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Abstract: The capabilities and limitations of the Becke-3-Lee-Yang-Parr (B3LYP) density
functional theory (DFT) for modeling proton coupled electron transfer (PCET) in the mixedvalence oxomanganese complex [(bpy)2MnIII(µ-O)2MnIV(bpy)2]3+ (1; bpy ) 2,2′-bipyridyl) are
analyzed. Complex 1 serves as a prototypical synthetic model for studies of redox processes
analogous to those responsible for water oxidation in the oxygen-evolving complex (OEC) of
photosystem II (PSII). DFT B3LYP free energy calculations of redox potentials and pKa’s are
obtained according to the thermodynamic cycle formalism applied in conjunction with a continuum
solvation model. We find that the pKa’s of the oxo-ligands depend strongly on the oxidation
states of the complex, changing by approximately 10 pH units (i.e., from pH ∼ 2 to pH ∼ 12)
upon III,IV f III,III reduction of complex 1. These computational results are consistent with the
experimental pKa’s determined by solution magnetic susceptibility and near-IR spectroscopy as
well as with the pH dependence of the redox potential reported by cyclic voltammogram
measurements, suggesting that the III,IV f III,III reduction of complex 1 is coupled to protonation
of the di-µ-oxo bridge as follows: [(bpy)2MnIII(µ-O)2MnIV(bpy)2]3+ + H+ + e- f [(bpy)2MnIII(µO)(µ-OH)MnIII(bpy)2]3+. It is thus natural to expect that analogous redox processes might strongly
modulate the pKa’s of oxo and hydroxo/water ligands in the OEC of PSII, leading to deprotonation
of the OEC upon oxidation state transitions.

I. Introduction
Understanding the thermodynamics of proton coupled
electron transfer (PCET) in oxomanganese complexes is
essential for elucidating the mechanism of oxygen evolution by water oxidation, as catalyzed by the oxygenevolving complex (OEC) of photosystem II (PSII).1-7 The
resulting insight on PCET is also necessary for the rational
design of artificial photosynthetic systems.8-11 This paper
addresses the PCET mechanism in the mixed-valence
oxomanganese dimer [(bpy)2MnIII(µ-O)2MnIV(bpy)2]3+ (1;
bpy ) 2,2′-bipyridyl), shown in Figure 1, as computationally characterized at the density functional theory
(DFT) level with the Becke-3-Lee-Yang-Parr (B3LYP)
hybrid density functional.12,13
* Corresponding author. Fax: +1 203 432 6144, E-mail: victor.batista@
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Several oxomanganese complexes have been suggested as
biomimetic models of the OEC of PSII,8,14-19 including the
mixed-valence oxomanganese dimer 1 originally synthesized
by Nyholm and Turco20 and characterized by X-ray crystallography by Plaksin et al.21 In addition, Wang and Mayer22
have studied an analogous complex with the 2,2′-bipyridyl
ligand substituted by 1,10-phenanthroline. The cyclic voltammogram of 1 includes a reversible one-electron anodic
couple at E1/2 ) 1.26 V (vs Ag/AgCl), assigned to the
oxidation of the III,IV complex to the IV,IV state.17,23 In
addition, an irreversible one-electron cathodic wave with E1/2
) 0.77 V at pH ) 3.78 (Figure 1, top panel)18 is thought to
result from reduction of the mixed-valence III,IV complex
to the III,III state. Furthermore, the Pourbaix diagram shows
a linear dependence of E1/2 with pH in the range pH ) 3-9,
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and parametrized without including transition metal compounds in the reference data set. However, the description
of redox potentials of oxomanganese complexes and the
regulatory effect of oxidation state transitions on the pKa’s
of oxo ligands bridging the Mn centers remain to be
investigated. Exploring the capabilities and limitations of
these methods is crucial to gaining insights on PCET
mechanisms and to establishing the validity of currently
available computational tools for the rational design of
transition metal catalysts.
The paper is organized as follows. Section II outlines the
computational methods applied for calculations of pKa’s and
redox potentials. Section III presents our computational
results and direct comparisons with experimental measurements. Concluding remarks and future research directions
are outlined in section IV.

II. Computational Methods

Figure 1. Cyclic voltammogram (top) for a 1 mM solution of
complex 1 (bottom) in phosphate buffer at pH 3.78 as reported
in ref 18.

with a ∼59 mV/pH slope consistent with the one-electron
one-proton couple:18
[(bpy)2MnIII(µ-O)2MnIV(bpy)2]3+ + H+ + e- f
[(bpy)2MnIII(µ-O)(µ-OH)MnIII(bpy)2]3+ (1)
The availability of electrochemical and spectroscopic data
makes complex 1 ideally suited to investigate the capabilities
and limitations of the DFT B3LYP level of theory as applied
to studies of PCET in oxomanganese complexes. These
studies complement our earlier work where we assessed the
DFT B3LYP method as applied to the characterization of
structural, electronic, and magnetic properties of synthetic
oxomanganese complexes.8 Our previous studies included
Mn dimers, trimers, and tetramers where the metal centers
are bridged by oxo ligands as well as models of the OEC of
PSII analogous to the “3 + 1 Mn tetramer” model of the
OEC of PSII.8 Here, we extend these earlier studies to
analyze the PCET reaction in complex 1. Our investigations
are based on free energy calculations of pKa’s and redox
potentials, according to the thermodynamic cycle formalism
in conjunction with a continuum solvation model.24 Gasphase free energies are first calculated, and then their values
are corrected to account for solvation effects by using a
dielectric continuum model. Such a standard computational
procedure is one of the simplest approaches available to study
redox and acid-base reactions in solution.25-31
Several studies have explored the capabilities of DFT
methods for predictions of redox potentials of transition metal
complexes.24-41 Most of these earlier studies investigated
functionals based on the generalized gradient approximation
(GGA) such as BLYP,42 BP86,43 and PBE44 as well as
hybrid functionals (e.g., B3LYP12,13) originally developed

All electronic structure calculations were carried out using
the Jaguar suite of electronic structure programs.45 Minimum
energy configurations are obtained, as previously reported,8
in broken symmetry (BS) states where the R and β electronic
densities are localized on different metal centers. The B3LYP
exchange-correlation functional with unrestricted KohnSham wave functions (UB3LYP) yields ground state configurations for the reduced and oxidized forms of complex
1 with antiferromagnetically coupled high-spin manganese
centers. Minimum energy configurations were obtained by
using a mixed basis set, including the LACVP basis set to
account for a nonrelativistic description of electron-core
potentials (ECP’s) for the Mn4+ and Mn3+ centers, the 6-31G
(d) and 6-31G (2df) basis sets for bridging O2- ions to
include polarization functions for µ-oxo species, and the
6-31G basis sets for the rest of the atoms. All optimizations
were followed by UB3LYP single point energy calculations
based on Dunning’s correlation-consistent triple-ζ basis
set46-48 cc-pVTZ(-f), including a double set of polarization
functions. We have also tested the cc-pVTZ(-f)++ basis set,
for which excellent agreement between calculated and
experimental redox potentials was previously reported for
other systems.28 Both basis sets gave very comparable results.
Half-cell standard reduction potentials were obtained by
computing the Gibbs free energy change ∆Gred(aq) due to
the reduction of 1 in aqueous solution, as follows:
E0 ) -

∆Gred(aq)
nF

(2)

with the Faraday constant F ) 23.06 kcal mol-1 V-1 and n
) 1 the number of electrons involved in the redox couple
[(bpy)2MnIII(µ-O)2MnIV(bpy)2]3+/ [(bpy)2MnIII(µ-O)(µ-OH)MnIII(bpy)2]3+. The values of ∆Gred(aq) were computed by
using the half-reaction of the Born-Haber cycle, depicted
in Figure 2, as follows:
∆Gred(aq) ) ∆Gred(g) + ∆Gsol(III,III) - ∆Gsol(III,IV)
(3)
Here, ∆Gred(g) ) ∆Hred(g) - T∆Sred(g) is the free energy
change due to the reduction of 1 in the gas phase, with
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Figure 2. Born-Haber thermodynamic cycle for free energy
calculations of redox potentials.

Figure 3. Born-Haber thermodynamic cycle used for free
energy calculations of pKa’s.

∆Hred(g) ) ∆HEA(DFT) +∆HZPE + ∆HT. ∆HEA(DFT) is the
electron attachment enthalpy, obtained at the DFT level for
the complex in the gas phase, while the changes in the zero
point energy ∆HZPE and corrections for molecular entropy
changes ∆Sred(g) were based on vibrational frequency
calculations. The solvation free energies of 1 in the oxidized
and reduced forms, ∆Gsol(III,IV) and ∆Gsol(III,III), were
computed by using the standard self-consistent reaction field
(SCRF) approach,49,50 based on accurate solutions of the
Poisson-Boltzmann equation. Calculations were carried out
for gas-phase geometries employing a dielectric constant of
 ) 80.37 (water) for the solvating continuum medium with
a solvent radius of 1.40 Å. The effect of hydrogen bonding
with solvent molecules or the coordination of buffer (phosphate) ligands to the metal centers is beyond the scope of
this first study and will be addressed in a follow-up
publication. Corrections due to changes in the thermal
enthalpy ∆HT were neglected.28 All redox potentials are
reported as relative potentials referenced to a silver chloride
electrode (Ag/AgCl). The Ag/AgCl potential is 0.199 V more
positive than that of the standard hydrogen electrode (SHE).
Considering that the absolute potential of the SHE has been
determined experimentally to be 4.43 eV,51 we have subtracted 4.23 V from the absolute potentials to make direct
comparisons to experimental data referenced to the Ag/
AgCl.18
Our calculations of pKa’s were based on the following
equation:
pKa ) β∆Ga(aq)

(4)

where β ) (kBT)-1 corresponds to room temperature T )
298.15 K and kB is the Boltzmann constant. The free energy
change ∆Ga(aq) due to deprotonation of a µ-OH bridge for
1 in aqueous solutions was computed by using the halfreaction of the Born-Haber cycle, depicted in Figure 3, as
follows:
∆Ga(aq) ) ∆Ga(g) + ∆Gsol(µ-O,µ-O) + ∆Gsol(H+) ∆Gsol(µ-O,µ-OH) (5)
where ∆Ga(g) ) ∆Ha(g) - T∆Sa(g) is the free energy change
due to deprotonation in the gas phase, with an enthalpy

Figure 4. Thermodynamic energy diagram of PCET for
complex 1 in aqueous solutions at pH ) 0, as described by
DFT B3LYP/cc-pVTZ(-f) free energy calculations of redox
potentials and pKa’s based on the Born-Haber cycle method
applied in conjunction with a continuum solvation model.
Formal oxidation numbers are indicated as superscripts in
Roman numbers, and the spin populations obtained according
to the Mulliken population analysis are indicated as subscripts
in red.

change ∆Ha(g) ) ∆Ha(DFT) + ∆HZPE + ∆HT. Here,
∆Ha(DFT) is the energy change computed at the DFT level,
due to deprotonation of the complex in the gas phase. The
solvation free energies associated with the deprotonated and
protonated forms of the complex, ∆Gsol(µ-O, µ-O) and
∆Gsol(µ-O, µ-OH), were also computed according to the
SCRF approach,49,50 as described above. We take the
solvation free energy of a proton in water solvent to be
∆Gsol(H+) ) -260 kcal mol-1, as widely adopted in the
literature.51-53

III. Results
Figure 4 shows the thermodynamic free energy diagram for
PCET in complex 1 as obtained from DFT B3LYP/ccpVTZ(-f) calculations. As described in section II, the redox
potentials and pKa’s were obtained according to the
Born-Haber cycle method, applied in conjunction with a
continuum solvation model. Figure 4 shows that the reduced
III,III state of complex 1 is expected to be protonated at pH
< 11.7, with most of its population in the oxo-hydroxo form
[(bpy)2MnIII(µ-O)(µ-OH)MnIII(bpy)2]3+ (1red), while 1 is
protonated only at pH < 2. In addition, Figure 4 shows that
the oxidation of 1red is thermodynamically much easier when
the complex is deprotonated in the [(bpy)2MnIII(µ-O)2MnIII(bpy)2]3+ state (E0 ) 0.31 V) than when it is protonated
in the oxo-hydroxo state (E0 ) 0.88 V).
As shown in Figure 4, the protonated species 1red can be
oxidized via two possible pathways: (1) oxidation by a direct
ionization process (red), requiring a rather high free energy
of 0.88 eV, or (2) oxidation by a concerted removal of an
electron from the complex and a proton from the µ-hydroxo
bridge (green). The total energy requirement, thus, consists
of two parts: 0.69 - 0.059*pH eV for the deprotonation step,
and an extra 0.31 eV for subsequent oxidation of the
deprotonated species. In an acidic environment, the oxidation
related deprotonation steps are not spontaneous but driven
by the externally applied electric field in a cyclic voltammogram (CV) experiment. Therefore, the CV peak position
accounts for the free energy changes due to both deprotonation and oxidation. Because the electron ionization energy
is constant, shifting of the potential for the redox reaction,
thus, reflects the linear pH dependence of the associated
deprotonation energy.
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Figure 5. Pourbaix diagram for complex 1 in aqueous solutions, obtained (a) from free energy calculations of redox potentials
at the DFT B3LYP/cc-pVTZ(-f) level of theory and (b) from experimental data (the circles) from ref 18.

The results reported in Figure 4 indicate that the oxidation
of 1red to complex 1 is strongly coupled to deprotonation of
the µ-OH bridge for a wide range of values of pH (i.e., pH
) 2.0-11.7). For 1red, the oxidation energy is constant at
pH < 2.0 (oxidation takes the red path). It varies linearly at
a rate of 59 mV/pH within the range of 2.0 < pH < 11.7
(green path with nonspontaneous deprotonation), as determined by the Nernst equation:
E1/2 ) E0 -

0.05916
pH
n

(6)

At pH > 11.7, the oxidation energy becomes a constant
(the green path dominates with spontaneous deprotonation).
Figure 5 shows the Pourbaix diagram, illustrating the pH
dependence of E1/2, as computed at the DFT B3LYP/ccpVTZ(-f) level of theory and directly compared to experimental data.18 The experimentally measured redox potentials
for oxidation of 1 under different pH conditions are presented
as circles in Figure 5b. The measured data points in the range
of 4 < pH < 9 (the filled circles) exhibit linear pH dependence
with a slope of ∼59 mV/pH (the solid line). This particular
value of the slope corresponds exactly with the slope
expected for a system that loses one proton for each electron
removed. Therefore, this linear relationship indicates a PCET
in the range of 4 < pH < 9. The measured potentials at pH
) 1 and pH ) 14 (open circles) obviously deviate from the
above linear relation. In such a strong acidic/basic solution
environment, it is expected that the pH-independent (nonPCET) process dominates the oxidation of 1, leading to the
horizontal lines around pH ) 1 and pH ) 14 (dashed lines).
Therefore, the crossover points of pH-independent and pHdependent lines correspond to the pKa’s of the redox system.
The computational construction of the Pourbaix diagram
(Figure 5a) is based on the ab initio calculation of pKa’s
and redox potentials and predicts the redox potential of 1
for the entire pH range without relying on any kind of
experimental data. According to Figure 4, the redox potential
must be constant (0.88 V) at pH < 2.0 (oxidation takes the
red path). It must vary linearly at a rate of 59 mV/pH within
the range of 2.0 < pH < 11.7 (green path with nonspontaneous deprotonation), and it must be constant (0.31 V) at
pH > 11.7 (the green path dominates with spontaneous
deprotonation). The first crossover in Figure 5a corresponds
to the conditions under which the red and green pathways,
shown in Figure 4, are energetically identical. Therefore, the

pH value of this crossover point provides the pKa value of
Mn(III, IV). Analogously, the pH value of the subsequent
crossover point provides the pKa value of Mn(III, III).
This comparison shows that there is a semiquantitative
agreement between the calculated and experimental values
of redox potentials throughout the whole range of pH.54 The
estimated errors are approximately (1 unit of pH and (60
mV for calculations of pKa’s and redox potential, respectively. These results, thus, suggest that the DFT B3LYP/ccpVTZ(-f) level of theory could provide valuable descriptions
of PCET processes in oxomanganese complexes, including
other biomimetic catalysts and the OEC of PSII.
The molecular structure of the OEC of PSII has yet to be
established.3 Several structural models have been proposed,
including the “3 + 1 Mn tetramer” with oxo-bridged highvalent Mn ions and Ca2+ found to be partially consistent
with mechanistic studies of water oxidation and highresolution spectroscopy.2,7 However, it remains to be explored whether such a model is consistent with the wellknown “redox leveling” effect by PCET. Such a regulatory
mechanism is thought to avoid the buildup of charge in the
cluster by deprotonation of water/hydroxo ligands, after
oxidation state transitions, making all redox steps occur over
a narrow range of potentials during the accumulation of 4
oxidizing equivalents. A similar redox leveling process is
observed here for the oxomanganese complex 1, for which
the redox potential of the deprotonated state [(bpy)2MnIII(µO)2MnIII(bpy)2]3+ (E0 ) 0.31 V) is significantly reduced as
compared to the redox potential of the protonated state (E0
) 0.88 V) manifesting such a redox leveling effect in good
agreement with experimental data. The reported results thus
partially validate the DFT B3LYP/cc-pVTZ(-f) level of
theory for systems with common structural features, such
as the OEC of PSII, when applied by combining the
thermodynamic cycle formalism in conjunction with a
continuum solvation model.

IV. Conclusions
We conclude that DFT B3LYP/cc-pVTZ(-f) calculations of
redox potentials and pKa’s, obtained from standard gas-phase
calculations and the subsequent correction for solvation
effects by using a continuum solvation model, can provide
valuable insights on the nature of PCET in oxomanganese
complexes in aqueous environments. The reported computational results of redox potentials and pKa’s and the
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favorable comparisons to experimental data from cyclic
voltammogram measurements18 and pKa’s determined by
solution magnetic susceptibility and near-IR spectroscopy17
demonstrate the capabilities of current DFT techniques as
applied to modeling PCET in oxomanganese complexes.
Both the regulatory effect of oxidation state transitions on
the pKa’s of oxo ligands and the effect of deprotonation of
hydroxo ligands on the redox potentials of metal centers can
be properly modeled at the DFT B3LYP/cc-pVTZ(-f) level.
Therefore, it is natural to expect that analogous redoxleveling processes could be modeled at the same level of
theory for the OEC of PSII. Such calculations are currently
underway in our group in an effort to establish structural
and functional models of the OEC through rigorous comparisons to thermodynamic studies of water oxidation in PSII.
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