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PREFACE

This book is a natural extension of “Physical Inorganic Chemistry: Principles,
Methods, and Models,” a 10-chapter volume describing the methods, techniques,
and capabilities of physical inorganic chemistry as seen through the eyes of a
mechanistic chemist. This book provides an insight into a number of reactions that
play critical roles in areas such as solar energy, hydrogen energy, biorenewables,
catalysis, environment, atmosphere, and human health. None of the reaction types
described here is exclusive to any particular area of chemistry, but it seems that
mechanistic inorganic chemists have studied, expanded, and utilized these reactions
more consistently and heavily than any other group. The topics include electron
transfer (Weinstock and Snir), hydrogen atom and proton-coupled electron transfer
(Fukuzumi), oxygen atom transfer (Abu-Omar), ligand substitution at metal centers
(Swaddle), inorganic radicals (Stanbury), organometallic radicals (Kégl, Fortman,
Temprado, and Hoff), and activation of oxygen (Rybak-Akimova), hydrogen (Kubas
and Heinekey), carbon dioxide (Joo), and nitrogen monoxide (Olabe). Finally, the
latest developments in carbon—hydrogen bond activation and in solar photochemistry
are presented in the respective chapters by Gunnoe and Meyer.

I am grateful to this group of dedicated scientists for their hard work and
professionalism as we worked together to bring this difficult project to a successful
conclusion. I am also thankful to my family, friends, and colleagues who provided
invaluable support and encouragement throughout the project, and to my editor,
Anita Lekhwani, who has been a source of ideas and professional advice through the
entire publishing process.

ANDREJA BAKAC
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1 Electron Transfer Reactions

OPHIR SNIR and IRA A. WEINSTOCK

1.1 INTRODUCTION

Over the past few decades, applications of the Marcus model to inorganic electron
transfer reactions have become routine. Despite the many approximations needed
to simplify the theoretical descriptions to obtain a simple quadratic model, and the
assumptions then needed to apply this model to actual reactions, agreement between
calculated and observed rate constants is remarkably common. Because of this, the
Marcus model is widely used to assess the nature of electron transfer reactions. The
intent of this chapter is to make this useful tool more accessible to practicing chemists.
In that sense, it is written from a “reaction chemist’s”" perspective. In 1987, Eberson
published an excellent monograph that provides considerable guidance in the context
of organic reactions.” In addition to a greater focus on inorganic reactions, this chapter
covers electrolyte theory and ion pairing in more detail, and worked examples are
presented in a step-by-step fashion to guide the reader from theory to application.

The chapter begins with an introduction to Marcus’ theoretical treatment of outer-
sphere electron transfer. The emphasis is on communicating the main features of the
theory and on bridging the gap between theory and practically useful classical models.

The chapter then includes an introduction to models for collision rates between
charged species in solution, and the effects on these of salts and ionic strength, which
all predated the Marcus model, but upon which it is an extension. Collision rate and
electrolyte models, such as those of Smoluchowski, Debye, Hiickel, and others, apply
in ideal cases rarely met in practice. The assumptions of the models will be defined,
and the common situations in which real reacting systems fail to comply with them
will be highlighted. These models will be referred to extensively in the second half of
the chapter, where the conditions that must be met in order to use the Marcus model
properly, to avoid common pitfalls, and to evaluate situations where calculated values
fail to agree with experimental ones will be clarified.

Those who have taught themselves how to apply the Marcus model and cross-
relation correctly will appreciate the gap between the familiar “formulas” published
in numerous articles and texts and the assumptions, definitions of terms, and physical

Physical Inorganic Chemistry: Reactions, Processes, and Applications Edited by Andreja Bakac
Copyright © 2010 by John Wiley & Sons, Inc.



2 ELECTRON TRANSFER REACTIONS

constants needed to apply them. This chapter will fill that gap in the service of those
interested in applying the model to their own chemistry. In addition, the task of
choosing compatible units for physical constants and experimental variables will be
simplified through worked examples that include dimensional analysis.

The many thousands of articles on outer-sphere electron transfer reactions involving
metal ions and their complexes cannot be properly reviewed in a single chapter. From
this substantial literature, however, instructive examples will be selected. Importantly,
they will be explaining in more detail than is typically found in review articles or
treatises on outer-sphere electron transfer. In fact, the analyses provided here are quite
different from those typically found in the primary articles themselves. There, in nearly
all cases, the objective is to present and discuss calculated results. Here, the goal is to
enable readers to carry out the calculations that lead to publishable results, so that they
can confidently apply the Marcus model to their own data and research.

1.2 THEORETICAL BACKGROUND AND USEFUL MODELS

The importance of Marcus’ theoretical work on electron transfer reactions was
recognized with a Nobel Prize in Chemistry in 1992, and its historical development
is outlined in his Nobel Lecture.> The aspects of his theoretical work most widely
used by experimentalists concern outer-sphere electron transfer reactions. These are
characterized by weak electronic interactions between electron donors and acceptors
along the reaction coordinate and are distinct from inner-sphere electron transfer
processes that proceed through the formation of chemical bonds between reacting
species. Marcus’ theoretical work includes intermolecular (often bimolecular) reac-
tions, intramolecular electron transfer, and heterogeneous (electrode) reactions. The
background and models presented here are intended to serve as an introduction to
bimolecular processes.

The intent here is not to provide a rigorous and comprehensive treatment of the
theory, but rather to help researchers understand basic principles, classical models
derived from the theory, and the assumptions upon which they are based. This focus is
consistent with the goal of this chapter, which is to enable those new to this area to
apply the classical forms of the Marcus model to their own science.

For furtherreading, many excellent review articles and books provide more in-depth
information about the theory and more comprehensive coverage of its applications to
chemistry, biology, and nanoscience. Several recommended items (among many) are
a highly cited review article by Marcus and Sutin,* excellent reviews by Endicott,”
Creutz and Brunschwi g,6 and Stanbury,7 afive-volume treatise edited by Balzano,8 and
the abovementioned monograph by Eberson? that provides an accessible introduction
to theory and practice in the context of organic electron transfer reactions.

1.2.1 Collision Rates Between Hard Spheres in Solution

In 1942, Debye extended Smoluchowski’s method for evaluating fundamental
frequency factors, which pertained to collision rates between neutral particles D
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D" + A™ rapid [D”. Aml i‘-" a lDI 'H“. Atm+|a| —fapid_, D[rri-ll + A!m+|:
Reactants Precursor Successor Products
SCHEME 1.1

and A, randomly diffusing in solution, to include the electrostatic effects of charged
reacting species in dielectric media containing dissolved electrolytes.”™!! Debye’s
colliding sphere model was derived assuming that collisions between D" (electron
donors with a charge of n) and A” (electron acceptors of charge m) resulted in the
transient formation of short-lived complexes, D” — A”'. Rate constants for these
reactions vary in a nonlinear fashion as functions of ionic strength, and the models are
intimately tied to contemporary and later developments in electrolyte theory.

Marcus'? and others'? extended this model to include reactions in which electron
transfer occurred during collisions between the “donor” and “acceptor” species, that
is, between the short-lived D”"—A" complexes. In this context, electron transfer within
transient “precursor” complexes ([D” — A”"] in Scheme 1.1) resulted in the formation
of short-lived “successor” complexes ([D”*" —A“~D] in Scheme 1.1). The
Debye—Smoluchowski description of the diffusion-controlled collision frequency
between D” and A" was retained. This has important implications for application of
the Marcus model, particularly where—as is common in inorganic electron transfer
reactions—charged donors or acceptors are involved. In these cases, use of the Marcus
model to evaluate such reactions is only defensible if the collision rates between the
reactants vary with ionic strength as required by the Debye—Smoluchowski model.
The requirements of that model, and how electrolyte theory can be used to verify
whether a reaction is a defensible candidate for evaluation using the Marcus model,
are presented at the end of this section.

After electron transfer (transition along the reaction coordinate from D" — A™ to
D"+ D= A=D in Scheme 1.1), the successor complex dissociates to give the final
products of the electron transfer, D" and A”~". The distinction between the
successor complex and final products is important because, as will be shown, the
Marcus model describes rate constants as a function of the difference in energy
between precursor and successor complexes, rather than between initial and final
products.

1.2.2 Potential Energy Surfaces

As noted above, outer-sphere electron transfer reactions are characterized by the
absence of strong electronic interaction (e.g., bond formation) between atomic or
molecular orbitals populated, in the donor and acceptor, by the transferred electron.
Nonetheless, as can be appreciated intuitively, outer-sphere reactions must require
some type of electronic “communication” between donor and acceptor atomic or
molecular orbitals. This is referred to in the literature as “coupling,” “electronic
interaction,” or “electronic overlap” and is usually less than ~1 kcal/mol. Inner-
sphere electron transfer reactions, by contrast, frequently involve covalent bond



4 ELECTRON TRANSFER REACTIONS

AP R
1 P
1
[-*]
g R
E A
E \Y)
E N A I 2H,p

4

AG T N

| | |

A S B

Nuclear configuration

FIGURE 1.1 Potential energy surfaces for outer-sphere electron transfer. The potential
energy surface of reactants plus surrounding medium is labeled R and that of the products plus
surrounding medium is labeled P. Dotted lines indicate splitting due to electronic interaction
between the reactants. Labels A and B indicates the nuclear coordinates for equilibrium
configurations of the reactants and products, respectively, and S indicates the nuclear config-
uration of the intersection of the two potential energy surfaces.

formation between the reactants and are often characterized by ligand exchange or
atom transfer (e.g., of O, H, hydride, chloride, or others).

The two-dimensional representation of the intersection of two N-dimensional
potential energy surfaces is depicted in Figure 1.1.* The curves represent the energies
and spatial locations of reactants and products in a many-dimensional (N-dimen-
sional) configuration space, and the x-axis corresponds to the motions of all atomic
nuclei. The two-dimensional profile of the reactants plus the surrounding medium is
represented by curve R, and the products plus surrounding medium by curve P. The
minima in each curve, that is, points A and B, represent the equilibrium nuclear
configurations, and associated energies, of the precursor and successor complexes
indicated in Scheme 1.1, rather than of separated reactants or separated products. As
a consequence, the difference in energy between reactants and products (i.e., the
difference in energy between A and B) is not the Gibbs free energy for the overall
reaction, AG®, but rather the “corrected” Gibbs free energy, AG®’. For reactions of
charged species, the difference between AG® and AG®’ can be substantial.

The intersection of the two surfaces forms a new surface at point S in Figure 1.1.
This (N — 1)-dimensional surface has one less degree of freedom than the energy
surfaces depicted by curves R and P. Weak electronic interaction between the
reactants results in the indicated splitting of the potential surfaces. This gives rise
to electronic coupling (resonance energy arising from orbital mixing) of the reactants’
electronic state with the products’, described by the electronic matrix element, Hag.
This is equal to one-half the separation of the curves at the intersection of the R and



THEORETICAL BACKGROUND AND USEFUL MODELS 5

P surfaces. The dotted lines represent the approach of two reactants with no electronic
interaction at all.

This diagram can be used to appreciate the main difference between inner- and
outer-sphere processes. The former are associated with a much larger splitting of the
surfaces, due to the stronger electronic interaction necessary for the “bonded”
transition state. A classical example of this was that recognized by Henry Taube,
recipient of the 1983 Nobel Prize in Chemistry for his work on inorganic reaction
mechanisms. In a famous experiment, he studied electron transfer from Cr'(H,0)¢>+
(labile, high spin, d*) to the nonlabile complex (NH3)sCo™CI** (low spin, d°) under
acidic conditions in water. Electron transfer was accompanied by a change in color of
the solution from a mixture of sky blue CrH(HZO)62 * and purple (NH3) 5C0HIC12 *to
the deep green color of the nonlabile complex (H,0)sCr™CI1>* (d®) and labile
Co"(H,0)¢*> ™ (high spin, d’) (Equation 1.1)."*13

[Cr'(H,0),)*" 4 [(NH3)5Co™CI* T +5H ——[(H,0)Cr'CI]** +[Co (H,0) " +5NH;
blue purple green

(1.1)

Using radioactive C1™ in (N H3)5C0HIC12 ¥, he demonstrated that even when C1~
was present in solution, electron transfer occurred via direct (inner-sphere) Cl™
transfer, such that the radiolabeled C1™ remained coordinated to the (now) nonlabile
' product.

1.2.3 Franck—Condon Principle and Outer-Sphere Electron Transfer

The mass of the transferred electron is very small relative to that of the atomic nuclei.
Asaresult, electron transfer is much more rapid than nuclear motion, such that nuclear
coordinates are effectively unchanged during the electron transfer event. This is the
Franck—Condon principle.

Now, for electron transfer reactions to obey the Franck—Condon principle, while
also complying with the first law of thermodynamics (conservation of energy),
electron transfer can occur only at nuclear coordinates for which the total potential
energy of the reactants and surrounding medium equals that of the products and
surrounding medium. The intersection of the two surfaces, S, is the only location in
Figure 1.1 at which both these conditions are satisfied. The quantum mechanical
treatment allows for additional options such as “nuclear tunneling,” which is
discussed below.

1.2.4 Adiabatic Electron Transfer

The classical form of the Marcus equation requires that the electron transfer be
adiabatic. This means that the system passes the intersection slowly enough for the
transfer to take place and that the probability of electron transfer per passage is large
(near unity). This probability is known as the transmission coefficient, k, defined later
in this section. In this quantum mechanical context, the term “adiabatic” indicates that
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nuclear coordinates change sufficiently slowly that the system (effectively) remains
at equilibrium as it progresses along the reaction coordinate. The initial eigenstate of
the system is modified in a continuous manner to a final eigenstate according to the
Schrodinger equation, as shown in Equation 1.2. At the adiabatic limit, the time
required for the system to go from initial to final states approaches infinity (i.e.,
[t — ti] — o).

W, a)* # [wix, 6) (1.2)

When the system passes the intersection at a high velocity, that is, the above
condition is not met even approximately, it will usually “jump” from the lower R
surface (before S along the reaction coordinate) to the upper R surface (after S). That
is, the system behaves in a “nonadiabatic” (or diabatic) fashion, and the probability
per passage of electron transfer occurring is small (i.e., k < 1). The nuclear
coordinates of the system change so rapidly that it cannot remain at equilibrium.
At the nonadiabatic limit, the time interval for passage between the two states at
point S approaches zero, that is, (#; — t;) — O (infinitely rapid), and the probability
density distribution functions that describe the initial and final states remain
unchanged:

e ) = i, 6] (1.3)

Another cause of nonadiabicity is very weak electronic interaction between the
reactants. This means that k is inherently much smaller than 1, such that the splitting
of the potential surfaces is small. In other words, electronic communication between
reactants is too small to facilitate a change in electronic states, from reactant to
product, at the intersection of the R and P curves. Graphically, this means that the
splitting at S is small, and the adiabatic route (passage along the lower surface at S) has
little probability of occurring.

The “fast” and “slow” changes described here, which refer to “velocities” of
passage through the intersection, S, correspond to “high” and “low” frequencies of
nuclear motions. Hence, “nuclear frequencies” play an important role in quantum
mechanical treatments of electron transfer.

1.2.5 The Marcus Equation

In his theoretical treatment of outer-sphere electron transfer reactions, Marcus related
the free energy of activation, AG, to the corrected Gibbs free energy of the reaction,
AG®, via a quadratic equation (Equation 1.4).>*"3

2 D) ol \ 2
Z1Z € A AG
AGH = """ exp(— (1 1.4
Doy exp( xm)+4< += > (1.4)
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The terms AG®’ and / in Equation 1.4 are represented schematically in Figure 1.1, and
% is the reciprocal Debye radius (Equation 1.5).'"*'

4ne? 2 2
L= DkTZniZi (15)

i

In Equation 1.5, D is the dielectric constant of the medium, e is the charge of an
electron, & is the Boltzmann constant, and n,-zf = 2u, where w is the total ionic
strength of an electrolyte solution containing molar concentrations, #;, of species i of
charge z (ionic strength u is defined by u = %Z niz?).

The first term in Equation 1.4 was retained from Debye’s colliding sphere model:
the electron-donor and electron-acceptor species were viewed as spheres of radii r,
and r, that possessed charges of z; and z,, respectively. This term is associated with
the electrostatic energy (Coulombic work) required to bring the two spheres from
an infinite distance to the center-to-center separation distance, 11, =r; + r,, which is
also known as the distance of closest approach (formation of the precursor complex
[D"—A"] in Scheme 1.1). The magnitude of the Coulombic term is modified by
a factor exp(—yri2), which accounts for the effects of the dielectric medium (of
dielectric constant D) and of the total ionic strength .

The corrected Gibbs free energy, AG®’, in Equation 1.4 is the difference in free
energy between the successor and precursor complexes of Scheme 1.1 as shown in
Figure 1.1. The more familiar, Gibbs free energy, AG®, is the difference in free energy
between separated reactants and separated products in the prevailing medium. The
corrected free energy, AG®’, is a function of the charges of the reactants and products.
Itis calculated using Equation 1.6, where z, is the charge of the electron donor and z,
is the charge of the electron acceptor.

62

Dr12

AGO/ = AGO + (21—22—1) CXp(—}{}"IQ) (16)

If one of the reactants is neutral (i.e., its formal charge is zero), the work term in
Equation 1.4 equals zero. As a consequence of this (and all else being equal), highly
negative charged oxidants may react more rapidly with neutral electron donors than
with positively charged electron donors. This is somewhat counterintuitive because
one might expect negatively charged oxidants to react more rapidly with positively
charged donors, to which the oxidant is attracted. In other words, attraction between
oppositely charged species is usually viewed as contributing to the favorability of
a reaction. For example, the heteropolyanion, Co™W ,0,40° (E° = +1.0V), can
oxidize organic substrates with standard potentials as large as + 2.2 V. This is because
the attraction between the donor and acceptor in the successor complex, generated by
electron transfer, leads to a favorable attraction between the negative heteropolyanion
and the oxidized (now positively charged) donor. This attraction makes the corrected
free energy more favorable, the activation energy smaller, and the electron transfer
reaction kinetically possible.>!”
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In Equation 1.6, the electrostatic correction to AG° vanishes when z; —z, =1
(e.g., when z| and z; are equal, respectively,to3and 2,2and 1, 1 and 0, 0 and —1, —1
and —2, etc.).2 In these cases, the difference in Gibbs free energy between the
successor and precursor complexes is not significantly different from that between the
individual (separated) reactants and final (separated) products (Scheme 1.1).

The relation between AG® and the standard reduction potential of the donor and
acceptor, E°, is given by

AG® = —nFE° (1.7)

where n is the number of electrons transferred and F is the Faraday constant. This,
combined with Equation 1.6, is often used to calculate AG®’ from electrochemical data.

1.2.5.1 Reorganization Energy The / term in Equation 1.4 is the reorganization
energy associated with electron transfer, and more specifically, with the transition
from precursor to successor complexes. As noted above, there are two different and
separable phenomena, termed “inner-sphere” and ‘“outer-sphere” reorganization
energies, commonly indicated by the subscripts “in” and “out.” The total reorganiza-
tion energy is the sum of the inner- and outer-sphere components (Equation 1.8).

4= j~in'|'j~out (18)

The inner-sphere reorganization energy refers to changes in bond lengths and
angles (in-plane and torsional) of the donor and acceptor molecules or complexes.
Due to electron transfer, the electronic properties and charge distribution of the
successor complex are different from those of the precursor complex. This causes
reorientation or other subtle changes of the solvent molecules in the reaction medium
near the reacting pair, and the energetic cost associated with this is the outer-sphere
(solvent) reorganization energy.

The inner-sphere reorganization energy can be calculated by treating bonds within
the reactants as harmonic oscillators, according to Equation 1.9.

frfP
=2 g B (19)

Here, j;r is the jth normal mode force constant in the reactants, ];p is that in the
products, and Ag; is the change in the equilibrium value of the jth normal coordinate.

A simplified expression for the outer-sphere reorganization energy, Aoy, was
obtained by treating the solvent as a dielectric continuum.'® For this, it is assumed
that the dielectric polarization outside the coordination shell responds linearly to
changes in charge distributions, such that the functional dependence of the free energy
of the dielectric polarization on charging parameters is quadratic. Marcus then used
a two-step thermodynamic cycle to calculate doy.'>?° This treatment allows the
individual solvent dipoles to move anharmonically, as indeed they do in the liquid
state. The forms of the relationships that describe A, depend on the geometrical model
chosen to represent the charge distribution. For spherical reactants, 4., is given by
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Equation 1.10.

Jout = (Ae)2[1+11} { ! 1} (1.10)

2}’1 2)’2 ri2 Dop Ds

Here, Ae is the charge transferred from one reactant to the other, r; and r, are the radii
of the two (spherical) reactants, r;, is, as before, the center-to-center distance, often
approximated18 asthe sumofr; + r,,and Dsand D, are the static and optical (square
of refractive index) dielectric constants of the solvent, respectively. This model for
Jout treats both the reactants as hard spheres (i.e., the “hard sphere” model). For other
shapes, more complex models are needed, which are rarely used by reaction
chemists.>!

1.2.6 Useful Forms of the Marcus Model

1.2.6.1 The Eyring Equation and Linear Free Energy Relationships In princi-
ple, one could use nonlinear regression to fit the Marcus equation (Equation 1.4) to a
plot of AG* versus AG®’ values for a series of reactions, with A as an adjustable param-
eter. To obtain a reasonably good fit, the shapes, sizes, and charges of reactants and
products, and their 4 values, must be similar to one another. A good fit between calculated
and experimental curves would be evidence for a common outer-sphere electron transfer
mechanism, and the fitted value of 4 is an approximate value for this parameter. In
practice, AG* values cannot be measured directly. However, bimolecular rate constants,
k, can be. These are related to AG* by the Eyring equation (Equation 1.11).

k = kZ exp(—AG*/RT) (1.11)

Here, AG* is defined by Equation 1.4, k is the transmission coefficient, and Z is the
collision frequency in units of M~' s ', The transmission coefficient is discussed above.
In practice, k is often set equal to 1. Although this gives reasonable results in numerous
cases, this is one of the many assumptions “embedded” within the familiar, classical
form of the Marcus equation (Equation 1.4). Expansion of Equation 1.4 gives Equa-
tion 1.12, in which the Coulombic work term (i.e., the first term on the right-hand side of
Equation 1.4) is abbreviated as W(r).

_ L AGY (AG)?
t_ 4
AG = W(r)+ ) + > ™

(1.12)

Substituting Equation 1.12 into Equation 1.11, taking the natural logarithm, and
rearranging gives Equation 1.13.

A AG  (AG®')?
RTInZ—RTInk = z
n nk=Ww(r)+ it T

(1.13)

Values of Ink versus AG®’ can be plotted for a series of reactions and fitted to
Equation 1.13 by nonlinear regression using 4 as an adjustable parameter.
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If |[AG®'| < 4,thelasttermin Equation 1.12 can be ignored, and the Marcus equation
can be approximated by a /inear free energy relationship (LFER) (Equation 1.14).

. ) AG®
AGH =W z
(r)+ 1 + >

(1.14)

In principle, if the A values for a set of like reactions are similar to one another, and
W(r) is small or constant, a plot of AG* versus AG® will be linear and have a slope of
0.5. As noted above, it is rarely possible to measure AG* values directly. An alternative
option for plotting data using a linear relationships is to use Equation 1.15 and the
definition of the equilibrium constant, K = A exp(—AG°'/RT), in which A is a constant.
If the equilibrium constants for a series of reactions can be measured or calculated,
one can plot In k versus In K (Equation 1.15). A linear result with a slope of 0.5 is
indicative of a common outer-sphere electron transfer mechanism.

W(r) A
o~ ez T0SInK +nA (1.15)

Ink=InZ-

Another useful linear relationship is based on electrochemical data and is obtained
by recourse to the fact that AG° = —nFE°. For a series of outer-sphere electron
transfer reactions that meet the criteria discussed in context with Equation 1.14, a plot
of In k versus E° will have a slope of 0.5(nF/RT), and a plot of log k versus E° will have
a slope of 0.5(nF)/2.303RT or 8.5 V! for n=1 at 25°C.5 All the above methods can
be used to obtain a common (approximate) value of 4 for a series of similar reactions.
For single reactions of interest, however, 4 values can often be measured directly by
electron self-exchange.

1.2.6.2 Electron Self-Exchange In many cases, AG° can be easily measured
(usually electrochemically), while 4 is more difficult to determine. The methods
discussed above require data for a series of similar reactions. This information is
not always accessible, or of interest. An alternative and more direct method is to
determine A values from rate constants for electron self-exchange. This requires that
a kinetic method be available for measuring the rate of electron exchange between
one-electron oxidized and reduced forms of a complex or molecule. One requirement
for this is that the oxidation or reduction involved does not lead to rapid, irreversible
further reactions of either partner. In this sense, self-exchanging pairs whose 4 values
can be measured kinetically are often reversible or quasi-reversible redox couples.

In self-exchange reactions, such as that between A” and A™ " ! (Equation 1.16),
AG® =0.

* AM +Am+1;\>;<Aerl+Am (116)

In this special case, the Marcus equation (Equation 1.4) reduces to Equation 1.17.

AGH = W(r)+% (1.17)
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Because AG* is not directly measurable, A;; can be calculated from the observed
rate constant k for the self-exchange reaction by using Equation 1.18. This is obtained
by substituting Equation 1.17 into Equation 1.11 and assuming that k = 1.

(1.18)

(= zenp| M2

RT

Equation 1.18 can also be converted to a linear form (Equation 1.19) by taking the
natural logarithm.

RTlnk:RTan—W(r)—% (1.19)

For reactions in solution, Z is often on the order of 10''M~!s~! (values of
Z=6x 10""M s~ ! are also used).” To calculate W(r), one must know the charges
and radii of the reactants, the dielectric constant of the solvent, and the ionic strength
of the solution. The reorganization energy /,; can then be calculated from k. Worked
examples from the literature are included in Section 1.3.

1.2.6.3 The Marcus Cross-Relation The rate constant, k;,, for electron transfer
between two species, A" and B” (Equation 1.20) that are not related to one another by
oxidation or reduction, is referred to as the Marcus cross-relation (MCR).

Am+Bn+1:Am+l+Bn (120)

Itis called the “cross-relation” because it is algebraically derived from expressions
for the two related electron self-exchange reactions shown in Equations 1.21 and 1.22.
Associated with these reactions are two self-exchange rate constants k;; and k,, and
reorganization energies A;; and /.

A" AN LA™ rate constant = ko (1.21)
*B” +B” ! =*B""! 4+ B”, rateconstant = ky (1.22)

The MCR is derived by first assuming that Equation 1.23 holds. This means that the
reorganization energy for the cross-reaction, 4j,, is equal to the mean of the
reorganization energies, 411 and A,,, associated with the two related self-exchange
reactions.

1

A &2 3 (;»11 +/122) (1.23)

The averaging over the outer-sphere components of 4;; and 1,5, that is, 411,y and
Jar0us, is only valid if A” and B” ™' (Equation 1.20) are of the same size (i.e., r; =15).
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As is demonstrated later in this chapter, differences in size between donors and
acceptors can lead to large discrepancies between calculated and experimental values.
The assumption in Equation 1.23 is used to derive the MCR (Equations 1.24—1.26)

kip = (k11k22K12f12)1/2C12 (1.24)
where
1 (InKy+ (wia—wa1)/RT)?
1 =- 1.25
nflz 4 1n(k11k22/Z2) + (W11—W22)/RT ( )
and
Cr = exp|— (W12 + wa1 —wi1—wa) /2RT] (1.26)

As mentioned above, Z is the pre-exponential factor and w;; are Coulombic work
terms (Equation 1.4) associated with all four combinations of the reacting species. If
ko, is known, one can use k|, and Equations 1.24-1.26 to calculate k;,, which is
related by Equation 1.19 to its reorganization energy 4;;. The C;, and f;, terms often
approach unity for molecules that possess small charges.*** For reactions of charged
inorganic complexes, however, these terms can be important.

1.2.7 Additional Aspects of the Theory

1.2.7.1 The Inverted Region The Marcus model predicts that as absolute values
of AG® decrease (i.e., as electron transfer becomes more thermodynamically favor-
able), electron transfer rate constants should decrease. Because energetically more
favorable reactions generally occur more rapidly, it is counterintuitive to expect the
opposite to occur. However, this is precisely the case in the inverted region where
more thermodynamically favorable reactions occur more slowly. The exothermic
region in which this occurs is therefore referred to as “inverted.” Marcus predicted this
behavior in 1960,'*%* and the first experimental evidence for it was provided more
than two decades later.”?

In a series of related reactions possessing similar A values but differing in AG”,
a plot of the activation free energy AG* versus AG®' (from Equation 1.12) can be
separated into two regions. In the first region, AGH decreases, and rates increase, as
AG®' decreases from zero to more negative values. This is the “normal” region. When
AG®' becomes sufficiently negative such that AG® = —4, AG* becomes zero. (This is
true for reactions in which W(r) = 0; for cases where W(r) # 0, AG* = W(r).) In the
next region (the inverted region), AGH begins to increase (and rates decrease), as AG®’
becomes even more negative than —/.

The dependence of In k on AG® is depicted in Figure 1.2. The rate first increases as
AG®' becomes more negative (region I, the normal region) and reaches a maximum at
—AG®' =/ (point II). Then, as AG®" becomes even more negative, Ink begins to
decrease (region III, the inverted region).
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In k

_AG”

FIGURE 1.2 Plot of Ink versus —AG®’. Region I is the normal region, region III is the
inverted region, and at point II (—AG®' = 1) In k reaches a maximum.

The reason for this can be understood by reference to Figure 1.1. The plots in
Figure 1.1 show the locations of the R and P surfaces in the normal region. To reach the
inverted region, AG®’ must become more negative. This corresponds to lowering the P
surface relative to the R surface in Figure 1.1. As this proceeds, the free energy barrier
AG* decreases until it becomes zero at AG®’ = — . At this point, the intersection of the
R and P surfaces occurs at the minimum of the R curve, and the reaction has no
activation barrier. Further decrease in AG®’ then raises the energy at which the R and P
surfaces intersect. This corresponds to an increase in the activation barrier, AGi, and
adecrease in rate. This case, that is, the inverted region, is shown in Figure 1.3, which
depicts the relative locations of the reactant and product energy surfaces in the
inverted region.

Indirect evidence for the inverted region was first provided by observations that
some highly exothermic electron transfer reactions resulted in chemiluminescence,
an indication that electronically excited products had been formed (surface P* in
Figure 1.3). When the ground electronic state potential energy surface of the products,
P, intersects the R surface at a point high in energy on the R surface (intersection of
curves R and Pin the inverted region; Figure 1.3), the reaction is slow. In this case, less
thermodynamically favorable electron transfer to a product excited state (P* surface)
can occur more rapidly than electron transfer to the ground electronic state of the
products (P surface). Electron transfer to a P* state, and chemiluminescence asso-
ciated with a subsequent loss of energy to give the ground electronic state, was
observed by Bard and coworkers.** Direct experimental confirmation of the inverted
region (electron transfer from the R to P surfaces in Figure 1.3) was provided a few

1.2.8 Nuclear Tunneling

The Marcus equation (and useful relationships derived from it) is a special case
characterized by adiabatic electron transfer at the intersection of the reactant and
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P*

Potential energy

Nuclear configuration

FIGURE 1.3 Potential energy surfaces for the Marcus inverted region. In this highly
exothermic reaction, the P surface has dropped in energy to such an extent that further
decreases in its energy result in larger activation energies and smaller rate constants. The black
arrow indicates the intersection of the R and P surfaces (the splitting of these surfaces due to
electronic coupling is not shown). The P* surface depicts an energetically less favorable, yet
more rapid transition from the R surface to an electronically excited state of one of the products
(see discussion in the text).

product potential energy surfaces. That intersection, S in Figure 1.1, defines the
nuclear coordinates and energy of the transition state for electron transfer. This
section deals with a quantum mechanical phenomenon in which electron transfer
occurs without the nuclear coordinates first reaching the intersection point.
Graphically, this means that the system passes from curve R to curve P at
a lower (more negative) energy than that of the intersection, S. This is referred
to as nuclear “tunneling” from surface R to surface P. The material provided in
this section is designed to help the reader understand some basic aspects of this
phenomenon.

When nuclear tunneling occurs, the system passes from the R surface to the P
surface by crossing horizontally from the first to the second of these surfaces. This
is depicted schematically by the horizontal line that extends from “a” to “b” in
Figure 1.4. In practice, at room temperature, and for reactions in the “normal” region,
nuclear tunneling usually accounts for only minor contributions to rate constants. The
cross-relation in the normal region is even less affected by nuclear tunneling, due to
partial cancellation of the quantum correction in the ratio k1, /(ki1k»nK 12)1/ 2,

When it is a viable pathway, nuclear tunneling tends to dominate at low tem-
peratures, at which the probability of the system reaching the intersection point, S,
is low. At the same time, nuclear tunneling rates are independent of temperature. This
is because, in tunneling, electron transfer occurs at energies near the zero-point
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Potential energy

N K A

Nuclear configuration

FIGURE 1.4 Diagrammatic representation of nuclear tunneling. The horizontal line depicts
electron transfer via nuclear tunneling from point “a” on surface R to point “b” on surface P.

vibrational energy of the reactants and surrounding media (provided that the energy of
the lowest point on the R surface equals or exceeds that of the P surface).

Temperature affects nuclear motion and thereby the Boltzmann probability of
attaining the nuclear configuration that corresponds to the intersection between the R
and P surfaces. For this reason, temperature determines the contribution that nuclear
tunneling makes to overall reaction rates. (H s is not directly affected by temperature,
although it will vary somewhat with nuclear configuration.) Hence, the existence of
atemperature-dependent rate constant at high temperatures and an independent one at
low temperatures may be a manifestation of nuclear tunneling.

The terms adiabatic and nonadiabatic that were discussed above can be engaged
directly to the phenomenon of tunneling. If a system reacts via an adiabatic pathway,
the system follows the R surface in the initial stages of the reaction, then remains
on the lower surface caused by electronic coupling at the intersection, and continues to
the P surface. In a nonadiabatic reaction, the electronic coupling of the reactants is so
weak, that is, 2H s is so small, that the probability k of going from the R to the P
surface when the system is in proximity to the intersection region in Figure 1.1 is
small. In the majority of collisions that result in attaining the energy of the intersection
region, the system will stay on the R surface, instead of going on to the P surface. For
reactions with intermediate « values, expressions known as the Landau—Zener type
are available for calculating k. In the “inverted region,” a reaction in which the
system goes directly from the R to the P surface is necessarily nonadiabatic, and there
is no adiabatic path: the system must “jump” from one solid curve to the other in order
to form directly the ground-state products.

Nuclear tunneling from the R to the P surfaces is represented by the horizontal line
from “a” to “b” in Figure 1.5. Unlike in Figure 1.4, the slopes of the R and P potential
energy surfaces have the same sign when approaching the intersection region.
Semiclassical models of electron transfer show that in this case nuclear tunneling
is much more important.



16 ELECTRON TRANSFER REACTIONS

Potential energy

Nuclear configuration

FIGURE 1.5 Diagrammatic representation of nuclear tunneling from “a” to “b” in the highly
exothermic (inverted) reaction.

1.2.9 Reactions of Charged Species and the Importance of Electrolyte Theory

1.2.9.1 Background and Useful Models The Marcus equation is an extension of
earlier models from collision rate theory. As such, compliance with collision rate
models is a prerequisite to defensible use of the Marcus equation. This is particularly
important for reactions of charged species, and therefore, for reactions of many
inorganic complexes. In these cases, the key question is whether electron transfer rate
constants vary with ionic strength as dictated by electrolyte theory, on which the
collision rate models are based. When they do not, differences between calculated and
experimental values can differ by many orders of magnitude.

The theory of electrolyte behavior in solution is indeed complex, and has been
debated since 1923, when Debye and Hiickel?”?® described the behavior of electro-
lyte solutions at the limit of very low concentration. Subsequently, intense discussions
in the literature lasted into the 1980s, by which time a number of quite complex
approaches had been promulgated. The latter do give excellent fits up to large ionic
strength values, but are generally not used by most kineticists.

The effects of electrolyte concentrations on the rate constants depend on the nature
of the interaction between the reacting species. If the reacting species repel
one another, rate constants will increase with ionic strength. This is because the
electrolyte ions attenuate electrostatic repulsion between the reacting ions. If the
reactants have opposite charges, and attract one another, electrolyte ions will
attenuate this attraction, resulting in smaller rate constants.

One convenient option is to use the Debye—Hiickel equation, also referred to as the
Davies equation.*
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log k — log ko + —122VE (1.27)
1+ Bry/m

In Equation 1.27, o and f are the Debye—Hiickel constants, equal to 0.509 and
0.329, respectively, at 25°C in aqueous solutions. kg is the rate constant for the
reaction at infinite dilution (u = 0 M). In this form, o is dimensionless and f has units
of A*/mol"?.

One fundamental problem is that kineticists almost always deal with solutions of
mixed electrolytes. In such cases, the Davies equation is not rigorously correct (based
on first principles from thermodynamics). In addition, some workers argue that setting
the parameter r equal to the internuclear distance between reacting species is not
justified, and that successful results obtained by doing so should be viewed as
fortuitous.”® Nonetheless, as is demonstrated later in this chapter, it can give excellent
results in some cases.>' =*

Alternatively, one may use the Guggenheim equation (Equation 1.28), which is
rigorously correct for solutions of mixed electrolytes. In this equation, the specific
interaction parameters are moved from the denominator to a second term, in which b is
an adjustable parameter.

2z 12206\/,L_L

loghk =logko+ ————— +b 1.28
g ghot =g The (1.28)
If one ignores the second term in Equation 1.28, one obtains the “truncated”

Guggenheim equation (Equation 1.29), which is identical to the Davies equation, but

with fir equal to unity. The reader should be aware that many authors refer to

Equation 1.29 as the Guggenheim equation.

log k — log ko + —122VE (1.29)
1+ /1

Alternatively, one can use more elaborate models.>> These can yield fine fits to
extraordinarily high ionic strengths, but they do not generally provide much addi-
tional insight.

In practice, the most common approach™® is to use the truncated Guggenheim
equation (Equation 1.29) and ionic strength no greater than 0.1 M. This is also
the method espoused by Espenson.’’ If this fails, the Guggenheim equation
(Equation 1.28) is sometimes used. This has more adjustable parameters, and therefore
is more likely to produce a linear fit. However, the slopes of the lines obtained often
deviate from theoretical values, defined as a function of the charge product, z;z,, of the
reacting species. Nonetheless, if a good linear fit is obtained (even though the slope is
not correct), this might still be used as an argument against the presence of significant
ion pairing or other medium effects. A good example of this is provided in an article by
Brown and Sutin,38 who fitted the same data set to a number of models before finally
observing a linear relationship between rate constants and ionic strength.
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1.2.9.2 Graphical Demonstration of the Truncated Guggenheim Equation In
Figure 1.6, the truncated Guggenheim equation (Equation 1.29) was used to calculate
rate constants as a function of ionic strength. Then, logk values were plotted as
a function of ionic strength. This reveals the effects of ionic strength on rate constants
that one might observe experimentally. The curves shown are for reactions with
charge products of z;z, = -2, —1, 0, 1, and 2. Charge products of 2 and 1 indicate
repulsion between like-charged reactants and those of —1 and —2 indicate attraction
between oppositely charged reactants.

In Figure 1.7, the same rate constants and ionic strengths shown in Figure 1.6 are
now plotted according to the truncated Guggenheim equation (Equation 1.29). The
horizontal line corresponds to z;z, = 0. The slopes of the lines are equal to 2z, z,0 and
have values of —2.036, —1.018, 0, 1.018, and 2.036, respectively, for z,z, values of
-2,-1,0, 1, and 2.

As discussed above, verification that a reaction that involves charged species
satisfies the requirements of electrolyte theory is a necessary prerequisite to use of the
Marcus model. For this, a plot of log k versus /i /(1 + /i) (truncated Guggenheim
equation) should be linear with a slope of 2z,z,a, as shown in Figure 1.7. Deviations
from linearity, or, to a lesser extent, slopes that give incorrect charge products, z;z5,
are indications that the system does not obey this model. When this occurs, other
models can be tried. If these fail, ion pairing, other specific medium effects, cation
catalysis, or other reaction mechanisms are likely involved.?' In these cases, the
reaction is not a defensible candidate for evaluation by the Marcus model for outer-
sphere electron transfer.

Finally, readers should be aware of a comment by Duncan A. Maclnnes (in
1939°%) that “There is no detail of the derivation of the equations of the

3.5 -
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o
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0-5 T Ll T L T
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FIGURE 1.6 Theoretical plots of log k versus ionic strength u for charge products z,z, =2,
1,0, —1, and —2. The zero ionic strength rate constant k is set equal to 100 Mgt
varied from 0.001 to 1 M.

and pu is
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FIGURE 1.7  Plots of log k versus ,/w/(1 + /i) for charge products z;z, =2, 1,0, —1, and
—2. kg is taken as 100M~'s™" and the ionic strength w is varied from 0.001 to 1 M.

Debye—Hiickel theory that has not been criticized.” From this perspective, electro-
lyte models are simply the best tools available to assess whether the dependence of
electron transfer rate constants on ionic strength is sufficiently well behaved to
justify use of the Marcus model. For this, and despite their shortcomings, they are
indispensable.

1.3 GUIDE TO USE OF THE MARCUS MODEL

This section is designed to fill the gap between the familiar “formulas” presented
above and the assumptions and definitions of terms and physical constants needed to
apply them. Values for all physical constants and needed conversion factors are
provided, and dimensional analyses are included to show how the final results and
their units are obtained. This close focus on the details and units of the equations
themselves is followed by worked examples from the chemical literature. The goal is
to provide nearly everything the interested reader may need to evaluate his or her own
data, with reasonable confidence that he or she is doing so correctly.

1.3.1 Compliance with Models for Collision Rates Between Charged Species

In this section, applications of the Davies and truncated Guggenheim equations are
demonstrated through worked examples from the literature.

1.3.1.1 The Davies Equation The Davies equation (introduced earlier in this
chapter and reproduced here for convenience in Equation 1.30) is one of several
closely related models, derived from electrolyte theory, that describe the functional
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dependence of rate constants on ionic strength.

log k = log ko + 20z1z5 /% /(1 + pru'/?) (1.30)

In Equation 1.30, z; and z, are the (integer) charges of the reacting ions and r is the
hard sphere collision distance (internuclear distance). The latter term, r, is approxi-
mated as the sum of the radii of the reacting ions, r, + r,.'® The term pu is the total
ionic strength. It is defined as u = %Zniz? for electrolyte solutions that contain
molar concentrations, #;, of species i of charge z. The constant « is dimensionless
and equal to 0.509, and for  in units of cm, = 3.29 x 10’ cm'?/mol"’. Finally, log k
in Equation 1.30 refers to log;ok, rather than to the natural logarithm, In k. This
deserves mention because in many published reports, log k is (inappropriately) used
to refer to In k.

Typically, log k (i.e., log o k) is plotted (y-axis) as a function of ,LLl/z/(l + ﬁr,u”z)
(x-axis). If the result is a straight line, its slope should be equal to a simple function of
the charge product, that is, 2z;z,a, and its y-intercept gives log ko, the log of the rate
constant at the zero ionic strength limit. The constant kq is the ionic strength-
independent value of the rate constant and can be treated as a fundamental parameter
of an electron transfer reaction.

1.3.1.2 Dimensional Analysis The constant 5 in Equation 1.31 is the “reciprocal
Debye radius.”'"*'® Dimensional analysis of this term is instructive because it involves
a number of often needed constants and occurs frequently in a variety of contexts.

B = 8nNe? /1000DkT (1.31)
The following values, constants, and conversion factors apply:

Conditions: 298K (25°C) in water

N = Avogadro’s number (6.022 x 10 mol™ ")

e =electron charge (4.803 x 1079 electrostatic units (esu) or StatC)
D, = static dielectric constant (78.4) (water at 298K)

k =Boltzmann constant (1.3807 x 10716erg/K)

1 StatC?/cm = 1 erg (1.32)

Evaluation of f is as follows:

8nNe? 1/2
= — 1.33
B (IOOODS kT) ( )

(1.34)

1/2
5= 87(6.022 x 10% mol~")(4.803 x 10~'° StatC)* /
B 1000(78.4)(1.3807 x 10~ '%erg/K)298K



GUIDE TO USE OF THE MARCUS MODEL 21

1/2
5 _ (876022 x 10 mol™!)(4.803 x 10~ SiaiC)* (ergem) / 13s)
a 1000(78.4)(1.3807 x 10 '%erg/K)298K  StatC? :

B =3.29 x 10" cm'/? /mol'/? (1.36)

In the Davies equation (Equation 1.30), § is multiplied by r. If this distance is in cm,
one obtains

B-cm = (3.29 x 10" cm'/? /mol'/?)cm (1.37)

which is equivalent to Equation 1.38.

3 1/2
B-cm =329 x 107 (Cm) (1.38)
mol

The units in Equation 1.38 can be viewed as (vol/mol)'?

reduced to unity) when multiplied by the units of w'*(mol/vol)
equation (Equation 1.30).

Note here that the denominator in Equation 1.33 (definition of f§) is multiplied by
a factor of 1000. This is needed to “scale up” from cm’ to L, so that, for 7 in cm and
in mol/L, the units associated with the product ffru exactly cancel one another.
Similarly, for r in units of A and g in units of mol/L, = 0.329 A!/2/mol'/?.

In published articles, f is often presented as dimensionless (e.g., as 0.329), or with
units of cm ™! or A~!. The units of cm ™! are obtained if the correction factor of 1000 in
the denominator of Equation 1.33 is assigned units of cm”. Once the final units are in
cm ™, these can be converted to A~'. These options can be disconcerting to those new
to the use of these models. For practical purposes, however, one only needs to know
that, for w in units of molarity (M), f = 0.329 for r in units of Aand 3.29 x 107 for rin
units of cm.

and are cancelled (i.e.,
2 in the Davies

1.3.1.3 Literature Example: Reaction Between a-PW 5,040 and a-PW1,049>
In a detailed investigation of electron self-exchange between Keggin heteropoly-
tungstate anions in water, Kozik and Baker used line broadening of 3'P NMR signals
to determine the rates of electron exchange between o«-PW,040°~ and one-electron
reduced oz—PW120404_ (Figure 1.8) and between oz—PW12O404_ and the two-electron
reduced anion oc—PW12040.5731’40 The W ions in the parent anion oc—PW1204037 are in
their highest + 6 oxidation state (d° electron configuration).

Structurally, o-PW 1,040, which is 1.12nm in diameter,*! may be viewed as a
tetrahedral phosphate anion, PY0,”~, encapsulated within a neutral, also tetrahedral,
a—WVIIZO%O shell (“clathrate” model4244). According to this model, the PVO43 -
anion in the one-electron reduced anion, oc-PW1204047, is located at the center of
a negatively charged W 1,056~ shell,*> which contains a single d (valence) electron.
Moreover, the single valence electron is not localized at any single W atom, but is
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0-PW,,0,,*

kll

FIGURE 1.8 Electron self-exchange between 0-PW1,0,40*" and o-PW ;040> . The
a-Keggin anions are shown in coordination polyhedron notation. Each anion is 1.12nm in
diameter and possesses tetrahedral (T4) symmetry. In each anion, the 12 W addendum atoms are
at the center of WOg polyhedra that each have C,4, symmetry. At the center of each cluster
(shaded) is a tetrahedral phosphate oxoanion, PO~

rapidly exchanged between all 12 chemically equivalent W centers. The rate of
intramolecular exchange at 6K is ~10%s™! and considerably more rapid*®*’ than
most electron transfer reactions carried out at near-ambient temperatures between the
reduced anion, oc—PW1204047, and electron acceptors.

Kozik and Baker combined the acid forms of the two anions, a-H3;PW,04 and
o-H4PW 1,040 (1.0mM each), in water using a range of ionic strengths (w) from
0.026 t0 0.616 M.>" Tonic strength values were adjusted by addition of HCI and NaCl
(pH values ranged from 0.98 to 1.8). Under these conditions, the anions are present in
their fully deprotonated, “free anion” forms, oc—PW1204037 and oc—PW1204047.
Observed rate constants, ks, were fitted to the Davies equation (Equation 1.30).
An internuclear distance of r =11.2 A, or twice the ionic radius of the Keggin anions,
was used. At 25°C in water, o = 0.509 (dimensionless) and f = 3.29 x 10’ cm/mol'?.
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FIGURE 1.9 Plot of logk as a function of u'"*/(1 + Bru'"?) (from the Davies equation,
Equation 1.30). The slope of the line (equal to 20:z;z,) gives a charge product z,z, of 14.3.

For the units to “work out,” r must be converted to 1.12 x 10~ cm. Using
Equation 1.30, log k was plotted as a function of w"*/(1 + Bru'’?). A linear relation-
ship was observed (R2 =0.998), whose slope (equal to 20z, z,) gave a charge product
of z;z,=14.3 (Figure 1.9). The theoretical charge product is 12. Linearity and
comparison to the theoretical charge product are both important considerations in
evaluating whether an electron transfer reaction between charged species obeys
electrolyte theory to an extent sufficient for proceeding with use of the data in the
Marcus model. In the present case, few would argue that the system fails to comply
with electrolyte theory.

The linearity and close-to-theoretical slope in Figure 1.9 was surprising because
Equation 1.30 was derived for univalent ions at low ionic strengths (up to 0.01 M).
Agreement at much higher ionic strengths (greater than 0.5 M) was attributed to the
fact that POM anions, “owing to the very pronounced inward polarization of their
exterior oxygen atoms, have extremely low solvation energies and very low van der
Waals attractions for one another.”*®

In many published examples of careful work, some models fail, while others
(including those with empirical corrections) give better fits. In those cases, some
judgment is required to assess whether the Marcus model might be used. The most
often encountered reasons for failure to comply with these models are the presence of
alternative mechanistic pathways and significant ion association between electrolyte
ions and the charged species involved in the electron transfer reaction. Ion association
is discussed in more detail at the end of this chapter.

1.3.2 Self-Exchange Rate Expression

For self-exchange reactions such as that in Figure 1.8, Equation 1.18 applies. This is
obtained by setting the free energy terms in Equation 1.12 equal to zero. In most cases,
the work term W(r) can be calculated. This is the energy required to bring the reactants
from effectively infinite separation to within collision distance r, approximated as the
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sum of the radii of the reacting ions, r; 4 r,. The reorganization energy 4 is more
difficult to calculate. This is because it requires detailed knowledge of all the changes
in bond lengths and angles required to reach the transition state for electron transfer
(see Equation 1.9) and this information is usually not available. In practice, therefore,
self-exchange reactions are most commonly carried out as a means for determining
the reorganization energies. This fundamental parameter of the self-exchange reac-
tion can then be used to determine the inherent reorganization barriers associated
with other electron transfer reactions (cross-reactions) of interest. In this sense, the
species involved in the self-exchange reaction can be deployed as physicochemical
“probes.”1732:33

The work term W(r), Equation 1.39, is as shown in Equation 1.4, but with
the subscript on the collision distance r modified to indicate a self-exchange
reaction.

w(r) *THGXP(—}O’H) (1.39)

Equation 1.39 is commonly written in a more convenient form (Equation 1.40).

21226’2

W(r) = ng(l + Brul/?)

(1.40)

The dimensional analysis provided in Equations 1.33—1.38 applies here as well,
and the electron charge, e, needed here is equal to 4.803 x 10 '9StatC. To use
Equation 1.40, a conversion factor must be added, as shown in Equation 1.41.

w(r)

—~10 2
_ 2122(4.803 x 107 StatC) (1.439“013&/211101) (1.41)
Driy (1+ fr i) StatC”/om

To evaluate this expression, r is given in units of cm. Because zy, z,, and the static
dielectric constant D are dimensionless, and (as noted above) the units of the term
pru'/?exactly cancel one another, the units in Equation 1.41 reduce to kcal/mol.

A dramatic example of the effect of charge and W(r) on rate constants involves
self-exchange between oz—AlW120405 ~ and the one-electron reduced anion
oz—AlW1204067. At an ionic strength, L, of 175 mM, the rate constant for this reaction
is 3.34 x 10°M~'s™'. By comparison, the rate constant for self-exchange between
0-PW 1,040~ and the le -reduced anion a-PW,04," ™ at p =175 mM is 2.28 x 10’
M~ 's™!. Work terms and reorganization energies for the two reactions at this ionic
strength are W(r) =4.46and 1.78 M~ ' s~ ! for charge products, respectively, of 30 and
12. (Also responsible in part for the difference in self-exchange rate constants is the
decrease in reorganization energies from 8.8 to 6.1 kcal/mol between the slower and
faster reactions.)

By taking the natural logarithm of each side of Equation 1.18, one obtains
Equation 1.42 (reproduced here from Section 1.2). The subscript on k is a pair of



GUIDE TO USE OF THE MARCUS MODEL 25

1’s, used to indicate that this rate constant is for a self-exchange reaction.
W(r) A

Inky =InzZ— )~
n = e e T 4RT

(1.42)

Hence, by measuring the rate of electron self-exchange, one can readily use the
Marcus model to calculate the reorganization energy A. To evaluate this, a collision
frequency of Z= 10" M~" s~ ' is generally used, and the temperature is given in Kelvin.

1.3.2.1 Literature Examples: Ru™(NH3)¢® " + Ru"(NH3)s> " and O, + O,
A well-known self-exchange reaction is that between Ru™(NH;)¢** and
Ru"'(NH;)6> T 347 At 25°C and w=0.1M, the experimentally determined self-
exchange rate constant ky; is 4 X 10°M s

For D = 78.4, the effective radius of the Ru complexes equal to 3.4 x 10 %cm (.e.,
r=68x10"% cm), and the other constants defined as shown above, W(r) is calculated

as shown in Equation 1.43.

3.2(4.803 x 10719 StatC)?

W(r) =
) 78.4-(6.8 x 1078 cm)(1+3.29 x 107 cm!/2/mol'/2(6.8 x 1078 cm) (0.1 mol/L)'/?)
: (1.439 x 10'3%/2”“’1) = 2.19 keal/mol
StatC” /cm

(1.43)

The ionic strength w in units of mol/L is equivalent to units of mmol/cm?. Note that
f has units of cm'*/mol"?, such that the units of the product firu cancel one another
due to the factor of 1000 in the denominator of [ itself (i.e., as defined in
Equation 1.33).

By solving Equation 1.42 for 4, one obtains

)= 4(RTInZ—RT Ink;;—W(r)) (1.44)

Substitution of Z=10"", D =78.4,R=1.987 x 10~ kcal/mol, k;; =4 x 10°M ™"
s~', and W(r) =2.19 kcal/mol into Equation 1.44 gives /2 =31.6kcal/mol. In this
reaction, the work required to bring the charged reactants into close proximity is
considerably smaller than the reorganization energy needed to reach the transition
state for electron transfer.

In the above example, the reorganization energy 4 is the total reorganization
energy and includes both inner-sphere and outer-sphere components, Ay, and Aoy,
discussed earlier in this chapter. Once the total reorganization energy, Ao, is known,
Ain and Ay can be calculated using Equation 1.45.

)Llotal = ;Lin + j-oul (1 45)

As noted earlier, information needed to calculate 4;, (Equation 1.9) is usually not
readily available. However, A, is easily calculated using Equation 1.10. For
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self-exchange reactions, r; = r, and 1, = 2 ry, and for a one-electron process, Ae = e.
Thus, Equation 1.10 reduces to Equation 1.46.

1]{1 1
dowt = € [}J [nz - D} (1.46)

Here, n and D are the refractive index and static dielectric constant of the solvent. In
water at 298K, n=1.33 and D, =78.4.

An important application of Equations 1.45 and 1.46 involves analysis of electron
exchange between dioxygen (O,) and the superoxide radical anion (O, ") in water.
Lind and Merényi determined the rate constant for this reaction by reacting >*0, with
isotopically labeled O, (Equation 1.47).°° The labeled superoxide anion was
generated by y-irradiation of 30,.

20, +%*0; — 0, +3%0, (1.47)

They obtained a rate constant of 450+ 150 M 's™'. Because the charge product
for this reaction, z;z,, is equal to zero (the charge on O, is zero), W(r) in Equation 1.44
is equal to zero, and that equation reduces to

z
ol = 4RT (ln —> (1.48)
kll

The experimentally determined rate constant gave Ay = 45.5 kcal/mol. In this
case, it was possible to estimate A;, computationally (which involves lengthening of
the O-O bond), and then use Equation 1.45 to determine Ao, They estimated that
Ain = 15.9 kcal/mol, which left 29.6 kcal/mol for /. Next, they used Equation 1.46
to calculate the “effective” radius of O, (i.e., r;/2) and obtained a value of 3A.
More recent work suggests that this seemingly large value might reflect orienta-
tional restrictions imposed on collisions between the nonspherical reactants, O,
and O, %!

1.3.3 The Marcus Cross-Relation

Rate constants for outer-sphere electron transfer reactions that involve net changes
in Gibbs free energy can be calculated using the Marcus cross-relation
(Equations 1.24-1.26). It is referred to as a “cross-relation” because it is derived
from expressions for two different self-exchange reactions.

1.3.3.1 Derivation of the Marcus Cross-Relation The cross-relation is derived
algebraically by first assuming that the reorganization energy for the “cross” reaction
is the average of the reorganization energies associated with the two self-exchange
reactions involved. To clarify this, consider the two self-exchange reactions in
Equations 1.49 and 1.50. These reactions are, respectively, assigned rate constants
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of ky; and k,,, which are associated with reorganization energies A;; and A,. The
reorganization energies are inherent properties of these exchanging pairs.

Ared +A:x :AOX +A:ed (149)
Bred_"BZx;\BOX_'_B:ed (150)

Associated with these self-exchange reactions are two “cross” reactions
(Equations 1.51 and 1.52). Unlike the self-exchange reactions, the cross-reactions
are functions of (almost always) nonzero Gibbs free energies AG°12 and AGO21 (the
subscripts indicate a “cross” reaction and are arbitrarily assigned here to one reaction
and its reverse). Once the rate constants of the self-exchange reactions, and the Gibbs
free energy for the cross-reactions, are known, the MCR can be used to predict the
rate constants, k, or k,, for each cross-reaction.

Ared +Box =Aox +Breq, rateconstant = ki, (1.51)
Aox +Bred =Aeq +Box, rateconstant = ky; (1.52)
To derive the MCR, it is necessary to assume that the reorganization energies for

the reactions shown in Equations 1.51 and 1.52 are both equal to the mean of 4;; and
/25 (Equation 1.53).

1
Jia = 5(%1 +/22) (1.53)

Next, Equation 1.53 is algebraically combined with equations that describe the
dependence of ky; and k,, on A;; and /5, (Equations 1.54 and 1.55) and the
dependence of k;, on 4, and AGT2 (Equation 1.56).

A1

1Hk11 = W11+T (154)
A
In kzz = Wy + iz (155)
p AGH\’
Ik, = W(r),+ == (1 + ‘2> (1.56)
4 )\,12

The Gibbs energy term in Equation 1.56 is not the standard Gibbs free energy,
AG?Z, for the cross-reaction in Equation 1.51. Rather, it is the “corrected” Gibbs free
energy, AGTZ: the difference in energy between the successor and precursor com-
plexes in Scheme 1.2.

The corrected Gibbs free energy is related to AGZ2 by the relation in Equation 1.57,
where w;; are the Coulombic energies of formation of individual (often short-lived)
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Aiq T By Reactants

Electron
transfer
(Arcd Box} —_— {AOH Bred)
Precursor Successor
complex complex

Separated products AM + Bmd

SCHEME 1.2

association complexes. The w;; terms are retained in the MCR and will be further
clarified below through a worked example.

AG,, = AG, +wy —wiy (1.57)

Substituting Equation 1.58 into Equation 1.57 gives Equation 1.59.
AG,, = —RT In K, (1.58)
AG|, = —RT In K15 +wa —wi» (1.59)
Using Equations 1.53-1.56 and 1.59, approximately 30 algebraic steps lead
to Equations 1.60-1.62 (reproduced here for convenience from Section 1.2). (The

equilibrium constant K,, rather than a Gibbs free energy term, appears in Equa-
tion 1.60, and it is incorporated by substitution of Equation 1.59 into Equation 1.56.)

kip = (k11k22K12f12)l/2 Ciz (1.60)
where
1 (InKyp+ (wia—wa1) /RT)?
In =- 1.61
f12 4 ln(k“kzz/Zz) + (Wll —sz)/RT ( )
and
Cpp = exp[—(W12 + W21—W11—W22/2RT)} (1.62)

The use of this relation requires that Equation 1.53 be valid. Equation 1.53, in turn,
is a good approximation for the reorganization energy of the cross-reaction (either
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Equation 1.51 or 1.52) only when the reacting species are spherical in shape and
identical to one another in size. One of the model’s strengths is that reasonable results
(within ~1 order of magnitude between calculated and experimental values) can often
be obtained for reactions between electron donors and acceptors that do not meet these
criteria. This is fortunate because few reactions do.

1.3.3.2 Literature Examples: o-AlW,04° + a-PW,04" and a-
PW,04° + O, The MCR is used here to calculate the rate constant, ki, for
electron transfer from to oc-AlW120406* (one-electron reduced) to oc-PW120404*
(one-electron reduced) to give oc—PW]20405_ (the two-electron reduced ion)
(Equation 1.63).*?

w-AIW 0,8 + 0-PW 20,0~ — 0-AlW 20,5~ +PW 20,5~ (1.63)

The MCR will be used below to calculate the rate constant, k,(calc), for this
reaction and to compare that value with the experimentally determined rate constant,
ki2(exp). For this, kj>(exp) was determined as shown immediately below. In this
example, “zero ionic strength” rate constants are used. These are obtained from plots
of rate versus functions of ionic strength derived from electrolyte theory. If these plots
give straight lines with slopes near theoretical (i.e., slopes that give the actual charge
product, z;z,), then extrapolation to zero ionic strength is defensible. As will be shown
in a subsequent example, however, the use of zero ionic strength rate constants is not
required for use of the MCR.

To determine k,(exp), solutions of o-AIW 12040° and 0-PW ,0,40* ™~ (the latter in
large molar excess) were mixed in a stopped-flow apparatus. The change in absorbance
with time (determined by UV-Vis spectroscopy) was exponential, and pseudo-first-
order rate constants, ks, were determined from each absorbance versus time curve
(to ~100% completion of reaction). Plots of these rate constants as a function of initial
a-PW1,040*" concentration at three ionic strength values gave three straight lines
(Figure 1.10). The slopes of these lines are the bimolecular rate constants, k,, for the
reaction at each of the three ionic strength values used. The range of experimentally
useful ionic strength values was limited by practical considerations, but adequate.

The three bimolecular rate constants, k;,, from Figure 1.10, were plotted as
a function of ionic strength using the extended Davies equation (Figure 1.11). The
slope (R*=0.9997) gave a charge product (z;z,) of 23 £ 1, within experimental
uncertainty of the theoretical value of 24. Extrapolation to zero ionic strength gave
k9, (exp) = 17 £2M~! s7! (the superscript “0” is used to indicate that this value
refers to zero ionic strength).

The MCR will now be used to obtain k,(calc) from the two relevant self-exchange
reactions in Equations 1.64 and 1.65:

*0-AIW120,87 + 0-AIW ,0,07 — *0-AlW 0,5 +a-AIW 0,0 (1.64)

*O(-PW]20457 + OC-P\V|2045F — *CX'PW]20437 + O(-PW]20457 (165)
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FIGURE 1.10 Rate constants, k., for electron transfer from o-AIW ;04" to o-
PW ,040% " (present in large molar excess) at three initial ionic strength values (u, adjusted
by addition of NaCl): 65 mM ((A), 97 mM (o), and 140 mM (e) in 50 mM phosphate buffer (pH
2.15) at 25°C.

Rate constants for both these reactions have been determined, respectively, by > Al
and 3'P NMR spectroscopy.

The reported zero ionic strength rate constant for self-exchange between
a-AIW ;040" and a-AIW,04,°~ (Equation 1.64)is k%, = 6.5+ 1.5 x 1073 M~ s~!
and that for the reaction in Equation 1.65 is k9, = 1.6 £ 0.3 x 10>’ M~'s~!*! (From
here onward in this example, the superscript “0”, which indicates values at the zero
ionic strength limit, is omitted to avoid confusion, particularly as the equations
and general treatment are valid for any ionic strength.) Gibbs free energies for cross-
reactions, AG®, are most often obtained from electrochemical data. For the cross-
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FIGURE 1.11 Plot of rate constants, k., for electron transfer from o-AIW,0,4,°" to
PW,,0,,"" as a function of ionic strength according to the Davies equation (Equation 1.30).
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relation, the reduction potentials of the individual self-exchange reactions are used
to calculate the equilibrium constant for the cross-reaction, K,. Reported reduction
potentials (relative to the normal hydrogen electrode, NHE) are —130+5 and
—10 4+ 5 mV, respectively, for the self-exchanging redox couples o-AIW 1,040 /0
A1W120406* and oc—PW120405 */oc—PW1204047. The equilibrium constant is calcu-
lated by rearranging Equation 1.58 to give Equation 1.66.

AG,
K12 = exp(— Rj£2> (166)

AG,, is calculated from electrochemical data using the definition of the standard
potential (Equation 1.67), where n is the charge number of the reaction, that is, the
number of electrons involved, and F is the Faraday constant. In convenient units,
F =23.06kcal/(mol V).

AG,, = —nFE’ (1.67)

Thus, standard potential for the reaction in Equation 1.63 is equal to the reduction
potential of the species reduced in the reaction, minus the potential of the electron
donor, that is, —10— (—130)mV, which is equal to + 0.12V. Hence,
AG),, = 2.77 kcal /mol (from Equation 1.58). By using Equation 1.66 with R = 1.987

x 102 keal/(mol K) and T=298K, K, = 107.

We now have experimentally determined values for k1, k»», and K;,. The next step
in applying the MCR is to evaluate the terms In fj, and C,. In reactions between
species whose charges are small or similar to one another, it is often possible to obtain
a reasonably good result by setting both f;, and C;, equal to 1, such that the MCR
reduces to Equation 1.68.

kiz = (kiikanKip)'? (1.68)

Using Equation 1.68, kY,(calc) = [(6.5 x 10°M~1s7!)(1.6 x 10*M~'s71)
(107)]'* = 10.5M ' s~!. For calculations of this type, the agreement between this
value and the experimental one (17 £2M ™' s™') is quite good.

This result can be improved upon by including In f,, and C,. For this, the w;; terms
in Equations 1.61 and 1.62 must be evaluated, and the subscripts on the w;; terms
correctly interpreted. Consider the cross-reaction as written in Equation 1.69:

0-AlW 50,07 +0-PW120,5" — 0-AIW 150,57 +PW 120,45~ (1.69)

1 red 20x 1 ox 2red

The numbers 1 or 2 under each of the four species refer to the two self-exchange
reactions (Equations 1.64 and 1.65), associated, respectively, with the rate constants
k11 and k. For the first self-exchange reaction (involving o-AIW,0,4,°™ and k1),
the electron donor is 1.4 and its corresponding oxidized form is 1,. For the
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TABLE 1.1 Notation Guide for Evaluation of w; Terms in the

MCR

wij Refers to Evaluation of z;z; ziZj
Wiz liea and 2o, (6-)(4-) 24

Wai lox and 2red (57)(57) 25

Wiy lreq and 1,4 6-)(5-) 30

W22 2rea and 25 (“4-)5-) 20

self-exchange reaction involving oc—PW120404_ and k> (Equation 1.65), the electron
acceptor is 2., and the corresponding product of electron transfer is 2,q.

The w;; terms are identical to W(r) as defined in Equations 1.40 and 1.41. To
evaluate them, it is necessary to know the charge products, z;z;, and distances of
closest approach, r;;. These can be obtained using Table 1.1.

An exactly analogous table could be constructed to assign the r;; values that should
be used in the above w;; terms. For the Keggin anions, this is simplified by the fa(o:t
that all the species in Equation 1.69 possess the same crystallographic radii of 5.6 A.
Therefore, all the r; values, approximated as the sum of radii, are 11.2A or
1.12x 10 7cm. The individual w; terms are then evaluated as shown in
Equation 1.43.

Use of these terms, and the necessary constants defined earlier in this chapter, in
Equations 1.61 and 1.62, gives f;» =0.80 and C;,=1.38. Using these values in
Equation 1.60, and including uncertainties in k;; and k,,, one obtains ki,(calc)
13.0 £ ~3 kcal/mol, statistically identical to k,,(exp). This is unusually good agree-
ment; depending on the reaction(s) involved, results that differ from one another by up
to an order of magnitude are often viewed as being in “reasonable” agreement.

The MCR will now be used to calculate the rate of electron transfer, k5, from
oa-PW 1204047 (one-electron reduced) to O, the first step in the reaction shown in
Equation 1.70.%

20-PW 20,0~ + 0, +2H" — 20-PW,0,5~ + H,0, (1.70)

At pH 2, this reaction occurs via the following steps:

oa-PW,0,0" +0; — 0-PW 0,0~ + 05 (ki2,slow) (1.71)
0 +H" —HO3 (fast)  (1.72)
o-PW 20,0~ +HO5 — o-PW 20,5~ +HO5" (fast)  (1.73)
HO; +H' —Hy0, (fast) (1.74)

The one-electron reduced anion a-PW,040*~ absorbs fairly strongly in the visible
region (at 4. =700 nm, € ~ 1.8 X 10°M ' cm™!) and absorbance versus time data
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were used to determine the rate expression (Equation 1.75) and rate constant for
oxidation of a-PW 504"~ by O, at u =175 mM.

—d[O(-PW1204gi]/dl = 2k12[0€-PW12046‘7][02], klz(exp) = 1.35M71 871
(1.75)

The MCR will now be used to obtain kj,(calc). For this, four experimentally
determined values are needed: k;; =2.28 x 10’M~'s™! for self-exchange between
w-PW 1,040 and o-PW,040° at w=175mM, kyp=450M""'s™! for self-
exchange between O, and O,  (Equation 1.47), and the one-electron reduction
potentials of PW120403* (—0.255 V versus normal hydrogen electrode, NHE) and O,.
Because O, is not protonated in the rate-determining step (Equation 1.71), the pH-
independent reduction potential (i.e., of the O,/O,~ couple) is used. This value, when
based on unit concentrations (i.e., 1 M O,, rather than 1 atm O, above the solution), is
—0.16 V.2E° for the reaction is —0.16 — (—0.255)= + 0.095V, such that
Equations 1.66 and 1.67 give K;,=9.0 x 10~%.

Two major problems arise, however, in using the MCR itself and in evaluating the
wj; terms in fi, and C,. First, O, is much smaller than oc—PW120404_, such that the
assumption (Equation 1.53) used to derive the MCR is no longer valid. The second
problem is that O, is far from spherical in shape. Using one-half the O-O bond
distance as an approximation for the “radius” of O,, Lind and Merényi found,
however, that agreement between calculated and experimental values for electron
transfer from many electron donors, with sizes approximately two to three times that
of O,, could be obtained if the self-exchange rate constant for electron transfer
between O, and O, was set to ~2 M st (much smaller than their experimentally
determined value of 450M~'s™').>® Using this approximation, Equations 1.60
and 1.61 gave kjs(calc)=1.1M"'s!, in close agreement with the experimentally
determined value of kq»(exp) =1.35 M lg133

Lind and Merényi’s arguments were further confirmed using a MCR modified to
allow for differences in size between the reacting species.”’ While detailed analysis
of that work is beyond the scope of this chapter, it deserves mention because of the
importance of the redox chemistry of O, in chemistry, biology, and engineering. The
modified MCR, along with the experimentally determined value of 450M~'s™! for

self-exchange between O, and O, ", gave k»(calc) =0.96 Mg 1ot quite close to

the experimental value of k,(exp) = 1.35 M 'sh

1.3.4 Ion Pairing between Electrolyte Ions and Electron Donors or Acceptors

For reactions of charged species in solution, ion pairing is probably the single largest
impediment to reliable use of the Marcus model. Because of this, ion pairing likely
plays an often unrecognized role in thousands of published articles. In many of these
cases, disagreements between experimental and calculated values are subjects of
extensive discussion, in which simple ion pairing is rarely proposed as the cause of the
discrepancy.
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Effects of ion pairing are covered in recommended reviews by Wherland>* and
Swaddle,> who have both made important experimental contributions in this area. In
addition, valuable analyses of ion pairing and electron transfer have been provided by
Marcus>® and Savéant.’’

Swaddle has noted that effects of ion paring are less pronounced in electron transfer
reactions between cationic species and more problematic for reactions between
anions. The best example of this is electron transfer by the ferri- and ferrocyanide
anions, Fem(CN)(,3 ~and Fe“(CN)64_.

1.3.4.1 Solution Chemistry of Ferri- and Ferrocyanide In a study of the kinetics
of electron self-exchange between Fe(CN)s>~ and Fe(CN)s* ™, Shporer observed rate
increases in aqueous solution corresponding to the series H" to Cs ™ and Mg> ™ to
Sr** .38 In alkaline aqueous solutions at constant ionic strength, Wah!>® observed
decreasing rates of self-exchange between Fe(CN)637 and Fe(CN )647 with increasing
size of the tetraalkylammonium cations, Me4N -, Et4N+ s n-Pr4N+ s n-Bu4N+ ,and
n-PentyN . Similar effects were observed in acetic acid.®

In analyzing the Fe(CN)> "*~ self-exchange reaction, Shporer’® considered the
possible effects of ion pairing on electrostatic terms, reorganization energies, and the
mechanics of electron transfer itself. Three issues were addressed: (1) the effect of ion
pairing on the Coulombic terms associated with bringing together similarly charged
species (Coulombic term in Equation 1.4); (2) the effect of ion pairing on the
reorganization energies A associated with electron transfer; and (3) the possibility that
electron transfer might occur via the ion-paired cation, with the cation serving as alower
energy pathway between donor and acceptor species. Of these, the first and second are
undoubtedly important, while the second is more difficult to assess.”® With regard to the
third proposal, work by Kirby and Baker suggests that alkali, alkaline earth, or
tetraalkylammonium cations do not serve as conducting bridges for electron transfer
between POM anions.®' In addition, Swaddle has shown that in cation-catalyzed
electron transfer reactions between charged species, negative volumes of activation
are observed.> These are attributed to loss of solvent from the coordination sphere of the
associated cations.

Here are some basic facts about the solution chemistries of Fe™(CN)s>~ and
Fe''(CN)¢*~: In 1935, Kolthoff and Tomsicek®” showed that even in very dilute
aqueous solution, M_;Fe”l(CN)ﬁ and M4Fe”(CN)(, (M = alkali metal cation) are
incompletely dissociated. This means that solutions of these salts are mixtures of
species with different degrees of cation association and different charges (e.g.,
solutions of K3Fe(CN), contain substantial amounts of the —2 anion, KFe(CN)s> ™).
This is important for application of the Marcus model because charges determine
collision rates, and the sizes of the ion-paired species and the reorganization energies
associated with their electron transfer reactions are difficult to assess. Moreover, the
chemical potentials of the ion pairs differ from those of the “free” anions, such that the
AG"® values of the electron transfer reactions are uncertain. Kolthoff and Tomsicek
also showed that extents of ion pairing increased in the order: Li " =Na™* < NH, " <
K" <Rb" <Cs™.
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In 2002, Swaddle used 18-crown-6 to sequester K in solutions of Fe(CN)s*~ and
Fe(CN)s>~ and obtained the most (perhaps only) reliable value for the self-exchange
rate constant between non-ion-paired Fe(CN)¢*~ and Fe(CN)¢>~ anions.®® This
highlights another problem in the use of these anions for kinetic studies: the self-
exchange rate constant of the Fe(CN)637/Fe(CN)647 pair is frequently used to
estimate self-exchange rate constants of other species. Swaddle points out, however,
that the self-exchange Fe(CN)s> /Fe(CN)¢*~ rate constants frequently cited in the
literature actually describe rate constants for ion-paired species.

In 1935, Kolthoff and Tomsicek also reported that the fourth ionization constant
for ferrocyanic acid, HyFe"(CN)g, is 5.6 x 107> at 25°C.°* This means that
HFeH(CN)637 is a weak acid. At pH values of ~6 and below, substantial
concentrations of HFe"(CN)¢*~ are present. In 1962, Jordan and Ewing showed
that HyFe"(CN)¢>~ is the dominant species at pH 1.°> They also reported that
ferricyanic acid (H;Fe™(CN)g) is much more extensively dissociated, such that
it is effectively completely deprotonated to the free anion at pH values larger
than 1.

Although this information has been available for decades, these complexes
continue (at this writing) to be used as kinetic probes in chemistry, colloid,
interfacial, and nanoscience and bioinorganic chemistry. Seemingly unaware of
the problems involved, many authors find that changes in pH and ionic strength
have dramatic effects on electron transfer rates and readily attribute those to
the chemistries and electron transfer properties of the materials targeted for
study, rather than to ion pairing of the Fe'(CN)¢>~ or Fe'l(CN)¢*~ probes.
This highlights how important it is to carefully assess the ionic strength depen-
dences of electron transfer reactions of charged species before using the Marcus
model.

1.4 CONCLUDING COMMENTS

The information included in this chapter includes an introduction to the Marcus theory
for outer-sphere electron transfer and a practical guide to the application of its
classical form to bimolecular reactions. The emphasis is on charged species, such as
the inorganic and metallo-organic complexes typically encountered in inorganic
chemistry. In conjunction with this emphasis on charged species, considerable efforts
have been made to explain the effects of electrolytes on reaction rates, and practical
guidance is provided on how to assess whether a particular reaction is well behaved in
this context. As stated in the introduction, this chapter covers only a very small
fraction of the many interesting and important reactions reported in the inorganic
literature. However, it is hoped that the detailed step-by-step analysis of the
application of the Marcus model to the sequential series of increasingly more complex
cases covered here will enable the interested reader to apply this model to his or her
own research and to better understand the results of these calculations when they are
encountered in the chemical literature.
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2 Proton-Coupled Electron Transfer
in Hydrogen and Hydride Transfer
Reactions

SHUNICHI FUKUZUMI

2.1 INTRODUCTION

A number of redox reactions involve cleavage of C-H bonds, which proceeds by
hydrogen atom transfer (HAT)."* HAT is an important area of chemistry that has been
widely and extensively investigated in the contexts of combustion, halogenation,
antioxidant oxidation, and other processes.'> HAT is typically defined as a process in
which a hydrogen atom is transferred between two groups. The HAT reactivity has
generally been correlated to the bond dissociation energies (BDEs) of substrates from
which a hydrogen atom is abstracted. Since a hydrogen atom consists of an electron
and a proton, there are two possible reaction pathways in HAT reactions: one is one-
step (concerted) HAT, and the other is sequential (stepwise) electron and proton
transfer (Scheme 2.1).> When the substrate (RH) is a weak acid (e.g., phenols),
deprotonation may occur first, followed by electron transfer (ET).* The one-step
mechanism means that the HAT reaction occurs without an intermediate when an
electron and a proton are transferred simultaneously. This is to be contrasted with a
sequential pathway that proceeds via mechanistically distinct ET and proton transfer
(PT) steps and thereby involving a detectable intermediate [RH* * A*~]in Scheme 2.1.
However, the distinction between one-step HAT and sequential ET/PT becomes
ambiguous as the lifetime of the intermediate decreases to beyond the detection limit.
If ET is the rate-determining step followed by rapid PT, no intermediate would be
detected. In such a case, no deuterium kinetic isotope effect (KIE) would be observed.
This should be certainly distinguished from one-step HAT that usually exhibits
deuterium kinetic isotope effects, even though no intermediates are detected. Thus, no
detection of ET intermediates does not necessarily mean that the reaction proceeds via
one-step HAT, although detection of ET intermediates provides clear evidence for the
sequential ET/PT processes.

Physical Inorganic Chemistry: Reactions, Processes, and Applications Edited by Andreja Bakac
Copyright © 2010 by John Wiley & Sons, Inc.
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One-step hydrogen atom transfer

/ [R--H--A] \

RH + A R + AH’

ET A
[RH* A™]

Sequential electron—proton transfer

SCHEME 2.1

Further complication comes from different ET mechanisms depending on the
magnitude of electron coupling element (Hp,) in ET from a donor (D) to an acceptor
(A).> ET with Hps <200 cm ™' is defined as the outer-sphere pathway, which is well
analyzed by the Marcus theory of ET,® and the substantially greater values pertain to
inner-sphere ET.”™ The definition of outer-sphere ET originated from ET of metal
complexes in which the bimolecular transition state (TS) is traversed with the separate
coordination spheres of both the electron donor (D) and the electron acceptor (A)
essentially intact,® whereas in the inner-sphere ET, the unimolecular (collapsed)
transition state typically results from the mutual interpenetration of coordination
spheres via a critical bridging ligand."*"! There is the same mechanistic dichotomy in
one-step inner-sphere ET concerted with a ligand transfer versus sequential outer-
sphere ET and a ligand transfer (Scheme 2.2) as in the case of one-step HAT versus
sequential ET and PT (Scheme 2.1). The inner-sphere ET is often accompanied by a
transfer of the bridging ligand. Such inner-sphere ET reactions are also generally
encountered with a variety of organic redox processes, in which the electronic
interaction in the transition state can be substantial (>1000cm '), as indicated
by ubiquitous formation of (preequilibrium) charge transfer (CT) complexes prior to

One-step inner-sphere ET with ligand transfer

/ [M*eLs+M"] \

M-L + M M* + M'L™

E\ Ligand transfer
[ML* MT]

Sequential outer-sphere ET with ligand transfer

SCHEME 2.2
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ET.”~%'%!3 The inner-sphere character in organic ET reactions is established by their
high sensitivity to steric effects.'*

As the Hpy value increases further, the ET process is coupled with the subsequent
PT process. This is generally referred to as proton-coupled electron transfer
(PCET).'>** What distinguishes PCET from classic HAT is that the proton and
electron are transferred between two different (noninteracting) orbitals. In particular,
PCET plays an important role in enzymatic reactions such as those of lipoxygenases,
which are mononuclear nonheme iron enzymes.”> >’ The key step of the lipoxygenase
reactions is PCET from a substrate to ferric hydroxide cofactor (Fe(III)-OH) to
produce Fe(I1)-OH, and a radical intermediate substrate, when an electron goes to the
metal center and a proton is transferred to the OH ligand.”®*° When PCET is a
concerted process whereby a proton and an electron are transferred sirnultaneously,
such a PCET process may be merged into the one-step HAT process.* Thus, there has
been long-standing ambiguity as to the mechanistic borderline where a sequential
PCET pathway is changed to a one-step HAT pathway or vice versa. Understanding
HAT reactions certainly requires knowledge of the thermodynamics and kinetics of
the overall HAT, ET, and PT steps.

Considering only the two-electron reduction of A, the reduction and protonation
give nine species at different oxidation and protonation states as shown in Scheme 2.3.
Each species can have an interaction with a variety of metal ions (M” ), and such an
interaction can control each ET and protonation step, as well as their combined step
(hydrogen transfer) in Scheme 2.3.>'* The binding of M" ™ to radical anions of
electron acceptors results in a substantial increase in the ET rate.*' > This is defined
herein as metal ion-coupled electron transfer (MCET) in analogy to PCET.*® The
binding of M" " with A"~ can also be combined with other noncovalent interactions
such as hydrogen bonding and m—m interaction.® The initial PCET and MCET
processes are followed by the second PCET and MCET processes to afford AH; as the
two-electron reduced species of A with two protons.>®

M+ Protonation
+ M,

[ p
v

_ = AH* —= AH,*
} \ ﬂ |
A~ —— <= AH,*

LI

V’ AZ— = H2

Reduction

SCHEME 2.3
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This chapter is intended to focus on the mechanistic borderline between a
sequential PCET pathway and a one-step HAT pathway and also the effects of
metal ions on HAT reactions as well as overall two-electron and two-proton
processes in relation to the borderline between the outer-sphere and inner-sphere
ET pathways.

2.2 MECHANISTIC BORDERLINE BETWEEN ONE-STEP HAT AND
SEQUENTIAL PCET

Among a variety of hydrogen donors, dihydronicotinamide adenine dinucleotide
(NADH) and analogues have attracted particular interest, because NADH is the
most important source of hydrogen and hydride ion in biological redox reac-
tions.”” ™ If HAT from NADH and analogues to hydrogen atom acceptors (A)
occurs in a one-step manner, NAD® and AH® would be the only detectable radical
products. In the case of sequential electron and proton transfer, however, NADH" *
and A*" would also be detected as the intermediates for the hydrogen transfer
reaction. The radical intermediates such as NADH® *, NAD", and the corresponding
analogues are involved in a variety of thermal and photoinduced ET reactions of
NADH and analogues.>*™*” The mechanistic borderline between one-step and
sequential pathways in HAT reactions of NADH analogues has been clarified using
the triplet excited states of a series of tetrazines (3R2Tz*) as hydrogen atom
acceptors as described below.*®

The dynamics of HAT from an NADH analogue, 10-methyl-9,10-dihydroacri-
dine (AcrH,), to 3Ph2TZ* was examined by laser flash photolysis measurements.
Photoexcitation of a deaerated MeCN solution of [Ru(bpy)3]2 * in the presence of
Ph,Tz and AcrH, with 450 nm laser light results in appearance of new absorption
bands due to AcrH® (A = 360 and 520 nm)48 with a concomitant decrease in the
absorption band due to 3 thTz* (Amax = 535 nm) as shown in Figure 2.1, whereas no
absorption band due to the AcrH," ™ (Ao = 640 nm)*! is observed.*®

Whether HAT from AcrH, to *Ph,Tz" occurs via a one-step HAT or a rate-
determining ET followed by fast proton transfer can be clarified by examining the
deuterium kinetic isotope effects. The one-step hydrogen transfer would afford a
significant deuterium kinetic isotope effect, whereas the rate-determining ET fol-
lowed by fast proton transfer would exhibit no deuterium kinetic isotope effect.
Comparison of the HAT rated from AcrH, and the dideuterated compound (AcrD,) to
3Ph2Tz* exhibits a significant primary deuterium Kkinetic isotope effect (kn/kp =
1.80 +0.20).*® Thus, HAT from AcrH, to 3Ph2Tz* occurs via a one-step process,
which should be faster than ET from AcrH, to *Ph,Tz".*

When 3Ph2Tz* (E:ed =1.09 £0.04V versus SCE) is replaced by a tetrazine
derivative that has a slightly higher reduction potential of 3(C1Ph)2TZ* (E =111
4 0.05 V versus SCE), AcrH" is also generated by hydrogen transfer from AcrH, to
?(CIPh),Tz".** In contrast to the case of *Ph,Tz", however, only a small primary
kinetic isotope effect (kpy/kp=1.11+0.08) is observed.*® No deuterium kinetic
isotope effect is observed when B(ClPh)sz* (E.;=1.11£0.05V versus SCE) is
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FIGURE 2.1 Transient absorption spectra observed by laser flash photolysis of a deaerated
MeCN solution of [Ru(bpy)3]er (4.6 x 107> M) in the presence of AcrH, (1.1 x 10~ M) and
Ph,Tz (9.6 x 10~*M) at 1.6-9.0 us after laser excitation at A =450 nm at 298K.*8Inser: Time
profile of the decay of absorbance at 535 nm due to 3 thTz* and the rise of absorbance at 360 nm
due to AcrH".*®

replaced by a tetrazine derivative, 3Py, Tz" (E..y=1.2540.04 V versus SCE), which
has stronger oxidizing ability than 3 (ClPh)2Tz*.48 Thus, the mechanism of hydrogen
transfer is changed from the one-step hydrogen transfer to the rate-determining ET
followed by rapid proton transfer, with increasing E:ed value and decreasing basicity
of the nitrogen sites of *R,Tz".

When AcrH, is replaced by AcrHPr', the reaction with 3 (ClPh)zTZ* proceeds via
sequential electron—proton transfer, where the formation of radical cation of
AcrHPr' (A0 = 680 nm)*! is observed in the laser flash photolysis measurements
as shown in Figure 2.2a.*® The deprotonation from AcrHPr™ T is retarded compared
to that from AcrH," ™ because of the steric effect of the Pr’ group than AcrH,* ©.*'
The time profiles of the transient absorption at 530 nm due to ’ (CIPh),Tz",at 680 nm
due to AcrHPr**, and at 510 nm due to AcrPr™ are shown in Figure 2.2.*8 The
absorption at 530 nm due to *(CIPh),Tz" decays immediately within 2 us after laser
excitation, accompanied by the rise in absorption at 680 nm due to AcrHPr” *. The
decay of absorbance at 680 nm due to AcrHPr™ * (Figure 2.2b) coincides with the
rise in absorbance at 510 nm due to AcrPr” (Figure 2.2b). This indicates that ET
from AcrHPr' to® (ClPh)zTZ* occurs rapidly to produce AcrHPr” ™ and (CIPh),Tz"~
within 2 us, followed by the slower proton transfer from AcrHPr™ * to (CIPh),Tz"~
to produce AcrPr”. Thus, introduction of isopropyl group at the 9-position of
AcrH, results in change of the mechanism from one-step HAT to sequential ET
and PT as shown in Scheme 2.4.*® ET from another NADH analogue 1-benzyl-1,4-
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FIGURE 2.2 (a)Transientabsorption spectra observed by laser flash photolysis of a deaerated
MeCN solution of Ru(bpy)32 + (4.6 x 107> M) in the presence of AcrHPr (8.8 x 107*M) and
(CIPh),Tz (9.6 x 10™*M) at 1-15 s after laser excitation at A =450 nm at 298K.*® (b) Time
profiles of the decay of absorbance at 530 nm due to 3(C1Ph)2TZ*, the decay of absorbance at

680nm due to AcrHPr™ *, and the rise of absorbance at 510 nm due to AcrPr™ 48

dihydronicotinamide (BNAH) to 3Ph2Tz* also occurs to produce BNAH® " and
Ph,Tz"~, followed by slower proton transfer from BNAH® " to Ph,Tz"~ to yield
BNA".*

The change in the mechanism from one-step HAT to sequential PCET is related to
the change from inner-sphere ET to outer-sphere ET. Plots of log k., of outer-sphere
ET from various electron donors to 3R2TZ* versus the ET Gibbs energy change (AG,,)
are shown in Figure 2.3.*® The observed rate constant of HAT from AcrH, to 3Ph2Tz*
(ky=2.7+0.1 x 10°M~"'s™") in Figure 2.3a (no. 17) is significantly larger than the
expected value from the plot of log k., versus AG,,. This indicates that the one-step
HAT is regarded as inner-sphere ET in which the HDA value is much larger than the
value of the outer-sphere limit and the C-H bond of AcrH, is partially cleaved in
the transition state to exhibit the deuterium kinetic isotope effect.*® In contrast, the
observed rate constant of HAT from AcrH, to *(CIPh),Tz" (ky =3.1+0.1 x 10°
M 's™Yin Figure 2.3b (no. 18) is same as the expected value from the correlation for
the outer-sphere ET reactions.*® This indicates that a one-step HAT process and the
rate-determining ET followed by rapid PT occur competitively in hydrogen transfer
from AcrH, to *(CIPh),Tz" as shown in Scheme 2.5.%%

The rate constants of ET from AcrHPr’ to *(CIPh),Tz" (1.0 x 10°M~'s™") in
Figure 2.3b (no. 21) and the rate constant of hydrogen transfer from AcrH, to *Py, Tz’
(kgy=3.4+0.1 x 10°M~! sfl) in Figure 2.3c (no. 19) also agree with the expected
values from the plot of log k., versus AG...*® The Gibbs energy change of ET from
AcrH, (E,, =0.81V versus SCE) to 3 (ClPh)2Tz* (E:ed =1.11+£0.05V versus SCE)
(AG, = —0.30eV) is shown in Figure 2.3a—c (dashed line) to emphasize the
mechanistic borderline.*® When AG,, becomes smaller than —0.30 eV, the reaction
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FIGURE 2.3 (a) Plots of log ke, versus AG,, for photoinduced ET from various electron
donors to 3Ph2Tz* (open circles), including plots of log ky versus AG,, for quenching of
*Ph,Tz" by AcrH, (no. 17) and BNAH (no. 23) in deaerated MeCN at 298K.** (b) Plots of
log ke, versus AG,, for photoinduced ET from various electron donors to 3(C1Ph)2Tz* (open
circles), including plots of log ky; versus AGy, for quenching of (CIPh),Tz" by AcrH, (no. 18),
BNAH (no. 24), and AcrHPr' (no. 21) in deaerated MeCN at 298K.*8 (c) Plots of log k. versus
AG.,, for photoinduced ET from various electron donors to *Py,Tz" (open circles), including
plots of log ky versus AG, for quenching of *Py,Tz" by AcrH, (no. 19) and BNAH (no. 25) in
deaerated MeCN at 298K.*® Numbers at open circles (numbers 1-8) correspond to electron
donors such as ferrocene derivatives.*
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mechanism is changed from the one-step HAT to the rate-determining ET followed by
rapid PT, with increasing E,,, value and decreasing basicity of the nitrogen sites of
3R2TZ*.48 The one-step HAT is also changed to sequential electron—proton transfer,
by replacing AcrH, with AcrHPr’ and BNAH, when the formation of radical cations of
AcrHPr’ and BNAH is observed in the laser flash photolysis measurements.*® Thus,
the reactions of NADH analogues with 3R2Tz* occur via one-step HAT, the rate-
limiting ET followed by fast PT, or sequential ET and PT depending on the electron-
donor ability of NADH analogues as well as the electron-acceptor ability of >R, Tz"
and the protonation reactivity of R,Tz"~.*3

2.3 ONE-STEP VERSUS STEPWISE MECHANISM IN INTERPLAY
BETWEEN ELECTRON TRANSFER AND HYDROGEN BONDING

2.3.1 Hydrogen Bonding by Protonated Amino Acids

In HAT reactions described above, the proton is provided by radical cations of electron
donors because the acidity is significantly enhanced by the one-electron oxidation of
electron donors. An electron and a proton are transferred by a one-step pathway or a
sequential pathway depending on the types of electron donors and acceptors. The
same mechanistic dichotomy was reported for PCET when proton is provided
externally.*” ET from an electron donor that has no proton to be transferred to an
electron acceptor (A) is coupled with protonation of A*~ when the one-electron
reduction and protonation of A occur simultaneously (a green arrow in Scheme 2.6a).
The binding strength of proton to A*™ is regulated by Brgnsted bases (:B) such as
amino acid residues in the protein environment.’>>! In such a case, A*~ forms a
hydrogen bond with H " :B instead of direct protonation when:B acts as the stronger
base than A*~ (Scheme 2.6b).>>7>® ET coupled with protonation (or hydrogen bond
formation) (Scheme 2.6, green arrows) should be thermodynamically more favorable
than ET followed by protonation (or hydrogen bond formation) (Scheme 2.6, red and
blue arrows).”>>* However, the one-step ET mechanism may be changed to the
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stepwise mechanism when the driving force of the initial ET (Scheme 2.6, blue
arrows) significantly increases.

With regard to such a mechanistic dichotomy, an important question arises: Are
both pathways employed simultaneously? Alternatively, is there a mechanistic
continuity? This has been examined in a protonated histidine (His-2H *)-promoted
ET reduction of 1-(p-tolylsulfinyl)-2,5-benzoquinone (TolSQ) by electron donors
(see below).49

Hydrogen bond formation of semiquinone radical anions with protonated amino
acids was examined by ESR in photoinduced ET from 10,10’-dimethyl-9,9’-biacri-
dine [(AcrH),] to quinones (Scheme 2.7).*° The (AcrH), is known to act as a two-
electron donor to produce 2 equivalents of the radical anion of electron acceptor.””-*°
The resulting ESR spectrum of a hydrogen-bonded complex between TolSQ®™ and
His-2H " (TolSQ" /His-2H ") is shown in Figure 2.4a.** The hyperfine coupling
constants (hfc) for three protons of TolSQ® ™ are a(3H) = 0.88, 5.31, and 6.08 G, and
for one nitrogen and three equivalent protons of His-2H " due to superhyperfine
splitting are a(N) = 1.35 G and a(3H) =2.97 G (Figure 2.4b).* The complete agree-
ment of the observed ESR spectrum (Figure 2.4a) with the computer simulation
spectrum (Figure 2.4b) clearly indicates formation of the TolSQ* /His-2H* complex
(Scheme 2.7).49 The optimized structures and the hfc values of TolSQH"® are also
obtained by DFT at the BLYP/6-31G** basis (Figure 2.4c).*

0
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| | o N ~p-Tal
N 0 TolSQ W Me
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(a) g =2.0026

FIGURE 2.4 (a) ESR spectrum of TolSQ" /His-2H* produced by photoinduced ET from
(AcrH), (1.6 x 1072M) to TolSQ (4.0 x 107> M) in the presence of His (4.0 x 107> M) and
HCIO, (8.0 x 10> M) in deaerated MeCN at 298 K and (b) the computer simulation spectrum
with the hfc values of TolSQ" /His-2H'.* (¢) Optimized structure of TolSQ" /His-2H "
calculated by using a density functional theory at the BLYP/6-31G " (the calculated hfc values
are given in parentheses).*’

Strong hydrogen bond formation between TolSQ'~ and His-2H™' (TolSQ"~/
His-2H "), as well as protonation of TolSQ"~ (TolSQH"), is expected to result in
positive shifts of the one-electron reduction potential (E,.q) of TolSQ.* Since the free
energy change of ET from 1,1’-dimethylferrocene [(CsH;zMe),Fc] (Ey,=0.26 V
versus SCE)5 8 to TolSQ (Ereq =—0.26 V versus SCE)61 in the absence of His-2H*
is highly endergonic (AG.=0.52eV), no ET reaction occurs in the absence of
His-2H ™.* In the presence of His-2H " (5.0 x 1072 M), however, the E,q value of
TolSQ (—0.26V versus SCE) is shifted to 0.29V versus SCE.* ET from
(CsH4Me),Fc to TolSQ therefore occurs in the presence of His-2H " (Equation 2.1),
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as expected from the negative free energy change of ET (AGy = —0.03eV).*

o]
o
A
H;  His:2H*
R,Fc + TolSQ - R,Fc* + TolSQ~/His-2H* (2.1)
R=CsH; W
CsHy(nBu) | o < T, NP
CiH Me & &P -

N+
Ds  His+2D*-dj

The rates of His-2H * -promoted ET from (CsH Me),Fc to TolSQ obeyed pseudo-
first-order kinetics in the presence of a large excess of TolSQ and His-2H ™ relative to
the concentration of (C5H4Me)ch.49 The observed pseudo-first-order rate constant
(kops) increases proportionally with increasing TolSQ concentration.*” The second-
order rate constant (ky;) also increases linearly with increasing His-2H " concentra-
tion ([His-2H™ ]).49 The rates of ET from R,Fc to TolSQ exhibit deuterium Kinetic
isotope effects (1.3 <ky/kp<1.9) when His-2H" is replaced by the deuterated
compound (His-2D " -dg) as shown by black circles in Figure 2.5 (see the structure
of His-2D " -dg in Equation 2.1).* The observed deuterium kinetic isotope effects
may result from partial dissociation of the N-H bond in the hydrogen-bonded NH; ©
of His-2H ™ at the transition state when the ET is tightly coupled with hydrogen bond
formation (Scheme 2.8a).*’

The plot of ky/kp versus the driving force of ET (—AGy,) is shown in Figure 2.6a,
combined with the plot of log kg versus —AG,, (Figure 2.6b).*° The kylkp value
decreases with increasing —AGY, value to approach ky/kp = 1.0 (Figure 2.5a), with a
concomitant increase of the log ky; value (Figure 2.6b). In contrast to the ET coupled
with hydrogen bond formation (Scheme 2.8a), the rate-determining ET followed by
fast hydrogen bond formation (Scheme 2.8b) would exhibit no deuterium kinetic
isotope effect (ky/kp = 1.0). Thus, the continuous decrease of the deuterium kinetic
isotope effect (kn/kp) with an increase in the ET driving force (—Ath) (Figure 2.6a)
indicates that there is a mechanistic continuity in two reaction pathways; that is, the
one-step pathway (Scheme 2.8a) is continuously changed to the stepwise pathway
(Scheme 2.8b) with increasing ET driving force (—Ath).49 If two reaction pathways
were employed simultaneously, the deuterium kinetic isotope effect (ky/kp) would be
constant irrespective of the ET driving force (—AG,,) above the changeover to the
stepwise mechanism (Scheme 2.8b).49

2.3.2 Intramolecular Hydrogen Bonding

2.3.2.1 Stepwise Electron Transfer and Hydrogen Bonding Photoinduced ET
and hydrogen bond formation occurs in a stepwise manner for an electron donor—
acceptor dyad with a hydrogen bonding site such as a ferrocene—quinone dyad with an
amide spacer (Fc—Q) when the ET process is highly exergonic.®* Photoexcitation of
the Q moiety in Fc—Q in deaerated benzonitrile (PhCN) with 388 nm femtosecond
(150 fs width) laser light results in appearance of a new absorption band (A, =
580nm) at lns after the laser excitation.’” The absorption band at 580nm is
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FIGURE 2.5 Dependence of ky (gray circles) and kp, (black circles) on [His-2H ] and
[His-2D * -dg] for ET from (a) (CsH;Me),Fe (1.0 x 10~* M), (b) [CsH,(n-Bu)],Fe (1.0 x 10~
M), and (c) (CsHs),Fc (1.0 x 107*M) to TolSQ in the presence of His-2H * and His-2D " -d, in
deaerated MeCN at 298K.*
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FIGURE 2.6 Plots of (a) ky/kp and (b) log ki versus —AG, for ET from R,Fc to TolSQ in the
presence of His-2H ™ (5.0 x 1072M) in deaerated MeCN at 298K.*

significantly redshifted compared to the diagnostic absorption band of semiquinone
radical anion at 422 nm, and this is assigned to Q" , which is hydrogen bonded to the
amide proton of the spacer.®® The investigation of the photodynamics revealed that ET
from Fc to the singlet excited state of Q occurs rapidly to produce Fc—Q®~ without
changing the conformation (<1 ps) and then Q" forms the hydrogen bond with the
amide proton of the spacer (T = ~5 ps) and the resulting radical ion pair decays via a
back ET to the ground state as shown in Scheme 2.9.°% Thus, formation of the
hydrogen bond is not coupled with an ET when the ET process is highly exergonic
involving the excited state of the Q moiety.®?

The effect of the hydrogen bonding on the one-electron reduction potential (E,q)
of Q in Fc—Q is shown by the change in the cyclic voltammograms of Fc—Q and
Fc—(MeQ) in which the N-H group is replaced by N-Me.®* The cyclic voltammogram
of Fc—Q (Figure 2.7) exhibits two reversible one-electron redox couples at 0.39 and
—0.16 V (versus SCE) due to the Fc " /Fc couple and the Q/Q"~ couple, respectively.®*
The one-electron reduction potential of Q (E,.q = —0.16 V) is significantly shifted to a
positive direction compared to p-benzoquinone (—0.50 V) and this is more positive
than the E,.4 value of p-benzoquinone possessing an electron-withdrawing substituent
(—0.38 V for chloro-p-benzoquinone).64 The E,.q value of Q (—0.40 V) in Fc—(Me)Q
(Figure 2.7b) is significantly more negative compared to Fe—Q (—0.16 V).** Such a
negative shift in the E,.q value of Q in Fc—(Me)Q compared to Fc—Q indicates that the
radical anion (Q° ) is stabilized by the hydrogen bonding with the amide proton of the

spacer.®?
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2.3.2.2 Metal Ion-Coupled Electron Transfer and Hydrogen Bonding The
positive shift in the E..4 value of Q by the hydrogen bonding with amide proton of
the spacer in Fc—Q (Figure 2.7) is not enough to make thermal ET from Fc to Q
possible. In fact, no ET from Fc to Q occurs in Fc—Q and Fc—(MeQ) thermally in MeCN
at 298K.%2 However, the binding of metal ions to Q"™ that further stabilize Q*~ makes
the thermal ET possbile.®® Thus, addition of Mg? ™ results in the formation of Fc ™ as
indicated by the appearance of the absorption band due to Fc ™ at 800 nm together with
the absorption band at 420 nm due to Q*~ bound to Mg”*.%>%° The ET rates increase
linearly with increasing concentration of Mg2 .9 The second-order rate constant (ko)
of MCET is determined tobe 1.4 x 10°M ™' s 1.9 When Fe-Q s replaced by Fc—(Me)
Q that contains no hydrogen bond acceptor, the k. value (0.4 M !s71) of Fe—(Me)Q
becomes much smaller than the ko value (1.4 x 10°M's™") of Fc—Q.*® This
difference is ascribed to the acceleration of MCET by the hydrogen bonding between
the Q°~ moiety and the amide proton. A variety of metal ions (M" " : triflate salts) can
also promote ET from Fc to Q in Fc—(Me)Q (Scheme 2.10).%%
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FIGURE 2.7 Cyclic voltammograms of (a) Fc—Q (0.5 mM) and (b) Fc—(Me)Q (0.5 mM) in
MeCN containing 0.1 M Bu,NPF,.%3

The promoting effects of metal ions vary significantly depending on the Lewis
acidity of metal ions.®® The Lewis acidity of metal ions has been determined as the AE
values of O," /M"* derived from the g.. values.®®®” The log k. values of MCET for
Fc—Q and Fc—(Me)Q are linearly correlated with the AE values as shown in
Figure 2.8.%° The k., value of the Sc® " -coupled ET in Fc—Q is the largest among
metal ions in Figure 2.8 and this is 10* times larger than the corresponding k. value of
Fc—(Me)Q. The 10* times difference in the ke values corresponds to the difference in
the one-electron reduction potential between Fc—Q (E 4 versus SCE = —0.16 V) and
Fc—(Me)Q (E,eq versus SCE =—0.40V) in Figure 2.7, since the ratio of the rate
constant is given by exp(0.24 eV/kgT), which is equal to 1.1 x 10* at 298K %

The formation of a paramagnetic species, that is, Q*~ bound to both Mg> ™ and the
amide proton, was confirmed by the ESR spectrum measured after the addition of
Mg® " to an MeCN solution of Fc—Q.%* The observed ESR spectrum is shown in
Figure 2.9a together with the computer simulation spectrum (Figure 2.9b).°> The
largest hfc value (3.95G) is significantly smaller than the value without Mg”* ion
(4.60 G) due to the spin delocalization to the Mg nucleus.®?

The formation of Fc * coincides with the formation of Q*~ bound to both Mg "
and the amide proton without detection of an intermediate without hydrogen bond-
ing.®® Thus, in contrast to the stepwise photoinduced ET and formation of the
hydrogen bond in Fc—Q (Scheme 2.9), MCET in Fc—Q is coupled with formation
of the hydrogen bond as shown in Scheme 2.10.
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MeCN at 298K.%
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(b)
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FIGURE 2.9 (a) ESR spectrum of Fc ™-Q"~ (4.0 x 107*M) in the presence of Mg>™
(7.5 x 107> M) in deaerated MeCN at 298 K and (b) the computer simulation spectrum with hfc
values of 3.95 (1H), 2.30 (1H), and 1.60 G (1H).*®

2.4 SEQUENTIAL ELECTRON TRANSFER AND PROTON TRANSFER
PATHWAYS IN HYDRIDE TRANSFER REACTIONS

2.4.1 Hydride Reduction of Quinones by NADH Analogues

The same mechanistic dichotomy for HAT reactions, one-step (concerted) HAT
versus sequential (stepwise) electron and proton transfer (Scheme 2.1), is applied to
hydride transfer reactions, one-step (concerted) hydride transfer versus sequential
(stepwise) ET followed by proton—electron (or hydrogen) transfer.'***6+® Such one-
step versus multistep pathways have been discussed extensively in hydride transfer
reactions of dihydronicotinamide coenzyme (NADH) and analogues, particularly
including the effect of metal cations and acids,®®”° because of the essential role of
acid catalysis in the enzymatic reduction of carbonyl compounds by NADH.*® In
contrast to the one-step hydride transfer pathway that proceeds without an inter-
mediate, the ET pathway would produce radical cation hydride donors as the reaction
intermediates, which have rarely been observed. The ET pathway may become
possible if the ET process is thermodynamically feasible.

2.4.1.1 One-Step Hydride Transfer As described above, the ET from
(CsH4Me),Fc to TolSQ becomes possible in the presence of His-2H ™"
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(Equation 2.2).* An efficient hydride transfer from AcrH, to TolSQ to yield AcrH ©
and TolSQH, also becomes possible in the presence of His-2H " (Equation 2.2).%

o o OH O
o s His-2H* s
~pTol S A ~p-Tol
X - = + g
Me o Me OH
AcrH, TolSQ AcrH* TolSQH,

The second-order rate constant of hydride transfer from AcrH, to TolSQ with
His-2H " (kup) increases linearly with [His-2H *] (gray circles in Figure 2.10a).%
The rates of hydride transfer exhibit a deuterium kinetic isotope effect (kyp/kpn
1.7+£0.1) when AcrH, is replaced by the dideuterated compound AcrD, (kpy
denotes the rate constant of hydride transfer from AcrD, to TolSQ with His-2H ™)
(black circles in Figure 2.10b).** In sharp contrast to this, no deuterium kinetic

107" Kyuyp) [@, A] and kpw.p) [@, A] (M~ s7)

0 ] ] L L
0 0.5 1.0 1.5 2.0 2.5

102 [His-2H*] and [His+2D*-dg] (M)

FIGURE 2.10 (a) Dependence of kyy (gray circles) on [His-2H T ] for hydride transfer from
AcrH, (1.0 x 10~*M) to TolSQ in the presence of His-2H T and that of kyp (gray triangles) on
[His-2D " -d,] for hydride transfer from AcrH, (1.0 x 10~ M) to TolSQ in the presence of
His-2D "-ds in deaerated MeCN at 298K.*° (b) Dependence of kpy (black circles) on
[His-2H ] for hydride transfer from AcrD, (1.0 x 107*M) to TolSQ in the presence of
His-2H " and that of kpp (black triangles) on [His-2D " -dj] for hydride transfer from AcrD,
(1.0 x 107*M) to TolSQ in the presence of His-2D " -d, in deaerated MeCN at 298K.*
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isotope effect (kyp/kyp = 1.0 and kpy/kpp = 1.0) is observed in hydride transfer
from AcrH, and AcrD, to TolSQ when His-2H ™" is replaced by His-2D " -dg (kpp
denotes the rate constant of hydride transfer from AcrH, to TolSQ with His-2D *-dj);
see gray and black closed triangles in Figure 2.10, respectively.*’ If the hydride
transfer proceeds via ET from AcrH, (Ey,x =0.81V versus SCE) to TolSQ (E\eq =
0.26 V versus SCE), as shown by broken arrow in Scheme 2.11, the rates of the formal
hydride reactions would exhibit deuterium kinetic isotope effects as in the case of
His-2H * -promoted ET from R,Fc to TolSQ (Figure 2.10), when His-2H * is replaced
by His-2D " -d,. Thus, the observed deuterium kinetic isotope effect (kyp/kpy =
1.740.1) by deuterium substitution of AcrH, by AcrD, and the absence of the
deuterium kinetic isotope effect (kyu/kyp = 1.0 and kpy/kpp = 1.0) by deuterium
substitution of His-2H " by His-2D " -d, indicate that the hydride transfer proceeds
via the one-step pathway (Scheme 2.11).* It should be noted that no absorption
band due to AcrH," " is observed in the His-2H * -promoted hydride transfer from
AcrH, to TolSQ.49 The linear correlation between ki and [His-2H ™ ] (Figure 2.10a)
may result from formation of the hydrogen-bonded complex between TolSQ and
His2H' (TolSQ/His-2H™*), which increases with increasing His-2H "
concentration.*’

2.4.1.2 Stepwise Electron Transfer Pathway A more efficient reduction of
TolSQ by AcrH, occurs to yield AcrH ™ and TolSQH, in the presence of perchloric
acid (HCIQ,), whereas no reaction occurs between AcrH, and TolSQ in the absence
of HC10,4.3! The stoichiometry was confirmed by the spectral titration of TolSQ by
AcrH, in the presence of HCIO, (Figure 2.11a), where all TolSQ molecules are
consumed by addition of 1 equivalent of AcrH, to yield 1 equivalent of AcrH ™ %!
The promoting effect of HC10, on the reduction of TolSQ by AcrH, should result
from protonation of TolSQ (TolSQ + H™ — TolSQH ™), which is confirmed by
UV-Vis spectral changes of TolSQ in the presence of various concentrations of
HCI0,.*!

The dynamics of the reduction of TolSQ by AcrH, in the presence of HCIO,
monitored by using a stopped-flow technique revealed the formation of ET inter-
mediate as shown by a transient absorption band at A, =640 nm (Figure 2.11b),
which is ascribed to Acer'Jr.81 Formation of AcrH," " was fully characterized
including the ESR detection. The resulting ESR spectrum (Figure 2.11c) agrees with
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FIGURE 2.11 (a) Absorption spectral changes observed upon addition of AcrH,
(0-1.9 x 107*M) to a deaerated MeCN solution of TolSQ (1.0 x 10™*M) in the presence of
HCIO, (1.0 x 10~ ' M) at 298K.®! (b) Differential spectral changes in the reduction of TolSQ
(4.6 x 10*M) by AcrH, (6.0 x 107> M) in the presence of HC1O, (4.9 x 10~>M) in deaerated
MeCN at 298K.%! (c) ESR spectrum of AcrH," * generated by oxidation of AcrH, (2.9 x 1073
M) with ToISQ (2.8 x 10> M) in the presence of HCIO,4 (7.0 x 10~> M) in deaerated MeCN at
298K and (d) the computer simulation spectrum.®' (e) Differential spectral changes in the
reduction of PQ (4.9 x 107* M) by AcrH, (4.8 x 107> M) in the presence of HCIO, (4.9 x 107>
M) in deaerated MeCN at 298K. CInsets: (a) Plot of [AcrH ' ]/[TolSQ], versus [AcrH,l/
[TolSQ]o, where [TolSQ]y is the initial concentration of TolSQ (1.0 x 10~*M).%! Time course
of the absorption change at A = 640 and 420 nm for the reduction of (b) TolSQ and (e) by AcrH,
and AcrDy; Ay is the initial absorbance.®!

the computer simulation spectrum (Figure 2.11d) produced using the same hfc
values (ay(C-9) = 24.2, any(N-CHs3) = 14.0, ay(N-CH3) = 10.4, ay(C-2,7) = 3.4, and
ay(C-4,5)=1.0G) of AcrH," " that was produced by the ET oxidation of AcrH, by
[Fe(bpy)s]® ™ (bpy = 2.,2'-bipyridine).*"*! The observation of AcrH," " indicates that
ET first occurs from AcrH, to TolISQH " (Scheme 2.12).3!
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ET from AcrH, (E,x = 0.81 V versus SCE) to TolSQ (E,.q = —0.26 V versus SCE)
is highly endergonic because of the highly positive free energy change of ET
(AGs = 1.07eV), and thereby no ET reaction occurs in the absence of HClO4.81 In
the presence of HC10,4 (5.0 x 1072 M), however, the one-electron reduction potential
of TolSQ is shifted to 0.69 V versus SCE due to protonation of TolSQ.* The free
energy change of ET from AcrH, to TolSQH " is still slightly positive (AGe, = 0.12
eV). In such a case, the efficient ET from AcrH, to TolSQH " is followed by rapid
disproportionation of TolSQH® (Scheme 2.12), which makes the ET undergo to
completion.®!

The absorption at 640nm due to AcrH," " decays accompanied by the rise in
absorption at 420 nm due to AcrH ™ as shown in Figure 2.11b.%' The decay dynamics
of AcrH,"* (and rise dynamics of AcrH ) consists of both first-order and second-
order processes (Figure 2.11b, inset) due to the deprotonation and disproportionation
of AcrH," © as shown by solid arrows in Scheme 2.12.*' Both the first-order and
second-order processes exhibit the large primary kinetic isotope effects (ky/kp =3.2
and 10, respectively) when AcrH, is replaced by the dideuterated compound (AcrD,)
(Figure 2.11b, inset).®' The AcrH’, which is produced by deprotonation of AcrH," ",
is a much stronger reductant than AcrH,. Thus, rapid ET from AcrH® (E,x = —0.46 V
versus SCE)*' to ToISQH " occurs to yield AcrH ™ and TolSQH* (Scheme 2.12).3! As
aconsequence, 1 equivalent of ToISQH ™ is reduced by 1 equivalent of AcrH, to yield
1 equivalent of ActH" and TolSQHz.81

Protonation of TolSQ is also expected to result in enhancement of electro-
philicity of TolSQ to accelerate one-step hydride transfer from AcrH, to TolSQH *,
as His-2H " -promoted hydride transfer from AcrH, to TolSQ (Scheme 2.11).8! The
electrostatic potential map for ToISQH ¥ (Figure 2.12b) indicates that the positive
charges due to protonation of TolSQ are fully delocalized over the entire ring
system compared to those of neutral species (Figure 2.12).®' In such a case, the
delocalization of the positive charge (due to H™) in the protonated species
(TolSQH ) does not lead to the expected increase of electrophilicity that would
promote the ET pathways when the E..q value of TolSQ is shifted in the positive
direction in the presence of HC1O,.*' This may be the reason why ET from AcrH,
to TolSQH ™ occurs instead of the one-step hydride transfer from AcrH, to
TolSQH *.8!
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FIGURE 2.12  Electrostatic potential maps for (a) TolSQ and (b) TolSQH *, calculated with
density functional theory at the BLYP/6-31G" level.®' (See the color version of this figure in
Color Plates section.)

2.4.2 Hydride Reduction of High-Valent Metal-Oxo Complexes by NADH
Analogues

2.4.2.1 One-Step Hydride Transfer via Converted PCET Metal-oxo complexes
often play important roles as the key species in oxidations of C-H bonds, which are of
fundamental importance as biochemical and industrial processes.? In particular,
high-valent oxoiron(IV) species are frequently invoked as the key intermediates
responsible for the oxidation of organic substrates in nonheme iron enzymes.**™
Nonheme oxoiron(IV) intermediates have been characterized in the catalytic cycles
of Escherichia coli taurine: o-ketoglutarate dioxygenase (TauD), prolyl-4-hydro-
xylase, and halogenase CytC3.5%7 These results demonstrate unambiguously that
nonheme oxoiron(IV) intermediates are capable of abstracting C-H bonds of sub-
strates in biological reactions. In biomimetic studies, a nonheme oxoiron(IV) inter-
mediate was characterized spectroscopically,®® and then the first crystal structure of
an oxoiron(IV) complex, [(TMC)Fe(IV)(O)]zJr (TMC = 1,4,8,11-tetramethyl-
1,4,8,11-tetraazacyclotetradecane), was obtained in the reaction of [Fe(Il)(TMC)]* ™
and artificial oxidants.®® Since then, extensive efforts have been devoted to examine
the reactivities of mononuclear nonheme oxoiron(IV) complexes bearing tetradentate
N4 and pentadentate N5 and N4S ligands in the oxidation of C-H bonds and other
substrates, including alkane hydroxylation, olefin epoxidation, alcohol oxidation, N-
dealkylation, oxidation of sulfides, and so on.”®® There has been the mechanistic
discussion with regard to the key initial mechanistic step in C-H bond oxidations,
which is ET, HAT, or hydride transfer. 15-301¢ has been difficult to understand why one
pathway would be preferred over another.
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Hydride transfer reactions from NADH analogues to high-valent metal-oxo
species provide excellent opportunity to clarify such a mechanistic difference by
comparing the hydride transfer reactions with those with p-benzoquinone derivatives,
which have been discussed in the previous section. A series of NADH analogues, 10-
methyl-9,10-dihydroacridine (AcrH,) and its 9-subsituted derivatives (AcrHR: R =
H, Ph, Me, and Et), BNAH, and their deuterated compounds, were employed as
hydride donors and mononuclear nonheme oxoiron(IV) complexes, [(L)Ee™(O0)**
(L =N4Py, N,N-bis(2-pyridylmethyl)-N-bis(2-pyridyl)methylamine; Bn-TPEN, N-
benzyl-N,N',N'-tris(2-pyridylmethyl)ethane-1,2-diamine; TMC, 1,4,8,1 1-tetramethyl-
1,4,8,11-tetraazacyclotetradecane), were used as hydride acceptors (see Chart 2.1).99

As a typical example, hydride transfer from an NADH analogue (AcrH,) to
[(N4Py)FeW(O)]2Jr (Equation 2.3) occurs efficiently as shown in Figure 2.13a,
where the absorption band at 695 nm due to [(N4Py)FeIV(O)]2+ decreases, accom-
panied by an increase in the absorption band at 357 nm due to 10-methylacridinium
ion (ActH"') and the absorption bands at 380 and 450nm due to [(N4Py)
FeH(OH)]2+.99 The formation rate of AcrH™ determined from an increase in
absorbance at 357 nm coincides with the decay rate of [(N4Py)FeW(O)]2Jr deter-
mined from a decrease in absorbance at 695 nm (Figure 2.13a, inset).”® There was
no intermediate observed in the hydride transfer reaction.”’ Thus, the hydride
transfer reaction proceeds by one step without intermediates. The pseudo-first-order
rate constants (k) increase linearly with the increase of the AcrH, concentration
(open circles in Figure 2. 13(:).99 The second-order rate constant (ky) for the reaction
of [(N4Py)FeW(O)]2+ and AcrH, was determined to be 1.1 x 10>°M~'s™! from the
linear plot of kg, versus concentration of AcrH,.”” When AcrH, was replaced by

Hydride donors
H R R=H D. H’
Me Ri=F4 Nlﬂe CHEPh CHzPh
AcrHR AcrDR’ BNAH BNAH-4,4'-d,

Hydride acceptors
2+

ﬁw p\_' Q ,||m N
O}N\)\j QI \"\j Q‘f < NCIAeQ

L = N4Py L = Bn-TPEN L=TMC

CHART 2.1
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FIGURE 2.13 (a) Spectral changes observed in the reaction of [(N4Py)FeW(O)]2+
(5.0 x 107> M) and AcrD, (2.0 x 107> M) in deaerated MeCN at 298 K. Inset: Time profiles
of absorption changes at A, = 357 and 695 nm for the formation of AcrH ™ and decay of [(N4Py)
Fe'v(0)]> T, respectively. (b) UV-Vis spectra of ActH ™ (6.0 x 107> M) and [(N4Py)Fe"']>*
(6.0 x 107> M) in MeCN. (c) Plots of the pseudo-first-order rate constants (kqps) of [(N4Py)
Fe™V(0))* " versus [AcrH, (O) or AcrD, (®)].

the dideuterated compound (AcrD,), a large kinetic deuterium isotope (KIE) value
of 13.5 was observed (closed circles in Figure 2.13¢).”?

H. H
Ky N
CY ) + ivapyyreopps — + [(N4Py)Fe"(OH)]*
N N
Ve Me
AcrH, AcrH*

(2.3)

The kg values determined in the reactions of [(L)Fe'Y(0)]*™ vary significantly
depending on NADH analogues, in particular on the substituent R in AcrHR.”
Similar reactivity change was observed for hydride transfer reactions from the same
series of NADH analogues to p-chloranil (Cl4,Q) (Equation 2.4).13 Thus, there are
excellent linear correlations between the ky; values of hydride transfer reactions of
NADH analogues with [(L)Fe"™V(0))* " and the corresponding values with C1,Q as
shown in Figure 2.14.”° The significant decrease in the reactivity by the introduction
of a substituent R at the C-9 position can hardly be reconciled by a one-step transfer of
a hydride ion, although no intermediates were observed during the reactions.”
The alkyl or phenyl group at the C-9 position is known to be in a boat axial
conformation,*' and thereby the hydrogen at the C-9 position is located at the
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FIGURE 2.14 Plots of ky for hydride transfer from NADH analogues to [(Bn-TPEN)
Fe™V(0)]* " (@), (TMC)Fe™(0)]*> ™ (O), and [(N4Py)Fe'™v (0)]> " (O) versus ky; for hydride
transfer from the same series of NADH analogues to C1,Q in MeCN at 298K.%

equatorial position, where steric hindrance due to the axial substituent is minimized in
the hydride transfer reactions.'® The introduction of an electron-donating substituent
R would activate the release of a negatively charged hydride ion if the concerted
hydride transfer should take place. The remarkable decrease in the reactivity with the
increasing electron-donor ability of R rather indicates that the reactivity is determined
by the process in which a positive charge is released.

H R 0 R o
Cl Ci kH R Cl Cl
0ok S :
N mf,im N cl c (24
Me o] Me OH
AcrHR Cl,Q AcrR* Cl,QH"

Linear correlations between hydride transfer reactions of NADH analogues with
[(L)Fe"™V(0))* " and C1,Q in Figure 2.14 imply that the hydride transfer mechanism of
[(L)Fe"(0)]* " is virtually the same as that of C1,Q.® Although there is still debate
on the mechanism(s) of hydride transfer from NADH analogues to hydride acceptors
in terms of an ET pathway versus a one-step hydride transfer pathway, the ET pathway
is now well accepted for hydride transfer from NADH analogues to hydride acceptors
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that are strong electron acc:e:ptors.l3’64’81 It should be noted that the E..q values of
nonheme oxoiron(IV) complexes ([(L)FeW(O)]2+; 0.39-0.51V versus SCE)]00 are
more positive than C14Q (0.01 V versus SCE).** This means that the [(L)Fe'Y(0)]* "
complexes are a much stronger electron acceptor than Cl4Q. Thus, the ET from
NADH analogues (AcrHR) to [(LEY(O)* T is highly likely to occur, and this is
followed by rapid proton transfer from AcrHR® " to [(L)FeIH(O)] T and ET from the
resulting AcrR® to [(L)Fe"™(OH)]* " in competition with the back ET, affording the
final products, AcrH* and [(L)Fe"(OH)] ", as shown in Scheme 2.13.%° Since no ET
intermediate is observed in this case, the initial ET is coupled with PT, which is a
PCET process, followed by fast ET.”

A similar mechanism to Scheme 2.13 was proposed for hydride transfer from
AcrH, to a Ru(IV)-oxo species, cis-[RuW(bpy)z(py)(O)]2+ (bpy = 2,2'-bipyridine;
py = pyridine), as shown in Scheme 2.14.> The rate-determining step is the PCET
(HT) process from AcrH, to cis- [Ruw(bpy)z(py)(O)]2 *, which is followed by fast ET
from AcrH" to cis-[Ru™(bpy)-(py)(OH)]* " to yield AcrH ™ and cis-[Ru"(bpy).(py)
(OH)] . The initial HAT process exhibits a large KIE (kp/kp = 12 + 1), which is
similar to the case of the PCET process from AcrH, to [(N4Py)FeIV(O)]2+
(Figure 2.13c). In contrast to the case of [(N4Py)FeW(O)]2+ in Scheme 2.14,
however, nucleophilic attack of OH™ in cis- [Ruu(bpy)z(py)(OH)] *toAcrH" occurs
slowly in MeCN to give AcrH(OH) and cis—[RuH(bpy)z(py)(MeCN)]2+ . This
process results from the high pK, value of cis- [RuH(bpy)z(py)(OHz)]2+ (10.6)
compared to the low pK, value of cis-[RuIH(bpy)z(py)(OHz)]2+ (0.85).101 Then,
hydride transfer from AcrH(OH) to AcrH ™ occurs to yield the final product, 10-
methylacridone (AcrO). 102 Thus, the overall reaction is the four-electron oxidation of
AcrH ™ by 2 equivalents of cis-[Ru" (bpy)»(py)(0)]** in MeCN to afford AcrO and
cis-[Ru" (bpy)a(py)(MeCN)]* .+

Over a series of similar HAT reactions, there is typically a good correlation of rate
constants with C-H bond dissociation energies.'®'** Figure 2.15 shows such a
correlation for the oxidations of a series of alkyl aromatic and allylic C-H bonds by
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cis-[Ru"™ (bpy)»(py)(0)]* *.** Using the BDEs of AcrH, (73.7kcal/mol)'*® and
BNAH (67.9 kcal/mol),105 these rate constants are added to this correlation as shown
in Figure 2.15.% The rate constants for AcrH, and BNAH oxidations fit the correlation
well. Such a linear correlation in Figure 2.15 strongly indicates that the reactions of all
these compounds, including the NADH analogues, proceed via a common HAT
mechanism in which a pathway of initial HAT, not hydride transfer from AcrH,, is the
rate-determining step. ET from AcrH® to cis-[(bpy)>(py)Ru™(OH)]* " is highly
exergonic when the rate must be very fast.*’

An alternative mechanism of initial rate-limiting ET from AcrH, to cis-[RuIV(b—
pY)2(py)(O)]* T is ruled out by the large KIE value (12 + 1).** In addition, the ET
from AcrH, (Eqx = 0.81 V versus SCE)® to cis-[Ru" (bpy)>(py)(O)]* * (Ereq <0.26
V versus SCE)'*! is thermodynamically infeasible. However, whether the HAT
reaction proceeds via one-step transfer of a hydrogen atom or PCET has yet to be
clarified.
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FIGURE 2.15 Plot of rate constants for oxidations by cis—[Rulv(bpy)z(py)(O)]2+ versus
C-H bond energies.*?

2.4.2.2 Stepwise Electron Transfer Pathway As describe above, hydride transfer
from AcrH, to [(L)FelV(O)]2+ occurs via PCET without formation of the ET
intermediate because ET from AcrH, to [(L)FeIV(O)]2 * isendergonic (Scheme 2.13).
However, the ET process may become exergonic in the presence of HC1O, as in the
case of ET from AcrH, to the protonated hydride acceptor (TolSQH ) in
Scheme 2.12. When the ET process becomes exergonic in the presence of HCIO,,
the radical cation (AcrHR" ") produced in the acid-promoted hydride transfer from
AcrHR to [(L)Fe'Y(0))* " can be observed (see below).

ET from AcrDPh to [(N4Py)Fe' (0)]* ™ occurs in the presence of HC10, in MeCN
as indicated by instant appearance of a transient absorption band at A, = 680 nm,
which is ascribed to the formation of AcrDPh® ™ as shown in Figure 2.16a.”* The
disappearance of the absorbance at A,,x = 680 nm coincides with the appearance of
absorbance at 380 nm due to [(N4Py)Fe”]2 " and at 360 nm due to Acr T —Ph (see inset
of Figure 2.16a).”” Similarly, the formation of AcrHEt" " was observed in the acid-
promoted hydride transfer from AcrHEt to [(N4Py)FeIV(O)]2+ as shown in
Figure 2.16b, where the disappearance of the absorbance at A, = 685 nm due to
AcrHEt" " also coincides with the appearance of absorbance at 360 nm due to
Acr " —Et (see inset of Figure 2.16b).° These results indicate that an acid-promoted
ET from AcrHR to [(N4Py)Fe'Y(0)]>" occurs first to produce AcrHR® ™ and
[(N4Py)FeIH(OH)]2 *, followed by the generation of AcrR® resulting from
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FIGURE 2.16 Absorption spectral changes observed on addition of (a) AcrDPh (2.5 x 10>
M) and (b) AcrHEt (2.5 x 107> M) to a solution of [(N4Py)Fe'Y(O)]** (5.0 x 107> M) in
MeCN in the presence of HC1O4 (2.2 x 107> M) at 298K. Inset: Time profiles of the absorption
change at (a) A =380 and 680 nm and (b) A =380 and 685 nm.

the deprotonation of AcrHR®".°® Subsequently, rapid ET from AcrR® to
[(N4Py)Fe"(OH)|? " affords the final products, AcrR " and [(N4Py)Fe"(OH)] ",
as shown in Scheme 2.15.%°

The ET step from AcrH, to hydrogen chromate ions (H,CrOy,) is also reported to
initiate the oxidation of AcrH, to AcrH ' in H,O/MeCN (4:1, v/v) via a radical chain
mechanism that is strongly inhibited by oxygen.”®
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2.5 CONCLUSIONS

As demonstrated in this chapter, there have always been the fundamental mechanistic
questions in oxidation of C-H bonds whether the rate-determining step is ET, PCET,
one-step HAT, or one-step hydride transfer. When the ET step is thermodynamically
feasible, ET occurs first, followed by proton transfer for the overall HAT reactions, and
the HAT step is followed by subsequent rapid ET for the overall hydride transfer
reactions. In such a case, ET products, that is, radical cations of electron donors and
radical anions of electron acceptors, can be detected as the intermediates in the overall
HAT and hydride transfer reactions. The ET process can be coupled by proton transfer
and also by hydrogen bonding or by binding of metal ions to the radical anions
produced by ET to control the ET process. The borderline between a sequential PCET
pathway and a one-step HAT pathway has been related to the borderline between the
outer-sphere and inner-sphere ET pathways. In HAT reactions, the proton is provided
by radical cations of electron donors because the acidity is significantly enhanced by
the one-electron oxidation of electron donors. An electron and a proton are transferred
by a one-step pathway or a sequential pathway depending on the types of electron
donors and acceptors. When proton is provided externally, ET from an electron donor
that has no proton to be transferred to an electron acceptor (A) is coupled with
protonation of A", when the one-electron reduction and protonation of A occur
simultaneously. The mechanistic discussion described in this chapter will provide
useful guide to control oxidation of C-H bonds.
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3 Oxygen Atom Transfer

MAHDI M. ABU-OMAR

3.1 INTRODUCTION AND THERMODYNAMIC CONSIDERATIONS

Many reactions in biology and in the chemical industry involve the transfer of an
oxygen atom from a transition metal center to a substrate molecule and vice versa.
Molecular oxygen (O,) and hydrogen peroxide (H,O,) are the most common reagents
used for inserting oxygen into C-H or C-C bonds and for oxygenation reactions such
as epoxidation and sulfoxidation. The enzyme cytochrome P450 is ubiquitous to all
forms of life and its various isozymes catalyze the oxidation of various organic
substrates. These reactions are vital to biosynthesis, metabolism, and detoxification of
drugs. On the industrial front, the success story of the petrochemical industry in the
twentieth century has depended largely on the functionalization of hydrocarbons
produced from oil cracking to useful products. For example, approximately 10 million
metric tons of ethylene oxide (epoxyethylene) is produced annually from the reaction
of ethylene with O, over a heterogeneous silver catalyst (Equation 3.1)." Ethylene
oxide is used in the production of ethylene glycol and as sterilizing agent for foods and
medical supplies. In comparison, propylene oxide, which is used as a monomer for the
production of polyether polyols for use in making polyurethane plastics, is still
prepared by chlorination of propylene or oxidation with organic peroxides (#-butyl
hydroperoxide or 1-phenylethyl hydroperoxide) and not directly from propylene and
dioxygen. In the new HPPO process, BASF and Dow Chemicals synthesize propylene
oxide from the oxidation of propylene with hydrogen peroxide that produces only
water as a by-product (Equation 3.2).”

o 2
H,C=CH, + 1/20, 2naumna, ., & CH
% 200-300 °C z 2 (3.1)
1-2 MPa
? 3.2
/\ + H202 E— /<I + HZO ( ' )
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The energetics of oxygen transfer is important in determining the suitability of a
transition metal catalyst for given oxidant and substrate. Biology circumvented the
low reactivity of dioxygen as an oxidant by evolving electron transport chains in the
mitochondria and utilizing metalloenzymes. Similarly, chemists have learned to
improve the efficiency of catalytic oxidations by designing oxygen transfer chains that
take advantage of thermodynamics. A thermodynamic oxygen transfer potential
(TOP) scale has been developed for a variety of oxidants and substrates based on
calculated reaction free energies (AG) for the reaction described in Equation 3.3.°
TOP values were computed using density functional theory (DFT), and representative
examples are illustrated in Figure 3.1. For example, the dihydroxylation of olefin by
osmium(VIII) is made “green” by driving the critical oxidation of dioxoosma-2,5-
dioxolane (Os"") to trioxoosma-2,5-dioxolane (Os"™) (TOP = —36 kcal/mol) with a
cascade of higher TOP oxidants (Figure 3.2).*

X +H,0, — X0 + H,0 (3.3)
Another large class of oxygen atom transfer (OAT) reactions is between a donor

and an acceptor. While those reactions are often thermodynamically favorable, they
do not occur at any appreciable rate under ambient conditions. Representative

20 —— — T —
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FIGURE 3.1 Thermodynamic oxygen transfer potentials. DMDO, dimethyldioxirane;
Ac, CH3C(0O); DMSO, dimethyl sulfoxide; DMS, dimethyl sulfide.
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FIGURE 3.2 Catalytic cascades for oxidizing alkenes using OsO,4 as one of the oxygen
transfer catalysts and the environmentally benign H,O, oxidant.

examples include disproportionation of organic sulfoxides to sulfide and sulfone,
oxidation of sulfides with pyridine-N-oxide, perchlorate, or nitrate, and oxidation of
organic phosphines with sulfoxides (Table 3.1). Such reactions are catalyzed by
transition metal complexes. Biological enzymes use molybdenum and tungsten in the
reduction of dimethyl sulfoxide (DMSO), nitrate, trimethylamine N-oxide, biotin
sulfoxide, perchlorate, and in the oxidation of sulfite and carbon monoxide. In
addition to Mo and W model systems, a rich OAT chemistry has been developed
for rhenium in the oxidation states + 5 (d%) and + 7 (d%). In addition to their rich
mechanistic chemistry, OAT inorganic catalysts are important for the environmental
remediation of inorganic oxyanions. We will discuss biological OAT and their
biomimetic model compounds followed by chemical systems highlighting most
recent developments.

3.2 BIOLOGICAL OXYGEN ATOM TRANSFER

3.2.1 Cytochrome P450

This enzyme is ubiquitous to all forms of life from single cellular organisms to humans,
and different classes of this enzyme catalyze a large variety of important reactions
including detoxification of toxins. Examples of reactions catalyzed by P450 isozymes
are given in Table 3.2. Cytochrome P450 is a heme containing enzyme with a thiolate

TABLE 3.1 Examples of Oxygen Atom Transfer Reactions Between Closed-Shell
Donor and Acceptor Molecules and Their Thermodynamics

Reaction —AG° (kJ/mol)
CsHs;NO + CH3SCH; — CsHsN + CH3;S(O)CH; 63
ClO,~ + CH3SCH; — ClO3~ + CH3S(O)CH; 84
2CH3S(O)CH; — CH3SCH5 + CH3S(0),CH;3 105
CH;S(O)CH3 + PhsP — CH3SCH3 + PhsPO 234

NO;™ + PhsP — NO,™ + Ph;PO 247
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TABLE 3.2 Example of Reactions Catalyzed by Cytochrome P450 Isozymes

Entry Example Reaction Class Name
Camphor — camphor-OH Alkane hydroxylation
CH3(CH,);CH=CH, — hexene epoxide Alkene epoxidation
CgHg — CgHgO (phenol) Aromatic hydroxylation

3. Me,S — Me,SO Sulfoxidation

4. MesN — MesNO Amine oxidation

5. Ph(CH,)Br — Ph(CH5) (toluene) Reductive halogenation

6. Me,NH — MeNH, + H,CO N-dealkylation

7. Ph-OCH; — PhOH + H,CO O-dealkylation

8. MeNH, — NH; + H,CO Oxidative deamination

(Cys™) axial ligand and gets its name from the unique absorption of its Fe''-CO
complex at450 nm. The resting state of the enzyme islow-spin Fe'" (EPR g-values 2.41,
2.26, and 1.91). Upon binding of the substrate, the protein loses an axial water ligand,
changes the iron’s spin to high-spin Fe'", and these changes result in a significant
perturbation of the iron’s reduction potential (low spin —300 mV versus high spin ca.
—170mV). Once the iron is reduced by the reduction partner (NADPH or NADH),
dioxygen binds to Fe"" and through several steps that couple electron transfer (ET) with
proton transfer (PT), a high-valent (por® " )Fe'” = O is generated. This compound is
referred to as compound I, and it is responsible for oxidation of C-H bonds through a
“rebound” mechanism and for OAT reactions. The catalytic cycle of P450 is summar-
ized in Figure 3.3. The ET-PT reactions needed for activation of dioxygen could be
bypassed by using peroxides (H,O, or ROOH) through what is known as the peroxide
shunt, going to compound I directly from the ferric state. The structures of the
intermediates in the P450 catalytic cycle have been arrived at through spectroscopic
studies of various P450 enzymes, model compounds, and drawn analogies to similar
peroxidase systems.” Furthermore, the structure of the Fe"" dioxygen adduct and its
breakdown to the oxoferryl species (compound I) for camphor P450 have been
determined by trapping techniques and single-crystal X-ray crystallography.®

A common tool for probing the rebound mechanism in P450 oxidations is the use of
radical clocks.” These mechanistic probes provide diagnostic products by undergoing
fast reorganization when a radical is formed during the reaction. Many of the radical
clocks are based on cyclopropane that rearranges via ring opening once a radical is
formed giving rise to ratios of products (an example is give in Figure 3.4). One should
be aware that the rate constant for radical clock rearrangement is crucial because they
have to be competitive with the rebound rate of the carbon radical substrate and Fe'"-
OH of the P450 enzyme. Typical enzymatic rebound rates that have been measured for
P450 enzymes are in the range of 10°-10"'s~'®

The identity of active species responsible for oxidation/OAT, whether it is
compound I (oxoferryl) or a precursor peroxo complex, has been contentious.
Evidence from mutation and model studies has pointed to the possibility of multiple
oxidants in which one of the oxidants might very well be a peroxo or an oxidant adduct
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FIGURE 3.3 Catalytic cycle for cytochrome P450 and X-ray structure of a human cyto-
chrome P450 2D6 that recognizes substrates containing basic nitrogen and an aromatic ring,
functional groups found in a large number of central nervous system, and cardiovascular drugs.

of iron in addition to or instead of oxoferryl.””'" Recent quantum mechanical/
molecular mechanical computations on the mechanism of C-H oxidation in camphor
P450 have suggested that indeed the reaction takes place through two different spin
states of compound I, doublet (low spin) and quartet (high spin).'* This has been
dubbed “two-state reactivity.” The reaction along the doublet state potential was
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FIGURE 3.4 Illustration of a radical clock. The ratio of unarranged hydroxylation product
and rearranged product reflects the ratios of rebound rate constant (k,) and ring opening of the
radical intermediate (k.). In this case, k. =3.4 x 10''s™ !,

found to be concerted, while the reaction along the quartet state pathway to be
stepwise with a distinguishable rebound between the carbon radical substrate and the
Fe'-OH.

Iron porphyrins have been studied extensively over the past 30 + years as model
systems of cytochrome P450."> Biomimetic model studies included variants in axial
ligands (thiolate and other bases), the oxidation of alkanes, olefins, sulfides, and
amines, and utilization of several oxidants such as hypochlorite (bleach), iodoso-
benzene (ArlO), hydrogen peroxide, and organic peroxides (ROOH). The first-
generation models employed the meso-tetraarylporphyrins (Figure 3.5). These were

Ar’ Ar

AY Ar

(a) (b) (c)

FIGURE 3.5 Porphyrin structures used as models for P450 enzymes. (a) Earlier models with
Ar = aromatic, (b) improved second-generation porphyrin ligands with R = CHj, Cl, or F and
R’ =H or CHj3, (c) more recent model catalysts with Ar’ as in (b) and X =Br, Cl, or F.
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more stable than beta-substituted porphyrins and iron porphyrins derived from heme
(protoporphyrin IX). Improvement in catalyst performance and stability was even-
tually achieved by introducing bulky substituents on the aryl rings such as tetramesityl
and dichlorophenyl (Figure 3.5b). More recently, addition of electron-withdrawing
halogen atoms in the beta positions increased reactivity and stability toward oxidative
degradation (Figure 3.5c). Metal complexes of halogenated porphyrins are capable of
oxidizing inert C-H bonds of alkanes. For example, oxidation of heptane to heptanal
and heptanone with PhIO proceeds to 38% conversion with Fe(TDCPP)C1 (TDCPP=
tetra-2,6-dichlorophenylporphyrin) as catalyst versus 78% conversion with Fe
(TDCPCIgP)Cl1 (TDCPCIgP = tetra-2,6-dichlorophenyl-B-octachloroporphyrin) un-
der the same conditions.'* Mechanistic studies on alkane oxygenation by halogenated
porphyrin complexes suggest a radical chain mechanism in which radicals are
generated by oxidation and reduction of the peroxide oxidant."

3.2.2 Peroxidases

Hydrogen peroxide is another oxidant of biological significance and a variety of
enzymes utilize it as a substrate in three modes of reactions: (1) disproportionation to
dioxygen and water (catalase), (2) as an oxidant (peroxidases), and (3) in the
halogenation of organic substrates (haloperoxidases). All these enzymes with the
exception of the vanadium haloperoxidases contain heme active sites and in many
respects are analogous to P450 chemistry. However, the axial ligand and the details of
the mechanisms are different. Catalase has a phenolic axial ligand (tyrosine) and an
open coordination site in the other axial site for binding H,O,. The structural
characterization of bovine liver catalase shows a number of residues in the distal
pocket that are essential for function.'® These include a phenylalanine ring pi-stacked
to one of the pyrrole rings of the heme, and His and Asn residues that form
hydrogen bonding network. The mechanism proceeds through compound I, which
is capable in this environment of oxidizing another molecule of hydrogen peroxide
to O, to complete the catalytic cycle (Equation 3.4). It has been shown that compound
I of catalase can oxidize formate and ethanol, as well as hydrogen peroxide. While
acommon theme for peroxidases is formation of Fe(IV)=O0, the position of the radical
cation varies. It is either on the prophyrin as in cytochrome P450 or on a
protein residue. A recent EPR study on bovine liver catalase showed a broad radical
signal at g ~?2 with hyperfine structure that resembles the Tyr” observed in photo-
system IL."7

(enzyme)Fe™™ + H,0, — compound I/(enzyme") + Fe!¥ = O + H,0
compound I/(enzyme®) + Fe!Y = O+ H,0, — (enzyme)Fe! + H,O +0, (3.4)
Cytochrome ¢ peroxidase (CcP) and horseradish peroxidase (HRP) contain
axial histidine ligation and the oxo group from compound I is released as water

(Equation 3.5). Cytochrome ¢ peroxidase oxidizes two molar equivalents of cyto-
chrome c. HRP reacts with a number of electron donor substrates such as alkylamines
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and sulfides. While the oxo ligand from compound I is not transferred to the substrates
in these reactions, peroxidases have been shown to catalyze a wide variety of
synthetically useful OAT reactions with H,O, including epoxidation and sulfoxida-
tion.'® In some instances, the reactions proceed with good to high enantioselectivity.
For HRP, compound I, (por'*)FeIV:O, was characterized by EPR and Mossbauer
spectroscopies.’® A transient tyrosyl radical (Tyr") in equilibrium with (por” ™) was
observed for the Phe172Tyr HRP mutant.?® In compound I of CcP, the organic radical
resides on Trp191.%' While the active site of ascorbate peroxidase shows structural
homology to that of CcP, it stabilizes a (por” ) radical.**

(Substrate-H, ), + H,O, — (Substrate) , + 2H,O0 (3.5)

red

Chloroperoxidase (CPO) resembles cytochrome P450 in that its axial ligand is a
cysteine thiolate. In addition to catalyzing substrate halogenation (Equation 3.6),
CPO exhibits peroxidase, catalase, and cytochrome P450-like activities. The cata-
lytic reaction proceeds through compound I intermediate that oxidizes chloride to
hypochlorite. The latter in turn halogenates the substrate and releases hydroxide.
Thus, the final fate of the oxygen atom from hydrogen peroxide is in water as for the
other peroxidases. While the proximal side of CPO resembles cytochrome P450
because of the cysteine ligation, its distal side is very much peroxidase-like featuring
polar residues for the binding of peroxide.”> Access to the active site of CPO is
restricted to the distal face that contains a hydrophobic patch above the heme. This
allows small organic substrates to access the iron oxo ligand (compound I) account-
ing for the P450-like activity observed for CPO. Recent X-ray absorption results on
oxoiron(IV) (compound II) of CPO were consistent with a protonated Fe'V-OH,
demonstrating the high basicity of the oxo ligand because of strong donation by the
axial thiolate.?* It has been suggested that the elevated basicity of ferryl accounts for
the ability of these enzymes to oxygenate substrates at potentials that can be tolerated
by proteins.

H,0; + Cl™ + (Substrate-H) — H,0 + (Substrate-Cl) + OH™~ (3.6)

Vanadium haloperoxidases are found in marine algae and lichens. They are
responsible for the oxidation of bromide (vanadium bromoperoxidases = VBPO) or
chloride (vanadium chloroperoxidases = VCPO) with hydrogen peroxide to give
X0, HOX, and X, either in solution or bound to the protein.?> The hypohalo species
is responsible for halogenating organic substrates such as terpenes in the syntheses of
natural products. In this enzyme family, the metal does not undergo a change in
oxidation state. Vanadium remains in the + 5 oxidation state and OAT ensues from a
vanadium(V) peroxo complex. It was established recently that VCPO are structurally
similar to the (membrane-bound) acid phosphatases.?® The vanadate ion is held in the
active site of enzymes through ligation to one histidine residue and several hydrogen
bonding interactions (Figure 3.6).>” The mechanism for vanadium haloperoxidases is
illustrated for VBPO in Figure 3.7.
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FIGURE 3.6 Active site of vanadium chloroperoxidase from C. inaequalis.

3.2.3 Oxygen Evolving Chlorite Dismutase

Chlorite dismutase (Cld) contains a heme b active site, analogous to peroxidases, and
occurs in perchlorate and chlorate respiring bacteria.”® Perchlorate (Cl104 ") is arocket
fuel and used in pyrotechnics and ammunition. It has been found in soil and ground
water only recently.”” Due to its size similarity to iodide, perchlorate inhibits the
thyroid gland irreversibly. Microbes have evolved to utilize the oxidizing power of
perchlorate. These organisms reduce perchlorate to chlorate and chlorate to chlorite

'0,+Br (;l

H20,

FIGURE 3.7 Mechanism of vanadium bromoperoxidase.
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via a molybdopterin-dependent perchlorate reductase (PerR), a close homologue of
bacterial respiratory nitrate reductases. Cld plays a detoxifying role by taking chlorite
(C10,7) and decomposing it to dioxygen and harmless chloride (C1™) (Equation 3.7).
This enzyme exhibits remarkable selectivity for dioxygen (O=0) formation.* In the
presence of reducing substrates such as ascorbate and oxygen atom acceptors such as
thioanisole (PhSMe), Cld does not catalyze peroxidase chemistry with chlorite but
instead produces O, and Cl™ exclusively. However, with other oxidants such as
hydrogen peroxide and peroxy acids, Cld behaves very much as a peroxidase.
In contrast, heme peroxidases use chlorite as an oxidant in one-electron oxidation,
OAT, and chlorination chemistry.*'

c10; =5 c1o; 25 c10; <%0, +C1- (3.7)

Isotope labeling experiments have shown chlorite to be the sole source of the
oxygen atoms in the O, product.”® EPR and UV-Vis studies also suggest that Cld
forms a compound I-like intermediate upon reaction with ClO, . However, the
hypochlorite (C10™) by-product is believed to not diffuse freely into solution, but
instead remains protein bound for further reaction with the ferryl to afford O,. The
mechanism illustrated in Figure 3.8 has been put forth for this unique heme enzyme.

Water-soluble iron porphyrins catalyze decomposition of chlorite to chlorate and
chloride (Equation 3.8) rather than producing 0,.*> An exception has been found
when a highly fluorinated iron porphyrin is used (Figure 3.9). [Fe"(TF,TMAP)]
catalyzes chlorite decomposition into O, and C1 ™ in addition to the chlorate producing

CIO,"

0, +CI-

FIGURE 3.8 Mechanism of chlorite dismutase. (See the color version of this figure in Color
Plates section.)
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FIGURE 3.9 A biomimetic functional model of chlorite dismutase.

pathway. Nevertheless, this biomimetic model remains much less selective than the
enzyme itself.

3C10; — Cl™ +2ClO; (3.8)

3.2.4 OAT with Nonheme Iron

Nonheme iron oxygenases catalyze a wide array of reactions with dioxygen that are as
diverse as or more so than those recognized for the heme analogues.®*** Some of the
nonheme iron enzymes contain a single iron in the active site and require a cofactor.
Examples include the aromatic amino acid hydroxylases and a-ketoglutarate-de-
pendent enzymes (Figure 3.10). In other cases, the mononuclear iron enzymes act as
dioxygenases, such as catechol dioxygenase (Figure 3.10). Even though cytochrome
P450 is not capable of oxidizing methane (CH,), kinetically the most inert hydro-
carbon, microorganisms have evolved iron-dependent methane monooxygenase
(MMO) that catalyzes the air oxidation of methane to methanol, an extremely difficult
reaction to accomplish because of overoxidation: methanol is more reactive toward
oxidation than methane.>> Examples of the different classes of nonheme iron enzymes
and their reactions are illustrated in Figure 3.10.

High-valent iron intermediates have been proposed as the active species in OAT
and C-H oxidation reactions for nonheme iron enzymes. In some cases, such
intermediates have been trapped by rapid freeze-quench studies and characterized.
In ribonucleotide reductase from E. coli and MMO, intermediates X and Q with Fe'll-
(11—0)2-FeIV and Few-(u-O)z-FeIV diamond core, respectively, have been character-
ized (Figure 3.1 1).35 Also, Fe'Y oxo intermediates have been observed for mono-
nuclear proteins such as taurine/2-oxoglutarate dioxygenase (TauD) (Figure 3.11).3¢
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FIGURE 3.10 Representative reactions of nonheme iron enzymes.

As for synthetic inorganic model complexes, the past few years have witnessed
major breakthroughs in the preparation and isolation of high-valent Fe'¥ oxo coordina-
tion complexes. More than a decade ago, tetra-amido macrocyclic ligands (TAML,
Figure 3.12) were shown to support high-valent metal centers such as [Fe" ' (TAML)
C1]1~.*” More recently, an oxo-bridged dinuclear iron(IV) (Fe'Y-O—Fe'Y) has been

Oglu~ F e.P ~ Ile“'oeiu Ogy “-\\'!_.e|

~
Ny e » Ny “ O\ v » _/—< I . NHis
His é) (o) é Niis His :u) @] é Niis -00C o Niis

X

FIGURE 3.11 High-valent intermediates detected in nonheme enzymes.
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FIGURE 3.12 Tetra-amido ligands and nonheme iron(IV) oxo synthetic complexes.

isolated and the first example of Fe" oxo complex reported.*® In the past few years,
approximately 15 nonheme iron(IV) oxo complexes have appeared in the literature
based on tetra-aza macrocyclic ligands and polypyridyl amine ligands
(Figure 3.12).>*% These ligands support low-spin (S = 1) oxoiron(IV) with a short
Fe=0bonddistance of ~1.65 Adetermined by X-ray crystallography and extended X-
ray absorption fine structures (EXAFS). Further support for the double bond character
of the Fe-O bond comes from IR spectroscopy, vV(Fe-0) ~ 830 cm ™. The electronic
spectra of low-spin nonheme oxoiron(IV) complexes show a characteristic absorption
band in the visible—near-IR region between 650 and 1050 nm with low extinction
coefficients (200-400L/(mol cm)). While most synthetic nonheme iron(IV) oxo
complexes are low spin, Mossbauer analysis of [(H,0)sFe'Y=0]"" indicates a
high-spin (S =2) state in acidic aqueous solution. Also, in the enzyme TauD a
high-spin iron(IV) oxo intermediate has been identified.

Three synthetic methods have been established for the generation of iron(IV) oxo
compounds: (1) reaction with oxygen donors such as PhlIO, peracids, ozone, KHSOs,
and hypochlorite (Equation 3.9); (2) homolytic cleavage of Fe'" organic peroxide
complexes (Equation 3.10), and (3) from the reaction of dioxygen with Fe', pre-
sumably via a putative p-peroxo Fe,"" dinuclear species (Equation 3.11). The stability
of synthetic nonheme iron(IV) oxo complexes depends on the ancillary ligand.*® For
example, [(TPA)FeIV:O]ZJr and [(cyclam—acetato)FeIV:O] T are stable only at low
temperatures (—40 and —80°C, respectively), and [(TMC)Fe"(0)]* " is stable atroom
temperature. The stability of iron(IV) oxo complexes is also pH dependent. While
[(N4Py)Fe™(0)]** is stable at pH 5-6, it decomposes readily at higher pH.
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(L)Fe" + PhIO — (L)Fe'Y (O) + PhI (3.9)
(L)Fe' + ROOH — (L)Fe"™OOR — (L)Fe'Y(0) + RO* (3.10)
2(L)Fe' + 0, — [(L)Fe™-0-0-Fe(L)] — 2(L)Fe'v (0) (3.11)

Synthetic nonheme iron(IV) oxo complexes undergo several OAT and oxidation
reactions.*® They are capable of transferring an oxygen atom to organic phosphines
(PR3), organic sulfides (R,S), and alkenes such as cyclooctene and cis-stilbene, giving
phosphine oxide (R;P=0), sulfoxide (R,S=0), and epoxide, respectively. Reactions
of oxoiron(IV) complexes with aryl sulfides showed significant dependence on the
para substituents with a Hammett reaction constant (p) values in the range of —1.4 to
—2.5. These values are in agreement with electrophilic oxygen atom transfer from
Fe'Y=0. More relevant to biological systems is the observation that some of the
synthetic nonheme iron(IV) oxo complexes such as [(N4Py)FeIV(O)]2+ are capable
of oxidizing hydrocarbons such as cyclohexane. These reactions exhibit a significant
kinetic isotope effect (KIE) of >30, which is consistent with hydrogen atom
abstraction in the rate-determining step. The KIE values are similar to those observed
for enzymes. The mononuclear iron-dependent TauD shows a KIE of ~37 and the
dinuclear MMO a KIE of >50.*"*?> Another hydrogen atom transfer (HAT) reaction
observed for iron(IV) oxo is that with alcohols to afford aldehydes. Isotope labeling
studies using Fe'Y='0 demonstrated that the mechanism of aldehyde formation
proceeds via two consecutive HAT reactions rather than a gem-diol intermediate.*
No '®0 incorporation was observed in the resulting aldehyde.

In sharp contrast to reactions with alkanes and alcohols, synthetic nonheme Fe!v
oxo complexes oxidize aromatic compounds such as anthracene to anthraquinone
with an inverse KIE ~ 0.9.*° Furthermore, electron-donating substituents influence
the reaction rate, giving a large and negative Hammett reaction constant (p = —3.9).
These observations disfavor HAT and are in agreement with electrophilic addition of
the iron oxo to sp? carbon of the aromatic ring. This is analogous to observations made
for the iron-dependent aromatic amino acid hydroxylases. There the mechanism is
believed to proceed through an arene epoxide followed by 1,2-hydrogen shift that has
been termed as the NIH shift.**

Nonheme iron(IV) oxo complexes have also been shown to effect oxidative
N-dealkylation, a reaction recognized in nature for nonheme iron enzymes.*’
Mechanistic studies on the reaction of synthetic models with N,N-dimethylaniline
demonstrated that rather than HAT the reaction proceeds via electron transfer
followed by proton transfer.*” Finally, nonheme iron(IV) oxo species undergo
complete intermetallic OAT to Fe". The oxygen atom transfer depends on the
oxidizing power of the starting ferryl. The observation of complete intermetallic
oxo transfer in nonheme systems stands in sharp contrast to porphyrin/heme systems
in which incomplete OAT occur affording bridged p-oxo Fe'™ dinuclear species. A
summary of all the reaction types that have been observed for nonheme iron(IV) oxo
complexes is shown in Figure 3.13.
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FIGURE 3.13 Reactions of nonheme iron(IV) oxo complexes.

3.2.5 Molybdenum and Tungsten Oxotransferases

Molybdenum and tungsten enzymes are found in all forms of life from micro-
organisms to humans.** They catalyze a number of important metabolic reactions
involved in the nitrogen and chlorine cycles. Even though the metal site cycles
between Mo" /W' and Mo""/W"" with concomitant oxygen atom (oxo) addition to
the metal or removal there from, and hence the oxotransferase nomenclature, water is
the ultimate sink or source of oxygen in the overall catalytic cycle. The reaction of the
substrate (X/XO) is coupled to electron transfer to or from an iron sulfur cluster, a
heme protein, or a flavin cofactor. In the past decade, a large number of single-crystal
X-ray structures for molybdenum and tungsten enzymes have been reported. These
revealed the details of active site coordination in both reduced and oxidized states.
Pyranopterindithiolate (also known as molybdopterin or pterindithiolene) is the
common ligand for molybdenum and tungsten in these enzymes (Figure 3.14). The
molybdenum enzymes have been classified into three families based on their protein
sequence and the structures of their active sites (Figure 3.14).*> Xanthine oxidase and
other enzymes in its family contain one pterindithiolene ligand and terminal oxo and
sulfido in the Mo oxidized state. Members of the sulfite oxidase family also contain a
single pterindithiolene ligand, a dioxo in the Mo"" state, and a thiolate (from Cys).
Dimethylsulfoxide (DMSO) reductase features a bis-pterindithiolene and a single oxo
ligand in the Mo"! oxidized state. In the reduced state, DMSO reductase does not
possess a multiply bonded ligand (desoxo) (Figure 3.14). One additional ligand in
DMSO reductase is an alkoxide from Ser. In other members of the DMSO reductase
family, the serine is replaced with a thiolate from Cys as in nitrate reductase and
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FIGURE 3.14 Structures of active sites of molybdenum enzymes in the reduced Mo"" and
oxidized Mo"! states alongside their classification into three families.

selenate from Se-Cys as in formate dehydrogenase (FDH). The different reactions
catalyzed by molybdenum and tungsten enzymes are summarized in Table 3.3.

Three main families are recognized for the tungsten enzymes.*® They are aldehyde
oxidoreductase, acetylene hydratase, and formate dehydrogenase (Table 3.3). Struc-
tures for examples in each of the three families have been determined. The active site
tungsten contains two pterindithiolene (PT-S,> ) ligands. Additional ligands are not
well identified in all cases but appear to be donor atoms derived from the peptide
backbone. The oxidized form has been suggested for aldehyde oxidoreductases to
contain oxo and hydroxo groups, WY (O)(OH). In formate dehydrogenase, a sele-
nocysteinate and one hydroxyl ligand have been reported. The tungsten enzymes also
contain one protein-bound Fe4S, cluster.

One striking feature of the active site structures of the enzymes in Figure 3.14 is the
prevalence of five-coordinate molybdenum and the dithiolene ligation. Prior to
structural information on the enzymes, a significant body of modeling work was
focused on accomplishing OAT for monooxo molybdenum(IV) and dioxo molybde-
num(VI) (Equation 3. 12).*” The earlier model compounds featured a variety of donor
ancillary ligands based on O, N, and S, but not dithiolene. Furthermore, these
complexes were six-coordinate and none of them mimicked the desoxo observed
in the reduced state of DMSO reductase. Nevertheless, important kinetics and
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TABLE 3.3 Examples of Reactions Catalyzed by Molybdenum and Tungsten

Enzymes

Reaction

Enzyme

Molybdenum (Mo)
Xanthine 4+ H,0 < uric acid + 2H" + 2e~
SO5*>™ + H,0 = S0,* ™ + 2H™ + 2e~
NO;~ 4+ 2H" + 2¢~ +NO,~ + H,0
Me,SO + 2H™" + 2e™ < Me,S + H,0
RCHO + H,0 <~ RCO,H + 2H" + 2e~
CO + H,0 = CO, + 2H" 4 2e”
H,AsO;~ + H,0 — HAsO,>~ + 3H " + 2e~
Tungsten (W)
HCO, < CO, + H" + 2e~
HC=CH + H,0 < CH;CHO
RCHO + H,0 < RCO,H + 2H™" + 2e~

Xanthine oxidase

Sulfite oxidase

Nitrate reductase

DMSO reductase

Aldehyde oxidoreductase

Carbon monoxide dehydrogenase
Arsenite oxidase

Formate dehydrogenase
Acetylene hydratase
Aldehyde oxidoreductase

mechanistic chemistry emerged from studying primary OAT reactions with these
model systems (Equation 3.12). One of the important lessons learned was the effect of
steric congestion on inhibiting the comproportionation of MoIV(O) and MoVI(O)2 to
give irreversibly (O)MoV—u—O-MoV(O) (Equation 3.13). One of the early nondithio-
lene systems that demonstrated double oxygen atom transfer reaction is shown in
Figure 3.15. From a functional prospective, this complex is a synthetic analogue of the
sulfite oxidase family because it involves monooxo and dioxo molybdenum.

FIGURE 3.15 OAT between monooxo and dioxomolybdenum(IV) and (VI), respectively.



92 OXYGEN ATOM TRANSFER

Km
[Mo(O),(dithiolene),]* + HSO,~ —=== [intermediate]

NC. g hal

0
S.. 1.0
I SINIO\S [Mo(O)(dithiolene),]2~ + HSO,~
S

—

CN
NC

FIGURE3.16 Structural mimic of sulfite oxidase family and a functional model based on bis-
dithiolene ligation.

(L)Mo"!(0), + X « (L)Mo" (0) +XO (3.12)
(L)Mo"!(0), + (L)Mo" (0) « (L)(0)Mo"-0-Mo"(0)(L) (3.13)

Producing a ligand environment that mirrors sulfite oxidase is challenging for the
synthetic chemist because it requires a single dithiolene ligation. Bis-dithiolene
complexes of molybdenum are easier to access and isolate. Even though dithiolene is
a non-innocent ligand and can exist in fully reduced dianion form, partially reduced
radical anion and fully oxidized neutral form structural data from the enzymes and
synthetic models are consistent with the fully reduced form in molybdenum com-
plexes. Benzene-1,2-dithiolate has been employed successfully to stabilize a struc-
tural mimic of the sulfite oxidase family (Figure 3.16). However, in terms of
functionality, the bis-dithiolene complex [Mo(O),(mnt),]>~ was found to oxidize
bisulfite, following Michaelis—Menten kinetics (Ky; = 102 mol L and ko, =095 1)
(Figure 3.16). This reaction is inhibited by other anions such as S0,>7,H,PO,, and
so on. Although the ligand composition does not match that in the enzyme’s site, the
reaction chemistry parallels that for the enzyme. The observation of saturation
kinetics in bisulfite implies that the intermediate is a sulfite adduct of Mo. The
xanthine oxidase family also presents challenges on two fronts, dithiolene and mixed
oxo sulfido terminal ligands. The latter is particularly difficult because of the high
reactivity of the sulfido ligand. In one structural analogue of the xanthine oxidase
enzyme family, a trispyrazolylborate ligand was used to generate [(L)Mo"(O)(S)
(OPh)].*” However, this compound forms a Mo" dinuclear species bridged by a
disulfide (u-S—S) bond.

The bis-dithiolene complexes of both molybdenum and tungsten have been the
best characterized family structurally as well as their kinetics for OAT reactions,
making the DMSO reductase family the easiest to mimic chemically. However, well-
characterized bis-dithiolene complexes are those featuring MOIV(O) and MOVI(O)Z
moieties (as illustrated in Figure 3.16). Exact structural analogues of the minimal
DMSO reductase active sites, that is desoxo Mo'", have been realized (Figure 3.17).
However, the study of their OAT kinetics has been complicated by the fact that
monooxo Mo"!(0) complexes are unstable and decompose rapidly to monooxo Mo"
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FIGURE 3.17  Structural models of desoxo sites of the DMSO reductase enzyme family and
decomposition of monooxo Mo"" mimics.

(Figure 3.17). Mechanistic studies of OAT to M™Y(O) bis-dithiolene complexes
(where M =Mo or W) from amine N-oxide or sulfoxide substrates show that the
reactions proceed through an adduct intermediate of the oxo donor followed by atom
transfer. The kinetics follow trends in oxygen donors that parallel the enthalpy of the
XO bond strength in the donor as well as the substrate’s ability to act as a Lewis base.
In general, alkyl amine N-oxides are more reactive than PyO, which is more reactive
than organic sulfoxides (Me;NO > PyO > R,S(0)). The entropy of activation values
are large and negative (ASi ~ —15 to —40 cal/(mol K)). These values are consistent
with an associative transition state. In the reverse reaction, organic phosphines
abstract an oxygen atom from M"'(0), with rates that increase with electron—donor
groups on the phosphine, consistent with the oxo acceptor acting as a nucleophile.
Comparison of Mo versus W reactivity has been possible in systems that contain
identical ligands. While the difference in reactivity between the two metals is
dependent on the substrate, phosphines exhibiting the largest rate differences,
tungsten (W) is more reactive with oxygen atom donors and molybdenum (Mo)
more reactive with oxygen acceptors. For [MVI(O)Z(mnt)]z_ (mnt = cis-1,2-dicyano-
1,2-ethylenedithiolene), Mo is 1000 x more reactive than W with (MeO),PhP. In the
reaction of [M'Y(O)(bdt)]*~ (bdt=benzene-1,2-dithiolate) with MesNO, &%/
KMo~ 3.

3.3 CHEMICAL OXYGEN ATOM TRANSFER

3.3.1 High-Valent Corrole and Corrolazine Complexes

While porphyrins serve as models for heme enzyme sites, isolation of high-valent
intermediates has been difficult. Several polypyrrolic macrocyclic ligands that are
analogues of porphyrin have been studied (Figure 3.18). In the context of OAT and
high-valent complexes, the past few years have witnessed substantial advances in
metal corrole and corrolazine complexes.*®** Both macrocycles are ring-contracted
porphyrinoids. This reduction in one core atom makes the fully deprotonated ligands
trianionic, creating stronger 6-donation. The outcome of this increase in charge and
o-donation is the ability of ligands (corrole and corrolazine) to stabilize high
oxidation states of metal ions. However, one-electron oxidation of the corrole ligand
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FIGURE 3.18 A sampling of polypyrrolic macrocyclic ligands.

to make a m-cation radical is typical, making oxidation state assignment difficult.
Corrolazine could be thought of as ring-contracted porphyrazine or aza-substituted
corrole. The effect of the contraction is, as discussed above, an increase in charge and
o-donation. Aza-substitution makes the ligand a stronger 6-donor with a larger cavity
size and increases the oxidation potential to the m-radical cation by lowering the
HOMO (b, in C,, symmetry).

While the chemistry of corroles has been known for decades, their use has been
revived by the recent improvement of their syntheses. Nevertheless, the synthetic
methodology is limited to meso-substituted derivatives, and B-substituted corroles are
still difficult to prepare. In contrast, corrolazines can be prepared by ring contraction
of porphyrazines with PBr3, which gives easy access to B-substituted corrolazines.
However, the removal of the phosphorus atom to generate the free corrolazine ligand
was demonstrated only recently by using Na/NHj; as a reductant. The corrole ligand
with penta-fluorophenyl substituents is worthy of special mention because the
preparation and isolation of several high-valent metal oxo complexes have been
realized (Figure 3.19).°° In the case of manganese(V), OAT to olefins and other
substrates has been demonstrated. The mechanism under catalytic reactions and the
role of Mn"(O) in OAT continue to be a subject of discussion in the literature.>"**° The
Cr''(tpfc) complex reacts with molecular oxygen (O,) to generate Cr” (O)(tpfc). The
latter can transfer an oxygen atom to organic phosphines and norbornene, for
example, enabling catalytic oxidations with 02.52 In addition to OAT, MnV(O)
corrole and corrolazine complexes have been shown to undergo hydrogen atom
transfer reactions with phenolic substrates and allylic C-H bonds (Figure 3.19).>
Interrogation of OAT from Mn"(0)(Cz) complex using a double-isotope labeling
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FIGURE 3.19 High-valent corrole and corrolazine complexes. Oxygen and hydrogen atom
transfer reactions of oxomanganese(V) corrole/corrolazine complexes.

experiment provided evidence for oxo transfer from an oxidant adduct of oxoman-
ganese rather than the oxo ligand itself (Figure 3.20).>* The chemistry of high-valent
corrole and corrolazine complexes has been extended to nitrido and imido systems
(nitrogen analogues of oxo), which are involved in nitrogen atom transfer
reactions.”>°

3.3.2 OAT with the Element Rhenium

Next to molybdenum the most well-studied element for oxygen atom transfer
reactions is rhenium. Oxo complexes of rhenium in the oxidation states of VII and
V are plentiful. Their electronic configuration and structure parallel those of Mo and
W in oxidation states VI and IV. Simple coordination complexes of rhenium(V)
undergo oxygen atom transfer reactions. For example, mer,trans-Re(O)Cl;(PPhj;),
reacts with excess DMSO to generate mer,cis-Re(O)Cl3(MeS)(OPPh;). The latter
catalyzes OAT from sulfoxides to phosphines. Kinetics and mechanistic studies
support atom transfer from a Re" sulfoxide adduct rather than a dioxorhenium(VII).>’
Undoubtedly, the development of organometallic oxorhenium complexes, in parti-
cular methyltrioxorhenium(VII) MTO, has invigorated the use of rhenium in OAT



96 OXYGEN ATOM TRANSFER

R4 R4
N "
R1 \“""“180\ \ R1 180
N [| N
\M/ i Phi=O
N 3 N _—
& 7N
NN OlPh _
R1 X " R1

18

9
0% M

FIGURE 3.20 New mechanism for OAT with manganese oxo corrolazine.

reactions.”®*®® MTO catalyzes a wide variety of oxidation reactions with hydrogen
peroxide through rhenium peroxo intermediates (Figure 3.21). These rhenium mono-
and diperoxo complexes transfer an oxygen atom from the peroxo ligands to
substrates such as alkenes, alkynes, sulfides, amine, imines, and so on. The source

Hs CHj CHg
I H,0, I HO2 O—Ra—0
e — 0= e— 0 s N Re\. /
O~ |1 ~0 1N o’ I o
H,0 O H,0 o)

O PR
PN Ph’Q\
B R,S(O R,S
R,S(0) R,S 2S(0) 2
RSN"“O R3N
RsN—-0O RsN
BrO~or CIO~ = =
BrO™ or CIO~ Br-or CI- B or Gl

FIGURE 3.21 OAT transfer reactions with H,O, catalyzed by MTO.
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FIGURE 3.22 OAT with trioxorhenium complexes such as MTO and CpRe(O);.

of this peroxo atom is hydrogen peroxide, which is regarded a “green” oxidant
because its only by-product is water.

Besides catalytic oxidation reactions with hydrogen peroxide, MTO and other
trioxorhenium(VII) complexes such as CpRe(O); and TpRe(O); undergo OAT
reactions with closed-shell organic molecules.”” ! The trioxorhenium(VII) is re-
duced by organic phosphines to give reactive dioxorhenium(V) species that is capable
of deoxygenating organic sulfoxides, amine N-oxides, PyO, and even epoxides
(Figure 3.22). The reaction with epoxides to generate alkenes is believed to proceed
via a rhenium diolate intermediate.®® The kinetics of many of these reactions has been
studied in detail and linear free energy relationships developed. Oxo transfer to
substrate proceeds via nucleophilic attack of the phosphine substrate onto the
electrophilic oxo ligand of rhenium. The transfer of an oxygen atom from the
substrate to rhenium(V) follows in some instances Michaelis—Menten kinetics and
involves formation of an adduct between the oxo donor substrate and the rhenium
followed by unimolecular oxygen atom transfer. An extensive family of thiolato
complexes of rhenium(V) containing oxo and methyl ligands has been prepared and
investigated in OAT catalytic reactions.®> The related rhenium(V) catalysts were
found to adopt different rate laws, signaling the involvement of different intermedi-
ates and chemical steps/mechanisms.

Besides organometallic trioxorhenium(VII) and dioxorhenium(V), cationic mono-
oxorhenium(V) coordination complexes containing oxazoline and salen ancillary
ligands have been prepared and studied in the context of oxygen atom transfer
reactions (Figure 3.23).%* Upon reaction of monooxorhenium(V) with oxygen donor
substrates such as PyO and organic sulfoxides, a cationic cis-dioxorhenium(VII) is
generated. This complex was found to be reactive enough to transfer an oxygen atom
to organic phosphines and sulfides. It is worth noting that these coordination
complexes are comparable to synthetic models of sulfite oxidase based on molybde-
num (Section 3.2.5). However, the reaction kinetics observed with rhenium surpasses
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FIGURE 3.23 Cationic monooxorhenium(V) oxazoline and salen complexes. Mechanism
of OAT for monooxorhenium(V) and dioxorhenium(VII) couple.

the observed rates for molybdenum complexes by 10°-10* times. The reaction
kinetics of dioxorhenium(VII) with oxo acceptor substrates is highly dependent on
the electronic effect of substituents. The use of several para-substituted thioanisole
(p-X-PhSMe) substrates displayed a Hammett LFER (linear free energy relationship)
with a reaction constant p ~ —4. Activation parameters were also consistent with an
associative transition state. Oxo imido analogues of dioxorhenium(VII) salen have
been synthesized by the action of organic azides (RN3) on monooxorhenium(V)
(Figure 3.24).%° These compounds were found to undergo oxygen atom transfer with
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FIGURE 3.24 Oxo imido rhenium(VII) complexes and their mechanism of OAT.
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substrates such as organic phosphines and sulfides and retain the metal imido ligand.
Variation of the electronics of the arylimido ligand had a significant effect on the
second-order rate constant of OAT. Electron-withdrawing groups (EWG) on the
arylimido ligand were most effective. While inductive effects in metal ligands often
translate into subtle perturbation in the rate, substituents on the arylimido ligand of
these rhenium(VII) complexes spanned more than three orders of magnitude in OAT
reactivity. These findings demonstrate the extent and strength of coupling between the
multiply bonded imido ligand and the oxo atom being transferred in the transition
state. Furthermore, the kinetics of oxo transfer followed Michaelis—Menten kinetics
with substrate-dependent saturation values in support of a previously suggested
mechanism in which the reductant forms a prior equilibrium adduct with the rhenium
0xo complex (ReVH:O «—Y) (Figure 3.24).

The effect of charge on the rate of oxygen atom transfer has been investigated for
two identical monooxorhenium(V) complexes that differed only by one single
chalrge.66 The cationic monooxorhenium(V) complex [(HCpz3)ReOCl,]  (HCpz;=
tris(pyrazolyl)methane) was compared with the neutral complex [(HBpz3;)Re(O)Cl,]
(HBpz; = tris(pyrazolyl)borate) (Figure 3.25). The reaction of each with PPh; to give
the corresponding Re''(OPPhs) complexes was studied. The cationic complex was
reduced by PPh; 1000 times faster than its neutral analogue. This finding is consistent
with the oxo ligand being more electrophilic in the charged complex, which is
expected. However, the magnitude of the effect, three orders of magnitude, is quite
remarkable.

3.3.3 Perchlorate Reduction by OAT and the Environment

The perchlorate ion C1O, " is a recognized contaminant in groundwater as well as soil
with more than a hundred contamination sites in 35 states.®” Perchlorate toxicity
arises from its interference with thyroid function. ClO,~ is unique among the
inorganic oxyanions in that it is weakly coordinating and when used as a counteranion
with metal complexes, the salts yield high-quality single crystals. Nevertheless, the

PPh, 0/+

m 0/+ u % O

o IQI ¥ ...Cl
NC-RI;,( Il .ClI PPh; -—-wf"'Re""‘
A=-Rel - ’é\f:”"\ ~cl
e o
O y

E=BorC

FIGURE 3.25 Effect of charge on the rate of OAT. When E = C, charge = + 1, rate of above
reaction is 10° that of E=B and charge =0.
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most fascinating aspect of perchlorate chemistry is its dual character. It is a strong
oxidant in acidic aqueous solution, E°= 4123V for ClO,~ +2H" + 2¢~ —
ClO;~ + H,O0, but its reactions in solution are sluggish. This kinetic inertness is
attributed to the anion’s weak nucleophilicity and basicity. Furthermore, the chlorine
(VII) oxidizing center is shielded by four oxygens. The outcome of all these properties
is the fact that perchlorate does not react with highly reducing metal ions such as
Cr(aq)2 *+ .8 Even the labile ion Ti(aq)3 * reduces perchlorate very slowly.®” It has been
argued that reactivity is dependent on transition metal complexes that form stable
M=O0 bonds and have a favorable reaction coordinate to abstracting oxygen atoms
from perchlorate.70 It is interesting to note that a molybdenum-dependent enzyme is
known to reduce perchlorate (Section 3.2.3). Therefore, the kinetic inertness of
perchlorate should, in principle, be overcome by chemical catalysis.
Methylrhenium dioxide (MDO) when generated in acidic aqueous solution was
found to react readily with the perchlorate ion to give chloride as the final product.”
The rate-determining step is the reduction to chlorate (k =7 L/(mol s) at pH =0 and
T =25°C). The subsequent oxygen atom transfer from the chlorate ion, C105 ™, is four
orders of magnitude faster (k=4 x 10* L/(mol s) under the same conditions (pH=0
and 7= 25°C). The reaction kinetics showed saturation in the oxyanion concentration
[CIO,,]. This finding is consistent with adduct formation prior to atom transfer
(Figure 3.26). MDO is generated in aqueous solution by the reduction of MTO with
hypophosphorus acid (H;PO,). Hence, the reaction is catalytic and H3PO, serves as
the oxygen sink. However, under catalytic conditions the rate-determining step
becomes the generation of MDO with a second-order rate constant of 0.03 L/(mol s)
at pH=0 and 25°C.”" The second limitation of this catalytic system is the need to
maintain low pH because MDO is presumably coordinated by one or more aqua
ligands and at higher pH it forms a polymeric methylrhenium oxide that falls out of

CH,
|
H3PO; 2% clos
o)
MDO
s ©
CH O/;RE:O
H3P02 | 3 \C|03
OéR\e\::
MTO _ 3MDO
CIO5™ —=—=—= Cl

FIGURE 3.26 Perchlorate reduction by MDO.
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solution. This polymer consists of bridging [1-oxo and hydroxo ligands. In addition to
perchlorate, MDO reduces perbromate (BrO, ) to Br~ (k=3 x 10° L/(mol s) at
pH =0and 7T=25°C). It is worth noting that the reaction with BrO, " is five orders of
magnitude faster than that with perhclorate. Recently, a heterogeneous version of the
MTO catalytic system on Pd/C has been shown to effect perchlorate reduction to
chloride with dihydrogen (H,) as the stoichiometric reductant (Equation 3. 14).72 This
is truly practical for environmental remediation because the by-product is only water
and catalyst recovery (being heterogeneous) should be straightforward. Furthermore,
rhenium oxides, Re,O; and ReO,, can be used. The heterogeneous catalysts,
however, still exhibit high sensitivity to pH and the reaction requires acidic conditions
(pH < 3). Palladium is required for H, activation. Hydride spillover from the Pd
surface to rhenium oxide has been postulated for the mechanism of action with
perchlorate reduction rate-determining step.

cl0; +4H, E - 4 4m,0 (3.14)

Cationic oxorhenium(V) oxazoline (Figure 3.23) was found to be especially
reactive toward perchlorate in acetonitrile:water media.”> The reaction is not pH
dependent and proceeds smoothly at neutral pH. The perchlorate ion, Cl04 ", was
reduced all the way to the chloride ion, C1™. The reaction of oxorhenium(V) with
perchlorate followed Michaelis—Menten showing saturation in [C1O,,” ]. The apparent
second-order rate constant for ClO, is ca. 0.5L/(mols). The resulting cationic
dioxorhenium(VII) species is more reactive toward OAT than MTO and can be turned
over with organic sulfides quite readily (Figure 3.27). Therefore, under catalytic

<1
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FIGURE 3.27 Mechanism and rate constants for perchlorate and chlorate reduction by
oxorhenium(V) oxazoline.
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conditions the rate-determining step for the oxazoline system is perchlorate reduction
atasecond-orderrate constantof ca. 0.5 L/(mol s) under ambient conditions and neutral
pH. The subsequent reduction of chlorate (ClO;7) is fast and the kinetics shows
saturationin [C1O5 ] giving a first-order rate constant of 0.13 s~ ! (half-life of ~5 s!). It
should be noted that the first-order rate constants measured for C1O,~ and ClO5;™ at
substrate saturation are comparable, and this rate constant corresponds to the OAT step
following anion coordination to rhenium(V) (Figure 3.27).”* Hence, chlorate is a
superior oxidant in this instant not because it undergoes faster OAT but because it is a
better ligand than perchlorate (see K values in Figure 3.27). The oxazoline catalyst
shows product inhibition at high chloride concentrations, which is not surprising. This
inhibition can be circumvented by removal of the chloride product by precipitation with
Ag(I).Nevertheless, evenathigh perchlorate concentrations (0.10 M), which translates
to significant product inhibition as C1~ builds up, the oxorhenium(V) oxazoline system
gives a turnover number in excess of 10 h ™', Another advantage of this catalyst is that it
shows very little or no decomposition even after hundreds of turnovers.

3.3.4 OAT Reactions with Aqua Metal Ions

Transition metal complexes in intermediary oxidation states with activated oxygen
ligands have been studied extensively in aqueous solution.”” These include Cr'™'Y,
Co™, and Rh™. In the reduced state M (where M =Cr, Co, or Rh), the metal
ions react with oxygen to give bound superoxide complexes (M"-00). Reduction of
the superoxide followed by proton transfer affords the hydroperoxo (M"™-OOH). In
the case of Cr, further electron and proton transfer yields the chromyl ion (Cr'Y=0).
The ligands for Co and Rh are cyclam macrocycles with H,O, OH™, CI™, or SCN ™ as
the axial sixth ligand, for Cr aqua ligands, and tetrammonia aqua for Rh (Figure 3.28).

The hydroperoxide complexes react with the halide ions I and Br™ to give the
OAT products HOI and HOBr in a kinetic step that is first order in [H;0 "], (MM
OOH], and [halide]. The HOBr reacts with M"™.OOH further to give dioxygen and
Br™. This reaction resembles H,O, disproportionation with HOBr and catalytic
disproportionation of H,O, by haloperoxidases (Section 3.2.2). Iodide is more
reactive than bromide and the rate constants vary over two orders of magnitude
depending on the metal and the ligand. For example, k; (in M s~ ") for oxidation of
I is as follows for different complexes: (H20)5Cr(OOH)2Jr =990, (cyclam)(H,0)
Co(OOH)** =100, (cyclam)(H,0)Rh(OOH)** =540, and (NHj),(H,0)Rh-
(OOH)2 + =8800. In all instances, however, the metal hydroperoxide is much more
reactive than H,O,, ky(H,O,) =0.17 M~ 2s~!. Unlike hydrogen peroxide, the metal
hydroperoxides do not show acid-independent reactivity. Two mechanisms have been
put forth for the OAT to the halide ion (Figure 3.29). Transfer of the remote oxygen
seems to be favored for nonlabile metals because protonation of the hydroperoxo in
complexes such as (cyclam)(HzO)Rh(H202)3 * and (CN)sCo(H,0,)*>~ does not
result in rapid dissociation of H,0,. Furthermore, bulky substrates such as PPhj
probably favor nucleophilic attack on the remote oxygen.

Interestingly, the chromyl ion oxidizes bromide via an acid-dependent pathway
and all the kinetic data are consistent with a one-electron mechanism. However, there
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FIGURE 3.28 Metal oxygen complexes in intermediary oxidation state and their superoxo,
peroxo, and oxo complexes in aqueous solution.

is no spectroscopic evidence for the existence of a protonated chromyl ion (Cr'-
OH?* "). The reaction of chromyl with I™ is too fast to measure even by stopped-flow
spectrophotometry. The chromyl ion is stable under most conditions for ca. 1 min. It
decomposes through an exceptional disproportionation reaction to give Cr(aq)3 * and
HCrO, . The kinetics of this reaction is second order in chromyl and shows a
significant solvent kinetic isotope effect. The rate in water is seven times that in D,0.
It is also impossible to envision how Cr'V=0 would afford HCrO, " in one step.
Therefore, multiple steps are likely involved and the rate-determining step must
include O-H/D bond breaking from a solvent molecule. An intermediate with a
hydroxo bridge has been suggested to give Cr’ * and (OH)Cr'=0?". The latter
disproportionates further to Cr(IV) and Cr(VI).

M \O/ versus M/ ‘\oz

FIGURE 3.29 OAT from metal hydroperoxo to halide ion (I"). M =Rh, Co, or Cr.
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3.3.5 Intermetallic OAT: The Fast and the Slow

Even though oxygen atom transfer from metal complexes to organic substrates and
main group species has been extensively studied, studies of intermetallic OAT have
been infrequent. Inner-sphere electron transfer reactions that involve atom transfer
(one-electron processes) date back to the classical Taube reactions between Co™-Cl
and Cr® . Kinetic investigations of analogous complete two-electron oxygen transfer
reactions, however, have been seldom. In part many OAT reactions between metal
centers proceed incompletely to give [-oxo dinuclear species as in the case of
porphyrin ferryl and oxomolybdenum complexes (Equations 3.13 and 3.15). Com-
plete oxygen/chlorine atoms exchange in chromium and titanium porphyrin com-
plexes has been examined (Equation 3.16).”® However, in these systems the net redox
process is one-electron transfer. Nevertheless, the reactions are presumed to involve
intermediacy of an oxygen-bridged [1-oxo complexes rather than a chloride bridge.
The kinetics showed inhibition by Cl™ ion in support of dissociation of the chloride
prior to OAT. The rates span three orders of magnitude with second-order rate
constants of 0.14 and 240L/(mols) for Cr and Ti, respectively. The reactions in
Equation 3.16 involve different porphyrins but the equilibrium constants are close
enough to unity and thus the measured kinetics is essentially for degenerate atom
transfer and not complicated by driving force.

(por)Fe'Y (0) + (por)Fe" — (por)Fe-O-Fe™" (por) (3.15)

(por)M = O + (por’ )M-CI + (por)M-Cl + (por' )M = O

] (3.16)
M =TiorCr

Complete intermetallic oxygen atom transfer has been documented between dioxo
Mo(VI) and Mo(Il), as well as a degenerate example between dioxo Mo(VI) and
monooxo Mo(IV) (Equations 3.17 and 3.18).77’78 In the latter case, the p-oxo
dinuclear Mo(V) intermediate has been observed. The rate constant is faster than
that observed for the porphyrin systems, k= 1470L/(mols). A comprehensive
examination of complete OAT between Mo"!(0), and Mo"Y (0) containing sterically
demanding thiolato ligands has been reported.”” These reactions were spontaneous
and they allowed the development of a relative thermodynamic scale for OAT. Also,
complete oxygen atom transfer reactions from Mo and Re oxo complexes to W have
been documented.’® In general, the thermodynamic trend in favor of OAT is as

follows: Re — Mo, Re — W, and Mo — W.

(Ry;NCS,)Mo"!(0), + (R;NCS,)Mo™(CO), — 2(R,NCS;)Mol" (0) 4-2CO
(3.17)

(EzNCS,)MoY!(0), +(Et;NCS;)Mo'™Y (0) += [MoY-0-Mo" ] « (Et;NCS,)Mo“'(0),
+ (Et,NCS,)Mo" (0) (3.18)
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FIGURE 3.30 Slow, intermediate, and fast intermetal oxygen atom transfer of the elements Ir
and Os.

An intriguing degenerate OAT reactions between (Mes);Ir¥=0 and (Mes);Ir'™, on

the one hand, and (ArN);0s"™=0 and (ArN);0s"", on the other hand (Figure 3.30),
have been investigated in detail recently.®® The rate constant for complete inter-
metallic OAT for Ir is 12 orders of magnitude faster than that observed for Os. Both
metal oxo display identical reactivity toward PPh; and the metal oxo strengths are
quite comparable. Furthermore, as would be predicted by the Marcus cross relation-
ship for outer-sphere electron transfer, the Ir-Os cross exchange takes place at an
intermediate rate (Figure 3.30). This sharp contrast in OAT rates has been attributed to
geometrical demands in the reorganization required to proceed through the p-oxo
intermediates. In the case of Ir, both 4+ 3 and + 5 complexes are pyramidal and can
form a pyramidal Ir + 4 with little energetic penalty. However, the trisimido Os(VI) is
planar and its pyramidalization would require occupancy of an antibonding orbital.
This is an elegant example of how subtle changes in metal and geometry would
impose a dramatic rate penalty on the order of 10'2.

3.4 CONCLUSION

Since we live on an aerobic planet, the chemistry of oxygen takes center stage in all
aspects of life. Living organisms use oxygen for respiration and for metabolizing
drugs. The use of oxygen, however, comes at a price, namely, oxidative damage.
Hence, antioxidant chemistry is also important. Finally, our industrial development in
the past 100 years has relied heavily on the utilization of feedstock from petroleum
that necessitated the use of oxidation chemistry for making functionalized chemicals.
All of these fields rely on OAT reactions, albeit for different reasons. In many of these
chemical and biochemical transformations, the transfer of an oxygen atom is
mediated by a transition metal. We have detailed in this chapter some examples of
transition metal coordination complexes that are involved in oxygenations of C-H
bonds, carbon—carbon double bonds, halides, and closed-shell organic and inorganic
molecules. The ligands vary quite a bit from being porphyrin/heme to O, N, or sulfur-
based monodentate as well as multidentate. The metals are also quite versatile
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spanning all three rows of the transition element series. The kinetics and mechanisms
are very rich and in some instances the observed rates can be rationalized on
thermodynamic basis and in other instances effects other than thermodynamics are
at play. Much of the OAT chemistry has been dominated by oxygenation, that is,
addition of an oxygen atom to make new and interesting molecules. As the demand for
renewable feedstock mandates that we move away from using fossil fuels, we will
move toward the development of efficient chemistries for the utilization of biomass.
This will require advancement of OAT reactions in the reverse direction, that is,
deoxygenation of lignocellulosic biomass.
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4 Mechanisms of Oxygen Binding
and Activation at Transition
Metal Centers

ELENA V. RYBAK-AKIMOVA

4.1 INTRODUCTION

Understanding the mechanisms of dioxygen activation at transition metal centers is
important for unraveling the mechanisms of metal-containing oxidases and oxyge-
nases, synthesizing new selective oxidation catalysts and new drugs analogous to
bleomycin, and suppressing free radical pathways of oxidative damage in biological
systems. Additional interest to dioxygen chemistry arises from the need to design
efficient oxygen electrodes for fuel cells. The problem of producing hydrogen from
water is also related to oxygen chemistry: electrocatalytic or photocatalytic water
splitting couples hydrogen production to water oxidation, a process that makes
dioxygen from water.

Molecular oxygen is an ideal reagent for chemical oxidations, because it is readily
available (air contains about 20% of oxygen) and environmentally clean (the only by-
product of oxidations with O, is water). Oxygenis used in nature in a variety of selective
chemical reactions occurring every moment in every aerobic organism, including
humans. Chemists are, however, far less sophisticated than nature in their ability to use
oxygen for the synthesis of complicated molecules. It is easy to activate oxygen under
harsh conditions, when it quickly and completely reacts with almost any organic
compound, producing carbon dioxide. This process, which is very useful in producing
energy via burning fuels, is not applicable to selective syntheses of desired organic
products. Selective oxygen activation under mild conditions is a difficult problem.

Not surprisingly, catalysts for oxygen and peroxide activation are under active
development, and one of the recently published texts on modern oxidation methods
devotes a section in every chapter to environment-friendly oxidations with oxygen
and hydrogen peroxide." Despite numerous successes, problems remain. Many
oxygen-activating processes generate free radicals, thus giving rise to nonselective
oxidations. The majority of selective catalysts for aerobic oxidations, even those
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developed recently,” are based on platinum metals. Developing cheap, nontoxic
catalysts for aerobic oxidations remains an important goal. Mimicking oxygen-
activating metalloenzymes, which most commonly utilize iron or copper at the active
sites, is a popular and promising approach.

In biology, reactions of dioxygen are catalyzed by two classes of metalloenzymes:
oxidases and oxygenases. The oxidase chemistry transfers electrons and protons from
substrates to O, molecule, incorporating both oxygen atoms in water molecules.
In contrast, oxygenases incorporate one or two oxygen atoms from O, into organic
products, catalyzing atom transfer rather than electron transfer processes. Much-
celebrated discovery of oxygenases by Hayaishi in 1955, along with concurrent
work by Mason, is often viewed as the origin of the field of biochemical oxygen
activation.” Development of modern aerobic oxidations is not limited to narrowly
defined, oxygenase-like oxygen activation processes, rather it makes profitable use of
oxidase-like reactions.’

From the thermodynamic standpoint, reactions with dioxygen are usually favor-
able. However, the majority of these reactions are slow. Therefore, oxygen activation
is primarily a kinetic problem. In contrast to some other small molecules,
most notably N, kinetic inertness of dioxygen cannot be attributed to a strong
element—element bond in the diatomic molecule. While the triple N=N bond is the
second strongest known chemical bond (bond dissociation energy for N, is 941 kJ/
mol), the double O=0 bond is relatively weak (bond dissociation energy for O, is
495 kJ/mol). The major reason for kinetic inertness of dioxygen in its reactions with
typical organic molecules is the mismatch in the spin state of reactants. The O,
molecule has two unpaired electrons in its ground state. Concerted reactions between
triplet O, and singlet organic molecules are spin-forbidden and, therefore, slow.* This
limitation is lifted in reactions between triplet O, and paramagnetic species such as
organic radicals or transition metal ions or complexes. Organic radicals are generally
unstable, and they tend to initiate radical chain reactions that do not selectively
produce a sole well-defined product. In contrast, transition metal compounds can be
indefinitely stable and can react via a variety of nonradical pathways that would
selectively generate target products. Not surprisingly, oxygen activation with tran-
sition metals received most attention, and it shows great promise from the standpoint
of developing practical, environmentally clean oxidations.

The literature on oxygen activation is extensive, including books,”™ chapters,
journal special issues,''™'? review articles,'*'® and numerous primary publications;
only a handful of representative references are cited above. A comprehensive review
of this active area of research is nearly impossible, and definitely beyond the scope of
this work. In this chapter, we will focus on mechanistic aspects of oxygen activation at
transition metal centers. General principles that govern kinetics and mechanisms of
dioxygen coordination to transition metal complexes will be briefly considered and
illustrated by selected examples (preference is given to biomimetic systems). Reac-
tions of metal-oxygen intermediates are briefly introduced in this chapter, providing
the link between oxygen binding and oxygen activation. Oxygen transfer processes
are treated in detail in Chapter 3; hydrogen atom abstraction and proton-coupled
electron transfer are considered in Chapter 2.

2,10
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An alternative approach to matching the spin states of dioxygen and its targets,
generating an excited-state singlet oxygen, 'O,, has its merits in both chemistry and
biology, but will not be discussed here. Finally, an allotrope of oxygen, ozone (O3), is
significantly more reactive than O,. Ozone can be generated from O, in electric
discharge. Although chemistry of ozone is very interesting in its own right, it will not
be treated in detail; selected reactions with ozone that generate metal-oxo inter-
mediates will be mentioned wherever appropriate.

4.2 REDOX PROPERTIES OF DIOXYGEN AND ITS REACTIONS
WITH TRANSITION METAL COMPLEXES

Reactions of dioxygen molecule with transition metal compounds always involve
redistribution of electron density that leads to partial or complete dioxygen reduction.
Usually, dioxygen reduction is accompanied or followed by coordination to the metal
center. Electron transfer from the reducing agent (e.g., a metal complex) to the O,
molecule is favorable for thermodynamically downhill reactions. Thermodynamics
of the stepwise reduction of free dioxygen, which is briefly considered in Sec-
tion 4.2.1, sets the limits of the range of metal complexes that can activate O,. While
these thermodynamic limits cannot be violated for outer-sphere reactions, coordi-
nation of O, or partially reduced O, to the metal centers shifts the redox potentials,
increasing the driving force for dioxygen activation. Typical chemical structures of
metal-oxygen complexes will be summarized next. Finally, reversible O, binding
to natural dioxygen carriers will be introduced. These topics serve as an introduction
to a more detailed treatment of the mechanisms and kinetics of dioxygen reactions
with mononuclear metal complexes (Section 4.3) and di- or polynuclear metal
complexes (Section 4.4).

4.2.1 Thermodynamics of Stepwise Dioxygen Reduction

Complete reduction of dioxygen requires four electrons and four protons:
0, +4H" +4e —2H,0 4.1

The redox potential for this four-electron oxygen reduction (1atm O;) in 1M
acid in water is + 1.229V (versus NHE). Of course, the redox potential of a
proton-sensitive process, such as Equation 4.1, depends on the concentration
of H* (Figure 4.1): it drops to +0.815 at pH 7, and decreases further to +0.401
at pH 14.°

The electrochemical potential of dioxygen reduction also depends on the nature of
solvent. For example, in 1 M acid in acetonitrile, the redox potential of 4 1.79 V was
reported (Figure 4.2).° Different solvation of reactants and products in water versus
CH;CN, different pK,’s of acids involved, and different oxygen solubilities all
contribute to changes of redox activity of dioxygen in different solvents. It is
important to take this solvent-dependent behavior into account, since nearly all
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+1.66 versus NHE
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FIGURE4.1 Redox potentials for stepwise O, reduction in water (Latimer diagrams for O, at
different pH).

studies of oxygen activation with metalloenzymes were performed in water, while the
majority of studies with synthetic coordination compounds were carried out in
nonaqueous solvents (and acetonitrile appears to be one of the most popular solvents
for these model studies). Dioxygen solubility in organic solvents is several times
higher than its rather low solubility in water (1.234 M at 25°C and 1 atm of O,); the
data for common solvents have been tabulated.'’

Harnessing full thermodynamic potential of a four-electron oxygen reduction is
highly desirable for energy conversion, but managing four electrons and four protons
atatime is challenging. Stepwise reduction of dioxygen is much easier and it occurs in
the majority of both natural and synthetic oxygen-activating systems. Thermody-
namics of stepwise dioxygen reduction is summarized in Figures 4.1 and 4.2.
Consecutive one-electron reduction of O, generates superoxide (O, /HO,), peroxide
(0227/HO[/HzOz), and hydroxyl radicals (HO ). Notably, redox potentials depend
strongly on pH (in aqueous medium) or effective acidity (in organic solvents).
Reduction of O, places electrons on the antibonding, n* orbitals, thus weakening
the O, w-bond in superoxide (which has a formal O—O bond order of 1.5) and breaking
this t-bond in peroxide (where two oxygen atoms are connected by one 6-bond, with a
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+2.17 versus NHE
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FIGURE 4.2 Redox potentials for stepwise O, reduction in acetonitrile (Latimer diagrams
for O, in CH;CN at different acidities).?

formal bond order of 1). Further reduction of peroxide breaks the remaining O-O
bond and separates two oxygen atoms. Addition of the first electron to O, is
thermodynamically less favorable, while subsequent reduction steps are all down-
hill.*> This trend in sequential redox potentials highlights major challenges in
dioxygen activation: initially, it is difficult to add an electron to O,, but once the
reduction starts, it is difficult to control the reactivity channels and to stop reactions at
acertain oxidation level of oxygen. Ideal oxygen-activating metallocomplexes should
be able to accomplish both goals: facilitate the initial steps of dioxygen reduction and
allow exquisite control of substrate oxidation pathways by selectively channeling the
reactions toward desired metal-oxygen intermediates.

The well-known chemical properties of noncoordinated superoxides, peroxides,
and hydroxyl radicals should be taken into account when interpreting mechanisms of
metal-based oxygen activation. All these species contain oxygen in intermediate
oxidation states. Superoxide is a very poor oxidant, but a reasonable reductant; in
simple reactions of inorganic superoxides, reduction chemistry is much more
important than oxidation chemistry. Hydrogen peroxide and other peroxides can
undergo either an oxidation into O, (thus acting as reducing agents), or a reduction
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into O*~, HO™, or H,O (thus acting as oxidizing agents). Both superoxide and
hydrogen peroxide easily undergo disproportionation (Figures 4.1 and 4.2).

Both hydrogen peroxide and hydrosuperoxide, HO,', are weak acids'®'®: for
H,0,, pK,; =11.65 and for HO,", pK,=4.88. Consequently, superoxide radical
anion, O, ", acts as a strong Brgnsted base; similarly, peroxide or hydroperoxo anions
abstract protons in water, forming H,O,. Superoxide anion is a weak nucleophile,
while peroxide is more nucleophilic than OH™. One-electron reduction of O, is
favored in the presence of proton sources; in fact, hydrogen atom abstraction would be
more favorable than an electron transfer at the first step of oxygen reduction.*>
Notably, hydrogen atom abstraction is also a preferential reactivity mode of hydroxyl
radicals, HO®, which are strong, nondiscriminatory oxidants. This radical chemistry
has to be avoided in biological systems, where it results in oxidative stress, and in
designing selective oxidation reagents and catalysts for synthetic applications.

4.2.2 Reactions of Transition Metal Compounds with Dioxygen
and Structures of Metal-Oxygen Complexes

Typical reactions of dioxygen with metal ions or complexes can be classified on the
basis of the number of electrons transferred. The examples below show changes in
the formal oxidation states of dioxygen and the metal center(s). Of course, protonation
of metal-oxygen complexes often occurs; for the sake of simplicity, proton transfer
events are ignored in the chemical equations shown below.

One-electron O, reduction affords superoxide. Mononuclear or polynuclear metal
complexes can act as one-electron reducing agents; the formal oxidation state of one
metal center is increased by 1 in the product.

Mt +0, = M"T1(0,) (4.2)

One-electron dioxygen reduction may also occur via an outer-sphere electron
transfer, affording a noncoordinated superoxide and a one-electron oxidized metal
complex. Essentially, all low-valent 3d transition metal ions and numerous 4d and 5d
metal ions can react as one-electron reducing agents.

Two-electron O, reduction can occur at one metal center (which changes the
oxidation state by 2) or at two metal centers (with each metal changing its oxidation
state by 1):

Mt 40, = M"T2(0,1) (4.3)

or
IM" +0, — (M"T1),(0,7) (4.4)
Typical examples of the two-electron reducing agents that react via Equation 4.3

include (but are not limited to) Pd° — Pd>*; Fe’* — Fe'V; Ru’>* — Ru", and
SO on.
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Most transition metal ions can react via pathways described by Equation 4.4; a few
biologically relevant examples include Fe""Fe" — Fe'"Fe'! or Cu'Cu' — Cu"'Cu"
oxidations. Two low-oxidation state metal ions can be a part of a dinuclear
complex. Alternatively, a mononuclear complex may undergo oxidation, forming
dinuclear complexes in the oxidized form. Two metal ions in Equation 4.4 can be
different; in this case, exemplified by Cu'Fe" systems, heterodinuclear oxidation
products form.

Four-electron O reduction rarely occurs at a single metal center, because a jump
in four oxidation levels of the metal is required. The most notable exception is
ruthenium, where arange of accessible oxidation states (from + 2 to + 8) makes four-
electron oxidations (e.g., Ru"" — Ru“") possible. Several scenarios involving two,
three, or four metal centers can be envisioned: two metal ions increasing their
oxidation states by 2; one metal ion undergoing a two-electron oxidation and two
metal ions undergoing concomitant one-electron oxidations; and each of the four
metal ions increasing their oxidation state by 1.

In most cases, partially reduced dioxygen molecule remains coordinated to the
metal center(s). Typical coordination modes of superoxide and (hydro)peroxide, as
well as representative structures of metal-oxo complexes, are shown in Figure 4.3.

Superoxo complexes

—e -0 —e
0 \ 9
? 0 7 o
N L AN
M 0—0 M\ /M M M
n! n? u-(02)m'(0,*)  w-n'm'(0,™°)

Peroxo and hydroperoxo complexes

M M
/N | MM o
o0—0O0 OOH \0_0/ M\O/ M

n*(0,)  n'(OOH") cis-u-n'm(0*) trans-u-n'm'(0?)

0,
o) 0 AN
m | m d IVl\o—o/ oW
\o/ O0O—M M/ \M OOH
1...2( 2~
unZn3(0%)  Hmi(07) wy—(0%) u—(0%)-n'(O0H")

High-valent metal-oxo intermediates

0. (o)

/N
Moo e M w
o M M I o’
0 bis-u-oxo;

diamond core

FIGURE 4.3 Typical oxygen coordination modes in metal-oxygen complexes.
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It is not always easy to unambiguously assign a particular dioxygen adduct as a
superoxo or a peroxo complex. Equations 4.2 and 4.3 describe limiting scenarios of
electron density distribution in the metal-oxygen complexes of the same stoichiom-
etry; in reality, a continuum of states between M” ™! (0,™%) and M" "%(0,%>7) is
possible, and a specific electronic structure of a given complex depends on the nature
of the metal and on the particular types of ligands in the complex. Experimentally,
spectroscopic and structural data are necessary to classify a given dioxygen adduct as
a superoxo or a peroxo complex on the basis of the O—O bond order (judged by O-O
vibrational frequencies and O-O bond lengths) and the formal oxidation state of the
metal ion. A more precise description of the electronic structure of these dioxygen
adducts can be obtained by quantum chemistry calculations, which often show
“intermediate” electron density distribution between the metal center and the
dioxygen-derived ligand.

Dioxygen can coordinate side-on (n') or end-on (n?); when more than one
metal ion is present, various bridging coordination geometries (J1-) are possible
(Figure 4.3)."® For example, u-n': n' structure contains an O, ligand that coordinates
end-on to each of the two metal ions and bridges between them; cis- or trans-geometry
of the bridge are possible. Similarly, u- n* n? structure means that a bridging O,
ligand coordinates side-on to each of the metal centers, while p-n': n? structure is
nonsymmetric and contains a bridging O, ligand that binds end-on to one of the metal
ions and side-on to another metal ion in the dinuclear complex. For high-valent metal-
oxo complexes, terminal or bridging coordination modes for oxo ligands are
commonly found; they can also coexist in one complex. Of course, metal-oxo
moieties can be protonated, giving metal-hydroxo complexes. Bis-l-oxo dinuclear
complexes are often referred to as “diamond cores.”

4.2.3 Reversible Oxygen Binding to Biological Oxygen Carriers

Dioxygen coordination to the metal center(s) is the first step in inner-sphere oxygen
activation processes. In most practically important oxygen activation reactions, this
coordinated O, molecule undergoes further transformations (hence the term
“activation”— initial O, binding induces subsequent oxidation of substrates with
“activated” oxygen). Unraveling the mechanisms of multistep oxidations with
dioxygen is necessary for complete understanding of oxygen activation. Extracting
quantitative kinetic data for each individual reaction step in these complicated
processes, however, is fairly challenging, and sometimes impossible. Fortunately,
in many cases, simpler chemical systems can be designed or discovered, giving
chemists a chance to study individual reaction steps in detail. An excellent example is
provided by reversible oxygen carriers and their models, where dioxygen binding and
dissociation is not complicated by any subsequent reactions and can be studied and
characterized in detail:

Kon kon
P—‘rOz\iP(Oz), Keq:

4.
Kofr Ko ( 5)
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FIGURE 4.4 Active sites of natural dioxygen carriers.

Inbiology, three classes of metalloproteins thatreversibly bind and release dioxygen
are known: heme proteins (hemoglobin and myoglobin are the best examples),
nonheme diiron proteins termed hemerythrins, and dicopper proteins, hemocya-
nins.?>*' The active sites of these classes of oxygen carriers are drastically different,
leading to different O, binding modes in their dioxygen adducts (Figure 4.4).

In hemoglobin (a tetrameric oxygen transport protein), myoglobin (a monomeric
oxygen storage protein), and related proteins, a single iron(Il) is surrounded, in the
equatorial plane, by four nitrogen donor atoms from the porphyrin ring, and the fifth,
axial nitrogen donor from proximal histidine (F8His, the eighth residue in the helix F
of the protein). The incoming dioxygen molecule binds at the vacant sixth coordi-
nation site in the distal pocket. This coordination causes the spin state change of iron,
from the high-spin state in the five-coordinate deoxy form to the low-spin state in
the six-coordinate oxy form. While high-spin Fe(Il) is displaced by about 0.6 A from
the porphyrin plane, a smaller low-spin iron ion fits inside the macrocyclic ring and
moves into the porphyrin plane. Concomitant motion of coordinated proximal
histidine initiates conformational changes in the hemoglobin subunits that are
transmitted through their contact area, accounting for cooperativity of dioxygen
binding to tetrameric hemoglobins. Dioxygen molecule binds in the bent end-on
coordination mode to iron(I) heme in monomeric myoglobin or in hemoglobin
subunits, with an Fe— O-O angle of about 125°. Numerous spectroscopic and
computational studies showed that electron density distribution in this adduct can
be best described as Fe'™(0, ). Detailed studies on myoglobin and hemoglobin
variants and mutants uncovered the role of various amino acids in dioxygen affinity of
heme proteins. Dioxygen adducts of myoglobin and hemoglobin are stabilized by
favorable electrostatic interactions inside the distal pocket, and especially by
hydrogen bonding to the distal (noncoordinated) histidine, E7His (the seventh
residue in the E helix of the protein). Dioxygen affinity drastically decreases in the
presence of excessively bulky groups in the distal pocket: steric constraints prevent
efficient O, binding. The opposite effect was also observed in high-affinity hemo-
globins, such as LegHb (a protein from the root modules of legumes), which has a
large K(O,)=1.4 x 10’M™" due to an easy access of O, to the iron center.
Interestingly, steric effects influence primarily dioxygen binding rates, k,,. In
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TABLE 4.1 Kinetic Parameters of Oxygen Binding to Noncooperative
Hemerythrins'"*!

Kon % 107 P12 (02)
Oxygen Carrier M tsTh ko (571 Keq ™M™ (torr)
Myoglobin (SW, sperm whale) 14.3 12.2 1.2x10° 0.51
Hemoglobin HbA R (oi-chain) 28.9 12.3 2.39 x 10° 0.15-1.5
Hemoglobin HbA T (a-chain) 2.9 183 1.6 x 10* 9-160
Hemerythrin 78° 315 1.5 x 10°
Themiste zostericola 2.5%10°
(MHr, monomer)
Hemerythrin 75 82 1.3 % 10° 6.0

Themiste zostericola
(Hr, octamer, noncooperative)
Hemocyanin 57 100 5.7 % 10° 9.3
Panulirus interruptus
(Hc, monomer)
Hemocyanin 3.8 10 3.8 x 10° 2.7
Helix pomatia, R state
(complex Hc)

contrast, various electronic effects, such as strengthening of Fe—O, bonds due to an
increased electron density at the metal center and/or favorable electrostatic interac-
tions of coordinated O, inside its binding pocket, often have little effect on the rates of
oxygen binding, but instead decrease the rates of O, dissociation from the Fe-O,
adducts. Typical O, binding rates reach about 105M~'s™' (Table 4.1) and are
characterized by low activation enthalpies (about 5 kcal/mol).21

Replacing iron with cobalt in heme oxygen carriers leads to functional systems that
still bind O, reversibly, albeit with about 100-fold lower affinity (that can be
attributed, at least in part, to less negative redox potentials of the Co™/Co™ couple
compared to Fe"/Fe"! couple). Dioxygen binding rates to coboglobins are comparable
to the oxygenation rates of myoglobins or hemoglobins, while dioxygen dissociation
rates are significantly higher (due to the weaker Co—O, bond). Functional oxygen-
ation of cobalt-substituted heme proteins inspired successful design and synthesis of
numerous synthetic cobalt dioxygen carriers (Section 4.3).

The active site of hemerythrins, buried in a four-helix bundle, contains two
nonequivalent iron(Il) centers bridged by two carboxylates (one from aspartate and
one from glutamate) and one hydroxide anion.”” The two high-spin iron(II) centers
are antiferromagnetically coupled (J=—14cm ™', H=—2J S;S,, as measured by
SQUID magnetometry).>® The coordination sphere at one of the iron(II) centers is
completed to six ligands by three histidine nitrogens; the other iron(Il) center,
however, is bound to only two histidines and remains coordinatively unsaturated,
as established by X-ray crystallography?* and spectroscopy>> (Figure 4.4). The
histidine-rich environment of the iron centers in Hr is different from the carboxyl-
ate-rich coordination sphere of diiron oxidative enzymes and presumably helps
preventing overstabilization of high oxidation states of iron, thus favoring reversible
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dioxygen binding. The presence of only one vacant coordination site in Hr is very
important for reversible, end-on O, binding to a single iron center, as opposed to the
bridging between both iron centers in dioxygen activating diiron enzymes (e.g.,
MMO, RNR-R2, or A9D).? In oxyHr, dioxygen molecule is formally reduced to an
end-on bound peroxide, while both irons are oxidized to the + 3 state. Only one iron
atom (initially five-coordinate) directly interacts with O,; the second, six-coordinate
iron serves as a charge reservoir. The proton from the hydroxo bridge is transferred to
the noncoordinating oxygen atom of the O, moiety, and a resulting -OOH unit is
hydrogen bonded to an oxo bridge (Figure 4.5). This intramolecular hydrogen
bonding interaction is likely favored by the hydrophobic nature of Hr oxygen binding
pocket, which does not offer alternative H-bonding motifs. Therefore, the reaction
between Hr and O, proceeds through a number of elementary steps, including
dioxygen diffusion through solvent and through protein toward the diiron active
site, the Fe—O bond formation with a concomitant electron transfer, another one-
electron transfer, and a proton transfer (or a proton-coupled electron transfer).
In addition, spin changes occur as the O, diradical interacts with the weakly
antiferromagnetically coupled diiron(II) center, yielding a strongly antiferromagnet-
ically coupled (J=—77 cm ', H=-2JS,S,) diiron(III)-peroxo species.23
Detailed kinetic and mechanistic studies were performed in order to determine the
mechanism of dioxygen binding to hemerythrin at the molecular level, and quantum

Protein 0, Protein
H .
Tus . /H|s His His 8 His
\ / Fe” \FL”/ \Fe{
/ == N
His ] 0—-0" / His His™ | Yo 0" | “His
Owﬂu/o Owﬂu/o
Asp Asp Protein
H o2
H-O, His o His
H|s A His
0\9 His L/ \Fe(
O’H|s \o.o}His
H—O_ (0] Glu—O
is His -_ O Y Y/
\ \m/ \ \”lH'S Superoxo Asp

Asp
His/l o0~ /Hls

Owﬂu/o
As \ H—
/ \ e b o,

Hydroperoxo AP

Asp Hydrosuperoxo

FIGURE 4.5 Proposed mechanism of dioxygen binding by hemerythrin.'’
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chemical and QM/MM calculations provided additional insight. Despite the multistep
nature of hemerythrin oxygenation, kinetics of dioxygen binding to this diiron(Il)
protein is remarkably simple and quite similar to the oxygenation of other classes of
dioxygen carriers (myoglobin and hemocyanin). In most studies (Table 4.1), one-
exponential growth of the oxo-Hr was observed under excess O,. The dioxygen
binding is a fairly rapid second-order reaction (first order in Hr, and first order in O,),
with rate constants (at room temperature) ranging from 10° to 10 M~'s™'. The rate
constants of dioxygen binding to hemerythrins are independent on pH (at least in the
pH interval from 6 to 9)*** and on the H,O/D,O substitution.”>*® This strongly
implies intramolecular, postrate-limiting proton transfer.'”°

In hemocyanins, each copper(I) ion is coordinated, in a trigonal geometry, to three
nitrogen donors from histidines. The incoming O, molecule binds side-on to both
copper centers, forming a bridge between them; this is a i-n>n? geometry.?>*' The
distribution of electron density in oxygenated hemocyanin can be best described as
[Cu"(0,?)Cu"], with a very strong antiferromagnetic coupling through the peroxo
bridge. Hemocyanins are high molecular mass oligomers that often display coop-
erativity in O, binding. Thermodynamics and kinetics of O, binding to these large
proteins also depend on media effects (pH, salt concentration, etc.). Nevertheless,
oxygenation of each dicopper site occurs via a single observable step, suggesting a
concerted mechanism, and appears to be similar to the behavior of other oxygen
carriers.

Despite differences in the chemical nature of the active sites, three classes of
natural oxygen carriers display amazing similarities in thermodynamic and kinetic
parameters that characterize dioxygen binding. All noncooperative proteins or
isolated subunits of oligomeric oxygen carriers show reversible 1:1 O, binding
(Equation 4.5).

Dioxygen affinities of the vast majority of natural oxygen carriers are close to
10°-10°M ™! (Table 4.1). These oxygen affinities correspond to Py,1(O;) of about
0.5-10torr (P, = 1/Kp, an equilibrium constant of oxygen binding expressed in units
of pressure). These values of oxygen affinities allow the proteins to scavenge
dioxygen at partial pressures comparable to atmospheric conditions and to release
dioxygen in hypoxic cells or tissues. Interestingly, all natural oxygen carriers bind O,
extremely rapidly, with second-order rate constants of 10’=10*M~'s™", thus ap-
proaching diffusion-controlled limit (about 10° M~ s~ '). These high rates are due to
very low values of activation enthalpies for O, binding, AHgn ~ 5 kcal/mol. It appears
that dioxygen binding at a vacant metal coordination site is a rapid, low-barrier
process. In many cases, the rates of dioxygen binding are controlled by activation
entropies, which are negative (and typically range from —15 to —30 cal/(K mol)), in
agreement with associative nature of the process. The activation volumes for oxygen
binding to hemerythrin and to myoglobin, however, were small, but positive,
suggesting a significant contribution from protein rearrangement rather than a simple
association of the metal center and the oxygen molecule in the transition state.”’

Dioxygen dissociation from the oxy forms of natural oxygen carriers is charac-
terized by a fairly large activation enthalpy and large posmve activation entropy and
activation volume. For example, AH? o = 92kJ/mol, AS?, = 117 J/K mol, and AV? o=
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28 cm®/mol for a monomeric hemerythrin from Themiste zostericola.***® This is
typical of reactions that are limited by a bond-breaking event.

While rapid, efficient oxygenation is clearly important for the proper functioning
of natural oxygen carriers, the rate constants of 105M~'s~! may appear excessive.
Indeed, at millimolar concentrations of O,, these rate constants allow the oxygenation
process to be completed in microseconds. In most enzymes, including dioxygen-
activating enzymes, millisecond to second timescale is sufficient for successful
biocatalysis. It is tempting to speculate that reversible nature of O, binding to oxygen
carriers indirectly favors very high oxygenation rates. Indeed, reasonable values of
dioxygen affinities are determined by partial pressure and solubility of O,. These
rather high K(O,) values can be achieved by either increasing O, binding rates or
decreasing O, dissociation rates. However, oxygen release from oxyMb, oxyHr,
and oxyHc must be fast for these proteins to able to deliver O,. Therefore, kg,
the dioxygen dissociation rate constants, cannot drop below 10-100s ™, and kon, the
dioxygen binding rate constants, must be extremely high. High oxygen
affinities coupled with rather high O, dissociation rates require exceedingly high
O, binding rates.

4.3 REACTIONS OF MONONUCLEAR METAL COMPLEXES
WITH DIOXYGEN

Coordinatively saturated metal complexes that are kinetically inert with respect to
ligand substitution may undergo outer-sphere electron transfer reactions with dioxy-
gen. Typical examples include oxidations of six-coordinate chromium(II) com-
plexes® (Equation 4.6) and oxidations of polyoxometallate anions.

(L),Cr* " +0, — (L);Cr* T +0,° (4.6)

As discussed in Section 4.1, these reactions are described by Marcus theory and
their rates depend on the thermodynamic driving force of the reaction and on the self-
exchange rate constants for the oxidant (0,/O, ") and the reducing agent (the metal
complex).??*° Unfortunately, the self-exchange rates for dioxygen/superoxide couple
are difficult to determine, and the reported values varied by several orders of
magnitude. This controversy and the current state-of-the-art in the field are described
in detail in Section 4.1, and will not be further discussed here.

In many cases, oxygenation of the metal complexes yields various metal-oxygen
adducts. The structures of typical mononuclear metal-oxygen complexes are shown
in Figure 4.3; these complexes contain coordinated O, as an end-on superoxo or
peroxo ligand, coordinated O, as a side-on superoxo or peroxo ligand, or oxygen as an
oxo ligand (protonated forms of these species are also known).'* In every case, the
immediate reaction of dioxygen with any metal complex must be the formation of a
bond between one of the two oxygen atoms and the metal ion. Usually this has the
consequence that the dioxygen molecule substitutes another ligand (often this is
a solvent molecule, however it can be a coordinated anion, an additional ligand, or a
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FIGURE 4.6 Possible reaction pathways in oxygenation of mononuclear nonheme iron(II)
complexes.'”

ligand arm of the multidentate ligand) followed by an electron transfer reaction
leading in a first step to an end-on metal-superoxo species. The extent of this inner-
sphere electron transfer can vary. An alternative pathway would be the ligand
addition, for example, a five-coordinate M" + complex reacts to form a six-coordinate
M (0,7 complex. After the formation of the first bond, quite different conse-
cutive steps can occur (Figure 4.6 illustrates possible pathways for iron complexes'”;
other metals show analogous chemistry, although their exact oxidation states may
differ). It is plausible that a ring-closure step takes place and the end-on superoxo
complex converts into a side-on species. Further electron transfer then would lead
either to an end-on peroxo or side-on superoxo complex. Reactions with another
molecule of a mononuclear iron complexes are possible, leading to dinuclear peroxo
complexes discussed in detail in Section 4.4. Formation of 1:1 metal-oxygen
complexes is considered below.

4.3.1 Formation of End-On 1 : 1 Metal-Superoxo Complexes

The appealing goal of binding dioxygen reversibly inspired numerous studies on
mononuclear ' superoxo complexes that resemble O, coordination mode in natural
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heme oxygen carriers.'*?!*!2 Cobalt analogue of myoglobin, coboglobin, is a
functional oxygen carrier. Early synthetic work centered on cobalt rather than iron,
due to significant stability of oxygenated cobalt complexes with respect to subsequent
irreversible oxidations. A variety of complexes with polydentate ligands containing
nitrogen donors showed some ability to bind O, reversibly.'***** Dioxygen affinity of
these systems increases with an increase in electron density at the cobalt center
provided by strong electron-donating ligands. These ligands stabilize the oxidized
form of the cobalt complex, as can be seen in lower values of the Co™/Co™ redox
potential. Under all other circumstances being equal, inverse correlation between
E, /Z(COHI/COH) and log K(O,) was often found.* To improve relatively low dioxygen
affinity of cobalt systems compared to their more easily oxidizable iron analogues,
addition of an axial electron-donating ligand (such as pyridine or imidazole deriva-
tives) is often helpful. Electronic factors have little effect on dioxygen binding rates,
but change dioxygen dissociation rates (not surprisingly, stronger Co—O, bonds are
harder to break, and O, dissociation is slower in these systems).

When equatorial ligands do not shield the axial positions, two molecules of an
externally added base may coordinate, thus blocking the site for dioxygen binding and
shutting down oxygenation:

(L)Co" 4+ B — (L)(B)Co" (reactive complex) (4.7)
(L)(B)Co" + 0, = (L)(B)Co™(0,) " (4.8)

But
(L)(B)Co" + B = (L)(B),Co" (does not react with O,) 4.9)

Varying equatorial polyamine ligands (Figure 4.7) influence dioxygen affinity of
the cobalt complexes (Table 4.2).'* In this case, dioxygen binding rates change
substantially, increasing as the equatorial ligand field increases for polydentate and
especially macrocyclic ligands. The oxygenation rates follow the lability of axial
water molecule; the reactions are faster for macrocyclic complexes because of
the labilization of the axial positions caused by the strong equatorial field of the
macrocyclic ligands. The close similarity between the oxygenation rates and the water
substitution rates suggests that ligand substitution is rate limiting in the oxygen
binding processes.

The activation enthalpies for these oxygenation reactions are relatively large (they
fall in the range between 4 and 20kcal/mol) (Figure 4.8), while the activation
entropies are positive, confirming dissociative nature of the rate-limiting step.'+33
The activation volumes for the oxygenation of cobalt(I) macrocycles were found to
be close to 0, also suggesting that Co-solvent bond breaking occurs along with Co-O,
bond formation.*®Analysis of the reported kinetic data for O, binding to cobalt(IT)
centers revealed an activation enthalpy—activation entropy compensation: a correla-
tion between AH' and AS* exists for several groups of complexes (six-coordinate
ammine complexes; ammine-aqua complexes; aminocarboxylate complexes;
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FIGURE 4.7 Acyclic and macrocyclic polyamine ligands that support dioxygen binding
cobalt complexes.

porphyrins embedded into apomyoglobin or apohemoglobin).*® The dissociative
nature of the rate-limiting step explains this enthalpy—entropy compensation. If the
sixth ligand dissociation occurs as a rate-limiting step, the activation enthalpy for
bond breaking could be high, but the activation entropy would be positive. If the sixth
coordination site is vacant prior to oxygenation, Co—O, bond formation occurs with
low barrier, but the activation entropy for the process is negative and unfavorably
large. In many systems, intermediate situations are possible, and some of them might
provide the highest reaction rates at room temperature.>”

The bi- or tricyclic systems were designed to create a three-dimensional void about
the metal ion, thus allowing for steric discrimination between small and large ligands.
These sterically hindered ligands also protect end-on dioxygen adducts from oxida-
tive decomposition via formation of peroxo- or oxo-bridged dimers:

TABLE 4.2 Rate Constants for the Reaction of Cobalt(II) Complexes with O, in
Aqueous Solution’*

Cobalt Complex“ ko M~ 1s™h kogr s™H
[Co(NH;)s(H,0)] 2.5 x 10*

[Co(dien),]* " 1.2 x10°

[Co(trien)(H,0),]*> 2.5 x 10*

[Co(tetren)(H,0))* " 10°

[Co([14]aneN,)(H,0),]** 1.18 x 107 63
[Co(Meg[14]aneN,)(H,0),]* * 5.0 x 10° 2.06 x 10*
[Co(Meg[14]aneN,)(H,0)Cl] ™ 1.80 x 10° 321 x 103
[Co(Meg[14]aneN,)(H,0)(SCN)] © 7.29 x 10° 1.77 x 10"
[Co(Meg[14]aneN,)(H,O)(OH)] + 8.9 x 10° 2.1x 1072

“Structural formulas of the ligands are shown in Figure 4.7.
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FIGURE 4.8 Oxygenation barriers for the five- and six-coordinate cobalt(II) complexes.>>®

(LM (02)=(LIM™ (0, )} + (LM" — (MM (02 MM (0*)  (4.10)
(LM™(OF )M™(02) - — (LM (-0 ML) (4.11)

While peroxo dimer formation is sometimes reversible for cobalt complexes, it
inevitably leads to further oxidations in case of iron complexes. Steric hindrance
about the metal center would prevent dimerization processes.

Extensive efforts to model natural oxygen carriers resulted in impressive collection
of sterically hindered porphyrins>'~*'-*?; some examples of these molecules are shown
in Figure 4.9. Oxygenation of both iron(II) and cobalt(Il) complexes was studied,
unraveling the factors that control dioxygen binding and release. As expected,
strengthening the metal-O, adducts, for example, by incorporating proximal axial
donors or by providing hydrogen bond donors to coordinated O, in the distal pocket
increases dioxygen affinity and decreases O, dissociation rates.?' Steric constrains at
the O, binding site decrease dioxygen affinity and O, binding rates. Extensive reviews
discuss this beautiful chemistry in great detail.>!!3

The most thoroughly studied and robust totally synthetic nonporphyrin oxygen
carriers are the superstructured Co(II) or Fe(II) cyclidenes, which have been bridged
across the cavity, providing sterically protected ligand binding pockets in the resulting
lacunar complexes (Figure 4.10).*” The 16-membered macrocyclic platforms fold
because of the conformational requirements of adjacent chelate rings: the low-energy
chair or boat conformations of the six-membered saturated rings force the adjacent
unsaturated rings to tilt toward the MN, plane. In the most common cyclidene



126 MECHANISMS OF OXYGEN BINDING

FIGURE 4.9 Representative sterically constrained porphyrins designed for reversible
dioxygen binding to their Fe(II) or Co(II) complexes.!

geometry, both unsaturated “wings” are positioned on the same side of the MN, plane,
forming a well-defined cleft.

Dioxygen affinity of the Co(II) and Fe(II) cyclidene complexes is governed by both
electronic and steric factors. Coordination of a fifth donor ligand, such as pyridine or
imidazole, is required for efficient O, binding and is usually accomplished by adding
the corresponding base to a solution of the macrocyclic complex. The sixth coor-
dination site of the metal should remain vacant or occupied by a labile ligand to allow
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FIGURE 4.10 Lacunar cyclidenes.

the reversible binding of the O, ligand. The lacunar cyclidenes are perfect for
selectively binding the small ligands (O, and CO) inside the cavity, while excluding
larger monodentate basic ligands (pyridine and imidazole). The iron(II) complexes
with C4 and C5 cyclidenes (R1 =(CH,), or (CH,)s respectively; R?=Ph;
R*=R*=Me) exist in solution (in acetone-pyridine water, or acetonitrile-1-methy-
limidazole solvent systems) as high-spin, five-coordinate species, while the iron
(I1) complex of the C6-bridged cyclidene (R'=(CH,)s, R?=Ph; R*=R*=Me)
displays a distinct spin equilibrium between a five-coordinate high-spin form and
a six-coordinate low-spin form, which is shifted toward the formation of low-spin
six-coordinate complexes at low temperatures (—40°C). The C8-bridged complex
(R' = (CH,)s, R? = Ph; R*=R*=Me) exists as a similar equilibrium mixture with a
significant fraction of six-coordinate complex present even at room temperature.
Molecular modeling studies demonstrate that exclusion of axial base (1-methylimi-
dazole) from the cavity is largely due to van der Waals repulsion between the guest and
the bridge (the “roof” of the lacuna), while the interaction between the flat aromatic
guest and the walls of the cleft is relatively less important. The behavior of d” Co(II)
ions with respect to axial ligand binding is somewhat different from that of d° ions,
such as cobalt(III) or iron(II): five-coordinate species dominate in solutions of both
lacunar and unbridged Co(Il) cyclidenes, as evidenced by EPR spectroscopy and
electrochemical data. In the case of cobalt(II) cyclidenes (especially for the unbridged
complex), the axial base exclusion is due to the electronic factors (destabilization of
the d.. orbital in complexes with strong equatorial ligand field) rather than the
superstructure. In the absence of the axial base binding in the sixth position, the walls
of the cleft and the bridge shield the cobalt(Il) metal center from the noncoordinating
solvent (methanol), resulting in facilitated dioxygen binding.*®

The only crystal structure for a cobalt(Il) cyclidene dioxygen adduct, that of
[Co(C6Cyc(0,)(Melm)]** (R' = (CH,)e, R’=R*=R*=Me), showed that O, binds at
an angle of 121°, as expected for coordinated superoxide, and that the hexamethylene
bridge flips away from the guest.*’

Dioxygen affinity of the Co(II) complexes parallels the cavity width (Figure 4.11),
indicating that there are significant steric interactions between the walls of the
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FIGURE 4.11 (a) Correlation between bridge length in polymethylene-bridged cobalt(II)
cyclidenes and cavity width of the complexes. (b) Dioxygen affinities of cobalt(Il) complexes
measured in CH3CN-1-methylimidazole (Melm) at 0°C, and dioxygen binding rates of cobalt
(II) complexes measured in acetone-Melm at —70°C.3>38

cavity and the guest. The cavity width in cyclidenes, which is defined as the distance
between the “edges” of the cleft (the bridgehead nitrogen atoms that are spanned by
the bridge R') (Figure 4.10), depends on the length of the bridge. Short bridges
composed of tetra- or pentamethylene chains constrain the distances between the
edges of the cleft and enforce narrow cavities. Hexamethylene bridge has an optimal
length for spanning the cavity of the 16-membered cyclidene, while longer bridges
(C7 or C8) enforce wider separation between the “walls” of the cavity. Even longer
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TABLE 4.3 Kinetic and Thermodynamic Parameters for O, Binding to Cyclidene
Complexes Measured in Acetonitrile/1.5M 1-MelIm (for Fe(II) Complexes) or in
Acetone/1.5M 1-MelIm (for Co(II) Complexes) Using Stopped-Flow
Spectrophotometry

AH;, ASE, AH, gff Asiff
R' R? R? (kJ/mol) (J/(Kmol)) (kJ/mol) (J/(Kmol))
Cobalt complexes
(CHy)4 Me Me 9 —124 66 80
(CHy)s Me Me 3 —118 77 92
(CH)s Me Me 17 —42 ND N/D
Iron complexes
(CHy)4 Me Ph 12 —276 95 76
(CHy)s Me Ph 14 —229 50 —110
(CHy)s Me Ph 41 =75 ND ND
(CHy)s Me Ph 54 —40 ND ND
m-Xy Me Me 11.1 —252 ND ND
m-Xy Bz Me 11.4 —253 ND ND
m-Xy Ph Me 15.8 —228 ND ND
m-Xy Ph Bz 9.1 —243 ND ND

Oxygen dissociation rates were determined from the nonzero intercepts of the plots of ks versus [O,],
using the equation kops=kon[O2] + kofr. Equilibrium constants were estimated as K= Jeonlkog. 338
ND, not determined.

bridges are flexible and can adopt various confirmations that allow the cleft to shrink
back to its optimal width (about 7 A).*’

The differences in oxygen affinities are determined by the rates of O, binding
rather than O, dissociation (Figure 4.11, Table 4.3). For a reversible dioxygen binding
process depicted in Equation 4.5, the observed oxygenation rate constant depends
linearly on the concentration of Oj:

kobs = kon [02] + koff (4]2)

An example of experimental plots that allow the determination of k, and kg (as a
slope and an intercept, respectively, of the straight line &, versus [O,]) is shown in
Figure 4.12. Independent measurements of the equilibrium constant, K(O,), provide
the way to check for accuracy of kinetic measurements, which should result in nearly
identical values of Ky, = kon/Koft-

Dioxygen binding to cobalt(Il) cyclidenes is an entropically controlled, low-
barrier process (Figure 4.8).*° Large negative activation entropies are typical of
associative processes. This is consistent with solvent exclusion from the cyclidene
cavity that protects a vacant site at cobalt(II). Activation enthalpies for associative
oxygen binding at a vacant cobalt(Il) site range about 1—4 kcal/mol.>’

Dioxygen affinity of iron(Il) cyclidenes depends on steric constraints for O,
binding, resulting in van der Waals repulsions in dioxygen adducts. This effect is
evident from comparison of the complexes with aliphatic bridges of varying length
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FIGURE 4.12 Plot of observed rate constants versus dioxygen concentration during oxy-
genation of Co(C5Cyc) (R' = (CH,)s, R?>=R*=R*=Me) in acetone/pyridine, measured at —35
(1), =40 (2), and —50°C (3).»°

(Table 4.3). Oxygen binding to five-coordinate C4-, C5-, and m-xylene-bridged cobalt
(II) or iron(Il) cyclidenes is characterized by low activation enthalpies and large
negative activation entropies, which are typical of associative processes. The six-
coordinate C6- and C8- iron(II) cyclidenes release the solvent molecule in the course
of oxygen binding. These ligand substitution reactions have substantially larger
activation barriers, but less negative activation entropies (Table 4.3).%®

Electronic effects on the oxygenation rates are less pronounced, although in some
cases still significant. The rates of oxygen binding increase by almost an order of
magnitude with an increase in electron withdrawing properties of the R? and R?
substituents inm-xylene-bridged (Rl =m-Xy)iron (IT) cyclidenes (k,, = 186 Mgt
for R? =R>=Me, and 1305 M ' s~ ! for R? = Ph, R®* = Bz at —20°C) (Table 4.3).>8

Another 3d-metal involved in biological and biomimetic dioxygen activation,
copper, can also form end-on superoxo complexes®® '

[(L)Cu'] + 02 & [(L)Cu''(n'-(0,7)] (4.13)

In contrast to iron and cobalt, end-on superoxo-copper(Il) species do not dominate
the field of copper—oxygen chemistry. In 1 : 1 copper—dioxygen adducts, an alternative
side-on, n2 coordination mode is sometimes observed; these [(L)CuH (112—(02”)] or
[(L)Cu™-(n*-(0,>7)] complexes are discussed below. Mononuclear copper—dioxy-
gen complexes easily react with the second molecule of the Cu(I) complex, forming
peroxo- or dioxo-bridged dinuclear species (Section 4.4). For sterically unhindered
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ligands, the rates of bimolecular decay of initial 1 : 1 Cu:0, adducts often exceed their
formation rates; in these cases, the overall kinetics reflects the initial dioxygen
binding to a single copper(I) center, but the 1 : 1 intermediates cannot be observed and
their structures remain unknown. In another extreme, the formation of the mononu-
clear Cu—O, complex is very rapid (often too rapid to be measured), and the
subsequent bimolecular decay is rate limiting, accounting for the overall second-
order rate law in copper(l). Finally, the rates of two steps may be comparable, so that
their individual kinetic parameters can be resolved and the transient 1:1 Co-O,
intermediates can be observed.*° In several instances, spectroscopic data suggested an
n' Cu(I)-superoxo formulation for these intermediates.***'

Increasing steric bulk at tetradentate tripodal ligands prevented dimer formation
and stabilized end-on Cu—O, complexes, one of which was crystallographically and
spectroscopically characterized (cavity around the copper center was shaped by the
ligand (TMG);TREN) (Figure 4.13).* This dramatic result provided additional
support for earlier end-on superoxide formulations for the 1:1 copper—dioxygen
complexes supported by tripodal ligands (such as TPA or TREN derivatives)
(Figure 4.13).%%%!

Mechanisms and rates of dioxygen binding to copper(I) were determined for a
series of tripodal complexes that afford end-on superoxo intermediates. Kinetic
parameters for a these complexes proved to be rather similar, with activation
enthalpies ranging about 30—40kJ/mol for reactions in coordinating solvents (ni-
triles). Activation entropies were relatively small for these processes; both small
positive and small negative values have been reported.*’ This behavior is indicative of
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FIGURE 4.13 Representative tripodal ligands forming copper(I) complexes that react with
dioxygen.
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oxygen binding preceded or accompanied by solvent dissociation. The fifth coordi-
nation site in the copper(I) complexes with most studied tetradentate amines or
aminopyridines is indeed occupied by the molecule of coordinated nitrile that has to
be displaced by the incoming O,.

The topology, electron-donating ability, and steric bulk of polydentate ligands all
influence thermodynamic and kinetic parameters of oxygen binding to Cu(I).**~*' For
example, [Cu(TPA)(RCN)]* rapidly reacts with O, at low temperatures, while its
analogue having ethylpyridine arms in place of methylpyridine ones, [Cu(TEPA)] T,
does not react with dioxygen. This effect of chelate ring size can be traced, at least in
part, to a large, 450 mV difference in their redox potentials.*' The opposite effect was
observed when [Cu(TPA)(RCN)]" was compared to a complex with a stronger
electron-donating ligand, N-Meg-TREN. A 1000-fold increase in dioxygen affinity
for the latter complex is due to about 100-fold decrease in dioxygen dissociation rate,
and a smaller, yet sizeable ~10-fold increase in dioxygen binding rate. As expected,
an increased steric bulk of the ligand decreases O, binding and dissociation rates of
CuI(BQPA) compared to [Cu(TPA)(RCN)] *, simultaneously increasing the lifetime
of the Cu"'('-0,7") intermediate.***'

A more systematic study of the electronic effects took advantage of a series of TPA
derivatives bearing different substituents in the 4-position of each pyridine ring of the
ligand (R TPA). Dioxygen binding rate constants varied between 1 x 10* and 3 x 10*
Mgt (283 K, EtCN) for R’ =H, Me, ‘Bu, or OMe, while dioxygen dissociation
rates decreased by an order of magnitude. These trends are remarkably similar to
oxygenation of cobalt(Il) or iron(IT) complexes: electronic factors have little effect on
O, binding rates, but effect O, dissociation rates.

A dramatic acceleration of dioxygen binding was caused by switching from a
coordinating solvent (EtCN) to a noncoordinating solvent (THF): k,, = 10°M st
was measured®® by laser flash-trap technique for [Cu(TPA)] *. Negative activation
entropy of —45.1 J/(K mol) corresponds to this associative process. Dioxygen binding
at a vacant copper site proved to be a low-barrier process: AH* = 7.6 kJ/mol. These
features again resemble kinetic parameters for the oxygenation at vacant sites at
cobalt(IT) and iron(Il) complexes.

The complexes of other metals (chromium, manganese, nickel, etc.) can also form
end-on superoxo adducts with dioxygen; examples of this chemistry have been
reviewed elsewhere.'%'*

4.3.2 Formation of Side-On 1 : 1 Metal-Superoxo Complexes

A seminal discovery by Vaska** of reversible oxygenation of the iridium(I) complex,
[IrC1(CO)(PPh3),], generated excitement in the inorganic community and opened
new ways of thinking about oxygen binding and activation. In the resulting dioxygen
adduct, [Ir(O,)CI(CO)(PPh;),], the O, molecule binds side-on to the iridium center.
Subsequently, a large number of similar N> dioxygen complexes with various
transition metals were discovered.'®*>*® While the exact electronic structure of
these dioxygen adducts varies and depends on the nature of the metal and the ligands,
the majority of Vaska-like N> metal-O, complexes can be treated as peroxides. These
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side-on O, adducts are easily formed by the low-valent late transition metal ions that
tend to undergo two-electron oxidation, such as Pt(0), Pd(0), Ni(0), Ir(I), Rh(I), Co(I),
Ru(0), Ru(Il), and so on. The O-O bond length in these complexes, 1.4-1.5 A, is
comparable to the O—O bond length in inorganic peroxide (1.49 A). The oxygenation
of Vaska’s complex, therefore, can be considered as an oxidative addition reaction
(although O—O bond in the O, molecule is not broken after its addition to the metal):

[I'C1(CO)(PPh3),] + O, — [ (n?-0,7)CI(CO) (PPh;),] (4.14)

Initially four-coordinate iridium center becomes six-coordinate upon oxygen
binding, and the formal oxidation state of the metal increases by 2.

Interestingly, in some cases, the incoming oxygen molecule displaces one of
the ligands at the metal,'"®*> as can be illustrated by dioxygen binding to a five-
coordinate analogue of Vaska’s complex or to a three-coordinate platinum(0)
complex Pt(PPh;);:

[Ir'C1(CO) (PPhs) ;] + O, — [ (n?-0,27)C1(CO) (PPhs),] + PPh; (4.15)

[Pt°(PPh3),] + O, — [Pt"(n?-0,27)(PPh;),] + PPh; (4.16)

The tendency of the low-valent late-metal complexes to form adducts with
dioxygen is controlled by both electronic and steric factors. Strong O, binding is
irreversible, weaker binding is reversible, and further weakening of putative metal-O,
bonds results in the lack of detectible oxygen binding; complexes that are unreactive
with dioxygen are poor reducing agents.*® Reactivity trends for series of metal
complexes in reactions with dioxygen parallel their reactivity trends in other oxidative
addition processes.***’

Periodic trends were established for dioxygen binding to the Group 8 complexes:
reactivity increases down the group for the second- and third-row elements (Os
(0) > Ru(0); Ir(l) > Rh(I)). However, the first-row metals, such as Co(I), react
substantially faster than their heavier counterparts. The overall trend, as illustrated
in Table 4.4, is Co(I) > Ir(I) > Rh(I).*>*® The rates correlate with the values of
activation enthalpy: AH(ZEn for the oxygenation of the Co(I) complex is low, but it
increases dramatically for the Rh(I) complex. Activation entropies are large negative
for all three metal ions, as expected for a bimolecular, associative process. Activation
enthalpies appear to follow the changes in crystal field stabilization energies that
accompany the transformation of a square planar starting material into a pseudo-
octahedral dioxygen adduct.*®

A clear correlation between the electron density of the metal and the oxygen
binding ability of iridium complexes was observed for a large number of compounds
of general formula frans-Ir(CO)PPhsX.***74% For X =Me, dioxygen was bound
irreversibly and could not be removed; for X =CI or X =1, dioxygen binding was
reversible; and for X = OMe, dioxygen adduct could only be seen at low tempera-
tures. Kinetic parameters of dioxygen binding (Table 4.4) also correlate with the
basicity of iridium, which, in turn, depends on the electron-donating ability of the
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TABLE 4.4 Kinetic Parameters of Dioxygen Addition to Low-Valent Complexes of
Cobalt, Rhodium, and Iridium***

Kon AH? ASE

M L X M tsThH (kcal/mol) (cal/(K mol))
Complex: [M(Ph,PCH,CH,PPh,),] "; solvent: chlorobenzene

Co 2 Ph,PCH,CH,PPh, — 1.7 x 10* 3.4 -28

Rh 2 Ph,PCH,CH,PPh, — 0.12 11.6 —24

Ir 2 Ph,PCH,CH,PPh, — 0.37 6.5 —38
Complex: trans-[Ir(CO)(PPh3),X; solvent: chlorobenzene (benzene for X=F)

Ir 2 PPh,, CO F 1.48 x 1072 13.6 —24

Ir 2 PPh,, CO Cl 34%x 1072 13.1 -21

Ir 2 PPh,, CO Br 7.4 %1072 11.8 —24

Ir 2 PPh,, CO I 0.30 10.9 —24

ligands.47 Furthermore, a linear correlation was found between the activation
enthalpies of O, binding and the energy of the electronic transition in the optical
spectra of the square planar Ir(I) complexes (and the corresponding changes in crystal
field stabilization energies).*’

Steric effects also play a role in thermodynamics and kinetics of dioxygen binding
to Vaska-type complexes. For example, ortho-substituents on arylphosphine ligands
significantly decrease the oxygenation rate or even completely shut down the
dioxygen binding.*®

The formation of a side-on, 1> dioxygen adducts may proceed via an initial end-on
coordination of O, followed by the formation of the second oxygen—-metal bond.
While this two-step mechanism is logical, no intermediates were observed, even at
low temperatures, in reactions between square planar iridium complexes and O,. In
the absence of spectroscopically observable intermediates, kinetic data may provide
additional mechanistic information. An elegant study”* compared the rates of
dioxygen binding to four- and five-coordinate complexes of iridium(I) (Figure 4.14).
The four-coordinate complex, [Ir(cod)(phen)]Cl, may undergo a concerted, side-on
addition of dioxygen. Alternatively, this complex may react with O, via initial
formation of an end-on adduct that subsequently rearranges into the final side-on
product. Chloride counterions did not coordinate to iridium in this system and did not
interfere with dioxygen binding. However, other anions, such as iodide or thiocyanate,
were capable of binding to iridium centers, forming five-coordinate species and
blocking (at least temporarily) one dioxygen coordination site. Interestingly, I~ or
SCN™ did not suppress dioxygen binding, showing that two vacant sites at iridium are
not necessary for this process. Moreover, oxygenation rates increased linearly with an
increase in concentration of I~ or SCN™. It was concluded that five-coordinate Ir(I)
complexes react with O, faster than their four-coordinate precursors; dissociation of
the I~ or SCN™ anion from this six-coordinate ' dioxygen adduct occurs readily.
End-on, ' binding is the most likely coordination mode of O, in its adducts with five-
coordinate iridium complexes (Figure 4.14). By extension, four-coordinate iridium
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FIGURE 4.14 Stepwise addition of O, to four- and five-coordinate complexes of
iridium(1).%*

complexes would likely form, at the first step, an end-on complex with an incoming O,
molecule. This ' complex would rapidly rearrange into the final N> complex,
[1r'"(0,%")(cod)(phen)] T X ~.**

Oxygenation of Vaska’s complex and related compounds usually occurs much
slower and is characterized by higher activation barriers than dioxygen binding to
natural oxygen carriers or their synthetic models. However, these highly covalent
dioxygen binding complexes generated significant interest due to their potential
applications in oxidation catalysis.*’ Renewed interest in catalytic aerobic oxidations
will undoubtedly lead to a renaissance of the area of side-on dioxygen complexes with
noble metals.?

The second- and third-row transition metals, which tend to form highly covalent
complexes with dioxygen, resemble, in some sense, chemical behavior of organome-
tallic compounds, but differ from typical biological systems for oxygen binding
and activation. Typical bioinorganic approach utilizes classical coordination com-
pounds of 3d metal ions with nitrogen, oxygen, or sulfur donors to mimic biological
oxygen activation. Although the first-row transition metals preferentially form end-on
superoxo adducts in reactions with O,, examples of side-on complexes are also known.
For example, cobalt(I), nickel(I), manganese(II), iron(II), and copper(I) can form nz
complexes with dioxygen.'®*>? About a dozen complexes from this family
were crystallographically characterized; a good correlation was found™ between the
O-0O bond distances, r, and a function of the O-O vibrational frequencies, v
(in agreement with Badger’s rule, r=Cv~ > + d). Electronic structure of these
complexes was analyzed by rigorous density functional calculations (which were in
excellent agreement with experimental geometries and O—O stretching frequencies),
showing a “continuum” of charge distribution between the metal ion and the
coordinated O, rather than distinct “islands” of peroxo complexes (M"+2(0227)
and superoxo complexes (M" (0, ™"). In most complexes, the precise assignment
of the metal oxidation state and the oxidation level of coordinated O, cannot be
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made, and the complexes are intermediate between the limiting superoxo and
peroxo formulations.

Although mechanistic insights into the formation of side-on O, adducts with 3d-
maMsmesﬁHhmhaLadaﬂkdnwdmnmﬁcmmumofmeﬁmnmmnofmnf{og
copper complexes emerged from a combination of structural, spectroscopic, kinetic,
and computational studies of the system depicted in Figure 4.15.°* Low-coordinate
Cu(]) in the starting material was supported by a sterically bulky, bidentate -
ketiminate ligand; the third coordination site was occupied by a weakly bound
monodentate solvent molecule (nitrile). Oxygenation of this complex afforded a side-
on O, adduct that displayed significant Cu(III)-peroxo character. This conclusion was
confirmed by the O-O stretching frequency (V('éOz) =961cm ' and AV(ISOZ) =49
cmfl), the relatively long O-O distance (1.392(12) A), and the Cu K-edge X-ray
absorption spectroscopy data (the pre-edge feature at —8980.7 eV is similar to other
Cu(IIl) compounds and exceeds typical values for Cu(Il) complexes by about
1.5-2¢eV). Irreversible and rapid oxygenation of the Cu(I) complex, which was
accompanied by significant changes in the optical spectra, was followed by the low-
temperature stopped-flow methodology.

The reaction is first order in copper(I) complex, but the dependence on [O,] is more
complicated and is affected by the presence of MeCN, which moderately decreases
the observed rate constant, k. In neat acetonitrile or acetonitrile-containing solvent
mixtures, the ks depended linearly on the concentration of O,, and the straight line

Pathway &(N Cu N% Pathway
A B
+ THF
+ MeCN\\MeCN
- THF (k1)
(k_p1)

FIGURE 4.15 Solvent-dependent oxygenation pathways for a mononuclear copper(l)
complex with a sterically hindered ketimine ligand.>*
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FIGURE 4.16 Kinetic plot of the observed rate constant of the oxygenation of
[Cu(L)(MeCN)] (0.25 mM) in neat THF and THF-MeCN mixture (160:1) at —80°C. Similar
parallel straight lines for the two solvents were obtained from the data at —70 and —40°C. The
reaction pathways are shown in Figure 4.15.%*

passed through zero (Figure 4.16). This behavior indicates first order in O, and the
overall second order for the oxygen binding process:

fHEMECN. _ g 10, (4.17)

a[Lgltloz] _ a[LCu(é\feCN)J — ka[LCu(MeCN)][0,] (4.18)

In neat THF, however, plots of ks versus [O,] also are linear, but with significant
positive y intercepts (Figure 4.16). Similar behavior was often observed for reversible
oxygen carriers (Section 4.3.1) and could be attributed to the interplay of the oxygen
binding rates and the oxygen dissociation rates (with the appropriate rate constants &,
and kg determined as the slope and the intercept of the ks versus [O,] straight
line, respectively) (Figure 4.12). However, this interpretation cannot be applied to
irreversible oxygen binding processes, such as the oxygenation of Cu(I) complex
with a ketimine ligand.>* Therefore, a different explanation was proposed for
irreversible oxygenation of LCu'. In this case, a dual reaction pathway was impli-
cated. An additional oxygenation pathway is operative in neat THF that exhibits a
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zero-order dependence on [O;], such that the overall rate law has two terms
(Equations 4.19 and 4.20):

THE — ka [02} + kg (419)

obs

@[Lfé;‘oﬂ _ a[LC“%\;[eCN)] = ka[LCu(MeCN)][0,] + kp[LCu(MeCN)]

(4.20)

The first and rate-limiting step of pathway A (Figure 4.15) is a direct bimolecular
reaction of LCu(MeCN) with O,, where adduct LCu(MeCN)(O,) may be considered
as a transition state or an unstable intermediate that releases MeCN and
converts to LCuO, in postrate-limiting step(s). In pathway B, the first and rate-
limiting step is solvolysis of LCu(MeCN) to yield a highly reactive intermediate LCu
(THF) that is subsequently scavenged rapidly by O,; thus, pathway B is kinetically
independent of [O,]. Assuming that LICu(THF) is a steady-state intermediate, the
mechanism in Figure 4.15 is described by the rate law (Equation 4.21), which is
consistent with the rate laws determined experimentally under the different reaction
conditions used.

d[LCuO,]  B[LCu(MeCN)]
- 2l _ _ 5 = ka[LCu(MeCN)][05]

kB 1 kgz [LCU (MGCN)} [02}
k*Bl [MCCN} + sz [02]

(4.21)

In the presence of excess MeCN, pathway B is effectively shut down because
nearly all LCu(THF) is converted to LCu(MeCN), and the oxygenation process
proceeds entirely through pathway A. The rate-determining step for pathway B is
exchange of THF solvent for nitrile prior to oxygenation, while for the pathway A,
coordination of O, to the Cu(I)-nitrile complex is rate controlling. Activation
parameters for both pathways A (k) and B (kg = k) are consistent with associative
mechanisms for their rate-limiting steps: low AH tand large negative AS* values were
found (Table 4.5).

TABLE 4.5 Selected Kinetic Parameters for Oxygenation of Mononuclear Cu(I)
Complexes Leading to 1:1 Cu/O, Adducts™

Cu(I) Complex Solvent kon (223K) AH* (kJ/mol)  AS* (J/(mol K))
LCu(MeCN), THF-MeCN 1560+ 19M~'s™! 1842, 149 () —100+10,
pathway A or THF —108 (7)
LCu(MeCN), THF 3.95+0.59 304£2,272 () —98+ 10,
pathway B —101.0 (2)

All experimental values, except those denoted by #, which are derived from theoretical calculations.
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FIGURE 4.17 Hammet plot for the rate constants of the reaction between O, and complexes
CuL(p-NC-C¢H4-R) {R =0Me, Me, H, F, Cl, CN} in the THF solution at 203 K (Figure 4.15,
pathway A).>*

Additional insights into the oxygenation mechanisms were obtained by varying the
chemical nature of a nitrile ligand. The excellent Hammet correlation of k, with
substituent 6, values (Figure 4.17) represents a quantitative measure of the sensitivity
of oxygenation rate constants to electronic effects across a series of metal complexes
that differ only in the nature of coordinated monodentate aromatic nitrile ligand. The
resulting p of —0.34 reflects a modest buildup of positive charge at the metal center in
the rate-controlling transition state or, in other words, nucleophilic character for the
metal complex in the oxygenation process in pathway A (Figure 4.15). This result is
not surprising considering the degree of reduction of the O, molecule and corre-
sponding degree of oxidation of the L'Cu fragment in the product L'Cu0,, shown to
have considerable Cu(Ill)-peroxide character. Interestingly, electronic effects often
have little influence on the rates of oxygen binding to heme proteins and their
synthetic models, and instead alter oxygen dissociation rates in those systems
(Section 4.2.3).

CASPT2-corrected DFT calculations (including continuum solvation) provided
insights into the structures of the rate-determining transition states and predicted
activation enthalpies and entropies within experimental error for both pathways.
Calculations demonstrated small energy difference between end-on and side-on O,
adducts and suggested that in a solvent-assisted pathway, O, initially binds end-on
and then rearranges into a side-on final product in a very low-barrier process.>® It can
be concluded that formation of the > metal-dioxygen adducts generally occurs in a
stepwise manner, with the initial formation of the end-on (') complex, which is
similar to (often reversible) processes described in Section 4.3.1. The final side-on
adducts tend to be thermodynamically stable, and their formation is usually (although
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not always) irreversible. The oxygenation of first-row transition metals (3d-metals)
tends to be much faster than analogous reactions of the second- and third-row metals
(4d- and 5d-metals).

4.3.3 Formation of Metal-Oxo Complexes

Metalloenzyme-catalyzed biological oxidations with dioxygen take advantage
of high-valent metal-oxo intermediates that are highly reactive toward reducing
substrates. The best known example of this chemistry is cytochrome P450, a
heme enzyme that generates an intermediate three oxidation levels above the initial
Fe(I) state:

(P> )Fe¥ = 0=(P")Fe¥ =0

This process requires an additional electron and two protons, as discussed in
Section 4.5. In the absence of exquisite control over electron and proton delivery in
nonenzymatic systems, chemists were unable to replicate this noncomplementary
redox reaction between an Fe(II) porphyrin and dioxygen. Instead, sterically unhin-
dered porphyrins tend to form iron(III) oxo-bridged dimers (see also Equations 4.10
and 4.11):

(P>)Fe"' + 0, & (P?7)Fe'(0,)=(P* )Fe (0, ™) (4.22)
(P*)Fe" (0,)=(P*")Fe (0, ") + (P> )Fe" — (P> )Fe (077 )Fe' (P*7) (4.23)
(P> Fe™(037)Fe™(P*) — 2(P*")Fe!¥ (0*) (4.24)

(P>7)Fe'Y (0*7) + (P*7)Fe — (P?7)Fe (u-0?")Fe! (P?7)
(Transient, usually unobserved) (4.25)

Sterically protected iron(II) porphyrins bind one molecule of O,, often reversibly,
but do not usually form stable, isolable iron(IV)-oxo species (Section 4.3.1). Sig-
nificant interest in forming high-valent metal-oxo species directly from O, stems from
the goal of developing catalysts for aerobic oxidations. Indeed, high-valent metal-oxo
species are assumed to be capable of transferring an oxygen atom, abstracting a
hydrogen atom, transferring an electron, and so on. Despite this interest, limited
success was achieved in this area, and the mechanisms of direct formation of metal-
oxo intermediates from O, are not completely understood. Important developments in
this area include low-temperature trapping of ferryl complexes. Low-temperature
studies in organic solvents provided support for the reaction scheme shown in
Equations 4.22-4.25. For example, an intermediate in oxygenation of Fe'(TMP),
where TMP = tetramesitylporphyrin, was unambiguously detected and spectroscop-
ically characterized as an iron(IV)-oxo complex, (TMP)Fe"V=0.% This ferryl species
formed, via a bimetallic pathway, from a diiron(IIl) peroxo precursor that was also



REACTIONS OF MONONUCLEAR METAL COMPLEXES WITH DIOXYGEN 141

observed as a transient intermediate. Tetraphenylporphyrin complexes showed
similar dioxygen reactivity, and also generated transient ferryl intermediates.

A detailed study of dioxygen reactions with Fe(FgTPP) (where FgTPP = tetrakis
(2,6-difluorophenyl)porphyrinate(2—), an electron-poor porphyrin) revealed similar
individual steps of O, adduct formation.>® In this example, oxygenation was solvent
dependent. In coordinating solvents (nitriles or THF), typical 1: 1 end-on FeHI(O[°)
adducts were reversibly formed. The electron-withdrawing fluorine substituents
weakened the Fe—O, bond, thus decreasing dioxygen affinity and increasing dioxygen
dissociation rates for Fe(FgTPP) system; however, kinetic parameters of formation
of this 1:1 dioxygen adduct were comparable to those for oxygen binding to other iron
(II) porphyrins, with the second-order rate constants of 10~10*M~'s™". Interest-
ingly, in noncoordinating solvents (such as methylene chloride or toluene),
reversible formation of diiron(III)-peroxo adducts was reported (Figure 4.18). Ad-
dition of a base (DMAP) caused O-O bond cleavage in the (P)Fe(0,>")Fe(P)
intermediate, generating a ferryl species, (FgTPP)Fe'¥ =0. This study® further
confirms that the formation of Fe(IV)-oxo species from Fe(Il) precursors and O,
is a multistep process.

In recent years, numerous parallels between heme chemistry and corresponding
nonheme iron chemistry were uncovered. Several nonheme iron(IV)-oxo complexes
were characterized spectroscopically and even structurally.’’® Although most of
these ferryl intermediates were generated from iron(Il) or iron(II) precursors and
relatively strong oxidants (acting as an oxygen atom donor), it is also possible to

ArR

(FsTPP)Fe'-OH (5) (B)(FgTPP)Fe!V = O (4)

FIGURE 4.18 Stepwise oxygenation of the Fe(FgTPP) affording an iron(IV)-oxo
intermediate.>®
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obtain an (L)Fe"Y =0 complex directly from (L)Fe(Il) and dioxygen.59 In this
system, saturated tetraazamacrocycle tetramethylcyclam, TMC (Figure 4.7), was
used as an equatorial iron ligand. Oxygenation outcome was again solvent dependent:
ferryl species was formed in ethers, THF, and alcohols (solvents that decreased redox
potential of the iron complex), but not in CH3CN, acetone, or CH,Cl,. The 2:1
stoichiometry of the Fe(TMC)* " /O, reaction suggests a bimolecular mechanism
with the intermediacy of diiron(III)-peroxo species, analogous to the mechanism of
0-0 bond cleavage by iron(Il) porphyrins (see above).”®

Iron is a natural choice for biomimetic studies aimed at modeling ferryl chemistry
of natural heme- or nonheme oxygenases. Even though most other transition metals
are not found in oxygen-activating enzymes, they can participate in similar reaction
pathways and support similar intermediates in their reactions with dioxygen or
oxygen atom donors. Metal-oxo complexes are widespread in inorganic chemis-
try,®*! and their ability to transfer an oxygen atom®® makes them attractive as
oxidizing reactants or catalysts.®’ Acid-base properties of the metal-oxo group
predict the tendency of low-valent metals to form hydroxo rather than oxo species,
while high-valent metals (with the formal oxidation states equal to or exceeding 4)
preferentially form oxo compounds even in protic media.®* The electronic structure of
the metal-oxo moiety predicts that the metal ion can possess five or fewer d-electrons;
this requirement is sometimes referred to as “The Oxo Wall.”® Although no late
metal-oxo compounds were known until recently,® the oxo-wall was broken by latest
discoveries of iridium-oxo, palladium-oxo, and platinum-oxo moieties.®® Still, metal-
oxo complexes are most prevalent for the group 6 metals, and their abundance
decreases in moving across the period in both directions.®*¢>

Relatively few metal-oxo compounds are prepared in direct reactions of the lower
valent metal ion (or its complex) with dioxygen. For 3d-metals, the best studied
systems contain chromium(II). Two factors contribute to the desired reactivity mode:
on one hand, chromium(II) is highly reducing and its reactions with O, are thermo-
dynamically favorable and kinetically facile, while on the other hand, Cr'V=0
species are sufficiently stable, yet capable of transferring an oxygen atom to a range
of substrates.'*!'* For comparison, TiO> " and V02+, which can be obtained from
Ti(I) and V(II), respectively, do not display oxidizing properties; Mn'Y=0 and
especially Mn'=0 compounds are potent oxidants, but their plausible Mn(II)
precursors are unreactive with O, (unless the metal is bound to strongly electron-
donating ligands, such as corroles®).

A variety of chromium(II) compounds, ranging from aqueous Cr to
chromium(IT) porphyrins,®® were shown to produce chromium(IV) oxo species in
reactions with O,:

2+ 14,15

2(L)Cr'" + 0, — 2(L)CrV=0 (4.26)

The proposed mechanism of oxygenation of Cr(II) porphyrins® is identical to the
mechanisms of analogous reactions with iron(Il) porphyrins (Equations 4.22-4.25),
and involves initial coordination of O, to a single chromium center, followed by the
formation of [l-peroxo dimers of Cr(IIl) and their subsequent transformation into (P)
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Cr"Y =0 via O-O bond homolysis. Similar to iron chemistry, bimetallic activation is
implicated to account for the electronic mismatch between a four-electron oxidant
(0, — 202_) and a two-electron reductant (Cr'' — CrY). The oxygenation of
Cr? *aq 18 even more complicated and may include one-electron processes involving
odd oxidation states of chromium (CrIII and CrV); a likely source of these inter-
mediates is facile disproportionation of CrO? +aq in water.”® Excess oxygen
also induces side reactions, such as the formation of Cr022+. Nevertheless, in
the absence of excess O,, aquachromyl(IV) intermediate (with a half-life of 30 s in
acidic water at room temperature) can be cleanly generated and used in subsequent
reactivity studies.

High oxidation states are more stable for second- and third-row metals compared to
their first-row counterparts. In view of biological relevance and potential synthetic
importance of iron—oxygen chemistry, it is instructive to briefly consider the reactivity
of the heavier group 8 metal, ruthenium. Ruthenium chemistry naturally lends itself to
multielectron chemistry. Unlike iron, ruthenium can easily access a broad range of
oxidation states (from O to + 8), with most stable oxidation states (RuH, Ru", and
Ru"") being separated by two-electron transitions. Much like their iron analogues,
sterically protected ruthenium(II) porphyrins react with dioxygen, reversibly forming
0, adducts.%” Some reactions of sterically unhindered ruthenium(II) porphyrins,
however, differ from analogous iron systems. Most interestingly, [RuVI(TMP)(O)z]
(where TMP = tetramesitylporphyrin) was found to catalyze the aerobic epoxidation
of olefins at ambient temperature and pressure.’® Furthermore, this dioxoruthenium
(VI) catalyst is a competent stoichiometric oxidant under anaerobic conditions,
affording 1.6 equivalents of epoxide. The oxidant, dioxo(tetramesitylporphyrina-
to)ruthenium(VI) (Ru(TMP)(O),), could be obtained in high yield from the
RuH(TMP) and dioxygen. The catalytic cycle involving (TMP)RuH, (TMP)RuIV =0,
and (TMP)RuVI(O)Z was proposed.67 Experimental studies of the reactive inter-
mediates in this system were somewhat complicated by the instability of
(TMP)Ru"Y=0 with respect to disproportionation. The intermediacy of Ru'Y=0
species was observed in related porphyrin-catalyzed or -promoted oxidations,
including stoichiometric enantioselective alkene epoxidation with a chiral
dioxoruthenium(VI) porphyrinato complex.®® It should be noted, however, that
oxygen donors other than O, (e.g., m-chloroperoxobenzoic acid, mCPBA, or
iodosobenzene, PhlO) were used in these synthetically appealing applications.
Computational studies’® provided additional insight into possible mechanism of
original aerobic epoxidation with (TMP)Ru", and confirmed that Ru'Y=0 is a likely
intermediate in the reaction between (TMP)RuII and O, (Figure 4.19).

Bimetallic pathways were implicated in the formation of both Ru'Y=0 and
RuY!(0),. There is no doubt that rich chemistry of ruthenium and osmium in their
reactions with O, is ripe for additional exploration, and will provide new insights into
the mechanisms of O-O bond breaking with concomitant generation of relatively
stable high-valent metal-oxo intermediates. Furthermore, these metals provide the
best opportunity for true monometallic activation of dioxygen via a formally four-
electron pathway affording the M” ™ #(0), metal-oxo species. This opportunity has to
be pursued.
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FIGURE 4.19 Step-by-step reaction pathway for an oxidation of ruthenium(II) porphyrins, L
[Ru"P]L (L=CH;CN), by molecular oxygen, supported by computational studies.®

An interesting way to bypass the electronic noncomplementarity of typical
reactions between transition metal ions or complexes and dioxygen is based on
an oxygen atom transfer from an oxygen allotrope, ozone. This approach was
very successful in generating aqueous ferryl, an otherwise hardly accessible

species’:

Fe’" + 03 —FeO** + 0, (4.27)

Such a clean way of producing ferryl intermediates allowed a detailed charac-
terization of subsequent reactivity of aqueous ferryl (see also Section 4.5).

4.4 DIOXYGEN BINDING TO TWO METAL CENTERS

Two-electron reduction of dioxygen into coordinated peroxide can be easily
performed by two metal centers undergoing concomitant one-electron oxidations,
as shown in Equation 4.4 (Section 4.2.2). A variety of transition metal ions
(cobalt, nickel, iron, manganese, copper, etc.) can form dinuclear peroxides. These
complexes differ in structure (cis-p-1,2-peroxides, trans-p-1,2-peroxides, p-n*n2-
peroxides), in stability and subsequent reactivity modes, and in the protonation
state of the peroxo ligands (Figure 4.3). In certain cases, dinuclear u-n*mn’-peroxides
and bis-u-oxo diamond core complexes interconvert, as discussed below for
copper—dioxygen adducts.

Dinuclear peroxides can be assembled from the mononuclear or the dinuclear
precursors. The former scenario is more straightforward from the synthetic perspec-
tive, because monometallic starting materials are often readily accessible. However,
oxygen binding to these systems necessarily goes via at least one step that involves
two molecules of the metal complex, giving rise to complicated kinetics. In contrast,
mechanistic studies of dioxygen binding to dinuclear metal complexes are somewhat
easier, although the synthesis of well-defined bimetallic starting materials is often
difficult. Furthermore, two metal centers have to be properly positioned in a
dinuclear complex, so that dioxygen molecule can coordinate to both of them.
Otherwise, significant rearrangement of the multidentate ligand may be necessary
for efficient oxygenation.
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4.4.1 Formation of the Dinuclear Metal-Oxygen Complexes
from Mononuclear Precursors

The formation of dinuclear peroxo-bridged species from the mononuclear complexes
and O, was historically viewed as an undesirable process that prevents fully
reversible dioxygen binding to synthetic models of hemoglobin and myoglobin. In
the context of oxygen carrier design, formation of dinuclear peroxides is termed
“autoxidation.” This is indeed the first step in the bimolecular irreversible decom-
position pathway of (P)FeIII(O2_') adducts. As discussed in Section 4.3, sterically
hindered, superstructured ligands were designed to protect the metal-O, binding site
in iron porphyrins. Transient diiron(III) peroxides are well documented in sterically
unhindered heme systems.”®"?

Macrocyclic nonheme iron complexes resemble iron porphyrins in their reactivity
with dioxygen.72 Strong electron-donating ligands ensure that iron(Il) is susceptible
to oxidation and reacts rapidly with an O, molecule. The initially formed mononu-
clear iron(II)-superoxo intermediate then attacks the second molecule of iron(II)
complex, affording diiron(IIl)-peroxo species. A recent example’> of this rather
common reactivity takes advantage of amidopyridine macrocycle H,pydioneNs
(Figure 4.20). Its rigidity results in a predictable (pentagonal-bipyramidal) coordi-
nation geometry about the metal and in high thermodynamic and kinetic complex
stability, which prevents uncontrolled metal leakage, oxidation, and hydrolysis. Both
mono- and dideprotonated versions of the iron(I) complex were isolated in the solid
state; the deprotonation state persists in DMSO solvent. Monodeprotonated complex
features an intramolecular source of proton(s) that modulates oxygenation chemistry.

Oxygenation of the dideprotonated complex of iron(Il), Fe(pydioneN5), in aprotic
solvents proceeds via a path analogous to that of iron(II) porphyrins: via iron(III)
superoxo and diiron(IIT) peroxo species (Figure 4.20), as evidenced by time-resolved
spectral changes observed during the reaction. The reaction is second order in the iron
(II) complex and shows an inverse dependence of reaction rate on dioxygen
concentration. The presence of 1-methylimidazole stabilizes the diiron peroxo
intermediate: the half-life increases by about two orders of magnitude. The reaction

—I + 0, LFe
= LFe —= LFeO,; —= LFeO,FeL
o Ao o Ao ¥ v
N N VH b
<“H F'e/N7 <N\!:'e\/N7 LFe*  LFeOFelL
HN  NH HN  NH i
/ / ,
LHFe* LFe LHFe* —= LHFeO,"

H,L = H, pydione

FIGURE 4.20 Oxygen binding to a mononuclear macrocyclic iron(II) complex with ligand
H, pydione.”
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of Fe(pydioneNs) with dioxygen in methanol is distinctly different: it is first order in
both iron(IT) complex and dioxygen, with no spectroscopically observed intermedi-
ate. Similar behavior was observed for the monodeprotonated complex Fe(Hpydio-
neNs) in various solvents. The presence of an accessible proton in the vicinity of the
reaction center or from the solvent altered the oxygenation pathway in these
macrocyclic systems.”” Stability of coordinated peroxides often decreases upon
protonation in both heme and nonheme complexes.’*

The final decomposition products of diiron(III) peroxides, [-oxo-bridged diiron
(III) complexes, are often referred to as “bioinorganic rust” because of their
thermodynamic and kinetic stability. To achieve oxygen activation, irreversible
formation of p-oxo dimers has to be avoided. In addition to commonly used (but
synthetically challenging) steric protection of the metal center, electronic effects
may also shut down irreversible decomposition pathways, favoring instead reversible
formation of dinuclear peroxides. Decreasing the electron density of the metal
causes relative destabilization of high oxidation states and can prevent the
irreversible formation of oxidation products. In heme chemistry, electron-
withdrawing substituents make iron centers less susceptible toward autoxidation.
An interesting example of reversible formation of diiron(III) peroxides from O, and
iron tetrakis-2,6-difluorotetraphenylporphyrin (FgTPP) was recently reported
(Figure 4.18); analogous nonfluorinated porphyrins form “bioinorganic rust” in their
reactions with 02.56

Cobalt(Il) compounds are less prone to one-electron oxidation than their iron(II)
analogues. This shift in redox potential decreases dioxygen affinity of mononuclear
cobalt(IT) oxygen carriers, as discussed in Section 4.3.1. The other side of the same
coin is increased reversibility of dioxygen binding to cobalt(Il). While reversible
formation of metal-superoxo adducts is not unusual and can be achieved for both iron
and cobalt synthetic oxygen carriers, the tendency of cobalt complexes to reversibly
form dinuclear peroxide species is fairly unique. For example, iron porphyrins rarely
stop at the stage of diiron(Ill)-peroxo intermediates in their reactions with O,;
electron-poor ligands (such as porphyrins bearing electron-withdrawing substituents)
are necessary for reversible formation of diiron(III) peroxides.’® In contrast, a variety
of cobalt(I) complexes that react with O, proceed, via initial formation of a 1:1
Co(IIl) superoxide, to form dicobalt(II)-peroxides that do not undergo further
decomposition.”® Relative stability with respect to bimolecular autooxidation made
cobalt(Il) systems very attractive for designing synthetic oxygen carriers. Indeed,
reversible dioxygen binding was achieved for complexes with really simple ligands,
including cyanides, acyclic and cyclic polyamines, Schiff bases (with various
salicylaldehyde derivatives, such as Salen and its numerous relatives, being especially
popular), aminocarboxylates, porphyrins, and phthalocyanines, to name a few.
Several of these complexes were crystallographically characterized and shown to
have trans-pi-1,2-geometry.”

Thermodynamic and kinetic parameters of the two-step formation of dicobalt(III)-
peroxo complexes vary by many orders of magnitude.'* All four individual rate
constants (Equations 4.5 and 4.10) contribute to the overall dynamics of bimolecular
oxygenation of Co(Il) in most systems. Therefore, complicated kinetics was often
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observed. In a number of chemical systems, all four individual rate constants could
be determined, revealing some trends in two sequential oxygen binding events.
Coordination of O, molecule to a single cobalt(Il) center is usually limited by
the ligand substitution rates, and the rate constants can be as high as about 107 for
certain macrocyclic complexes (Table 4.2, Figure 4.7). The rate constant of the
second step, formation of dicobalt(Ill) peroxide, tends to be somewhat lower.
For example, Fkjo,=1.18 X 10°M 7 's™! and  kooy=4.7x10°M's™!  for
[Co([14]aneN4])(H20)2]2 *+ 1% This decrease in rate of the second step reflects steric
constraints in the process of forming a dinuclear cobalt(IIT) complex with a relatively
short peroxide bridge. Steric effects become apparent when unsubstituted [14]aneN,
ligand is compared to its hexamethylated analogue, Meg[ 14]aneN, (Figure 4.7). In the
latter case, oxygenation of LCo(Il) stops at the first step; no further reaction of
cobalt(IIT) superoxide with the remaining LCo(Il) takes place. Methyl substituents
on both faces of the macrocyclic ligand disfavor a bimolecular reaction leading to a
u-1,2-peroxide.'* A popular way of overcoming this obstacle involves design
of bimetallic complexes that are preorganized for dioxygen coordination between
the two metals.

4.4.2 Dioxygen Binding to Dinuclear Metal Complexes Exemplified by
Nonheme Iron

Bimetallic oxygen-activating sites in biology include nonheme iron or copper centers.
An interest in understanding and modeling biological oxygen binding and oxygen-
activating systems fueled numerous studies in nonheme diiron and dicopper chem-
istry. Detailed picture of dioxygen coordination to biomimetic diiron or dicopper sites
is now emerging. The discussion below will start with diiron systems, since many
features of their reactions with O, are generally applicable to other bimetallic
complexes.

The nonheme diiron centers in proteins and model complexes with O,N-donors can
reach a number of oxidation states spanning from Fe''Fe'" to Fe' Fe'". The diiron(II)
state is reactive with dioxygen yielding different products depending on the nature of
ligands and reaction conditions (Figure 4.21). Outer-sphere electron transfer may
occur for coordinatively saturated and sterically impeded complexes with sufficiently
low redox potential.'”

Inner-sphere oxygenation seems to be a more common reactivity pathway for
diiron(II) complexes.17’73’76’77 Formation of the first Fe—O bond and transfer of one
electron should lead to an iron(I)—iron(IIl)-superoxo intermediate (Figure 4.21),
which has not been observed until very recently.”® Instead, diiron(IIl)-peroxo
composition is ascribed to the adducts observed in most enzymatic and synthetic
systems, suggesting that the second electron transfer and Fe—O bonding usually are
postrate-limiting events. Several synthetic complexes with p-1,2-peroxo-bridged
diiron(IlI) cores were characterized structurally’®®* and such binding mode is
assumed for the peroxo-diiron(IIl) intermediates of several proteins (soluble methane
monooxygenase, stearoyl desaturase, ferritin, and ribonucleotide reductase) and most
model compounds.'” Protonation of the peroxide ligand gives a hydroperoxo
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FIGURE 4.21 Reactions of diiron(II) complexes with dioxygen and further transformations
of diiron—dioxygen adducts."’

complex; in hemerythrin such protonation is intramolecular (a p-OH ligand provides
a proton turning into an oxo-bridge) (Section 4.2.3). Several model diiron(III)-
hydroperoxo complexes were recently prepared in solution and characterized by
spectroscopy.'’

Peroxo-diiron(I1l) intermediates vary significantly in their stability and reactivity
depending on the nature of supporting ligands and other conditions. Some of them
(like oxyhemerythrin) (Section 4.2.3) form reversibly from a diiron(Il) complex
and dioxygen,*® but the majority of known peroxo-diiron(III) species form irrevers-
ibly and eventually decompose into different types of products. One pathway of
the peroxo-diiron(IIl) species decomposition is the disproportionation into oxo-
bridged polyiron(Ill) complexes and dioxygen.*> The peroxo intermediate of
sMMO undergoes a remarkable transformation into a bis(u-oxo)diiron(IV) species
(Section 4.5). Such a reaction has not been achieved in a synthetic system yet,
although (p-oxo)diiron(IV) complexes were recently obtained from an iron(III)
precursor and dioxygen, presumably via a (u-peroxo)diiron(IV) intermediate.®*
Peroxo-diiron(II) species with exchangeable coordination sites can transfer an
O-atom to organic phosphines and sulfides, and there is strong evidence that the
reactions occur intramolecularly upon the coordination of the substrate.'” One-
electron reduction of a peroxo-diiron(IIT) complex can yield an oxo-bridged Fe"'Fe'”
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species, a reaction that apparently occur in the R2 subunit of ribunucleotide reductase
protein.”®”” Similar chemistry was observed or suggested in some of the model
systems leading to Fe''Fe'” complexes.””®> High-valent (Fe"Fe" and Fe'VFe'Y)
intermediates are generally much more reactive oxidants than their parent peroxo-iron
complexes and can perform even such challenging reactions as alkane hydroxylation
(Section 4.5).

Peroxo-diiron(IIT) complexes can undergo not only redox but also ligand substi-
tution reactions. Liberation of H,O, was observed in the reactions with phenols and
carboxylic acids leading also to the respective phenolate or carboxylate iron(IIl)
complexes.g6 Hydrolysis of a peroxo-diiron(IIl) complex results in an oxo-diiron(I1I)
species and hydrogen peroxide. Such reaction is responsible for the “autoxidation” of
hemerythrin, but is very slow for the native protein due to hydrophobic shielding of the
active site (Section 4.2.3).2° The hydrolysis of iron(IIl) peroxides is reversible, and
the reverse reaction, the formation of peroxo intermediates from H,O, and the
(di)iron(III), is often referred to as “peroxide shunt” and is much better studied for
model complexes.

Mixed-valent Fe""Fe! intermediates were observed in several cases during the
oxygenation of diiron(II) complexes, most probably due to a one-electron outer-
sphere oxidation. Oxo- or hydroxo-bridged diiron(IIl) complexes were the final
products of these oxygenation reactions. The overall mechanism of these transforma-
tions is apparently complex and not well understood yet.””

The reactions of dioxygen with the nonheme diiron(Il) complexes often lead to
oxo-bridged diiron(IIT) complexes without observable intermediates. The four-elec-
tron reduction of the O, molecule obviously cannot proceed in one step. It is probable
that superoxo, peroxo, and high-valent iron intermediates form in such systems, butin
very small steady-state concentrations, while the initial step of O, binding is rate
limiting (Figure 4.21). Kinetic and isotope labeling studies allowed insights into the
mechanisms of several such reactions.”*"*”*® Compared to the formation of peroxo- or
high-valent diiron intermediate, the generation of oxo-diiron(III) complexes is less
interesting from the viewpoint of dioxygen activation, because in the this case all four
oxidative equivalents of O, have been wasted on oxidizing iron, and nothing is left for
the oxidation of a cosubstrate (unless the Fe""/Fe" potential is sufficient for such a
reaction).

Two stable (L-oxo)diiron(IV) complexes with tetraamidato ligands were recently
obtained in a direct reaction of mononuclear iron(Ill) precursors and 02.84 This
unprecedented transformation is possible due to very strong electron-donating
properties of the ligands that stabilize the high-valent state of iron and bring the
Fe'V/Fe™ redox potential down.

Nonheme iron enzymes and oxygen carriers contain imidazole nitrogen donors
and carboxylate oxygens in their active sites; additional (hydr)oxo-bridges or
coordinated water molecules are also commonly found. The majority of biomimetic
diiron complexes also contain N,O-ligands. Nitrogen donors are usually provided by
amino groups, pyridine rings, or other heterocycles; oxygen donors come from
carboxylates, alkoxides, hydroxides, and others. Dinuclear complexes may be
supported by polydentate dicompartmental ligands, which often incorporate bridging
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FIGURE 4.22 Dinucleating aminopyridine ligands supporting alkoxy-bridged diiron—
oxygen complexes.

groups (such as alkoxides or phenoxides). Alternatively, bi-, tri-, or tetradentate
ligands support single iron centers that are further bridged by externally added
carboxylates, hydroxides, or similar monodentate ligands.'’

The first detailed kinetic study of the oxygenation of diiron(II) species was done
with a series of complexes of dinucleating ligands HPTP, Et-HPTB, and HPTMP
(Figure 4.22).%

Starting complexes [Fe',(u-L)(u-O,CPh)]** have similar ligand environment
around the two five-coordinate iron(II) centers bridged by an alkoxide and a
carboxylate residues and also ligated by three N-donor atoms each (Figure 4.23).
However, there is a significant difference in the steric accessibility of the diiron(II)
centers (HPTP > Et-HPTB >> HPTMP), which is controlled by the structure of the
dinucleating ligands.

Oxygenation of the complexes in propionitrile solution at low temperatures (—70
to —20°C) gives high yields of dioxygen adducts formulated as [Fe)"(u-L)(u-1,2-
peroxo)(u-OZCPh)]2+. The formation of the HPTP and Et-HPTB peroxides is
irreversible, while the HPTMP dioxygen adduct forms reversibly. Oxygenation of
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FIGURE 4.23 Oxygenation of alkoxo-, carboxylato-bridged diiron(II) complexes with
dinucleating aminopyridine ligands."”
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the less sterically hindered diiron(Il) complexes (L = HPTP and Et-HPTB) follows
the mixed second-order kinetics, v= k[FeHz][Oz], with almost identical activation
parameters (AH* =16 kJ/mol and AS* = —1201J/(mol K)). The reaction of the Et-
HPTB complex was also characterized by high-pressure stopped-flow technique (the
only such study for the oxygenation of a synthetic diiron(IT) complex so far), which
gave the volume of activation AV = —13 cm®*/mol. The low activation barrier and
negative values of AS* and AV* are indicative of an associative mechanism of the
oxygenation reaction, which is consistent with the unsaturated coordination sphere of
the starting diiron(I) complexes [Fe',(L)(0,CPh)]* ™ (L = HPTP or Et-HPTB) and
the accessibility of the iron centers in them.® Oxygenation of the more sterically
constrained diiron(I[)-HPTMP complex proceeds 10°-10° times slower in the
temperature range studied because of a much higher enthalpy of activation (AH* =
42 kJ/mol) only partially compensated by a less unfavorable entropy of activation
(AS* = —63 J/(mol K)), and displayed a more complicated kinetics consistent with
reversible O, binding.'”® The reactions of the less sterically hindered complexes of
HPTP and Et-HPTB appear to have highly ordered transition states with dominating
bond formation as seen from the low enthalpies of activation and large negative
entropy of activation (Table 4.6). A much higher value of AH* and more favorable
value of AS* for the oxygenation of the diiron(I)-HPTMP complex suggests that this
reaction involves a more significant degree of bond breaking between the iron(II)
atoms and bridging ligands needed to give way to the incoming O, molecule.®

Oxygenation of the diiron(Il) complexes with HPTP and two additional carboxy-
late ligands was directly compared to the reactivity of similar complexes with one
carboxylate bridge (Figure 4.23).%° The bis-carboxylate complex [Fe",(u-HPTP)(u-
0,CPh),] " has two six-coordinated iron(II) centers in the solid state. In solution
(MeCN or CH,Cl,) at low temperatures, the complex reacts with O, following
the mixed second-order kinetics to give an adduct formulated as
[FeIZH(u-HPTP)(u-peroxo)(n]-OZCPh)z]+. Formation of the peroxo complex from
the bis-carboxylate precursor is about an order of magnitude slower than the
analogous reaction of the monocarboxylate due to a more negative entropy of
activation, while the enthalpies of activation are nearly the same (Table 4.6). Therefore,
the additional steric bulk in the bis-carboxylate complex and the requirement for a
shift from bridging to terminal mode of the carboxylate coordination give rise to a
more restricted and highly organized transition state of the dioxygen binding process.

Oxygenation of complexes [Fe”z(Et—HPTB)(02CPh)]2*,
[Fe'';(HPTP)(O,CPh)]* ", and [Fe",(HPTP)(O,CPh),]© was studied in several
weakly coordinating solvents (MeCN, EtCN, CHCl;, CH,Cl,, the MeCN/CH,Cl,
mixtures, and others) and only minor kinetic effects were observed, indicating a
passive role of the solvents. There was a general tendency for somewhat higher
reaction rates in solvents of higher polarity, in agreement with a polar transition state
and the electron transfer during the coordination of the O, molecule. However, the
oxygenation of [FeHz(HPTP)(02CPh)]2+ in the mixture MeCN/DMSO (9:1 v/v)
was characterized by significantly different activation parameters, suggesting that a
more strongly coordinating solvent (like DMSO) may change the speciation of the
starting diiron(II) complex or otherwise interfere with the reaction.
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Mononuclear iron(II) complexes supported by aminopyridine ligands (TPA and its
derivatives) self-assemble into bis-hydroxo-bridged diamond core-like structures
under basic conditions. The donor atom sets in these diiron complexes are similar to
the coordination environment created by dinucleating ligands such as HPTB. The
differences in observed oxygenation rates, detailed below, can be attributed to
significant steric hindrance about coordinatively saturated iron centers.”

Dinuclear complexes [FeHz(u-OH)z(L)Z]2 * (L=TLA, TPA, BQPA, and BnBQA)
(Figure 4.13) react with O,."77>% In selected solvents, the oxygenation of complexes
with TLA, BQPA, and BnBQA (but not TPA itself) at low temperatures gives diiron
(IIT) peroxo species; the yield of these species could often be increased in the presence
of organic bases. Under other conditions, the oxo-bridged iron(Ill) oligomers
[Fe™ (0),(L),I" " (n=2 or 3) formed.”

In all cases, the reaction was first order in both diiron(IT) complex and in O, (second
order overall) and characterized by a low enthalpy of activation and a strongly
negative entropy of activation (Table 4.6), in agreement with expectations for an
associative process.’® Both water extrusion from the diiron-bis-hydroxo-core and the
O-H bond breaking (hydrogen atom transfer or proton-coupled electron transfer) are
postrate-limiting steps, because oxygenation rates did not depend on the concentra-
tion of H,O or D,0.°" A similar behavior was reported for oxygen binding to
hemerythrin.'”-*

Kinetic evidence points to O, coordination to one of the iron(Il) centers in
Fe,(OH), cores as being the rate-limiting step in the overall oxygenation process
and implies the initial formation of a diiron-superoxo intermediate (Figure 4.24).
Indeed, such an intermediate was recently observed in the oxygenation of
[Fez(OH)z(TLA)g]2+ at low temperature (—SOC’C),78 and the activation parameters

H
/0\
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HO\
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$ 2 o \ /
H OH
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0 = O i
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0—0

FIGURE 4.24 Mechanism of oxygenation of bis-hydroxo-bridged diiron(II) complexes with
aminopyridine ligands.®®



154 MECHANISMS OF OXYGEN BINDING

of its formation were essentially identical to the activation parameters of
the formation of a more stable p-1,2-peroxo intermediate as described above
(Figure 4.24, Table 4.6).

Binding of the O, molecule to the diiron(II) core is limited by the rates of ligand
substitution rather than by electron transfer rates. An outer-sphere one-electron
transfer is unlikely, because the potential for the O,/O,  redox pair in organic
solvents is about 1 V more negative than those determined for the Fe"'Fe'"/Fe''Fe"!
redox pairs.”® Furthermore, the oxygenation rates for a series of diiron(IT) complexes
(Table 4.6) do not correlate with their redox potentials.90 Instead, the oxygenation
rates correlate best with the length of the weakest Fe—donor atom bond in the diiron(II)
complex, suggesting that dissociation of one (or more) of the donor atoms initially
bound to iron(II) is involved in O, binding.

Extreme steric hindrance about iron coordination sites in complexes with TLA
protects the peroxo intermediate from oxidative decomposition (a desirable effect)
but simultaneously makes iron(Il) centers much less accessible to even a small
incoming O, molecule, resulting in slow oxygenation (¢, ~ 30 min at 740°C).91 A
decrease in steric bulk of the tetradentate ligands failed to significantly improve
oxygenation rates, presumably because of a more “compact” and symmetric structure
of the Fe'',(OH), cores: the less negative activation entropy for these complexes was
compensated for by the higher activation enthalpies (Table 4.6) required to break the
shorter Fe—O(H) and/or Fe—N(py) bonds in the course of oxygen binding.

Since ligand substitution limits O, binding rates, coordinatively unsaturated iron
(II) complexes featuring a vacant or labile site were predicted to undergo facile
oxygenation. Indeed, a remarkable 1000-fold acceleration of dioxygen binding to
[FCIIQ(OH)Q(BQPA)2]2+ was accomplished by replacing one pyridine arm in the
polydentate ligand BQPA with a noncoordinating benzyl group in BnBQA."”

The addition of a base (NEt; or another noncoordinating amine) does not influence
the oxygenation rate, but in some cases (especially for [Fe,(OH),(BQPA),]* )
increases substantially the yield of peroxo intermediates, revealing the involvement
of a proton-sensitive step that controls reactivity of the initial O, adduct (Figure 4.24).
In the absence of base, the intermediate O, adduct can oxidize residual diiron(II)
complex, yielding oxo-bridged diiron(IIT) products.®® Alternatively, free base can
deprotonate the hydroxo bridge in the diiron—-O, adduct, promoting formation of a
diiron(IIT)-peroxo species.’! Electrophilic activation of the diiron(IIT)-peroxo species
may be useful in substrate oxidations if competing, unproductive reactions with the
starting Fe(Il) species can be prevented.

Carboxylate ligands that can bind to the metal centers in a monodentate, bidentate,
or bridging coordination modes were often incorporated in diiron complexes and
sometimes altered their reactivity with dioxygen.'” For example, diiron complexes
with polyamine ligands and simple formate- or acetate-bridging ligands showed
unusual third-order kinetics (second order in diiron complex and first order in O,)
(Figure 4.25).*” This low rate agrees with the rate-limiting association of two
molecules of the diiron(Il) complex and a molecule of O,. The transition state for
the oxidation of diiron(II) complexes was proposed to contain a side-on peroxo bridge
that is connected to both diiron units (Figure 4.25). Molecular mechanics calculations
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FIGURE 4.25 Third-order oxygenation of carboxylate-containing diiron complex with
PIPhMe.*’

indicated that such tetranuclear intermediates (or transition states) are not highly
strained. The first order with respect to dioxygen rules out intramolecular carboxylate
rearrangements as a possible rate-limiting step, although carboxylate rearrangement
may occur concurrently with O, binding. A small value of the activation enthalpy
(33 kJ/mol) and a significant negative value of the activation entropy (—39 J/(mol K))
obtained for the oxygenation of [Fe,(BIPhMe),(HCO,),] are consistent with rate-
limiting oxygenation.

Dinucleating carboxylates support diiron(II) complexes that bind O, rapidly in a
simple bimolecular process (first order in the complex and first order in O,).°* The
activation parameters estimated for the oxygenation of the XDK-Im complex,
approximately AH*=16kJ/mol and AS*= —1201J/(mol K) are in accord with the
values obtained for other diiron(I) complexes and correspond to a low-barrier O,
coordination at a vacant iron(II) center. A mechanism proposed for the oxygenation
reaction includes the attack of the O, molecule on the unsaturated (five-coordinate)
iron(Il) center concomitant with the carboxylate shift at this center followed by the
coordination to the second, six-coordinate iron(Il) center and additional ligand
rearrangement (Figure 4.26).

The rates of formation of diiron(IlI)-peroxo intermediates depended primarily on
the nature of the nitrogenous base Ly. For Ly =Im and N-alkylimidazoles, the
reaction was very fast (complete within seconds at about —70°C) and required
stopped-flow instrumentation, while for Ly =Py, it was about five orders of mag-
nitude slower and could be followed by conventional UV-Vis spectrophotometry. This
effect was explained by higher electron-donating ability of imidazole compared to
pyridine that increases the reducing power of the Fe" centers. It is reasonable to
assume, however, that the monodentate base effect is due to labilization of carbox-
ylate ligands and/or to some structural changes in diiron(Il)-carboxylate core.
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FIGURE 4.26 Proposed mechanism for oxygenation of diiron(II) complexes with dinucleat-
ing dicarboxylate ligands.””

Sterically hindered monocarboxylates (e.g., O,CAr™, 0,CAr™*?, and DXL)
(Figures 4.27 and 4.28) also proved to be very useful in modeling the active centers of
nonheme diiron enzymes.”>’”*® Oxygenation of the paddlewheel complexes
[Fe,(DXL),(L),] (L =Py, Melm, THF) at low temperatures in scrupulously dry
noncoordinating solvents (e.g., CH,Cl, or toluene) cleanly produced an intermediate
containing coordinated O, (Figure 4.27).”*%° Oxygenation of these coordinatively
unsaturated complexes (both iron(II) centers are five coordinate) occurs rapidly and is
complete within seconds even at 7= —80°C. The dioxygen binding was found to be
an irreversible second-order process (first order in diiron complex and first order in
dioxygen), with low activation enthalpies and large negative activation entropies
(Table 4.6). Capping ligands L (Py, Melm, and THF) exerted little effect on the kinetic
parameters of the oxygenation step, indicating that electron-donating properties of the
monodentate ligands do not alter significantly the dioxygen binding rates. Further-
more, oxygenation of the three complexes with different capping ligands proceeded in
an isokinetic regime, suggesting a similar rate-determining step for the series of
complexes. An isokinetic temperature Tj,, for the series is seen as a common
intersection point of the linear Eyring plot (T, =216 =4 K), as well as from the
linear correlation between activation enthalpy and activation entropy (the slope of the
linear fit gave Ty, =215 £4K).”

A more sterically constrained complex [FeHz(O2CArT°])4(4-’Bupy)z] (Figure 4.28)
reacts with O, much slower (¢, ~ 10 min at —78°C) than [Fe",(DXL)4(L),] (L = Py,
Melm, and THF) (¢,,, ~ 10 s at —80°C).* These observations support the importance
of steric control in the oxygenation rates of dinuclear iron(IT) complexes.'” Inter-
estingly, dioxygen adduct is not observed for diiron complexes with O,CAr™";
instead, this elusive intermediate reacts, via a one-electron transfer, with another
molecule of diiron(I) starting material, yielding an Fe(I[)Fe(III) and an Fe(IIT)Fe(IV)
species (Figure 4.28).°* Mixed-valent Fe(II[)Fe(IV) intermediate in this system is a
competent oxidant for selected organic substrates (e.g., phenols).

An elegant approach was developed for investigating the role of structural
rearrangements in diiron carboxylates.”> Absorption bands of these complexes shifted
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FIGURE 4.27 Mechanism of oxygenation of diiron complexes with spherically hindered
carboxylate ligand DXL.*°

into the visible range by introducing electron-withdrawing substituents into the
molecules of monodentate nitrogen heterocycles, thus allowing the direct observation
of paddlewheel-windmill interconversions and subsequent reactions with O,
(Figure 4.29). Iron centers are significantly more accessible to the incoming oxygen
molecule in a windmill complex, and faster oxygenation is observed, as expected.
Perhaps even more interestingly, addition of water molecules to a paddlewheel diiron
(IT) complex causes its structural rearrangement into a windmill geometry. As a result,
dioxygen binding to a paddlewheel complex can be accelerated by a factor of 40 in the
presence of water. The addition of the first water molecule to a paddlewheel complex
is the rate-limiting step for the overall oxygenation reaction (Figure 4.29); the second
water molecule rapidly adds to the second iron(Il) center, and dioxygen molecule
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FIGURE 4.28 Dioxygen activation by the diiron(I) complexes of the ligand O,CAr™
(e.g.. [Fex(0,CAr™),(4-BuPy),]).**

attacks sterically accessible sites at iron(II). Substitution of a labile water molecule
occurs readily, leading to oxygenated products. These results support potential
importance of water coordination in carboxylate-rich diiron enzymes.”

Dioxygen binding rates to diiron-carboxylate cores can be retarded and oxygen-
ated intermediate can be trapped by embedding the metal complex into dendrimers.”®
A third-generation dendrimer assembled around a paddlewheel diiron complex
with O,CAr™ reacts with O, 300 times slower than its nondendritic counterpart.
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bridged diiron(I) complexes.”

Furthermore, subsequent bimolecular reaction with the second molecule of diiron(II)
complex is suppressed in dendrimers, thus allowing the direct observation and
spectroscopic characterization of the Fe(II)Fe(III) intermediate (presumably, a super-
oxo complex).”® Oxygen-activating metallodendrimers open a new way toward
designing artificial analogues of metalloenzymes.

In summary, dioxygen binding to diiron(IL,II) complexes is an inner-sphere process
that is usually limited by steric effects. Oxygenation at a vacant site is rapid and low-
barrier; oxygenation at six-coordinate iron(Il) sites is limited by ligand substitution.

4.4.3 Dioxygen Binding to Dicopper Complexes: O-O Bond Breaking
That Yields Bis-p.-Oxo Species

Rich dioxygen chemistry of biomimetic copper complexes provides important in-
sights into factors that govern the chemical structure of dicopper—oxygen intermedi-
ates and the mechanisms of their formation and reactivity.***"*7~1% Similar to other
low-valent transition metals, copper(I) reacts with dioxygen in a stepwise manner.
The initially formed mononuclear Cu-O, adduct (end-on or side-on Cu(II)-superoxo
or copper(Ill)-peroxo) reacts with another molecule of copper(I) complex, affording
dinuclear Cu,(0,) species (in certain cases, trinuclear or tetranuclear adducts form
instead). The structures of these dioxygen complexes, some of which were crystal-
lographically characterized, are dictated by the chemical nature of the ligands
coordinated to copper centers.
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Tetradentate N-donor ligands tend to support end-on, trans-|L-1,2-peroxo dicopper
In complexes.‘“ The first crystal structure of a Cu,(0O,) adduct, obtained by
Karlin and coworkers, showed this binding mode in a complex supported by
tris-picolylamine ligand (TPA) (Figure 4.13).'°"'°% The end-on structure of
dioxygen adduct is determined by coordination preferences of Cu(Il). This d’
metal ion usually forms five-coordinate complexes; when four sites are occupied
by nitrogen donors from the tetradentate ligand, one site remains available for
dioxygen binding.*"’

Tridentate and bidentate ligands leave at least two coordination sites at each metal
available for interaction with dioxygen. As a result, bridging side-on O, binding
becomes dominant in dicopper complexes supported by these ligands. The first
example of a crystallographically characterized side-on dicopper—O, complex,
reported by Kitajima and coworkers, took advantage of tris-pyrazolylborate li-
gands.'®*'%* Remarkably, spectroscopic properties of this model complex were
extremely similar to those of oxyhemocyanin, thus allowing a correct prediction of
the side-on structure of the protein long before it was crystallized. While dicopper—
dioxygen core was essentially planar in the first hemocyanine models,'**'** various
degrees of distortion were observed later”’; a recent example of a butterfly core
contains a sterically constrained bidentate ligand sparteine at each copper and a
bridging carboxylate.'®

The O-O bond in side-on dicopper—dioxygen complexes can be easily cleaved,
affording dicopper(II) bis-u-oxo diamond core-type structures.***>'% The first
crystallographically crystallized complex of this type, described by Tolman and
coworkers, contained N-alkylated triazacyclononane ligands.'°® Subsequently, a
large number of bis-p-oxo dicopper(Ill) intermediates were observed in various
chemical systems.”” In many cases, dicopper(IT) u-n*n? peroxo species and dicopper
(IIT) bis--oxo species easily interconvert (Figure 4.30).%

The mechanisms of oxygenation of mononuclear copper(I) complexes were
investigated in detail by stopped-flow methods, revealing three main kinetic scenarios
for a two-step process.*” In some cases, the rates of the first step (reversible
formation of a 1:1 O, adduct) and the second step (interaction between CuH(O[')
and another molecule of the Cu' starting material) are comparable.”® This fortunate
situation was initially observed for the complexes forming end-on-bridged perox-
ides.”® Global analysis of the time-resolved optical spectra, facilitated by significant
difference in the absorption maxima of superoxo and peroxo intermediates, allows
accurate determination of all the four rate constants in this case. For nonsterically
hindered ligands, such as 4-substituted TPA derivatives (Figure 4.13), the oxygen-
ation rates at both reaction steps seem to be limited by ligand substitution (displace-
ment of a coordinated solvent molecule with an incoming O, or Cu"-0,7); relatively
small electronic effects were found for both steps.m7 Furthermore, the rate of the
formation of peroxo complex is nearly identical for TPA and for N-alkylated TREN,
although the latter is believed to be a more electron-donating ligand.'® However, the
equilibrium constants are higher for oxygen binding to Cu(Megtren) *: K| is higher
by two—four orders of magnitude. Interestingly, the values of K, only differ by a factor
of 5, and they are slightly higher for TPA. As is often the case for oxygenation
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FIGURE 4.30 Formation of dicopper—oxygen complexes and interconversions of dicopper
(1)) n* peroxo and dicopper(III) bis-p-oxo species.*

equilibria, electronic effects are reflected primarily in dioxygen dissociation rates. As
expected, sterically hindered ligands slow down or even completely suppress the
formation of dinuclear copper(IT)-peroxo species.*’

Formation of dicopper—O, complexes is usually entropically unfavorable. One
possible solution of this problem is to covalently link two copper binding sites, thus
preorganizing the complex for dioxygen coordination.*!** For this “preorganization”
to be successful, the geometry of the dicopper(L,I) complex has to match the geometry
of the resulting dioxygen adduct. Flexible linkers, such as polymethylene chains of
varying length, allow significant adjustments of geometry upon oxygenation. How-
ever, entropy gains with such nonrigid complexes are minimal and are often
compensated by unfavorable reorganization enthalpy.*' These trends were demon-
strated for a series of aminopyridine ligands connected by (CH,),, spacers.”® Inter-
estingly, bimolecular (in dicopper complex) oxygenation competes with monomo-
lecular oxygenation in these flexible systems: the initially formed Cu"-0, " adduct
can attack the second copper(I) site within the second compartment of the ligand, or
another copper(I) site in a different molecule of a dicopper(I) complex. Nonideal
geometry of dicopper—O, adducts supported by these dinucleating ligands often
resulted in nonplanar, “butterfly” geometry of Cu,—O, moieties.*!

When rigid aromatic spacers are used instead of flexible aliphatic tethers, very high
rates of dicopper(I) peroxide formation can be achieved.*'*” For example, meta-
xylene containing dicompartmental ligands were effective in preorganizing two
copper ions for dioxygen binding (Figure 4.31). Even more interesting was the
finding of intramolecular regioselective aromatic hydroxylation of these xylene-
bridged complexes with coordinated O,. Furthermore, independently prepared
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FIGURE 4.31 Rapid oxygenation of xylene-bridged dicopper(I) complexes and intramo-
lecular aromatic hydroxylation of the resulting side-on peroxo adduct.*’

phenoxy-bridged dicopper(I) complexes reacted with O, extremely rapidly (the
reaction rates were too fast to be accurately measured by the stopped-flow method
even at 173 K). The dioxygen molecule is coordinated nonsymmetrically in the
resulting adduct.’

In many cases, dicopper—O, complexes formed without observable intermediates.
This behavior can be attributed to one of the two limiting scenarios: (1) the first step,
formation of a 1 : 1 Cu—O, adduct, is rate limiting, while all subsequent reaction steps
are fast; (2) a 1:1 Cu-O, adduct forms in a rapid, left-lying equilibrium, and
subsequent formation of a Cu,(0O,) complex is rate limiting.40 The first situation
results in a simple mixed second-order rate law (first order in copper(I) complex and
first order in dioxygen); the activation parameters reflect coordination of O, to a single
copper(]) site (usually, relatively small activation enthalpies and negative activation
entropies are observed). A copper(I) complex with tris-N-isopropyl-triazacyclono-
nane serves as a good example of this kinetic behavior.*

The second situation can be identified by an overall third-order kinetics of
oxygenation (second order in copper complex and first order in O,).*

The rate constant for the overall process, k, can be expressed as follows:

k = Kk, (4.28)

The effective activation parameters reflect the contributions of the reaction
enthalpy of the Cu"'(0, ") formation and of the activation enthalpy of the subsequent
step, reaction between Cu' (O, ") with Cu' yielding Cuy(0,).:

AH' = AH, + AH] (4.29)

Because of the composite nature of the observed activation parameters, negative
values of effective activation enthalpy are possible, and were indeed observed, for
example, for the oxygenation of copper(I) complexes with 6-PhTPA'* and some
other TPA derivatives.'"’

A striking feature of dicopper—oxygen systems is their ability to undergo rapid
interconversion between a side-on peroxo (CuH) and a bis(u-0x0) (CuIH) isomeric
forms (Figure 4.30).***"7 These two forms are close in energy, and often coexist at
equilibrium that in many cases can be easily shifted by changing reaction conditions
(solvents, counterions, or temperature). Dicopper(Ill) bis-oxo form is enthalpically
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stabilized but entropically destabilized. For example, for the original system contain-
ing tris-N-isopropyltriazacyclononane, AH® = —3.8 kJ/mol and AS® = —25 J/(K mol)
for the equilibrium shown in Figure 4.30."'°

Relative stability of the bis(u-oxo)dicopper(IlT) complexes depends on the struc-
ture of ligands (denticity, steric bulk, and electron-donating ability). Bidentate ligands
tend to stabilize bis(u-oxo)dicopper(IIl) cores”" ! this trend can be attributed to the
preference of Cu(IIl), a d® metal ion, to adopt a square planar coordination geom-
etry.”’ Nevertheless, a large number of tridentate ligands also form bis(lL-0x0)
dicopper(IlI) species. DFT calculations showed that dicopper(IIl) bis-oxo structure
is inherently more stable than dicopper(Il) side-on peroxo structure. However, many
side-on peroxo complexes are also known for dicopper systems. Steric hindrance
destabilizes a more compact dicopper(III) diamond core complexes, which have a
Cu—Cu separation of about 2. 8 A (as opposed to about 3. 6 A for side-on peroxo-
bridged compounds).*>*"*7 Therefore, excessive steric bulk should be avoided to
obtain dicopper(IIl) complexes and intermediates. Electronic effects can be some-
what useful in stabilizing dicopper(Ill) oxo-bridged species: electron-donating
substituents would favor high oxidation state of the metal. However, coordinating
anions generally favor dicopper(Il) peroxides, since binding of an additional ligand
increases the coordination number of the metal (thus destabilizing compact dicopper
(IIT) diamond cores).

With very few exceptions, side-on peroxo bis-|l-0X0 rearrangement occurs
very rapidly, so O, binding to copper(I) complexes affords the most stable isomer
(or their mixture in cases of their similar stabilities). When two isomers are in a
rapid equilibrium, they appear to form from Cu(I) precursors and O, with equal
rates. When dicopper(Ill) bis-p-oxo form is favored, it forms directly from two
molecules of copper(I) complex and a molecule of O, (or, in some cases, from one
molecule of dicopper(I) complex with a dicompartmental ligand and a molecule of
0O,). As usual, oxygenation rates are fast, even at low temperatures, and activation
barriers are low.*® The overall dioxygen binding process can be described by
Equation 4.30:

2(L)Cu' + 0, — (L)Cu™ (u-0),Cu™(L) (4.30)

The net result of this reaction is a complete cleavage of O—O bond accompanied by
an increase of the oxidation state of each copper center by 2. This O—O bond breaking
occurs seamlessly and often reversibly. Dicopper systems offer fascinating oppor-
tunity for dioxygen activation via O—O bond breaking; resulting copper(IIl) species
can act as competent oxidants for a variety of substrates.*

4.44 Toward Four-Electron Dioxygen Reduction

Dioxygen reduction with dicopper(I) complexes that affords dicopper(III) bis-p-oxo
species (Equation 4.30) can be considered formally as a four-electron process. The
four-electron dioxygen reduction with bimetallic systems affording high-valent
diamond core products or intermediates is also known for transition metals other
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than copper. For example, mononuclear Ni(I) complexes with tri- or tetradentate
ligands react with O, and form dinickel(III) bis-p-oxo species.”’ Unlike dicopper
systems, dinickel(Ill)-oxo diamond cores are thermodynamically favored over the
side-on peroxo isomers, and no equilibrium between the two isomeric forms could be
observed. While several oxygenation intermediates derived from Ni(I) complexes
have been described, kinetics of these reactions were not reported.”’ A similar four-
electron reaction with O, occurs for manganese complexesm; however, the “low”
oxidation state of the metal is now Mn(II), and the “high,” (n + 2) oxidation state of
the metal is Mn(IV):

2Mn(II) + O, — Mn"" (u-0),Mn"" (4.31)
Strong electron-donating ligands are used to shift the redox potentials of the Mn'"/
Mn"" and Mn'Y/Mn™ couples, thus dramatically increasing susceptibility of the Mn
(IT) complexes to oxidations. Diamond core structure of the final product cannot be
accommodated by rigid, planar ligands such as porphyrins or phthalocyanins, but is
readily stabilized by relatively flexible Schiff bases derived from substituted salicy-
laldehyde and 1,3-diaminopropane (SALPRN)."'> While it is clear that the formation
of dimanganese(IV) bis-oxo diamond core is a multistep process, the exact mech-
anism of this reaction was not established.

In biology, four-electron O, reduction can be efficiently catalyzed by polynuclear
centers in certain well-known metalloproteins: cytochrome c¢ oxidase and multi-
copper oxidases.''* A reverse process, four-electron water oxidation, can be carried
out by manganese clusters of photosystem II or by multicopper oxidases.''*!'> While
water oxidation can hardly be viewed as dioxygen activation, certain mechanistic
features can be shared by these reverse reactions. Interestingly, biomimetic hetero-
metallic complexes containing a heme iron center and a copper center were designed
to model the active site of cyctochrome ¢ oxidase.''®~''® Initial steps of dioxygen
binding to these complexes is rather similar to O, coordination to individual
components (copper(l) sites of iron(Il)-porphyrin sites). Subsequent intermediates,
however, differ from heme-only or copper-only systems and include asymmetric |-
n'm? peroxo species''® and Fe(IV)-Cu"(OH) species.''® Electrocatalysis of water
oxidation was recently observed with these heterometallic complexes.'*’

4.5 REACTIONS OF METAL-OXYGEN INTERMEDIATES

4.5.1 Oxygen Activation with Metalloenzymes

Selective oxidation of organic substrates with dioxygen is efficiently catalyzed by
metalloenzymes. Although full treatment of this topic is well beyond the scope of this
chapter, a glimpse into enzymatic oxygen activation provides important insights into
the role of possible reactive intermediates and illustrates the challenges of regulating
multistep dioxygen reduction. Cytochromes P450 provide a textbook example of
oxygen atom transfer with heme monooxygenases (often referred to as “the heme
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FIGURE 4.32 Mechanism of substrate oxidation with dioxygen catalyzed by cytochrome
P450.°%1%

paradigm”), although remaining controversial mechanistic issues are still being
actively debated.”'?!

The consensus mechanism depicted in Figure 4.32 includes one-electron reduction
of the resting state, (P)Fe™, followed by O, binding to a vacant site at (P)Fe' affording
an Fe(III)-superoxo adduct, (P)FeIII(O['). This dioxygen complex is converted into
an iron(Il) hydroperoxide via further one-electron reduction and protonation.
Electrons are supplied by NADPH and transferred via reductase-mediated electron
transfer pathway. The same (P)Fe"(OOH) intermediate can be accessed by the
reaction of (P)Fe' with hydrogen peroxide (“peroxide shunt” pathway). Proton-
assisted O-O bond heterolysis generates a highly reactive, formally iron(V)-oxo
(PFe¥=0 « (P " ")Fe'Y=0) intermediate that rapidly hydroxylates the molecule of
substrate bound in the enzyme pocket, closing the catalytic cycle and regenerating
ferric state of the enzyme. Notably, two electron transfer events as well as proton
transfers are involved in dioxygen activation with cytochrome P450.

The ferryl-porphyrin radical intermediate in P450 chemistry was postulated by
analogy with peroxidase and catalase Compound I (CpdI). Until recently,'** no direct
experimental observations of this very unstable intermediate were reported. The
proposed mechanism of alkane hydroxylation with Cpdl intermediate of cytochrome
P450 includes a hydrogen atom abstraction followed by an oxygen rebound.'?'
Although other intermediates in P450 cycle, such as Fe(IlII)-OOH and Fe(IV)=0,
are sometimes also proposed as reactive species,'* their oxidizing ability appears
to be low.'**

The electronic structure of hemes is well suited for the stabilization of high-valent
intermediates. Cytochrome P450 and related heme enzymes take advantage of this
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feature and utilize an Fe(V) — Fe(IIl) transformation for two-electron substrate
oxidations. Of course, an additional electron has to be supplied to regenerate oxygen-
sensitive Fe(Il) and to close the catalytic cycle. In the absence of a porphyrin ligand,
different intermediates may carry out catalytic oxidations. For example, a mononu-
clear system, iron bleomycin (Fe-Blm), causes oxidative DNA cleavage, which is
considered to be responsible for the anticancer activity of this drug.?*'*>'? The
sequence of events at the iron center in Fe-Blm leading to DNA cleavage (Figure 4.33)
includes O, binding to the Fe(II) center, one-electron reduction of the dioxygen
adduct leading to the formation of a so called “activated bleomycin,” and an
interaction of “activated bleomycin” with the substrate (in case of DNA cleavage,
the 4'-hydrogen abstraction from the sugar occurs). Another one-electron reduction
regenerates Fe(II); the exact source of electrons in biological oxygen activation with
iron bleomycin was not identified. The peroxide activation of Fe(II[)Blm (peroxide
shunt) is also possible. The “activated bleomycin,” Fe"(OOH), may undergo homo-
or heterolytical O—O bond cleavage, or it may attack its substrate directly. Spectro-
scopic and kinetic evidence in favor of a direct reaction of DNA with “activated
bleomycin” was recently reported.'*’

Many mononuclear nonheme iron oxygenases require a reducing cofactor (pterin
or alpha-keto acid) for dioxygen activation.?*'*® These enzymes utilize Fe(IV) — Fe
(I) reduction by two-electron substrates. A simplified catalytic cycle for 2-keto-
glutarate-dependent enzymes is shown in Figure 4.34. Keto-glutarate cofactors assist
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FIGURE 4.34 Substrate oxidation catalyzed by 2-keto-glutarate-dependent enzymes.'*®

the iron(II) oxidation process by donating electron density to the metal center and
displacing water ligands to allow O, binding at the remaining vacant or labile site.
They also provide another electrophilic center for O, binding and undergo a formally
two-electron oxidation with concomitant formation of Fe(IV). Succinate product
binds as a monodentate ligand and can be easily replaced by a bidentate keto-glutarate
cofactor in the next catalytic cycle.”>'?®

The dinuclear systems, such as extensively studied methane monooxygenase
(MMO) that utilizes a Fezlee T redox couple for a formally two-electron oxidation
of methane into methanol with an intermediate Q of its hydroxylase component, take
advantage of both iron centers in c:atalysis.76 Diiron(IT) form of MMO reacts with O,
yielding a peroxo-diiron(IIl) species P as the first spectroscopically observable
intermediate (Figure 4.35). Although intermediate P itself does not react with a

0,
Fe”Fe" Aﬁ Fe||| _O_O_Fe”l
MMOH eq MMOH-P
2e /O
Fe'lFe' FelV FelV
MMOH, ; R N _/
CHOH  CH,4 o
MMOH-Q

FIGURE 4.35 Mechanistic scheme for substrate hydroxylation catalyzed by soluble
methane monooxygenase (hydroxylase component) (sMMOH).'”-®
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native substrate of MMO (methane), there is some evidence of its ability to transfer an
oxygen atom to olefins. Intermediate P undergoes further transformation, via proton-
induced O-O bond cleavage, into a high-valent diiron(IV) species, which most likely
has a Felzv(u—O)z core. This high-valent intermediate, termed intermediate Q, is a
kinetically competent oxidant for methane (native substrate) and other aliphatic
substrates. Substrate hydroxylation yields diiron(IIT) form of the enzyme. The
catalytic cycle is closed by injecting two electrons from NADH, which is mediated
by MMO reductase.

A brief description of several catalytic cycles for oxygen-activating enzymes does
not even start unraveling the beauty and complexity of metalloprotein structures,
reactivities, and their interplay. A closer look at these mechanisms reveals some
common features that are sometimes overlooked in designing synthetic catalysts.
Initial dioxygen binding to a low-valent metal, which occurs readily at a vacant
coordination site, initiates a sequence of reactions generating several metal-oxygen
intermediates. Superoxo, (hydro)peroxo, and high-valent metal-oxo intermediates
were observed and multiple intermediates may be involved in the oxidation of native
and nonnative substrates.'>’ Generating reactive high-valent metal-oxo intermediates
and/or closing the catalytic cycle by regenerating oxygen-sensitive low-valent metal
centers require additional electrons and protons. In other words, oxygenases require
sacrificial reducing agents. Temporal and spatial control of electron and proton
delivery is really challenging in synthetic systems that would mimic oxygenase
catalytic activity.

4.5.2 Generating Metal-Oxygen Intermediates in Synthetic Systems

As discussed in previous sections, direct reactions of low-valent metal compounds
with O, afford various metal-oxygen intermediates, including superoxo, peroxo, and
high-valent metal-oxo species. However, with the exception of superoxides and
dinuclear peroxides, alternative methods of generating these intermediates are more
generally applicable, and often produce better results.'>!°

Metal superoxides, (L)M" * (0, "), are most commonly prepared from (L)M" ©
and O,. These dioxygen adducts are rarely stable, and normally undergo subsequent
reactions (formation of p-peroxo dimers is the most common decomposition path-
way). Alternatively, direct reactions with inorganic superoxide (e.g., KO,) may yield
superoxo complexes:

LMY 107 — (LMD (05°) (4.32)

If low-valent M" " compounds are used, peroxides form instead (see below). Most
transition metal ions catalyze, to some degree, catalytic decomposition of superoxides
(display superoxide dismutase activity), thus limiting applicability of reaction (4.32)
for the synthesis or in situ generation of metal superoxo complexes.

Metal peroxides can be prepared directly from the low-valent metal complexes and
O, in some cases, including (1) mononuclear precursors with the metal ions that
easily undergo two-electron oxidation; complexes of Mn(II) are good examples'*:
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(L)Mn2 T4+ 0,— (L)MnW(Ozzf); and (2) mono- or dinuclear precursors that yield
dinuclear peroxides with both metal ions in (z + 1) oxidation state: cobalt(I), iron(II),
and copper(I) complexes offer numerous examples. Another highly popular approach
to the synthesis of peroxo complexes is a direct reaction of (L)M” ™ " with hydrogen
peroxide. This method works well for medium- and high-oxidation state metals.
A variation of the method starts with a low-oxidation state metal complex and
generates a higher oxidation state peroxide; H,O, acts both as an oxidant and as a
ligand in this case. A good example is provided by iron chemistry:

(L)Fe’ " +H,0, — (L)Fe’ * + H,0 (4.33)

(L)Fe’ " 4+ H,0, — (L)Fe"(OOH) (4.34)

Deprotonation of coordinated hydroperoxides would yield peroxides.

Hydroperoxo complexes can also be obtained by a one-electron reduction of the
superoxo intermediates; [Ru(IN H3)6]2 T is one of the most convenient reducing agents
for this chemistry."> An interesting way of preparing hydroperoxides via dioxygen
activation utilizes a formal O, insertion into M—H bond in metal hydrides; examples
are known for platinum, rhodium, and cobalt complexes, to name just a few.!®15

High-valent metal-oxo species, M"” " =0, are perhaps the most interesting for
oxidizing organic substrates. In certain cases, they can be accessed directly from M” ©
and O,. For example, aqueous Cr’ ™" reacts with 0O,, affording CraqO2+ 15, other
examples from iron chemistry and ruthenium chemistry have been introduced in
Section 4.3.3. If ozone, O3, is used in place of O,, aqueous Fe!V=0 can be cleanly
generated.”" For dinuclear complexes, reactions with O, may directly generate high-
valent species (examples for Cu'Cu' complexes affording bis-p-oxo Cu™(p-0),Cu™
have been provided in Section 4.4.3). For the majority of transition metal complexes,
however, the best way of obtaining high-valent metal-oxo species is based on
reactions between (L)M” * and various oxygen atom donors (amine N-oxides, R;NO;
iodosobenzene and its better soluble substituted analogues, ArlO; sodium periodate,
NalOy; peroxoacids, RC(O)OOH, etc.). This chemistry, which was initially devel-
oped for metalloporphyrins, is also applicable to nonporphyrin transition metal
complexes. While the formal oxidation state of the metal ion increases by 2 as a
result of an oxygen atom transfer, the initial and final oxidation states depend on the
electronic properties of the ligand. Strong electron-donating porphyrinates allow
the Fe(IIT) — Fe(V) oxidation, but neutral aminopyridine ligands support Fe(Il) —
Fe(IV) oxidations®”-%:

(P)Fe" + ArC(0)OOH — (P)Fe¥ = O=(P*")Fe!Y = O+ ArCOOH  (4.35)
(TMC)Fe"" + ArC(0)OOH — (TMC)Fe!Y = O 4+ ArCOOH (4.36)

Formally, one-electron oxidations of M” ™" compounds can also yield high-
valent metal-oxo intermediates, M”*+2—=0. For example, O—O bond homolysis of
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iron(Ill) hydroperoxides or alkylperoxides supported by aminopyridine ligands
results in the formation of Fe'Y=0 species’’:

(L)Fe(OOR) — (L)Fe'Y = 0 + RO’ (4.37)

Similar reactions of dinuclear complexes sometimes give rise to mixed-valent
intermediates, for example, diamond core FeHI(},L—O)zFeIV species obtained from
diiron(IIT) TPA complexes and H,0,.*

4.5.3 Reactivity of Synthetic Superoxo, Peroxo, and Metal-Oxo Complexes

Metal-oxygen intermediates react with inorganic or organic substrates via various
reaction pathways, such as oxygen atom transfer, hydrogen atom transfer, hydride
transfer, electron transfer, proton-coupled electron transfer, free radical reactions, and
others.'*'® The preferential reactivity pathways depend on the nature and oxidation
state of the metal, the nuclearity of the complex, and the coordination mode and
protonation state of coordinated oxygen-derived ligand(s).

Superoxo complexes can be accessed directly from M” " and O,. However, these
dioxygen adducts are usually rather sluggish oxidants. Typical superoxides of
mononuclear biological and biomimetic oxygen carriers (myoglobin, coboglobin,
cobalt(I) macrocycles, etc.) may undergo radical coupling reactions (e.g., form
peroxonitrites in reactions with NO)'

M+ (05*) +NO — M"*!(OON(0))~ (4.38)

and sometimes oxidize organic compounds with weak O-H bonds, such as phe-
nols.'>*7*® Detailed mechanistic information for these types of reactions was
obtained for relatively stable model systems, including superoxo complexes of
chromium and rhodium.'*'® For example, a hydrogen atom abstraction pathway
was unambiguously shown for the reactions of C1raqOOzJr with thodium hydrides;
these reactions were thermodynamically favorable and were characterized by a fairly
large H/D kinetic isotope effect (in some cases, krnp/krnp=7 was observed,
suggesting possible role for tunneling).' Hydrogen atom abstraction also dominates
the oxidation of 2,4,6-trialkylphenols with Craq002+.

The reactivity of metal-superoxo complexes depends on the coordination mode of
the O, "ligand, as can be illustrated by copper-oxygen chemistry. The end-on copper
(1) superoxides, such as [Cu™(TMG);TREN(M'-O~)] (Figure 4.13),** readily
oxidize externally added phenols (thus resembling other metal-superoxo intermedi-
ates described above) and promote more challenging intramolecular oxidations (e.g.,
aliphatic hydroxylation of the CH; group of the coordinated tripodal ligand in the
presence of H-atom donor, TEMPOH).'*” In contrast, side-on superoxides supported
by ketimidate ligands (Figure 4.15) were essentially unreactive with respect to
reducing substrates: no phenol oxidation was observed and triphenylphosphine did
not form phosphine oxide, but instead displaced the O, ligand.> Strong electron-
donating ability of the ketimidate ligands also contributes to the lack of oxidizing
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activity of their Cu(IT)-n? superoxo complexes. In the future, it would be interesting to
compare complexes with identical (or at least similar) polydentate ligands that differ
only in the coordination modes of the metal-bound superoxide.

Rare examples of dinuclear metal complexes with bound superoxide are known;
their reactivity is similar to the reactivity of mononuclear superoxo complexes. A
recent study on oxygenation of hydroxo-bridged diiron complex with (6-Me);TPA
(TLA) (Figure 4.13) detected a relatively unstable intermediate that was identified by
resonance Raman spectroscopy as an Fe(II)Fe(III) complex with the end-on super-
oxide coordinated to one iron.”® This species oxidized 2,4-di-tert-butylphenol at
—80°C. Small yet definitive H/D kinetic isotope effect of 1.5 suggested a proton-
coupled electron transfer mechanism for this process. Interestingly, p-1,2-peroxo
intermediate in the same chemical system (Figure 4.24) did not react with phenols or
other substrates. The lack of oxidizing reactivity of diiron-peroxo intermediate may
be unexpected, in view of rather high reactivity of hydrogen peroxide itself. A brief
discussion of metal peroxide reactivity follows.

Metal peroxides vary dramatically in their structure and reactivity. Two extremes
are represented by peroxo complexes of high- and low-valent metals. Of course, most
complexes cannot be adequately described as one of the extremes and fall somewhere
in the middle. High-valent metals (ReV“, crYt MoVt wYL vV, etc.) preferentially
form oxo-anions, where one or more oxygen atoms can be replaced with a peroxo
moiety. Unless the metal center is strongly oxidizing and tends to react with
coordinated peroxide (producing dioxygen), these high-valent peroxides are fairly
stable and often crystallized. Coordination to a high-valent metal ion increases the
acidity of hydrogen peroxide, so that doubly deprotonated peroxide anions prefer-
entially form under most practical conditions; side-on coordination mode is common.
Despite the lack of protons, peroxides coordinated to high-valent metals are electro-
philically activated and are capable of transferring an oxygen atom to substrates.'®

Similar electrophilic activation of coordinated peroxides or alkylperoxides can be
observed for the metal ions in intermediate oxidation states. To give just one example,
Sharpless epoxidation takes advantage of an electrophilic activation of alkyl hydro-
peroxides at titanium(I'V). Notably, efficient epoxidation requires substrate binding in
the vicinity of coordinated alkylperoxide, thus limiting the substrate scope of this
reaction to allylic alcohols (alkoxy group acts as an anchor)."*

Metal-peroxo intermediates of different structures were often implicated in the
catalytic cycles of oxidative enzymes (see Figures 4.32—4.35 for representative
examples). In most cases, however, these peroxo complexes are incompetent oxidants
for native substrates. Instead, they undergo further reactions (usually, O—O bond
cleavage that generates high-valent metal-oxo species) yielding more reactive,
kinetically competent oxidants. Nevertheless, some peroxides can react with sub-
strates in both enzymatic and synthetic systems.

Deprotonated peroxide coordinates to metals in low- and intermediate-oxidation
states tend to bind side-on and display nucleophilic properties. For example, iron(III)
porphyrin—peroxo complexes are nucleophilic: they did not transfer an oxygen atom
to electron-rich substrates (such as electron-rich olefins), but brought about epox-
idation of electron-poor olefins or oxidative deformylation of aldehydes."** Dinuclear
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iron(IlT) complexes containing deprotonated peroxide are also sluggish oxidants that
are nucleophilic in character.'”””*¢ Complexes with sterically hindered carboxylates
were investigated in some detail, revealing critical role of substrate proximity to the
coordinated peroxide. For example, substrate coordination to one of the iron centers in
[Fe)'(0,)(DXL),(THF),] (Figure 4.27) is necessary for productive phosphine oxi-
dation, as the saturation kinetics suggested. The formation of phosphine oxide was
controlled by the rate of substitution of the capping monodentate ligand (THF) with
the incoming substrate. Similar coordinatively saturated complexes with strongly
bound capping pyridine or imidazole did not oxidize triarylphosphines.”**° The
observed greater reactivity of coordinated phosphines indirectly supports a nucle-
ophilic nature of these deprotonated, coordinated peroxo moieties. However, even
nucleophilic peroxides can transfer an oxygen atom to a closely positioned substrate.
Similar “proximity effects” were also reported by Tshuva and Lippard for the
oxidation of covalently tethered substrates.’’

A different class of biomimetic dinuclear peroxides, p-n*n? dicopper-dioxygen
adducts Cu",(0,%"), are significantly more reactive than cis-ji-1,2-peroxides of iron
(IIT) introduced above.***' These complexes participate in various intramolecular
oxidations (aromatic hydroxylation and benzylic or aliphatic hydroxylation of the
ligand) and intermolecular oxidations (in reactions with phenols or phenolates,
phosphines, sulfides, etc.). Interestingly, end-on dicopper(Il) peroxides (with either
bridging or terminal peroxo ligand) displayed nucleophilic reactivity: they produced
phenols from phenolates (via a proton transfer reaction), peroxycarbonates from CO,,
and did not transfer an oxygen atom to phosphines (undergoing ligand substitution of
0,>~ with PAr; instead). In contrast, side-on dicopper(IT) peroxides supported by very
similar aminopyridine ligands transferred an oxygen atom to phosphines and oxidized
phenols, displaying electrophilic reactivity.*' Oxidation rates for a series of substi-
tuted phenols correlate with substrate redox potentials via Marcus equation; these
results suggested a proton-coupled electron transfer rather than a simple hydrogen
atom abstraction mechanism for this reaction.***'*! Low-barrier O—O bond cleavage
in side-on dicopper(Il) peroxo complexes may generate dicopper(Ill) bis-p-oxo
species (Figure 4.30) that are believed to be even more potent oxidants. While one
can argue that dicopper(Il) peroxides convert into dicopper(Ill)-oxo species before
attacking the substrate, and in certain cases this mechanism appears to operate, in
other cases peroxo complexes themselves act as oxidants, and O-O bond cleavage
occurs concurrently with an oxygen atom transfer to substrates.>* ™' In general,
dicopper(Il) peroxo complexes preferentially carry out oxygen atom transfer, while
dicopper(III) bis-p1-oxo intermediates are most reactive in hydrogen atom abstraction.
Similar to diiron(IIT) peroxides, both types of copper—dioxygen adducts tend to
oxidize coordinated substrates.

Electrophilic activation of coordinated peroxides can be achieved by protonation,
which typically yields end-on coordinated hydroperoxides.'® For example, the well-
defined hydroperoxo complexes of rhodium and chromium efficiently oxidize
inorganic substrates such as halide anions; these reactions are acid catalyzed.'®
Hydroperoxo intermediates were implicated in some enzymatic oxidations, such as
hydroxylation catalyzed by cytochrome P450 (Figure 4.32). Although significant
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evidence accumulates in favor of multiple reaction pathways operating in P450
chemistry, the idea of (P)Fe"-OOH species being one of the truly reactive inter-
mediates remains controversial.'>? On the other hand, a nonheme complex, activated
bleomycin, which is believed to have an Fe(III)-hydroperoxo structure (Figure 4.33),
appears to directly react with at least some substrates, including its native substrate,
DNA."?” Interestingly, iron-bleomycin may be a rather unusual case of an iron(III)-
hydroperoxo complex kinetically competent to directly oxidize substrates. While
many examples of similar species in nonheme iron chemistry were observed and
characterized, and were proposed to be involved in catalytic cycles of substrate
oxidation with H202,90’128 recent direct experiments indicate that pure Fe'"-OOH
compounds are sluggish oxidants that do not transfer an oxygen atom to olefins or
even such nonchallenging substrates as phosphines.'** It appears that excess oxidant
(H,05 in oxidations with hydrogen peroxide) often decreases the lifetime of metal-
hydroperoxo intermediates, while increasing their apparent reactivity. This implies
that intermediates other than M(OOH) may form, especially in the presence of extra
H,0,, and these species would act as competent oxidants. Often-discussed possi-
bilities include high-valent metal-oxo complexes (e.g., Fe"'=0 or Fe¥=0, derived
from the parent Fe"'-OOH by O—O bond homolysis or heterolysis, respectively). An
interesting alternative may be seen in oxidant coordination to a high-valent metal
species. This pathway was proposed for olefin epoxidation with H,O, catalyzed by a
manganese(IV)-oxo complex with a crossed-bridged cyclam ligand, where neither
(L)MnIV:O nor (L)MnV:O were plausible (the former was unreactive, and the latter
was never observed); Lewis acid activation of H,O, coordinated to a Mn'Y=0 moiety
accounted for the observed reactivity and %O labeling results.'*® Similar pathway
seems to operate in oxygen atom transfer from PhIO catalyzed by Mn"=0 complex
with corrolazine: while high-valent Mn(V)-oxo complex is stable and unreactive by
itself, its adduct with PhIO, (L)Mn"(O)(OIPh), is a potent oxidant.**

To oxidize the challenging substrates, really reactive intermediates must be
generated. Lessons from redox enzymes suggest high-valent metal-oxo species as
the best candidates for efficient oxidants. Not surprisingly, a vast literature is devoted
to the chemistry of these species, which differ rather dramatically in structure and
reactivity and range from simple aqua complexes, such as Craqu ¥, to elaborate iron-
porphyrin models of the active site of cytochromes P450. The O-O bond is no longer
present in these species: it was cleaved prior to their formation. Most of the
nonbiological metal-oxo intermediates were prepared from oxygen donors other
than dioxygen itself. Substrate oxidation with metal-oxo compounds is always
accompanied by a decrease in the metal oxidation state, and oxidizing ability of
metal-oxos depends primarily on the redox properties of a particular metal in its
specific ligand environment. The term “high-valent,” when applied to metal-oxo
species, has to be defined in context: the oxidation state of + 3 is “high” for copper,
but usual for iron, and “low” for molybdenum, to name just a few examples.
Electronic structure of the ligands plays a crucial role in modulating the reactivity
of metal-oxo species. In iron chemistry, strong electron-donating porphyrin ligands
favor the formally Fe(V)/Fe(III) redox couple, while Fe(IV) porphyrins are less potent
oxidants, and preferentially undergo one-electron reduction into thermodynamically
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and kinetically stable (P)Fe™. On the other hand, the oxidation state + 4 is “high” in
nonheme iron chemistry, where two-electron redox processes often utilize an Fe(IV)/
Fe(II) couple.57’58

Typical reactions of high-valent metal-oxo species formally include (but are not
limited to) formally one-electron processes (hydrogen atom abstraction, electron
transfer, and proton-coupled electron transfer) and formally two-electron processes
(hydride abstraction and oxygen atom transfer). Electron transfer happens at the
metal, hydrogen atom abstraction or hydride abstraction involves adding H" or H™ to
the terminal oxygen atom of the metal-oxo moiety, a proton-coupled electron transfer
combines an electron transfer to the metal and a proton transfer elsewhere (e.g., to
the oxo group), and an oxygen atom transfer involved complete cleavage of a
metal-oxygen bond.

Electron transfer rates with metal-oxo species as oxidants are described by Marcus
theory, similar to the other electron transfer processes. The rates of hydrogen atom
abstraction by metal-oxos were analyzed in detail by Mayer, and were shown to
follow Polanyi correlations.'** These free energy relationships link the oxidation
rates to the substrate O-H (or C—H) bond energies and the OH bond energies of the
metal-containing product (M”*-OH derived from M” " '=0). The latter term de-
pends on the M""'=0/M""-OH redox potential and on the acidity (pKa) of
the metal-hydroxy product. For a given oxidant, linear correlations were found
for the rates of substrate oxidation as a function of the C—H bond energies (or O-H
bond energies for alcohol or phenol substrates). For a given substrate, the oxidation
rates correlate reasonably well with the M” "'=0/M""-OH redox potential.'**
However, exceptions from these simple correlations are also known and could
often be attributed to steric hindrance and/or excessive geometric reorganization in
the course of redox process. A more recent analysis showed applicability of
Marcus crossed-relation not only to electron transfer but also to hydrogen atom
transfer reactions'*”:

kXy = (kxxknyX)fvy) 12 (4.39)

Metal-oxo complexes abstract hydrogen atom from substrates faster than their
protonated metal-hydroxo counterparts, as was shown for Mn(IV) compounds
with crossed-bridged cyclam.'*® Hydrogen atom abstraction is characterized by a
fairly large H/D kinetic isotope effects: KIE usually exceeds 3, and sometimes reaches
values as high as 30—40.°® In contrast, a modest kinetic isotope effect of about 1.3-1.5
is usually observed for proton-coupled electron transfer reactions.'>”"!38

In many cases, metal-oxo complexes participate in either hydrogen atom abstrac-
tion or hydride abstraction reactions; sometimes these two pathways occur concur-
rently. The preference for one of these pathways over the other depends on the
nature of substrate: substrates that preferentially undergo homolytic cleavage of
their C—H bonds forming radicals react via hydrogen atom abstraction.'®> The two
pathways are often close in energy, as can be exemplified by the reactions of CraqO2 *.
This simple metal-oxo species can be prepared directly from Cr** and O,, and it
forms spectroscopically distinguishable products in one-electron (H-atom transfer)
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versus two-electron (hydride transfer) reductions (Cr* " that quickly reacts with
excess O,, affording CrOO? " or Cr'™(OH), respectively). Interestingly, methanol
undergoes H™ transfer, while aldehydes (such as pivaldehyde) are oxidized via
H-atom transfer'”:

2
CryO** + CH;30H — CH0 + H,0 4 Cr,2 T - Cr,q00* * (4.40)
CryqO* ™ + (CH3),C-CHO — (CH3),C"O + Cr,qOH* " (4.41)

Oxygen atom transfer reactions from metal-oxo species to phosphines (forming
phosphine oxides), alkylsulfides (forming sulfoxides), olefins (forming epoxides),
and other substrates depend on the relative X=0 bond dissociation energies in the
metal-oxo starting material and the oxidized product; the reactivity scale based on
bond dissociation energies was proposed.®?

While it is impossible to review individual metal-oxo complexes here, one recent
dramatic development, discovery of ferryl(IV) nonheme complexes,>’® deserves to
be mentioned. Iron(IV)-oxo intermediates were known in heme chemistry for quite
some time, but ferryl(IV) in nonheme systems became readily available and well
characterized only very recently, when the X-ray structure of the Fe'V=0 complex
with tetramethylcyclam was determined,'*” and several similar complexes were
identified spectroscopically and crystallographically (Figure 4.36).>7%

This recent breakthrough provides an access to an entirely new class of inter-
mediates in mononuclear nonheme iron systems. Nonheme iron(IV)-oxo complexes
can oxidize a variety of substrates (Figure 4.37), their most challenging reaction is
alkane hydroxylation. These oxidants are electrophilic in nature, as was demonstrated
by Hammet correlations in oxygen atom transfer to aryl sulfides. Nonheme ferryls
abstract hydrogen atom from dihydroanthracene and related compounds with a huge
(about 30-50) H/D kinetic isotope effect. In contrast, aromatic hydroxylation with (L)
Fe'Y'=0 is accompanied by small inverse isotope effect, indicative of an electrophilic
attack of the aromatic ring with an sp’—sp° rehybridization at the rate-limiting step. In
addition to ferryl species supported by polyamine or aminopyridine ligands,
aqueous Fean:O was cleanly generated from Fe(II) and ozone and its reactivity
with organic substrates was characterized, showing competing hydrogen atom and
hydride transfer pathways.”"

In view of these successes in preparation and characterization of nonheme ferryl
species, it is tempting to invoke Fe(IV)-oxo intermediates in a variety of iron-
catalyzed oxidations with dioxygen, peroxides, and other oxygen atom donors.
However, direct experiments question this interpretation in several cases. Efficient
olefin epoxidation with hydrogen peroxide catalyzed by Fe(TPA)*" or Fe
(BPMEN)? " in the presence of acetic acid proceeds under conditions that favor
the formation of (L)Fe'"Y=0. This intermediate was independently generated and
subjected to reactions with olefins. Surprisingly, no epoxide (or an alternative product,
cis-diol) formed in this experiment, clearly demonstrating that ferryl(IV) is not a
competent intermediate in these epoxidations (or related dihydroxylations).'*

Because FeHI—OOH, another plausible intermediate, was also unreactive in olefin
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FIGURE 4.36 X-ray structures of nonheme iron(IV)-oxo complexes. (See the color version
of this figure in Color Plates section.)®’

epoxidation, the still-unobserved FeV=0 intermediate, which may result from acid-
assisted O—O bond heterolysis of the coordinated hydroperoxide, was proposed.
Similarly, aqueous (H,0)sFe' =0 transfers an oxygen atom to sulfoxides, forming
sulfones, but relatively slow reaction rates exclude ferryl as a possible intermediate in
Fenton chemistry, where much faster iron-catalyzed oxidation of sulfoxides with
H,0, was observed.'*! Hydroxyl radicals must be responsible for Fenton oxidation of
sulfoxides. Somewhat limited oxidizing power of nonheme iron(IV)-oxo complexes
is surprising and deserves further investigation. It is already clear that the reactivity of
these intermediates can be modulated by changing the additional ligand tramns to
Fe=0 moiety.’”->®
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A possible approach to increasing the reactivity of metal-oxo intermediates is to
combine two (or more) such moieties in one dinuclear complex. Indeed, dinuclear
or polynuclear metal centers are well known in enzymes, including methane mono-
oxygenase and multicopper oxidases. The best known synthetic complexes that can
be classified as high-valent metal-oxos include bis-l-oxo dicopper(IIl) complexes
and analogous bis-lt-oxo iron(Il)iron(IV) complexes, often referred to as “diamond
core” structures.®> Some recent studies indicate that dinuclear complexes bearing
terminal high-valent metal-oxo moieties can be even more reactive than their
“diamond core” counterparts.'**!'**> Exploring the reactivity of di- and polynuclear
high-valent metal-oxo complexes will certainly lead to productive strategies for
substrate oxidations.

4.6 CONCLUDING REMARKS

Mechanistic studies provide the bedrock for understanding chemical reactivity and
have direct impact on the design of molecules with tailored properties for new
catalytic systems. From the perspective of small molecule activation, it is very
important to map out the mechanistic details of multielectron processes, which
ultimately result in the E-E bond cleavage. This problem attracted attention of
numerous researchers in oxygen activation chemistry, where stepwise O, reduction
appears to be beneficial for peroxide generation and oxidation of thermodynamically
less challenging substrates, while four-electron process is desirable for generating
highly reactive metal-based oxidants and for energy conversion (in fuel cells,
synthetic models of photosynthesis, etc.). Dramatic progress was accomplished in
understanding the mechanisms of natural dioxygen carriers and redox enzymes, as
well as in designing their structural and functional models. This work will provide a
starting point for the mechanism-based design of new metal-catalyzed small-mol-
ecule activation and utilization reactions. Rewardingly, similar chemical principles
operate in dioxygen activation by metalloenzymes and synthetic transition metal
complexes.

Although dioxygen binding to a transition metal center inherently involves an
electron transfer, formation of the metal-dioxygen bond tends to be an inner-sphere
process controlled by the rates of ligand substitution. Dioxygen coordination to vacant
or labile metal sites tends to be an associative, entropically controlled reaction. In the
absence of extreme steric hindrance, this process is very rapid for 3d-metal ions, but it
can be significantly slower for 4d- and 5d-metals. Dioxygen affinity is controlled by
both steric and electronic factors, with the former affecting primarily the O, binding
rates and the latter affecting the O, dissociation rates. The initial end-on O,
coordination to mononuclear complexes is rate limiting and can be followed, in
certain cases, by the formation of the second metal-oxygen bond affording side-on
dioxygen adducts. Depending on the relative stability of consecutive oxidation states
of the metal, these dioxygen adducts can be formulated as superoxo or peroxo
complexes.
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Dioxygen binding to dinuclear metal centers also starts with the formation of the
first metal-oxygen bond; dioxygen coordination is again controlled by ligand
substitution and occurs rapidly at sterically accessible vacant sites. The subsequent
step, coordination of the bound O, to the second metal center, highly depends on the
geometry of the dinuclear metal complex and can be retarded or even completely shut
down by excessive steric bulk of the multidentate ligands. Bridging O, in dinuclear
complexes may have either side-on or end-on geometry, giving rise to p-n*n?Z,
u-n'm?, or p-n'm? structures.

0O-0 bond cleavage usually requires bimetallic activation, although final products
may be mononuclear or dinuclear metal-oxo complexes. Avoiding one-electron
processes is important for selective substrate oxidations; formally, two-electron
processes may result from a single metal ion increasing its oxidation state by 2 or
from a pair of metal ions acting in concert, with each metal increasing its oxidation
state by 1. Rapid interconversion of dinuclear metal-peroxo and high-valent oxo
intermediates is typical for side-on dicopper—dioxygen adducts.

Metal-superoxo and metal-peroxo complexes can participate in various substrate
oxidation reactions, such as electron transfer, hydrogen atom or hydride abstraction,
proton-coupled electron transfer, and oxygen atom transfer. However, these inter-
mediates, especially when dioxygen is coordinated side-on, tend to be relatively
sluggish oxidants. Their reactivity with reducing substrates can be increased by
electrophilical activation (for example, by coordinating peroxide ligands to a high-
valent metal ion or by inter- or intramolecular protonation). Alternatively, one can
take advantage of proximity effects: substrate oxidation is greatly facilitated in the
immediate vicinity of the metal-dioxygen moiety. Similar proximity effects may
account for the selectivity of enzymatic oxidations.

High-valent metal-oxo intermediates are believed to be rather potent oxidants.
Although various metal-oxo intermediates can be prepared in reactions between
low-valent metal complexes and strong oxygen-atom donors, very few of these
species form directly from synthetic metal complexes and dioxygen. Attempts to
apply these complexes in catalysis face additional complication: it is difficult
to regenerate the low-valent metal starting material and to close the catalytic
cycle. Metalloenzymes overcome these obstacles by using sacrificial reducing
agents; O—-O bond cleavage is also assisted by controlled delivery of protons.
Controlled delivery of protons and electrons remains challenging in synthetic
systems. Systematic mechanistic studies will be instrumental in addressing
these challenges.
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5 Activation of Molecular Hydrogen

GREGORY J. KUBAS and DENNIS MICHAEL HEINEKEY

5.1 INTRODUCTION

Dihydrogen (H,) has long been vital in catalytic processes such as hydrogenation and
conversions of organic compounds. It is also being considered as a future energy
storage medium, and hydrogen production and storage are at the forefronts of
research. The H, molecule is held together by a very strong two-electron H-H bond
and is only useful chemically when the two H atoms are split apart in a controlled
fashion. However, the molecular level mechanism by which the H, molecule binds
and the H-H bond cleaves was established only relatively recently. The electronically
saturated dihydrogen molecule had not previously been observed to chemically bind
to ametal center, often the first step in breaking a strong bond. The discovery by Kubas
and coworkers in 1984 of coordination of a nearly intact H, molecule to a metal
complex (L,M; L = ligand) caught this in intimate detail and led to a new paradigm in
chemistry (Scheme 5.1)."*

The H, binds side-on (referred to as 1) to the metal primarily via donation of its
two o-bonding electrons to a vacant metal orbital to form a stable H, complex. It is
remarkable that this already strongly bonded electron pair can be donated to a metal to
form a nonclassical two-electron, three-center bond, as in other “electron-deficient”
molecules such as diborane (B,Hg).

The fact that the existence of dihydrogen complexes remained hidden for so long is
remarkable. Metal dihydrides formed by oxidative addition of the H-H bond to a metal
center had early on been known to be a part of catalytic cycles.”® Although some type
of metal-H, interaction was assumed to be a forerunner in dihydride formation, it was
thought to be an unobservable intermediate. As previously detailed by Kubas, the
complex W(CO);3(PR3),(H,) was the first molecular compound synthesized and
isolated entirely under ambient conditions that contained the H, molecule (albeit
“stretched”) other than elemental H, itself! The H-H bond length in W(CO);
(P'Pr3),(H») (0.89 A) is elongated ~20% over that in free H, (0.74 A), showing that
H, is not physisorbed but rather chemisorbed, where the bond is “activated” toward
rupture. The latter process and all its structure/bonding/dynamical ramifications are
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the reasons why the finding of a H, complex was important: it is the prototype for
activation of @/l 6-bonds, including C-H bonds in hydrocarbons. This chapter will
focus primarily on the physical chemistry and spectroscopic aspects of dihydrogen
complexes. Forexample, IR and NMR spectroscopies will be highlighted because they
were crucial to both the original discovery and subsequent understanding of H, binding
and activation on metal centers. In this and other aspects of H, coordination chemistry,
isotope effects are of utmost importance and will also be discussed in some detail.
Irrefutable evidence for H, binding in W(CO)3(P'Pr3),(H,) was difficult to obtain
because pinpointing H positions crystallographically is difficult in the presence of
heavy atoms. As will be shown, IR spectroscopy gave the first clue that H, was bound
molecularly and not atomically. Here, the large isotopic shifts observed in the spectra
of H, versus D, complexes aided identification of the vibrations due to bound
dihydrogen, which turned out to be much different than those in metal hydrides.

Ultimately, '"H NMR spectroscopy turned skeptics into believers: the HD complex
W(CO)3(P[Pr3)2(HD) was synthesized and showed a large HD coupling constant that
proved that the coordinated H-D bond was mostly intact and not split to give a
hydride—deuteride such as W(H)(D)(CO)3(PiPr3)2. The NMR showed a 1:1:1 triplet
(deuterium spin=1) with Jgp =33.5Hz, nearly as high as in HD gas, 43.2 Hz.
Observation of Jyp higher than that for a dihydride complex (>2 Hz) became the
premier criterion for a H, complex, as will be described.

The appreciation of H, complexes was delayed by the notion that such complexes
could not be stable relative to classical dihydrides. Even the theoretical basis for
interaction of H, and other 6-bonds with a metal was still undeveloped at the time of
the initial discovery. Ironically, a computational paper by Saillard and Hoffmann’ in
1984 on the bonding of H, and CH,4 to metal fragments such as Cr(CO)s was published
only shortly after our publication of the W—H, complex (without mutual knowledge).
Such interplay between theory and experiment has continued to be an extremely
valuable synergistic relationship.>*® The innate simplicity of H, was attractive
computationally, but the structure/bonding/dynamics of H, complexes turned out to
be extremely complex and led to extensive study (>300 computational papers).

Initially, H, binding in M(CO)3(PR3),(H,) seemed unique because the bulky
phosphines sterically inhibited formation of a seven-coordinate dihydride via oxi-
dative addition. However, complexes with very simple ligands such as amine, CO, and
even water have now been identified, indicating electronic considerations are also
important. The hundreds of H, complexes synthesized after the initial discovery could
notinitially have been imagined, and it was difficult at first to know where to search for
new ones. It would take over a year before others were identified, notably by Morris,
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Crabtree, Chaudret, and Heinekey. These researchers have since performed synthetic,
reactivity, and NMR studies on H, complexes®'®!'* and were eventually joined by
more than 100 investigators worldwide. Remarkably, several complexes initially
believed to be hydrides were revealed to be H, complexes by Crabtree™'” in 1986
using as criteria the short proton NMR relaxation times of H, ligands. Particularly
interesting was RuH,(H,)(PPhs)3, first reported in 1968.'® This complex exhibits
unusual H, lability, which led Singleton in 1976 to describe it as a characteristic of
“H,-like bonding.”'® However, attempts to prove H, binding here were problematic,
even long after H, binding was established.*®

Over 600 H, complexes are known (most of them stable) for nearly every transition
metal and type of coligand and are the focus of 1500 publications, dozens of reviews,
and three monographs.? 1011421229 The view on H, complexes has shifted from
significance in basic science to more practical energy-relevant aspects, for example,
H; production and storage. An important question after their discovery was are H,
complexes relevant in catalysis, that is, does direct transfer of hydrogen from a H,
ligand to a substrate occur? The answer is yes, and H, complexes are now believed to
be crucial intermediates in hydrogen activation, particularly in heterolytic splitting
processes.

This chapter will focus on spectroscopic characterization and other methodologies
based on physical chemistry for studying interactions of H, with metal centers. Often
the only evidence for formation of certain types of molecular H, complexes is
spectroscopic, particularly solution- and solid-state NMR spectroscopy. NMR spec-
troscopy is by far the most commonly used and reliable diagnostic for identifying
molecular versus atomic hydrogen coordination and the degree of activation of the H,
ligand in metal-H, complexes. This physical chemistry method along with vibra-
tional and neutron spectroscopy will thus be the primary focal points of this chapter.
Isotope effects and thermodynamic and kinetic measurements on H, complexes will
also be covered.

5.2 SYNTHESIS OF H, COMPLEXES

Several synthetic routes to H, complexes are available. Simplest is addition of H, gas
to a coordinatively unsaturated complex such as W(CO);(PR3),. Displacement by H,
of weakly bound “solvento” ligands such as CH,CL>° in [Mn(CO);{P
(OCH,);CMe}»(CH,ClL,)] ™ or H,0 from [Ru(H,0)s]** to form [Ru(H,0)s(H,)]* "
(Scheme 5.2) under high H, pressure is also effective.

Ho 2+ Ho 2+ Ho
HaN//,,.Ol NH3 HZOII“'Rl OH, OCI/I"'C! CO

S u I
NH, H,0 co

SCHEME 5.2
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Although most metal-dihydrogen chemistry is carried out in organic solvents,
aqueous systems have been found that have potential applications in biomimetic and
green chemistry, for example, chemoselective hydrogenation catalysis.*' Protonation
of a hydride complex by acids is often used'>** and is widely applicable because it
does not require an unsaturated precursor that may not be available. An example is
shown in Scheme 5.3.

Kinetic studies of the protonation of metal hydrides with acids to form H,
complexes of the type [FeH(H,)P,]* (P, =2dppe or P(C,H,PPh,)5) show first-order
dependence on concentration of both complex and acid.>® This reaction in THF
involves direct attack of acid at one hydride in FeH,P,, apparently by the mechanism
in Scheme 5.4, where a type of hydrogen bonding interaction (‘“dihydrogen bonding™)
is likely to be the first step.

Importantly, this is the microscopic reverse of heterolytic cleavage of hydrogen, a
crucial step in stoichiometric and catalytic reactions of H, as will be discussed below.

Most H, complexes contain low-valent metals with d° electronic configurations.
Reversibility of H, binding is often a key feature; that is, H, can be removed simply
upon exposure to vacuum and readded many times at ambient temperature/pressure.
Virtually all H, (and other 6) complexes are diamagnetic, and dihydrogen ligands
have not been definitively shown to bridge metals. Surprisingly, the coligands on H,
complexes can be simple classical nitrogen-donor ancillary ligands such as ammonia,
as in [Os(NH;3)s(H»)]** (Scheme 5.2),>* which has a very long H-H distance (dypy),
~1.34 A,** more characteristic of a dihydride, which it was initially believed to be.*
Complexes containing only H,O%® or CO*”-*® coligands are also known, although they
are marginally stable (Scheme 5.2). Heinekey showed that the pentacarbonyl com-
plexes were stable enough to obtain low-temperature NMR spectra that proved that
the H, was bound in similar fashion to that in M(CO);(PR3),(H,). Importantly, all
these findings demonstrated that sterically demanding coligands such as bulky

Fe—H + HX
H H1*
Fe—H-—-HX — F¢’ H, —— Fe—| — Fe—|
X H X

N

X

SCHEME 54
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phosphines were unnecessary for H, coordination per se, although they could impart
thermal stability electronically by increasing the electron richness of the metal center.
Determining the presence of a H; ligand and its dyy is nontrivial since even neutron
diffraction has limited applicability and can give foreshortened dyy due to rapid H,
rotation/libration.>® As will be discussed below, ' Jyp is the best criterion and values
determined in solution correlate well with dyy in the solid state. Vibrational
spectroscopy can also be useful, although the bands due to H, ligands can be weak
and/or obscured, as will be discussed in Section 5.8. Inelastic neutron scattering is a
powerful spectroscopic tool developed by Juergen Eckert and coworkers at Los
Alamos. Rapid H; rotation in solid H, complexes provides unequivocal evidence for
molecular H, binding and also the presence of M — H, backdonation (BD).40

5.3 STRUCTURE, BONDING, AND DYNAMICS OF H, COMPLEXES

The three-center metal-H, interaction complements classical Werner-type coordi-
nation complexes where a ligand donates electron density through its nonbonding
electron pair(s) and m-complexes such as olefin complexes in which electrons are
donated from bonding m-electrons (Scheme 5.5).

It is remarkable that the bonding electron pair in H, can further interact with a
metal center as strongly as a nonbonding pair in some cases. The resulting side-on
bonding in M-H, and other G-complexes is analogous to the 3c—2e bonding in
carbocations and diborane. H, is thus a weak Lewis base that can bind to strong
electrophiles, but transition metals are unique in stabilizing H, and other ¢-bond
complexes by backdonation of electrons from a filled metal d-orbital to the ¢*
antibonding orbital of H, (Scheme 5.5), a critical interaction unavailable to main
group atoms.>*® The backdonation is analogous to that in the Dewar—Chatt—Dun-
canson model*'** for m-complexes such as ethylene complexes.

Backdonation of electrons from the metal center to H; is crucial not only in
stabilizing M—H, bonding but also in activating the bond toward homolytic cleav-
age.>*®If it becomes too strong, for example, by increasing electron-donor strength of
coligands on the metal center, the H-H bond cleaves to form a dihydride because of
overpopulation of the H, 6* orbital. There is often a fine line between H, and dihydride
coordination, and in some cases equilibria exist in solution for W(CO);(PR3),(H,)
(Scheme 5.6), showing that side-on coordination of H; is the first step in H-H cleavage.

e 4.
o QY

M-r bond M-c bond
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Although electronic factors for oxidative addition of H, are well established,
the role of steric factors is less clear. Bulky phosphines can inhibit H, splitting:
for less bulky R =Me, the equilibrium lies completely to the right; that is, the
complex is a dihydride.43 However, as shown above, H, complexes are also stable
with only small coligands L such as NH; (Scheme 5.2), in some cases with greatly
elongated dyy, two further paradigm shifts. This led to extensive efforts to vary M,
L, and other factors to study stretching of the H-H bond. Within the large regime of
hundreds of L,M—H, complexes, the reaction coordinate for the activation of H, on
a metal (Scheme 5.3) shows dyy varying enormously, from 0.82 to 1.5 A
(Scheme 5.7),3+10-15:17.21-24.30.34-40.43-50

Although the dyy ranges shown are arbitrary, each category of complexes has
distinct properties. The dyy is relatively short (0.8—1.0 A), and H; is reversibly bound,
in “true” H, complexes best exemplified by W(CO)3(PR3),(H;), much as in physi-
sorbed H, where dyyj; is <0.8 A. Elongated H, complexes (dyy = 1-1.3 A)!4:34:4849-51
were first clearly identified in 1991 in ReHs(H,)(PR3), where neutron diffraction
showed a dyy of 1.357(7) A.*> Complexes with diy;> 1.3 A are now viewed as
“compressed hydrides,” with NMR features differing from elongated H, complexes;
for example, Jyp increases with temperature for the former and decreases for the
latter.”! These are relative terms since a near continuum of dyy has been observed.

Activation of H, is very sensitive to metal, ligand, and charge; for example,
changing R from phenyl to alkyl in Mo(CO)(H,)(R,PC,H4PR5), leads to splitting of
H,.*® Strongly donating L, third-row M, and neutral charge favor elongation or
splitting of H-H, while first-row M, electron-withdrawing L, and positive charge
(cationic complex) favor H, binding and shorten dyy. The ligand trans to H; has a

H H
H M H R / /
| —>» M- —>»M i > M : 3»>M
H H *H N\H \ y
074A 08-1.0A 1.0-1.3A 1.3-1.6 A >1.6 A
true H, complex  elongated H, compressed dihydride
complex dihydride

SCHEME 5.7
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powerful influence: strong mt-acceptors such as CO (and also strong 6-donors such as
H) greatly reduce backdonation and normally keep dyy <0.9 A. Thus, one can favor a
H, complex by placing the H, trans to a strong m-acceptor. Conversely, mild c-
donors such as H,O or mt-donors such as Cl trans to H, elongate dyy (0.96-1.34 A), as
dramatically demonstrated by the isomers in Scheme 5.8.%% The cis-dichloro complex
is actually a “compressed trihydride” (dyy ~1.5 A) in solution, but in the solid state it
is an elongated H, complex (dyy=1.11 A) due to Ir=Cl - - - H-Ir hydrogen bonding,
illustrating the hypersensitivity of diyy to both intra- and intermolecular effects.>

Exceptions exist: the isomers of Cr(CO)4(PMes)(H,) have similar Jyp (~34 Hz,
hence dygy ~0.86 A) whether H, is trans to CO or PMes>® most likely because the
metal center is very electron-poor and backdonation is very weak.

The question can be asked: at what point is the H-H bond actually “broken”?
Computational analyses suggest this occurs at a H-H distance near 1.48 A, that is,
twice the normal length,>* but in reality little H-H bonding interaction remains for
dyp>1.1A™ In certain “elongated” H, complexes, for example, [OsCl(H,)
(dppe),] *, the potential energy surface for bond cleavage is extremely flat and the
energy barrier for stretching the H-H bond from 0.85A all the way to 1.6A is
calculated'*>" to be astonishingly low, ca. 1kcal/mol! The bonding of the H, ligand
can thus be viewed as highly delocalized here: the H atoms undergo large amplitude
vibrational motion along the reaction coordinate for H-H breaking. Remarkably, dyy
is both temperature and isotope dependent in certain complexes such as [CpM
(diphosphine)(Hz)]”+ (M=Ru, Ir; n=1, 2).55’56 These phenomena illustrate the
highly dynamic behavior of coordinated H,, which can even exhibit unusual quantum
mechanical phenomena such as rotational tunneling*® and NMR exchange cou-
pling.”” M-H, interactions are among the most dynamic, complex, and enigmatic
chemical topologies known. The H, ligand can bind/dissociate, reversibly split to
dihydride, rapidly rotate, and exchange with cis hydrides, all on the same metal. In
some cases, these dynamics cannot be frozen out on the NMR timescale even at low
temperatures.

5.4 REACTIVITY OF H, COMPLEXES: ACIDITY AND
HETEROLYSIS OF H-H BONDS

Aside from loss of H,, reactions of M-H, complexes are dominated by homolytic
cleavage of H, (oxidative addition) and heterolytic cleavage, essentially deprotona-
tion of bound H;, on electrophilic metal centers (Scheme 5.9).10
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Dihydrogen complexes have several advantages in catalytic and other reactions.
Foremost is that the formal oxidation state of the metal does not change on binding of
H,, whereas formation of a dihydride formally increases the metal oxidation state by
two. H, ligands can also have far greater thermodynamic and kinetic acidity than
hydrides, which is important in the ability of acidic H; ligands to protonate substrates
such as olefins and N». In heterolytic cleavage,'®**°* the H, ligand is deprotonated
and the remaining hydrogen ligates to the metal as a hydride. Both pathways have
been identified in catalytic hydrogenation and may also be available for other G-bond
activations, for example, C-H cleavage. Heterolysis of H-H bonds via proton transfer
to a basic site on a cis ligand or to an external base is a crucial step in many industrial
and biological processes that involve direct reaction of H, ligands. H, complexes can
undergo heterolysis via two primary pathways (Scheme 5.10).

Intramolecular heterolysis is extremely facile for proton transfer to aligand L such
as H or Cl positioned cis to the H, ligand. The proton can also end up transferring to a
trans ligand® or to the counteranion X of a cationic complex (thus releasing an acid,
HX). Intermolecular heterolysis involves protonation of an external base B, for
example, an ether solvent, to give a metal hydride (H™ fragment) and the conjugate
acid of the base, HB *. This is the reverse of protonation reactions used to synthesize
H, complexes (all reactions in Scheme 5.10 can be reversible), and the [HB] " formed
can relay the proton to internal or external sites (base-assisted heterolysis).

Crabtree first demonstrated heterolysis of H, by showing that the H, in [IrIH(Hz)
(LL)(PPhs),] * is deprotonated by LiR in preference to the hydride li gand.61 A milder
base, NEt;, was shown by Heinekey®” to more rapidly deprotonate the n°-H, tautomer
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I —> | H¥M* — —
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in an equilibrium mixture of [CpRuH,(dmpe)] " and [CpRu(H,)(dmpe)] *. The H,
ligand has greater kinetic acidity because deprotonation of a H, complex involves no
change in coordination number or oxidation state. Thus, H, gas can be turned into a
strong acid: free H, is an extremely weak acid (pK, ~ 35 in THF),63 but binding itto an
electrophilic cationic metal increases the acidity spectacularly, up to 40 orders of
magnitude. The pK, can become as low as —6; that is, n>-H, can become more acidic
than sulfuric acid as shown by Morris'®!'">° and later Jia.?* Electron-deficient
cationic H, complexes with electron-withdrawing ligands such as CO and short
H-H bonds (<0.9 A), for example, [Re(Hg)(CO)4(PR3)]+’64 are among the most
acidic. Positive charge increases acidity: W(CO);(PCy3),(H,) is deprotonated only by
strong bases,® but on oxidation to [W(CO)3(PCy3),(H,)] " it becomes acidic enough
to protonate weakly basic ethers.®® As will be shown below, such ability is relevant to
processes such as ionic hydrogenation and the function of metalloenzymes such as
hydrogenases.

Complexes with H, ligands are often highly dynamic. Extremely rapid exchange
between the hydrogens in an n>-H, ligand and a hydride ligand located cis to it
commonly occurs in solution. This process is facilitated by a cis interaction, that is, a
weak hydrogen bonding like interaction between the H, and H ligands observable in
the solid state.>*®” The intermediate can be considered to be a “trihydrogen” (H3)
complex,®®® as exemplified by studies carried out on bis(cyclopentadienyl)Mo-type
complexes. The ansa-bridged complexes [Me,X(CsR4),MoH(H,)]* (X=C,R=H;
X =Si, R=Me) have been independently determined by both Heinekey’® and
Parkin’' to be thermally labile dilydrogen/hydride complexes, the first complexes
with d? electronic configurations to have cis hydride-dihydrogen ligands
(Scheme 5.11).

Rapid dynamic processes interchange the hydride and dihydrogen moieties in
these complexes. The bound H, ligand in 1 exhibits hindered rotation with
AG%O = 7.4 kcal/mol. However, H-atom exchange is still rapid at temperatures
down to 130 K. The dynamic process envisaged is depicted in Scheme 5.12, with the
central Mo—trihydrogen structure representing a transition state for atom transfer
from one side of the molecule to the other.

Many similar systems are known; for example, evidence exists for intermediacy of
a M(H;3)-like complex in facile H-atom exchange in ReH,(H,)(CO)(PR3); "> which
can be exceedingly fast even at —140°C.”"">~"7 Remarkably, the barrier for hydrogen
exchange in IrCIH,(H,)(P'Prs), is only 1.5 kcal/mol even in the solid state.*"

+
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Direct transfer of hydrogens from a H, ligand can occur in catalytic hydrogena-
tion. While difficult to prove conclusively, there is evidence in ionic hydrogenation
processes where an organometallic hydride, for example, CpMoH(CO)s3, plus a strong
acid, for example, HO3SCF;, reduce ketones.”®”° An acidic H, complex is believed to
be involved in proton transfer to the organic substrate. An elegant example of catalysis
employing heterolysis of H, in a commercially valuable industrial process is the
asymmetric hydrogenation of ketones to alcohols catalyzed by the ruthenium system
of Noyori (Scheme 5.13).80‘81

This conversion is catalyzed by trans-RuCl,[(S)-binap][(S,S)-dpen] (binap = [1,1’-
binaphthalene-2,2’-diylbis(diphenylphosphane)]; dpen = diphenylethylenediamine)
and is remarkable in several respects. The reaction is quantitative within hours, gives
enantiomeric excesses (ee) up to 99%, shows high chemoselectivity for carbonyl over
olefin reduction, and the substrate-to-catalyst ratio is >100,000. The nonclassical
metal-ligand bifunctional catalytic cycle is mechanistically novel compared to that of
the structurally similar classical ruthenium hydrogenation catalysts. Solvent (alcohol)
assists the heterolysis of H, here, and many new “NH effect” bifunctional mechanisms
involving amine, amido, and imido ligands are emerging wherein assistance by
solvent, water, protons, and coligands aids heterolysis.**> Once thought to be a
mature field, catalytic hydrogenation centered on heterolytic splitting is greatly
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expanding in scope to include even purely main group systems (see below and
Scheme 5.15).

5.5 ACTIVATION OF H, IN BIOLOGICAL AND NONMETAL
SYSTEMS

Hydrogenases (H,ases) are redox enzymes in microorganisms that catalyze
Hy = 2H" +2e™ to either utilize H, as an energy source or dispose of excess
electrons as H,.%*® Biologically unprecedented CO and CN ligands were found
crystallographically to be present in the dinuclear active sites of Hrases (e.g.,
Scheme 5.14),”° which are remarkably organometallic-like and have been extensively
modeled for biomimetic H, production, ®8%-91-9

These enzymes evolved billions of years ago to utilize the CO ligand, whose strong
trans influence favors reversible H, binding and heterolysis.>*® This diiron center
(and similar centers in Ni-Fe H,ases) presumably transiently binds and heterolyti-
cally splits H,, most likely at a binding site trans to the bridging CO, where a proton
transfers to a thiolate ligand or other Lewis basic site.*® Such heterolysis has been
shown to occur on a mononuclear Fe complex with a pendant nitrogen base that acts as
a proton relay”* as well as on nickel centers.”” A H, complex of a H-ase model,
[Ruz(u—H)(u—SQC3H6)2(H2)(CO)3(PCy3)Z]+, is known, albeit with Ru instead of
Fe.”® A mononuclear iron hydrogenase has now been characterized that contains
two cis-CO ligands where calculations indicate hydrogen is split via an unexpected
dual-pathway mechanism.””"'%

H, can also be activated at nonmetals, for example, the bridging sulfides in
CpoMo,S, that react with H, to form SH ligands perhaps via a four-center S,H,
transition state.'”" Metal-free hydrogenation of ketones on strong bases such as -
BuOK occurs under harsh conditions, apparently via base-assisted heterolysis of
H,. 102103 g, H, is a very weak acceptor (Lewis acid) via electron donation to its 6*
orbital and can interact with the O in alkoxide or metal oxides and undergo
heterolysis.” Significantly, the first example of reversible splitting of H, on a nonmetal
center has been found.'® The phosphine borane in Scheme 5.15 has a strong Lewis
acidic center (boron) linked to a Lewis basic site (phosphorus).

As suggested by theoretical calculations,'® it is likely that H, heterolysis takes
place at boron where proton transfer from a H,-like complex to the basic phosphorus
site occurs to form a phosphenium borate. Simple combinations of Lewis acids and

SCHEME 5.14



200 ACTIVATION OF MOLECULAR HYDROGEN

ROF HE F H
\ | Hz | '
S 430
7 \ / \
FF F F
SCHEME 5.15

bases that are sterically precluded from forming dative bonds with each other
(“frustrated Lewis pairs”) can also effect heterolysis of H, and can even act as
metal-free hydrogenation catalysts.'® New examples include combinations of
amines and boranes such as B(C6F5)3.107

5.6 H, STORAGE AND PRODUCTION

H, is currently being touted as a fuel of the future, but difficult challenges exist.
Materials for H, storage are difficult to design because, although H, can be readily
extruded from a variety of compounds, it can be difficult to readd to give a regenerable
system. The materials must also be light and contain >6% by weight H,, reducing
prospects for known facile reversible systems such as metal-H, or hydride com-
plexes. Amine borane, H;NBH3, is a popular candidate and also combines both Lewis
acidic (B) and basic (N) centers. Here, however, these centers are directly bonded,
whereas the acidic and basic sites are separated by linkers in the phosphine—borane in
Scheme 5.15. The metal-free aspect is relevant because precious metals such as
platinum are often used in catalysis and can be environmentally unfriendly as well as
costly or in short supply. Materials such as metal-organic frameworks (MOFs)'%3~!1°
are now being examined for H, storage and have huge surface area capable of binding
a large number of H, molecules. As will be discussed in Section 5.8.7, neutron
scattering spectroscopy by Eckert is critical in determining whether H, binds to
unsaturated metal centers as in organometallics and/or is physisorbed in the frame-
work. An excellent example here of H, directly binding to the metal center is H,
absorbed on a Cu-exchanged ZSM-5 zeolite.''! Calculations indicate complexes with
multiple H, ligands, that is, Cr(H,)s, may be stable,''? and metal ion species such as
[M(H,),] " (n=6-10) have a fleeting gas-phase existence,''® but isolation in
condensed phases will be problematic. The highest number of H, ligands coordinated
to a single metal center in stable fashion is only two, the best example of which is
RuHy(H)»(PRy),."

Production of H, fuel from water via solar energy is of exceedingly high
interest.'"> Catalysis may involve H, complexes at least as intermediates, and H,
complexes had previously been implicated in solar energy conversion schemes based
on photoreduction of water."'® Industrially important water-gas shift and related Hy-
producing reactions undoubtedly proceed via transient H, complexes.''” Biomimetic
H, production, particularly solar driven (via photocatalysis), is also a challenge and
may take a cue from models of the active site of hydrogenase coupled with models of
nature’s photosystems.”’ > Here, the formation of H-H bonds from protons and
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electrons, the microscopic reverse of H, heterolytic splitting, will be crucial in
leading to formation of H,. This is very rapid at the Fe sites in H,ases, and catalysts
based on inexpensive first-row transition metals rather than precious metals will be
critical. Coupling H, production catalysts with photochemical water splitting will
require fine-tuning of electrochemical potentials for tandem catalysis schemes.
Homogeneous molecular catalyst systems should have an advantage over hetero-
geneous catalysts because such fine-tuning can be facilitated merely by ligand
variation. Clearly, the very large body of knowledge developed over the past 25
years in the realm of molecular H, coordination and activation will be useful in this
endeavor.

This chapter will focus on spectroscopic characterization and other physical
chemistry-based methodologies for studying interactions of H, with metal centers.
Often the only evidence for formation of molecular H, complexes is spectroscopic,
particularly solution- and solid-state NMR methodologies. NMR is by far the most
commonly used and reliable diagnostic for identifying the degree of activation of the
H, ligand in metal-H, complexes. This method will thus be the primary focus of this
chapter, along with vibrational and neutron spectroscopy. Thermodynamic and
kinetic measurements on H, complexes will also be covered.

5.7 STRUCTURE DETERMINATION FOR DIHYDROGEN
COMPLEXES

5.7.1 Diffraction Methods

X-ray diffraction is a standard method employed by chemists to determine the
structure of new complexes. In the case of transition metal hydride and dihydrogen
complexes, precise location of metal-bound hydrogen atoms by X-ray diffraction is
very difficult. Superior structural information is provided by neutron diffraction, but
the requirement for large well-formed single crystals has limited this method to a
small subset of the known complexes.''®

Neutron diffraction data were crucial in the original characterization by Kubas of
the first dihydrogen complexes, although the quality of the room-temperature neutron
diffraction data set collected for W(CO)3(PiPr3)2(H2) was not optimal due to some
disorder of the phosphine ligands (Figure 5.1). Nevertheless, the presence of a bound
dihydrogen ligand was suggested and later verified by a high-quality low-temperature
X-ray diffraction study.’

Subsequent diffraction studies revealed that even at low temperature, thermal
motion of bound dihydrogen is significant, which can have important consequences
for attempts to determine the HH distance, which is the most important structural
parameter. For example, a careful low-temperature X-ray diffraction study of
Cr(CO);(P'Pr3)»(H,) gave dyyy = 0.67(5) A, which is shorter than the diy; =0.74 A
found in H, gas.'"® A similar result was reported from a neutron diffraction study of
Mo(CO)(dppe)>(Hs), where diy =0.736(10) A was reported.>® These anomalous
results arise from correlated motion of the two H atoms in the bound dihydrogen
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FIGURE 5.1 Neutron structure of W(CO);(P'Pr3),(H,). Disorder is present in lower phos-
phine ligand.

ligand. Under standard refinement procedures, rotation or librational motions have the
effect of shortening the apparent dyy (Scheme 5.16).

The dyy can be corrected for thermal motion, ' but difficulties in accounting for
the internal vibrational motion of the H atoms can lead to an overestimation of the
correction factor and large uncertainties in dyy. For example, the corrected dyy for
Mo(CO)(dppe).(H,) is estimated to be 0.85-0.88 A A summary of neutron diffrac-
tion data for dihydrogen complexes, including some that have been corrected for
thermal motion, is provided by Koetzle.'?'

—f————— dHH
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SCHEME 5.16
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FIGURE 5.2 ORTEP diagram for [Cp*Ru(dppm)(H,)] *, with methyl and phenyl groups
omitted. (Reprinted with permission from Ref. 122. Copyright 1994 American Chemical
Society.)

As noted above, a continuum of values for dyy is now available, ranging from very
short as in the original Kubas complexes to conventional dihydride complexes with
dyu>1.5 A A relatively small number of complexes with intermediate values of dyy
known as elongated dihydrogen complexes have been reported.'* An example of this
type of complex is provided by [Cp*Ru(dppm)(H,)] *. A value of dyyy = 1.10 £.03 A
was reported using neutron diffraction by Morris, Koetzle, and coworkers in 1994
(Figure 5.2).'%

This Ru complex has subsequently been studied computationally, with very
interesting results suggesting new interpretations for vibrational spectra (see Sec-
tion 5.8.5) and predicting novel isotope effects (Section 5.9.5). The NMR spectros-
copy of isotopically substituted variants of this complex is very interesting
(Section 5.7.3).

5.7.2 Solid-State NMR Spectroscopy

The direct measurement of dipolar couplings in solid-state 'H NMR is a potentially
general approach to this problem that requires modest quantities of solid sample.
Since dipolar coupling between the bound hydrogen atoms is proportional to
(dyr) 3, this method gives very precise values for dyy. The requirement for
deuterium substitution of nonhydride hydrogen atoms can be avoided by using
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selective pulse sequences.123 The dyy measured by this method for W(CO);(P-
Cys)2(Hp) is 0.88 A. Longer values, up to 1.02 A, are found for Ru complexes, as
shown in Figure 5.3.

The temperature dependence of the Pake pattern can be used to deduce that the
bound dihydrogen ligand undergoes a torsional or hindered rotation motion around an
axis perpendicular to the metal-dihydrogen axis. The bound hydrogen is character-
ized as a rigid planar rotator. In some cases, the potential surface for this rotation can
be characterized by these measurements.

Related studies have made use of 2H NMR spectroscopy in the solid state. The
theoretical foundation for the study of dynamics in dihydrogen complexes was
developed by Buntkowsky and coworkers.'** Solid-state ?’H NMR spectroscopy has
been used to study the dynamics of bound D, in trans-[Ru(D,)Cl(dppe),]PF¢, where
evidence was found for coherent rotational tunneling, with a barrier of 6.2kcal/
mol.'*> In more recent work, solid-state ’H NMR spectroscopy has been used to
determine the structure and dynamics of several dihydrogen Ru complexes.'*®

77T
400 200 0 —200 —400
Frequency (kHz)

FIGURE 5.3 Measurement of dipolar couplings (Pake patterns) in solid-state 'H NMR
spectra of H, complexes. (Reprinted with permission from Ref. 123. Copyright 1990 Elsevier.)
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5.7.3 Solution NMR Spectroscopy

A solution 'H NMR technique that uses the measurement of dipole—dipole relaxation
rates was originally developed to measure dyy by Crabtree'*’ and coworkers, and
later refined by Halpern and coworkers.'?® This method requires the measurement
at various temperatures of the spin lattice relaxation time (7) of the hydride
resonance. If the temperature corresponding to the maximum rate of relaxation
(minimum 77) can be reached, a value for dyy can be extracted. One complicating
factor in interpretation of such data arises from rapid reorientation of the bound H,
ligand, which is observed in a subset of hydrogen complexes. This issue was first
addressed by Morris'? and subsequently analyzed in depth by Caulton, Gusev, and
coworkers.'*°

An example of the application of this technique is shown below for the simple
complex Cr(CO)s(H,).>”® For this hydrogen complex, minimum relaxation times
are 22 ms (500 MHz) or 31 ms (750 MHz) at 190-200 K. Analysis of the T ,,;, data for
Cr(CO)s(H,) leads to dyy=0.87 A (500MHz) and 0.86 A (750 MHz) with the
assumption of rapid H, rotation. The assumption of slow H, rotation gives values
of dyp=1.09 A (500 MHz) and 1.08 A (750 MHz) (Figure 5.4).

These data, combined with HD coupling data (see below), suggest that the
dihydrogen ligand in Cr(CO)s(H,) is reorienting very rapidly. This observation is
consistent with vibrational spectroscopy in liquid xenon, where Poliakoff and cow-
orkers have suggested that the H, unit in Cr(CO)s(H,) is essentially spinning freely on
the basis of the large linewidths for the vy absorptions (see Section 5.8.2).13!

A drawback to this method (as well as neutron diffraction data) is that the derived
values of dyy can be affected by the rapid rotational motion of the bound dihydrogen
ligand observed in some complexes. If the hydrogen rotation is relatively slow or
very rapid compared to the rate of molecular tumbling, the analysis is straightforward.
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FIGURE 54 Ty, data for Cr(CO)s(H,). (Reprinted with permission from Ref. 38.
Copyright 2006 American Chemical Society.)
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If rotation is intermediate between these extremes, a complete analysis is
very complex.

A very useful and general solution NMR method that has been widely employed
relies upon the measurement of H-D couplings in the bound dihydrogen ligand, where
one H atom has been replaced by D. A variety of approaches have been employed to
introduce a single deuteron (nuclear spin / = 1), the simplest of which is to employ HD
gas in the synthesis reaction. In free HD gas, the coupling between H and D (!Jyp) is
43 Hz. When HD gas reacts with a transition metal precursor to form a dihydride
complex, the resulting two-bond coupling between H and D (*Jyp) is typically very
small, ca. 2-3 Hz. Dihydrogen complexes have ' Jyp values between these two limits,
and the value of 'Jyp is inversely related to the internuclear distance dyy. This
empirical correlation is anchored by data from solid-state NMR and neutron
diffraction determinations as outlined above.'3? Quantitatively,

o

dim(A) = 1.44-0.0168Jup (5.1)

An essentially identical linear relationship between Jyp and dyy was predicted by
quantum chemical calculations.'?

The measurement of HD coupling has been used to derive reliable values for dyy; in
alarge number of hydrogen complexes. This is particularly useful for cases where the
complexes lack sufficient stability to be isolated at room temperature. For example,
(CO)sCr(H,) was characterized as a dihydrogen complex by this method, although
this complex cannot be isolated at room temperature. In the monodeuterated species
(CO)sCr(HD), the observed Jyp = 35.8 Hz, which leads to dyy = 0.84 A(Figure 5.5).
This observation is helpful in interpreting the relaxation time (7)) data as noted above,
where two different values for dyyy can be derived from the relaxation data. The HD

T T T T
—7.2 -7.4 -7.6 -7.8

FIGURE 5.5 Bottom: '"H NMR spectrum of (CO)sCr(H,). Top: 'H NMR spectrum of
(CO)sCr(HD), showing Jyp = 35.8 Hz. (Reprinted with permission from Ref. 38. Copyright
2006 American Chemical Society.)
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coupling data are only consistent with the shorter value for dyy resulting from the
assumption of rapid rotation of the bound dihydrogen ligand.

The simple linear relationship between HD coupling and dyy breaks down at
longer HH distances, such as those found in elongated dihydrogen species. A more
sophisticated analysis of the relationship between HD coupling and dyy has recently
been reported by Chaudret, Limbach, and coworkers, which allows for reliable values
for diyy to be extracted from HD coupling.'** A slightly different nonlinear rela-
tionship was reported by Heinekey and coworkers (Figure 5.6).'%

Implicit in the extraction of dyy from values of Jyp is the assumption that
molecular structure is independent of mass. For some dihydrogen complexes, this
may not be correct. As noted above, neutron diffraction gives dyy=1.10£0.03 A
for [Cp*Ru(dppm)(H,)] *. The corresponding value of Jyp, is temperature depen-
dent, ranging from 22.3 Hz at 213K to 21.1 Hz at 295K, suggesting that the HD
distance increases slightly when the temperature is increased. This unusual
behavior was initially attributed to thermal population of vibrational excited states,
leading to a longer average distance at higher temperature. Subsequent compu-
tational studies of this complex by Lledds, Lluch, and coworkers revealed that the
potential energy surface describing the Ru-H and HH interactions is very flat.
Thus, large excursions from the equilibrium internuclear distances are possible at
modest energies. Lledds and Lluch predicted that this anharmonic potential surface
would lead to significant structural isotope effects. It was predicted that the
deuterium complex would have a DD distance ca. 3% shorter than the distance
observed in the protio species.'*

These predictions were subsequently verified experimentally for [Cp*Ru(dppm)
(Hy)]" by study of the HD, HT, and DT complexes using 'H and *H NMR
spectroscopy.”” A significant isotope effect was observed on the values of the HT

R (A)

Jrp (Hz)

FIGURE 5.6 Ryy as a function of Jyp. The solid line represents the relationship reported by
Chaudret and coworkers (Ref. 134). The dotted line is derived using slightly different
parameters, as reported by Heinekey and coworkers (Ref. 135). (Reprinted with permission
from Ref. 135. Copyright 2004 American Chemical Society.)
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and DT coupling, consistent with a shortening of the bond, as predicted computa-
tionally. This observation represents experimental confirmation of an unprecedented
isotope effect upon the structure of a stable molecule. This is another manifestation of
the unique structural attributes of dihydrogen and hydride complexes, where the H
atoms are often highly delocalized and several alternative structures may have very
similar energies. Closely related Ru complexes with slightly different ligands allow
for the study of complexes with dyy varying from 1 to 1.2 A Interestingly, temper-
ature-dependent HD couplings were only observed for molecules with dyy near to
1.10 A, suggesting that the requirements for a soft potential energy surface are quite
exacting.

It is reasonable to ask whether this unusual behavior is common for dihydrogen
complexes of other metals. When dicationic complexes such as [Cp*Ir(dmpm)
(H,)]* ™ were prepared, Jyp = 7-9 Hz was observed, which is suggestive of a highly
elongated dihydrogen ligand, which could also be described as a compressed
dihydride structure. For example, the observed value of Jyp for [Cp*Ir(dmpm)
(HD)]ZJr is 8.1 Hz at 240 K, which corresponds to dyyy = 1.45 A, in good agreement
with the value determined from T}, of 1.49 A. Interestingly, the HD coupling is
temperature dependent, with higher values of Jyp observed at higher temperatures.
This is the opposite trend to the temperature dependence observed for the Ru
complexes discussed above. Through computational studies, these observations were
interpreted in terms of a potential energy surface with two distinct minima, with
different HH distances. The structure with the longer HH distance is slightly more
stable, so it is favored at low temperature. Raising the observation temperature
increases the fraction of the less stable structure with the shorter HH distance. The
barrier for interconversion of the two structures is very low.'

5.8 VIBRATIONAL SPECTROSCOPIC STUDIES OF H, BINDING

5.8.1 Introduction

Vibrational spectroscopy is not only diagnostic for dihydrogen coordination but as
will be described below provided the first clue leading to the discovery of the H,
ligand in W(CO)3(PR3),(H,). Although IR and (especially) Raman studies of H,
complexes are much more infrequent than NMR characterization, they along with
neutron spectroscopy have given valuable information on the structure, bonding, and
dynamics of dihydrogen complexes. Isotope effects involving deuterium substitution
are strong examples here, as will be detailed below in Section 5.9. Low-temperature
vibrational spectroscopy has been invaluable in characterizing thermally unstable H,
complexes formed, for example, in matrix isolation studies. IR studies have also been
crucial in the discovery that hydrogenase enzymes that activate H, contain biolog-
ically unprecedented CO and cyanide ligands in their organometallic-like active
sites."” Other non-NMR spectroscopic techniques have been useful, particularly for
weakly bound Hj, and include inelastic neutron scattering (INS) and mass spec-
trometry, as will be discussed below.
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5.8.2 Vibrational Modes for nZ-HZ: Clue to Discovery of H, Complexes

The complexes formed by addition of H, to W(CO)3(PR3), were initially intriguing
because of their unusually facile H, loss in vacuo or under argon. However, the
anomalous IR frequencies of the isolated solid H, adducts were the first key indicators
to the discovery that the hydrogen was bound molecularly rather than atomically (.
e., dihydride). Instead of the expected vwy at 1700-2300 em ™! and Swy at
700-900 cm ! that would be characteristic of a tungsten hydride complex,'*®three
widely spaced bands at 1567, 953, and 465 cm ™! were observed for W(CO);(-
P'Pr3)»(H,) (Figure 5.7).>'%°

Importantly, these bands shifted dramatically to 1132, 704, and 312cm ™' when
deuterium was substituted for hydrogen, a valuable technique for locating M-H
vibrational modes. The isotopic mass shifts ranged from 1.38 to 1.45, close to that
expected (1.414). Good fortune also played a role in the discovery: CsBr salt plates
were routinely used along with an IR spectrometer capable of recording bands down
to 250 cm ', Otherwise, the very weak telltale band at 465 cm ™" shifting to 312 cm ™!
would have escaped notice because most IR spectrometers then in use did not record
below 400 cm ™. The anomalous low-frequency mode along with the high lability of
the H, suggested that the bonding of the hydrogen to these metal complexes
was novel. Subsequent detailed vibrational studies including Raman and neutron

W(CO)5(PPra)a(Hy)

465

312

704

W(CO)3(PPr3),(Dy)

FIGURE 5.7 Infrared spectra of W(CO)5(P'Pr3),(H,) and D, analogue in Nujol mulls.
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spectroscopic investigations gave unequivocal evidence for side-on bonding of H; to
the metal center, as will be described below.

When diatomic H, combines with a M—L fragment to form a n*-H,, six “new”
vibrational modes are created that are related to the “lost” translational and rotational
degrees of freedom for H, (Scheme 5.17).1%°

The H—H stretch, vyy, is still present, but shifted to much lower frequency and, as
will be shown, becomes highly coupled with a MH, mode. Thus, six fundamental
vibrational modes are expected to be formally isotope sensitive: three stretches,
v(HH), v,s(MH,), and v¢(MH,); two deformations, 6(MH,)in_piane and 6(MH»)oyt-of-
plane; and a torsion (H, rotation), t(H,). These bands shift hundreds of wavenumbers
on isotopic substitution with D, or HD, which greatly facilitates their assignment
(Figure 5.7). It is critical to note that the frequencies of these bands for the n*-HD
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complexes were found to be intermediate to those for the n*-HH and 5>-DD species
and not a superimposition of MH, and MD; bands as seen for classical hydrides.
This is another valuable diagnostic for distinguishing H, versus dihydride coordi-
nation, although these vibrational modes are often difficult to observe: the entire set of
bands has been identified only in the first H, complex, W(CO)3(PR3),>(H,) (R =Cy,
iPr). All but v((MH,), observed in both the IR and Raman, are weak, and most of the
bands tend to be obscured by other ligand modes. The modes for H, rotation about the
M-H, axis, T(Hy), and also §(MH3)oucof-plane N€Ar 640 cm ! are observable only by
INS methods that will be described in Section 5.8.7 (Figure 5.8).

The frequency of most interest vy is not formally forbidden in the IR of H,
complexes, but is polarized along the direction of the M—H, bond in highly symmetric
complexes. Therefore, band intensity arises only from coupling of vyy with other
modes of the same symmetry such as vs(MH,) or vcq if CO is present, and vyy is
generally weak. Furthermore, its frequency varies greatly and is often within or near
the vcy region, an unfortunate position because most ancillary ligands such as
phosphines have strong vcy. Use of perdeuterated phosphine ligands to eliminate
such interference enabled location of vy in W(CO);[P(C¢D;1)3]2(H») as a broad,
weak band at 2690 cm ™' (Figure 5.9).

The large breadth of the absorption is ascribed to rapid hindered rotation of the H,
ligand about the W—H, axis and a flat rotational potential, as will be discussed below.
The HD and DD isotopomers did give increasingly narrower vyp and vpp. As shown

W(CO)3 (PCys)z-[(Ha)~(D2)]

T=15K

S(Qao)

1 1
400 500
Wavenumber (cm™)
FIGURE 5.8 INS spectra of W(CO);(PCy3),(H,) at 15 K obtained as difference spectra by

subtracting the spectrum of the D, complex from that of the H, complex. The lower spectrum
with higher resolution shows splitting in the torsional mode (385/325cm™ ).
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Nujol mull IR of
perdeuterophosphine
complexes

W(CO)?,[P<CGD11>3] (Do)
2

Vyn=2690 cm™!

W(Co)s[P(CeDn)a] (Hy)
2

3000 2600 2200 om
FIGURE 5.9 IR spectrum of W(CO);[P(C¢D11)3]o(H,) and D, analogue showing vyy.

in Table 5.1, several other compounds, including surface and cluster species, exhibit
vyy in the range 2080-3200 cm™ ! which is considerably lower than that for free H,
gas (4300cm™ ).

vup was observed in the IR as a weak broad band at ca. 2360 cm ™' in 1-d; but vpp
was obscured by »(CO) in 1-d,. However, Raman spectra of 1-d, showed a very broad,
barely visible feature centered near 1900 cm ! that apparently mixes with #(CO),,
(Figure 5.10)

This results in a shift of 10 cm ™' to lower energy on going from the H, complex to
the D, complex. The asymmetry in the »(CO),, peak for 1-d, also suggests the
presence of ¥(DD) as an underlying feature, the intensity of which is enhanced by the
mixing (v(HH) was not observed in Raman spectra, apparently because it is not so
enhanced and is thus too weak to be seen in these experiments). The W—H, stretches
were observed clearly in the IR at 1575 cm ! (v,s(WH,)) and 953 cm ™! (vy(WHa,)),
but in the Raman only v¢((WH,) was seen. v,;(WD,) and v,,(WHD) were partially
obscured, and their frequencies could only be estimated.

The torsional mode, 7(WH,), was located in the INS difference spectrum
(Figure 5.8) as a split mode at 385 and 325cm ™' due to transitions to two split
excited librational states (J =1, 2), as will be discussed below. INS spectroscopy is a
powerful technique to locate such large amplitude vibrations involving hydrogen.
Because deuterium does not scatter, as well as protium, modes not due to nz-Hz can
be effectively removed by subtracting the spectrum of the D, complex or a suitable
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TABLE 5.1 IR Frequencies (c/mfl) for Nominal vy and MH, Modes in H,
Complexes Compared to dgg (A)

Complex v(HH) v, (MH,) vMH,) S&MH,)“ dyu Source
CpV(CO)5(H,) 2642 Ref. 160b
CpNb(CO)3(Hs) 2600 Ref. 160b
Cr(CO)s(H,) 3030 1380 869, 878 Ref. 131
Cr(CO)3(PCy3)(Hs) 1540 950 563° 0.85 Ref. 119
Mo(CO)s(Ha) 3080 Ref. 131
Mo(CO)5(PCy5),(Hy)  ~2950¢ ~1420¢ 885 471 0.87 Ref. 1b
Mo(CO)(dppe)2(Hy) 2650 875 0.88 Ref. 39
W(CO)s(H,) 2711 919 Ref. 131
W(CO)3(PPr3)>(Hy) 2695 1567 953 465 0.89 Ref. 1b
W(CO)5(PCy3)»(Hy) 2690 1575 953 462 0.89 Ref. 1b
WH4(H,)4 2500 1782 437 Ref. 166
Fe(CO)(NO)»(H,) 2973 1374 ~870 Ref.160c
Co(CO),(NO)(H,) (3100, 1345 868 Ref. 160c
297614
FeH,(H,)(PEtPh,)s 2380 850 500, 405¢  0.82 Ref. 67
RuH,(H,),(P'Pr3), 2568 1673 822° 0.92 Ref. 205
Tp*RuH(H,), 2361 0.90 Ref. 140
Tp*RuH(H,)(THT) 2250 0.89 Ref. 140
[Os(NH;)s(H))* " 2231% [1.34]  Ref. 33
[CpRu(dppm)(H,)]"  2082°  1358°  679° 486,397 [1.10]% Ref. 141
Tp*RhH,(H,) 2238 0.94"  Ref. 160
Pd(H,) (matrix) 2971 1507 950 0.85"  Ref. 207
Ni(510)—(H,)" 3205 1185 670 Ref. 165
Cus(H,) (matrix) 3351, Ref. 208
3232

“Presumably in-plane deformation, although assignment has not been made in most cases.

"Assignments unclear; in the case of the elongated Ru and Os complexes, these are highly mixed modes that
could involve M—H modes (if present).

“Estimated from observed D, isotopomer bands.

4Split possibly by Fermi resonance.

¢ Assignment unclear (data from INS).

TFor [Os(ethylenediamine),(H,)(acetate)] * (Ref. 34).

$For the Cp* analogue (Ref. 122).

"Calculated from inelastic neutron scattering data or DFT.

"Data from EELS spectroscopy.

“blank,” for example, a similar complex with a non-hydrogen containing ligand in
place of H,. Excellent spectra of W(CO);(PR3),(H,) (1, Figure 5.8) and related
complexes are obtained in the range 200-1000cm ™' using neutron spectrometers at
Los Alamos National Laboratory. The two WH, deformational modes at 640 and
462 cm™ ! are also seen in the INS as broad features. The WH, deformation around
640 cm ™! is obscured in the IR, but the D, isotopomer gives a band at 442 cm ™~ for the
corresponding WD, deformation (Figure 5.7). The two WH, deformational modes at
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(H2)—(Dy)
5(Vy§0)eq

Vs(WD5)

W (CO)3 (PCy3), (Do)

Wl kA

T T T 1 T T T
350 450 550 650 750 850 950 1800 1850 1900 1950

FIGURE 5.10 Raman spectra of W(CO)3[P(C¢H;1)3]2(H») and D, analogue. Samples were
powdered complex sealed in melting point capillaries using the 6471 Aline of a Spectra Physics
krypton laser and a SPEX double monochromator. Despite the use of low power (ca. 1 mW) and
cooling of the sample to 77 K, partial decomposition slowly took place when the sample was
illuminated by the laser beam during the course of the experiments.

640 and 462cm~' were also seen in the INS, as broad features. Several other
metal-ligand modes also show small shifts to higher or lower wavenumber upon
deuterium substitution due to vibrational coupling between modes that belong to the
same symmetry block and that are close in energy. This is especially obvious in the IR
spectra of 1 and 1-c5 near 625 cm ™' and Raman spectra in the region below 650 cm ™'
(Figure 5.10). For example, a band at 400 cm™ ' due mainly to v,i(WC) shifts 13 cm™
to higher frequency for the D, complex, presumably because of mixing with
O(WD2)out-of-plane- Such shifts have also been observed in other complexes containing
both H, and CO ligands."?!

Low-temperature stable species with only CO ligands, such as group 6 M
(CO)s(H,) generated photochemically in liquid rare-gas solvents below —70°C, are
favorable for study because of little solvent or coligand interference.'! The VHH
bands are generally quite broad (<40 cm™' FWHM) even at low temperatures. The

1
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HD and DD isotopomers again give increasingly narrower vyp and vpp. The nature of
the metal greatly influences the band position, and third-row transition metals
generally give lower frequencies because the H-H bond here is more weakened by
higher metal d, — H, ¢* backdonation. As will be shown, however, vyy is highly
coupled with M—H, vibrational modes, and the degree of bond activation is difficult to
correlate with vibrational frequencies.

Modes other than vy have only occasionally been observed in room-temperature
stable complexes, and the low-frequency deformations and torsions have been the
least observed modes. The lack of these data is partly due to interfering bands from
coligands or difficulty in assignment, especially if hydride ligands are also present.
This is, for example, the case for Tp*RuH(H,),, which shows four difficult to assign
bands at 458-834 cm ™' (Tp* = hydrotris[3,5-dimethylpyrazo-1-yl)borate).'** Such
frequencies are also seen by Raman spectroscopy for [CpRu(dppm)(H,)]BF,, which
has an elongated H-H bond (1.10 A) and the lowest reported value for vyy,
2082cm™ """ As will be shown below, however, the high degree of mode mixing
in such elongated H, complexes renders vy and the other mode representations in
Scheme 5.17 for true (unstretched) nz-Hz complexes meaningless and new vibra-
tional modes must be defined. The photolytically generated pentacarbonyl and
nitrosyl species and the compounds containing H, bound to a nickel 510 surface
or to Pd atoms deposited on rare-gas matrices at 7-12 K are among the few to display
MH,; modes aside from the group 6 complexes (Table 5.1). H, is believed to be bound
in m’-fashion on the stepped edges of the Ni surface and electron energy loss
spectroscopy (EELS) at 100K shows several bands comparable to those for true
H, complexes such as W(CO)3(PCy3),(H,).

As expected, there is generally a large dependence of vy and MH, modes on both
metal and ligand sets. One might anticipate a good correlation of vy with dyy and the
backdonating ability (electron richness) of the metal, as found for vy and vco in
similar m-acceptor N, and CO ligands. However, this is not the case because of
complexity of the bonding and mixing of »(HH) and »(MH;) modes, as will be
discussed below. In certain cases, H-H and M—H vibrational frequencies have been
calculated in order to assess the weakening of the H-H bond on coordination.'**'*?
The reduction in frequency of the vy over that in free H, generally agrees with
experimental values, although these data are rather limited.

5.8.3 Normal Coordinate Analysis of W(H,)(CO);(PCys),

A normal coordinate analysis of W(H,)(CO)3(PCy;), (1) provided valuable un-
derstanding of the side-on nonclassical M—H, interaction and the relation of H-H
and MH, frequencies to bond strengths.'*® In addition to the isotopic shifts of the six
modes discussed above, several other metal-ligand modes also showed small shifts
to higher or lower wavenumber upon deuterium substitution that result from
vibrational coupling between modes that belong to the same symmetry block and
are close in energy.'** This was especially obvious in the Raman spectra of 1 and 1-
d> below 650 cm™!; for example, a band at 400 cm ™' due mainly to v,,(WC) shifted
13cm ™' to higher frequency for the D, complex, presumably because of mixing
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TABLE 5.2 Observed” and Calculated Vibrational Frequencies (cmfl) and Mode
Assignments for 1, 1-d,, and 1-d,

1 1-d, 1-d,
Intensity obsd (calcd) obsd (calcd) obsd (calcd) Assignment
IR, w 2690 (2692.1) ~1900 (1909.9) 2360 (2357.8) v(HH)
IR, R, m 953 (949.0) 703 (703.1) 791 (799.8) v(WH,)
IR, w 1575 (1574.7) ~1144 (1136.1) ~1360 (1357.9) v,s(WH5)
IR, w 462° (456.2) 319 (326.0) 360 (368.7) S(WH2)in-plane
INS,“IR, w  640° (640.0) 4427 (442.0) O(WHa)ouc-of-plane
INS, m 385 (325) 7(WH,)

“Resolution: 2cm ™.

b Also observed in INS.

“This mode shows a greater observed isotope shift than calculated. It apparently arises from the
O(WHa)in-plane rocking coordinate coupled strongly with other coordinates.

“Inelastic neutron scattering.

“Observed in INS only.

fObserved in IR only.

with 8(WH2)out-of-piane- Clearly, the cyclohexyl groups on the phosphines should not
show HH, HD, and DD isotope shifts and are not significantly coupled to vibrations
other than Cy and P-Cy modes. Therefore, only the “W(H;)(CO);P,” core fragment
was treated in the force field calculations.

The normal coordinate analysis included 13 observed IR and Raman frequencies
(W-=P modes were not located). Obviously, a large number of force constants had to be
fixed in the calculations; for example, force constants of 2-3 were assumed for W-P
and for CO-related modes values were assumed based on other systems, such as W
(CO)6.'* The solution is given in Table 5.2, which summarizes only the data for H,-
related modes.

The agreement of observed and calculated frequencies was not strong, being off by
several wavenumbers in several cases, but overall the analysis sufficed to assign the
observed vibrational modes for 1 and its isotopomers.

In order to understand the M-H, bonding interactions, it was necessary to
investigate the reasonableness and meaning of the force constants in Table 5.3 for
the hydrogen-related modes.

TABLE 5.3 Force Constants (mdyn/[&) for Hydrogen-Related
Modes in W(CO);P,(H,) and a Triatomic Model Complex

W(CO)3P>(Hy) W(Ha)
Fun 1.32 1.46
Fwu(s) 1.46 -
Fwy(as) 1.42 -
Fwu 1.44 1.43
Fywhww 0.02 —0.05

Funwa 0.67 0.62
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The most important mode is vyy, and the value of 1.3 mdyn/:& for Fyyp is much
smaller than the value for free H, (5.7 mdyn/[\).146 This is not surprising, but a
standard analysis obtained by multiplying the latter by the ratio of the square of
frequencies for bound and free H, indicates that Fiyy should have only been lowered to
2.1 mdyn/A (Equation 5.2).

5.7 x (2690/4395)* = 5.7(0.37) = 2.1 (5.2)

The lower than calculated value of Fiyy would suggest a longer dyy than the value
of either 0.82 A observed by neutron diffraction in W(CO);(P'Pr3)»(H,) or 0.89 A
determined by solid-state NMR for both the R = Pr and Cy species. An empirical
correlation between bond length and force constant, known as Badger’s rule, k., = b/
(re —a)*, in fact predicts dyy to be ~0.94 A."*7 However, it was clear from the
normal coordinate analysis that vy has considerable vy character, so it cannot be
treated as an isolated HH mode. In complexes with more activated H, ligands with
longer dyy, this mixing of »(HH) and v(WH,) is much more extensive and increases
to the point at which these modes themselves no longer have meaning and must be
redefined as will be shown below. Thus, the values of vyy in Table 5.1 are not a
reliable predictor of dyy for H, complexes, especially for elongated complexes
where the values listed for vgy and vwy effectively should be reversed. Similar
situations arise for other m-acceptor ligands with a large degree of M — L back-
donation such as metal-ethylene complexes: vcc is not a reliable measure of dcc
because of normal mode coupling to same-symmetry C,H, wagging/deformational
modes.'*®

The WH stretching constant is surprisingly as large as that for the HH stretch, and
the WH—WH’ interaction is negligible. The HH-WH interaction force constant, Fyy,
whs 18 very large (0.67 mdyn/A), indicating that stretching the HH bond leads to
strengthening of the HW bonds, and vice versa. Stretching force constants for an
isolated WH, group (i.e., neglecting the CO and phosphine ligands) using the
frequencies observed for the HH and WH stretches can also be calculated. The
results are shown in Table 5.3 for comparison with the more complete treatment.
Surprisingly, the agreement is quite good, indicating that such a simplified treatment
can yield useful information.

5.8.4 Nature of M-H, Bonding Delineated by Vibrational Analysis

As expected, there is generally a large dependence of the modes for bound H, on both
the metal center and coligands. Vibrational analysis of a M—n>-H, system is further
complicated by the three-center, two-electron bonding. The bondi