Buffer]T� 0.024 (squares), 0.036

(®lled triangles), 0.048 (empty triangles), 0.060 (®lled circles), and 0.072 (empty circles); inset: depend-

ence of the reciprocal of the slope of each v0 vs. [KCl] plot on the total concentration of buffer

Fig. 5. Dependence of the initial rate on the concentration of KCl at various catalyst concentrations and

constant ionic strength ([KCl]� [KNO3]� 2.64 M); [H2O2]0� 0.392 M, [KH2PO4]� [K2HPO4]�
1.20� 10ÿ2 M, pH� 6.15�0.02, 25.0�C; [CuSO4]� 2.41 (empty circles), 4.81 (®lled circles), 7.22

(empty triangles), 9.62 (®lled triangles), and 12.0 (squares)� 10ÿ6 M; inset: dependence of the slope of

each v0 vs. [KCl] plot on the concentration of CuSO4
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Fig. 8. Dependence of the initial rate on the concentration of KCl at various temperatures and

constant ionic strength ([KCl]� [KNO3]� 2.64 M); [H2O2]0� 0.392 M, [CuSO4]� 1.20� 10ÿ5 M,

[KH2PO4]� [K2HPO4]� 1.20� 10ÿ2 M, pH� 6.23�0.04; temperatures: 16.5 (empty circles), 20.5

(®lled circles), 25.1 (empty triangles), 29.9 (®lled triangles), and 35.2 (squares)�C; inset: Arrhenius

plot for the slopes of the v0 vs. [KCl] plots

Fig. 7. Dependence of the initial rate on the concentration of KCl at various pH values and constant

ionic strength ([KCl]� [KNO3]� 2.64 M); [H2O2]0� 0.392 M, [CuSO4]� 2.40� 10ÿ6 M, [KH2PO4]�
[K2HPO4]� 2.40� 10ÿ2 M, 25.0�C; pH� 6.16�0.03 (empty circles), 6.31�0.02 (®lled circles),

6.49�0.02 (empty triangles), 6.71�0.02 (®lled triangles), and 7.05�0.02 (squares); inset: dependence

of the reciprocal of the slope of each v0 vs. [KCl] plot on the concentration of hydrogen ions
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The slopes of the v0 vs. [KCl] plots obeyed Arrhenius' law (Fig. 8, inset), and
the associated activation energy was 69.9�1.4 kJ �molÿ1, much lower than that of
the parent reaction (113�7 kJ �molÿ1). The rate of the chloride-activated reaction
was not appreciably affected by the addition of KNO3, at least in the range of the
high ionic strengths studied (Table 5).

Comparison with other halides

The initial rate did not increase linearly with the concentration of KBr (as in the
case of KCl). Instead, the v0 vs. [KBr] plot was slightly sigmoidal, showing an
upward-concave curvature at low KBr concentration and a downward-concave
curvature at high KBr concentration. A comparison of the initial rate data obtained
in the presence of KCl with those obtained in the presence of KBr under the same

Table 5. Initial rates for the chloride activated reaction at various ionic strengthsa

[KNO3]=M ionic strength=M v0=10ÿ5 M � sÿ1

0.000 2.10 1.99�0.07

0.060 2.16 2.06�0.01

0.120 2.22 2.03�0.06

0.180 2.28 2.09�0.03

0.240 2.34 2.00�0.04

a [H2O2]0� 0.392 M, [CuSO4]� 2.40� 10ÿ6 M, [KCl]� 2.10 M, [KH2PO4]� [K2HPO4]� 1.20�
10ÿ2 M, pH� 6.23�0.01, 25.0�C

Fig. 9. Dependence of the initial rate on the concentrations of KCl (circles) and KBr (triangles)

at constant ionic strength ([KX]� [KNO3]� 2.64 M); [H2O2]0� 0.392 M, [CuSO4]� 2.40� 10ÿ6 M,

[KH2PO4]� [K2HPO4]� 1.20� 10ÿ2 M, pH� 6.14�0.03, 25.0�C
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experimental conditions indicated that Clÿ was more ef®cient as activator of the
catalyst than Brÿ at all concentrations (Fig. 9).

The effect of Fÿ could only be studied at relatively low concentrations (up to
0.360 M), because a further increase of its concentration would provoke a con-
siderable increase of the pH due to the fact that HF is a much weaker acid than the
other hydrogen halides [18a]. At those concentrations, the activating effect of the
halide ions followed the sequence Clÿ>Fÿ>Brÿ (Fig. 10). In fact, KBr showed
an inhibiting effect at low concentrations followed by an activating effect at higher
concentrations. The effect of Iÿ could not be studied because it reacts with Cu(II)
to yield a precipitate of Cu2I2 (in addition reacting also with H2O2 and with the
titrating agent, MnOÿ4 ).

Mechanism for the parent reaction

The kinetic data so far available on the Cu(II)-catalyzed decomposition of hydro-
gen peroxide indicate that this reaction follows a rather complex mechanism.
Although more experimental information is indeed required to de®nitively establish
the reaction mechanism, a plausible sequence of elementary steps for the reaction in
the absence of halide ions might be the following:

Cu2� � H2O2
KIÿ! ÿ CuOOH� � H� �5�

CuOOH� � H2O2 ÿ!kII

slow
CuOH2� � H2O� Oÿ2 �6�

Fig. 10. Dependence of the initial rate on the concentrations of KF (®lled circles), KCl (empty circles),

and KBr (triangles) at constant ionic strength ([KX]� [KNO3]� 0.360 M); [H2O2]0� 0.392 M,

[CuSO4]� 1.20� 10ÿ5 M, [KH2PO4]� [K2HPO4]� 0.240 M, pH� 6.48�0.03, 25.0�C
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CuOH2� � H2O2 ÿ! Cu2� � H3O� � Oÿ2 �7�
Oÿ2 � Cu2� ÿ! CuOO� �8�

CuOO� ÿ!kIII
Cu� � O2 �9�

Cu� � H2O2 ÿ! Cu2� � OHÿ � �OH �10�
�OH� H2O2 ÿ! H3O� � Oÿ2 �11�

2CuOO� � 2H2O ÿ!kIV
2Cu2� � H2O2 � O2 � 2OHÿ �12�

In the ®rst step (Eq. (5)), a hydroperoxocopper(II) ion, CuOOH� , is formed in
a reversible reaction. Protein-bound hydroperoxocopper(II) is believed to play an
important role as an intermediate in the action of some copper-containing enzymes
as dopamine �-monooxygenase [10] and Cu=Zn superoxide dismutase [19]. In the
slow step (Eq. (6)), the OÿO bond of CuOOH� is cleaved by reaction with a second
H2O2 molecule to yield a hydroxocopper(III) ion, CuOH2�, and a superoxide radical
ion, Oÿ2 . Cu(III) is known to exist in neutral aqueous solutions in the form of hydroxo
complexes, and it is a strong oxidant capable of oxidizing H2O2 and other substrates
[20]. The oxidative attack of CuOH2� on H2O2 (Eq. (7)) yields Oÿ2 , the latter being
coordinated to Cu(II) (Eq. (8)) to form the superoxocopper(II) ion, CuOO�. The
homolytic decomposition proposed in Eq. (9) to generate Cu� is consistent with that
known to occur with a similar superoxo species, the superoxochromium(III) ion
CrOO2� [21±23]. Formation of Cu� is also consistent with the inhibiting effect
caused by Cr(VI) on the Cu(II)=H2O2 reaction, probably due to an oxidative
scavenging of the intermediate Cu� by Cr(VI) [24]. Cu� reacts with H2O2 in a Fenton-
like reaction to generate a hydroxyl radical (Eq. (10)) [25, 26]; the latter reacts with
hydrogen peroxide to generate Oÿ2 (Eq. (11)). Although in the gas phase the same
reaction generates the protonated form of the radical (HO2 � ) [27], given that the
pKa value of the latter species in aqueous solution is 4.8 [28], in the nearly neutral
media used in the present study the anionic form of the radical (Oÿ2 ) was pre-
dominant. Equations (8)±(11) lead to a cyclic decomposition of H2O2 by a chain
reaction mechanism. Other authors have also proposed chain mechanisms for the
Cu(II)=H2O2 reaction [29, 30]. Dismutation of CuOO� is proposed as the chain
termination step (Eq. (12)). Equations (8) and (12) are consistent with the known
ability of aqueous Cu2� to catalyze the dismutation of superoxide radicals [19, 31].

Assuming that the intermediate CuOOH� is in quasi-equilibrium with the
reactants of Eq. (5), whereas the other ®ve intermediates involved (CuOH2� , Oÿ2 ,
CuOO�, Cu�, and �OH) are in a steady state, the rate law deduced from the pro-
posed mechanism would be

v � ÿ d�H2O2�
dt

� 2KIkII�Cu2���H2O2�2
�H�� � 2

�
KIkII�Cu2��

kIV�H��
�1=2

� kIII�H2O2� �13�
The overall apparent orders predicted by this rate law are intermediary between 1

and 2 for H2O2 and between 1=2 and 1 for both Cu2� and OHÿ. This is consistent
with the kinetic orders slightly below 2 and 1 found for H2O2 and OHÿ, respectively,
in the case of the parent reaction, provided that the ®rst addend in the rate law be
predominant over the second. This means that, if the mechanism proposed is correct,
the chain length of the reaction is not very high, at least under the experimental

Cu(II)-Catalyzed Decomposition of H2O2 1487



conditions of this study, probably due to the high ef®ciency of Cu(II) as a scavenger
of superoxide radicals [19, 31]. This rate law can also explain two of the three types
of v0 vs. [Cu2� ] plots observed (Fig. 2), i.e. that showing a linear pro®le and that
showing a downward-concave curvature. It cannot explain, however, the type of plot
showing an upward-concave curvature. Since the latter type was observed only at
high buffer concentration (right below the limit corresponding to precipitation of
CuHPO4), it might likely be the consequence of a different reaction pathway taking
place on the surface of microcolloidal particles of CuHPO4 [32].

Mechanism for the chloride-activated reaction

Cu(II) forms several different complexes with chloride ions in aqueous solution
[33]. Experimental evidences have been reported for the existence of four com-
plexes of general formula [CuCln]2ÿn with n� 1, 2, 3, and 4 [34±38]. The
complexes for n� 1 and 2 show maximum concentrations at [Clÿ]< 2.64 M [39],
which is the upper limit for the range of chloride ion concentrations studied in the
present work. Since no maximum was found in the v0 vs. [KCl] plots (Figs. 4±8)
it can be concluded that the reactivity of the complexes with n� 3 and 4 is
higher than that of the complexes with n� 1 and 2. Moreover, the rough linearity
of these plots suggests that the four complexes react with H2O2, the reactivity of
each complex increasing markedly as n increases. As [Clÿ] rises, four different
zones are passed through. In each zone the predominant chloro complex is
[CuClnÿ1]3ÿn, but most of the catalyst activation produced by Clÿ in that zone is
probably caused by the complex with one more chloro ligand, [CuCln]2ÿn, since it
has been assumed that the reactivity of [CuCln]2ÿn is much higher than that of
[CuClnÿ1]3ÿn. In this way, the rough linearity of the v0 vs. [KCl] plots may be
easily explained, since in each zone of the [Clÿ] range studied the concentration of
the active chloro complex, [CuCln]2ÿn, is directly proportional to the product of the
concentrations of the predominant chloro complex, [CuClnÿ1]3ÿn, and chloride ion.

For the chloride-activated reaction, the following mechanism is proposed:

�CuClnÿ1�3ÿn � OHÿ KVÿ! ÿ �CuClnÿ1�OH��2ÿn �14�

�CuClnÿ1�OH��2ÿn � Clÿ KVIÿ! ÿ �CuCln�2ÿn � OHÿ �15�

�CuCln�2ÿn � H2O2
KVIIÿ! ÿ �CuCln�H2O2��2ÿn �16�

�CuCln�H2O2��2ÿn � OHÿ ÿ!kVIII

slow
�CuCln�1ÿn � Oÿ2 � H3O� �17�

First, the formation of a combined chloro-hydroxo complex (Eq. (14)) is
proposed to explain the observation that, although both the parent reaction and the
chloride-activated reaction show base catalysis, OHÿ is a more ef®cient catalyst for
the former than for the latter. The reason might thus be a competition between OHÿ

and Clÿ as ligands for Cu(II). Complexation with another Clÿ ligand to yield the
n-chloro complex (Eq. (15)) would result in an enhancement of the reactivity with
respect to that of the (nÿ1)-chloro complex. Coordination of an H2O2 molecule by
the n-chloro complex (Eq. (16)) would result in a new complex whose reaction

1488 J. F. Perez-Benito1488 J. F. Perez-Benito



with OHÿ in the slow redox step (Eq. (17)) would yield Cu(I) (as the n-chloro
complex, [CuCln]1ÿn) and a superoxide radical ion. These two intermediates would
be involved in a chain reaction mechanism parallel to that of Eqs. (8)±(12), but
with Cu2� , CuOO�, and Cu� replaced by the corresponding n-chloro complexes
[CuCln]2ÿn, [CuCln(OO)]1ÿn, and [CuCln]1ÿn.

Assuming that Eqs. (14)±(16) are in quasi-equilibrium and that the inter-
mediates involved in the chain reaction mechanism ([CuCln(OO)]1ÿn, [CuCln]1ÿn,
�OH, and Oÿ2 ) are in a steady state, the following rate law is obtained for the
chloride-activated reaction:

v � ÿ d�H2O2�
dt

� 2KVKVIKVIIkVIII�Cu�II��T�H2O2��Clÿ��OHÿ�
1� KV�OHÿ� �

� 2kIII;c

�
KVKVIKVIIkVIII�Cu�II��T�H2O2��Clÿ��OHÿ�

kIV;c�1� KV�OHÿ��
�1=2

�18�

where [Cu(II)]T is the total concentration of Cu(II), assumed to prevail predomi-
nantly in the form of the complexes [CuClnÿ1]3ÿn and [CuClnÿ1(OH)]2ÿn, whereas
kIII,c and kIV,c are the rate constants corresponding to Eqs. (9) and (12), respectively,
but involving the n-chloro complexes.

The rate law deduced can explain the decrease of the kinetic order of H2O2 with
respect to that corresponding to the parent reaction. Moreover, assuming again that
the chain length of the reaction is not very high, the ®rst addend in Eq. (18) would
predominate over the second, so that Eq. (18) would be consistent with Eq. (4), the
experimental parameters being:

a00 � 2KWKVKVIKVIIkVIII�Cu�II��T�H2O2� �19�
and

b00 � KWKV �20�
where KW is the ionic product of water. The value deduced from Eq. (20) for the
equilibrium constant corresponding to Eq. (14) is KV� (6.2�0.2)� 107 Mÿ1.

It has been reported that the rate of oxidation of Fe(II) by H2O2 is increased by
the presence of Clÿ [40]. This contrasts with the decreasing effect of Clÿ on the
rate of oxidation of Cu(I) by H2O2, attributed to a decrease of the reducing power
of Cu(I) as the extent of coordination of chloride ions increases [41]. This fact,
as well as the ®nding in the present work that Clÿ activates the catalytic power
of Cu(II) for the decomposition of H2O2, can both be explained if it is accepted
that coordination of the chloride ions stabilizes Cu(I) more than Cu(II). Thus, an
increase of the number of chloro ligands (n) bound to Cu(II) would result in an
increase of its tendency to be reduced to Cu(I) and, therefore, in an increase of the
rate constant kVIII corresponding to the slow step (Eq. (17)). This would also
explain the low activation energy associated to the chloride-activated reaction as
compared to that associated to the parent reaction.

Inhibition by phosphate ions

The rates of both the parent reaction and the chloride-activated reaction decrease
with increasing phosphate buffer concentration (Table 2 and Fig. 6). This contrasts
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with the accelerating effect produced by phosphate ions on the rate of the reaction
between Cr(VI) and H2O2 [42]. In the case of the Cu(II)=H2O2 reaction, the
inhibiting effect caused by the buffer suggests that phosphate ions might compete
with H2O2 and Clÿ as ligands for Cu(II).

Inhibition by bromide ions

The inhibiting effect provoked by Brÿ at low concentrations (Fig. 10) may be
caused by participation of that ion in the termination of the chain reaction:

�OH� Brÿ ! OHÿ � Br� �21�
2Br� ! Br2 �22�

Here, a very reactive free radical (�OH) is replaced by a less reactive one (Br �) that
can accumulate to disappear via a bimolecular recombination. The predominance
of the inhibition effect at low Brÿ concentration and of the catalyst activation effect
at high Brÿ concentration explains the S-shaped pro®le of the v0 vs. [KBr] plot
(Fig. 9). Inhibition was observed only in the case of Brÿ, consistent with the fact
that this is the most oxidizable ion of the three halides studied as indicated by the
corresponding standard X2=Xÿ (with X�F, Cl, Br) reduction potentials [18b].

Biological implications

Cu(II) is present in human cells in concentrations that usually are in the micro-
molar range [8], whereas the concentration of H2O2 might be an order of magni-
tude higher at the most [14, 43]. According to the results of this investigation, the
rate of the intracellular Cu(II)-catalyzed decomposition of hydrogen peroxide at
physiological pH would be rather low. However, the destruction of H2O2 through a
nonenzymatic process is likely to involve the formation of free radicals, and the
generation of even a few radicals per second might be very noxious for the cell [2].
As seen in this work, the presence of halide (especially, Clÿ) ions inside the cell
enhances the catalytic power of Cu(II) for the decomposition of H2O2, although
protein-bound Cu(II) might presumably be much less reactive than free Cu(II) [19].

The possible participation of the intermediates Cu�, �OH, and Oÿ2 in the
mechanism would be of some biological relevance. Due to the high af®nity of DNA
for Cu� [14], the Cu(II)=H2O2 reaction could lead to DNA lesions when occurring
in the vicinity of chromosomes. Moreover, the reactive oxygen species �OH and
Oÿ2 may cause oxidative stress, eventually leading to aging and carcinogenesis
[1±3] as well as cell apoptosis [44].

Experimental

The solvent employed was water previously puri®ed by deionization, distillation, and circulation

through a Millipore system. Hydrogen peroxide (30% additive-free aqueous solution) was obtained

from Fluka, all other chemicals (CuSO4 � 5H2O, KF, KCl, KBr, KNO3, NaClO4 �H2O, H3PO4,

KH2PO4, K2HPO4 � 3H2O) from Merck. The pH measurements were done with a Metrohm 605 pH-

meter provided with a glass-calomel combined electrode. The UV/Vis spectra were recorded with a

Shimadzu UV-2101PC spectrophotometer.
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The reaction was followed by taking aliquots from the thermostatted reacting mixture at appro-

priate intervals and titrating them with KMnO4 (1.00� 10ÿ2 M) in the presence of excess H2SO4. A

Brand B�urette Digital II (accuracy � 0.01 cm3) was used for the titrations. In the experiments

performed at high Brÿ concentration the titration results had to be corrected because a small fraction

(< 1%) of the permanganate added was used to oxidize Brÿ rather than H2O2. For that purpose, the

amount of bromine liberated was determined by a spectrophotometric measurement of its absorbance

at 352 nm.
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