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ABSTRACT: Six-coordinate Pt(IV)-complexes are prominent
prodrug candidates for the treatment of various cancers where,
upon two-electron reduction and loss of two axial ligands, they
form more familiar, pharmacologically active four-coordinate
Pt(II) drugs. A series of electrochemical experiments coupled
with extensive density functional calculations has been
employed to elucidate the mechanism for the two-electron
reduction of PtIV(NH3)2Cl2L2 to PtII(NH3)2Cl2 (L =
CH3COO

−, 1; L = CHCl2COO
−, 2; L = Cl−, 3). A reliable

estimate for the normal reduction potential Eo is derived for
the electrochemically irreversible Pt(IV) reduction and is
compared directly to the quantum chemically calculated
reduction potentials. The process of electron transfer and Pt−L bond cleavage is found to occur in a stepwise fashion,
suggesting that a metastable six-coordinate Pt(III) intermediate is formed upon addition of a single electron, and the loss of both
axial ligands is associated with the second electron transfer. The quantum chemically calculated reduction potentials are in
excellent agreement with experimentally determined values that are notably more positive than peak potentials reported
previously for 1−3.

■ INTRODUCTION

Platinum-based antitumor drugs continue to play an important
role in the treatment of various cancers, including testicular,
head and neck cancers, and ovarian and lung carcinomas.1−5

Unfortunately, serious side effects, such as nephrotoxicity and
neurotoxicity, and resistance to the first generation of Pt drugs
pose severe limitation to their efficacy.6−9 One promising
avenue of decreasing side effects is to utilize much more inert
six-coordinate Pt(IV) prodrugs that will be reduced once inside
the target cell to afford the active, four-coordinate, square-
planar Pt(II) analogues.10−17 Much work has been invested to
elucidate the manner in which cisplatin, PtII(NH3)2Cl2, binds to
DNA;18−24 therefore, a rational strategy for designing Pt(IV)-
prodrugs is to incorporate a cisplatin moiety into a Pt(IV)-
complex with axial ligands that will be lost upon reduc-
tion.13,14,25−28 Furthermore, the choice of the axial ligands
employed can be made on the basis of tunable properties, such
as lipophilicity29−31 or ease of reduction.14,29,30,32−36 The
activation process involving the transfer of two electrons and
loss of two axial ligands is challenging to study, in part because

the reduction is intrinsically irreversible, making it difficult to
use standard voltammetric methods to precisely characterize
the redox properties of the Pt(IV/II) couple. In addition, the
two-electron redox process, which is commonly observed as a
single voltammetric event, complicates the conceptual under-
standing.34 Finally, the thermodynamics and kinetics of the
overall dissociative electron-transfer process can be influenced
greatly by the timing of the axial bond cleavage. Because no
straightforward solutions exist for these complications, previous
studies utilized the peak potential of the irreversible cathodic
response, Epc, at a single scan rate to approximate the ease of
reduction of the complex.13,29,30,32−34,37 These studies have
provided some valuable insight, but the peak potential of an
irreversible redox reaction is highly dependent on the scan rate
and other experimental conditions, posing serious questions
about the relevance of these potentials for understanding the
redox behavior of the Pt(IV) drugs. In addition, the physical
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meaning of the two-electron wave remains obscure when the
extent of coupling between the underlying electrochemical and
chemical steps within the time scale of the measurement is not
known.
A much better, albeit more involved method of inquiry is to

quantify the energetics of electron transfer and Pt−L bond
cleavage within the framework of Marcus theory.38 Sa-
veánt39−47 has developed a powerful conceptual approach for
characterizing such dissociative electron transfer reactions. The
analysis utilizes the peak potential, the shape of the i−E
response, and the scan rate dependence of these parameters to
extract the electron transfer coefficient α. The value of α and its
variation with scan rate contain valuable information about the
redox mechanism and allow for identifying whether the
chemical step of bond cleavage and electron transfer are
stepwise or concerted processes. As an additional benefit, the
standard reduction potential Eo, which has been inaccessible
thus far for Pt(IV) prodrugs, can be extracted. Although
Saveánt’s analysis has been used mainly for organic systems to
date,39−47 there is no fundamental reason why it should not be
fully applicable to transition-metal complexes. The emerging
mechanistic insight from these studies can be significantly
enhanced by augmenting them with detailed quantum chemical
models. This combination allows for constructing an
unprecedentedly precise model for the overall redox reaction,
including a quantitative interpretation of the single two-electron
response and projections for the behavior of the Pt(IV)
prodrugs in biological environments.
Over the past decade, we have demonstrated that density

functional theory (DFT) combined with continuum solvation
models constitutes a sufficiently accurate model for evaluating
the energies of even complex redox processes,48−52 with redox
potentials being reproduced within ∼100 mV. Typically, these
calculations assume Nernstian behavior of the redox pairs and
only afford standard potentials, because they do not provide
any information about the kinetics of electron transfer or the
existence of metastable intermediates. The strengths of this
computational electrochemistry approach are that it allows for
examining the electronic structure of the redox intermediates in
detail and it is complementary to the experimental explorations
presented here. As these calculations simply locate redox
intermediates, the methodology is not limited to Nernstian
redox couples per se. It should be possible to employ the same
modeling techniques to non-Nernstian behavior, provided that
the kinetic information leading to deviations from standard
equilibrium thermodynamics is taken from a different means, in
this case from experiments. Here, we demonstrate such an
extension to redox chemistry modeling by combining our DFT
calculations with the aforementioned Saveánt analysis.

■ EXPERIMENTAL AND COMPUTATIONAL DETAILS
Synthesis of Complexes. The platinum prodrugs 1−3 were

generously provided by Professor Stephen J. Lippard (Massachusetts
Institute of Technology, Cambridge, MA). The general procedures for
the synthesis of these prodrugs have been reported previously
elsewhere.27,34

Computational Details. All calculations were carried out using
density functional theory as implemented in the Jaguar 7.0 suite53 of
ab initio quantum chemistry programs. Geometry optimizations were
performed using the B3LYP54−57 functional and the 6-31G** basis set.
Pt was represented using the Los Alamos LACVP basis58,59 which
includes relativistic effective core potentials. The energies of the
optimized structures were reevaluated by additional single-point
energy calculations of each optimized geometry using Dunning’s

correlation consistent triple-ζ basis set60 cc-pVTZ(-f) that includes a
double set of polarization functions. For Pt, a modified version of
LACVP was used, designated as LACV3P, in which the exponents
were decontracted to match the effective core potentials with triple-ζ
quality. Solvation energies were evaluated using a self-consistent
reaction field (SCRF) approach based on accurate numerical solutions
of the Poisson−Boltzmann equation.61−63 Solvation calculations were
carried out with the 6-31G**/LACVP basis at the optimized gas-phase
geometry employing a dielectric constant of ε = 80.37 for water. For
all continuum models, the solvation energies are subject to empirical
parametrization of the atomic radii which are used to generate the
solute surface. We employed the standard set64 of optimized radii in
Jaguar for H (1.150 Å), C (1.900 Å), O (1.550 Å), N (1.600 Å), Cl
(1.974), and Pt (1.377 Å). Analytical vibrational frequencies within the
harmonic approximation were computed with the 6-31G**/LACVP
basis set to confirm proper convergence to well-defined minima on the
potential energy surface. The electron attachment energy in solution,
ΔGEA, was calculated by computing the energy components:

Δ = Δ + ΔG G G(sol) (GP)EA EA solv (1)

Δ = Δ − ΔG H T S(GP) (GP) (GP)EA EA (2)

Δ = Δ + ΔH E(GP) (SCF) ZPEEA EA (3)

ΔGEA(GP) is the free energy in gas phase; ΔGsolv is the free energy of
solvation as computed using the continuum solvation model;
ΔHEA(GP) is the enthalpy in the gas phase; T is the temperature
(298 K); ΔS(GP) is the entropy in the gas phase; ΔEEA(SCF) is the
self-consistent field energy, i.e. the “raw” electronic energy as
computed from the SCF procedure; and ZPE is the zero-point
energy. The ZPE and entropy were retrieved from the vibrational
frequency calculation. Note that by entropy we refer specifically to the
vibrational/rotational/translational entropy of the solute(s); the
entropy of the solvent is incorporated implicitly in the continuum
solvation model.

Electrochemistry. Cyclic voltammetry experiments of all Pt(IV)
prodrugs were conducted in a three-electrode cell and recorded at
room temperature with an EG&G PAR 273A potentiostat. The
working electrode was a platinum disk (Bioanalytical Systems, area =
0.02 cm2) or gold disk (Bioanalytical Systems, area = 0.02 cm2), the
reference electrode was Ag/AgCl (Bioanalytical Systems, satd. NaCl),
and the counter electrode was a platinum wire. The potential of the
Ag/AgCl electrode is +0.197 V vs SHE. Pt(IV)-complexes were
dissolved in water to prepare 1 mM solutions with 0.1 M sodium
acetate (for 1 and 2) or potassium chloride (for 3) as the supporting
electrolyte. Solutions were degassed with Ar for 5−10 min before
experimentation, and each CV was collected under a blanket of Ar.
The platinum disk electrode was polished between CV trials with 0.05-
μm γ-alumina (Buehler) slurry, rinsed clean with DI water, and dried.
Scan rates ranging from 0.02 to 1 V s−1 were used (0.05 to 1.5 V s−1 in
the case with gold); three CVs were collected at each scan rate to
obtain an average peak potential (Tables S5 and S6 in SI).
Experiments began with a CV scan rate of 0.1 V s−1 and then were
collected at 0.2, 0.5, and 1 V s−1. At this point, another CV was
obtained at 0.1 V s−1 to check the reproducibility of the system.
Subsequently, CVs were collected at 0.05 and 0.02 V s−1. Overall, the
peak potentials obtained at 0.1 V s−1 did not change significantly
(maximum uncertainty of ∼17 mV, shown in Table S5 in SI). All
voltammograms were background corrected by numerically subtract-
ing the current obtained for the supporting electrolyte alone from that
of the sample solution. Peak potentials were located by fitting a
Lorentzian to ∼20 data points close to the maximum current.

■ RESULTS AND DISCUSSION
The key to understanding the reductive activation of the Pt(IV)
prodrug into its Pt(II) form lies in identifying the principal
components of the overall reaction and understanding how
they are coupled to one another. The electrochemical potential,
at which the reductive activation of the prodrug occurs, is
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determined by the energy required to inject two electrons into
the Pt(IV) center and the energetics associated with losing two
ligands. The experimentally observable redox properties are
therefore complex composites of electrochemical and chemical
events and are intimately connected to the mechanistic details
of the prodrug activation reaction. Treating the Faradaic
response of the Pt(IV)-complex as a simple two-electron
transfer can therefore be misleading. Scheme 1 shows a

conceptual decomposition of the electron transfer and ligand
loss processes. The energetic requirements for each of the
components were evaluated quantum chemically by using a
computational protocol that was shown to yield reasonably
accurate models of solution-phase redox processes in previous
work.49 Starting from the six-coordinate Pt(IV)-complex, we
calculated the energy components by first adding an electron
but not allowing the axial ligand to depart from the Pt-
coordination site and then in a separate calculation reevaluating
the energy of the Pt-complex with each of the two axial ligands
removed sequentially.50,65 Scheme 1 shows a visualization of
this series of calculations where the electron attachment
energies in eV are displayed in the horizontal direction and
ligand dissociation energies are given in the vertical direction.
The structures denoted with an asterisk indicate that the
geometry optimizations of these intermediates, which are
necessarily done in the gas phase, resulted in no meaningful
minima; more specifically, chemically meaningless structures
are obtained where the reduced metal center can no longer
hold the anionic ligands in the primary coordination sphere
(Figure S1 in SI). Instead, the detached axial ligands form
hydrogen bonds with the ammine hydrogens; these minima are
plausible in gas phase, but they are not realistic as an
approximation to solution-phase structures. As a more
reasonable alternative, the energies for these species were
obtained from single-point energy calculations of the optimized
geometries of their respective Pt(III) analogues (Table S3 in
SI).
It is instructive to examine the energies that connect the

various hypothetical intermediates in this conceptual scheme.
On the basis of electrostatic considerations alone,48,66,67 one
may expect the reduction of Pt(IV) to be easier than that of

Pt(III), but given how rare Pt(III)-complexes are68−71 it is
chemically intuitive to expect that the Pt(III)-complex will be
easily reduced to the more common Pt(II) form. Our energy
decomposition scheme allows for consolidating these seemingly
opposing expectations from purely physical and chemically
intuitive views: The electron attachment energy is computed to
be −4.427 eV (Step I-a) for the six-coordinate Pt(IV)-complex
1, which is much more favorable than −2.832 eV, obtained for
the five-coordinate Pt(III) intermediate at the center of Scheme
1 (Step II-a). These energies are in good agreement with the
view that adding an electron to Pt(IV) should be much easier
than adding another electron to the resulting Pt(III) center,
based on electrostatic arguments alone. The ligand dissociation
energies represented by Steps I-b and II-b are dramatically
different, however. Loss of the first acetato ligand from the one-
electron reduced species 1− is energetically downhill by 0.336
eV (7.7 kcal mol−1), whereas loss of the second acetato ligand
lowers the energy of the Pt(II)-complex by 2.753 eV (63.5 kcal
mol−1). These energy components add to give adiabatic
reduction energies of −4.763 and −5.585 eV, respectively,
which is in good agreement with the chemically intuitive
expectation that the putative Pt(III)-complex should be easy to
reduce. Thus, our calculations highlight the importance of the
disproportionate distribution of the energy associated with the
loss of axial ligands when rationalizing the redox instability of
Pt(III)a straightforward relationship that is not always
appreciated as clearly as demonstrated in our computational
decomposition scheme.
The nonclassical energy ordering where the second reduction

is thermodynamically more favorable than the first is commonly
referred to as “potential inversion” and gives rise to a single
two-electron response in electrochemical measure-
ments.52,66,72−74 This scenario is readily confirmed by our
experimental voltammetric studies where a single, irreversible
two-electron reduction is seen, as shown in red in Figure 1 for

complex 1. Our calculations show that the singly reduced, five-
coordinate Pt(III) species is electronically stable in that it
resides in a proper minimum on the electronic energy surface,
but the loss of the acetato ligand is easy to accomplish on the
free energy surface, as the translational entropy gain of
approximately 10 kcal mol−1 associated with the ligand loss
compensates for the electronic energy loss associated with the

Scheme 1

Figure 1. Background subtracted cyclic voltammograms of prodrugs
1−3 at 0.1 V s−1.
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Pt(III)−O bond cleavage resulting in a free energy of ligand
dissociation of only 1.5 kcal mol−1 (Step II-c). The most
plausible interpretation of such a small energy difference
between 1a and 1b+ is that species 1a may irreversibly lose the
axial ligand to afford 1b+ under normal conditions, as the
relatively low concentration of the acetate in solution should
prevent any equilibrium between 1a and 1b+ to be established.
This interpretation assumes that the kinetics of ligand loss is
fast and does not lead to any metastable intermediates that exist
within the lifetime of the electrochemical measurement. The
kinetics of losing a negatively charged ligand triggered by
electron transfer is difficult to model with currently available
quantum chemical methods; however, the dynamics of how
solvent interacts explicitly with each of the molecular fragments
is key in determining the lifetime of the Pt(III)-intermediate.
The acetato ligand may remain close to the Pt-center, taking
advantage of the secondary coordination sphere.
A calculation for the extent of potential inversion requires a

determination of the most likely intermediate redox state from
our conceptual decomposition in Scheme 1. Defining the values
of the two redox potentials E1

o and E2
o relies on whether the

energy of the ligand loss contributes to the energy of electron
transfer; thus, several scenarios could be imagined for which
energy values should be involved. E1

o could simply be taken
from Step I where loss of the first axial ligand is
thermodynamically favored after the initial electron transfer.
Conversely, the value of E2

o is complicated by possible
involvement of the second ligand loss and its energetic
contribution. Energetically, the exact composition of the
intermediate redox state preceding E2

o is not important due
to the small energy difference between 1a and 1b+, i.e. the
predicted value of E2

o is nearly identical for both models that
differ in the number of ligands bound to the Pt(III)-center. In
any case, we can calculate the extent of potential inversion of
one plausible scenario by obtaining the energy difference
between steps I and II, which suggests that the two redox
potentials are inverted by as much as 822 mV. Similar scenarios
are seen for complexes 2 and 3 as summarized in Table 1,

where the reduction of the Pt(III) species in Step II is also
much easier than that of the Pt(IV) species in Step I; the extent
of potential inversion is predicted to be 596 and 564 mV for 2
and 3, respectively. Thus, our calculations suggest that a single
two-electron reduction should be observed, in good agreement
with experiments shown in Figure 1.
The simplistic interpretation of the computed energies above

assumes Nernstian behavior for the redox couples; the various
redox intermediates in different oxidation states carrying
different numbers of ligands are assumed to establish an
equilibrium that follows Boltzmann statistics, and the
population of each redox-state is determined by the
thermodynamics of these intermediates. In this scenario the
voltage at the electrode provides the electrochemical driving
force that modulates that redox equilibrium. Whereas these
considerations are helpful and familiar from standard electro-

chemical studies of reversible two-electron reactions, the
irreversibility of the underlying chemical events necessitates a
significant modification of how the two-electron redox
chemistry is treated, as will be discussed below. The timing
of the electrochemical and chemical steps is important for
understanding the overall redox reaction. The electrochemical
and chemical components of the first reduction may occur in a
concerted fashion at a reduction potential E1,c

o or in a stepwise
manner at a different reduction potential E1,s

o, as conceptual-
ized in Scheme 2. The five-coordinate Pt(III) intermediate is

then reduced by transfer of a second electron and loss of a
second axial ligand to generate the four-coordinate Pt(II)
species at a second reduction potential E2

o via an irreversible
overall two-electron transfer (i.e., E2

o ≫ E1,c
o/E1,s

o). Our
calculations indicate that loss of the second ligand from Pt(III)
(Step II-c, Scheme 1) is quite feasible, with the free energy of
ligand dissociation being close to zero in all three cases (Table
S4 in SI). Hence, the second ligand may dissociate before the
second electron transfer occurs. However, it is experimentally
impossible to determine if this is so, because the initial process
of coupled electron transfer and ligand dissociation is rate-
limiting. Similarly, although our quantum chemical simulations
suggest a plausible energetic scenario for the reaction sequence
shown in Scheme 2, these calculations do not allow for reliably
estimating the rate constants ksh or kd, as pointed out above.
This is frustrating, because these mechanistic details are
important for a deeper understanding of the prodrug activation
process. Most importantly, we must ascertain whether the
initial process of reduction and bond cleavage follows a
concerted or stepwise pathway, as discussed above.

Mechanism. The question of whether the process of
electron transfer and bond cleavage occurs in a stepwise or
concerted manner can be addressed using the theory of
dissociative electron transfer developed by Saveánt.39,42,43,46,75

Based on the quadratic activation−driving force relationship of
Marcus theory38,76 the scan-rate-dependent changes in the
shape of the electrochemically irreversible voltammetric
response can be used to extract mechanistic and thermody-
namic information. The methodology has been applied most
commonly to organic systems, especially alkyl and aryl
halides,39−42,71 but it should be equally applicable to
transition-metal complexes. In the present case there is a
question regarding the existence of a six-coordinate Pt(III)
intermediate [PtIII(NH3)2Cl2L2]

− as our calculations show both
Pt−Laxial bonds to become weakened substantially upon

Table 1. Energy Decomposition (eV) of the Reduction
Process for Compounds 1−3

cmpd step I step II ΔE

1 −4.763 −5.585 −0.822
2 −5.224 −5.820 −0.596
3 −4.936 −5.500 −0.564

Scheme 2
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addition of the first electrona plausible expectation, given the
half-filling of the Pt(dz2)−Laxial σ-antibonding orbital in this
step. However, attractive interactions between the positive
Pt(III) center and the departing anions may be strong enough
to stabilize the transient intermediate. In organic systems
attractive interactions due to van der Waals and/or electrostatic
forces between product radical and anionic species were found
to afford metastable intermediates;39,77 stronger interactions are
to be expected for our inorganic complexes. It should be noted
that Saveánt’s dissociative electron-transfer analysis is strictly
phenomenological; i.e., observation of a stepwise response
simply suggests the existence of an intermediate where the
fragments are not fully dissociated within the time scale of the
electrochemical measurement. Therefore, it is not possible to
extract any detail about the force responsible for holding the
fragments together or to obtain any structural information
about the intermediate. Importantly, the underlying theory
does not assume a thermodynamic equilibrium between the
redox intermediates, and thus, useful information can be
extracted for both Nernstian and non-Nernstian redox
reactions.
In a typical cyclic voltammetry experiment of a Nernstian

redox system, the observable standard potential Eo of a single
two-electron redox reaction is the average of the two inverted
single-electron potentials, as the energies of both redox events
are absorbed by the equilibrium of different redox intermediates
in an adiabatic manner. Non-Nernstian behavior arises from
situations where a thermodynamic equilibrium cannot be
reached, for example because the rate of ligand reattachment at
the given low concentration of that ligand in solution is
incompatible with the rates of the purely electrochemical
events. Under these diabatic conditions, the observable
standard potential for the two-electron chemistry is dominated
by the more difficult first reduction associated with E1

o, and the
second more positive reduction potential E2

o does not change
the value of the reduction potential but only adds to the
observable current. In other words, to initiate the irreversible
two-electron redox reaction that generates the desired Pt(II)-
complex from its Pt(IV) precursor, two redox equivalents must
be delivered at the energy corresponding to the more negative
one-electron potential E1

o, despite the fact that the second
electron is in principle easier to be inserted into the one-
electron reduced species. Note that Nernstian systems behave
differently and the more positive second reduction potential
lowers the required energy for the single two-electron event, as
explained above.
Saveánt39,42,43,46 and Maran75,78−85 have demonstrated that

concerted and stepwise electron-transfer processes accompa-
nied by bond cleavage display distinctive scan rate depend-
encies in a cyclic voltammetry experiment. By studying the scan
rate dependence of the position and shape of an electrochemi-
cally irreversible response, it is possible not only to determine
the mechanism of reduction but also to extract a meaningful
value for the standard Pt(IV/III) potential, E1

o. An important
difference between the concerted and stepwise mechanisms is
the extent to which the voltammetric peak potential, Epc, is
displaced from the formal half-reaction potential (E1,s

o or E1,c
o).

In the concerted mechanism the Pt−Laxial bond(s) are cleaved
simultaneously with electron transfer, and the six-coordinate
Pt(III) intermediate has no discernible lifetime. The
thermodynamic potential of the concerted reaction, E1,c

o, is
much more positive than the potential of the stepwise reaction,
E1,s

o, because of the energy associated with cleaving the Pt−L

bonds. Moreover, the need to cleave these bonds in
conjunction with electron transfer adds greatly to the activation
barrier of the redox reaction. Therefore, electron transfer via a
concerted mechanism is associated with a much larger
overpotential and is observed at a much more negative peak
potential than its thermodynamic value, E1,c

o.42,75 In the
stepwise mechanism the electrochemical response may be
influenced by the kinetics of both the electron transfer reaction
(ksh), which may be sluggish because of significant, albeit
smaller, inner- and outer-shell reorganization energies, and
ligand loss (kd), which is irreversible and likely rapid. The
response is equivalent to a quasi-reversible electron transfer
followed by an irreversible chemical reaction, i.e., an EqCi
mechanism.86 In the stepwise mechanism, the observed peak
potential is not shifted greatly from E1,s

oeven for an
irreversible reactionbecause of the competing effects of
slow electron transfer, which shifts Epc in the negative direction,
and the following chemical reaction, which shifts Epc in the
positive direction. Finally, if this mechanism prevails, we can
state with some certainty that electron transfer is decoupled
from ligand loss.
A second important difference between stepwise and

concerted processes is the magnitude of the electrochemical
transfer coefficient, α, and its variation with potential. As
predicted by the quadratic nature of Marcus theory, α exhibits
the potential dependence defined by eq 4:

α
λ

= + −F
E E0.5

2
( )app

o
(4)

where Eapp is the effective or applied potential and λ is the
reorganization energy. The transfer coefficient is determined
experimentally from eq 5:

α
δ

=
E mV

47.4
( )pc (5)

where δEpc is the voltammetric peak width (eq 6), Epc/2 is the
potential at the half-height of the peak, and Eapp is defined by eq
7:

δ = | − |E E Epc pc pc/2 (6)

=
+⎛

⎝⎜
⎞
⎠⎟E

E E

2app
pc pc/2

(7)

Because the electrode reaction is irreversible, Epc, Epc/2, and Eapp
shift in the negative direction, and the voltammetric peak
broadens (δEpc) as the scan rate υ is increased. These changes
create the potential dependence of α, which is predicted to
display a linear dependence on Eapp.
Reductions occurring by a concerted mechanism have large

reorganization energies, λ, predicated by the totality of metal−
ligand bond cleavage and large negative overpotentials, which
result in values of Eapp ≪ E1,c

o. Under these conditions α is
significantly smaller than 0.5 (eq 4), indicating that electron
transfer occurs simultaneously with the chemical step and is
challenged by unfavorable kinetics, i.e. high barriers. Electron-
transfer reactions occurring by a stepwise mechanism have
smaller reorganization energies, much less negative over-
potentials, and smaller barriers. As a result Eapp ≈ E1,s

o, and α
is close to 0.5. If the chemical step identified by kd in Scheme 2
is sufficiently rapid, the voltammetric response will be solely
under kinetic control of the electron transfer reaction and the
voltammetric wave may be shifted to potentials slightly positive
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of E1,s
o, causing α to exhibit values somewhat greater than 0.5.

Figure 2 shows plots of Epc versus log υ and of α versus Eapp for
1−3. Values of Epc shift in the negative direction with increasing
scan rate and exhibit slopes on the order of 40−80 mV per
decade consistent with a sluggish electron-transfer reaction
followed by a rapid chemical step.42 The voltammetric waves
broaden as scan rate is increased, leading to a slight curvature in
the Epc−log υ plots (Figure 2a,c,e) and indicative of Marcus
kinetics, which allows α to be plotted as a function of Eapp.
As shown by Figures 2b,d,f, values of α do not differ greatly

from 0.5 and vary linearly with Eapp. As predicted by eq 4, Eapp

becomes Eo when α = 0.5, suggesting estimated standard

reduction potentials of −0.019, 0.297, and 0.528 V vs SHE for
1, 2, and 3, respectively.
The relatively narrow range of α values and the fact that they

are similar to or slightly larger than 0.5 suggest a stepwise rather
than concerted electron-transfer mechanism for the initial
reduction of Pt(NH3)2Cl2L2. More specifically, these kinetic
parameters are consistent with the six-coordinate Pt(IV)
species accepting the first electron to form a six-coordinate
Pt(III)-intermediate that exists for a sufficiently long lifetime to
impact the reduction potential before the axial ligands
dissociate and are lost to the surrounding solvent. As
mentioned above, this result is best rationalized by considering

Figure 2. Cathodic peak potentials, Epc, plotted against log of the scan rate, υ, and electron transfer coefficients, α, plotted as a function of Eapp for 1,
2, and 3.
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that the interactions between the Pt(III) center and the anionic
ligands are strong enough such that the departure of the anionic
ligands from the Pt(III) center is kinetically inhibited and the
overall redox process is pushed toward a stepwise mechanism
even when the dative bonds between metal and ligands are
considered broken electronically. From our computations
alone, we could not have arrived at this insight, as the kinetic
protection of the Pt(III)-complex with the acetate ligand bound
as an ion pair is challenging to model computationally and is
not captured in our simplistic treatment of the thermodynamics
for the potential intermediates that uses a continuum solvation
model.
Utilizing the conceptual decomposition of electron transfer

from Scheme 1 we can now obtain the calculated standard
reduction potential for Step I-a, which corresponds to the E1,s

o

value in Scheme 2 for the stepwise reduction of a six-coordinate
Pt(IV) to a six-coordinate Pt(III) species. To compare the
computed E1,s

o with the experimental value, the energy from
Step I-a is referenced against the standard hydrogen electrode
(SHE), the absolute potential of which has been determined in
water to be 4.43 V.87 Thus, the relative potential is computed
by use of eq 8:

= −Δ −E G(sol) 4.43Vrel
o

(8)

For example, 1 has an electron attachment energy of −4.427
eV, so the calculated standard reduction potential from eq 8 is
−0.003 V. As shown in Table 2, the experimentally determined

standard potential for 1, −0.019 V, is in excellent agreement
with the calculated value with a difference of only 16 mV. For 2,
the computed reduction potential is 0.396 V, which is
somewhat more positive than the experimental value of 0.297
but is still in reasonable agreement. Lastly, the potential
calculated for complex 3 is 0.451 V, which compares favorably
to the experimental potential of 0.528 V. These potentials
follow the chemically intuitive expectations; the reduction
potential of 2, which carries the more electron-withdrawing
dichloroacetate ligands, is more positive than that of 1, where
the axial ligand positions are occupied by acetato ligands.
Complex 3, the chloro analogue, shows the most positive
reduction potential of the three prodrug candidates studied
here.
Standard vs Peak Potentials. Previously, several empirical

approaches were taken to deduce information about the
reduction thermodynamics of various Pt(IV) systems from
standard electrochemical measurements. The most common
approach is to simply determine the cathodic peak potential Epc
of the irreversible cyclic voltammogram at a given scan rate. By
keeping the experimental conditions including the scan rate
identical, it was assumed that the peak potentials provide a
reasonable, semiquantitative measure for the standard reduction
potentials. Another popular, anecdotal approach is to record
the peak potential shift as a function of the scan rate and
extrapolate to a putative potential for the hypothetical scan rate

of 0 V s−1. At first sight, these are plausible approaches and are
certainly appropriate to obtain qualitative trends in a series of
highly related complexes, but the more detailed conceptual
analysis that we presented above highlights decisive flaws in
these simplistic approaches:

(i) Taking the peak potentials of different complexes at
identical scan rates as approximations to the standard
reduction potentials implies that the electron-transfer
and M−L bond cleavage kinetics are identical in these
complexes, i.e. that the peak potential shift as a function
of the scan rate for each of these complexes is identical.

(ii) Predicting the peak potential as a close estimate of the
standard potential is reasonable for a system that shows
reversible, Nernstian redox behavior, as the peak
potential is expected to be shifted only by approximately
30 mV (Figure 3). For systems with irreversible or even

quasi-reversible behavior, the peak potential will shift
from the standard potential by an unpredictable amount,
which is representative of the kinetics derived from
involvement of slow electron transfer and/or a chemical
step.

(iii) Peak potentials can be highly dependent on the type of
electrode material employed. Though not entirely
predictable, the possibility of a redox-active complex
interacting with the chosen electrode material surface
must be taken into account. More specifically, the rate of
electron transfer from the electrode can drastically
change if the redox activity of the complex is affected
by the surface structure of the electrode, or if the
electrode surface is improperly prepared prior to the CV
experiment.88 In our electrochemical analysis of Pt(IV)
prodrugs, metal electrodes such as platinum (Figure 2,
Table S5 in SI) and gold (Figure S3, Table S6 in SI)
appear to display the most reproducible CV responses
required for the Saveánt methodology.

Table 2 enumerates the peak potential Epc values previously
determined by others.11,36 Whereas the fact that these are peak
potentials and should not be confused with the standard
reduction potentials, Eo, was widely acknowledged, they have
been used synonymously in many chemical interpretations, e.g.
to estimate the redox-stability of the prodrug in extracellular
medium. The values listed in Table 2 highlight that the peak

Table 2. Measured versus Computed Standard Reduction
Potentials

experimental (V)

cmpd Epc from literature E1
o from this work computed (V) ΔEo (mV)

1 −0.56536 −0.019 −0.003 16
2 −0.17311 0.297 0.396 99
3 −0.20436 0.528 0.451 77

Figure 3. Conceptual comparison of reversible to irreversible peak
potentials and how they relate to the standard redox potential.
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potentials, −0.565, −0.173, and −0.204 V for 1, 2, and 3,
respectively, are consistently more negative than the normal
potentials determined in this work. From fundamental
considerations, cathodic peak potentials are expected to be
more negative than the normal potential; however, the
magnitude of the difference enumerated in Table 2 is
surprisingly large, which is an illustration of the potential
shifting mechanism discussed above.
Finding the accurate standard redox potential is important,

because it will determine how these redox-active complexes
behave in a biological system, i.e. the extra- and intracellular
environments. When the Pt(IV) prodrug interacts with
physiologically relevant reducing agents, such as glutathione,
in a bimolecular fashion, the overpotential-based shifts of the
redox energies become irrelevant and irreversible, diabatic
electron transfer occurs within a relatively narrow energy
window around the standard potential determined by a
Boltzmann statistical distribution. Thus, the standard reduction
potential E1,s

o is the most relevant measure for estimating the
probability of the redox reaction to occur. Utilizing the peak
potentials listed in Table 2, which are consistently more
negative by as much as 650 mV, leads inevitably to the
assumption that the prodrugs 1−3 are much more redox-stable
than they are in reality. This reasoning may provide an
explanation for why the prodrugs tested thus far89 have
displayed much greater redox instabilities than expected. Our
combined experimental−theoretical approach to inquiring
about the redox properties of non-Nernstian redox couples
constitutes a powerful, yet relatively simple, tool for unravelling
these convoluted redox chemical events.

■ CONCLUSIONS
Pt(IV) prodrugs continue to inspire much attention as the next
generation of platinum anticancer drugs for the purpose of
avoiding the side effects seen commonly from cisplatin;
however, the design of these prodrugs appears highly
dependent upon the ease of reduction to reach the active
Pt(II) analogue. The two-electron redox chemistry of Pt(IV)
produgs to their Pt(II) analogues proves to be more complex
than previously assumed on the basis of the simple irreversible
response from standard electrochemical measurements. A
conceptual decomposition of the electron transfer and ligand
loss processes with the use of DFT suggests that the addition of
an electron to the Pt(III)-complex is much easier than addition
to the Pt(IV) analogue. Whereas our quantum chemical
simulations provide a reasonable estimate of the energies of
the possible redox intermediates, these calculations do not
allow for estimating the rate and probability of each step.
Whether the electron transfer is coupled to a bond-cleavage
event can be determined with the experimental protocol
developed by Saveánt, as we demonstrated in this work.
Concerted and stepwise electron-transfer processes accom-
panied by bond cleavage display distinctively different scan-rate
dependence in a cyclic voltammetry experiment. By studying
the differential shapes of the electrochemically irreversible
response, not only are we able to determine the mechanism of
reduction, but we can also extract a meaningful value for the
standard reduction potential of the Pt(IV/III) redox pair that is
most important for the redox stability of the prodrug. All
Pt(IV) prodrugs 1−3 are found to follow a stepwise mechanism
for the electron-transfer reaction, where the first addition of an
electron affords a six-coordinate Pt(III) intermediate. Although
the axial ligand bonds are considered electronically broken, the

anionic ligands are still electrostatically attracted to the
positively charged Pt-center. As a result, the electron-transfer
kinetics is not hindered by a simultaneous chemical step. The
standard reduction potentials obtained for all compounds from
our Saveánt analysis are in excellent agreement with the
respective DFT-computed reduction potentials. Our newly
determined standard reduction potentials are drastically
different from those reported in the literature. Combining
results from both experimental and computational approaches,
we propose that the electrochemically irreversible Pt(IV)−drug
activation is a diabatic, non-Nernstian redox process.
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Chem. Soc. 1994, 116, 7864.
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