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Abstract—Density functional theory molecular orbital calculations and Marcus theory have been combined
to assess the rates and physicochemical factors controlling the outer-sphere oxidation of divalent V, Cr, Mn,
Fe, and Co aquo and hydroxo ions by O, in homogeneous agueous solution. Key quantities in the elementary
oxidation step include the inner-sphere component of the reorganization energy, the thermodynamic driving
force, and electrostatic work terms describing the interactions occurring, in this case, between the net charges
on the product species. Collectively, these factors and their interplay have alarge influence on the rate of the
oxidation cross-reaction.

An inner-sphere pathway for the self-exchange reactions and oxidation by O, of Mn®* and Cr?* ions has
been supported indirectly in this study by comparing predicted outer-sphere rates with the results of previous
experiments. Likewise, an outer-sphere pathway is suggested for the similar sets of reactionsinvolving the V,
Fe, and Co ions. An assessment of the self-exchange reaction for the oxygen/superoxide couple has led to
predicted rates in excellent agreement with direct measurements. Predicted rates of oxidation for the hexaquo
Fe ion are also in agreement with experiment, while the predicted rates for the outer-sphere oxidation of its
hydrolysis products are ~2 to 3 (monohydroxo) and ~4 (dihydroxo) orders of magnitude slower than the
observed rates. This suggests an inner-sphere pathway is appropriate to explain the relatively fast rates

observed for the hydrolyzed Fe species. Copyright © 2002 Elsevier Science Ltd

1. INTRODUCTION

The movement and bioavailability of redox-active metals
such as iron, manganese, and chromium in natural waters can
depend critically on their rates of reaction with dissolved mo-
lecular oxygen. In sea or lake environments, dissolved oxygen
concentrations can change markedly and irregularly between
the surface in contact with the atmosphere and the sediment
layers on the bottom (Alldredge and Cohen, 1987; Stumm and
Morgan, 1996). Steep redox gradients can aso occur at the
boundaries of polluted groundwater plumes (McGuire et al.,
2000) and in acid mine drainage systems (Benner et al., 2000).
The rate of transformation of metal ions as they traverse redox
boundaries, where not catalyzed by biologic activity or mineral
surfaces (e.g., Sung and Morgan, 1981; Emerson et a., 1982),
is often controlled by the rate of reaction with oxygen. Because
homogeneous electron transfer reactions with oxygen can be
slow, redox equilibrium may never be reached in some settings
(Keating and Bahr, 1998).

A primary example is the slow oxidation of Mn®* by oxy-
gen, where thermodynamics predicts that the most stable form
of Mn is a solid-phase oxide (Bricker, 1965). This transforma-
tion has been shown to be kinetically inhibited for time periods
on the scale of months (Giovanoli, 1980; Diem and Stumm,
1984). Predictive models based on thermodynamic redox equi-
libria aid in the analysis of such systems, as they can bracket
the conditions toward which the system is proceeding. But their
usefulness is typically limited by unknown kinetics. Informa-
tion regarding the rates of individual electron transfer reactions
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is therefore a prerequisite for understanding the speciation and
cycling of metals in environments where disequilibrium dom-
inates. These facts have formed the basis for numerous exper-
imental studiesintent on describing the homogeneous oxidation
kinetics of metals such as Fe** (Singer and Stumm, 1970;
Lowson, 1982; Millero, 1985, 1989; Millero et al., 1987; Mil-
lero and 1zaguirre, 1989; King et al., 1995; King, 1998), Mn?*
(Hem, 1963; Morgan, 1967; Diem and Stumm, 1984), and
Cr?* (Sellers and Simic, 1976; Bakac and Espenson, 1993;
Bakac et d ., 1995). However, alarge knowledge gap still exists
regarding the molecular-scale processes underlying the rate
behavior observed experimentally at macroscopic scales.

In this study, we employ molecular orbital calculations and
Marcus theory to investigate the kinetics of and fundamental
physiochemical controls on elementary electron transfer reac-
tions between important redox-active metal aquo ions and
molecular oxygen in solution. We examine the M2*/3* oxida-
tion reaction of the metal series V, Cr, Mn, Fe, and Co. This
series was chosen because it includes typically important trace
metals present in many natural waters (Stumm and Morgan,
1996) as well asthe fact that as a set, they exhibit a wide range
of oxidation rate behavior (Creutz and Sutin, 1986). The ex-
perimental literature database for these reactions is also exten-
sive and provides rate constants for direct comparison with our
theoretical rates.

The oxidation rate of these metals is generally found to be
strongly pH dependent and first-order with respect to the metal
ion (Stumm and Morgan, 1996). A number of oxidation mech-
anisms have been proposed to account for the observed rate
behavior (Fallab, 1967). The most generally accepted step-wise
oxidation scheme is the Haber-Weiss mechanism (Haber and
Weiss, 1934):
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MOHY + O, + H* — MOH?** + HO; @)
M2* + HO, + H,0 — MOH?" + H,0, @)
M?* + H,0, — MOH?" + OH' €)
M?* + OH — MOH?* 4

whereby the first step involving electron transfer from the metal
ion to the molecular oxygen molecule is rate-limiting and
therefore is the reaction that controls the overal rate (Fallab,
1967). As this scheme has been useful in correctly describing
most of the experimental rate data (Stumm and Morgan, 1996),
we adopt a form of Egn. 1 (protonation of the superoxide
radical ignored) as the reaction of interest for the theoretical
rate trestment in this investigation. It is likely that the most
reactive form of the metal ion will be a hydrolyzed species
(Stumm and Morgan, 1996). To explore the dependence of the
electron transfer rate on metal ion speciation, we model the
electron transfer rate for the hexaquo metal ion and its first two
hydrolysis species as well. Thus, the set of elementary metal
oxidation reactions we consider consists of al

M(OH,)s ,(OH)Z = + O, — M(OHy) ,(OH)™ + 'O,
©)

whereM =V, Cr, Mn, Fe, Coand x = 0 — 2. Here we attempt
to develop a better understanding of reactions of this type.
Very little is known about the structure of the encounter
complex formed between the metal ions and the oxygen mol-
ecule. In this regard, electron transfer reactions can generaly
be subdivided into two types, those following an inner vs.
outer-sphere mechanism. In the former, oxygen either interacts
with the metal via a bridging ligand or by entering the coordi-
nation sphere of the metal ion through a ligand exchange
process, and in the latter, oxygen interacts with the metal across
discrete, intact coordination environments. In any particular
reaction, the preference can be affected by solution parameters
such as pH, because it can affect the lability of inner shell
ligands (e.g., Nordin et al., 1998). Where ligand exchange is
slower than electron transfer, an outer-sphere mechanism is
usually assumed. Where ligand exchange is faster than electron
transfer, either mechanism could be operative. In this case, an
inner-sphere mechanism could be ascribed to a relatively fast
electron transfer reaction because of the more intimate elec-
tronic interaction between the metal center and oxygen mole-
cule, whereas the outer-sphere reaction represents a weaker
electronic interaction. But there is a host of other factors that
must be considered before this conclusion could be drawn, such
as the relative rates of inner- vs. outer-sphere encounter com-
plex formation and donor-acceptor molecular orbital compati-
bility. In this study, we have chosen to treat only the outer-
sphere mechanism for Egn. 5, including both the rates of
outer-sphere encounter complex formation and electron trans-
fer within this encounter complex, for three reasons: (1) Aswill
be presented, the observed oxidation rate of several of the metal
ions and relevant molecular orbital compatibility arguments are
suggestive of an outer-sphere mechanism. (2) Where the mech-
anism is unknown, the outer-sphere rate is a useful reference
value for comparison against ligand exchange rates for the
purpose of deducing an inner- vs. outer-sphere mechanism. (3)

Theoretical treatment of the outer-sphere mechanism is more
straightforward and reliable than for the inner-sphere pathway.
Marcus (1956) developed a highly successful quantitative
theory for predicting outer-sphere homogeneous electron trans-
fer rates in solution. The basic principle relates the activation
free energy (AG*) for the electron transfer step to the driving
force (AG®) and the reorganization energy (A). In a previous
study, we successfully benchmarked and adapted key quantities
calculable by density functional theory (DFT) for use in the
semiclassical electron transfer rate equations laid out by Mar-
cus (Rosso and Rustad, 2000). A detailed introduction and
description of this implementation are available therein and
will not be repeated here, except to provide the necessary
context in which we describe the extension to the current
system and the several improvements that have been made.

2. THEORETICAL METHODS

2.1. Ab Initio Calculations

Structures  and  energies for the series of
M(OH,)s_,(OH)2* % jons (where M = V, Cr, Mn, Fe, Co
and x = 0 — 2) were performed unrestricted using Becke's
three-parameter hybrid DFT method (UB3LY P) (Becke, 1993)
with a Pople-type 6-311+G basis set in Gaussian98 (Frisch et
a., 1998). UB3LYP includes both Hartree-Fock and DFT ex-
change and the Lee-Yang-Parr correlation functional (Lee et
al., 1988) and has been shown to perform very well for these
systems (Ricca and Bauschlicher, 1994; Russo et al., 1995;
Martin et al., 1998; Rustad et a., 1999; Rosso and Rustad,
2000). The 6-311+G basis set consists of a Wachters-Hay
6-311G set (Wachters, 1970; Hay, 1977) with an added diffuse
function (“+") (Clark et d., 1983). Clusters were optimized
both in the gas-phase and when using the polarizable contin-
uum model (PCM) of solvation by Tomasi and coworkers
(Miertus et al., 1981; Miertus and Tomasi, 1982). The PCM
method defines the solute cavity as a union of interpenetrating
atom-centered spheres of radii chosen, in this case, using the
united atom topol ogical model. Area outside the solute cavity is
defined as solvent and is modeled as a continuum of uniform
dielectric constant, which may be polarized in response to
dipoles in the solute. A general strategy to minimize the num-
ber of symmetry constraints used during geometry optimization
was taken, allowing the clusters to deviate from octahedral
symmetry and allowing for Jahn-Teller distortions. But because
of the tendency of a small fraction of the PCM solvated ions
and some of the hydrolyzed ions to shed water molecules from
the inner hydration shell during optimization, geometry con-
straints were employed in the following way. The gas-phase
M(OH,)2*/3* clusters were optimized without symmetry con-
straints, and their respective optimized angles were fixed for the
corresponding PCM optimizations while bond lengths were
adlowed to vary. Likewise, the optimized gas-phase
M(OH,)s(OH)?* angles were used to constrain all remaining
clusters. All clusters were optimized in the high spin limit in
accord with the predominantly observed spin configuration for
the considered ions, except for Co(OH,)3*, which is observed
to be low spin (Richens, 1997). The electron transfer mecha-
nisms involving Co(OH,)3" are still a matter of debate and
may involve a spin preequilibrium step between low and high
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spin states (Sutin, 1986). Therefore, for internal consistency
within our metal series, we model electron transfer reactions
with Co species exclusively in high spin states.

2.2. Electron Transfer Rate

Reactions of the type shown in Egn. 5 can be viewed as the
cross-reaction (defined here as having rate k;,) between the
self-exchange electron transfer reactions for the separate metal
ion (defined here as having rate k;,) and oxygen (defined here
as having rate k,,) couples. In the investigation of cross-
reactions, it is often instructive to first analyze the separate
self-exchange reactions to determine the intrinsic reactivity of
the separate couples. The Marcus equations to treat the self-
exchange reactions and the cross-reactions for the outer-sphere
mechanism are the same. We use the non-adiabatic formalism
(pertaining to the case of weak-electronic interaction between
reactants) as summarized in Marcus and Sutin (1985). A variety
of formalisms and approximations exist, however; therefore,
we briefly outline here the specific equations used in this study.
The rate of an outer-sphere bimolecular reaction (k) such as the
one shown in Egn. 5isaproduct of the equilibrium constant for
the formation of the precursor complex between the reacting
pair (KP™) and the rate of eectron transfer (k*). Thus, the rate
that is observable in solution depends on both the concentration
of encounter complexes in solution and the rate of electron
transfer in an encounter complex. This assumes that the reac-
tions are not diffusion-limited, which can be shown to be
reasonable in our case by using the Smoluchowski equation
(Gardiner, 1969):

47N(D;y + Dy)(ry + 1p)
Kairr = 1000 (6)

where N is Avagadro’s number, D, and D, are the diffusion
coefficients for the reactants in water (e.g., 7.2 X 10~ cm?/s
for Fe*" (Lasaga, 1998) and 2.1 X 10° cm?s for O, (Lide,
1990)) and r; and r, are their solute radii for the reactants
(discussed below). Thus, for any of the reactions in this study,
the slowest rates of diffusion (those not involving O,) will be
on the order of 10~° M~* s, which is significantly faster
than any of the electron transfer rates predicted here. Note that
this form of the Smoluchowski equation is valid only where at
least one of the reactants is uncharged (i.e., O,).

Calculation of KP™ was described earlier (Rosso and Rustad,
2000) and will not be repeated here, except to mention that for
the effective reaction zone thickness dR for the self-exchange
reactions was taken as 0.833 A for the metal ions (Creutz and
Sutin, 1986) and 0.295 A for oxygen (German et a., 1999). In
the classical limit, k* is given by (Marcus and Sutin, 1985):

. om , e—(AG°'+A)2/4ART
K= M ont ™
h VATART

where % is Planck’s constant, H,g is the electronic matrix
element describing the coupling of the electronic state of the
reactants to that of the products, AG®' is the free energy of
reaction corrected for the work to bring the reactants together
and the products together in the encounter complex (see be-
low), A is the energy to reorganize the nuclear coordinates of
the reactants and surrounding solvent molecules into the con-

figuration of the products, R is the gas constant, and T is the
temperature (taken as 298.15 K throughout this study). We use
this equation to calculate the rates of self-exchange for each of
the M(OH,)s_,(OH)2 3> couples and for the O~ couple,
as well as for the oxidation cross-reaction between the two
couples. The self-exchange rate of the former k;, = KBk, and
the self-exchange rate of the latter k,, = K55kS,, are calculated
for the reactions:

kll
M(OHy)s—x(OH); ™ + M(OH,)s_(OH); * —>

M(OHy)s,(OH)Z * + M(OHy)s ,(OH)S *  (8)

K,
0O, +0,—0, + O, 9)

The cross-reaction rates k;, = K5k, are calculated for the
reactions:

K
M(OH,)s,(OH);™ + O, — M(OH,) ,(OH){™ + 'O,

(10)

HXL has been calculated for M(OH,)2*"3* couples by fitting
relevant experimental thermodynamic data with analytic functions
to generate accurate potential energy surfaces (Bu et a., 1998).
We calculate HxL, values for all M(OH,)g_(OH)2 3> cou-
ples using (Newton and Sutin, 1984):

His = HRgexp[ —B(r — 15/ 2] (11)

where H 5 and r, were taken as (Bu et al., 1998) 30.9 cm™*
and 6.2 A for al V ions, 96.5 cm™* and 5.3 A for all Cr ions,
76.9cm~* and 6.85 A for all Mnions, 64.0cm™*and 6.2 A for
al Feions, and 54.9 cm™* and 5.8 A for al Co ions, respec-
tively,and B = 1.2 A1 (Newton and Sutin, 1984; Marcus and
Sutin, 1985). For the 09*~ couple, HZ2, has been evaluated
explicitly from semiempirical calculations, including solvation
for three different encounter configurations (German et al.,
1999). We take the mean of the three values at their respective
optimal interreactant distances. For the cross-reactions, we
estimate H%2, from the self-exchange values described above
using (Sutin, 1986):

H/lxzs = (H/lxlsH/ZAZB)M (12

Likewise, dR for the cross-reaction is taken as the geometric
mean of dRs for the separate self-exchange reactions.

The energy AG*' is the free energy change for electron
transfer in the encounter complex at the optimal separation
distance r and therefore is not the same as the overall free
energy change of reaction AG°. The former is related to the
latter by (Marcus and Sutin, 1985):

AG” = AG® — wg + Wp (13)

where wg, and w;, are the work necessary to bring the reactants
and products together, respectively. Because the electrostatic
interactions between the ions can be large for the reactions in
this study, we use an approximate equation to calculate the
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electrostatic work terms, which depends on the formal charges
on the interacting species with corrections for the solution ionic
strength, as described in Weaver and Lee (1980) and used
successfully elsewhere (Rosso and Rustad, 2000). For the self-
exchange reactions AG°® = 0 and, because the reactant charges
are aways the same as the product charges, the work terms
cancel and therefore AG*' = 0 also (but wg is still used in the
calculation of KP™). For the cross-reactions where data are
already available, we use experimental estimates for AG°. For
the hexaquo metal ions, we used reduction potentials listed in
Lide (1990). For their hydrolysis counterparts, we used stability
constants found in Smith and Martell (1979) with the reduction
potentials of the hexaquo ions to compute the reduction poten-
tials of the hydrolysis species. For hydrolysis species, where no
experimental thermodynamic data could be found (dihydroxo
V, Cr, and Co), we calculated AG® from the ab initio total
energies for the optimized structures, including solvation free
energy terms from the PCM model, and modified them using a
TAS entropy correction estimated from experimental S° data
for Fe(OH,)2"/3+ (298.15 K, 1 bar standard state) (Wagman et
al., 1968) and arelativistic correction (~0.1 €V) estimated in Li
et al. (1996). The equilibrium constant for the overall reaction
(K1) was estimated from AG® using In K, = —AG°/RT.
The reorganization energy A can be taken as the sum of an
inner-sphere term (A;o) and an outer-sphere term (A, (Marcus
and Sutin, 1985). For the self-exchange reactions, we calculate
Ajs Using a four-point energy scheme (Klimkans and Larsson,
1994), using the ab initio total energies of the ground and
excited state partner molecules as was done in Rosso and
Rustad (2000), except in this case we improve the estimate by
including solvation free energy corrections from the PCM
model. We calculate A, using the continuum expression by
Marcus (1956). For cross-reactions, Marcus also showed that
without a significant loss of accuracy (Marcus and Sutin, 1985)

A = # (14
We use this equation to calculate A, for the cross-reactions
using the reorganization energies calculated for the self-ex-
change reactions.

Radii for the metal ions were taken as the sum of the average
optimized M-O bond lengths and an adjustment parameter
(Rosso and Rustad, 2000). In Rosso and Rustad (2000), the
adjustment parameter was determined by calibrating theoretical
kil's against experiment for M(OH,)2*/3" complexes. It is
meant to account for the “actual” size of the solute cavity
beyond the average M—O bond lengths. The 0.56 A value
determined therein was based on gas-phase calculations. It was
re-evaluated in the current study using the PCM DFT calcula-
tions and determined to be 0.90 A, which is used here through-
out for all metal ions. Radii for the O, and O, species were
taken as the spherical radii corresponding to the volume of the
solute cavities estimated by the PCM mode! (2.12 and 2.01 A,
respectively). The separation distancesr for the metal ions were
taken as the sum of the average M—O bond lengths and twice
the adjustment parameter 0.90 A, whereas 2.8 A was used for
the for OY*~ couple based on the work of German et al. (1999).
For the cross-reactions, r was taken as the sum of the relevant

Tgble 1. Calculated electron transfer rate parameters for self-ex-
change reactions of the M(OH,)s.,. (OH)Z*** couples, based on den-
sity functional calculations using the PCM solvation model. The work
term wg is calculated for w = 0.0 M. Effective electron transfer
distances r are ~6.0 A. Values of HLL for the hexaguo ions were
derived from Bu et a. (1998) and applied respectively to each species
of a particular metal ion. For the dihydroxo species, the calculated
lowest energy isomer (cis- vs. trans-) for each metal isgiven in thetext.

\% Cr Mn Fe Co
M(OH2)(25+/3+
Ais (€V) 123 258 240 082 093
Aos (V) 134 135 134 134 136
A (eV) 257 392 374 216 229
log K& (s 045 —-482 -345 286 199
Wg (kImol) 179 180 178 179 181
log KR (M™% —379 —-380 -377 —-379 -—-384
log ky; M~ts™ —334 -862 -723 —-093 -185
M(OH2)5 (OH)1+/2+
Ais (€V) 094 227 18 094 102
Aos (V) 133 134 133 133 135
A (eV) 228 360 321 228 238
log K& (s 171 -347 -119 233 161
Wg (kJmal) 5.9 6.0 59 59 6.0
log KR (M™% -169 -169 -168 —-169 -—-171
log ky; (M~ts™ 002 -517 -287 064 -011
trans- M(OH,), (OH)Y**
Ais (eV) 151 193 170 091 0.77
Aos (V) 133 134 132 133 134
A (eV) 284 327 302 224 211
log K& (s7h) -0.71 —-203 -041 250 275
Wg (kImol) 0.0 0.0 0.0 0.0 0.0
log KR (M™% —065 -0.65 —-064 —-064 -—0.65
log ky; M~ts™) —-135 -267 -105 18 210
cis-M(OH,) ,(OH)**
Ais (eV) 124 230 221 119 103
Aos (V) 136 137 138 136 135
A (eV) 260 367 359 255 238
log K& (s7h) 045 —-361 —-260 127 160
Wg (kI¥mol) 0.0 0.0 0.0 0.0 0.0
log KR (M™% —065 —-0.64 —-064 —-065 -—0.65
log k;,(M~*s™) —020 —-425 -324 063 094

M-O bond length and 0.56 A and the spherical radius for
relevant oxygen species.

3. RESULTS AND DISCUSSION
3.1. Metal lon Self-Exchange

It is valuable to first discuss the self-exchange reactions for
the separate couples, because the molecular properties control-
ling these reactions al so influence the rate of the cross-reactions
between the metal ions and oxygen. Calculated electron trans-
fer parameters for the outer-sphere metal ion self-exchange
reactions are given in Table 1. Within an isostructural series,
the single most important parameter controlling Ky, is A;e. The
wide variation in this term reflects the large differences in the
bond length changes required for the reactants to distort into the
structural conformation of the products. The energy required to
accomplish this distortion is strongly affected by the type of
electron accepting d-orbital on the metal atom. The reduction of
both Cr and Mn involves the transfer of an electron into the €,
orbitals, which point towards the ligands (i.e., o -character).
This causes substantial M—O bond weakening in the reduced
complex. Therefore, the bond lengths in the reduced complex



Kinetics of metal ion oxygenation 4227

are significantly longer than in the oxidized counterpart, lead-
ing to large values of A, and thus slower k;,’s. In contrast, Fe,
V, and Co accept the electron into non-bonding t,, orbitals
pointing into the voids between the ligands (i.e., -character),
equating to smaller required changes in M—O bond lengths,
lower A, energies, and therefore faster k;,’s.

These electron transfer reactions are typified by weak elec-
tronic coupling (non-adiabatic), and the variability of HxL isin
the range 30 to 100 cm™~* (Creutz and Sutin, 1986). Because k
depends on the square of H,g (see “Theoretical Methods’
section), differencesin the electronic coupling within this series
of metals can adjust the rate by 2 orders of magnitude. There-
fore, H,g is aso clearly an important factor affecting the rates
within an isostructural series.

We note here that Table 1 reports parameters for both the
trans- and cis- isomers of the dihydroxo species. The computed
total energies suggest that the trans- isomers of V and Fe are
energetically favored over their cis- counterparts, and vice
versafor Cr, Mn, and Co. Thiswas found to be true for both the
oxidized and reduced forms. To our knowledge, there are no
experimental data with which to compare the relative stabilities
of the isomers for these metals. This is possibly due to the
difficulties in isolating their monomers in solution, especially
the oxidized forms that quickly drop out of solution as precip-
itates (Richens, 1997). The calculations provide some basis for
assuming which isomer will dominate the speciation of the
dihydroxo forms. Therefore, all ensuing results and discussions
regarding the dihydroxo species are with respect to the cis-
isomers of V and Fe and the trans- isomers of Cr, Mn, and Co.

Comparing now k,,’s for any particular metal as it goes
through hydrolysis steps, the variability of A4 aso strongly
affects the rates. But in contrast to the trends within isostruc-
tural series, the work required to bring the reactant species
together varies substantially, with wg decreasing as the reac-
tants are incrementally hydrolyzed, thereby lowering the net
positive charge on the metal ions and decreasing the Coulombic
repulsion that must be overcome to form an encounter complex
(Table 1). This has a large stabilizing effect on encounter
complex formation, reflected in significant increases in K9°
and therefore k,,. Figure 1 graphically showstheincresseink,,
with hydrolysis observed in a regular step-wise fashion for all
but two of the steps (monohydroxo- to dihydroxo-V and mo-
nohydroxo- to dihydroxo-Mn). The work term is therefore
predicted to be a primary factor in the rate increase observed
for these metals as they are hydrolyzed in solution. In general,
this is likely to hold true regardless of whether the electron
transfer mechanism is inner- or outer-sphere, because encoun-
ter complex formation is a prerequisite in both mechanistic
pathways.

The most studied of the metal ions have been the hexagquo
complexes, and experimental data are available for these spe-
cies to compare with the calculations. In Table 2, typical
observed rates are compared with calculated rates, which have
been adjusted for the specific ionic strength conditions reported
in the experiments. It should be noted that observed rates can
vary widely in the literature, depending on how the rate was
determined. Self-exchange rates for transition metal ions can
sometimes be measured directly using isotopic labeling, nu-
clear magnetic resonance, or electron paramagnetic resonance
methods (Lappin, 1994). More often, the self-exchange rates

2
7~ 0 )
: i
i -2 ]
=
~ . M(OHZ);ZM
=5 -6 +1/+2
%0 B M(OH,),(0H)
— _Q |
8 [[] M(OH,),(OH)Y*!
-10

Vv Cr Mn Fe Co

Fig. 1. Calculated self-exchange rates (k,,) for the 15 meta ion
species treated in this study. In general, Mn and Cr self-exchange
reactions are slower, and V, Fe, and Co are faster. Hydrolysis increases
the rate.

are determined indirectly by application of the Marcus cross-
relation to a cross-reaction involving the self-exchange couple
of interest and another couple having an independently deter-
mined self-exchange rate. The latter approach is susceptible to
failure if either the chosen cross-reaction itself or either of the
corresponding self-exchange reactions follows an inner-sphere
pathway, or if the degree of non-adiabaticity is different be-
tween the self-exchange and cross-reactions. To avoid these
uncertainties, we have chosen directly measured observed val-
ues for comparison with our calculated rates in Table 2. The
agreement is satisfactory for V and excellent for Fe, and Co,
whereas the calculated rates for Cr and Mn are 1.5-2.0 orders
of magnitude slower than the observed rates. The agreement
found for V, Fe, and Co can be teken as evidence for an
outer-sphere mechanism. Molecular orbital arguments pertain-
ing to V, Fe, and Co self-exchange reactions support this view.
These electron transfers occur between donor and acceptor
orbitals of 7 symmetry. Not only do the #- to = orbital
electron transfers require smaller bond length changes, but -
orbitals are also more diffuse and therefore have a higher
propensity for good overlap at the longer metal-metal separa-
tions often required in outer-sphere encounter complexes
(Luther, 1990). The assignment of an outer-sphere mechanism
for the well-studied hexaguo Fe*™/3* self-exchange reaction is
consistent with several previous investigations (Brunschwig et
al., 1980, 1982; Tembe et al., 1982; Logan and Newton, 1983;
Jolley et al., 1990). However, for self-exchange reactions in-
volving hydroxo-hexagquo species of Fe, significantly less is
known from experiment, but evidence does exist for an inner-
sphere pathway viaan OH™ ligand bridge (Jolley et al., 1990).
In general, the predisposition of hydrolysis species towards an
inner-sphere mechanism derives from the conjugate-base
mechanism of ligand substitution, whereby hydrolyzed metal
species are labilized towards ligand exchange and hence to-
wards the inner-sphere mechanism.

The disagreement found for hexaquo Cr and Mn, where the
observed rate is faster than predicted for an outer-sphere path-
way (Table 2), isindirect evidence for an inner-sphere pathway
operating in the self-exchange reactions of Cr and Mn. The
inner-sphere tendencies of Cr(OH,)2™ have been observedin a
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Table 2. Calculated vs. observed log ky; (M~ s %) for self-exchange electron transfer reactions of the hexaguo ions corrected for the ionic strengths
used in the experiments. All observed values are derived from direct measurement of the self-exchange rate, unless otherwise noted.

\% Cr Mn Fe Co

M(OH,)2+73+ w=20% w=10° w=3.0° w =064 w=3.0°
Calculated (this study) -1.04 —6.55 —4.81 0.95 0.60
Observed —2.00 —4.70 —3.52 0.62 0.52

aKrishnamurty and Wahl (1958).
b Anderson and Bonner (1954).

© Diebler and Sutin (1964) determined this rate from application of Marcus theory to the cross-reaction between Mn®* and Fe**. Note, subsequent
studies have shown that log k., for Mn(OH,)2*/3* varies widely between —2.4 to —9, depending on the cross-reaction studied (Macartney and Sutin,

1985) (see text for more detailed discussion).
d Silverman and Dodson (1952).
€ Habib and Hunt (1966).

variety of redox reactions and are attributed to the o character
of its donor d-orbital, a fast water exchange rate that increases
the chance of forming bridged encounter complexes (k. ~ 10°
s~ 1) and the electronic stability of the symmetric occupation of
the t,q orbitals in the Cr(OH, 3+ product (Richens, 1997).
Using isotopic labeling methods, measurements of the
Cr(OH,)2*"** self-exchange rate as a function of solution pH
led Anderson and Bonner (1954) to conclude that the reaction
proceeds predominantly by a hydroxo-bridged inner-sphere
path. Mn(OH,)2* is also a ¢” donor and is labile (ky, ~ 107
s™1) but is stabilized towards oxidation by its symmetric d°
configuration and large reorganization energy (Rosso and Rus-
tad, 2000). But we note that there is very little agreement in the
literature regarding the self-exchange rate of Mn(OH,)2*/3".
Early attempts at direct measurement of k,, for this species
using isotopic labeling by Diebler and Sutin (1964) were un-
successful, and therefore all available estimates are based on
the application of Marcus relations to cross-reactions involving
Mn(OH,)2*/3* . For reasons cited above, this strategy has met
with varying degrees of success as was highlighted in a more
recent study by Macartney and Sutin (1985) where it was
shown that ky, can vary from 10724 to 10°° M~* s7%, de-
pending on the nature of the reactant couple used in the cross-
reaction. In that study, a best estimate of k;, = 107% — 107°
M~1 s for Mn(OH,)2*/3* was presented based on an im-
proved Marcus model. This estimate isin line with our predic-
tion for the outer-sphere pathway, but because of the lack of
overall consistency in the observed rates, the evidence is not
compelling enough for us to conclude that Mn(OH,)2"/3*
self-exchange follows an outer-sphere pathway. Rather, based
on the results for Cr and the molecular orbital arguments
presented above, we single out the ¢~ donors Cr and Mn as
likely inner-sphere reactants during self-exchange.

3.2. Oxygen Self-Exchange

Calculated Marcus parameters for the oxygen self-exchange
reaction in water are given in Table 3. Bond length differences
between O, and O;, as determined by the DFT calculations,
are predicted to be relatively large (1.254 and 1.402 A, respec-
tively), leading to a large A, given the simplicity of the
structure. The acceptor orbital in O, is one of the degenerate
half-filled = orbitals leading to weakening of the O-O double
bond upon reduction and instability in the superoxide radical
product. The 7" to =~ match between donor/acceptor orbital

symmetries makes this reaction a relatively fast outer-sphere
exchange. Thisis, in large part, the justification for attributing
an outer-sphere mechanism for the self-exchange electron
transfer reactions for the OY*~ couple (Ohta and Morokuma,
1987; Bu and Liu, 1999; Bu et a., 1999; German et a., 1999).
Estimates of k,, based on the application of Marcus cross-
relation equations to experimental cross-reaction rates have
varied 16 orders of magnitude (Lind et a., 1989). Likely
explanations include the failure to identify the operation of
inner-sphere pathways or to account for variability in the non-
adiabatic behavior in the cross-reactions, equivaent to prob-
lems cited above for estimating metal ion self-exchange rates
from the Marcus cross-relation. Of the reported k' s generated
in this way, estimates in the range 1 to 1000 M~—* s™* have
been the most accepted based on the results of Espenson and
coworkers (Zahir et al., 1988) and Stanbury et a. (1980).
Nevertheless, it is clear that direct measurement of k,, is
preferable, rather than deducing k,, using the Marcus cross-
relation. The only direct measurement available to our knowl-
edge is by Lind et al. (1989), where use of isotopic labeling
indicated that k,, = 450 + 160 M~* s~ Our caculations
based on DFT clusters and PCM solvation, and r, H2Z, and dR,
calculated explicitly using semiempirical methods (German et
al., 1999), arrive at k,, = 360 M~* s7%. The German et al.
(1999) study predicts the range 28 to 296 M~ s, depending
on the orientation of the reactants in the encounter complex,
and other recent MP2 estimates are one order of magnitude less
(Bu and Liu, 1999; Bu et a., 1999). The good agreement
between our prediction, the German et al. (1999) study, and the

Table 3. Calculated electron transfer rate parameters for the 09"
self-exchange reaction in solution based on density functional calcula-
tions using the PCM solvation model. The effective electron transfer
distanceris2.8 A and H2% = 120.5cm™%, and dR = 0.295 A (German
et al., 1999) (see “Methods’ section). The only available directly
observed experimental rate is given for comparison (Lind et al., 1989).

0(2)/1
Ao (€V) 0.98
Aos (8V) 1.02
A (eV) 2.00
log k&, (s 3.98
Wg (kJ/mol) 0.0
log KB (M™% -175
log ky, (M™1s7Y) 2.22
Exp. log Ky, (M7t s7Y) 2.65
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Energy

>
Nuclear Coordinates

Fig. 2. Depiction of the potentia energy surface for the reactants
(parabola marked “R") and products (parabola marked “P") as a func-
tion of the nuclear configuration for an exothermic (AG®") oxidation
cross-reaction. Weak mixing between the reactant orbitals is repre-
sented by the splitting in the intersection region and quantified by HZ.

direct measurement (Lind et a., 1989) lead us to conclude that
our k,, is satisfactory.

3.3. Metal lon Oxidation Rates

The parameters controlling kS, for the bimolecular oxidation
cross-reaction as shown in Egn. 5 derive directly from the

parameters for the separate self-exchange reactions, except for
what is now a non-zero AG®' (Fig. 2). One of the triumphs of
Marcus theory is its ability to accurately predict outer-sphere
cross-reaction rates using only a knowledge of the quantities
controlling the self-exchange rates of the separate redox cou-
ples. This normally pertains to the condition where [AG*| < A,
as is the case for al cross-reactions considered in this study.
Having calculated A for the cross-reaction from the mean of
those for the self-exchange reactions, and similarly estimating
HZ, an estimate of the overall free energy change on going
from products to reactants is required (AG®). When corrected
for work terms, AG®' is used in the equation to predict kS, (see
“Theoretical Methods™ section). Because of the difficulties in
calculating quantities such as solution phase reduction poten-
tials using ab initio calculations (e.g., Li et al., 1996), it is
generaly desirable to rely on experimental estimates, where
available, for this quantity. We have done so for all but the
dihydroxo species of V, Cr, and Co. The others are not stable
species (Richens, 1997), and, to our knowledge, experimental
data do not exist. Therefore, we used the density functional
total energies to estimate AG° for these species (see “ Theoret-
ical Methods” section). The ability to do so accurately iscrucial
for electron transfer reactions where experimental estimates of
AG® are unknown.

Calculated rate parameters for the cross-reactions are given
in Table 4. In contrast to the metal self-exchange reactions,
because the reactant O, is uncharged and therefore wy, is zero,
K% becomes approximately the same for any of the cross-
reactions. Also, wp becomes an important term, because it is
used to correct AG® to AG®'. The work term w,, varies little
within an isostructura series, but, as for the metd self-exchange

Table 4. Calculated electron transfer rate parameters for the bimolecular oxidation cross-reactions (see Egn. 5) based on DFT calculations using
the PCM solvation model. Experimental data were used to estimate AG® for all but the dihydroxo V, Cr, and Co species, where data are not available
so DFT total energies were used. The work term w;, is calculated for w = 0.0 M. Because wg = 0, KY5 is the approximately the same for all of the
reactions (log K8 ~ —0.94). The effective electron transfer distance r is ~4.9 A. For the dihydroxo metal species, the parameters given are for the

oxidation of the lowest energy isomer (see text).

\ Cr Mn Fe Co
M(OH2)§+/3+
A (eV) 2.29 2.96 2.87 2.08 214
HZ, (cm™Y 65.9 89.5 12556 95.2 79.8
Wp (kImoal) —10.8 —10.9 —10.8 —10.8 —10.9
AG®" (kJ/mol) —-20.5 —35.0 153.2 78.9 181.2
log K, 1.69 4.23 —28.74 —15.72 —33.64
log k& (s73) 3.92 2.45 —16.88 -4.86 -19.83
log k, M~ 1s™Y) 297 150 -17.82 ~5.80 -20.78
M(OH2)5 (OH)l+l2+
A (eV) 214 2.80 2.60 214 219
HZ, (cm™Y 65.4 88.6 124.2 94.2 78.9
We (kJmol) -72 -72 -72 -7.2 -7.2
AG®" (kJmol) —36.8 —39.9 93.0 40.8 132.5
log K, 5.19 5.73 —17.55 —841 —24.47
log k& (s73) 5.78 3.48 -8.26 -0.78 —12.45
log k, M~ 1s™Y) 483 2.54 -9.20 -1.72 -1341
M(OH,), (OH)2™**
A (eV) 242 281 277 212 219
HZ, (cm™Y 65.1 87.4 1229 93.0 78.2
Wp (kImoal) —-3.6 —3.6 —3.6 —3.6 —3.6
AG®" (kJmol) —159.4 —161.3 30.9 0.9 19.9
log K, 27.30 27.62 —6.04 —-0.79 —4.12
log k& (s73) 10.82 10.11 -218 3.16 0.96
log k, M~ 1s™Y) 0.88 9.17 -312 2.22 0.01
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reactions, it varies significantly with the hydrolyzed state of the
metal ions. The quantities A, H:%, and AG® are the principal
parameters causing the variability of kS, within an isostructural
series. The trend of large relative A's for Cr and Mn is pre-
served in the cross-reactions, because they are simply being
modified by a constant value. But A can no longer be correlated
one-to-one with the resulting rate, as it can be seen that AG*
significantly modifies the outcome. For example, the lowness
predicted for Mn(OH.)2" oxidation by O, is due to both alarge
\ and large positive AG®', whereas for M(OH,) ,(OH)9 where A
is nearly identical, the rate is predicted to be 15 orders of
magnitude faster because in this case AG®' is substantially
shifted towards exothermicity.

In thisregard, the accuracy of the estimates for AG® based on
the DFT total energiesis satisfactory overall. For the oxidation
of the hexaquo ions, for which experimenta reduction poten-
tials are well known, the standard deviation of AG° from
experimental estimates is 25 kJ/mol, including all ions except
Cr, where the performance was less than satisfactory. The best
agreement is obtained for Mn (—22%), Fe (—2%), and Co
(+8%). This means that reliance on the DFT total energies, as
has been done for three of the 15 considered metal ions,
introduces an uncertainty of up to ~0.2 eV into the AG*" + A
part of the k* equation, where A varies on the order of 2 to 3
eV. Although for Cr the AG® agreement is anomalously poor,
it isunlikely that better performance can be expected from the
UB3LYP/6-311+G/PCM method for V, Mn, Fe, and Co, given
that the second hydration shell has not been treated explicitly
(Li et al., 1996) and thermochemical parameters such as zero-
point and vibrational energies have been ignored for the inner-
sphere of the complex. But for the majority of the metal ions,
because we have used experimental AG°'s, the accuracy is
assumed to be much better.

Building on the molecular orbital arguments pertaining to the
self-exchange reactions noted earlier, the comparison must now
be made between the metal donor orbital symmetries and the
7 acceptor orbital of O,. The o™ donor orbitalsfor both Cr and
Mn are a poor symmetry match with the 7 acceptor orbital of
0O,, specifically for outer-sphere electron transfers (Luther,
1990). But this combination is amicable to the formation of an
inner-sphere adduct such as [M(OH,)s(0,)]?*. In this case, the
O, molecule is exchanged into the one of the sixfold coordinate
sites with one of its oxygen atoms binding directly to the metal
center (Bakac et al., 1995). The oxidation of Cr(OH,)2* has
been observed to occur through via the adduct
[Cr(OH,)5(0,)]1?" with ky, = 1.6 X 108 M~ 572, the KP'? of
which has been estimated to be 6 X 10** M~?* (Sellers and
Simic, 1976). These rates are significantly faster than the pre-
dicted outer-sphere oxidation rates (Table 4). Thus, an inner-
sphere pathway has been both experimentally established and
supported by our assessment of the outer-sphere rate for Cr
oxidation by O,.

The dominant pathway for Mn oxidation is less well docu-
mented. To the best of our knowledge, Mn-O, inner-sphere
adducts have not been directly observed during homogeneous
oxidation of Mn aquo or hydroxo ions by O,. However, their
formation has been viewed as necessary based on the form of
the rate law, and isotopic labeling studies showing that a large
fraction of oxygen in resulting solid phase oxidation productsis
derived from O, (Luther, 1990). But such a pathway is also

somewhat counterintuitive given the tremendously sluggish
oxidation rate known for Mn(OH,)3*, while at the same time,
the extreme lability of water molecules in the inner coordina-
tion shell equates to very high probabilities of forming inner-
sphere encounter complexes with O,. Close-range electron
transfers through bonds such as Mn?*-O-O should be much
faster than the aproximal “through-space” electron transfers as
entailed by the outer-sphere treatment. Luther (1990) has ar-
gued that the reducing power of the Mn center is not sufficient
unless either water ligands are replaced by hydroxyls which
donate electron density to the Mn or the octahedral ligand field
around the Mn is decomposed. Indeed, the very unfavorable
AG®' for the Mn hexaquo ion oxidation reaction (152.4 kJ/mol)
isreduced significantly by hydrolysis (Table 4). Thus, although
direct evidence of an inner-sphere Mn®* oxidation reaction
does not seem to exist, molecular orbital theory supports an
inner-sphere pathway.

On the other hand, molecular orbital arguments pertaining to
the oxidation reactions for Fe, V, and Co suggest that these
metals are intrinsically better equipped to follow an outer-
sphere pathway. The 7 symmetry of the donor orbitals is a
better match with the 7= acceptor orbital on O,. However,
inner-sphere exceptions to this molecular orbital argument are
implied to exist from experiments of the oxidation of V2* by
O, because of the vanadium-oxygen bonding found in the
oxidation products such as the vanadyl ion (Swinehart, 1965;
Rush and Bielski, 1985). The oxidation mechanism of aqueous
Fe** by O, was diagnosed as outer-sphere previously (Wehrli,
1990). A comparison of our predicted species-specific rate
congtants for the outer-sphere pathway against a sampling of
recent rate constants derived from rate law fits to experimental
data is given in (Table 5) For Fe(OH.,)3", the agreement is
remarkably good considering that the scatter in the experimen-
tal datais on the order of magnitude scale. It is also remarkable
considering that the Marcus theory predictions are specifically
for a single elementary reaction step, usually not easily acces-
sible by experiment, and require only a handful of molecular
scale parameters for each of the separated component reaction
couples. The good agreement for this species is evidence in
support of an outer-sphere mechanism for the oxidation of
Fe(OH,)2" by O,. However, the predicted rates of oxidation of
the hydrolysis species of Fe clearly are significantly slower
than observed (Table 5). The predicted outer-sphere oxidation
rate for Fe(OH,)5(OH)** is ~2 to 3 orders of magnitude
slower than observed, and for Fe(OH.),(OH)3 the difference
becomes ~4 orders of magnitude. Thisisindirect evidence that
the hydrolysis species of Fe?* are oxidized by an inner sphere
pathway, as postulated by Luther (1990). Although to the best
of our knowledge, no direct evidence of inner-sphere compl-
exation exists for the oxidation step in this system, Fe**-O-O
bonding is found, for example, at the active site in oxyhemo-
globin (Goddard and Olafson, 1975; Olafson and Goddard,
1977; Scherlis and Estrin, 2002), lending credence to the inner-
sphere oxidation mechanism for the hydrolysis species of Fe?*
by O..

Collectively for the oxidation cross-reactions for the 15
metal ions considered, the rate behavior derives primarily from
the interplay between the quantities A and AG®'. On the con-
dition that |JAG®'| << A, the Marcus formalism predicts a linear
relationship between log k,, and log K ;,. More generally, over
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Fig. 3. Free energy relationship plot from calculated values of log k;,
and log K,,. The trend is substantially curved over the wide log K,
range considered, consistent with the Marcus formalism.

awide range of AG®', plots of the same are curved with alocal
slope () defined by (Marcus and Sutin, 1985):

a=05(1+ AG/A) (15)

A plot of log ky, vs. log K,, showing that the behavior is
substantially curved is shown in Figure 3. In the linear approx-
imation, the slope is close to 0.5, as is commonly observed
(Marcus and Sutin, 1985). This may be compared with another
estimate of a slope of 1, which is based on a Marcus analysis
of experimental rates and log K's for the oxidation of iron,
copper, and vanadium ions (Wehrli, 1990). The log K range
considered was narrower than in this study and located in the
negative log K region of our free-energy relationship plot. In
that region, our predicted slope approaches 0.8 and is therefore
not that different from the Wehrli estimate. In our assessment,
the agreement is satisfactory, given the significantly different
approaches employed in the two studies. But because we have
shown that the relationship is substantially curved, it may be
more appropriate to characterize the free energy relationship in
terms of «. When « is plotted for each metal ion, one can easily

101 m M(OHZ)G"Z’*-‘ 5]
o0
0.8 1 M(OH,),(OH)*"*? S
M(OH.,) (OH)¥*!
0.6 - E.] (OH,),(OH), g
& ez 33
0.4 4
0.2
0.0

\Y Cr

Mn Fe Co

Fig. 4. Caculated values for the local slope « for the metal oxidation
reactions.

see that subtrends exist in the oxidation rates (Fig. 4). For any
particular metal, the hexaquo ions exhibit the largest slopes,
and the dihydroxo ions exhibit the smallest slopes. This reflects
the large effect of modifying AG®* due to hydrolysis while A is
less affected.

4. CONCLUSIONS

Theoretical treatment of the oxidation of geochemically im-
portant metal aguo and hydroxo ions by oxygen has uncovered
the principal physiochemical quantities that control the oxida-
tion rate for the outer-sphere pathway. Within an isostructural
ion series, one key parameter controlling the oxidation rate is
the inner-sphere component of the reorganization energy A
This term varies widely among the five different metal atoms
because of the large differences in bond length changes re-
quired in the metal complex for the reduced form to distort into
the conformation of the oxidized form. This in turn derives
primarily from the nature of the electron accepting d-orbital on
the metal atom. In contrast, the outer-sphere component of the
reorganization energy A isless variable among theions due to
the similarities in ion sizes.

Across an isostructural series, where any particular metal

Table 5. Comparison of Fe?* oxidation log k;,'s (M~* s™%) calculated in this study for the outer-sphere pathway with rate constants from

experiments reported elsewhere.

This study This study King (1998) Wehrli (1990)2¢ Millero (1985)P¢ Lowson (1982)%¢
=00 =07 nw=0 w="= w=0 =
Fe(OH, )3 " -58 -6.6 ~6.04 -57 — —62
Fe(OH,)s(OH)*+/2* -17 -22 0.84 0.8 0.8
Fe(OH,) ,(OH)9** 22 2.0 5.94 6.3 6.2 —

2Wehrli fit the rate law of Millero (1985) to the combined data of Singer and Stumm (1970) and Millero et al. (1987).
b Calculated from pseudo-first order rate constants in Millero (1985) using the Henry’s law constant for O, at 25°C = 1.26 X 107 °M am™* (see

Wehrli, 1990).

¢ The average of values from refs 219, 223, 231 reported in Table VII of Lowson (1982) (temperature = 30°C, media = 1 M H,SO,).

d Estimated to be ~0.01 M based on the Singer and Stumm (1970) work in moderately dilute solutions (~0.01 M) and assuming the dilute solution
family of data (0.009 M NaHCO;) was used from Millero et al. (1987).

© These authors reported rates for the disappearance of Fe" whereas this study and King (1998) report reduction rates for O,, which should differ
by afactor of 4 assuming the Haber-Weiss mechanism (see Egn. 1-4 in text). Therefore, here the Wehrli (1990), Millero (1985), and Lowson (1982)
rates are divided by 4 for comparison with the results of this study.
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complex undergoes hydrolysis, modifications to the thermody-
namic driving force for the electron transfer step AG®' comein
two forms. The creation of hydroxyl ligands in the complex
modifies the reducing power of the metal atom. As a distinctly
separate outcome, hydrolysis also modifies the driving force by
atering the electrostatic work terms describing the interactions
occurring, in this case, between the net charges on the product
species. Thisis so because the work terms are used to adjust the
overal thermodynamic driving force AG® to that occurring in
the electron transfer step in the encounter complex. These
effects combine to have a large influence on the rate of the
oxidation cross-reaction.

An inner-sphere pathway for the self-exchange reactions and
oxidation by O, of Mn** and Cr®* ions has been supported
indirectly in this study by exposition of the outer-sphere rates
and comparison with experiments. Likewise, an outer-sphere
pathway has been supported for the similar set of reactions
involving the V, Fe, and Co ions. An assessment of the self-
exchange reaction for the OY*~ couple has led to predicted
rates in excellent agreement with direct measurements. Pre-
dicted rates of oxidation for the hexaquo Fe ion are aso in
remarkable agreement with experiment, while the predicted
rates for the outer-sphere oxidation of its hydrolysis products
are~210 3 (x = 1) and ~4 (x = 2) orders of magnitude slower
than the observed rates, suggesting an inner-sphere pathway is
appropriate to explain the relatively fast rates observed for the
hydrolyzed species. (Table 5)
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