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I. Introduction

Green plants, algae, and some cyanobacteria pro-
duce dioxygen by using water as the electron source
for the production of reducing equivalents (NAPDH)
and ATP during photosynthesis. This process coin-
cided with the appearance of oxygen-dependent forms
of life on earth, sustains the earth’s atmosphere in
its present constitution, and provides dioxygen as a
metabolic oxidant. The four-electron oxidation of
water in photosynthetic organisms is achieved by an
inorganic cofactor bound to polypeptides of photosys-
tem II (PSII) called the water-oxidizing complex
(WOC). The mechanism of water oxidation at the
molecular level by the WOC remains largely an
unsolved mystery. Model complexes have played an
indispensable role in our present understanding of
the WOC, even though well-characterized functional
models are rare. Water-oxidation catalysts are in-
trinsically important in their own right, independent
of possible biological relevance. They have direct
applications as catalysts in artificial photosynthetic
systems for the splitting of water that could be used
in future fuel cells for the generation of electricity.
Such systems are commercially appealing in view of
the decreasing energy resources and the environ-
mental problems arising from combustion of coal, oil,
and gas in air.

† List of abbreviations: NADPH, nicotineamide adenine dinucle-
otide phosphate; ATP, adenine triphosphate; WOC, water-oxidiz-
ing complex; PSII, photosystem II; bpy, 2,2′-bipyridine; py, pyri-
dine; BPG, basal plane graphite; XAS, X-ray absorption spec-
troscopy; EXAFS, extended X-ray absorption fine structure;
XANES, X-ray absorption near edge structure; EPR, electron
paramagnetic resonance; ENDOR, electron nuclear double reso-
nance; TON, turnover number.
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This review focuses primarily on homogeneous
catalysts for the oxidation of water, but does include
selected heterogeneous systems. It does not attempt
to summarize all chemistry related to systems that
are capable of oxidizing water. In particular, het-
erogeneous catalysts that have no direct relevance
to understanding the WOC are not discussed in
detail. Neither are nonbiomimetic systems for arti-
ficial photosynthesis or water-splitting in its elements
discussed. However, a list of some of the recent
references in these areas can be found in section X
(Nonbiomimetic Water Oxidation Catalysts).
We will first give a brief summary of the current

view of the photosynthetic WOC and its functionality,
followed by analysis of the thermodynamic and
kinetic constraints for water-oxidation that have to
be overcome by any catalyst. Since manganese is the

metal that performs this reaction in the WOC,
manganese catalysts will be discussed first, followed
by other transition metals, particularly ruthenium.
In the final section we summarize the principles of
reactivity learned from theory and existing models
that will guide us toward synthesis of better catalysts
in the future. This review does not attempt to
summarize manganese chemistry relevant to non-
functional (structural) models of the WOC, which has
been reviewed recently.26,27

II. Structural and Mechanistic Constraints on
Photosynthetic Water Oxidation

A. Overview

According to present knowledge, all species which
produce dioxygen during photosynthesis possess quali-
tatively the sameWOC, comprised of four manganese
ions, one or two calcium ion(s), and an unspecified
number of chloride ions.28 The four manganese ions
exist as an electronically coupled tetramer which is
the site of water oxidation. No other metal has been
found to replace it, neither in vivo nor by reconstitu-
tion of manganese-depleted samples. Calcium ap-
pears to play a structural role in stabilizing the Mn
site and possibly as a gatekeeper in restricting access
of substrate water to the Mn site.29 Calcium can be
substituted by strontium, yielding a 40% lower O2
evolution activity.30 Chloride has been proposed to
serve as a labile ligand to the Mn site, where it might
block premature substrate oxidation, as a nonlabile
ligand to Mn functioning to set the redox potential
of the cluster, and possibly as a bridging ligand
between Mn ions, where it might promote intraclus-
ter electron transfer. Chloride can be replaced by
bromide and a few other anions but always with
lower O2 evolution rates.28,31

A key advance in our understanding of the func-
tional organization of the WOC was the work by
Joliot and Kok and their co-workers.32 Illumination
of dark-adapted spinach chloroplasts by short flashes
of light led to a characteristic pattern of O2 release,
repeating after each four flashes. This led to the
formulation of what is known as the Kok cycle of
water oxidation (Figure 1). Five intermediates,
designated S0 to S4, are formed by successive one-
electron oxidations of the WOC. Each reaction center
operates autonomously, with no or minimal sharing
of redox equivalents. The S0 and S1 states are dark
stable, while the S2 and S3 states are metastable; they
spontaneously are reduced to the S1 state in the dark
by recombination with electrons from reduced elec-
tron acceptor or by diffusible reductants in the
chloroplast. Thus, dark-adapted PSII samples con-
sist of a mixture of the S0 (25%) and S1 (75%) states.
The S4 state is unstable and returns to the S0 state
with release of a molecule of dioxygen.
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Figure 1. “Kok cycle” of water oxidation by PSII: Si
denotes the different oxidized states of the WOC that are
generated by a train of light flashes prior to the generation
of oxygen.

2 Chemical Reviews, 1997, Vol. 97, No. 1 Rüttinger and Dismukes

+ +



B. Proton Equilibria, S State Kinetics, and
Activation Barriers
Early studies suggested that the four protons from

the two substrate water molecules are released into
solution in a 1-0-1-2 stoichiometry during S state
transitions (SiYz

+ f Si+1Yz).33 Yz
+ denotes the special

tyrosine radical protein residue of PSII that is the
precursor to oxidation of each Si state).19 Recent data,
however, show a strong dependence of the proton
stoichiometry and kinetics on the solution pH and
the method of sample preparation.34,35 Currently, the
proton equilibria are thought to represent electro-
static effects on both ionizable protein residues (Bohr
protons), in addition to substrate water proton ion-
ization steps. Nevertheless, for all S state transitions
except S2Yz

+ f S3Yz, the rate of proton release accel-
erates in alkaline solutions between pH 6 and 7.5.
This result suggests that an increase in the number
or availability of proton acceptor sites at alkaline pH
leads to faster oxidation of the WOC. If this inter-
pretation is correct, then proton release is thermody-
namically linked to oxidation of the WOC. This ex-
planation suggests that substrate ionization of pro-
tons precedes dioxygen release on S4. Alternatively,
an electrostatic influence from ionizable residues or
nonsubstrate water molecules on the electrochemical
potential of the WOC may be another explanation.
The half-times for the S state advances SiYz

+ f
Si+1Yz have been measured by direct observation of
Yz

+ reduction using EPR spectroscopy36 and by fol-
lowing the electrochromic absorbance changes from
chlorophyll in the UV-vis spectra.37 For i ) 0, 1, 2,
the half-times vary between 30 and 350 µs, while the
final rate-limiting step, S3Yz

+ f S0Yz + O2, has a half-
time of approximately 1 ms. Activation energies for
the S state transitions have been measured by
Renger et al.38 by measuring the temperature depen-
dence of the kinetics of electrochromic absorption
changes at 355 nm. Activation barriers of 5.0, 12.0,
and 36.0 kJ/mol were measured and derived reorga-
nization barriers (using Marcus’ theory) of 0.05, 0.12,
and 0.37 eV were found for the transitions Si f Si+1
(i ) 0, 1, 2). The reaction S3 f (S4) f S0 had a
temperature-dependent activation energy of 20 kJ/
mol (T > 279 K) or 46 kJ/mol (T < 279 K) and a
reorganization energy of 0.21 eV for the lower barrier
step. The large barrier between the S2 and S3 states
was interpreted as evidence for a major structural
rearrangement. The weaker pH dependence of this
transition (see last paragraph) suggests that the
structural rearrangement may involve nuclear rear-
rangements other than proton release steps, or that
such steps are not in equilibrium with solution
protons. Recent EXAFS studies have indicated that
a major structural change occurs which leads to an
increase in inter-manganese separations.39
Messinger et al.40 investigated the kinetics of

substrate water exchange in the S2 and S3 states of
PSII by using labeled (18OH2) water and time-
resolved mass spectrometry. It was found that one
water molecule slowly exchanges (t1/2 ≈ 0.5 s at 10
°C) with solvent water in the S2 and S3 states, while
another water molecule is either exchanging faster
(t1/2 < 60ms) or enters only in the S4 state (For
comparison, permanganate (MnO4

-) shows an ex-

tremely slow water-exchange rate of 0.5% of all oxo
groups per hour at 25 °C in dilute, neutral solution.41)
The slow-exchanging oxygen atom was proposed by
the authors to be a terminal manganoyl (MndO) oxo,
while the rapidly exchanging oxo is kinetically equiva-
lent to a water molecule. However, there was no
comparison to kinetic studies of aquo ligands ex-
change with Mn(III) or Mn(IV) model complexes to
rule out this alternative assignment. This result
shows that the two substrate water molecules bind
differently in both the S2 and S3 states, either in two
steps (S2 and S3) or at different sites. Furthermore,
it was found that at least one substrate water
molecule enters the active site before the S4 state.
There is no direct evidence supporting oxidation

of substrate water molecules prior to the S4 f S0
transition in the native WOC; a concerted four-
electron process is envisioned. However, certain
treatments which block O2 formation and S state
advancement past S3sincluding extraction of Cl- or
replacement of Cl- by F-slead to significant release
of hydrogen peroxide.31,42-44 Thus, the two-electron
oxidation path forming H2O2 and no direct O2 pro-
duction is favored, despite the additional increase in
electrochemical potential from 0.82 to 1.35 V per
electron. This result has been interpreted via a
model that proposes a role for Cl- in promoting
intracluster electron transfer via redox poising of Mn,
mediated by coordination to the special “gateway” Mn
site, possibly at a bridging site between Mn ions.31

C. Tyrosyl Radical Participation in Water
Oxidation?
Several experiments have demonstrated that an

unstable radical can be photogenerated in close
proximity to the Mn cluster in PSII membranes
following a variety of treatments which block normal
O2 evolution at the S3 state, including extraction of
the Ca2+ or Cl- cofactors, Cl- replacement by F-, or
acetate treatment.45-48 Recently, it has been dem-
onstrated rather conclusively by isotopic labeling
studies using deuterated tyrosines that the radical
is Yz and that it may be located as close as 4.5 Å from
the tetramanganese cluster.24,49 These results sup-
port a new metalloradical mechanistic model for
oxygen production based on the possible involvement
of YZ in proton24,49 or H atom23,50 abstraction from
substrate water molecules bound to the tetraman-
ganese cluster. In this model YZ serves to abstract
an electron and proton from the substrate-tetra-
manganese complex on each of the S state transi-
tions. Depending on the degree of coupling between
the substrate molecule and the tetramanganese core,
the oxidation step could involve either formal H atom
transfer from water or uncoupled proton/electron
transfer from the substrate-tetramanganese com-
plex. At present, this model is based solely on the
physical proximity between YZ and the tetramanga-
nese complex. Here, a thermodynamic analysis is
given based on recent studies indicating that quan-
titative predictions can be made about the rate of H
atom transfer reactions to metal-oxo coordination
complexes.
Oxidation of C-H bonds in organic substrates by

oxo-containing coordination complexes of chromium
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(CrO2Cl2) and permanganate (MnO4
-) has been found

to occur either by hydrogen atom transfer (in non-
polar solvents) or by hydride transfer (in aqueous
solvent).21 An H atom transfer mechanism was found
to operate in neat toluene (Scheme 1A). A linear
correlation was observed between the kinetics of H
atom transfer to permanganate and the reaction
enthalpy change for C-H bond dissociation minus
H-O bond formation (∆∆H°rxn). This correlation
included a number of oxygen radicals (OH•, tBuO•,
and tBuOO•) and a nonradical oxidant (MnO4

-) and
extended over an impressive 16 orders of magnitude
in rate. The bond strength of the O-H bond formed
upon H atom transfer to permanganate was esti-
mated to be 83 kcal/mol21 and more recently 79 kcal/
mol,51 using a thermochemical cycle based on the
measured values for the reduction potential, the pKa
of the reduced oxidant, and the standard bond
enthalpy of molecular H2 (56 kcal/mol).52 Thus,
permanganate, a nonradical oxidant, reacts just as
one would predict for an oxygen radical that makes
a 79 kcal/mol bond with an H atom. A general
conclusion reached from this study is that H atom
abstraction reactions can occur with metal-oxo
oxidants, regardless of their radical character, pro-
vided there is a high thermodynamic affinity for the
H• atom. Importantly, when the nonpolar solvent
was changed by adding water, the H atom transfer
reaction was not observed, owing to a 1000-fold
faster, lower energy, hydride transfer reaction to
permanganate that is coupled to hydration of the
incipient toluyl carbocation (Scheme 1B). This two-
electron/one-proton pathway dominates in more polar
solvents, owing to both a smaller enthalpy increase
and a larger entropy decrease compared to H atom
transfer. This indicates that there are at least two
relatively low-energy mechanisms for oxidation of
C-H bonds by oxo-metal complexes which may

operate under different conditions depending on
solvent polarity and availability of water.
We can extend these ideas to predict the theoretical

rate of H atom abstraction by a tyrosine radical from
the O-H bond of various hydroxo-manganese com-
plexes which may share structural features in com-
mon with the WOC (Scheme 1C). To do this, we will
use the same correlation between ∆∆H°rxn and rate
constant as was established for C-H bond oxidation
in nonaqueous solvent. ∆∆H°rxn is calculated as the
difference in bond dissociation enthalpies for the
O-H bond in the reduced manganese complex vs the
tyrosine O-H bond.
The reduction potential for the neutral tyrosyl

radical in dilute aqueous solution has been accurately
determined by pulse radiolytic methods to be 0.94
(0.01 V vs NHE at pH 7 and 25 °C.53 The pKa of
tyrosine in solution is 9.11 (vs 9.89 for phenol) at 20
°C.54 Using these values and the aforementioned
thermodynamic cycle, we obtain a bond dissociation
energy of 90(1 kcal/mol for the phenoxyl O-H bond
in tyrosine in dilute aqueous solution, in excellent
agreement with an earlier estimate.55 Using the
same method a mean value of 90 (1 kcal/mol was
calculated for the average O-H bond energy in
phenol and its 3-Me, 3,5-diMe, 4-Cl and 4-Br deriva-
tives in nonaqueous solvents.52

The computed µ-(O-H) bond enthalpies for three
different µ-hydroxo-µ-oxo bridged complexes, Mn2-
(III,IV)(µ2-OH,O)L4, are given in Table 1. These were
computed using a thermochemical cycle, from the
published reduction potentials and pKa values for
both the (III,III)/(III,IV) and (III,IV)/(IV,IV) redox
couples.
The enthalpy change for H atom transfer (∆∆H°rxn)

from each of the Mn2(µ2-OH,O)L4 complexes to the
tyrosyl radical (analogous to Scheme 1C) can then
be calculated using the data in Table 1 and the
tyrosine O-H bond dissociation enthalpy. The re-
sults are listed in Table 2, along with the predicted
bimolecular rate constants for H atom transfer,
assuming the same linear correlation between these
two quantities established for C-H bond oxidation.21
(See Note Added in Proof at the end of this review.)
These predicted rate constants would apply to the
indicated dinuclear complexes if they were to behave
just like permanganate and the oxy radical oxidants.
The predicted bimolecular rate constant is consid-

erably faster for H atom abstraction from the Mn2-
(III,IV) (lower) oxidation state than from the Mn2-
(IV,IV) state, regardless of the ancillary ligands. This
is because of the stronger µ-(O-H) bond in the more
oxidized complexes. Comparison of complexes in the
same oxidation state shows that the more basic the
µ-oxo atom is (the higher pKa), the slower is the
predicted transfer rate (Table 2). A 5-fold slower rate
is predicted for each pK unit increase according to
the correlation. This decrease in rate with increasing
µ-oxo basicity also originates from an increase in the
µ-(O-H) bond strength (Table 1). The data show that
the ancillary ligands play a major role in determining
both the reduction potential and the basicity of the
µ-oxo atom, as is well-known for structurally analo-
gous complexes.20 For comparison, the rate of H
atom transfer from hydrogen manganate (HMnO4

-)

Scheme 1. Proposed Mechanismsa

a (A) Proposed mechanism of hydrogen atom transfer and (B)
hydride transfer in the reduction of permanganate by toluene.21
(C) Conjectured mechanism of hydrogen atom transfer to tyrosyl
radical (YZ

•) from the substrate-tetramanganese complex of
photosystem II (adapted from refs 23 and 24).
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to the tyrosyl radical is predicted to occur with a rate
constant of 200 M-1 s-1, based on its O-H bond
dissociation energy of 79 kcal/mol.
The pseudo-first-order rate constant for H atom

transfer in a concentrated nondiffusing system can
be arrived at by multiplying the bimolecular rate
constant by the effective concentration of reacting
partners. This concentration is approximately 10 M
for the case of YZ and the tetramanganese cluster.
(10 M is arrived at using an isotropic model with
approximate molecular volumes for YZ and the {Mn4}
cluster and a distance of separation of 4.5 Å.) We
shall compare the pseudo-first-order rate constants
with the known rate constants for YZ

• radical reduc-
tion observed in the WOC to see if H atom transfer
should be considered as a possible mechanism (SnYz

•

f Sn+1YZ; k ) 2× 104 to 7× 102 s-1). We also restrict
the choice of hydroxo-manganese complexes to those
which have a pKa above the observed pKa for the S
state transition, SnYz

• f Sn+1YZ; otherwise, the µ-oxo
group would not be protonated and there would be
no H atom transfer pathway to consider. On the
basis of the observed pKa values given in Table 2,
we see that all three Mn2III,IV(O)(OH) complexes
would be unprotonated at pH g 3, existing as the di-
µ-oxo form, and thus unavailable for H atom transfer.
Therefore, we eliminate this oxidation state from
further consideration.
Next we consider the three (III,III) examples given

in Table 2. Only the bispicen complex has a suf-
ficiently rapid H atom transfer rate (5 × 104 s-1),
while the other two complexes are a factor of 10-
100 times too slow (k ) 20-100 s-1). All of these
complexes have pKa values that would ensure that
they have protonated µ-(OH) in the physiological
range observed for the S state transitions. Thus, we

see that H atom transfer to tyrosine from Mn2(O)-
(OH)3+ for the (III,III) to (III,IV) oxidation step might
be fast enough to consider as a viable mechanism for
S state transitions, but only for Mn complexes which
are particularly weak oxidants (viz. E1/2 ) 0.38 V vs
NHE for the bispicen complex). However, it is very
unlikely that such weak oxidizing potentials exist for
any of the S state transitions which most likely fall
at or above the potential of the auxilliary tyrosine
radical YD

• that is in equilibrium with the WOC.28

We reach the conclusion that the predicted rate of
H atom abstraction from the substrate-WOC com-
plex by YZ

• appears not be fast enough to be function-
ally important in vivo. Model complexes with suffi-
ciently high pKa values to have bridging hydroxyl
groups and reduction potentials in the range of the
WOC are predicted to have H atom transfer rates
that are too slow to account for the observed S state
kinetics in PSII. Despite the appeal that H atom
transfer may have based on the physical proximity
of the cofactors, there does not appear to be a strong
thermochemical basis to support its occurrence in
photosynthetic water oxidation. It is important to
note that these are predictions based on the observed
kinetics of H atom transfer from C-H bonds. It
would be useful to measure directly the rates of O-H
bond cleavage in model Mn complexes before a
definitive answer is given.
Comparison with more ionic mechanisms custom-

arily associated with oxidation of polar O-H bonds,
like water bound to strong Lewis acid metal centers,
should be considered. Recall that an ionic mecha-
nism involving hydride transfer is favored in water
over H atom transfer for C-H bond oxidation. An
alternative proposal for the rate-limiting step is to
reconsider “uncoupled” or “weakly coupled” electron/
proton transfer in which YZ acts as a traditional one-
electron transfer agent and substrate protons are
transferred to other sites in the WOC that are either
uncoupled or only weakly coupled to reprotonation
steps of the reduced YZ

- (tyrosinate) anion. This
more polar mechanism would be favored in aqueous
solvents compared to a H atom transfer mechanism,
by analogy to oxidation of the C-H bond in aqueous
toluene by permanganate (Scheme 1B).
Lastly, it is difficult to imagine how the close

physical juxtaposition necessary for H atom transfer
from YZ to two water molecules bound at different
sites in the WOC could exist on each of the four
sequential S state transitions. Although, there is
inadequate stereochemical data to address this ques-
tion at present.

Table 1. Reduction Potentialsa, pKa Valuesa,b and Deducedc O-H Bond Dissociation Energies for Dinuclear
Complexes

complexese
oxidation
state

E1/2
III:IV/III:III

pKa
III,IIIb

∆H°
III,IIIb

E1/2
IV:IV/III:IV

pKa
III,IVb

∆H°
III,IVb

Mn2(O)2(bpy)43+ III,IV 0.53 11.0 -83 1.49 2.3 -93
Mn2(O)2(phen)43+ III,IV 0.57 9.15 -82 1.53 (0.4)d -92
Mn2(O)2(bispicen)23+ III,IV 0.38 8.35 -76 0.99 (-0.4)d -78
MnO4

- VII 0.564f 10.5f

a In volts vs NHE.18,19 b For the corresponding conjugate acid (µ2-O, OH) in aqueous solution. c Determined from E1/2 and pKa
values using the thermodynamic cycle in Scheme 2. d Estimated from the measured pKa for the (III,III) species and applying a
∆pKa(III,III-III,IV) ) 8.7 shift, as observed experimentally for Mn2(O)2(bpy)43+. This trend is supported in related oxo-manganese
complexes.20 e bpy ) 2,2′-bipyridine; phen ) 1,10-phenanthroline; bispicen ) N,N′-bis[2-methyl-1-pyridylethane-1,2-diamine].
f Refers to the one-electron reduction to manganate and its associated proton ionization of HMnO4

-.

Table 2. Calculated Enthalpy (∆∆H°rxn)a and
Predicted Rate Constant (k)b,c for a H Atom Transfer
Reactiond,e between Neutral Tyrosyl Radical and the
O-H Bond in Dinuclear Complexes and
Permanganate

∆∆H°rxn:k

complex (III,III)d (III,IV)e

Mn2(O)(OH)(bpy)43+/4+ -7:2 3:2 × 10-5

Mn2(O)(OH)(phen)43+/4+ -8:10 2:1 × 10-4

Mn2(O)(OH)(bispicen)23+/4+ -14:5000 -12:600
HOMnO3

2- (permanganate)f -11:200
a kcal/mol. b M-1 s-1. c Polanyi plot: log k ) -0.49(∆∆H°rxn)

- 3.0 (ref 21). d (III,III)(OH) + YZ
• f (III,IV)O + YZ

•.
e (III,IV)(OH) + YZ

• f (IV,IV)O + Yz. f HOMnO3
- + YZ

• f
MnO4

- + YZ.
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D. Electronic and Coordinate Structure of the
WOC
Electronic and nuclear structural information about

the WOC has come primarily from EPR and XAS
spectroscopies. The S2 oxidation state exhibits a
multiline EPR signal attributed to a spin-coupled
tetramanganese cluster having a ground state with
doublet spin character S ) 1/2. The oxidation states
of the manganese ions in the S2 state were predicted
to be (3III,IV), based on EPR measurements of 55Mn
hyperfine couplings56-58 and Mn X-ray absorption
edge analysis,59 or alternatively (III, 3IV), based on
XAS analysis.60,61 These lead to predicted oxidation
states for the O2-evolving S4 state of (2III,2IV) + Yz

+

and (4IV) + Yz
+. Reduction of Yz

+ in S4 is kinetically
indistinguishable from O2 release, so there is no
evidence yet for direct oxidation of Mn on the S3 f
S4 transition. Oxidation of Mn on all transitions
other than S2 f S3 has been proposed on the basis of
Mn X-ray absorption edge studies.62 However, since
it is now known that a structural change accompa-
nies the S2 f S3 transition, the edge energy is not a
clear reporter of the oxidation state change for this
transition. UV optical changes have also been used
to suggest oxidation state changes of Mn. But these
too have been shown to be complex, reflecting the net
accumulation of charge and electrochromic effects.
Most data, including EPR, have supported sequential
oxidation of individual Mn ions on the S0 f S1 and
S1 f S2 transitions. For higher S state transitions,
it is less clear whether Mn or an amino acid residue
is the site of oxidation.
Mn EXAFS studies have revealed two distances of

2.73 and 2.85 Å in the S1 state attributed to two Mn2-
(µ-O)2 cores.63 A second shell at 3.3 Å has been
interpreted in various ways: either another shell of
0.5 Mn or Mn + Ca scattering atoms per Mn
absorber, including possible contributions also from
multiple scattering effects from C (light) atoms
(summarized in refs 28 and 64). The lack of agree-
ment concerning the origin of the 3.3 Å scattering
shell, combined with the inability of EXAFS to detect
the three Mn-Mn scattering vectors in the cubanes
(Mn3O3X, X ) Cl, Br),1 indicates that only the 2.7-
2.8 Å structural feature can be assigned with confi-
dence. The error in the predicted coordination num-
ber of atoms responsible for each scattering vector
increases with distance; the average first-shell coor-
dination number for Mn has been estimated to be 6
( 1 atoms. The first shell is proposed to be due to
the presence of two short di-µ-oxo bonds and four
other O or N atoms on the basis of comparisons with
model complexes, many of which were synthesized
in the 1980s and used as structural models for the
WOC.1 Some core structures of these model com-
plexes are shown in Figure 2.
On this basis, the di-µ-oxo core present in

[Mn2O2]3+/4+ complexes and the mono-µ-oxo-mono-
(or bis)-µ-carboxylato core present in [Mn2(O)-
(O2CR)1-2]2+/3+/4+ complexes were proposed to be
structural candidates for the 2.7-2.81 and 3.3 ÅMn-
Mn vectors in theWOC, respectively. EXAFS studies
by Penner-Hahn et al. have revealed a distribution
of first shell distances without clear evidence for the
(µ-O)2 unit.65 Despite the inconsistencies pointed out

above, the four structural models depicted in Figure
3 have been proposed.
A lower coordination number of five for the Mn-

(III) ions in the S2 state has been indicated by EPR
spectroscopy, most likely a distorted trigonal bipyr-
amidal ligand geometry or less likely six ligands in
a tetragonally compressed ligand geometry (reverse
Jahn-Teller distortion).31,56,57 The lower coordination
number may offer a possible explanation for the
discrepancy in Mn oxidation state assignments noted
above. The oxidation states assigned by XAS (III,
3IV) were made by comparison primarily to six-
coordinate rather than five-coordinate model com-
plexes and thus should lead to higher predicted
oxidation states.
Based on the observed strong antiferromagnetic

coupling within the di-µ-oxo cores [both MnIV(µ-O)2-
MnIV and MnIII(µ-O)2MnIV] and the much weaker
exchange coupling within mono-µ-oxo cores [MnIII(µ-
O)MnIII and MnIII(µ-O)MnIV, both antiferromagnetic

Figure 2. Synthetic Mn-oxo core structures that have
been proposed as speculative models for the WOC.

A B

C D
Figure 3. The “Berkeley” models of the WOC, based
primarily on EXAFS data.1
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types observed], Zheng et al. attempted to use the
dimer-of-dimers structural model to construct an
effective magnetic model that could explain the
multiple forms of the S2 state multiline EPR sig-
nal.56,57 Although a dimer-of-dimers magnetic model
was successful in interpreting the spectra, it required
the presence of two ferromagnetic dimers, which
when related to the Berkeley structural model re-
quired assignment of the two putative di-µ-oxo dimers
to ferromagnetic pairs. The magnetic model implies
the existence of two relatively strong ferromagnetic
interactions, a feature requiring a tetranuclear struc-
ture that is inconsistent with the dimer-of-dimers and
linear structural models given in Figure 3A,B. Thus,
the structural model, predicting two weakly associ-
ated Mn2(µ-O)2 cores, and the magnetic model, pre-
dicting a more strongly interacting magnetic tetram-
er, cannot yet be reconciled with any of the available
tetranuclear model complexes.

III. Proposed Models for Water Oxidation by PSII
Many speculative proposals have been made for the

mechanism of photosynthetic water oxidation, dating
back as far as 1970 (summarized in ref 66). The
1980s saw big advances in manganese coordination
chemistry which spawned new proposals. In 1986,
Brudvig and Crabtree published a mechanistic pro-
posal,2 based on structurally characterized Mn com-
plexes, followed shortly thereafter by a proposal by
Vincent and Christou in 1987.3 The mechanisms are
based partially on experimental structures, like the
known (Mn4O6) adamantane-type, (Mn4O3X) cubane-
type, and (Mn4O2) butterfly-type Mn4 cores. They
share the idea of incorporation of substrate water
molecules into the cluster as bridging oxo groups as
the proposed mode for activation of substrate. In
each mechanism, two structurally equivalent oxo
atoms couple to form dioxygen upon cluster rear-
rangement to re-form the starting cluster. These
mechanisms have been reviewed67,68 and only recent
insights will be discussed.
Brudvig and Crabtree’s mechanism is depicted in

Figure 4a. Rearrangement of an unprecedented
Mn4O4 cubane was proposed as the basis for the
mechanism. Since then, Christou’s [MnIII3IV4O3Cl]5+

distorted-cubane complex,69 has been reported and
thus provides a structural precedent, although no
Mn4O4 cubanes are known yet. Interestingly, the
unknown Mn4O4 cubane structure was used by both
groups as a key intermediate in their proposals. The
oxidation state of the Mn4O3Cl complex is appropriate
for the S2 oxidation state of the WOC, but the
magnetic properties show that it has an S ) 9/2
ground state, as compared to the S ) 1/2 ground state
for the native S2 state and S ) 3/2 or 5/2 for the
modified g ) 4.1 form of the S2 state. A structural
change in the “cubane” structure could alter the
ground state to give S ) 7/2, 5/2, 3/2, or 1/2 ground
states, as pointed out by Wang et al.70 In Brudvig
and Crabtree’s proposal, the cubane structure is
oxidized from S0 to S2 without rearrangement. This
agrees with the most recent Mn EXAFS data on the
WOC indicating little structural change prior to the
S3 state. Subsequent oxidation of the S2 state to S3
triggers the binding and deprotonation of two sub-

strate water molecules to form the adamantane core.
The resulting adamantane structure resembles model
complexes by Wieghardt et al.68 Further oxidation
is proposed to result in dioxygen release and relax-
ation to the S0 cubane structure. The O-O bond
formation is proposed to occur between bridging oxo
groups with possible formation of a peroxo intermedi-
ate. Since the proposal was made it has been pointed
out that the symmetric adamantane core structure
is incompatible with Mn EXAFS data.1 Moreover,
the proposed mechanism suggests that the adaman-
tane core is reactive toward elimination of O2 and
formation of the more stable Mn4O4 cubane. This is
contrary to the available data on model complexes,
which indicates that the adamantane core is a
thermodynamic sink into which the Mn2O2 and
Mn4O2 cores often revert to upon oxidation.68 Fur-
thermore, the recent studies of substrate water
exchange in the S2 and S3 states (vide supra) con-
tradict the notion of dioxygen elimination from
equivalent µ-oxo groups.
Vincent and Christou’s proposed “double-pivot

mechanism”3 is given in Figure 4b. The basic fea-
tures are similar here. A structural rearrangement
takes place between the S2 and S3 states, increasing
the number of bridging oxo groups by two. The
structurally characterized “butterfly” and distorted-
cubane (Mn4O3Cl) structures provide the basis for
this mechanism. Two water molecules are proposed
to bind in the S2 state.71,72 The observed oxidation-
induced incorporation of oxide anion (from water) into
the Mn4O2 butterfly to give the Mn4O3(O2CR) cubane-
like core70 has led to a new mechanistic proposal. The
cubane-like core is derived from the trigonal Mn4O3-
Cl core by replacement of the triply bridging µ-Cl-
by a carboxylate bridge between the three Mn(III)
ions, as shown in Figure 4c (top right insert). In the
new proposal (Figure 4c), all S states are represented
by a cubane-like Mn4O3 core. Especially the proposed
S2 state is similar to the model complex described
above, with the exception that the carboxylate bridge
is replaced by a hydrogen-bonded water molecule-
µ-oxide (µ-O‚‚‚H-O-H) group. The O-O-bond for-
mation takes place between a terminal and a bridg-
ing oxo group. This chemical difference between the
oxo groups could also explain the different exchange
rates for the two substrate water molecules in PSII,
although there is very limited exchange data on
model oxo’s to support this hypothesis.
In 1993, Proserpio et al. proposed a model for

photosynthetic oxygen evolution, based on a “hybrid”
of the Berkeley “dimer-of-dimers” model and an
experimental structure of a Mn(II,3III) tetramer
(Figure 5).73 The tetranuclear unit of the experimen-
tal structure shows a unique hydrogen-bonded µ4-O-
H-O unit with the two oxygens at a distance of 2.42
Å. The complex exhibits catalase activity much like
the S0 state of PSII in the dark and has the same
oxidation states (II, 3III) as proposed for the S0 state
of PSII. Initial speculation that an O-O bond could
form by coupling the µ4-O-H-O group after depro-
tonation was dismissed in this work,74 because the
resulting peroxo complex would have a nonequilib-
rium structure on the basis of force field calculations.4
In the proposed model, dioxygen formation takes
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Figure 4. (a) model cycle for water oxidation proposed by Brudvig and Crabtree.2 (b) Model cycle for water oxidation
proposed by Vincent and Christou.3 (c) Modified model by Christou et al. The structure of an experimentally characterized
cubane-like core is shown in the top right insert. (Figure kindly provided by Prof. Christou.)
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place in two two-electron steps with bound peroxide
as an intermediate, as depicted in Figure 5. The µ4-
O-H-O group plays no direct role in O-O bond
formation, other than to provide an interaction
pathway between the two Mn2O dimers needed for
charge delocalization. Deprotonation of terminal
aquo ligands leads to O-O coupling and eventually
release of dioxygen from one dimer of the tetramer.
Here again, symmetrical terminal oxos are involved
in O-O bond formation, a feature inconsistent with
the very different water exchange rates for the two
oxo atom precursors of the WOC.

IV. Thermodynamics of Water Oxidation
A. Concentration-Independent Configuration
Potentials
The oxidation of water to molecular oxygen (eq 1)

involves the transfer of four electrons from water to
an oxidant, coupled with the release of four protons.

2H2O f O2 + 4H+ + 4e- (1)
Conceptually, this process can occur as a concerted

four-electron reaction, or in multiple steps of one to
three electrons with the formation of stabilized
intermediates that are bound to the catalyst. These
are the hydroxyl radical, peroxide, and superoxide
radical. The intermediates would in turn be further
oxidized to molecular oxygen. Figure 6 plots the
relevant redox potentials as a function of pH in
aqueous solution together with the potentials of two
common oxidants, Fe(bpy)33+ and Ru(bpy)33+. A few
general points can be made from this picture. The
OH radical is the highest energy species, and all
other species in the diagram can be created from it
by spontaneous disproportionation and reduction
reactions. The four-electron reduction of dioxygen to
water has the smallest thermodynamic driving force.
Therefore, the reverse reaction, the four-electron

oxidation of water, should have the lowest thermo-
dynamic barrier. However, this picture of standard
reduction potentials is misleading in several aspects.
As Krishtalik pointed out,75 the low oxidation

potential of water at pH 7 is mainly due to the
favorable free energy of mixing of final products
(mainly H+) in the solution (where [H+] ) 10-7 M).
However, there is no bulk water present in the active
site of PSII and the pH as well as pK values therein
are not known. Therefore, it is better to consider the
configurational potentials, which are independent of
concentration (and therefore of pH) and only include
the change in free energy in the elementary step.5
This is illustrated in Figure 7, showing the change
in free energy for a single elementary reaction (solid
line) and the accompanying free energy changes for
mixing of the reactants and products in the bulk
solution. The minima in the free energy curves do
not correspond to the energy levels of reactants (i)
and products (f) in solution. The energy differences
∆Gmi and ∆Gmf arise from the dilution of the reac-
tants (i) and products (f) in the solution, respectively.
The configurational free energy change for the el-
ementary reaction, ∆Gc, is obtained as follows:

[x being the molar fractions of reactants (i) and
products (f).] The corresponding elementary redox
potentials, Ec ) ∆Gc/nF), are listed in Table 3 for
various oxidation reactions.

Figure 5. Model for the oxidation of water by the WOC
based on Hückel calculations.4

Figure 6. The pH dependence of the standard reduction
potentials for oxygen and its reduced forms. As a reference,
the potentials of two standard oxidants (Ru(bpy)33+ and Fe-
(bpy)33+) are included.

Figure 7. The free energy change during the course of a
chemical reaction (solid line) as the basis for the definition
of the configurational potentials. The free energy of the
reactants (i) and products (f) differ from the value in
solution by the free energy of solvation.5

∆Gc ) ∆G° + ∑RT ln xi° + ∑RT ln xf° (2)
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Here, the four-electron oxidation of water has a
potential of 1.4 V, which is considerably higher than
the primary oxidant for the Mn cluster in photosyn-
thesis, tyrosine Yz, with a potential estimated to be
1.1 V. How then can photosystem II oxidize water?
One could argue that the elementary step could well
be uphill and that the favorable energy for release
of O2, electrons, and protons into solution (or else-
where) is used to drive this step. Calculation of the
fastest reaction time for the elementary step alone
using the Eyring equation,

with κ ) 1 and assuming the energy barrier to be
(1.4 V - 1.1 V) × 4 V ) 1.2 V (this energy is the
difference between the configurational potential for
the four-electron oxidation of water and the potential
of Yz

+), yields 107 s for the reaction time (which gives
1/k, and therefore k ) 10-7 s-1).5 This is quite
unrealistic, since the rate-limiting step in photosyn-
thesis (S3 f S0 + O2) was determined to have a
reaction time of 10-3 s (k ) 103 s-1).76
One factor which can reduce the potential required

for water oxidation considerably is binding of the
released protons by bases with pK > 7 (ref 5). There
are, in principle, two ways to incorporate this con-
cept: either one raises the energy of the reactants
by oxidizing OH- instead of H2O (substrate depro-
tonation prior to oxidation) or the released protons
must bind to a good base, which lowers the energy
of the reaction products. Table 3 shows that using
OH- instead of H2O as the reactant lowers the
configurational potential to 1.14 and 0.88 V, substi-
tuting one or two OH- for water molecules, respec-
tively. On the other hand, to ensure a high local
concentration of OH- in the active site, these should
be bound to Mn or Ca ions or other cationic protein
residues. Another method of lowering the potential
is to incorporate external bases (B, located in the
active site) other than water in the reaction, accord-
ing to the equation

The change in the free energy arising from proto-
nation of B instead of water can be obtained from eq
4.25

This equation is obtained from the thermodynamic
cycle for the ionization and proton transfer reactions
shown in Scheme 2.

∆G°H+ (113.3 kcal/mol, pH ) 0) is the limiting free
energy change for the reaction at low pH where B is
completely protonated and water is the only available
proton acceptor. For one pH unit above the pKA(BH+)
(acid dissociation constant) of base B eq 4 predicts
∆Gobs will change by -1.0 kcal/mol at T ) 300 K. An
equal increase of opposite sign in ∆G occurs upon
shifting the pH one unit below the pKA. The corre-
sponding configurational free energy change ∆Gobs(c)
is obtained by using eq 2.
Bases of high pKA(BH+) that are in rapid exchange

with the solution at neutral pH will be mostly
protonated and not available for proton binding. One
attractive way to circumvent this potential problem
is to use the increase in ligand basicity upon reduc-
tion of the metal cluster during water oxidation.
Metal ligands could then serve as bases to bind
protons that are released during water oxidation. In
particular, water in the coordination sphere of aquo
Mn(III) has a pK of about 0, so one water molecule
would be deprotonated under physiological pH. Upon
reduction to Mn(II), the pK would rise to about 10.5
and the deprotonated water ligand could serve as an
effective base, driving the overall reaction via these
proton-coupled electron transfer steps. Using eq 4
and this ∆pKA of 10.5, the contribution to the free
energy change arising from this proton transfer
reaction is ∆(∆G) ) 4.81 kcal/mol (similar arguments
would hold for Mn-bound His residues). Thus, by
coupling proton release and binding of these protons
by a good base to the oxidation reaction of water it
is possible to drive the intrinsically unfavorable
oxidation process.
The sequential 2 × 2e- pathway via peroxide has

a higher oxidation potential for the initial step by 534
mV, compared to the concerted 4e- pathway (Figure
6). This difference could be compensated (in part)
by stronger binding of the intermediate peroxide
relative to two water molecules.5 However, this
binding energy must be lost in the next two-electron
step, otherwise tight binding of the O2 product would
have to be assumed. Tight binding would lead to
slow O2 release and slow down the catalytic cycle.
The rate-limiting step of photosynthetic dioxygen
evolution is the S3 f S0 + O2 step, with a rate
constant of about 103 s-1. This relatively slow rate
would allow for such an uphill step. On the other
hand, the measured activation barrier from the

Table 3. Measured Standard Reduction Potentials in
Aqueous Solution (pH ) 0) and Calculated
Configurational Potentials for the Elementary
Reactions Assuming Ideal Entropies of Mixing5,22

reaction standard E0 config Ec

Four-Electron Reactions
2H2O f O2 + 4H+ + 4e- 1.229 1.401
OH- + H2O f O2 + 3H+ + 4e- 1.022 1.142
2OH- f O2 + 2H+ + 4e- 0.815 0.884
4OH- f O2 + 2H2O + 4e- 0.401 0.367

Two-Electron Reactions
2H2O f H2O2 + 2H+ + 2e- 1.776 1.931
2OH- f H2O2 + 2e- 0.948 0.896
H2O2 f O2 + 2H+ + 2e- 0.682 0.870
H2O2 + 2OH- f O2 + 2H2O + 2e- -0.146 -0.163

One-Electron Reactions
H2O f OH + H+ + e- 2.848 3.225
OH- f OH + e- 2.020 2.191
H2O2 f HO2 + H+ + e- 1.495 1.598
H2O2 + OH- f HO2 + H2O + e- 0.667 0.564
HO2 f O2 + H+ + e- -0.130 0.144
HO2 + OH- f O2 + H2O + e- -0.958 -0.890

k )
kBT
h
κ exp

-∆Gc
q

RT

2H2O + 4B f O2 + 4BH+ + 4e- (3)

Scheme 2. Scheme for the Thermodynamic
Analysis of Water Oxidation and the Involved
Proton-Transfer Steps25

∆Gobs ) ∆G°H+ - RT ln[1 + 10(pH-pKB)] (4)
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temperature dependence of the S3 f S4 f S0 reaction
is only 20 kJ/mol (T > 279 K), indicating that a large
binding energy for O2 is not present.
In a hypothetical, sequential 2e-/2e- oxidation

scheme, the first reaction, 2H2O f H2O2 + 2H+ +
2e-, has a configurational potential of Ec ) 1.931 V.
In order to reduce the potential of this reaction to
that of Yz at 1.1 V, the reaction product H2O2 is
assumed to be stabilized by binding to the Mn site
with a binding energy of 0.83 V (Figure 8). This
would in turn raise the potential for the second
reaction H2O2 f O2 + 2H+ + 2e- (with released
dioxygen) from Ec ) 0.870 to 1.7 V. Allowing the
dioxygen to be stabilized by 0.6 eV binding energy
reduces the potential to 1.1 V. The release of
dioxygen would then be uphill by 0.6 eV. In any case,
the net energy difference between free reactants
(H2O) and free product (O2) will always be the same
and is determined by their free energies.

1H f 2H isotopic analysis of the water oxidation
reaction should provide important clues about the
involvment of O-H bond cleavage in the rate-limiting
step. However, an early study of the dependence of
the kinetics of the various S state transitions on
deuterium isotope substitution of water revealed only
small effects.77

B. Predictions from Electronic Structure
Calculations
The extended Hückel method has been used to

calculate the relative energies of intermediates that
might form during oxidation of water bound to µ-oxo
bridged binuclear and tetranuclear Mn clusters of
known geometry.74 This approach does not offer a
critical evaluation of the likely mechanism, it only
compares the energetics along preselected reaction
coordinates. Although the absolute values of energy
differences in such calculations are questionable,
some comparative conclusions could be drawn. As-
suming equal O-O bond lengths, the formation of
in-plane coordinated peroxide (type I, Figure 9) is
predicted to be favored over the formation of out-of-
plane (type II, Figure 9) coordinated peroxide, largely
due to the stronger Mn-O π bonding permitted for
the planar vs bent Mn2O2 rhombus. As Nishida
pointed out,78 type I coordination is predicted to lead
principally to formation of singlet dioxygen product
owing to ligand-to-metal charge transfer (Figure 9).
Type II coordination, in contrast, leads to triplet
(ground state) dioxygen. The additional energy

required for singlet dioxygen formation is about 1 eV
and should contribute to the barrier for dioxygen
formation at type I centers. This may be compen-
sated for in part if stronger binding occurs to Mn for
type I vs type II coordination. An additional advan-
tage for tetranuclear catalytic sites over binuclear
sites was found to be a lower activation barrier to
O-O bond formation due to greater charge delocal-
ization.
The computational method was refined in a later

study by Proserpio et al.,4 adding a force-field calcu-
lation to optimize the geometries. For two different
peroxo-bridged tetranuclear Mn clusters, a con-
strained minimization starting with type II (µ-η1,η1)
peroxide coordination yielded a torsion angle of ∼58°.
The resulting activation barrier for O-O bond forma-
tion came out essentially equal to the previous study
using an unrelaxed symmetrical type I (µ-η2,η2)
coordinated peroxide (D2h geometry) but about 1 eV
lower than in (µ-η1,η1) (C2v) geometry. Terminal
rather than bridging hydroxo groups are used to form
the O-O bond in the proposed mechanism, because
the geometries suggested in the prior study (µ-η2,η2)
(C2v, D2h) do not represent minimum energy struc-
tures according to the force-field calculation.
In conclusion, calculations suggest that oxidation

of water to peroxide bound to four metal centers
seems to decrease the energy barrier relative to
coordination to a binuclear center, as might have
been anticipated on the basis of elementary consid-
erations of resonance interactions. The second step,
oxidation of peroxide to dioxygen also is calculated
to be easier in tetranuclear vs binuclear clusters, for
the same reasoning.

V. Kinetics of Photosynthetic Water Oxidation
Thermodynamics tells one which reaction path-

ways are possible from an energetic standpoint. But
exergonic reactions do not necessarily proceed at

Figure 8. Hypothetical 2e-/2e- pathway for water oxida-
tion. By stabilizing the intermediate (H2O2) by 0.83 eV and
the product (O2) by 0.6 eV by binding of the respective
species to the Mn cluster, the potential for both oxidation
steps can be reduced to the value of the couple Yz/Yz

+. The
release of O2 would be endergonic by 0.6 eV/molecule.

Figure 9. Two possible coordination modes of peroxide to
a binuclear Mn complex: type I (in-plane) and type II (out-
of-plane) coordination. Peroxide-to-metal charge transfer
leads to the formation of singlet and triplet oxygen from
type I and type II coordination, respectively.
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observable rates. The importance of kinetic limita-
tions against oxidation of water are found, for ex-
ample, with Ce(IV) or MnO4

- ions, which are both
thermodynamically capable of oxidizing water in
aqueous solutions, yet are, practically speaking,
oxidatively inert owing to large activation barriers.
Since it is the purpose of the catalyst to lower this
barrier, it is instructive to look at the main contribu-
tions to the activation energy and how a catalyst
could lower these.
There are two main contributions to the activation

barrier.66,75,79 The first is the energy of mutual
approach of the oxygen atoms to form an O-O bond.
The bond lengths of O2 (0.121 nm) and H2O2 (0.145
nm) are considerably shorter than the sum of the van
der Waals radii of two oxygen atoms (0.28 nm). The
repulsion between the two oxygen atoms can be
reduced by charge transfer from oxygen to metal ions
in high oxidation states. Good examples are provided
by bridging and terminal oxo groups (M-O-M,
MdO) with both σ- and π-electron donation into
empty or partially filled metal d-orbitals that lower
the charge on oxygen. The only two structurally
characterized homogeneous water-oxidation catalysts
(vide infra) are known to form MdO bonds in their
highest oxidation states. Thus, the metallo-oxene
group seems to be a key feature for lowering the
activation energy for O-O bond formation. However,
as the example of [(bpy)2RuVI(O)2]2+ and [(bpy)2RuIV-
(py)(O)]2+ shows (vide infra), the presence of metallo-
oxene groups and a sufficient redox potential alone
are not sufficient to fulfill the requirements for the
oxidation of water. One could thus speculate that
bridging oxo groups are important as well. On the
other hand, there is no evidence for the involvement
of the bridging oxo group in water oxidation by
binuclear Ru-O-Ru complexes.
The second main contribution to the activation

barrier to O-O bond formation is the reorganization
energy of electron transfer, whichsaccording to
Marcusscan be divided into an inner sphere (change
of bond lengths and angles) and an outer sphere part
[change in polarization of the surrounding medium
(solvent or protein)]. The fact that the outer sphere
part is proportional to the square of the transferred
charge80 contributes to the unfavorability of the four-
electron oxidation of water.
The outer sphere reorganization energy can be

minimized by performing the electron transfer step
in a medium with lower dielectric constant than
water, i.e., a hydrophobic protein environment. The
inner sphere part of the energy can be reduced by
delocalization of charge by choice of large atomic radii
or a multicenter catalyst.66 A distorted nonequilib-
rium structure of the oxidized metal cluster, preor-
ganized for O-O bond formation, a so-called “entactic
state”, would also offer a means for lowering the
activation barrier.
In conclusion, stepwise electron transfer steps

should have lower activation barriers than multi-
electron transfer steps (assuming equal thermody-
namic barriers!), and coupled proton-electron trans-
fer steps which produce the least degree of charge
separation are even more favored. The kinetic and
thermodynamic feasibility of the oxidation of water

to dioxygen therefore shows opposite trends. There-
fore, as Krishtalik pointed out,79 a 2e-/2e- pathway
or a 2e-/1e-/1e- pathway represent compromises
between thermodynamic and kinetic constraints and
hence could be favored over the thermodynamically
most favored 4e- pathway.

VI. Mn−Oxo Clusters and Other Metal −Hydroxo
Clusters as Catalysts 27

MnO2(s) and Mn2O3(s) are Mn(IV) and Mn(III)
network polymers having the rutile structure and
either the spinel structure (γ-type) or a structure with
distorted hexacoordinated Mn (R-type), respectively.
These materials are not active as water-oxidation
catalysts without disruption of the solid structures
as in colloids or freshly precipitated (hydrated)
manganese (hydr)oxides. The reduction potentials of
the oxides to form Mn(II) are 0.6 and 0.2 V, respec-
tively, which are insufficient for water oxidation. This
illustrates the strong stabilizing influence of oxide
ligands and why the photosynthetic WOC must
exclude access of too much water.
Shilov’s group has shown since 1968 that colloidal

MnO2(s) catalyzes the oxidation of water to dioxygen
in the presence of strong oxidants like Ce(IV), per-
manganate, Ru(bpy)33+ and Fe(bpy)33+ (ref 81). They
have also shown that incorporation of Mn ions into
phospholipid membranes leads to higher catalytic
activities.6,82 The catalyst was prepared by ultrasonic
dispersion of dipalmitoylphosphatidylcholine in the
presence of MnCl2. It was found that Mn(II) was air-
oxidized to Mn(III), which was tightly adsorbed on
the lipid surface. Addition of 1 equiv of oxidant led
to oxidation to Mn(IV) without oxidation of water.
After further addition of oxidant, dioxygen evolved
with higher yield than in heterogeneous suspensions
of MnO2. The involvement of Mn(V) intermediates
in the catalytic reaction was therefore proposed.
When Ru(bpy)33+ was used as the oxidant, the di-
oxygen yield approached 65% based on the oxidant.
An additional 20% was presumably consumed in the
oxidation of Mn(III) to Mn(IV). A photocatalytic
system was formed with Ru(bpy)32+ as the photosen-
sitizer and manganese(IV) pyrophosphate as the
electron acceptor (Figure 10). The quantum yield for
dioxygen production at neutral pH (Φ ) 0.18) ap-

Figure 10. Catalytic system for the oxidation of water by
Mn-oxo clusters, incorporated into phospholipid vesicles.6
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proaches that of the formation of Ru(bpy)33+ in the
absence of the catalyst (Φ ) 0.25). The dioxygen
yield was 30% based on reduction of the electron
acceptor manganese(IV) pyrophosphate.
The authors stressed the implications of these

experiments on the mechanism of the evolution of the
water-oxidation catalyst in Nature.83 In comparative
studies using low oxidation state 3d metal salts, it
was shown that Mn was the most effective catalyst
in water oxidation in the vesicular system. Moreover,
in contrast to Mn(IV) clusters, RuO2 oxidizes the
lipids rather than water in this system.
The cluster size was proposed to be further reduced

by using cyclodextrins as a stabilizer for Mn-oxo
clusters.84 The catalysts were prepared by ultrasonic
dispersion of cyclodextrins in the presence of Mn(II)
salts. The dioxygen yield using Ru(bpy)33+ as the
oxidant approached 80% and was strongly dependent
on the pH, peaking at pH 7. A redox-active diman-
ganese(II,II)-â-cyclodextrin complex has been previ-
ously characterized in solution.85
In other experiments86,87 Mn(III) and Co(III) com-

plexes were hydrolyzed in the presence of polyvinyl
alcohol or starch as stabilizers for preparing colloidal
solutions of metal hydroxides and were used as water
oxidation catalysts. The reactivity of analogously
prepared samples varied significantly, indicating the
poor reproducibility of these experiments.
These studies suggested an increased activity of

metal hydroxo clusters as catalysts for water oxida-
tion with decreasing cluster size. In none of the
experiments could the cluster size be determined
reliably.

VII. Water Oxidation by Discrete Manganese
Complexes
Although manganese is the essential cofactor that

Nature employs for the catalytic oxidation of water
in photosystem II, there are only a few reports of
synthetic manganese compounds which are able to
catalyze this reaction. Moreover, most of them act
in a noncatalytic fashion, and those which do act cat-
alytically are most often structurally undefined sol-
ids. However, knowledge of those compounds which
do perform the reaction in some way might help in
pointing out some common features which must be
included in the strategy to synthesize more well-
defined and more effective catalysts in the future.
It was recognized back in 191388 that aqueous

permanganate liberates dioxygen upon irradiation in
aqueous solution. A detailed study in 1955 by
Zimmerman41 attempted to reveal the mechanism of
this reaction by measuring its dependence on the
wavelength of the incident light, pH (6.8-13), tem-
perature, and the isotopic composition of the medium.
The results showed that mainly the UV absorption
band around 310 nm is active in the photodecompo-
sition reaction. Isotopic labeling of the solvent water
showed that both oxygen atoms come from perman-
ganate. A mechanism could not be deduced from the
data. A more recent study was conducted by Lee et
al.7 The reaction proceeds by direct formation of
MnO2

- and O2 as the reaction products at acidic pH.
At neutral or basic pH, MnO2 and MnO4

2- are
formed, respectively, besides O2, by subsequent reac-

tion of the initial reaction product MnO2
-. Addition

of an oxidizable substrate (like acetone) to the pho-
tolyzed permanganate solution produced an interest-
ing result: the rate of decomposition of permanga-
nate increases while the dioxygen yield decreases.
This was interpreted by the mechanism shown in
Scheme 3. It was concluded that a long-lived inter-
mediate (I) exists, which is common to both reactions,
dioxygen evolution and substrate oxidation. By ad-
dition of an oxidizable substrate, the intermediate is
trapped, thus reducing the dioxygen yield while
accelerating permanganate decomposition. In anal-
ogy with other metal-peroxo complexes, the inter-
mediate was proposed to be the manganate(V)-
peroxo species shown in Figure 11. Its long lifetime
was explained by proposing a high activation barrier
to the symmetry-forbidden (Woodward-Hoffman
rules) thermal back-reaction to permanganate. Pho-
toexcitation in the 310 nm band system and the
visible band system are assigned to O(σ) f Mn(dz2)
LMCT and O(π) f Mn(dz2) LMCT one-electron charge
transfer transitions, both yielding 1B2 excited states.
These correlate smoothly with corresponding states
in the lower C2v symmetry of the proposed intermedi-
ate. Direct or thermally assisted vibronic coupling,
respectively, was proposed to enable transfer of the
remaining electron from the same ligand orbital to
the Mn ion, yielding Mn(V) and peroxo. Because this
corresponds to a two-electron excited state of the
same symmetry as the ground 1A1 state, an avoided
crossing occurs. This provides an explanation for
both a long-lived intermediate in the photochemical
mechanism and the high thermal barrier to decom-
position in the ground state.
One of the best studied dimanganese complexes is

[(bpy)2MnIII(µ-O)2MnIV(bpy)2]3+. Its functionality as
a water-oxidation catalyst was studied as well. The
redox potential of [MnIV2L4(O)2]4+ + e- T[MnIII-
MnIVL4(O)2]3+ (L ) bpy, phen) is sufficient to oxidize
water to dioxygen via a four-electron reaction. The
oxidation of water was not observed in homogeneous
aqueous solution with Ce(IV) added as an oxidizer.89
However, when solid material was present in a
saturated solution or the complex was absorbed into
kaolin clay,90 dioxygen evolved from the solid with
low yield. Isotopic labeling of the solvent water
showed that indeed water was oxidized. The decom-
position product after completion of the reaction was
identified as MnO4

- by its UV spectrum. When the
complexes were incorporated into a Nafion film coat-
ing a BPG (basal plane graphite) electrode, higher

Figure 11. Possible formation of a Mn(V)-peroxo species
as an intermediate in permanganate photodecomposition.7

Scheme 3. Pathways for the Photochemical
Decomposition of Permanganate7
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cathodic currents were recorded.91 The manganese
complexes were obviously acting as redox mediators.
Similar behavior was observed with a Schiff base

complex. When (NH4)2Ce(SO4)3 is added to a satu-
rated aqueous solution of the complex [Mn(salen)-
(H2O)]2(ClO4)2, a brown precipitate forms and diox-
ygen evolves from this precipitate.92 The evolved gas
was analyzed by GC to consist of both O2 and N2, the
latter presumably by oxidation of NH4

+. The turn-
over number was 10-13 for O2/N2 evolution. Ab-
sorbing the complex on kaolin clay or incorporating
it into a Nafion-coated electrode yields similar results
as seen with the bpy dimer (vide supra). These
results suggest that the observed behavior of the
complexes is independent of the starting material.
The catalytic activity is, much like above, most likely
attributable to an oxidized hydrolysis product of the
complexes, rather than the complexes themselves.
The photochemistry of the above Mn-bpy dimers

was investigated by Otsuji et al.93 The (III,IV)
oxidation state of the complexes is thermodynami-
cally not able to oxidize water. Upon irradiation in
acidic solution (H2SO4, H3PO4; [H+] ∼ 0.05-0.5 M)
with light of the wavelength 300 nm < λ < 320 nm,
H2O2 was detected by polarographic measurements
together with formation of Mn(II). The initial forma-
tion of hydroxyl radicals by photoreduction of the
(III,IV) to the (III,III) complex was proposed, since
addition of phenylacetic acid led to the formation of
benzyl alcohol. The hydroxyl radicals could dimerize
to form H2O2. However, recent results indicate that
the observed photochemistry is not attributable to the
Mn-bpy (III,IV) dimer. It is known that the Mn-
bpy dimer disproportionates rapidly at low pH upon
protonation of the µ-oxo group (pK ) 2.3 (ref 94)) and
products of higher nuclearity form in strongly acidic
solution.95,96 In H3PO4, a Mn(IV,IV) dimer is formed
by disproportionation and stabilized by phosphate.97
The observed photochemistry is still interesting and
it would be worth knowing what the reactive species
is and how the reaction proceeds mechanistically.
Boucher and Coe reported in 19758 that hydrogen

peroxide was produced [detected by using an iron-
(II) thiocyanate solution] when HClO4 was added in
stoichiometric amounts to solutions of the Mn(IV)
Schiff base dimer [MnIV2(BuSalen)2(O)2]‚H2O in ace-
tone at 0 °C. [There is no evidence that the complex
remains dimeric in acetone solution.] The complex
was converted in 62% yield to the Mn(III) monomer
[Mn(BuSalen)(H2O)]ClO4 from which the dimer was
initially synthesized by air oxidation in chloroform
solution (Figure 12). The authors proposed that the
doubly protonated MnIV2-bis-µ-hydroxo complex is
an intermediate in the reaction. Interestingly, the
reaction sequence leads formally to the following
equation

which would be the catalytic oxidation of water to
H2O2, using dioxygen.
This report provided the first evidence for the

formation of H2O2, presumably by coupling of bridg-
ing oxos in a Mn dimer. However, since the chemical
detection method for peroxide is rather unspecific (all

species which oxidize the Fe(II) complex are de-
tected), the actual presence of peroxide might be
doubtful. Moreover, dioxygen evolution could not be
detected. This is surprising since Pecoraro later
found catalase activity for a similar Mn(IV) dimer
with salpn as the ligand.26 Thus, excess Mn(IV)
dimer should have dismutated the peroxide product
to yield dioxygen.
The reverse reaction, the reduction of dioxygen to

H2O2, was observed by Kitajima et al.98 It was
observed that [MnII2(OH)2L2] [L ) HB(3,5-iPr2pz)3;
see Figure 13] is oxidized by air to a mixture of
[MnIII2(O)2L2] and [MnIII2(O)L′2] where L′ is the ligand
L with one i-Pr group hydroxlyated at C-2. For the
latter species, isotopic labeling proved that both
hydroxyl groups on the ligand came from O2, while
the µ-O groups are retained from the starting com-
plex. This led to a proposed reaction scheme with a
µ-peroxo complex as the common intermediate that
could decompose by either of the two competing
pathways (Figure 13). The novel feature of the
peroxide elimination pathway is that the reverse
reaction utilizes the MnIII2(µ-O)2 core as both an
oxidant and as proton acceptor for conversion of
peroxide to O2. This is a clear example of the
coupling of proton and electron transfer steps.
Mn(IV) Schiff base monomers were found to oxidize

water to molecular oxygen in acetonitrile/water solu-
tion.10,11 The formulation of the complexes as trans-
MnIVL2Cl2 (L ) N-alkyl-3-nitrosalicylimide) (Figure
14) was supported by elemental analysis, magnetic
susceptibility, IR, and UV-vis spectral data. Cyclic
voltammetry in acetonitrile showed two reduction
waves at 0.96-1.04 V and 0-0.28 V, varying with
the alkyl residue.
Dioxygen evolution was monitored by an oxygen

electrode as well as with pyrogallol solution. A
maximum of 0.27 mol of O2 per mol of complex was
detected at neutral pH (phosphate buffer) which is
about 50% of what is expected by the equation shown
below. Two chloride ions were released per Mn
complex as determined by titration with AgNO3. The
reaction product was isolated and identified as
MnIIL2(H2O)2 (L ) N-propyl-3-nitrosalicylimide) by
its elemental analysis, electronic and IR spectra, and
magnetic susceptibility. Thus the reaction can be
formulated as

2H+ + 2OH- + 1/2O2 f H2O2 + H2O (5)

Figure 12. The synthesis and decomposition of a Mn(IV)
Schiff base dimer leads formally to the oxidation of water
to hydrogen peroxide with oxygen.8
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Even though the Mn(IV) complexes are mono-
nuclear, a binuclear step in the mechanism can be
anticipated, since the overall reaction involves the
transfer of four electrons. The O-O bond formation
could be either inter- or intramolecular with a bound
η1,η1-peroxide as an intermediate in the latter case.
The reactivity of the complexes decreased with the
length of the alkyl chain attached to the imine
nitrogen. Using 18O-labeled water showed that in-
deed water was oxidized. This reaction suggests that
chloride, a functionally required anion for photosyn-
thetic water oxidation, can serve to maintain a high
oxidation potential of the Mn(IV) ions, so that upon
exchange with water ligands intramolecular oxida-
tion of water and reduction of Mn(IV) can proceed.
This theme has been previously supported by elec-
trochemical studies.99
Ashmawy and co-workers observed dioxygen evolu-

tion from Mn(III) Schiff base complexes of the type
{[MnIIIL(H2O)]2}2+ (L ) salen [(CH2)2], salpd (saltm)
[(CH2)3], salbd [(CH2)4], salpn [(CH2CHMe)], salphen
[o-C6H4], 3,5-dichloro-salen) upon irradiation in the
presence of quinones in aqueous or ethanol solu-
tion.100-102 A precipitate formed during the noncata-
lytic reaction. The solid state structures of the
complexes were shown to be dimeric (crystal struc-
tures) for [Mn(3,5-diclorosalen)(H2O)2]2(ClO4)2102 and

[Mn(salen)(H2O)]2(ClO4)103 with bridging water mol-
ecules only in the former case and a semibridging
phenoxy group in the latter. This contradicts the
proposition by the authors that the dioxygen might
stem from bridging water molecules. While the
complexes are monomeric in acetone, conductivity
measurements indicated a monomer in equilibrium
with a aquo-bridged dimer in aqueous solution. The
wavelength dependence of the reaction rate shows a
maximum for photolysis in the 450-600 nm region,
where the quinone does not absorb. Interestingly,
all complexes which showed photolytic activity had
an absorption band at 590 nm and the complex with
the highest extinction coefficient for this band, [Mn-
(saltm)(H2O)]+, showed the highest activity. Re-
cently, another Mn Schiff, base dimer with a covalent
dinuclating ligand was reported to exhibit photolytic
activity for dioxygen evolution12 (Figure 15). This
compound seems to have rather different geometry
than the dimers shown above. This shows that the
photolytic activity is rather structure unspecific.
Recently, the first structurally characterized and

truly catalytic manganese water oxidation catalyst
was reported.13 It was shown that a o-phenylene-
bridged Mn(III)-phorphyrin dimer (Figure 16) is
capable of catalyzing the electrochemical oxidation
of water at potentials above 1.2 V (vs Ag/Ag+) in a
mixed acetonitrile/water (95/5) solvent containing
n-Bu4NOH as the supporting electrolyte. The Fara-
daic efficiency was 5-17% in the range of 1.2 to 2 V

Figure 13. Proposed reduction of oxygen to hydrogen peroxide and observed hydroxylation of the ligand with a dimanganese
complex.9

Figure 14. Proposed structure of the complex trans-
MnIVL2Cl2 (L ) N-alkyl-3-nitrosalicylimide) implicated in
water oxidation.10,11

2MnIVL2Cl2 + 4H2O f 2MnIIL2(H2O)2 +

O2 + 4H+ + 4Cl- (6)

Figure 15. Proposed structure of a Mn Schiff base dimer
implicated in photolytic water oxidation.12
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anodic potential. The turnover number for the most
active species was 9.2, the rate of dioxygen evolution
being first-order with respect to the complex (maxi-
mum rate ) 0.11 [cat.] min-1 at 2.0 V). When
isotopically labeled water was used, the evolved
dioxygen had the expected statistical isotope distri-
bution, showing that the dioxygen stems from solvent
water. The complexes showed no catalase activity,
and free H2O2 was not produced during the reaction.
The number of electrons involved in the reaction was
determined with a rotating disk electrode to be 3.7.
Thus, a four-electron mechanism seems likely, al-
though there is no proof of the mechanism. It can
be speculated that Mn(V)dO groups are intermedi-
ates in the reaction. Two pathways, either direct
coupling of neighboring manganoyl-oxo groups or
solvent attack on one MndO group and oxidation of
the resulting peroxointermediate, can be envisioned.
Further studies are needed to confirm either of these
possibilities.
An interesting class of heterogeneous catalysts was

introduced recently.14 The silsesquioxanes, synthe-
sized from phenyltrichlorosilan by hydrolysis, contain
a 12-membered ring of Si and O atoms. The corre-
sponding hexasodium salt reacts with various transi-
tion metal chlorides to give “sandwiched” hexanu-
clear ring structures with the metal ions being ligated
by four µ2-siloxy groups forming a ring of three
dimers of the type (M(µ-OR)2M(µ-OR)2)3. A terminal
water ligand on each metal ion and a µ6-chloride ion
in the center of the structure complete the ligation
shells (Figure 17). Since these compounds are water-
insoluble, they were supported on soot (C), SiO2, or
γ-Al2O3. Oxidation of a suspension of these materials
with Ru(bpy)33+ led to evolution of dioxygen with the
Fe6 and Mn6 complexes. The yield of dioxygen, based
on the oxidant, varied between the different supports.
The highest yields were achieved on soot, with 55%
for the Fe6 and 17% for the Mn6 species.

VIII. Water Oxidation by the Ru Dimer
[(bpy) 2(H2O)RuORu(H2O)(bpy) 2]4+

A. Redox and Protonation Equilibria
There is an extensive chemistry developed for high

oxidation state Ru compounds containing polypyridyl
ligands. Mononuclear complexes like [(bpy)2RuII(py)-
(H2O)]2+ or [(bpy)2RuII(H2O)2]2+ can undergo revers-
ible two- and four-electron oxidations forming Ru(IV)
and Ru(VI), respectively. A variety of organic and
inorganic substrates can be oxidized with this sys-
tem.104 However, the demands for the four-electron
oxidation of water could not be met with these com-
plexes. The reasons for this are unclear. For the lat-
ter complex, bpy ligand dissociation leads to catalyst
degradation and loss of water oxidation capability.
In 1982, Meyer’s group reported the catalytic

oxidation of water and chloride with a binuclear Ru
complex [(bpy)2(H2O)RuORu(H2O)(bpy)2]4+ (1).105 The
stability of the catalyst, however, is limited to 10-
25 turnovers by oxidative degradation and water-
anion ligand exchange of the catalyst. Since then,
complex (1) and related compounds have been ex-
tensively studied in order to elucidate the mechanism
of water oxidation and increase the efficiency and
stability of the catalyst.
The crystal structure of (1) is shown in Figure 18.15

The two Ru(III) centers are approximately octahe-
drally coordinated. The Ru-O-Ru angle approaches
linear at 165.4°. The two aquo-ligands are straddled,
occupying gauche positions to each other with a
dihedral angle of 65.7°. Molecular mechanics calcu-
lations on the dimer, however, show that the barrier
for rotation around the Ru-O bonds is small, so that
the solution conformation should be dynamic.16
Compound (1) exhibits a rich redox chemistry,

coupled with acid-base equilibria of the aquo ligands.
The redox potentials are therefore pH-dependent.
These equilibria are summarized best in a plot of the
reduction potential vs pH or Pourbaix diagram,
shown in Figure 19.15,104 The pKa values of the aquo
ligands are indicated as vertical lines. They are 5.9

Figure 16. Structure of an o-phenylene-bridged Mn-
porphyrin dimer which was used as a electrocatalyst for
the oxidation of water. Reprinted from ref 13; copyright
1994 VCH.

Figure 17. Crystal structure of a Mn (or Fe) silsesquiox-
ane hexanuclear complex which is a heterogeneous catalyst
for the oxidation of water to oxygen. Reprinted from ref
14; copyright 1994 Elsevier.
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and 8.3 for the (III,III) and 0.4 and 3.3 for the (III,-
IV) forms, as determined by titration15 and confirmed
by resonance Raman studies.106 A few general fea-
tures can be extracted from Figure 19:
1. The one-electron oxidation of the (III,III) to the

(III,IV) species can be described by five distinct
reactions as a function of pH, according to the
number of protons taken up or released to solution.
Reactions with zero, one, or two protons have been
observed.
2. Further oxidation of the (III,IV) species can

occur either as a three-electron process or a two-
electron process, depending on the pH. In the latter
case another one-electron process at higher potential
leads to the (V,V) state. The (IV,IV) species is
apparently unstable over the whole pH range and is
not detected by electrochemical measurements (Ra-
maraj et al. claimed that the redox reactions for (1)
are (III,III) T (IV,IV) T (V,V), as seen by CV.
However, his evidence identifying the (IV,IV) species
is weak.)107 In addition, according to electrochemical
data of Gilbert et al., the (IV,V) form is unstable with
respect to disproportionation below pH 2.2. This was
later contradicted by Hurst et al. who showed RR and
EPR evidence for the formation of the (IV,V) state
at pH 1. The redox reactions can therefore be written
as:

(the proton transfer depends on the pH and is omitted
here).
3. The (V,V) state has the terminal aquo ligands

fully deprotonated at all pH (RudO). This was
confirmed by resonance Raman studies.106 However,
there is evidence that the bridging µ-oxo group might
get protonated in strong acids.108
Some of the oxidation steps in the cyclic voltam-

metry experiments were irreversible or quasi-revers-
ible due to complex electrode reaction kinetics and
water oxidation catalysis. The assignment of the
higher oxidation states, especially the (V,V) state,
could therefore not be confirmed by coulometry. It
is noteworthy that the occurrence of oxidations states
as high as (V,V) in the cyclic voltammogram of (1) is
only due to the fact that it is a sluggish catalyst for
the oxidation of water. Related Ru complexes which
show faster water-oxidation kinetics do not allow
detection of such high oxidation states (vide infra).
In addition to the metal-centered oxidation states

that were proposed on the basis of electrochemical
studies, EPR studies108 indicate that a ligand-based
oxidation state, involving a bipyridyl-centered radical
derived from (1) could be present in strongly acidic
solutions containing strong oxidants. The oxidation
of complex (1) with Ce4+ in 1 M triflic acid produced
a nearly isotropic g ) 1.95 signal of 40 G width which
persisted to temperatures as low as 5 K. In com-
parison with ligand radicals of Ru(bpy)3-/0/+, it was
tentatively assigned to a ligand π-radical of (1).
The aforementioned ligand oxidation is interesting,

because a similar effect occurs upon calcium deple-
tion of the WOC of PSII. An amino acid adjacent to
the tetra-Mn cluster is stably photo-oxidized on the
S2′ to S3′ transition, instead of transferring the
oxidizing equivalent to Mn. There is recent evidence
that the radical is YZ, the physiological electron
carrier between Mn and the special chlorophyll
P680.49,50
Knowledge of the redox potentials allows a ther-

modynamic analysis of the possible net reactions of
water oxidation by different oxidation states of the
dimer (1). Table 4 lists the driving force for several
net reactions for the (V,V) and (IV,V) oxidation states
at different pH values. The analysis shows that the
(V,V) form strongly favors oxidation of water to
dioxygen between pH 1 and 7 (eqs 1 and 2). Because
the (V,V) form can act as a four-electron oxidant,
dioxygen formation can be achieved, in principle, by
one (V,V) ion. The formation of free intermediates
like superoxide (eq 3) or hydroxyl (eq 4) radicals on
the other hand constitutes nonspontaneous thermo-
dynamically less favored reactions. The formation
of OH radicals can be excluded. However, the forma-
tion of HO2 or H2O2 as bound or free intermediates
is plausible, since it could be the slowest step,
followed by a fast subsequent oxidation to O2.15 A
calculation of the lower limit of the rate constant,
obtained by using the free energy change as the lower
limit to the activation barrier, reveals that a rate in
the seconds time scale for the water-oxidation reac-
tion could be achieved even if the mechanism were
to include such an uphill step. The (IV,V) form is

Figure 18. Crystal structure of [(bpy)2(H2O)RuIIIORuIII-
(H2O)(bpy)2]4+ reprinted from ref 15; copyright 1985 Ameri-
can Chemical Society.

Figure 19. Electrochemical potential vs pH diagram for
the Ru dimer (1). Reprinted from ref 15; copyright 1985
American Chemical Society.
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also thermodynamically capable of oxidizing water
to dioxygen, even at pH 7 (eq 5). However, two Ru
dimers are necessary for this reaction. This makes
mechanistic studies comparing the (V,V) and the
(IV,V) form interesting (vide infra). Again, formation
of free (or bound) intermediates like peroxide is less
favorable and constitutes an uphill reaction.

B. Isotope-Studies sSpeculative Mechanisms

The mechanism of water oxidation by complex (1)
was addressed by two isotopic labeling studies. Ge-
selowitz and Meyer109 found a ratio of 13% 18O2, 64%
18O16O, and 23% 16O2 when the terminal aquo ligands
were 18O-labeled in the (III,III) or (III,IV) complex
and then oxidized with 5 and 4 equiv of Ce(IV) in
0.1 M trifilic acid, respectively. Hurst et al.106
addressed the problem again using fully labeled (III,-
III) complex (oxo bridge + terminal aquo ligands) and
oxidizing with 5-6 equiv of Co(III) in 1 M triflic acid.
The dioxygen product contained roughly 50% 16O2,
with the remainder being 18O16O. In contrast to the
earlier study, there was no evidence for 18O2 forma-
tion. This might be a result of the differing reaction
conditions. On the other hand, even though the
isotopic composition of the dioxygen did not change
during the course of the reaction, fast isotopic scram-
bling cannot be excluded in either of these studies.
The results suggest that direct coupling of RudO
groups is unlikely, since it would lead primarily to
doubly labeled dioxygen. On the other hand, solvent
water attack on ruthenyl-oxo groups cannot be the
only mechanism operating, because this would lead
to singly labeled product. At least two separate
mechanisms must be operative in order to account
for the nonlabeled and mixed-labeled dioxygen. Oth-
erwise, the results are inconclusive; neither intramo-
lecular nor intermolecular processes could be elimi-
nated.
Early speculations invoked reductive elimination

of H2O2 or O2 from the adjacent ruthenyl-oxo groups
in the (V,V) oxidation state of the catalyst (Figure
20, top). This mechanism can be excluded on the
basis of the labeling studies, as well as by the fact
that asymmetric Ru dimers with one water ligand
substituted by pyridine can evolve dioxygen from a
(V,III) oxidation state110 (there is ambiguity because
it cannot be excluded that py is partially lost and

replaced by water during the reaction). In addition,
sterically constrained dimers using linked bpy-x-
bpy ligands (vide infra), where close approach of the
oxo groups is prohibited, also evolve O2 by water
oxidation. Dioxygen cannot be formed here through
coupling of adjacent terminal Ru-oxo groups.
Meyer104 proposed that the nonlabeled dioxygen

could be formed after attack of solvent water on an
initially formed dihydroozone intermediate, contain-
ing an (-HO-O-OH-) bridge (Figure 20, middle).
Hurst et al.106 accounted for the singly labeled
dioxygen by formation of a speculative peroxo inter-
mediate after solvent attack on a terminal Ru-oxo
group, while the nonlabeled dioxygen was proposed
to be formed from an intermediate formed by solvent
attack on two adjacent terminal Ru-oxo groups
(Figure 20, bottom).
The kinetics of water oxidation by complex (1) were

investigated with two different approaches. First,
the (IV,V) oxidation state was produced with a
stoichiometric amount of oxidant and the initial rate
of its decay followed by UV spectral changes. Second,
the steady-state kinetics of water oxidation was
investigated using excess oxidant and generating the
(V,V) oxidation state.
The (IV,V) complex reverts to the (III,IV) oxidation

state with slow evolution of dioxygen in ∼95% yield
(it is about 100 times slower than with the (V,V)
complex).111 The observed rate law indicates that the
rate-limiting step is unimolecular with respect to the
(IV,V) complex and seems to be independent of pH
between pH 2.5 and 10.8 in phosphate buffer. The
rate constant is on the order 3 × 10-4 s-1. Since the
(IV,V) state is a two-electron oxidant, two catalyst
molecules must be involved in the four-electron
oxidation of water. A stepwise mechanism with
formation of free or bound H2O2 as an intermediate
can be anticipated, but was not be experimentally
established.
Lei and Hurst112 produced the (V,V) oxidation state

at pH 0-1 in triflic acid, using excess Co(III)/Co(II)
mixtures as the oxidant, and monitoring dioxygen
evolution using a Clark-type electrode (method of
initial rates). The reaction rate showed a first-order
dependence on the initial catalyst concentration when
the Co(III) and Co(II) concentrations were fixed. The
dependence of the rate on the cobalt concentrations
was complex and could be fit equally well to two
different rate laws. The data analysis suggested that
the (V,V) or a higher oxidation state (i.e. involving a
ligand radical) is the active species, reverting either
to the (III,III) state forming dioxygen directly or the
unstable (IV,IV) state producing H2O2, which in turn
is quickly oxidized to dioxygen by excess Co(III).
Rate constants between 0.4 and 0.8 min-1 were
calculated.
The kinetic studies show unimolecular mechanisms

for the rate-limiting step. However, no further in-
formation about the mechanism could be established.

IX. Water Oxidation with Related Ru Complexes

In addition to the Ru dimer (1), a variety of related
Ru complexes have been synthesized and proven to
be active water-oxidation catalysts.

Table 4. Thermodynamic Driving Force of Various
Net Reactions of Water Oxidation by Ru Dimer
[(bpy)2(H2O)RuORu(H2O)(bpy)2]3+ 15

no. pH reaction ∆G°′ (ev)
1 1 [(O)RuVORuV(O)]4+ + 2H2O f

O2 + [(H2O)RuIIIORuIII(H2O)]4+
-0.72

2 7 [(O)RuVORuV(O)]4+ + 2H2O f
O2 + H+ + [(OH)RuIIIORuIII(H2O)]3+

-0.80

3 1 [(O)RuVORuV(O)]4+ + 2H2O f
HO2 + [(H2O)RuIIIORuIV(OH)]4+

0.45

4 3 [(O)RuVORuV(O)]4+ + 2H2O f
OH• + H+ + [(O)RuIVORuV(O)]3+

1.2

5 7 2[(O)RuIVORuV(O)]3+ + 2H2O f
O2 + 2 [(OH)RuIIIORuIV(OH)]3+

-1.00

6 7 [(O)RuIVORuV(O)]3+ + 2H2O f
H2O2 + [(OH)RuIIIORuIV(OH)]3+

0.58
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Rotzinger et al.113 studied the properties of a Ru
dimer, substituting bpy-5,5′-dicarboxylic acid (L) for
bpy. It was prepared by electrochemical oxidative
dimerization of RuIIL2(H2O)22+ in 0.5 M H2SO4. The
reduction potential for the (III,III)-(III,IV) couple lies
at 0.98 V (vs SCE in 0.5 M H2SO4). Higher oxidation
states could not be characterized, because catalytic
water oxidation interfered above 1.1 V. This ir-
reversibility shows that the catalytic process is much
faster than with (1), for which CV revealed long-lived
oxidation products on the time scale of 50 mV/s sweep
rates. It implies a millisecond time scale for the
water-oxidation reaction compared to seconds for (1).
Using excess Ce(IV) as the oxidant, a turnover
number of 75 could be achieved without catalyst
degradation (vs a turnover number of ∼15 for (1)).
Nazeeruddin et al.114 found for the same catalyst that
the (III,IV) oxidation state is able to oxidize water
in a reaction with stoichiometry

Disproportionation of the (III,IV) state to the (III,-
III) and (IV,IV) states is presumed to be the first step
in the catalytic cycle. This is a remarkable difference
vs the bpy complex (1), where at least the (IV,V)
oxidation state is needed to achieve the oxidation of
water. The driving force for water oxidation is
extremely low, and the disproportionation to yield
(IV,IV) is presumed to be nonspontaneous, by analogy
to (1). Presumably, the lower net charge of the
complex vs (1) reduces any electrostatic barrier to

this bimolecular reaction, which may account for this
new pathway.
In a similar manner, the Ru dimer with bpy-4,4′-

dicarboxylic acid was synthesized and characterized
by Comte et al.115 The pKa values of the terminal
aquo ligands for the (III,III) oxidation state are
similar to those of the bpy complex (6.2 ( 0.2 and
8.5 ( 0.4), as found by spectrophotometric titration.
The reduction potential for the (III,III)/(III,IV) couple
lies at 0.9 V (vs SCE) in 1 M triflic acid (quasi-
reversible), while higher redox states could not be
identified because of interference from catalytic water
oxidation (vide supra). In contrast to the above
mentioned complexes, reduction to the (II,II) species
is reversible at pH 3.25. Water oxidation was in-
duced by adding excess Co(III). The maximum
turnover number was 33, while 40% of the catalyst
was destroyed during the reaction. Therefore, this
catalyst shows faster O2 formation kinetics than (1),
but lower stability than the 5,5′-dicarboxylate com-
plex. In order to shed light on the mechanism of
water oxidation, pulse radiolysis studies were con-
ducted. The (III,IV) complex was oxidized to the (IV,-
IV) state using radiolytically generated CO3

-• radical
as a one-electron oxidant. The recovery of the (III,-
III) state was monitored spectrophotometrically and
occurred on a millisecond time scale. The authors
claim that water must be the electron donor for this
reaction, but do not give proof of dioxygen formation.
It is interesting to note that for both of the above

catalysts prepared using the 4,4′- and 5,5′-dicarboxyl-
ato-bpy ligand, the active oxidation state is likely to

Figure 20. Mechanisms for the oxidation of water by (1) which cannot be excluded by available data (primarily 18O-
labeling studies).

4(III,IV) + 2H2O f 4(III,III) + O2 + 4H+
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be the (IV,IV) state (as compared to (V,V) for (1)).
First, these complexes are faster catalysts than (1)
(higher oxidation states cannot be detected in CV
experiments), even though their higher oxidation
states are less accessible thermodynamically than for
(1). Of course this comparison is only valid for
electrocatalysis experiments and might be influenced
by differing electron transfer kinetics of the com-
plexes at the electrodes rather than faster kinetics
of the homogeneous reaction steps. Second, the pulse
radiolysis studies show that the (IV,IV) state reverts
to the (III,III) state (presumably with evolution of O2)
without accumulation of higher oxidation states as
intermediates.
Petach and Elliot16 synthesized sterically con-

strained Ru-dimers, using covalently linked bpy-x-
bpy ligands (Figure 21). Molecular modeling yielded
a minimized structure for the dimer in which intra-
molecular O-O bond formation is excluded by steri-
cal constraints. However, no x-ray structural data
exists to support the calculations. The oxo-bridge
formed only after electrochemical oxidation beyond
the (III,III) state and yielded a mixture of (III,III)
and (III,IV) complexes. In aqueous solution only the
redox-reaction

could be characterized electrochemically, while cata-
lytic water oxidation interferes above 1.4 V (vs SCE
in 0.1 M H3PO4). In acetonitrile, however, the (IV,V)
oxidation state could be characterized. Electrocata-
lytic water oxidation occurred at 1.39 V with a
Coulombic efficiency of ∼90% (as compared to 13%
for (1), as reported by Gilbert et al.).
Ramaraj et al. reported the catalytic activity of a

number of mono-, di-, and trinuclear Ru com-
plexes.89,116-118 [Ru(NH3)5(H2O)]3+ and [Ru(NH3)6]3+

oxidize water after Ce(IV) oxidation with turnover
numbers of 16 and 8, respectively. It is unclear what
the catalytic species really is. The formation of RuO2
cannot be ruled out. An amide-bridged dimer, [(NH3)5-
Ru(µ-NH2)2Ru(NH3)5]4+, absorbed into an ion-ex-
change resin was also a catalyst. Ru-red and Ru-
brown are two commercially available trimers,
[(NH3)5RuORu(NH3)4ORu(NH3)5]6+/7+, with the Ru
oxidation states (III,IV,III) and (IV,III,IV), respec-
tively. According to CV data it was proposed that
these complexes can be oxidized to the (V,V,V)
oxidation state. The four-electron oxidation of water
could therefore be achieved, in principle, with one

complex, returning to the (IV,III,IV) state. But this
was not established. Turnover numbers as high as
62 were achieved after addition of excess Ce(IV) in
aqueous solution.
The oxidation state assignments from cyclic volta-

mmetry of (1) by this group are not in accordance
with the data by Gilbert et al. (Thus, there is some
question about the electrochemical data of all these
compounds).
Although (1) is not the best catalyst, it remains the

most extensively studied one. Mechanisms found for
this catalyst, however, do not necessarily apply to
similar catalysts (vide supra). For the Ru-ammine
complexes, it is doubtful that these species are really
the catalytic species, since they are coordinatively
saturated and have no substrate (water) bound.
A novel approach to water oxidation/dioxygen evo-

lution using Ru(bpy)33+ as the catalyst has been
adopted by Ledney and Dutta.17 By synthesizing the
catalyst within the 13 Å supercage of zeolite Y, they
were able to entrap it and thereby prevent multi-
metal-centered decomposition reactions that cause
catalyst degradation in solution. This proved to be
of critical advantage since it allows the slower water-
oxidation reaction to dominate. Their mechanism is
supported by studies of the intermediates using dif-
fuse reflectance, Raman, EPR, and isotope labeling
methods. The principal pathways are summarized
in Scheme 4, with selected structures noted in Figure
22.
The favored pathway of reaction occurs under

alkaline conditions at pH 12 and results in 70-90%
conversion of the oxidizing equivalents stored in the
Ru(III) catalyst into dioxygen formation from water.
In situ catalyst reoxidation with Cl2 permits multiple
cycles of turnover. The first step, eq 1, involves
formation of a covalent hydrate at the C4 position of
one bpy ligand of the catalyst (Figure 22, species A),
followed by removal of a proton by hydroxide to form
species B (eq 2). Intramolecular metal-ligand dis-
mutation (eq 3) is proposed to occur with reduction
to Ru(II) and oxidation of the hydroxybipyridyl ligand
to the corresponding radical cation, forming species
C. Slow dissociation of free hydroxyl radical from
the coordinated radical cation generating the reduced
catalyst is proposed as the rate-limiting step (eq 4).
Steps 3 and 4 constitute the thermodynamically
demanding steps of this system. In subsequent
reactions (eqs 5 and 6), the critical O-O bond-
formation step yields hydrogen peroxide. This is
proposed to occur in two steps, by initial formation
of a biradical species, eq 5, i.e., upon diffusion and
addition of the hydroxyl radical to a bipyridyl ligand
of a second Ru(III) complex in another supercage,
followed by nucleophilic displacement of peroxide
upon hydroxide addition to the activated hydroxybi-
pyridyl ligand. In the former species the two oxidiz-
ing equivalents formally reside on the ligand and the
Ru(III). An alternative pathway (eq 7) can be envi-
sioned for peroxide formation in which hydroxide
addition to the Ru(III) complex precedes attack by
hydroxyl radical. Subsequent steps (eqs 8 and 9 and
10 and 11) involve pairs of one-electron steps forming
superoxide and dioxygen, respectively, using stan-
dard chemistry previously documented. The spec-

Figure 21. Proposed structure of a Ru dimer with a
covalently linked bpy ligand.16

(III,III) 798
1e-, 1H

(III,IV)
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troscopic data that are presented are consistent with
the presence of the species noted in Scheme 4, but
the kinetic data that could test the proposed mech-
anism are quite limited. The only indication for the
involvement of hydroxyl radicals is the detection of
the OH adduct with the spin-trap DMPO. However,
such an adduct might also be formed after reaction
of DMPO with superoxide O2

- and subsequent de-
composition.119 Hopefully, these deficiencies will be
addressed in future studies of this most interesting
new system.

X. Nonbiomimetic Water-Oxidation Catalysts
Extensive studies have been done on Ru oxides and

other metal oxides as heterogeneous catalysts for
water oxidation with either chemical oxidants or in

photochemical systems with a photosensitizer and
sacrificial electron donor.120-122 Ru oxides are by now
the most efficient and stable water-oxidation cata-
lysts. Silver ions entrapped in zeolite were used in
another system capable of oxidizing water.123 Ir-
radiation of the silver-loaded zeolite leads to pho-
toreduction of the silver ions. The resulting holes are
accumulated in the zeolite framework and eventually
transferred to water. Another class of catalysts for
photooxidation of water are high-bandwidth semi-
conductors like TiO2 and ZrO2. These systems are
not discussed here. For further information see, for
example, refs 124-127. However, these are hetero-
geneous catalysts that do not provide mechanistic
insights into photosynthetic water oxidation.
On the borderline between heterogeneous and

homogenous catalysts lie metal-hydroxo complexes
and metal oxide hydrosols with small particle sizes.128
One study on the mechanism of water oxidation by
small Ir oxide clusters is worth mentioning here.129
Pulse radiolysis and electrochemical studies have
been performed on Ir oxide clusters with only four
to five Ir atoms per cluster. Such small clusters
resemble the core of multinuclear metal complexes
with bridging oxo groups and terminal ligands miss-
ing. In the case of Ir, it was found that the oxidation
state necessary for water oxidation to occur seems
to be all-Ir(IV) for the cluster. However, mechanistic
details for the O-O bond formation step could not
be deduced.
A few other recent systems are also worth men-

tioning here. Katakis et al.130,131 formed a system
capable of photochemical splitting of water from a
tungsten dithiolene complex as the photosensitizer
and catalyst with methyl viologen or bipyridinium
derivatives as an electron shuttle. The complex (tris-
[1-(4-methoxyphenyl)-2-phenyl-1,2-ethylenedithiolenic-

Scheme 4. Possible Reactions in Water Oxidation by Ru(bpy)33+ Entrapped in Zeolite17

Figure 22. Structures of intermediates in the catalytic
water oxidation by Ru(bpy)33+ entrapped in a zeolite.17
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S,S′]tungsten) functioned as the photosensitizer by
containing the chromophore for visible light absorp-
tion as well as the catalyst for electron and hole
transfer to water. It was found that hydrogen and
dioxygen evolved in a 2:1 stoichiometry during il-
lumination with light >350 nm in an acetone-water
mixture. Using D2O and acetone-d6 proved that the
hydrogen stems indeed from water reduction. Fur-
thermore, no acetone decomposition product could be
detected. When the solution was continuously purged
from evolved dioxygen, the catalyst was remarkably
stable. Turnover numbers larger than 1000 were
achieved without signs of catalyst degradation. The
overall light energy storage efficiency was reported
as 7%. The simplicity of the system is its most
striking feature. However, proof of a mechanism
could not be presented.
In another study it was found that trichlorocuprate

ions can act similarly as a photocatalyst for water
photolysis at very low quantum yield.132

XI. Conclusions
The mechanism of water oxidation by the WOC of

PSII is still largely unknown. From the physical data
available, as well as from the few functioning arti-
ficial water oxidation catalysts, a few guidelines for
more successful mimics of the WOC can be deduced.
From the theoretical point of view, the concerted

four-electron oxidation, which is thermodynamically
most feasible, is not necessarily the preferred path-
way. It should have a rather high activation barrier
because of its high reorganization energy. The fact
that there is a variety of related Ru complexes which
cannot undergo four-electron reduction, but still
oxidize water with higher efficiency than the Ru
dimer (that can act as a four-electron acceptor) sup-
ports this notion. Furthermore, [(bpy)2Ru(O)2]2+ can
undergo a four-electron reduction with the thermo-
dynamic capability to oxidize water, yet the complex
is not functional in this reaction. A pair of dimers is
necessary to perform the reaction. The delocalization
of the charges and the decreasing reorganization
energy for multicenter systems might play a role as
well as the existence of an oxo bridge (although there
is no evidence for its direct involvement in the
mechanism).
Two geometries of model complexes have been used

in the two mentioned model cycles of water oxidation
for the dioxygen-evolving step by converting oxo
bridges to dioxygen. These are the adamantane and
cubane structures, described by Wieghardt and Chris-
tou (however there is no example of an Mn4O4
cubane). These structures are thermodynamically
stable and there is no evidence for conversion of oxo
groups to H2O2 or dioxygen from these structures.
Spectroscopy on the WOC suggests that it is rather
a distorted nonequilibrium structure with five-
coordinate Mn centers that might form a basis for a
water-oxidation catalyst. One goal for the future
must be to mimic such structures in model com-
plexes.

A. Ru Chemistry
Catalysis of water oxidation by monomeric [RuL3]3+

precursors occurs by inefficient, thermally activated

formation of hydroxyl radicals. In the case of L )
bpy, the mechanism proceeds by ligand-based hy-
droxyl radical addition. Thus, in the case of the
photosynthetic WOC, the notion of the possible direct
involvement of Mn ligands in radical formation at the
S3 state and subsequent catalysis should continue to
be explored fully.50

For multimeric Ru complexes with terminal and
µ-oxos, where intramolecular oxidation of water to
peroxide or dioxygen is thermodynamically feasible,
the reaction does not appear to be favored kinetically.
Thus, there appear to be stereochemical limitations
to the intramolecular coupling of oxo ligands in such
complexes.
Intermolecular reactions do lead to O2 formation

involving multiple pathways and as-yet unclear
chemistry. The involvement of two types of activated
oxo groups is implicated: an electrophilic ruthenyl-
oxo atom that is tightly bound (slowly exchanging)
and a nucleophilic oxo (hydroxo or aquo) anion that
is in rapid exchange with solvent water. The catalyst
appears to be required to produce both activated
species. Mechanistically, this implies that high va-
lent Ru(V) or Ru(IV) may be required for formation
of an electrophilic oxo atom, while a lower oxidation
state Ru(III) ion in a second catalyst molecule could
be envisioned as a Lewis acid needed to bind water
and ionize a proton to form a nucleophilic hydroxide
substrate. This proposal, although plausible, re-
mains unproven.

B. Mn Chemistry
Much less definitive mechanistic information is

available for Mn catalysts. However, the terminal
manganoyl(V)-oxo group has emerged as a key pre-
cursor to dioxygen formation in porphyrin-based
catalysts. These catalysts also showed that, in
principle, water oxidation can be achieved at a
dinuclear Mn site. As a class, multimeric Mn com-
plexes with bridging oxo ligands do not appear to
offer readily accessible oxo ligands for dioxygen
formation, but may be further activated to forms of
unknown structure.
One common feature of all functioning model

systems is their ability to form terminal oxo groups
in the highest oxidation state. It seems therefore
likely that the formation of the O-O bond can be
achieved by solvent attack on terminal oxo groups
or inter-/intra-molecular elimination of dioxygen from
two such groups. The synthesis of Mn-dimers and
higher aggregates with manganoyl groups should be
a goal for the future.
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Note Added in Proof
The reactivity of Ar-OH bonds toward H atom

abstraction by alkoxyl and peroxyl radicals has been
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found experimentally to be considerably faster (102-
104) than C-H bonds of comparable bond dissociation
energy, and may, therefore, cast doubt on the trans-
ferability of C-H bond kinetic data in the analysis
of Mn-OH oxidation kinetics.133
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