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Abstract

The intermediates generated in the process of oxygen activation at metal centers participate in hydrogen and oxygen atom transfer, electron
transfer, substitution, acid–base chemistry, and free radical chemistry. The reactivity and intrinsic lifetimes of such intermediates in aqueous
solutions are a strong function of pH as the metal–oxygen interaction adds an extra dimension to the already complex pH dependence of O2

reduction. Acid–base chemistry at “nonparticipating” ligands plays a major role in the kinetics and mechanisms, and can even determine the
outcome of some reactions. Superoxometal complexes are subject to homolytic metal–oxygen bond cleavage in acidic solutions, but decompose
by heterolysis at higher pH. Reactions of halides by hydroperoxo and peroxo complexes proceed through two major channels – oxidation of halide
ions, and catalysis of H2O2 disproportionation – in close resemblance to enzymes haloperoxidases. The combination of the thermodynamics of
electron transfer and protonation equilibria make transition metal hydroperoxo complexes both better oxidants and better reductants than the parent
H2O2 in 2-electron reactions.
© 2006 Elsevier B.V. All rights reserved.
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1. Introduction

Transition metal-catalyzed oxidation reactions with molecu-
lar oxygen and hydrogen peroxide in biological, industrial, and
laboratory processes involve a plethora of intermediates of var-
ious lifetimes, reactivities, and roles. As a result, the chemistry
of oxygen activation is a vibrant and extremely active field of
investigation [1–11]. A different aspect of oxidation is found in
processes that cause oxidative stress, aging and disease in plants
and animals, deterioration of materials, and changes in the envi-
ronment [12–16]. The discovery, identification, and synthesis of
antioxidants, their structural determination, and analytical and
mechanistic chemistry are thus also a focus of active research
[17–22]. Still another area, generation of molecular oxygen in
photosystem II, also fits the same general category in that tran-
sition metals, radicals, and various oxidation states of oxygen
are involved [23–28].

These fields have, obviously, different goals. One seeks to
improve oxidation processes, another to prevent them or to undo
their outcome, and the third to generate molecular oxygen by
oxidation of water. Perhaps it is not obvious that significant
overlap should exist between these efforts, but the chemistry
and intermediates involved are often remarkably similar. The
intermediates – free radicals, and metals and oxygen in vari-
ous oxidation states and degrees of association – participate in
hydrogen and oxygen atom transfer, electron transfer, substi-
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Scheme 1. .

trato complexes so formed [30–36] constitute a large and active
area of research that has been continuously reviewed over the
past decade [37–42] and will not be discussed here.

Structures of two of the most frequently mentioned types of
macrocyclic complexes in this review are shown below.

The sequence of events in Scheme 1 for (catalytic) activation
of oxygen at a single metal center is a useful starting point, even
though in a practical world the catalysis almost certainly could
not be sustained; cross-reactions of various intermediates would
quickly exhaust the system. Individual steps shown in Scheme 1
have, however, guided our thinking and helped develop strategies
for the preparation of most of the metal-based intermediates
whose chemistry is described below.

Unless stated otherwise, the rate constants are given at 25 ◦C.
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ution and acid–base chemistry, formation of carbon and het-
roatom radicals, and interaction of such radicals with each
ther and with various substrates. It would be all but impossible
o provide even the most superficial survey of this enormous
eld and research effort in one place, but numerous books
nd review articles cover various areas and aspects of oxygen
eactivity, as shown in the small selection of examples quoted
bove.

This review will focus on the kinetic and mechanistic aspects
f the reactions of inorganic substrates with several forms of
ransition metal-activated oxygen. Special attention will be given
o reactions with solvent and hydrogen ions, i.e. two reagents
hat often determine intrinsic lifetimes of superoxo, oxo, and
ydroperoxo complexes as the simplest representatives and often
ell-defined forms of activated oxygen in model chemistry.
eactions with halides also will be presented in some detail,
ecause these reactions have generated some extremely useful
nd revealing mechanistic information, and also because such
hemistry may be directly relevant to biological systems. Hypo-
alites, halide ions, and various oxygen-derived intermediates
ccur and interact with each other and with their environment
n natural systems, and also can be generated from therapeu-
ic drugs. Fundamental understanding of such chemistry is thus
ecessary in order to develop means to predict, prevent, or
mphasize its consequences, as appropriate, in various situa-
ions.

Reactions of activated oxygen with transition metal com-
lexes will be given only a limited coverage because most of
hat chemistry has been reviewed previously [29]. Also, inter-
ctions of coordinated oxygen with nitrogen oxides, especially
ith NO, and the chemistry of the peroxynitrito and peroxyni-
. Reactions with water and H+

The requirement for H+ in the stoichiometric and thermody-
amic sense as oxygen is reduced to water creates also a kinetic
ole for H+ at various stages of this process. Coordination of oxy-
en to metal ions inevitably adds another dimension and more
omplexity to the pH-rate profiles, so that the lifetimes and redox
eactivity of various intermediates depend greatly on the con-
entration of free H+ in solution. The combination of metal and
xygen, and of their acid–base chemistry, sometimes generates
n exceptionally reactive oxidant. An example is provided by
raqOOH3+, a protonated superoxochromium(III) ion, which is
much stronger oxidant than the predominant form, CraqOO2+,

ee later. The non-metallic analog of CraqOOH3+ is the dou-
ly protonated superoxide, H2O2

•+, which should be a potent
xidant itself, but there is no evidence, spectral or kinetic, for
uch a species in solution under normal laboratory conditions.
his example underlines one of the sometimes ignored roles of
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Scheme 2.

metal ions in oxygen activation, i.e. their effect on protonation
equilibria at oxygen.

The acid–base equilibria of free and coordinated superox-
ide are shown in Scheme 2. Thermodynamically, CraqOO2+ is
a weaker oxidant than HO2

• (although, in a practical sense,
the much longer lifetime of CraqOO2+ makes it a competent
oxidant). At the next protonation level, the thermodynamic
advantage of the free species, H2O2

•+, is rendered kinetically
unimportant by its extreme acidity and, thus, low concentrations.
The metallic analog, CraqOOH3+, is also a minor, spectroscopi-
cally unobserved species, but kinetically relevant concentrations
must be present at pH ≤ 1 if this species is indeed responsible
for the H+-catalyzed oxidation by CraqOO2+, see later.

In some other cases, protonation of coordinated oxygen
increases the redox reactivity, but simultaneously decreases
intrinsic lifetimes of such species. Such behavior is often
observed with the hydroperoxo complexes, such as CraqOOH2+,
L(H2O)RhOOH2+ (L = L1, L2, (NH3)4), or Co(CN)5OOH3−, as
discussed in detail below.

Acid–base chemistry at nonparticipating ligands also has a
major influence on the lifetimes of various intermediates, and
on the oxidation state of oxygen released in the decomposition
process. Most notably for superoxo complexes, the chemistry
in acidic solutions is often dominated by the homolysis of the
metal–oxygen bond. This path is much less important at higher
pH owing to the stabilization of the higher oxidation state by
c
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Table 1
Effect of pH and anions on homolytic cleavage of Co O2 bonda

Complex khom (s−1)

L2(H2O)CoOO2+ 2.2 × 104

L2(Cl)CoOO+ 3.3 × 103

L2(SCN)CoOO+ 17.7
L2(OH)CoOO+ 0.021

Data from Ref. [43,44].
a In aqueous solutions at 25 ◦C.

Metal O2 bond homolysis is a major step in the decom-
position of CraqOO2+ in acidic solutions. This is followed by
a complex, multistep reaction between Craq

2+ and CraqOO2+

that eventually produces Craq
3+ and HCrO4

−. At higher pH, the
decay rate increases. Based on the data and arguments presented
above, and the lack of kinetic dependence on [O2] at pH > 4 [45],
homolysis can be ruled out; another path must be gaining impor-
tance under those conditions.

As shown in Scheme 4, this is a case of pH-induced mech-
anistic changeover from homolytic to heterolytic Cr O2 bond
cleavage. The conjugate base, (OH)CraqOO+, reacts mainly by
dissociation to Craq(III) and free superoxide. Interestingly, this
unimolecular process leads to disproportionation of coordinated
superoxide to free O2 and H2O2. A parallel, bimolecular reaction
between CraqOO2+ and (OH)CraqOO+ generates O2, Craq(III)
and chromate.

2.1. Hydroperoxo and peroxo complexes

Coordination of H2O2 to high-valent metal centers generates
metal peroxo complexes that have the peroxo unit bound in a
side-on fashion. In these molecules, peroxide is electrophilically
activated and thus capable of oxidation of various substrates in
both biological and industrial milieu [46–50].

Interaction of molecular oxygen with low valent transition
m
H
o
f
b
[

oordinated hydroxyl groups. As an illustration, the complex
2(H2O)CoOO2+ has kH2O = 2.2 × 104 s−1 in acidic solutions

pH < 5), but the singly deprotonated form, L2(OH)CoOO+,
omolyzes more slowly by a factor of 106, kOH = 0.02 s−1 [43],
cheme 3.

Qualitatively similar observations were made with L2(H2O)-
hOO2+, which decomposes readily in the absence of O2 in
cidic solutions, but can be deaerated safely at pH 11 [34,35].
nions, such as chloride or thiocyanate also diminish homolysis

ates of superoxo complexes, but the effect is not as dramatic as
t is for the hydroxide, as shown in Table 1 [43,44].

Scheme 3.
etals usually generates reactive hydroperoxo species with the
OO–group bound end-on to an intermediate oxidation state
f the metal, i.e. Co(III), Cr(III), Rh(III), etc. The best known
unctioning example is the active form of the antitumor agent
leomycin which has an FeIII–OOH unit at the active site
51,52].

Scheme 4.
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Scheme 5.

The third class of peroxo compounds falls between the two
extremes, and has a peroxo unit coordinated to metals in interme-
diate oxidation states, i.e. Fe(III) or Rh(III). Such complexes are
generated by reversible deprotonation of the hydroperoxo unit,
as shown in Scheme 5. Although the distinction between side-
on versus end-on coordination of the peroxo unit is not always
straightforward or easily made [53,54], experimental evidence
often favors side-on binding [55,56]. The first example of side-
ways bonding in a peroxo complex of a tetraaminecobalt(III)
complex was reported recently [57].

An interesting situation was observed in the reaction of O2
with a rhodium(I) complex, (TpiPr)Rh(dppe) [55]. In the pres-
ence of pziPrH, the reaction yielded a side-on peroxo complex
(TpiPr)Rh(pziPrH)(O2). Replacing pziPrH by the smaller, unsub-
stituted pyrazine generated an end-on hydroperoxo complex,
(TpiPr)Rh(pzH)(pz)(O2H), derived from an initially formed per-
oxo complex, Scheme 6. The same sequence of events is believed
to occur in the process of oxygen-activation by cytochrome P450
enzymes to generate the hydroperoxo form, which directly pre-
cedes the active oxidant, a porphyrin radical cation of Fe(IV) [1].
Experimental demonstration for this ordering of events was also
provided for oxygenated myoglobin [58]. The initial formation
of the peroxo-bound myoglobin at 77 K, and its conversion to
the hydroperoxo derivative by proton transfer upon annealing to
185 K, were directly observed. Similarly, cryoradiolysis of the
oxy-ferrous horseradish peroxidase at 77 K generates the peroxo
f
t

f
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i
t
l
o

dium [68]. In terms of reactivity, an interesting observation
was reported for the FeIII(N4Py) complexes; of the two forms,
only the more electrophilic hydroperoxo species was capable of
alkane hydroxylations [56].

The stability of the hydroperoxo complexes in aqueous solu-
tions varies greatly with the metal and ligands. Solutions of
L(H2O)CoOOH2+ (L = L1, L2) are quite persistent under acidic
conditions [69,70], as one would expect for complexes of a sub-
stitutionally inert metal ion in a stable oxidation state. In the
case of the L2 complex, the lifetime was sufficiently long to
obtain crystals for X-ray structure determination [70]. With an
increase in the pH, however, these complexes decay more read-
ily. At pH > 5, L2(H2O)CoOOH2+ decomposes instantaneously
[70], but the detailed kinetics or products of this reaction have
not been determined.

The behavior exhibited by the rhodium analogues is different
in that their stability is the greatest at high pH. In acidic solutions,
these complexes decay by a mechanism that appears to involve
disproportionation of the coordinated peroxide entity, although
precise kinetics and product data are not available [71]. This pH
profile is very different from that exhibited by free H2O2 which is
quite stable in acid but disproportionates readily at higher pH. In
general, disproportionation is one of the more common pathways
for the decomposition of hydroperoxo complexes [72–75].

The much faster base hydrolysis of L(H2O)CoOOH2+ than
of L(H O)RhOOH2+ is precisely as expected on the basis of
t
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erric complex, which is again protonated at higher temperatures
o give the hydroperoxo ferric species [59].

All the reported examples of the hydroperoxo/peroxo trans-
ormations have been observed in non-aqueous solutions
53–56,60,61]. For iron complexes, a dramatic color change
s usually observed as the high spin peroxo species turns into
he low-spin hydroperoxo form [62–65]. This chemistry is not
imited to complexes of rhodium and iron, but has also been
bserved for other metals, such as copper [66,67] and palla-

Scheme 6.
2
he known, well established pattern in which cobalt always
eacts faster of the two. The rate constants for base hydroly-
is of (NH3)5CoX2+ complexes, for example, are several orders
f magnitude greater than those reported for the correspond-
ng rhodium series [76,77]. It is surprising, however, that the
isproportionation of L(H2O)RhOOH2+ at pH ≤ 2 is so fast
minutes to hours) [71]. From the acid dependence, one infers
hat L(H2O)RhOOH2+ and its protonated form are the reactive
pecies, Eqs. (1) and (2). The data are insufficient to explain
hether it is the lower abundance or lower reactivity of the pro-

onated species that makes the cobalt complexes less reactive by
his pathway.

(H2O)RhOOH2+ + H+

�, L(H2O)Rh(H2O2)3+, L = L1, L2, (NH3)4 (1)

(H2O)RhOOH2+ + L(H2O)Rh(H2O2)3+ → Products (2)

In contrast to the cationic cobalt complexes, the anionic
o(CN)5OOH3− decomposes by acid hydrolysis according to

he rate law of Eq. (3), and the mechanism in Eq. (4), over the
ntire pH range studied, 3 < pH < 9 [78]. The data yielded the
rotonation equilibrium constant KH = 1.5 × 105 M−1 (indepen-
ent of temperature at 20–40 ◦C), and the rate constant for the
quation of the hydrogen peroxide complex, k = 1.89 × 10−2 s−1

t 20 ◦C, and 0.135 s−1 at 40 ◦C. A conservative estimate places
he upper limit for the aquation rate constant for the hydroperoxo
pecies, Co(CN)5OOH3−, at < 5 × 10−6 s−1 [78].

−d [Co(CN)5OOH3−]

dt
= kKH[Co(CN)5OOH3−][H+]

1 + KH[H+]
(3)
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Co (CN)5OOH3− + H+KH
� Co (CN)5(H2O2)2−

k−→
H2O

Co (CN)5(H2O)2− + H2O2 (4)

Both the kinetics and products of the decay of CraqOOH2+

are affected by the concentrations of H+ and of the hydroper-
oxo complex [74]. Kinetic traces are approximately first-order at
low concentrations of CraqOOH2+, but additional terms become
important, and the lifetime of CraqOOH2+ decreases, at higher
initial concentrations. The reaction generates mixtures of H2O2,
O2, Craq

3+ and HCrO4
−. These results were interpreted [74] by

invoking three simultaneous pathways, Eqs. (5)–(7), whose rela-
tive contributions change with reaction conditions. The yields of
H2O2 increase with [H+], which suggests acidolysis as a major
H2O2-generating pathway, Eq. (5). Disproportionation of the
hydroperoxo moiety is the proposed source of O2, and dispro-
portionation involving the metal and hydroperoxide is the source
of chromate.

CraqOOH2+ + H+ → Craq
3+ + H2O2 (5)

2CraqOOH2+(+2H+) → 2Craq
3+ + O2 (6)

3CraqOOH2+ + 2H2O → 2HCrO4
− + Cr3+ + 5H+ (7)

One can draw a reasonably straightforward mechanistic pic-
ture for reactions (5) and (6), but reaction (7) is accompanied by

Scheme 7.

gesting the cleavage of an O–H bond in the rate determining step
[84]. This mechanism bears close resemblance to the proposed
hydrogen atom abstraction by tyrosine radicals [85–87] from
manganese-coordinated O–H in Photosystem II.

3CrIV
aqO2+ + H2O → 2Craq

3+ + HCrO4
− + H+ (11)

The reaction is second-order in [CraqO2+] and inversely first-
order in [H+], Eq. (12).

−d[CraqO2+]

dt
= 38.8 [CraqO2+]

2
[H+]

−1
(12)

All the experimental observations are consistent with a
bridged transition state/intermediate of the kind shown in
Scheme 7 followed by disproportionation of Cr(V) or by the
Cr(V)/CraqO2+ reaction, as shown in Eqs. (9) and (10). Inter-
estingly, the formation of HCrO4

− was somewhat slower than
the disappearance of CraqO2+, suggesting the involvement of
persistent intermediate(s).

3. Reactions with halide ions

In the mechanistic sense, oxidation of halides turned out to
be especially revealing because several forms of metal-activated
oxygen (superoxo, hydroperoxo, and oxo) reacted with either
i
a
w
l

3

3

h
t
t
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2

I

major changes in the degree of hydrolysis, coordination number,
and geometry around the metal. Almost certainly, this is a mul-
tistep process featuring Cr(V) and/or Cr(IV) as intermediates.
The lack of detailed kinetic information makes it difficult to pro-
pose a mechanism, but several possibilities present themselves,
including an initial intramolecular electron transfer from metal
to the hydroperoxo group to yield Cr(V), followed by dispro-
portionation to the observed products, Cr(III) and Cr(VI), Eqs.
(8)–(10). The hydrolytic state or coordination number for Cr(V)
is not known, although the species produced by one-electron
reduction of chromate in acidic solutions was proposed to exist
as a mixture of H3CrO4 (pKa = 2.7), H2CrO4

− (pKa 3.8) and
HCrO4

2− [79].

CraqOOH2+ → CrV
aq + H2O (8)

2CrV
aq → Cr(IV) + Cr(VI) (9)

CrV
aq + Cr(IV) → Cr(VI) + Cr(III) (10)

The chemistry analogous to that in Eq. (8) has been observed
with L(H2O)CrOOH2+ (L = L1, L2) [80–83] in which case the
reaction is facilitated by electron donation from the N4 macro-
cyclic ligands. It will be certainly more difficult to generate
Cr(V) in the absence of stabilizing ligands, but this is true regard-
less of whether the reaction employs the mechanism of Eq. (8)
or a different one. Detailed kinetic studies will be critical in
addressing the mechanism of reaction (7).

2.2. Aquachromyl(IV) ion, CraqO2+

The most outstanding feature of the disproportionation, Eq.
(11), is a large solvent kinetic isotope effect, kH/kD = 6.9, sug-
odide or bromide, or both, which made it possible to map out
nd gauge the reactivity of various forms relative to each other, as
ell as to examine the effect of the metal and non-participating

igands on reactivity.

.1. Hydroperoxo complexes

.1.1. Oxidation of I−
In terms of kinetics and stoichiometry, the behavior of the

ydroperoxides is the most straightforward. Oxidation of I− by
he rhodium complexes, L(H2O)RhOOH2+ (L = L1, L2, (NH3)4)
akes place according to the stoichiometry of Eqs. (13) and (14)
nd follows the third-order rate law of Eq. (15) [88].

I− + L(H2O)RhOOH2+ 3H+
−→I2 + LRh(H2O)2

3+ + H2O (13)

2 + I− � I3
−, K = 830 M−1[89] (14)
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Table 2
Kinetic data for the reactions of metal hydroperoxides with halide ions and with HOBra

LMOOH2+ kI
b kBr

b kHOBr
c Reference

(H2O)5CrOOH2+ 988 (16)d 0.54e 9.5 × 106f [88,90]
L1(H2O)CoOOH2+ 100 (2)d [90]
L2(H2O)CoOOH2+ 72.3 (21)d [90]
(NH3)4(H2O)RhOOH2+ 8800 (60)g 2.35(5)g 3 × 108h [88]

1.8h [88]
L1(H2O)RhOOH2+ 536 (7)g 0.200 (1)h [88]
L2(H2O)RhOOH2+ 530 (11)g 0.55 (2)i [88]
H2O2 0.173j 0.00023k (1.5–5.8) × 104 [91–93]

a Aqueous solutions, 25 ◦C. Numbers in parentheses represent one standard deviation of the last significant figure.
b k in M−2 s−1.
c k in M−1 s−1.
d Ionic strength (µ) 0.075 M.
e µ = 2.0 M.
f µ = 0.50 M.
g µ = 0.10 M.
h µ = 1.0 M.
i µ = 0.20 M.
j [H+]-independent term has ko = 0.0115 M−1 s−1.
k [H+]-independent term has ko = 3.8 × 10−7 M−1 s−1. Reproduced with permission from Inorg. Chem. 2004, 43, 4505–4510. © 2004 Am. Chem. Soc.

−d[L(H2O)RhOOH2+]

dt
= kI[L(H2O)RhOOH2+][H+][I−]

(15)

Kinetic data are summarized in Table 2. Unlike the reactions
of halides with H2O2, the oxidation with metal hydroperox-
ides examined here exhibit no acid independent terms. The most
reasonable mechanism involves oxygen atom transfer from the
protonated hydroperoxide to iodide, followed by the known,
rapid comproportionation reaction between HOI and I− to gen-
erate the observed product, I2/I3

−.

3.1.2. Oxidation of Br− versus disproportionation of metal
hydroperoxides

At reasonably high acid (>0.1 M) and bromide (>0.01 M)
concentrations, the L(H2O)RhOOH2+/Br− reaction is acid-
catalyzed and produces bromine, similar to the iodide case
described above, Eqs. (16) and (17).

2Br− + L(H2O)RhOOH2+ 3H+
−→Br2 + LRh(H2O)2

3+ + H2O

(16)

Br2 + Br− � Br3
−, K = 19.3 M−1[94] (17)

The yields of bromine are, however, quantitative only at the
highest [H+] (ca 1 M) and [Br−] (0.1 M) used. With decreas-
i
y
m
H
a
c
a
a
t
B
t

absorbance in the UV decreases because the disappearance of
L(H2O)RhOOH2+ (spectrum shown in Fig. 1) leads to the for-
mation of less-absorbing products. This behavior is illustrated
in Fig. 2.

2 L(H2O)RhOOH2+ Br−−→O2 + 2 L(H2O)RhOH2+ (18)

Under all the conditions used, the data obeyed the third-order
rate law of Eq. (19). The kinetic order with respect to every reac-
tant remained unchanged throughout, but the numerical value of
the rate constant changed by a factor of about two between the
two extremes, 1 < n < 2 [88] as shown in Fig. 3.

−d[L(H2O)RhOOH2+]

dt

= n kBr[L(H2O)RhOOH2+][H+][Br−] (19)

The data were rationalized by the mechanism in Scheme 8,
according to which the hydrolysis of bromine, followed by rapid
ng concentrations of both of these reagents, the diminishing
ields of bromine are accompanied by increasing production of
olecular oxygen, which becomes the sole product at < 0.1 M
+ and < 0.01 M Br−. The role of Br− has changed from that of
reductant at high acid and bromide concentrations to that of a
atalyst for the disproportionation of coordinated hydroperoxide
t low [H+] and [Br−], Eq. (18). The change in the chemistry is
ccompanied by dramatic changes in the appearance of kinetic
races. The absorbance in the UV increases in the high H+,
r− regime, as the strongly absorbing Br3

− is generated. At
he other extreme, i.e. at low concentrations of H+ and Br−, the
 Fig. 1. UV spectrum of (NH3)4(H2O)RhOOH2+ in 0.10 M HClO4.
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Fig. 2. Kinetic traces for the reaction of (NH3)4(H2O)RhOOH2+ with Br−
under two sets of conditions. Panel A: 0.98 M H+, 0.020 M Br−, 0.025 mM
(NH3)4(H2O)RhOOH2+; absorbance increases at the 266 nm maximum of
Br2/Br3

−. Panel B: 0.09 M H+, 0.010 M Br−, 0.06 mM (NH3)4(H2O)RhOOH2+;
absorbance decreases at the 240 nm maximum of the rhodium complex.

Fig. 3. Plot of kobs vs. [H+] for the oxidation of Br− (10 mM) with
(NH3)4(H2O)RhOOH2+ (5 × 10−5 M) at 25 ◦C and 1.0 M ionic strength. The
slope at the highest concentration of H+ is twice as large as the slope at low
[H+]. Reproduced with permission from Inorg. Chem. 2004, 43,4505–4510. ©
2004 Am. Chem. Soc.

Scheme 8.

Scheme 9.

oxidation of L(H2O)RhOOH2+, is responsible for the observed
behavior.

Subsequently, the HOBr/L(H2O)RhOOH2+ reaction was
examined directly for L = (NH3)4, as follows.

3.1.3. Reaction of L(H2O)RhOOH2+ with HOBr
The rate law of Eq. (20) was established, where k represents

the product of the equilibrium constant for hydrolysis of Br2
(KBr2 = 6.1 × 10−9 M−2) and the rate constant for the oxidation
of (NH3)4(H2O)RhOOH2+ by HOBr, kHOBr. The data yielded
kHOBr = 2.9 × 108 M−1 s−1.

−d[(NH3)4(H2O)RhOOH2+]

dt

= k[(NH3)4(H2O)RhOOH2+][Br2]

[H+][Br−]
(20)

Analogous chemistry also plays a role in the CraqOOH2+/Br−

reaction, where kHOBr = 9.5 × 106 M−1 s−1. Although smaller
than in the case of the rhodium complex, this rate constant is
still much greater than that for free H2O2, for which the reported
values lie in the range (1.5–5.8) × 104 M−1 s−1 [91–93].

On the basis of the limited potential data for CraqOOH2+,
the difference in rate constants appears to be thermodynamic in
origin, Eqs. (21) and (22). The estimated 0.13 V difference in
2
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r
C

C

O

b
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r
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h
l
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-e potentials is equivalent to a �G0 that is by 25 kJ/mol more
avorable for the chromium reaction, and that might reasonably
esult in several hundred-fold greater rate constant kHOBr for
raqOOH2+:

raq
3+ + O2 + 2e− + H+ � CraqOOH2+, E ≤ 0.65 V

(21)

2 + 2e− + 2H+ � H2O2, E = 0.78 V (22)

In the absence of potential data, similar analysis cannot
e carried out for L(H2O)RhOOH2+. If, however, the 30-fold
reater value of kHOBr for (NH3)4(H2O)RhOOH2+ is the result
f changed thermodynamics, then the data can be used to esti-
ate the potential for the rhodium couple in the equivalent of

eaction (21) as ∼0.1 V lower than that for the chromium, i.e.
Rh ≤ 0.55 V.

The proposed mechanism for the oxidation of metal
ydroperoxides by HOBr is analogous to that suggested ear-
ier [95] for the reaction of free H2O2, i.e. nucleophilic attack
y hydroperoxide at the bromine site in HOBr, as shown in
cheme 9.

In a broader context, the oxidation of halide ions with
etal hydroperoxo and peroxo complexes is closely related to

hat exhibited by haloperoxidases, enzymes that catalyze the
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Scheme 10.

oxidation of organic substrates with halides, and disproportion-
ation of H2O2 to oxygen and H2O [96]. Bromide oxidation is
accelerated by H+ both in the enzymatic systems [96] and in
some functional models, such as oxoperoxovanadium(V) com-
plexes [97]. Acid catalysis does not, however, appear to be a stan-
dard feature in oxidation reactions by peroxo complexes [92],
although the number of studies focusing on pH dependence may
be too small to offer a definitive picture at the present time [96].

3.1.4. Mechanistic possibilities
Probably the most intriguing mechanistic issue concerning

the oxidation of halides by hydroperoxo complexes is the site
of initial nucleophilic attack [98]. The protonation at the adja-
cent oxygen, i.e. that bound directly to the metal, is believed to
lead to the dissociation of peroxide from the metal. This site of
attack therefore would not be expected to play a role in oxygen
atom transfer. Protonation at the remote oxygen, on the other
hand, would both create H2O, an excellent leaving group, and
enable transfer of adjacent oxygen to the nucleophile, as shown
in Scheme 10.

An alternative mechanism, attack at the remote oxygen in
Scheme 11, cannot be totally dismissed, however, especially for
the cationic hydroperoxo complexes of rhodium, which are not
subject to acidolysis under normal conditions [98]. The failure of
H2O2 to dissociate from the rhodium may mean that protonation
at the adjacent oxygen does not take place, or that the coordi-
n
L
p
i
i

t
a
t
a
b
f
t

Table 3
Summary of kinetic data for acid-catalyzed oxidation reactions of I− by
L(H2O)MOO2+a

Complex kI (M−2 s−1)

CraqOO2+ 93.7
CraqOO2+ 185b

L1(H2O)CrOO2+c 402
(NH3)4(H2O)RhOO2+ 888

a Acidic aqueous solutions, 25 ◦C.
b In D2O, calculated from data at 0.10 M DClO4.
c L1 = [14]aneN4.

The data in Table 2 underscore an important effect of coordi-
nation on peroxide reactivity, i.e. the metal-complexed hydroper-
oxide is more reactive than H2O2 as both an oxidant and a
reductant. As discussed in the reactions with HOBr, the bet-
ter reducing properties are clearly a thermodynamic effect. On
the other hand, the faster oxidation reactions seem to run con-
trary to the driving force. These data can be rationalized by
noting that the reactions in Table 2 were run in acidic solutions,
and that the difference in equilibrium concentrations of the pro-
tonated forms, LM(H2O2)3+ and H3O2

+, may be responsible
for the observed pattern. The aqueous pKa for the “exception-
ally powerful oxidant,” H3O2

+, has been estimated to lie below
− 7.7 [99]. No credible data are available for LM(H2O2)3+

complexes, although a Ka of 0.06 M has been calculated for
Fe(H2O)5H2O2

3+ from the kinetic data for the decomposition
of H2O2 at exceptionally high concentrations [100].

3.2. Superoxo complexes

Oxidation of iodide by L(H2O)MOO2+ (L = (H2O)5, L1;
M = Cr, Rh) exhibited a 3:1 [I−]/[L(H2O)MOO2+] stoichiom-
etry and utilized only an acid-catalyzed path in the redox step
of Eqs. (23) and (24) [101], which was followed by the I2/I3

−
equilibration.

C 2+ − + 2+

k
t
k
i
A
s
C
t
t

L
c
s
l

ated hydrogen peroxide does not dissociate as readily from
(H2O)Rh(H2O2)3+ and from other substitutionally inert com-
lexes as it does from more labile metal ions. In support of this
dea, note that the dissociation of H2O2 from Co(CN)5(H2O2)2+

s not instantaneous, k = 1.89 × 10−2 s−1 at 20 ◦C [78].
In Scheme 11, the protonation is pictured as taking place at

he more electron-rich adjacent oxygen, while the nucleophile
ttacks at the more accessible remote site. In concert with O-
ransfer to nucleophile, the proton shifts between the two oxygen
toms in a process that is assisted by a molecule of hydrogen-
onded water. This mechanism, or a variant, seems attractive
or the reactions of sterically encumbered nucleophiles, such as
riphenylphosphine [98].

Scheme 11.
raqOO + 3I + 3H → CraqOH + 1.5I2 + H2O (23)

−d[CraqOO2+]

dt
= 2

3

d[I2]

dt
= kCr[CraqOO2+] [I−] [H+] (24)

Kinetic data are summarized in Table 3. An inverse solvent
inetic isotope effect, believed to be a feature of all the reac-
ions in Table 3, was demonstrated in the CraqOO2+/I− reaction,
H/kD = 0.5. A comparable value was obtained in the correspond-
ng reaction of the hydroperoxo complex, kH/kD = 0.6 [101].
ll the data, including the inverse kie, implicate a protonated

uperoxo complex as the reactive form. The greater acidity of
raqOOH3+ than of CraqOOD3+, i.e. the smaller proportion of

he protonated form in equilibrium with the unprotonated dica-
ion, results in the lower overall reaction rate in H2O.

The two major mechanistic possibilities for the
(H2O)MOO2+/I− reactions are shown for the CraqOO2+

ase in Schemes 12 and 13. In both cases, the rate-determining
tep is followed by thermodynamically favorable, rapid steps
eading to the final products.
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Scheme 12.

The one-electron path generates the metal hydroperoxide and
iodine atom, followed by the CraqOOH2+/I− reaction described
in the previous section, and the independently confirmed reduc-
tion of an additional equivalent of CraqOO2+ by I2

•−. The other
possibility, oxygen atom transfer of Scheme 13, is much more
intriguing because this type of reactivity is rare for superox-
ometal complexes, and has been so far clearly identified only in
the multistep reactions with NO which feature an intermediate
peroxynitrito species [34,36].

The existing potential data [102,103] for CraqOO2+ made
it possible to estimate the thermodynamics in 1 M H+ for the
two paths in Schemes 12 and 13. The one-electron path, having
�E = −0.13 V, is convincingly less favorable of the two, even
though the 0.5 V value associated with the two-electron, oxygen
atom transfer path, Scheme 13, is only an upper limit. Despite the
clear thermodynamic advantage for oxygen atom transfer over
electron transfer, the experimental data do not unambiguously
support or rule out either mechanism.

3.3. Oxidation of bromide by CraqO2+

As expected, there is no reaction between ≤ 0.1 M Cl− and
CraqO2+ during the short lifetime of CraqO2+ (≤1 min under
most conditions). The oxidation of I−, on the other hand, proved
too fast to measure by either conventional or stopped-flow spec-
t −
b
k

n
P
o
d
m
C
w
m

i
t
b
t
d

Fig. 4. Acid dependence of the second-order rate constant for the oxidation of
Br− by CraqO2+. Reproduced with permission from Inorg. Chem. 2005, 44,
9293–9298. © 2005 Am. Chem. Soc.

(25). Changing the solvent from H2O to D2O increased the rate
constant, kH/kD = 0.74.

−d[CraqO2+]

dt
= k25[CraqO2+]Br−][H+] = kBr[CraqO2+]

(25)

All of the data support the one-electron mechanism in
Scheme 14. The derived rate law of Eq. (26) reduces to
the observed form (Eq. (25)) upon introducing the inequality
[H+] � Ka. According to this interpretation, the rate constant k25
is the ratio k/Ka, and [Cr(IV)]tot is the sum of the concentrations
of CraqO2+ and CraqOH3+. Estimates of the driving force for one-
electron (�G ≤ 19 kJ/mol) and two-electron (�G ≤ 140 kJ/mol)
pathways also heavily favor the one-electron alternative. Most
importantly, the two-electron path was ruled out experimentally
by demonstrating that Craq

2+ was not involved as an intermedi-
ate.

−d [CraqO2+]

dt
= k

[H+]

Ka + [H+]
[Br−][Cr(IV)]tot (26)

In the proposed scheme, the first-order dependence on H+

arises from prior protonation of CraqO2+. The large value of
Ka, required by the rate law and consistent with the lack of
experimental observation of CraqOH3+, comes as no surprise.
Other metal(IV) oxo complexes of the first transition series for
w

rophotometry, but the Br reaction was conveniently monitored
y both techniques and utilized the superoxochromium ion as a
inetic probe [104].

No independent spectroscopic evidence exists for the proto-
ated form of chromyl(IV) ion, CraqOH3+, in acidic solutions.
revious kinetic evidence existed only for the deprotonation
f one of coordinated waters which results in inverse [H+]
ependence for bimolecular decay of CraqO2+ [84]. Two key
echanistic questions were thus addressed in a study of the
raqO2+/Br− reaction: the availability of a proton-assisted path-
ay, and the preference for one-electron versus two-electron
echanism.
The decrease in the lifetime of CraqO2+ [29,84] with decreas-

ng acid concentration severely limits the range of [H+] concen-
rations that can be used in kinetic studies. In the reaction with
romide [H+] was varied only between 0.10 and 0.21 M. For
his set of conditions, the reaction exhibited a clean first-order
ependence on [H+], as shown in Fig. 4 and the rate law in Eq.

Scheme 13.
hich data are available, e.g. VaqO2+ [105] and TiaqO2+ [106],

Scheme 14.
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Table 4
Summary of the rate constants for oxidation reactions with CraqO2+a

Reductant CraqO2+ CraqOO2+

k0 (M−1 s−1) kH (M−2 s−1) k0 (M−1 s−1) kH (M−2 s−1) E0b

Br− ∼0 608 ∼0 ∼0 1.92 [109]
Ru(bpy)3

2+ < 10 c 1.26 [108]
Os(phen)3

2+ 1.37 × 103 1.94 × 103 17.5 221 0.84 [112]
HABTS−/ABTS2− 7.9 × 104d 1.36 × 103d 0.81e,f/0.68f,g [113]
(NH3)5Rupy2+ > 107 7.0 × 104h 1.78 × 105 h 0.305 [115]

a At 25.0 ± 0.2 ◦C.
b One-electron reduction potential (vs. NHE) for the reductant.
c Ref [42] cNot determined.
d Second-order rate constants in 0.10 M HClO4. Data from Ref. [116].
e For ABTS•−/HABTS−.
f pKa (HABTS−/ABTS2−) = 2.2.
g For ABTS•−/ABTS2−.
h Ref [101]. Reproduced with permission from Inorg. Chem. 2005, 44, 9293–9298. © 2005 Am. Chem. Soc.

also exhibit very small protonation constants, and in the case of
FeaqO2+ no evidence for protonation exists at pH 1-2 [107].

In comparison with other known oxidation reactions by
CraqO2+, Table 4, the reaction with Br− is inordinately fast. For
example, there is no reaction between CraqO2+ and Ru(bpy)3

2+

(k < 10 M−1 s−1 in 0.1 M CF3SO3H), even though this complex
is a much better 1-electron reductant (ERu(III)/Ru(II) = 1.26 V)
[108] than Br− is (E for Br•/Br− = 1.92 V) [109], and the
electron-exchange rate constant for the ruthenium couple is
almost certainly greater than that for Br•/Br−. A simple Mar-
cus treatment [110,111] places the expected rate constant for
the reaction with Ru(bpy)3

2+ more than six orders of magnitude
above that for Br−. Moreover, the reaction with Os(phen)3

2+

(k = 1.94 × 103 M−2 s−1) is only about three times faster than
the bromide reaction, even though the osmium complex is more
strongly reducing than Br− by close to 1.1 V [112]. The anionic
HABTS−/ABTS2− (pKa = 2.2, E = 0.68–0.81 V, depending on
[H+]) [113] reacts only slightly faster than Os(phen)3

2+, and
(NH3)5Rupy2+ (E = 0.305 V) [114] has k > 107 M−1 s−1 in
0.10 M HClO4. All the reductants, with the exception of Br−,
present a consistent reactivity picture.

Rate constants for outer-sphere electron transfer that are
smaller than calculated by Marcus theory can be attributed to
a small transmission coefficient [111]. There is no provision,
however, for reactions that are orders of magnitude faster than
predicted. Such cases require a change in mechanism, most
c
c
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w
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t

Clearly, the driving force for the oxidation of Os(phen)3
2+ or

HABTS−/ABTS2− by CraqO2+ (E for CraqO2+/Craq
3+ ≥ 1.7 V)

is extremely large, and the electron exchange rate constants
for both reductants are close to diffusion-limited. The low
observed rates must therefore reside in an extremely unfa-
vorable term arising from small electron exchange rate con-
stants and reduction potentials for the Cr(IV)/(III) couple
in the appropriate hydrolytic states (CrIV

aqO2+/CrIII
aqO+ and

CrIV
aqOH3+/CrIII

aqOH2+ for the acid-independent and acid-
catalyzed terms), and the small protonation constant for
CraqO2+. It would seem that prior association of Br− with
CraqO2+ (or CraqOH3+) would benefit the reaction by provid-
ing both a better orbital overlap and an intermediate with a finite
lifetime to facilitate hydrolysis.

4. Reactions with transition metal complexes

Most of this chemistry has been reviewed earlier [29,42] and
only a brief summary will be given here. One-electron reduc-
tions of superoxo complexes with outer-sphere reductants, such
as Ru(NH3)6

2+, generate the corresponding hydroperoxides, Eq.
(27) [69,120]. Such reactions have proved to be one of the best
preparative routes to a number of hydroperoxo complexes. Inner-
sphere reactions, on the other hand, involve bimetallic peroxo
intermediates which eventually decompose to stable final prod-
u

C

C

F
c
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ommonly to inner-sphere electron transfer between two metal
omplexes. There is no recognized, well-developed counterpart
o this mechanism in the reactions between a non-metal and
metal complex, such as the CraqO2+/Br− reaction, but other

xamples of anomalously fast reactions of this kind have been
eported [117–119]. The data have been rationalized by a strong
verlap mechanism [117–119] that could function similar to an
nner-sphere path.

In qualitative terms, this type of a mechanism would seem
ell suited for the present case as shown by the analysis of the
ata in Table 4. The most distinguishing feature that sets Br−
part from all the other reductants in Table 4 is the ability of Br−
o coordinate to the metal.
cts, Eq. (28) [69,120–124].

raqOO2+ + Ru(NH3)6
2+(+H+)

→ CraqOOH2+ + Ru(NH3)6
3+ (27)

raqOO2+ + Craq
2+ → CraqOOCr4+Craq

2+,H+
−→ 4Cr(III) (28)

Transient metal(IV) oxo intermediates are generated in
enton-like chemistry, Eq. (29), between the hydroperoxo
omplexes and substitutionally labile one-electron reductants.
ate constants for these reactions are remarkably similar to

hose observed for the reactions of H2O2 with the same
eductants [74,125,126]. Oxygen atom transfer, on the other
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hand, is significantly faster for the hydroperoxometal com-
plexes as shown in previous sections and in some earlier work
[29,74,90].

CraqOOH2+ + Feaq
2+

→ CraqO2+ + FeaqOH2+, k = 48 M−1 s−1 (29)

H2O2 + Feaq
2+ → HO• + FeaqOH2+, k = 58 M−1 s−1

(30)

Kinetics of one-electron reductions of hydroperoxo com-
plexes are typically independent of [H+]. Oxidation reactions, on
the other hand, often exhibit a term that is inversely proportional
to the acid concentration, as in the case of L1(H2O)CoOOH2+

oxidation by IrCl62−, Ru(bpy)3
3+, and Feaq

3+ [126]. The reac-
tion with VO2

+ is exceptional in that it is [H+] catalyzed, an
observation that is easily understood in view of the demand for
hydrogen ions as the dioxovanadium(V) is reduced to oxovana-
dium(IV) ion.

5. Cross-reactions between metal-oxo, hydroperoxo,
and superoxo complexes

In metal-catalyzed oxidation reactions with molecular oxy-
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The rate constant for reaction (32), k = 190 M−1 s−1, is
somewhat smaller than that observed for the oxidation of
CraqOOH2+ in Eq. (31). The activation parameters for reac-
tion (32), �S‡ = −116 J mol−1 K−1, �H‡ = 25 kJ mol−1, indi-
cate a highly structured transition state and compensating bond-
making and bond-breaking processes. A mechanism consistent
with all the data, including the observed kinetic isotope effect,
kH/kD = 3.6, features either hydrogen atom or hydride transfer
from coordinated H2O2 to CraqO2+.

6. Acid catalysis in reductions of metal-activated oxygen

It should not be too surprising that H+ catalyzes oxidation
reactions of halides by superoxo, hydroperoxo, and oxo com-
plexes, although the complete absence of an acid-independent
term in the rate law may not have been fully expected. In all the
cases, the overall stoichiometry requires hydrogen ions, and the
rate determining steps are strongly endothermic. Thus the pro-
tonation of the oxidant prior to electron or oxygen atom transfer
facilitates the reaction and provides a better path and kinetics
for the reaction. As suggested by this analysis, reactions with
substrates other than halide ions are also acid catalyzed. Promi-
nent among them is the oxidation of several organic sulfides,
a thiolato cobalt complex (en)2Co(SCH2CH2NH2)2+, as well
as triaryl phosphines, for which oxygen atom transfer has been
en, both metal- and substrate-derived intermediates are
nvolved. Directly or indirectly, such intermediates are usually
ictured as leading to products, but other, potentially important
eactions, must also be considered. There is an abundance of data
n cross-reactions, self-reactions, and various other reactivity
odes of alkyl peroxyl radicals, alkoxyl radicals, organic per-

xides, and other intermediates derived from organic substrates.
n contrast, very little information is available for the reactions
etween organic and metal-based intermediates [127,128], or
etween different types of metal-derived intermediates, even
hough some of them may be quite persistent and realistically
nvolved in cross-reactions.

An example is provided by the ready oxidation of CraqOOH2+

y CraqO2+, k = 1.34 × 103 M−1 s−1 in 0.10 M HClO4 [74]. The
eaction generates CraqOO2+, easily recognized by its unique
V–vis spectrum. In D2O, the rate constant is much smaller,
66 M−1 s−1. Even though some of the effect may be associated
ith the change of solvent from H2O to D2O, the observed kH/kD

s large enough to suggest hydrogen atom transfer as a kinetic
tep, Eq. (31).

rIII
aqOOH2+ + CrIV

aqO2+ → [CraqOOH..OCraqO4+]‡

→ CrIII
aqOO2+ + HOCrIII

aq
2+ (31)

The reaction between CraqO2+ and free H2O2 also generates
raqOO2+ [129], even in the absence of molecular oxygen, Eq.

32). This finding rules out the intermediacy of Craq
2+ and its

eaction with O2 as the source of CraqOO2+, a mechanism known
o be adopted by aliphatic alcohols, aldehydes, and carboxylic
cids [29].

raqO2+ + H2O2 → CraqOO2+ + H2O (32)
confirmed by isotopic labeling [98].
Nitrite provides a particularly illustrative example of

acid catalyzed-oxidation, Eqs. (33)–(35). The complex [H+]-
dependence arises from a combination of the acid–base equi-
librium relating NO2

− and HNO2, coupled to a first-order
term in [H+] for each of the forms, k0 = 1.54 × 104 M−2 s−1,
k1 = 8.91 × 102 M−2 s−1.

HNO2 � H+ + NO2
−, Ka = 1.15 × 10−3 M−1 (33)

HNO2 + (NH3)4(H2O)RhOOH2+

H+
−→(NH3)4Rh(H2O)2

3+ + NO3
−, k1 (34)

NO2
− + (NH3)4(H2O)RhOOH2+

H+
−→(NH3)4(H2O)RhOH2+ + NO3

−, k0 (35)

Similarly, the oxidation of hydrazinium ion by CraqOO2+ in
acidic solutions obeys the rate law, − d[CraqOO2+]/dt = 50.4
[N2H5

+] [H+][CraqOO2+] [130]. The catalysis by H+ was
explained by prior protonation of the superoxo complex. In the
other, much less satisfactory option, the reduction would be car-
ried out by the weak and typically unreactive N2H6

2+.
The effect of H+ on outer-sphere electron transfer reductions

of superoxo complexes has been examined in only a limited
number of cases. In some of them, H+ has a strong accelerating
effect, but an acid-independent path often competes, and some-
times even dominates the kinetics, as shown in Table 4. In general
terms such behavior can be rationalized by the large span in the
driving force for these reactions, such that in some cases even an
acid-independent path becomes thermodynamically accessible
and kinetically competent.
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7. Conclusions

The deceptively simple reactions between transition metal-
activated oxygen and inorganic substrates are excellent mecha-
nistic models for biological and laboratory oxidation reactions.
The often-neglected effect of the metal on acid–base chemistry
at oxygen, combined with acid–base chemistry elsewhere in the
complex, opens new mechanistic routes and/or accelerates those
already available to the system. As a result, inorganic substrates
utilize a variety of pathways, including some that are more fre-
quently associated with the oxidation of organic substrates, i.e.
hydrogen atom and oxygen atom transfers.

Some of the reactions of simple mononuclear inorganic com-
plexes with inorganic substrates have many features in common
with enzymatic oxygen activation (such as that in cytochrome
P450-mediated processes), chemistry of haloperoxidases, and
certain steps in oxygen-evolution in photosystem II. Studies of
small, well-defined models or prototypes can provide invaluable
clues about the functioning of known, complex processes, and
help design new catalytic reactions to utilize the great oxidizing
power of oxygen.
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