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ABSTRACT: One-electron oxidation of the p-oxo dimer
(cis,cis-[Ru™(bpy),(OH,)],0*, {3,3}) to {3,4} by S,04’ can
be described by three concurrent reaction pathways corre-
sponding to the three protic forms of {3,3}. Free energy
correlations of the rate constants, transient species dynamics
determined by pulse radiolysis, and medium and temperature
dependencies of the alkaline pathway all suggest that the rate-
determining step in these reactions is a strongly nonadiabatic
dissociative electron transfer within a precursor ijon pair
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leading to the {3,4}1SO,>71SO,"” ion triple. As deduced from the SO, scavenging experiments with 2-propanol, the SO,*~
radical then either oxidizes {3,4} to {4,4} within the ion triple, effecting a net two-electron oxidation of {3,3}, or escapes in
solution with ~25% probability to react with additional {3,3} and {3,4}, that is, effecting sequential one-electron oxidations. The

1

reaction model presented also invokes rapid {3,3} + {4,4} — 2{3,4} comproportionation, for which k., ~5 X 10’ M~' s~ was
independently measured. The model provides an explanation for the observation that, despite favorable energetics, no oxidation
beyond the {3,4} state was detected. The indiscriminate nature of oxidation by SO,*” indicates that its fate must be

quantitatively determined when using S,05>~ as an oxidant.

B INTRODUCTION

The peroxydisulfate anion (S,04*7) is a powerful oxidant
(E°(S,04°7/250,%7) = 1.94 V) that has been extensively used to
study electron transfer reactions of coordination compounds' ™"
and as a terminal electron acceptor in photocatalyzed redox
reactions."' ~>* The underlying mechanisms of these reactions
are not straightforward, however, because one-electron reduc-
tion of $,04°~ generates the sulfate radical anion, which is a yet
more powerful and less discriminant oxidant than S,0¢*" itself
(ie, E°(SO,*/SO,*") = 2.44 V).>* One-electron reduction of
S,04°" to form SO,"” is correspondingly less favorable
(E°(S,04°7/50,°7,SO,*7) = 145 V). As a consequence,
stoichiometries and pathways of noncomplementary reactions
can be sensitive to the reductant energetics and the composition
of the reaction medium. For example, a detailed study of the
reaction between S,04” and the binuclear pyrazine (pz)-bridged
Ru,(NH;),opz* ion led Fiirholz and Haim to conclude that both
one-electron and two-electron oxidations had occurred.® A
common mechanism was proposed that involved formation of a
reactive ion pair; following the initial electron transfer step, the
caged product complex that was generated (Ru,(NH;),opz*"l
$0,°7,S0,>") either underwent a rapid second electron transfer
step to give the two-electron product, Ru,(NH;),opz®*, or cage
escape ensued leading to generation of free SO,*” and,
ultimately, formation of a second one-electron product,
Ru,(NH;),0pz°>*. Thus, the product distribution depended
upon how the caged intermediate partitioned between its

-4 ACS Publications  ©2015 American Chemical Society

decay channels. One-electron oxidation of the water oxidation
catalyst, [Ru""L,(OH,)],0" (L = 2,2'-bipyridyl-4,4'-dicarbox-
ylate), to the corresponding mixed-valent ({3,4}) ion has also
been noted,'” although this reaction was not extensively
investigated. (The notations {3,3}, {3,4}, etc., are intended to
indicate formal oxidation states of the metal centers only; they
identify the overall level of oxidation without implying the actual
electron distribution.)

In this study, we describe in greater detail the oxidation
kinetics of the underivatized analogue, [Ru"(bpy),(OH,)],0*
(bpy = 2,2-bipyridine), whose overall electrostatic charge and
redox thermodynamics are better defined than the dicarboxy-
substituted complex ion. The presence of aqua ligands in this
class of compounds permits thermodynamic access to higher
oxidation states via redox-leveling deprotonation steps.”®

One curious feature of these reactions is that oxidation to
{5,5} is thermodynamically feasible, i.e., the reaction {3,3}"* +
28,04 — {5,5} + 250,>” + nH* (n = 2—4) is exergonic (by
~0.6—1.3 V over the pH range 0—14), yet oxidation proceeds
only to the {3,4} state, as will later be shown. Access to the {5,5}
state is of particular interest because it leads to spontaneous
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oxidation of water to O,.>”*® Thus, although these dimers are
potentially capable of catalyzing water oxidation by peroxydi-
sulfate, this is not observed. In this study, we make extensive use
of pulse radiolysis and recently estimated one-electron reduction
potentials for the higher oxidation states of the “blue
dimer”>”***° to arrive at an explanation for its unusual chemical
reactivity.

B EXPERIMENTAL SECTION

Materials. The ruthenium dimer, cis,cis-[Ru-
(bpy),(OH,)],0*, was prepared from cis-Ru(bpy),Cl,, isolated
as the perchlorate salt, and characterized as previously
described.”” Reactant solution concentrations were determined
spectrophotometrically using €35 = 2.2 X 10*M ™" cm™ for {3,3}
in acidic media®” as a reference value for determining molar
extinction coeflicients under other medium conditions and for
other oxidation states. Solutions of {3,4} were prepared from
{3,3} by oxidation with K,S,0q. Trifluoromethanesulfonic
(triflic) acid (HOTf) obtained from TCI America was twice
redistilled under a vacuum and stored at 4 °C as a 1 M solution.
Potassium peroxydisulfate, buffers, and other chemicals were
best-available grade from commercial suppliers and were used as
received. Milli-Q_purified (ASTM type I) water was used
throughout. Buffers and electrolytes added to adjust ionic
strength utilized sodium salts so that, although K* was
introduced with K,S,0y, the predominant cation in the reaction
solutions was Na'.

Methods. Optical spectra were recorded using HP 8452
Diode Array or Cary 500 spectrophotometers. Kinetic measure-
ments of thermal reactions were made using an Applied
Photophysics SX18MV-R stopped-flow instrument equipped
with a thermostatting water bath and both conventional PMT
and photodiode array detectors.

The majority of pulse radiolysis experiments were carried out
with 2 MeV electrons from a Van de Graaff accelerator; pulse
widths were in the range 0.08—0.25 us, and a 2 cm long quartz
flow cell was used in the detection optical path. The sample
solutions were prepared in situ by flow-mixing the desired
components using a remotely controlled syringe pump, as shown
in Figure S1 (Supporting Information). The radiation pulse and
optical kinetics detection were timed to occur either shortly after
mixing or while the solution was still flowing. The analyzing Xe-
arc light source was pulsed for kinetics recorded on time scales of
less than 100 ps. All experiments were done with temperature
stabilization at 25 # 0.5 °C. The radiation yields of radicals (G-
values) are given in number of radicals per 100 eV absorbed
energy. Dosimetry was performed with a N,O-saturated 10 mM
KSCN solution using Ge = 4.87 X 10*ions (100 eV) ' M cm™!
for the (SCN),* ™ radical at 472 nm.

Pulse radiolysis with subnanosecond temporal resolution was
carried out with 9 MeV electrons at the BNL Laser Electron
Accelerator Facility (LEAF). A ~30 ps radiation pulse was
applied to all samples. The monitoring light source was a pulsed
75 W Xe-arc lamp. Probe wavelengths were selected using 10 nm
bandpass interference filters, and the transient absorption signals
were detected with a biplanar phototube and digitized at a 20
GS/s rate.

Kinetic analysis was carried out with the in-house developed
INTKIN software. This program uses numerical integration of
rate equations to produce time—concentration and time—
absorbance data for all least-squares analyses.

7750

B RESULTS

Stoichiometry. Addition of excess S,04” to a solution of
{3,3} resulted in decay of its characteristic absorption in the
600—650 nm region and the appearance of a new absorption
band in the 480—500 nm region attributable to formation of
{3,4}.7*° As shown in Figure 1, these changes occur with two
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Figure 1. Absorption traces recorded every 50 ms over S s upon flow
mixing of 20 mM S,0¢*” in water and 52 M {3,3} in 20 mM borate at
pH 9.2 and 25 °C; the ionic strength of the mixed solution was 35 mM.

well-defined isosbestic points in the visible—near IR range, which
indicates the constancy of reaction stoichiometry over the entire
reaction time. Thus, the reaction is n{3,3} + S,04*~ — products.

The reaction stoichiometry with respect of the {3,3}
consumption (n value) can be established by using an excess of
{3,3} over S,04*, as shown in Figure 2 (solid traces). Under
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Figure 2. Kinetics of the {3,3} absorption decay recorded at 624 nm
(blue) and the {3,4} absorption growth recorded at 486 nm (red) in a
N,-purged solution containing 135 uM {3,3} and 45 uM S,04*"
without (solid traces) and with 125 mM 2-propanol (dashed traces)
at pH 11 (NaOH) and 25 °C. Optical path 2 mm.

these conditions, consumption of {3,3} is incomplete and the
absorbance change at 624 nm (AA) is related to the
concentration of added [S,04"], by AA = n(e33 — £,)[$,05" -
At pH 11, the molar absorptivity of {3,3} at 624 nm is £33 = 1.5 X
10* M~ cm™" and the molar absorptivity of products (g, =230
M cm™') has been obtained from the final spectrum in
experiments with $,04>” in excess of {3,3}. Using these values
and the data in Figure 2, we obtain n = 2.06. Thus, the reaction

stoichiometry closely corresponds to

2{3,3} + S,04°" — 2{3,4} + 250, (1)

DOI: 10.1021/acs.jpcb.5b00922
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in accordance with S,04” acting as a net two-electron oxidant.
This stoichiometry was confirmed in titrimetric experiments
where aliquots of K,S,05 were added sequentially to pH 9.2
borate solutions containing (initially) excess {3,3} and the extent
of oxidation to {3,4} was determined spectrophotometrically
(Figure S2, Supporting Information).

Kinetics. Preliminary experiments had shown that below pH
~9 the rate of reaction 1 decreased progressively with increasing
acidity. This behavior can be attributed to differing reactivity of
the various protonation states of the dimer (discussed below).
The alkaline pathway was chosen for rigorous kinetic analysis
because it could be easily isolated, thereby obviating
complications arising from contributions from parallel reaction
channels, and because reactions in the neutral region were not
kinetically well-behaved (as described below).

Above pH 9 with S,04>” in excess, the decay of {3,3} was
rigorously exponential with the observed rate constant propor-
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Figure 3. Dependence of the observed first-order rate constant of {3,3}
oxidation (k) upon the concentration of S,04>” taken in excess over
[{3,3}]y = 46.5 uM at pH 11 (NaOH), 25 °C, and constant ionic
strength of 0.3 M maintained with NaOTf (circles) or NaClO,
(squares). The dashed line shows the linear fit to all data that gives a
slope of 73 + 1 M~ 571,

tional to [S,04"] (Figure 3). The corresponding rate law is
therefore
d[{3,3}] _

-3 = k[ (3,3}] = Ky [(3,33108,0,) @
where k., is the apparent bimolecular rate constant. Since {3,3}
carries a 2+ charge above pH 9, k,,, exhibits a strong ionic
strength dependence, as shown in Figure 4.

A simple treatment of this ionic strength dependence
according to the semiempirical Davies equation

log k. = log kS, + 1.022@{% - o.3u]
H ®3)

gives a reasonably straight line corresponding to kgpp =%/

[S,04>7]1=910+70 M~" s" and the product of reactant charges

ZxZy = —3.9 + 0.2 (Figure 4, up triangles); the latter is close to

the expected value of —4. A slightly better linearization can be
obtained using the extended Debye—Hiickel equation

log k., = log kS, + 1.022,Z, _

1 + 0.328r./u (4)

with the closest center-to-center approach of ions (considered

spherical) ry = 6 A. Again, the slope Z,Z = —3.92 + 0.06 (Figure
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Figure 4. Left-bottom axes: dependence of the observed first-order rate
constant for {3,3} oxidation (k) upon ionic strength maintained with
NaOTTf (solid circles); the open circle shows k3, = 0.88 s obtained
from data extrapolation to zero ionic strength. Conditions: [$,05>] = 1
mM, [{3,3}] = 28 uM, pH 11 (NaOH), 25 °C. The blue line shows
modeling results to eqs 5—7 as described in the text. Right-top axes:
logarithmic data representations and their linear fits according to Davies
(eq 3, up triangles, slope = —3.9 + 0.2, and intercept = —0.039 + 0.033)
and extended Debye—Hiickel (eq 4, down triangles, slope = —3.9 + 0.1,
and intercept = —0.058 + 0.009).

4, down triangles) is very close to —4 and the zero-ionic strength
value of the apparent second-order rate constant k;’PP =K/
[S,047 1 =880 £ 20 M~ ' 57",

A general mechanism that accounts for both the observed
stoichiometry and rate law is shown in Scheme 1. As with any

Scheme 1

Kett . (3,43 +50,% + S0

Kip [
(3,3)...32082-l RDS
P ko~ (4.4} +250,>

{3,3} + S,08%

k.
SO; +{3,3) — L » {3,4} + SO, 2
fast
o_ ksr2 2-
SO4 +{3,4} et {4,4} + SO4
as

kcom
{44} + {3,3>Tst1> {34} + {3,4}

bimolecular reaction, formation of a precursor complex between
{3,3} and S,04*" precedes the rate-determining step (RDS).
This complex can be viewed as an ion pair undergoing either one-
electron transfer producing {3,4} and sulfate free radical (k.
pathway) or two-electron transfer producing {4,4} as the
intermediate (k., pathway). The {4,4} intermediate and/or
SO,°™ radical produced in the RDS subsequently engage in rapid
redox reactions, as shown in Scheme 1, that result in the observed
overall reaction 1 stoichiometry.

With $,04*” in excess, Scheme 1 leads to the following
expression for the observed rate constant

KIP[SZO82_]

kO S = (3 D
b 1 + Kyp[S,04>7] )

where k,, = ky; + ke, The absence of downward curvature in
Figure 3 indicates that the Kjp value is so small that 1 >
K;p[S,05>"] even at 0.1 M peroxydisulfate. Under these limiting
conditions, eq S reduces to kg = 2keKip[S,05>~]. Within this

DOI: 10.1021/acs.jpcb.5b00922
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formalism, the ionic strength dependence shown in Figure 4 is
controlled primarily by Kjp because in alkaline solution the ion
pair is uncharged. The Debye—Hiickel treatment of ion pairing
with the center-to-center separation of spherical reactants
between ry and 7y + 6r has led to the following equations>"*

4xLr,*Sr W(r,)
P = expl —
1000 kT

(6)

Z\Zne" 87Le?
W(r,) = _ A% k= 2y,
Dry(1 + kry) 1000DkT 7)

Here, L is the Avogadro number, ¢ is the electron charge, D is the
bulk dielectric constant of water, and the other symbols have
their usual meanings. The only parameters in eqs 5—7 that are
not accurately known are ry, or, and k, although only the k.or
product is needed for describing the k., vs 4 dependence. By
setting ro = 6 A (the same value as used in eq 4) and treating the
k.0r product in eqs S—7 as the only adjustable parameter, a good
fit to the data has been obtained with k,6r = 16 A s™' at 25 °C
(Figure 4, blue curve). If we accept 5r ~ 1 A, a typical value,* we
can estimate k,, ~ 16 s7".

Another popular expression for K;p suggested by Fuoss®* can
be obtained from eq 6 by setting or = /3. The so-modified
equation fits the data equally well with the same r, = 6 A but with
k; decreased by a factor of ~2 to k., ~ 8 s™*. Notably, eq 6 with r,
=6and 61y = 1 A gives Kjp = 2.6 M ™" at = 0.3 M, and from the
Fuoss equation Kjp = 5.2 M™" with the same y and r,; thus, the
Kip[S,04°7] product remains sufficiently small for all data points
in Figure 3 that the downward deviation from linearity is not
detectable. Attempts to use ry values outside the S—7 A limits
have led to significant deviations of slopes Z,Zy in the extended
Debye—Hiickel equation (eq 4) from their expected value of —4;
moreover, no acceptable fits of eqs 5—7 to the kg, vs p
dependence in Figure 4 could be obtained with r; values outside
these margins. Thus, we estimate ry= 6 + 1 A.

Whereas eqs 4, 6, and 7 are derived under assumption of
spherical reactants, a regular shaye that better describes the
S,04>" ion is a prolate spheroid;> similarly, the shape of the
ruthenium dimer approximates that of a hemiellipsoidal segment
of a spheroid.*” Accordingly, r, can be roughly taken as equal to
the sum of radii of equivalent spheres with volumes equal to the
reactants’ estimated volumes. Applying this procedure, we obtain
ro = 1.9 + 5.2 = 7.1 A, where the first and second terms are the
equivalent radii of S,04’" and {3,3}, respectively (see the
Supporting Information for calculational details). This r,
estimate is only 20% larger than the value of 6 A obtained
from the experimental data.

The alkaline reaction is significantly activated, and the
corresponding Arrhenius parameters derived from the temper-
ature dependence in Figure S are A = (4.5 +0.3) X 10° M~'s*
and E, = 8.11 + 0.05 kcal/mol. In terms of Scheme 1, the
activated complex formalism, and eq 5, the apparent bimolecular
rate constant is

kapp = 2’I<IPket

RT  [ApS+ A,S* ApH + A H*
=2—exp| ————|exp| ——————
Lh R RT
(®)

In this equation, ApS and ApH are the entropy and enthalpy
associated with ion pairing and A,S* and A H” are the
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Figure 5. Temperature dependence in Arrhenius coordinates of the
apparent second-order rate constant for {3,3} oxidation (circles) and its
linear fit. Conditions: [S,05*"] = 1 mM, [{3,3}] = 28 uM, pH 11
(NaOH), it = 0.004 M.

corresponding activation parameters for the electron transfer
step; the steric factor and transmission coefficient for this step are
both rolled into the A,S” term. From the Arrhenius garameters,
we obtain for the apparent activation entropy AS,,.,” = RIn2 +
ApS + A,S” = =209 + 0.2 e.u. and for the enthalpy AHapp# =
ApH + A H” = 7.52 + 0.04 keal/mol.

Within the model given by eqs 6 and 7, the entropy of ion
pairing is

o(T In Kpp)

ApS=R
. aT
R 47Lr, Sr 4 W(r,) - Kty T oD
1000 T 2(1 + xn,) | D oT
Kty
2(1 + xrp) )

The first right-hand term in this equation is associated with the
restriction on the reactants’ translational motion in the ion pair
and is therefore negative; with 7y = 6 and r, = 1 A, this term is
—2.6 e.u. This negative contribution is more than compensated
by the second, electrostatic right-hand term which is positive and
amounts to 10.9 e.u.; this number has been computed using 0D/
0T = —0.36 K" at 25 °C*® and y = 0.004 M as in Figure 5. The
positive electrostatic contribution to the ion pairing entropy is
expected because the ordering of solvent around an ion pair is
greatly reduced due to charge neutralization (in this case, the ion
pair has zero charge) compared to stronger ordering around the
free individual ions. Thus, ApS & 8.3 e.u. and the activation
entropy for the rate limiting electron transfer step is even more
negative than Asapp#’ that is, A,S” ~ —30.6 e.u. Despite the
Coulombic attraction of the oppositely charged reactants, the
enthalpy of ion pairing is slightly positive and amounts to AjpH =
—RTIn Kjp —TApS = 0.8 kcal/mol, which indicates that the ion
pairing is driven predominantly by the entropy increase. The
activation enthalpy for electron transfer is thus A H” ~ 6.7 kcal /
mol.

As the solution is acidified, the specific rate of {3,3} oxidation
by S,04>" falls off the plateau observed in alkaline solutions,
reaching a much lower plateau in acidic media (Figure 6).
Whereas in both alkaline and acidic media with S,04>” in excess,
{3,3} decay kinetics were rigorously exponential, in neutral

DOI: 10.1021/acs.jpcb.5b00922
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Figure 6. pH dependence of the apparent bimolecular rate constant for
{3,3} oxidation (k,,,) measured at 25 °C and constant [{3,3}] =20 uM,
[S,05*"] = 10 mM, and y = 40 mM maintained with NaClO,. NaOH
(pH 11 and 12), borate buffer (8 < pH < 11), phosphate buffer (pH 6.9),
and HCIO, (pH 2 and 3) were used to control pH. Circles mark data
obtained from fitting the entire {3,3} exponential decay kinetics, and
diamonds indicate data derived from the initial {3,3} decay rates. The
solid line corresponds to eq 10 with k; = 0.4, k, = 15, and k; =200 M ™"
s, and with pK,; = 5.2 and pK,, = 8.3. The dashed vertical lines separate
the predominance domains for various protonation states of {3,3}. Note
the vertical axis break.

media, significant deviations from exponentiality were observed
(Figure S3, Supporting Information). We therefore derived the
k,pp Values in the neutral region from the initial {3,3} decay rates.
The pH dependence in Figure 6 is associated with two protic
equilibria involving the water ligands of {3,3} that occur with
pK,; = S and pK,, ~ 8 (see Table S1, Supporting Information),
which leads to the following expression for the apparent
bimolecular rate constant (as defined by eq 2)
kl[H+:|2 + kZKal[H+] + k3KalKa2

w [H+:|2 + Kal[H+] + -KalI<aZ (10)

where k;, k,, and k; are the rate constants for fully protonated,
singly deprotonated, and doubly deprotonated {3,3} species,
respectively. Figure 6 shows that the observed pH dependence
can be satisfactorily reproduced by eq 10 and that the rate
constant increases by a factor of 20 upon dissociation of the first
proton and another factor of 10 upon dissociation of the second
proton. This increase occurs despite the decrease in ion pairing
between {3,3} and S,04*” due to the decrease in the positive
charge on {3,3}. The K values at ¢ = 40 mM evaluated through
egs 6 and 7 are 8, 42, and 220 M~ for the alkaline, neutral, and
acidic regions, respectively, in Figure 6. Using these values, the
rate constants k;—k;, derived from Figure 6, and eq S, we estimate
that the electron transfer rate constant (k,, Scheme 1) increases
from ~1 X 107 to ~0.25 and to ~13 s™! upon going from fully
protonated to singly deprotonated and to doubly deprotonated
{3,3} species.

Radical Scavenging. To investigate the conjecture in
Scheme 1 that the intermediacy of free SO,*” radical plays a
role in the overall oxidation process, we have examined the effect
of a radical scavenger, 2-propanol (2-PrOH), on the reaction rate
and yield. In the presence of 2-PrOH, a portion of the SO,*~
radical will be converted into the carbon-centered alcohol
radical®’

SO,*” + (CH,;),C(H)OH — HSO,” + (CH,),"COH
ke=(3-9) x 100 M~'s™" (11)

7753

This strongly reducing radical, E°((CH,),CO,H"/
(CH;),*COH) = —1.39 V,*® will rapidly reduce the blue dimer
in all oxidation states involved in Scheme 1. The most
consequential reactions brought about by SO,*™ radical
scavenging are summarized in Scheme 2.

Scheme 2

ko (CHg)yCOH 24 Kart

oot

{3,3}
(CH3),CO + H*

sO; (3.4} P
@,
Y 4, 2328 33453
{4,4} com2

If we designate the SO," radical yield in Scheme 1 as a = ky;/
(ke + ko) and the scavenging efficiency in Scheme 2 as f§ =
ksc[z-PrOH]/(ksc[z'PrOH] + ksrl[{3)3}:| + ksrl[{3)4}:|)l the
instantaneous yield of {3,3} oxidation by $,04*" in the presence
of 2-PrOH becomes

v= -3 _ 51— ap)
d[S,05°7] (12)

Implicit in this equation is the assumption of low steady-state
concentrations for all intermediates (both radicals, {2,3}, and
{4,4}), which allows us to neglect their cross reactions,
disproportionation, and radical self-recombination. Other
simplifications arise from the facts that kg, =& kg, = kg, as will
be described in the next section, and that [{3,3}] + [{3,4}] =
[{3,3}],, the concentration of added blue dimer. We thus write /3
= [2-PrOH]/([2-PrOH] +y), where y = k,.[{3,3}]o/k,. is a time-
independent parameter, and obtain for the integral yield

_A33Y] _ 2( | _ o [2-PrOH] ]
[2-PrOH] + ¢ (13)

A[S,04°7]

Tests of this equation are presented in Figures 2 and 7a, where
the integral {3,3} oxidation yield is measured with {3,3} in excess
over $,0¢*". These experiments were performed under strictly
anaerobic conditions to avoid complications arising from rapid
addition of dissolved oxygen to (CH;),"COH to form a peroxy
radical. As can be observed in Figure 2, addition of 2-PrOH does
decrease the magnitudes of both the {3,3} absorption decay and
{3,4} absorption growth. The 2-PrOH concentration depend-
ence of this effect in Figure 7a is consistent with eq 13, provided
that @ = 0.25 and y = 0.05 M. The latter parameter is within the
range 0.02—0.07 M calculated from ky, ~ 1.5 X 10'°°M ™" s (next
section), [{3,3}]o, and k. literature values for reaction 11.

Schemes 1 and 2 predict that oxidation of {3,3} to {3,4}
should go to completion in sufficient excess of S,04*~ despite
partial consumption of S,04>~ toward oxidation of 2-PrOH to
acetone. As shown in Figure 7b, this has indeed been observed,
but the reaction rate is markedly decreased by the addition of 2-
PrOH. Assuming that 0.5 M 2-PrOH is sufficient to scavenge all
SO,°™ radicals, we identify the rate constants for dashed traces in
Figure 7b as 2k, = 1.3 s™" and the solid traces as 2(ky; + ko) =
1.7 57!, from which @ = 0.24, in agreement with the value derived
from the yield data in Figure 7a. We thus conclude that the
partitioning between the two-electron pathway and one-electron
free radical pathway in Scheme 1 is ~3:1.

Pulse Radiolysis. This technique has been used to
investigate several individual reactions involved in Schemes 1
and 2. Previously, we had determined the rate constant k, = 1.5

int —
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Figure 7. Effect of added 2-PrOH on the {3,3} + $,04>™ reaction in a N,-purged solution at 25 °C. (a) Integral yield, Y;,, of {3,3} to {3,4} conversion
under the conditions of Figure 2, that is, with ~1.5 stoichiometric excess of {3,3} over S,04”". The yield is defined in eq 13, and the solid line shows the
fit to this equation with @ = 0.25 and y = 0.05 M. (b) Kinetics of {3,3} to {3,4} conversion recorded at 624 nm (decay of {3,3}, blue traces) and 490 nm
(accumulation of {3,4}, red traces) under a large excess of $,0>~ (10 mM) over {3,3} (26 uM) in 10 mM borate at pH 9.2. Solid and dashed lines show
the data without and with 0.5 M 2-PrOH, respectively. All traces can be fitted very well to single exponential kinetics with pseudo-first-order rate
constants of 1.7 s™' (2-PrOH absent) and 1.3 s™ (2-PrOH present).

30

a) *CH,(CH3),0H
(CHa3)3COH o
OH*(2.8) + €44 (2.7) )

32082_ g -15 01f§diz-:ti<:»1nodcvse,1 SM
.. {33}
SO;” — {3,4}

Ksr1 -30

. 30
time, us

Figure 8. (a) Experimental design for measuring k,;,. Green and blue arrows represent reactions initiated by the hydroxyl radical and hydrated electron,
respectively. Numbers in parentheses represent radiation yields (G-values) for these pathways. (b) Kinetics of the {3,3} + SO,*™ reaction recorded at
630 nm (blue, {3,3} decay) and 490 nm (red, {3,4} formation). Two Ar-purged buffered (2 mM borate, pH 9.2, plus 10 mM fert-butyl alcohol)
solutions, one containing 20 uM {3,3} and the other containing 4 mM $,04>, are 1:1 flow-mixed and passed through an optical flow cell using a
remotely controlled syringe pump (Figure S1, Supporting Information). Pulse radiolysis and detection are timed to occur while the solutions are still
flowing. The lines show exponential fits to the data with the rate constants 1.8 X 10°s™" (blue) and 1.9 X 10°s™" (red). The inset shows the dependence
of the {3,3} decay rate constant on the radiation dose expressed as concentration per unit radiation yield, and the line gives a linear fit with the intercept
of 1.6 X 10°s™".

x 10" M~ s at pH 7.2 and ¢ = 11 mM.>*** The SO,* ™ radical employed a similar design (Figure 8a) to measure the rate of

was generated in Ar-purged solutions containing S,0¢”*~ and tert- reaction between {3,3} and SO,*~ (k, in Scheme 1). To avoid
butanol. Under these conditions, the major primary radicals from thermal oxidation of {3,3} by S,04> occurring prior to pulse
water radiolysis, the hydrated electron and hydrojf)yl, were radiolysis in this system, we have used the flow mixing technique

scavenged on sub-microsecond time scales, as follows illustrated in Figure S1 (Supporting Information).
e _ e . The transient absorption on a 40 s time scale following pulse
$,:057 + e — 8O +86, radiolysis shows bleaching at 630 nm and growth at 490 nm
k,=12x10°M ! (14) (Figure 8?), which is indicative of {3,3} conversic.m to {3,4}.
Extrapolation of the observed rate constant for this change to
zero radiation dose, a procedure that corrects for all radical—

(CH;);COH + OH" —~ *CH,C(CH;),0H + H,0 radical reactions and consumption of {3,3} at higher doses

ks = 6.0 X 108 Mg ! (15) (Figure 8b, inset), yields the bimolecular rate constant kg, = 1.6

x 1010 M~! g7t at pH 9.2 and p = 7 mM. Thus, k;; & kg, are

Control experiments conducted in N,O-saturated solutions essentially at the diffusion controlled limit, which is not
(~25 mM N,0), where e,y is converted to OH" surprising because both reactions are extremely exergonic.

To investigate the reduction of {3,3} by the (CH;),"COH

N0 + eaq_(+H20) - N, + OH" + OH radical (k,, in Scheme 2), we have used pulse radiolysis in a N,O-

ko= 9.1x 10° M ts! (16) saturated solution containing S0 mM 2-PrOH, 20.5 uM {3,3},

and 2 mM NaOH. Under these conditions, all primary radicals

and the SO,°™ radical is not produced, demonstrated that the from water radiolysis are converted into the alcohol radicals
*CH,C(CH,;),0H radical reacts sluggishly, if at all, with the within a microsecond, and the subsequent bleaching of the {3,3}
coordination complex and does not interfere with the dynamics absorption band at 624 nm can only be attributed to the k,,,
of the reactions of {3,4} with the other radicals. Here we reaction in Scheme 2. Kinetic analysis of these data yields k,, =
7754 DOI: 10.1021/acs.jpcb.5b00922
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Figure 9. (a) Experimental design for measuring k... Green and blue arrows represent reactions initiated by the hydroxyl radical and hydrated electron,
respectively. Numbers in parentheses represent radiation yields (G-values) for these pathways. (b) Kinetics of the {3,3} + {4,4} comproportionation
recorded at 624 nm (green, {3,3} formation and decay) and 485 nm (blue, {3,4} bleaching and recovery). Two Ar-purged solutions, one containing 4
mM 2-PrOH and the other containing 190 uM {3,4}, 19.S mM $,04%7, and 6 mM NaOH, are 1:1 flow-mixed into a flow cell using a remotely controlled
syringe pump (Figure S1, Supporting Information) immediately prior to pulse radiolysis. The black lines show fits to the data as described in the text
with the k., rate constants 5.4 X 10’ M~ s™* (green trace) and 4.7 X 10’ M~" s™* (blue trace).
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Scheme 3
Kdis_4 {3,45% + SO,% + SO~
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5.1 x 10° M~" 57! (see Figure S4, Supporting Information, for (1 = @)ky,[S,05° 1/keom which amounts to a negligible

app

details). In a similarly designed experiment in which 25% [{4,4}], =~ 0.03 uM under the conditions given in Figure 6.

stoichiometric excess of S,0¢*” was added to quantitatively It is well-known that upon one-electron reduction the $,04>~
convert {3,3} to {3,4} prior to pulse radiolysis, we have ion dissociates as in reaction 14. However, it is not known
determined k,, = 7.2 x 10° M~! 5! (Figure S5, Supporting whether this reaction proceeds through a thermally equilibrated
Information). Thus, both k,; and k,, are nearly diffusion intermediate, $,04°*", or whether electron capture by 8,05 is

controlled, and our steady-state assumption for (CH;),*COH in truly dissociative. To probe this issue, we have used pulse
Scheme 2 is justified. radiolysis with sub-nanosecond temporal resolution to compare

To evaluate the specific rate of the {3,3} + {4,4} the transi.ent absorption rise time f(?r formation of the. hydrated
electron in Ar-purged neat water with that for formation of the
SO,"" radical in 2 M S,04>" solution (see Figure S6, Supporting
Information, for full details). Although in the latter case the
electrons are quantitatively captured by S,04>~ within ~0.05 ns,
we have observed in both cases the same rise times of ~0.5 ns,
which represents the response time of our detection system. This
observation clearly indicates that, if the $,04"*~ radical exists as
the bound thermally equilibrated species, its lifetime does not
exceed 0.5 ns.

comproportionation (k,, in Scheme 1), we have performed
pulse radiolysis of a solution containing 95 uM {3,4}, 9.75 mM
$,04°7, 2 mM 2-PrOH, and 3 mM NaOH. This solution
composition was selected to generate nearly equal amounts of
the (CH,),"COH and SO,*™ radicals which, in turn, rapidly
convert {3,4} into {3,3} and {4,4}, respectively, as shown in
Figure 9a. This conversion is observed in Figure 9b as the
appearance of absorption at 624 nm (the {3,3} absorption
maximum) and bleaching at 485 nm (the maximum of the {3,4}
- {4.1,4} difference spectrum3(.)’39). The observed signal B DISCUSSION
amplitude ratio A,gs/Ag4 = 1.44 is close to the expected value
of 1.50 for A[{3,3}] = A[{4,4}], both the new absorption and The hypothetical successor complex, [{314}3+"'8208.3T]S?) that
bleaching are reversible, and the shapes of kinetic traces at both would be formed b}’ sm.lple one—electljor} transfer mt.hm the
wavelengths correspond well to second-order processes. precursor comp lex ion pair (Schemg 1) is itself a stro?g lon pair
All of these features are consistent with {3,3} + {4,4} with Z,Zy = —9 at pH > 4. The stability constant for ion pairing

comproportionation being observed in Figure 9b. To obtain k., " kg - S

the integral kinetics prescribed by the comproportionation rate {3,4)7 + 85,0, = [{34F 7 8,04" Isc

law d[{3,4}]/2dt = —d[{3,3}]/dt = —d[{4,4}]/dt = k.om[{3,3}]. “

[{4,4}] were fitted to the data using as initial concentrations estimated from eqs 6 and 7, is K = k_y/ky ~ 10° M~ at yt = 0.02

[{3’3}].0 = 2.5 uM and [{4,4}], = 24 :“Mf values that were M, an ionicity that is typical for this study. This large K¢ and the
determined from the Ag, and A amplitudes. From this very short measured lifetime of the S,04**” radical (<0.5 ns,

analysis, we estimate Ko, % 5 X 10" M™' 57" at pH 11.5 where all Figure S6, Supporting Information) ensure that O—O bond
species involved are in their dihydroxy protonation states. This cleavage will occur within the successor complex. This follows
value is sufficiently large to ensure that comproportionation is because the rate constant for ion association cannot be greater
not rate-limiting under the prevailing conditions of this study: than the diffusion-controlled limit of k_4 ~ 10'° M™' s}, so that
alkaline solutions and y = 5—50 mM. It follows from Scheme 1 the ion pair lifetime must exceed 1/ky = Kgc/k_g ~ 100 ns, which
and eq 2 that the steady state concentration of {4,4} is [{4,4} ], = is at least 200-fold greater than the S,04"*" lifetime. We can thus
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suggest a more detailed description of the rate-determining step
in Scheme 1, which is shown in Scheme 3.

Here, electron transfer is viewed as dissociative (DET),
involving rupture of the O—O bond in the transition state
followed by formation of the ion triple, in which all three ions are
free to move (translationally and rotationally) relative to each
other. Similar DET mechanisms have been invoked for
oxidations by both peroxydisulfate ion>”'® and organic
peroxides.*' Because the k, step is rate determining, the
partitioning between the one-electron k,,; and two-electron k,
oxidation pathways is identified as the competition between two
very rapid processes, those of SO,°~ radical escape from the ion
triple and intratriple oxidation of {3,4} by SO,*". In terms of
notations in Schemes 1 and 3, k,; = kokaio/ (kgis + Kez) and kg, =
kekes/ (kgis + ko3), and our radical scavenging results with 2-
PrOH indicate that SO,°” escapes the ion triple with ~25%
probability.

At this point, it is instructive to consider the energetics of blue
dimer oxidation by peroxydisulfate, which is illustrated by the
E,—pH predominance diagram in Figure 10. Notably, the {4,4}

1.64 "
%\ {5,51-(0);

{45103

E ,Vvs NHE

o
ol

{33-OH"

04 [ pH [ 10 12

0 2 ]

Figure 10. E,—pH predominance diagram for blue dimer species
constructed using reduction potentials and pK, corrected to zero ionic
strength, as shown in Tables S1 and S2 (Supporting Information). The
{4,4} species is doubly deprotonated,””*° and the {4,5} and {5,5}
species are fully deprotonated””**** over the entire pH range. The
dashed line corresponds to the one-electron reduction potential of
peroxydisulfate: E°(S,04°7/S0,"”, SO,*”) = 1.45 Vand pK,(HSO,”) =
1.96. A predominance diagram based upon data that are not corrected
for ionic strength is shown in Figure S7 (Supporting Information).

domain at neutral and alkaline pH and the {4,5} domain at acidic
pH are absent due to instabilities of these oxidation states toward
disproportionation

{4,4}-(OH), + {4,4}-(OH), = {4,5}-(0),
+ {3,4}-(OH), + 2H"

AG°<0 at pH>33 (17)

{4,5}-(0), + {4,5}-(0), + 2H" = {5,5}-(0),
+ {4,4}-(OH),

AG’<0 at pH <26 (18)

As aresult, all four oxidation states are found only in a narrow pH
range, and the very existence of this range is a subject to knowing
the differences between reduction potentials of {4,4}, {4,5}, and
{5,5} to better than 0.04 V.

7756

It is clear from Figure 10 that the rate determining k, step
becomes significantly more favorable with increasing medium
pH, which is undoubtedly responsible for the rate—pH
dependence in Figure 6. The relationship between the overall
standard reaction free energy (AG°)

AG® = E°({3,4}/{3,3}) — E°(8,05°7/80Q,"", SO,*7)
(19)

and that of the one-electron transfer step (AG") are schemati-
cally shown in Figure 11a and given by

0’ 0 I<I%
Kyr (20)

(For a nondissociative electron transfer when both reactants and
products are ion pairs, this equation reduces to the more familiar
form AGY = G° + W, — W, where W, and W, are the
electrostatic work for ion pairing of products and reactants,
respectively.) The value of K, can be obtained from eqs 6 and 7
(with p = 0), and a procedure for evaluating Ky is developed in
Figure S8 (Supporting Information).

In Figure 11b, values of k., for oxidation of {3,3} in its three
protonation states are plotted against their corresponding AG”
calculated under the assumption that the nascent {3,4} products
retain the reactant’s protonation states. In other words, the k,,
step involves breakage of only the peroxo bond in $,04>” and pH
equilibration of {3,4} with the medium, if any, occurs later (see
the following paragraph for additional discussion). For
comparison, analogous plots for two sets of complexes that
contain no coordinated water are also shown in Figure 11b (see
Table S3, Supporting Information, for full details). Collectively,
the three plots span about 1 eV in AG” and 8 orders of
magnitude in k., and in each case, a good linear dependence of
the form In(k,) = a + bAG" is observed. Because k, = o(kT/
h) exp(—AG*/RT), where ¢ combines the steric factor and
electronic transmission coefficient, we write

AGH = RT[ln(ak—T) — a] — RTHAG”
h (21)

The —RTb slopes in this dependence are nearly identical for all
three series at 0.39 (BD series), 0.44 (G series), and 0.39 (R
series).

The very similar linear free energy correlations for reaction of
the “blue dimer” and other complex ions (Figure 11b) support
the assumed reaction model (Scheme 3). One notes that the
alkaline pathway involves simple electron transfer, whereas net
oxidation by the other pathways leads to release of one to two
protons. Coupling of proton transfer to a solvent water molecule
with electron transfer to S,04>~ (PCET), if it existed, would be
expected to substantially increase AG" values for the neutral and
acid pathways relative to the alkaline pathway and to shift points
2 and 3 in Figure 11b to the right. This is not evident in the figure,
where the slope for the BD series is nearly identical to the other
sets of data, and the absolute values of k,, are in accord with
expectations from other polypyridine-ligated complexes (series
G) that undergo simple one-electron transfer. We therefore
conclude that PCET is not an important factor in these reactions.

According to a theoretical model developed by Savéant,****
free energy correlations for dissociative electron transfer should
have the same quadratic form as that prescribed by Marcus
theory, namely,
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Figure 11. (a) Schematic representation of the free energy profile for a dissociative electron transfer. (b) Dependencies of k,, upon AG” (see Table S3,
Supporting Information, for numerical data, detail, and references). Series BD (solid blue circles): blue dimer species {3,3}-(OH), (1), {3,3}-
(H,0)(OH) (2), and {3,3}-(H,0), (3). Series G (open green circles): Ru(bpy);>*, Os(bpy),**, and FeL,** polypyridine- and phenanthroline-based
complex ions. Series R (open red triangles): Ru(NH;)s-based mononuclear (down triangles) and pyrazine-bridged binuclear (up triangles) ions.
Numerical labels match entries in Table S3 (Supporting Information). The solid lines show linear fits: —(12.3 = 0.3) — (15.2 + 0.4 eV HAGY (BD
series), —(12.0 + 0.6) — (17.2 + 1.3 eV 1) AG" (G series), and —(7.7 + 1.0) — (14.7 + 1.1 eV 1) AG” (R series). The dashed lines show fits to the data
using k. = (6kT/h) exp(=AG*/RT) and eq 22 with ¢ = 107 for all series and A = 3.0 (BD series), 2.9 (G series), and 2.5 eV (R series).

0 \2 o
AG#=-1[1+-§—) =-i4—l(1+ AG ]AG”

4 A 4 (22)
where A includes the enthalpy of the dissociating bond (in our
case, the BDE of the O—O bond in S,04>") and the
reorganization free energy (4,), so that 4 = BDE + 4. Although
this BDE is unknown, it can easily contribute in excess of 2 eV
(e.g, BDE = 2.2 eV for the HO—OH bond).* The contribution
to A from reorganization is also expected to be substantial, as the
dissociative electron transfer involves major spatial redistribution
of charge. Thus, we should expect that 2 > IAG®1/2 and for eq
22 to appear nearly linear over a sufficiently small AG range.
This approximation predicts a slope that is slightly less than 0.5,
which is consistent with the —RTb slope of about 0.4 derived
from the data and eq 21.

To compare predictions of eq 22 with the data in Figure 11b,
we need to have at least an estimate for the value of 5, and this
information can be obtained from the entropy of activation. A
curious feature of the peroxydisulfate oxidation of {3,3}-(OH),
is that, despite a bond dissociation in the transition state, this
reaction exhibits significantly negative apparent activation
entropy (AS,,,” ~ —21 e.), as derived from the temperature
dependence in Figure S. However, this appears to be a common
trend for peroxydisulfate oxidations. The activation data for a
series of ML,** polypyridine- and phenanthroline-based complex
ions compiled in Table S4 (Supporting Information) show that
ASapp# values for their oxidations by S,04*” average about —23
eu. Although noted previously,">*® these negative activation
entropies have not been adequately explained. Here, we shall
attempt a semiquantitative interpretation of this feature.

Considering the reaction mechanism that leads to k,,
26(kT/h)Kpk,, we write AS, " = RIn20 + ApS + AetS’E’. In
terms of the model in Figure 11, using eqs 20 and 22, and
assuming that 1 > IAG"| and is temperature-independent, we
derive

1
AS! ~Rln2o + E(As" + ApS + ApS)

(23)
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where AS’, AppS, and A;S are entropies of the overall reaction,
reactant ion pairing, and product ion tripling, respectively. It has
been shown that the entropy changes upon one-electron
oxidation of trisbipyridine and trisphenanthroline complexes of
divalent Ru and Fe are typically small; e.g., S,," — S..q’ is about 2
eu. for the Fe(4,4'-Me,-bpy);>*/** pair, and for the present
purposes, we will use this value. Although the entropy of SO,* is
unknown, it should be nearly equal to that of HSO,. Using
tabulated data for this anion, SO,>~, and $,04>~,* we estimate
AS° = —20 e.u. The values of ApS and ArS evaluated at y = 0
from eq 9 and the model in Figure S8 (Supporting Information)
are both substantially positive at about 9 and 17 e.u., respectively,
for all complexes in Table S4 (Supporting Information). Thus,
the second term in eq 23 is positive and small at about 4 e.u., and
to account for the average observed Asapp# ~ —23 e.u.,, we must
assume o to be of the order of 107%. In mechanistic terms, this low
number suggests a high degree of nonadiabaticity for the electron
transfer step, which is likely associated with poor electronic
coupling between the metal ion and S,04"".

Although the degree of nonadiabaticity for oxidation by
S,04>” may vary from series to series and even within a series in
Figure 11b, for illustrative purposes, we have set 6 = 107 and
applied the unabridged eq 22 to the data. The dashed lines in
Figure 11b show that this model accounts fairly well for the data
provided that A is sufficiently large: 3.0 (BD series), 2.9 (G
series), and 2.5 eV (R series). Comparing eq 21 with eq 22 at A >>
IAG®1/2, we identify 1/4 as RT[In(6kT/h) — a] (that is, as the
activation free energy for the reaction at zero driving force) and,
with 6= 1076, we calculate A = 2.9 (BD series), 2.8 (G series), and
2.4 eV (R series), which are essentially the same as the 1 values
obtained from the quadratic fit. Thus, our suggestions of strong
nonadiabaticity and large reorganization energy are consistent
with the observed rates and activation parameters. The clearly
noticeable offsets, especially for the R series, in Figure 11b are not
readily explicable within the simple model used here and may
require invoking specific S,04° —ligand interactions that
modulate Kjp, 6, or both. One such model proposed by Haim
postulates H-bond formation between three adjacent coordi-
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nated NH; molecules and three cofacially aligned oxygen atoms
of a SO; moiety of peroxydisulfate.®

As shown in the E,—pH predominance diagrams (Figure 10
and Figure S7, Supporting Information), persulfate oxidation of
{3,3} to higher oxidation states ({4,5} and {5,5}) through a
mechanism similar to that in Scheme 1 is thermodynamically
limited in acid solutions but not in alkaline media, where all
oxidation states of the dimer are accessible. Using the linear
dependence in Figure 11 and eqs 6 and 7, we estimate (Table S3,
Supporting Information) the apparent rate constant for further
oxidation of {3,4} in neutral and alkaline solutions

{3,4}-(OH), + 82082_
- (1 — @)({4,5}-(0), + 280,>” + 2H")
+ a({4,4}-(OH), + SO,*7) (24)

as ky,, = 2Kppky & 3 X 107> M~ s7" at = 0.03 M (10 mM
K,S,0;) and the {3,4} half-life under these conditions as ~8 h.
Similarly, for oxidation of {4,5}

{4,5}-(0), + S$,0,°" — {5,5}-(0), + SO,*” + SO,*~

(25)
we estimate k,,, = 2Kppk & 9 X 107 M ™" s (4 = 0.03 M) and
t;/, ~27 hin 10 mM S,04>". Such slow rates render reactions 24
and 25 to be of little utility, particularly in light of the previously
detected instability of {4,5} toward nucleophilic attack by the
hydroxide ion on a bipyridine ligand that initiates its deep
oxidative destruction with attendant consumption of numerous
{4,5} ions.*® It is thus not surprising that, although access to
{5,5} should lead to dimer-catalyzed water oxidation by
peroxydisulfate,””*” incubation of an anaerobic alkaline solution
containing 69 uM {3,4} and 10 mM S,04*" for up to 5 h did not
yield any detectable O, formation, as determined using a
sensitive fluorescence technique.

The near-diffusion rate constants measured for reaction of
SO, with {3,3} and {3,4} indicate that this radical is a highly
reactive and indiscriminant oxidant. In reactions where it is
generated (for example, photosensitized water oxidation systems
using S,04”” as a terminal electron acceptor),"' ** $0,*~ may
strongly influence the overall performance of the system. In these
cases, in addition to oxidizing the photosensitizer, the radical may
react directly with the water oxidation catalyst to generate the
higher oxidation states that are either catalytically active or
engage in degradative reactions that lead to modification or loss
of catalytic activity. A case in point is water photooxidation by the
S,05> /Ru(bpy);>*/“blue dimer” system, where the potentials
for photogenerated Ru(bpy);** (E, /Z(Rum/ ) =127 V) and
Ru(dmb);** (E;, = 1.11 V; dmb = 4,4’-dimethyl-2,2’-
bipyridine) are insufficient to drive oxidation of {3,3} to the
catalytically active {S,5} state (Figure 10), yet O, evolution was
observed."* In contrast, thermal reaction of {3,3} with a large
excess of chemically prepared Ru(bpy);** did not lead to
detectable O, accumulation, implicating SO,*™ in the formation
of {5,5}. This conclusion is supported by studies demonstrating a
marked dependence of rates of photoinitiated O, evolution upon
the sensitizer reduction potential®® and markedly increased
transient state levels of {5,5} (as determined by resonance
Raman spectroscopy) when a more strongly oxidizing
homologue (Ru(dcb),(bpy)**, E,, = 1.51 V; dcb = 4,4'-
dicarbethoxy-2,2'-bipyridine) was used as a photosensitizer.'***
Similar conclusions have recently been drawn by Bonchio and
co-workers, who demonstrated by transient spectroscopy that
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photochemical yields of Ru(bpy),*" formed by reaction with
S,04>” were diminished in the presence of a Co,—cubane water
oxidation catalyst, implying that direct oxidation of the Co,
catalyst by SO,*~ competed with oxidation of Ru(bpy);>*.>*
These studies clearly demonstrate that accurate mechanistic
interpretation of chemical and photocatalytic reactions utilizing
S,04>™ as a terminal oxidant will require quantification of the fate

of the SO,°” radical that is generated as a reactive intermediate.
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