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ABSTRACT: We present an update and revision to our 2010 review on the topic ofproton-

coupled electron transfer (PCET) reagent thermochemistry. Over the past decade, the data

and thermochemical formalisms presented in that review have been of value to multiple

fields. Concurrently, there have been advances in the thermochemical cycles and

experimental methods used to measure these values. This Review (i) summarizes those

advancements, (ii) corrects systematic errors in our prior review that shifted many of the

absolute values in the tabulated data, (iii) provides updated tables ofthermochemical values,

and (iv) discusses new conclusions and opportunities from the assembled data and associated

techniques. We advocate for updated thermochemical cycles that provide greater clarity and

reduce experimental barriers to the calculation and measurement of Gibbs free energies for the conversion of X to XHn in PCET
reactions. In particular, we demonstrate the utility and generality of reporting potentials of hydrogenation, E°(V vs H2), in almost
any solvent and how these values are connected to more widely reported bond dissociation free energies (BDFEs). The tabulated
data demonstrate that E°(V vs H2) and BDFEs are generally insensitive to the nature of the solvent and, in some cases, even to the
phase (gas versus solution). This Review also presents introductions to several emerging fields in PCET thermochemistry to give
readers windows into the diversity of research being performed. Some of the next frontiers in this rapidly growing field are
coordination-induced bond weakening, PCET in novel solvent environments, and reactions at material interfaces.
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1. INTRODUCTION

The widespread occurrence ofproton-coupled electron transfer
(PCET) reactions in chemical processes has drawn broad
interest from a myriad of scientific communities. PCET is
involved in chemical synthesis from the bench to the industrial
plant and is common in nature, biology, materials, and chemical
energy processes. This review describes the Gibbs free energies—
here denoted simply as free energies—ofPCET halfreactions for a
wide range of substrates and reagents, with an emphasis on
solution-phase reactivity. While PCET reactions can be broadly
defined as those that involve transfers of electrons and protons
(ne~/mH+), the material covered here is restricted to reactions
involving equal numbers of e~ and H+ (n = m, eq 1). Even with
these confines this is a very broad class of reactions, from the
cathodic Ae~/4H+ reduction of Q2 to H20 in fuel cells (eq2) to the
Ie-/1H+ oxidation of'the tyrosine residue (eq 3) that facilitates
water oxidation in the photosynthetic oxygen-evolving complex. It
is therefore unsurprising that there have been many previous
reviews of the PCET field which cover reaction chemistry,1-3
computation and theory,4 electrochemical aspects,5 biochemical
and biomimetic systems,6-9 photoinitiated reactions,10'll organic
synthesis,12'13 hydride transfer,14'l5 and more.16'17

X + ne + nli+ -> XH,, ()
02 + 4e- + 4H+ -» 2H20 2)
TyrOH -> TyrO* + e~ + H+ 3)

The thermochemistry of PCET reagents provides the
foundation for understanding their reaction chemistry. Eleven
years ago, our laboratory presented the first comprehensive
listings of solution thermochemical values for PCET substrates 3
We are delighted that it has been widely used and that it seems to
have influenced several burgeoning areas of chemistry, including
photoredox (Section 3.3), N, reduction (Section 3.6), and
redox-mediated systems.

Unfortunately, we have found a few systematic mathematical
errors in that review which shifted the absolute values of
reported bond dissociation free energies (BDFEs), as stated in
our recent correction.1§ One purpose ofthis review is to correct
the values in the 2010 review.3'19 These corrections systemati-
cally decrease previously reported BDFEs by between 1.6 and

pubs.acs.org/CR

Review

4.8 kcal mol-1, depending on the solvent. We note that the
differences between prior BDFE values in the same solvent
are typically correct, just not the absolute values. Furthermore,
the discussion provided in the previous review remains relevant,
and we refer the reader to those sections for further context on
the thermochemical values presented.3 More details on correct
derivation are given in Sections 5 and 6 of the Supporting
Information ofour recent publication.19 More details about how
the values in the updated tables were calculated are given below.

The increasing centrality of PCET thermochemistry over the
past decade has greatly increased the quantity and standard of
measurement methods and data. These advances have, in most
cases, made previously used approximations unnecessary.
Examples of approximations include the use of peak potentials
from irreversible electrochemical couples in BordwelTs early
pathbreaking studies20 and Abraham parameters for estimating
transfer free energies between solvents3 Values from our
previous review that employed these and other approximations
are generally not recalculated in the tables below. Despite these
omissions, we still report a robust compendium of exper-
imentally determined thermochemical values for PCET half-
reactions. This includes new values determined since our last
review, which are largely for coordination complexes and
multielectron/multiproton reductions. Efforts have been made
to make this review comprehensive, but this is a challenging
standard to reach given the diversity and rapid growth of the
field.

In summarizing what has been learned about PCET
thermochemistry over the past decade and advocating for new
directions, this Review goes well beyond simply correcting and
collecting values. We provide a thorough breakdown of the
thermochemical cycles used (Section 2), which we hope
provides a simplified analysis for newcomers and new insights
to already expert practitioners. Furthermore, we demonstrate
the experimental and theoretical advantages ofusing potentials
of hydrogenation, denoted E°(V vs H,), to describe the
thermochemistry of PCET reactions. In particular, E°(V vs
H,) is shown to be effectively equivalent to more widely
reported BDFEs in solution while also being far easier to
measure directly (Section 2.2.2 and ref' 19). In fact, we highlight
a recently published method which enables direct measurement
ofE°(V vs H,) for many compounds under any buffered solvent
condition amenable to electrochemical analysis (Section 2.2.3).
Thermochemical cycles based on this method and future ones
like it will be important to fulfilling the growing interest in
measuring reaction thermodynamics in real systems where
significant nonidealities exist (Section 2.3).

The higher standard of'data included in this review enabled a
novel analysis of the solvent dependence of free energies for
ne~/nH+ PCET halfreactions (Section 3.1). Over a wide range
ofsystems, both BDFEs and £°(V vs H,) values are shown to be
highly insensitive to solvent identity across a wide range of
molecules and solvents. Importantly, this is not the case for
ne~/nH+ PCET potentials measured against a pure-clectron
transfer reference such as ferrocene. This is because the overall
thermochemical equations will involve the transfer of charged
species (e- and/or ED), if a hydrogen-based reference is not
used. As a result, we advocate for the use of H,”, ED, and the
reversible hydrogen electrode (RHE) as reference states/or both
aqueous and nonaqueous thermochemistry. We hope that this
transition is expedited by expanded experimental use of
ED-based reference electrodes, to more easily and more
accurately determine PCET thermochemistry.19

https://doi.org/10.1021 /acs.chemrev.1 c00521
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The advantages of referencing PCET thermochemistry to
H2(g) are most apparent in the connections it enables to studies
in complex reaction media and related fields. We highlight the
growing interest in engineering solution conditions to improve
system performance, such as in the use of organic/aqueous
mixtures to solubilize redox mediators for oxygen reduction21,22
and to perturb solvation environments for small-molecule
activation (Section 3.1).22,21 Additionally, we provide an intro-
duction to the many connections between PCET thermochem-
istry at molecules and (nano)materials (Section 3.8). This
includes the measurement ofhydrogen adsorption energies for
gas/solid reactions by temperature-programmed desorption
methods, as well as electrochemical and thermal studies ofsolid/
solution interfaces. These highlights and others (Section 3)
emphasize the centrality of PCET thermochemistry and the
connections it enables.

2. THERMOCHEMICAL BACKGROUND

The free energy of the ne~/HH oxidation of a PCET reagent
(XHn) can be described by multiple thermochemical formal-
isms. The simplest case, with n = 1, involves the making or
breaking of only one X—H bond to give X* and H* (H+ + e~).
The “gold standard” thermochemical descriptor for such a
process is the bond dissociation free energy (BDFE) of X—H
(eq 4). When n > 1, the average BDFE (or free energy per H*
dissociated) has typically been the preferred value for tabulation.
However, most tables of X—H bond strengths instead give bond
dissociation enthalpies (BDEs).This choice is in part historical as
widely reported gas-phase BDEs were easier to measure and to
connect with early computational approaches. When studies of
solution-phase bond strengths became more common, most
tried to parallel the known gas-phase values and report BDEs.
Excellent resources exist for BDEs, such as Luo’s Comprehensive
Handbook of Chemical Bond Energies (2007) and the iBonD
Databank from Tsinghua and Nankai Universities that lists 7600
BDEs and 35 000 pJCa values.2526 However, free energies are
more important for reactions in solution. This is because AG®
values determine equilibrium constants and are used in both
linear free energy relations and treatments derived from Marcus
theory.

X-H X*+ H* AG° = BDFE 4)

We advocate here for the use of a relatively new
thermochemical parameter, the potential of hydrogenation,
E°(V vs H2), for PCET reactions that involve equal numbers
of electrons and protons (eq 1). This thermochemical value is
directly related to the free energy of hydrogenation, by eq 5.
We prefer the intrinsic E°(V vs H2) because it does not scale
with the number of electrons transferred in a reaction. E°(V vs
H.,) is the potential for a whole reaction, the addition of H,,
rather than the more commonly tabulated Aalfreactions that
involve the addition of electrons, such as the potential to add
protons and electrons to a reagent (eq 6). Sections 2.2.2 and
2.2.3 below describe E°(V vs H,) in more detail, and they
present the practical experimental advantages of its measure-
ment. Sections 2.3 and 3.1 discuss the fundamental advantages
ofthis term over electrochemical halfreactions, such as allowing
close comparisons across reaction conditions and reaction types.

X + ~ XH,, AG\d"™.n = -Mf%°(Vvs HJ
(%)
X + ,,H+ + me" -» XH,, E°(X/XH,,) (6)
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In this section, we provide an overview of methods and
thermochemical cycles used to obtain the values presented in the
tables below, with a specific emphasis on the similarities between
BDFE and E°(V vs H,). In all of the equations, schemes, and
tables, all species are solution phase unless otherwise noted,
except for H, and other gases (O,, N,, CO,, CO, and CH4)
which here are always considered to be in the gas phase (though
the use in the literature is varied27). The gas-phase standard state
is 1 atm, at 298 K. For dissolved species, | M solutions have
typically been used as the standard state, though more precise
definitions are available.2s8 For reactions where all ofthe species
are in the gas phase, the “solvent” is labeled “gas”.

2.1. Traditional Methods for the Measurement of BDFEs

Relative BDFEs can be accurately determined by equilibration,
and this gives absolute BDFEs when the value for one of the
PCET reagents is known (eq 7). Lucarini and co-workers, for
instance, used this approach to determine phenol BDFEs.29
Similarly, Kreevoy et al. used equilibration to measure the
relative hydride affinities of NAD+ analogues (a type of
heterolytic bond strengthy.14,30,31

X-H + Y > X 4 Y-H
AG° = BDFE(XH) — BDFE(YH) %)

Solution BDFEs (BDFE(solv)) can be derived from known
bond dissociation enthalpies (BDEs) but only with certain
assumptions. If the BDE of X—H is known in the solution of
interest, then the conversion requires the absolute entropies
of XH, X*, and H* in the solvent (eq 8). The thermochemistry of
H* solvation has been well estimated in various solvents, as
discussed below (Table 1), but the entropies for HX and X* are
almost never known experimentally. Ifthe BDE is only known
for gas-phase species, additional energies ofsolvation are needed
to convert a BDE” to a BDFE<-solv), which are also almost never
known.

BDFE(XH)") = BDE(XH)") - TS°(H")
- T[S°(X") - S°(XH)] (®)

In practice, the conversion of BDEs to BDFEs uses the
assumption that the absolute entropies for X* and XH are very

similar and cancel, presumably because these species are very
similar in size and polarity (eq 9) 32,33

BDFE(XH)" = BDE(XH)" - TS°(H") )

Bordwell, Parker, Tilset, and others have found this to be a
good assumption for the organic and organometallic systems
they studied.34-37 However, there may be significant deviations
when X* and/or XH can engage in hydrogen bonding with the
solvent.3,38 In addition, there can be large entropy terms when
high-spin transition metal complexes are involved.3339 The
concerns about these assumptions emphasize the need for direct
measurements of free energies to describe PCET reaction ther-
mochemistry, especially when comparing across conditions.
2.2. Square Scheme Approaches to BDFEs and Potentials of
Hydrogenation

Many BDFEs have been determined by measuring a pJCa and a
one-electron reduction potential (£°), in a method which
essentially parses the BDFE into the free energies for electron
transfer (ET) and proton transfer (PT) (eq 10).

BDFE = 23.06E° + 1.37pKa + CG (10)

https://doi.org/10.1021 Zacs.chemrev.1 c00521
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Table 1. Key Thermodynamic Constants in Common Solvents

solvent
gas phase 8.1/
water 2.95%
acetone 6.50%**
acetonitrile (MeCN) 6.3f
benzene 6.23%*
CoO, 6.16%*
chlorobenzene 5.83%*
N,N-diinethylacetamide (DMA)
N,N-diinethylfonnamide (DMF) 6.07%7
dimethyl sulfoxide (DMSO) 6.16%*
1,4-dioxane 6.25%7
n-hexane 6.30%7
isopropanol (IPA) -
methanol (MeOH) 5.71%*
toluene 6.10%7
tetrahydrofuran (THF) 6.43%7

pubs.acs.org/CR Review

AGXH")™ E°(H7Hj4' cle
48.59" - -
52.8%* 0.00* 52.8"
51.9%7 - -
52.0%7 -0.028%* 52.6"
52.1%* - -
51.9%* - -
52.1%* - -

-0.79"

52.3%7 -0.662" 67.6"
52.6%* -0.67" 68"
522%7 - -
51.7%7 - -

- -0.4947 -
51.9%* -03017 63.4
52.0%* - -
52.0%7 -0343' 59.9

"Values in kcal mol * at 298 K. bTS°(H") = T[S°(H" ") + ASsolv(H*)], where H2 data are used to approximate H* solvation, and the standard
state is 1 M in solution unless otherwise specified. Adapted and expanded from ref 19. *Potentials are in V. ‘£° and CG are vs Cp2Fe+/0 unless

otherwise stated. “Values involve

at 1 atm gaseous standard state from ref 42. Walue referenced to SHE. ,|[E°(H+/H2) in DMSO was

determined from the E1/2 of a quasi-reversible wave, and therefore both it and the corresponding CG are not reported to the same level of accuracy
as other values in this table. ‘Value is an average of those presented in refs 19, 54, and 55 with corrections for TS°(H'") where necessary. [The value
of TS°(H*) in THF in refS5 was corrected from unit mole fraction to 1 M standard state, giving 6.43 kcal moT! and E°(H+/H2) = —0.33 V (values
that were then averaged with those from the citations noted just above).] Standard state is defined by an absolute pKa scale.56

This approach was first popularized by Bordwell, although he
used it to derive BDEs.34 The development of this method
required the definition of an unusual free energy constant, CG.
While the use of one constant makes eq 10 elegant in its
simplicity, it also buries the fact that CG is a composite value that
is challenging to measure (see below). As a result, widespread
adoption of this approach has left the field with complex
terminology that can confuse even well-versed practitioners.
After all, this review is being written in part because our group
made thermochemical errors when calculating CG values a
decade ago. Below we describe the traditional analysis, and then,
in Section 2.3, we advocate for the adoption ofnew terminology
based on E°(V vs H2) to make this powerful new method more
accessible to the research community—intuitively and exper-
imentally.

2.2.1. BDFE Analysis Using CG. Division ofthe overall free
energy for a solution-phase PCET process into the components
for electron and proton transfer is best visualized using a square
scheme (Scheme 1). Following this roadmap and eq 10, the

Scheme 1. Square Scheme of PCET Thermochemistry

pKa(XH+)

IT XH+

E°(X/XH)
e",H+

E°(X0I-] Eo(XT/0)

T
XH

pK,(XH)

overall free energy for the PCET process is calculable by adding
together the appropriate £° and pKa values, via the bottom left
(egs 11 and 12) or top right corners. However, the resulting
equation describes the transfer ofe~ and H+ (eq 6 where n = 1),
as opposed to the desired transfer of H*. This thermochemical

quandary was first solved with the advent of CG, or E°(H+/H¥*),
since its addition neatly converts e~ plus H+ to H* (eq 13). As a
result, when the CG and the E°(X/X*) use the same reference
electrode—recommended by IUPAC to be the Cp2Fe+/0 couple

in organic solvents40,41—then the sum ofeqs 11—13 gives the
BDFE in kcal mol | (eq4).

X- o X" + AG° = BE°(X"/X-) (11)
XH -> X- + H+ AG° = 1.36pKa(XH) 12
H+ + e~ H* AG° = CG = -F£°(H+/H%*) 13)

X-H X* + H* AG° = BDFE (4a)

However, the calculation of CG involves multiple steps.19 The
first is the determination of E°(H+/H.,) against the appropriate
reference electrode (eq 14). Addition ofthis quantity switches
the reference potential to H+/H,(g) in the solvent ofinterest, and
it changes the overall thermodynamic equation to describe the
potential of hydrogenation (Section 2.2.2). Next, the well-
known free energy of H, dissociation in the gas phase is added
(eq IS).42 The last step is addition of the free energy for
solvating H* in the solvent ofinterest (eq 16). The sum ofeqs 15
and 16 gives AG°f(H*) (eq 17), which itselfis of practical use
and whose values are compiled for a range ofsolvents in Table 1.

H+ + ¢ =<Fh'  AGe = _Feo(H+/HY)

a4)
H(g 9IAGNHD) s
H\g — H (slv) AG°,Win(H') (16)
H (solv) AG°f(HY) a7

In this paragraph, we describe, for the interested reader, the
nuances of properly calculating AG®solvation(H*). While the

https://doi.org/10.1021 /acs.chemrev.1 c00521
Chem. Rev. 2022, 122, 1-49
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solvation term described by eq 16 is intractable to measure
directly” the solvation of H* has been shown to be well-described
by that of H2.43 Other workers have used noble gases as models
for H*, and recent papers have argued the merits ofboth ofthese
approaches” though values derived from the two methods differ
by only | kcal mol-1 at 298 K.44-46 For simplicity and
consistency; here we choose to use the H2 assumption for all
solvents. This assumption can be broadly applied; as solvation
data for H? are available for numerous solvents 47-49 We note
that calculation of AG®solvation(H#) is complicated by the need to
convert the standard state of H* in the solvent from the reported
unit mole fraction - 1) to | molar.19 A sign error in applying
this conversion resulted in systematic errors for the BDFEs
reported in our original publication; as noted in our recent
correction.18§ A complete and corrected walk-through of the
underlying equations is provided in Sections 5 and 6 of the
Supporting Information of our recently published work.19
2.2.2. Potential of Hydrogenation. As shown in the
section above; determination ofthe CG term needed to measure
BDFEs is complex and inaccessible to the beginning practitioner.
Below; we introduce a more experimentally accessible; and equally
robust; thermochemical value that one necessarily calculates in the
process of determining a BDFE. The addition ofeqs 11; 12; and 14
(Scheme 2) gives the potential ofhydrogenation; or E°(V vs H2).

Scheme 2. Calculation of E°(V vs H2) from the le Reduction
Potential and pKa

at/0
X + e- — YO-ww,® » XM (11)
xX- , , |+ 0.0592[pKa(XH)] XH (12)
. O ve.
22 E° vs- Cp2Fet/ He + e (14)
X + 12H2 —£°(Vvs H2) ~ XH (5)

In this scheme; the sum ofeqs 11 and 12 gives an electrochemical
potential; E°(X/XH; vs Cp2Fet/0); and eq 14 changes the
reference state to E°(H+/H2). Thus; E°(V vs H2) is the
electrochemical potential for an ne~/nH+ halfreaction with RHE
as the reference potential (see below). More generally; since a
potential vs RHE is equivalent to the addition of H2(gy E°(V vs
H?2) is directly related to the free energy of hydrogenation via
eq 5 (repeatedbelow). Equation 5; as noted above and discussed
below; is a whole reaction; not a halfreaction.

X + ~H2(g) — XH,, AG®hydrogenation = —nFE°(y vs H2)

(5a)
Values of E°(V vs H2) are also easily compared with BDFEs;
as they only differ by AG°f(H*) in the solvent ofinterest (eq 18).
Values of AG°f(He) are 52.2 & 0.6 kcal mol-1 across a wide
range of solvents; aqueous or nonaqueouS; protiC; or aprotic
(Table 1). As a result; solution-phase values of E°(V vs H2) and
BDFE are effectively equivalent. In the following paragraphs
(and in Sections 2.2.3 and 2.3); we discuss the practical aspects
of measuring E°(V vs H2) as well as the experimental and
theoretical advantages.

BDFE(X-H) = 23.06£°(V vs H2) + AG°f(H*) (18)

pubs.acs.org/CR Review

E°(V vs H2); in common with a BDFE; describes a complete
chemical reaction without charged species or electrons (eq 5;
Scheme 2). E°(V vs H2) refers to an electrochemical whole
reaction; the sum ofthe two Aalfreactions; E°(X/XH vs Cp2Fe+/0)
(eq 6; or egs 11 and 12) and E°(H+/V2H2 vs Cp2Fe+/0) (eq 14).
Because this is the sum of two half reactions and refers to the
addition of H2(g) and not electrons; E°(V vs H2) does not involve a
reference electrode. This makes E°(V vs H2) a more universal
value; in a sense using H2(g) as the specified reference state.

While we prefer to think of E°(V vs H2) as a whole-reaction
potential; it can equivalently be described as a half reaction
referenced to the H+/H2 potential under the reaction conditions
(eq 19). The H+/H2 potential under any conditions is called the
reversible hydrogen potential; RHE. RHE is commonly used in
aqueous electrochemistry to refer to the hydrogen potential
when the proton is not at the standard state; i.e.; when the pH
differs from zero [when pH = 0; this is the standard hydrogen
electrode; SHE]. Equation 19 is the same as eq 14 except that the
proton is not required to be at the standard state; and therefore
the potential is denoted E without a °. However; the H2(g) in
eq 19 is constrained to be at a standard state (1 atm; 298 K) in
the definition of RHE. As discussed below; using protons at the
nonstandard state makes E°(V vs H2) a much more universal
and useful parameter.

H+ + — ~H2g E(H+/H2) = ERHE (w)

The use of RHE in nonaqueous solvents is powerful because it

has become readily measurable with the new open-circuit
potential (OCP) method by Roberts and Bullock (Figure 1).57

Potentiostat Potentiometer

Ai/2(f~ct/0) vs Eref  Ebh- VS Eref

Hydrogen
AgCl/Ag
Counter- Pseudoreference
electrode Electrode
Glassy
Carbon ' « Platinum
Working Wire Electrode
Electrode

Figure 1. Roberts and Bullock’s schematic of the four-electrode cell
configuration used for H2 open-circuit potential (OCP) measurements.
The analyte solution consists of an acid:base:H2 mixture of known
composition. The Ag/AgCl pseudoreference is calibrated to Cp2Fe+/0
after determination of the OCP. Potentiostat and potentiometer are
shown as separate devices to illustrate the principle ofthe measurement.
Reprinted with permission from ref 57. Copyright 2013 American
Chemical Society.

https://doi.org/! 0.1021/acs.chemrev.1 c00521
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This OCP method was originally performed under nonstandard
proton activities (RHE) and extrapolated to the standard state
(SHE). The robustness of'this extrapolation was proved by the
authors by demonstrating Nernstian shifts of the OCP with
changes in buffer pKa and reagent concentrations.57 This is
therefore a valuable methodology for measuring the nonaqueous
equivalent of RHE in any solvent suitable for electrochemistry
and SHE when the pKa scale is known.

For full details ofthe method, we refer readers to the original
article.57 In brief, the OCP ofa clean platinum wire electrode is
measured in a buffered electrolyte solution in the presence of |
atm of H2 This is a direct measurement of the reduction
potential ofthe acid component ofthe buffer to H2 (eq 20). It is
termed E°f(HA/1/2H2)Fc with the prime (') indicating that it is
specific to the buffer used and the Fc subscript indicating that
the reference potential is Cp2Fe+/0.

HA + ¢™ -»» TH2 + A" £°'(HA/1H2)Pc = £°RHE

(20)

Equation 20 is the nonaqueous equivalent to eq 19 in that
both define RHE, but eq 20 recognizes that in nonaqueous
solvents the proton is usually bound to a buffer acid. As noted
above, RHE is commonly used in aqueous PCET electro-
chemistry and electrocatalysis, as both a physical reference
electrode and a theoretical reference state. In RHE electrodes,
the potential is measured with a clean Pt wire in an electrolyte
sparged with | atm of H2, with proton activity being that of the
electrolyte. This means that E°RHE is zero and independent of
changes in pH (aqueous solutions) or buffer pfQ, making the
reference state independent ofproton activity. The great value of
this reference state is developed in the next sections.

The Roberts and Bullock method requires the assumption
that the Pt wire reversibly interconverts H2(g) and protons in
solution at the reversible potential (RHE) on the time scale of
the OCP measurements. The advantage of OCP measurements
is that they allow equilibrium to be achieved over long times,
from minutes to hours. Solvent or buffer adsorption to the Pt
surface would have to be quite strong to inhibit this catalysis over
such long time scales. This assumption is supported by the
quantitatively Nernstian shifts upon changes to the solution.
‘When Nernstian behavior is not observed, the method is not
appropriate. Prior literature studies of HER on platinum
electrodes indicate that the reaction occurs on the cyclic
voltammetry time scale, which is much shorter than the OCP
time scale.58-60 This assumption is also supported by the
equivalence of E°(V vs H2) and BDFE values measured by OCP
with those measured by other methods, in different solvents and
with different buffers.19,57

2.2.3. Direct Electrochemical Measurements of PCET
Thermochemistry. Direct electrochemical measurements
of reversible PCET processes are often possible in aqueous
solutions. Under acidic, basic, or buffered conditions, proton
transfer in water is often sufficiently rapid that reversible
electrochemical responses are observed for PCET redox couples
such as quinone + 2e~ + 2H+ — hydroquinone.6! The resulting
values of E°(X/XHn) are aqueous PCET potentials (eq 6),
measured under various conditions and corrected to standard
states. Many of'these appear in the tables below.

Our laboratory has recently developed a direct electro-
chemical measurement of E°'(X/XHn) in organic and mixed

solutions using an OCP method similar to that of Roberts and
Bullock's for EO/(HA/H2).19 This is a significant advance as
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cyclic voltammograms (CVs) of PCET couples are almost
always irreversible in nonaqueous solvents due to the slower
proton transfer rates. As a result, E1/2 values determined from
these voltammograms do not provide accurate measures of the
underlying PCET thermochemistry.19,62 OCP measurements
have a longer time scale than CV, allowing more time for protons
and other nuclei to equilibrate. The strategy of using OCP
measurements, or redox potentiometry, to evaluate the
thermodynamics of sluggish electroreductions has previously
been explored in biochemical systems, as well as toward the

measurement of molecular hydricities and nanoparticle Fermi
levels.63™65

In our studies,19 the OCP ofa solution containing X, XH,,, an
acid/base buffer, and electrolyte was measured. This directly
determined the X/XHn potential vs the reference electrode used.
Ferrocene was then added to calibrate the internal reference
electrode, to give E°'(X/XHn vs Cp2Fet/0) in that buffered
electrolyte (eq 21).19 When multiple hydrogens are added to X
this approach gives the average free energy to add e~ + H+ and,
via eq 18, the average BDFE. The procedure was validated and
applied to a number of X/XHn PCET couples with O—H and
N—H bonds, for n = | or 2. When applying it, we recommend
using monoprotic 1:1 buffers AH/A- because then the proton
activity is simply the pKa ofthe acid. Keeping the AH: A- ratio at
1:1 also eliminates the need to correct forhomoconjugation (the
formation of AH-AT hydrogen-bonded adducts) in most
buffers.19,66

X + ne + ftHA — XHn + ftA

Eo,(X/XH,,vsCp2Fe+/0) @1

ftHA + ne — —H2 + ftA

-E°RHE

(22)

The PCET electrochemical potential derived from OCP
measurements can be combined with the measurement of E°RHE
to give E°(V vs H2) (Scheme 3 and eqs 21 and 22, the latter

Scheme 3. Calculation of £°(V vs H2) Directly from
E°'(X/XH,,)

E°" vs Cp2Fet,?

X + nHA + ne XH, + nA~ @1
uoH2 + nA~ TETVSCPIFCT hUA 4 ne~  2)
X + aoH2  EOVVSHD vy ®)

being just n times eq 20). This addition requires that the two
measurements be made using the same solvent, buffer, and
electrolyte, and then the contributions ofthe buffer cancel. The
resulting reaction, at the bottom of Scheme 3, and shown earlier
as eq 5, is simply the potential of hydrogenation of X to XHn.
This reaction is, therefore, independent of'the buffer or ferrocene
reference. The advantages ofthis approach are described in the
following section.

Scheme 3 is thermochemically equivalent to the route to
E°(V vs H2) in Scheme 2 using pKa and £°. However, these two
methods are not experimentally equivalent because one OCP
potential takes the place of two separate pKa and E°
measurements, eqs 11 and 12. The pKa(XH) and E°(X/X-)
are often measured under different conditions from each other
and from E°(H+/H2), introducing potential systematic errors in

https://doi.org/! 0.1021/acs.chemrev.1 c00521
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the analysis. In particular, ion pairing with the electrolyte and
homoconjugation ofthe buffer acid and base can shift the proton
activity in organic solvents significantly from that predicted
from ideal pJQ measurements. The OCP approach has the
dual advantages of measuring the proton and electron transfer
energetics together and of providing more time for thermody-
namic equilibrium to be reached. In our experience, the OCP
approach outlined in Scheme 3 is the most accurate measure-
ment of PCET thermochemistry when experimentally acces-
sible.

2.3. Advantages of Potentials of Hydrogenation

As discussed above, values of E°(V vs H2) are experimentally
accessible. They are equivalent to proton-coupled electro-
chemical potentials, E°(X/XH,, vs H+/H2), and they are directly
related to free energies ofhydrogenation. However, potentials of
hydrogenation are not commonly reported, especially for
reactions in nonaqueous environments.l9 Instead, common
practice for electrochemists is to report proton-coupled potentials
vs Cp2Pet/0, and common practice for thermochemists is to report
BDFEs (or BDEs). Below we demonstrate the advantages of
instead reporting E°(V vs H,), and we discuss how this suggested
new paradigm promotes connections between the thermal and
electrochemical communities.

Reporting of proton-coupled potentials as E°(V vs H,) has
significant advantages over potentials versus ferrocene or other
electron-only references. Because electrochemical PCET
involves the transfer of both protons and electrons, the proton
activity of solution affects the measured potential. While a pure
electron reference does not move with proton activity, use
of E°RHE does. As shown in Scheme 2 and Scheme 3, this
removes all charged species from the overall reaction. Thus, the
E°(Vvs H,) for an ne~/nH+ couple is independent ofchanges in
the proton activity of the solvent. This independence leads to
E°(V vs H,) having very similar values in a range of solvent
conditions (Section 3.1). The solvent independence is furthered
by the use ofthe same H,” reference for all measurements.

Reporting of E° (V vs H,j instead of BDFEs allows for a direct
comparison with a large database of electrochemical values
without any conversions. While E°(V vs H,) values are perhaps
not as conceptually simple as BDFEs (eqs 4 and 5), they require
one less step to calculate. E°(V vs H,) is converted to a BDFE
(or an average BDFE) by addition of AG°f(H*) (eq 18). This
free energy has been reported in many but not all solvents (e.g.,
not in DMA, MeOH, and IPA (Table 1)). Still, AG°f(H*) varies
little with solvent and, if necessary, can be well estimated by
averaging values for similar solvents.

The advantages of this approach are particularly evident for
studies in mixed solvents. Thermochemical measurements of
PCET reactivity have traditionally been inaccessible in mixed
solvents due to the lack ofestablished pl<ascales. In fact, this is a
barrier to applying a square scheme approach (Section 2.2)
even in many pure solvents, as pJQ scales are not ubiquitous
and reagent instability can make measurements challenging.
However, both issues can be solved by measuring E°(V vs H,)
via Scheme 3, as this method removes the need to measure a pJQ.
In Scheme 3, pKa measurement is effectively replaced by
the OCP measurement of E°RHE which is readily accessible by
experiment in any medium that is amenable to electrochemical
analysis (Figure 1) 19,51,57,67-70

The approach in Scheme 3 should be broadly applicable to
PCET reagents with O—H and N—H bonds in almost any polar
medium.19 Currently, the generality ofthis scheme is limited by
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the OCP method for determining E°'(X/XH,,) (eq 21). In our
experience, the method will not be successful if there is no

Faradaic response for the X/XH,, couple in the solution window
for voltammetry. This is consistent with the understanding
that electrochemical equilibria can only be reached if elec-
trode kinetics are sufficiently fast to enable current flow.71

We therefore suspect that electrode kinetics are the main barrier
to measuring E°'(X/XH,,) for PCET reactions that involve

C—H bonds by the OCP method.19 Nevertheless, the promise of
this methodology is significant as it greatly increases access to

the direct measurement of E°(V vs H,) using widely available

electrochemical setups. Furthermore, the measurement of
E°'(X/XH,,), where n > 1, is also made simple by this method
as a single measurement replaces the alternative of2n free energy
measurements required by a square scheme approach. This new
method has enabled a broad analysis ofthe solvent dependence

of BDFEs and E°(V vs H,) values (Section 3.1).

Values of£°(V vs H,) have the additional advantage that they
are readily compared to other free energies ofhydrogen addition
(eq 5), in solution or in the gas phase. In aqueous solution,
tabulated electrochemical potentials vs RHE are equivalent to
E°(Vvs H,). There is also along history oftabulating energies of
gas-phase hydrogen addition to both molecules and materials
(see Section 3.8). BDFEs can also be compared to gas-phase
measurements, although the overall reaction is slightly different
and a correction of ~4 kcal mol-1 must be applied to account for
the free energy of'solvation for H* (Table 1). For both £°(V vs
H.,) and BDFE, practical comparison ofsolution- and gas-phase
values requires the assumption that the solvation free energies of
X and XHn are very similar. This assumption is discussed in
Section 3.1.1 below.

Overall, potentials of hydrogenation have the unique
advantage of being universal. When solution-phase potentials
are reported in this way, they not only are solvent independent
but also become comparable to a broad base of previously
reported thermochemical values. While we hope that £°(V vs
H.,) values will be widely adopted, we recognize that a new term
brings the potential of further convoluting the literature. As a
result, we have striven to clearly define the relationships between
£°(V vs H,) and more established thermochemical values, such
as BDFEs, in Section 2. We anticipate that using £°(V vs H,)
instead of BDFEs will facilitate communication between
different fields and will spur development of the PCET field in
multiple directions, such as those highlighted in the various parts
of Section 3.

3. INSIGHTS AND EMERGING AREAS OF PCET
THERMOCHEMISTRY

3.1. Medium Dependence

Section 2.2 ofthis review demonstrates that the BDFE of X—H is
effectively equivalent to £°(V vs H,). Nevertheless, in the tables
below, both the BDFE and £°(V vs H,) values are reported for
each compound. This is done to emphasize the utility of£°(V vs
H,) or the free energy of H, addition, which can be measured
directly for many reagents in many solvent conditions (Section 2.3).

3.1.1. Solvent Dependence. The assembled data in the
tables below send a clear message: BDFEs and £°(V vs H,)
values are essentially independent of solvent identity, with few
exceptions. In Table 2, we compile all reported substrates for
which BDFEs and £°(V vs H,) values are known in three or
more solvents. When generating this list of compounds, all
values from our previous review were double checked to ensure

https://doi.org/10.1021 /acs.chemrev.1 c00521
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Table 2. Solvent Dependence of PCET Thermochemistry"

molecule # of solvents
TEMPOH
4-oxo-TEMPOH”
2,4,6-tBu3PhOH
4-MeO-2,6-tBuPhOH
1,4-hydroquinone

EN

2,6-dimethyl- 1,4-hydroquinone
©2(g) + 2H2(g)  2H20

DPPH-H

CO02(g) + H2Q) -» CO(g) + H20
CO2(g) + 4H2(g)  CH4(g) + 2H20

WA W R LW oW oY W

pubs.acs.org/CR Review

avg. E°(VvsH2) avg. — AG%/nb Asc table
0.558 £ 0.048 65.0 = 1.3 34.8 5
0.595 + 0.053 64.6 = 1.4 34.8 5
1.003 & 0.028 754 +=0.8 77.9 6
0.864 + 0.025 72.0 = 0.6 34.4 6
0.656 £ 0.011 67.4 + 0.2 72.6 7
0.560 £ 0.012 65.1 =04 72.6 7
1.242 +£0.013 81.0 = 0.4¢ 435 11
0.929 + 0.012 73.5 £ 04 34.4 15

-0.091 = 0.016 503 + 0.4 435 21
0.176 £ 0.007 56.4 £ 0.3 43.5 21

"Averages and standard deviations were calculated for each molecule across the different solvent conditions listed in the tables below. Values for
E°(V vs H2) are in V; —eE° is the average free energy for VzHzCg) addition. 6These are averages of the average free energies to remove H* from the

substrate; denoted as BDFE, BDFEavg, or — A G°/n in the tables (see Section 4). cRange of solvent dielectric constants for the values being averaged,
with e values taken from ref72. ‘Value in hexane redetermined by equilibration with TEMPOH. See Supporting Information for full details. eThree

solvents used to calculate the avg. of —AG“/n.

Scheme 4. Thermochemistry of BDFE Medium Dependence

BDFE/,,
X-H X5(5) Hig
l
AG°S_S,(XH) AGS_S.(X)  AG®S_S8.(H-)
| | |
BDFE(S)
X-H(S") XV) HV)

that they met the more stringent criteria for inclusion used
herein (Section 4). Before application of this procedure, there
were many compounds whose BDFEs seemed to have a
significant solvent dependence, but afterward there was only
one: 4-oxo-1-hydroxy-2,2,6,6-tetramethyl-piperidine (4-oxo-
TEMPOH). The outlier BDFE for 4-oxo-TEMPOH was
61.2 kcal mol-1 in hexane, which was initially consistent with
the intuition that a substrate with polar substituents might show
a solvent effect between MeCN and hexane. Nevertheless, we
decided to double check this value experimentally by performing
an equilibration between TEMPOH (whose BDFE is reported
as 63.4 kcal mol-1 in hexane) and 4-oxo-TEMPO. Interestingly,
we find that the Keq for this reaction is 3.9 + 2.0, suggesting that
4-0xo-TEMPOH is less reducing than TEMPOH and should
therefore have a higher BDFE (see Si). In fact, use of the
corrected BDFE removes the effect of solvent on BDFE such
that the average value across hexane, CC14, and MeCN is 65.6 +
1.4 kcal mol-1. With this correction in mind, all substrates we
know, for which data are available in three or more solvents, have
BDFEs that are independent of solvent. This is a remarkable
result because E° and pJ<a values often vary substantially with
solvent, and yet the averages of BDFEs and E°(V vs H2) values
across a range of solvents have uncertainties similar to those of
the individual values.

The explanation of the solvent constancy or medium
independence of ne~/nH.+ transfer reactions can be described
by a new square scheme (Scheme 4). The top and bottom ofthe
scheme are the equations for the BDFE of X—H, differing only in
the solvent (S vs S'). The difference between the BDFEs in the
two solvents is the difference in the transfer free energies of
dissolved reagents.67 The free energy of solvation (AG®solv) for
H* is essentially constant across all solvents (Table 1), so all
differences in BDFEs between solvents can be attributed to

AG®solv(XH) — AG°solv(Xe). Both XH and X* are of similar size
and polarity, differing only by one H atom, so it is not surprising
that these terms are usually similar and effectively cancel one
another. One might expect significant differences because
XH and X* have different capacities for hydrogen bonding,
depending on the solvent, but this is not evident in the data.
Even 1,4-hydroquinones, which are expected to have signifi-
cantly different hydrogen bonding characteristics as compared
to their corresponding quinones, show very small solvent
dependencies between protic and aprotic/H-bond-accepting
mediums (Table 2).

3.1.2. Phase Dependence. A scheme similar to Scheme 4
can be used to compare gas- and solution-phase X—H BDFEs
and E°(V vs H2) values [more details on E°(V vs H2)y are
provided in Section 4]. Ifthe solvation free energies of X* and
XH cancel (including the entropy term for the change in
standard state from | atm to 1 M for both reagents), the only
difference between the solution- and gas-phase BDFEs is the
AAG°f(He), which is 3—4 kcal mol-1 across many solvents
(Table 1). Furthermore, under these assumptions there is no
expected difference between values of E°(V vs H2) across the
solution and gas phase. In Table 3, we compare aqueous and gas-
phase potentials of hydrogenation, as the difference between
the two values describes whether X or XHn is more favorably
solubilized. For three simple alkyl and phenyl thiols, there is no
significant phase dependence ofthe potential of hydrogenation
ofRSe (AE°(Vvs H2) = E°(aq) — E°(g) = 0.01 £ 0.06 V), thereby
demonstrating that the free energies of solvation of RSH and
RS* are very similar. However, for three alkyl hydroperoxides,
AE°(Vvs H2) = 0.32 & 0.09 V. This indicates significantly more
favorable solvation of ROOH versus ROO*. While it makes
sense for ROOH to be preferentially stabilized by being a
hydrogen bond donor, this effect is often small as evidenced by
the phase-independent PCET thermochemistry of PhOH and
other hydrogen-bonding compounds. In general, a slight pre-
ferential solvation of XHn over X does seem to be common,
although this trend shifts in a few rare cases including the
reduction of H202 to 2H20 and that of Ph2N* — Ph2NH.

Analyzing the phase dependences of reactions that involve
cleaving more than one X—H bond should be done with
caution. For instance, the conversion of N2(g) + 3H2(g) to 2NH3
involves the solvation of NHJ and also the entropy term for the
two ammonia molecules converting from | atm to 1 M standard
state. Nevertheless, the potentials of hydrogenation for N2 to

https://doi.org/! 0.1021/acs.chemrev.1 c00521
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Table 3. Phase Dependence of PCET Thermochemistry"

reaction E°(VvsH2),,,

PhO" + V2H2 — PhOH 1.353
HO" + 72H? — HO-H 2.690
O+ 72H2 — HO" 1.997
O- + 72H2 — HCT 2.317
HO2" + 72H2 — H201 1.242
H202 + 772H2 —* 2H20 1.823
ROO" + 72H2 — ROOH" 1.25(8)
HN"NH—H + 72H2 — H2NNH-H 1.04
PhNH" + 72H2 — PhNH2 1.428
4-MePhNH" + 72H2 — 4-MePhNH2 1.333
4-CFjPhNH" + 72H2 — 4-CF3PhNH? 1.389
PhIN" + 72H2 — PhINH 1.320
HS" + 72H2 — HS-H 1.49
RS" + 72H2 — RS—Hd 1.33(1)
PhS" + 72H2 — PhS-H 1.16
02(S) + 2H2(g) — 2H20 1.185
<2(g) + H2(g) H20?2 0.546
Oy/'OOH -0.15
CO02(g) + H2(g) — HCOOH -0.225
CO2(g) + H2(g) — CO(g) + H20 -0.148
CO02(g) + 4H2(g) — CH4(g) + 2H20 0.145
N2(g) + 3H2(g) — 2NH3 0.057

pubs.acs.org/CR Review
~VvsHgw AE°(VvsHD)" table

1.382 0.029 6
2.730 0.040 10
2.134 0.137 10
2.609 0.292 11
1.46 0.218 11
1.763 -0.06 11
1.57(9) 0.32(9) 12
1.12 0.08 13
1.437 0.009 15
1.423 0.09 15
1.564 0.175 15
1225 -0.095 15
1.56 0.07 18
1.35(1) 0.02(1) 18
1.08 -0.08 18
1229 0.044 11
0.695 0.149 11

-0.07 0.08 11

-0.114 0.111 21

-0.104 0.044 21
0.169 0.024 21
0.092 0.035 13

"For the second column, labeled (g), all of the species are gas phase. For the third column, labeled (aq), above the blank row all of the species are
in aqueous solution. Values above the blank row are for reactions where there is no phase change when converting from products to reactants, for
both the gas-phase and aqueous values. Reactions below the blank row involve a phase change from gaseous reactants to aqueous products for the

values in the third column (labeled (aq)). This distinction is important as free energy contributions from changing standard state contribute to the
phase dependence of values below the blank row (see text). bAE°(V vs Ff2) = E°(V vs Ft2)(aq) — E°(V vs H2)"y "Average of values for R = CH3—,

CH3CH2—, and (CH3)3C—. “Average of values for R = CH3— and CH3CH2—

NH3 are roughly independent ofphase. Similarly, the AE°(V vs
H?2) is <50 mV for several other complex reactions including the
reduction of 02 to H20 and the hydrogenations of CO, to both
CO and CH4

These observations ofphase-independent £°(V vs H,) are not
nearly as robust as the solvent independence described in Table 2.
Nevertheless, they demonstrate that in many cases the effect of
phase on PCET thermochemistry is minimal. Further study will be
required to more clearly predict which compounds should
be expected to demonstrate phase-dependent potentials of
hydrogenation.

3.1.3. Mixed Solvent Systems. Nontraditional solvent
systems, including mixed solvents and those without established
pJCa scales, have been shown to be valuable for a variety of
applications involving PCET reactivity. Investigators have
employed various media to tune reagent activity, control reagent
solubility, and separate reagents, in efforts to increase the
selectivity and efficiency of their systems. The optimal medium
for catalyzing PCET reactions must, among other properties,
adequately solubilize the substrate and catalyst while maintain-
ing a rapid rate ofproton transfer. Organic solvents often excel at
the former requirement, while aqueous solutions excel at the
latter. To get the “best of both worlds”, some authors have
investigated the efficacy of mixed solvent systems. Below we
discuss several examples and consider the challenges that PCET
in mixed solvent systems poses to thermochemical measure-
ments.

One example comes from the work of O’Hagan and co-workers
who demonstrated that changes in the reaction medium—ionic
liquids with varying mole fractions of H,O—could engender faster

rates of electrocatalytic hydrogen production without increasing
the overpotential.69'70'73 A key to these studies was accurate
measurements of overpotential and therefore of E°'(H+/H2) in
various solvents (Figure 2A), following the procedure of Roberts
and Bullock discussed above.57 With increasing water content,
overpotentials remained relatively constant, while catalytic
currents increased by nearly 2 orders of magnitude. The rate
increase correlated with the proton diffusion coefficient measured
using pulsed-field-gradient NMR (Figure 2B).70 Beyond changing
water content, the rates were 3—5 orders of magnitude higher in
the ionic liquid/water mixtures than in MeCN:H,0 mixtures.
This effect was found to be related to the rate of boat/chair
catalyst isomerization based on further studies which varied the
chain length of substituents on the outskirts of the catalyst
(Figure 2C,D).73 Later work interrogated the melding of these
effects with that of solvent viscosity, to design a state-of-the-art
molecular electrocatalyst for hydrogen production.74 These
studies demonstrate that solvent engineering can play a valuable
role in the development of advanced electrocatalysts for PCET
processes.

Mixed-solvent systems and tailored microenvironments are of
increasing interest. One high-profile study of CO, electro-
reduction with cationic iron porphyrins reported remarkable
rates in DMF “in the presence of 3 M phenol”.75 This is roughly
3/4 DMF and V4 phenol in mole fraction. The authors estimated
the standard potential for CO, to CO using the Henry’s law
constant for CO, and the pJCa of carbonic acid in pure DMF.
Measurement of E°'(H+/H,) in the CO,-saturated, 0.1 M H,O0,
mixed DMF/phenol solvent would allow for a more direct
comparison of the catalytic response with the essentially

https://doi.org/10.1021 /acs.chemrev.1 c00521
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Figure 2. (A) Dependence of reaction overpotential on the mole fraction of H20 in a [(DMF)H]|NTf2—H20 ionic liquid, where overpotential is the
difference between Ecat/2 and E(H+/H2) under the reaction conditions. (B) The dependence ofproton diffusion constant for two different ionic liquids
(red or blue dots) and of catalytic current for 1-C6 in [(DBF)H|NTf2—H20 (green squares) on the mole fraction ofH20. (C) Structures ofthe nickel
catalysts used and their R groups of varying steric bulk. (D) Relationship between the logarithms of boat-chair isomerization rate and turnover
frequency. (A) and (B) are reprinted with permission from ref70. Copyright 2014 Royal Society of Chemistry. (C) and (D) are reprinted (adapted)

with permission from ref 73. Copyright 2016 Wiley.

solvent-independent E°(CO02/CO vs H2) (Table 21). These are
important considerations for reporting catalyst metrics that are
comparable across conditions. Other recent work has used
acetonitrile with >5 M water (4:1 mole fraction MeCN/H,0)
for the electrochemical oxidations of cyclohexene and cyclic
ketones.76,77 As shown by the elegant O’Hagan studies above,
OOP measurements of £°(H+/H,) in such mixed solvent
systems enable the determination of thermochemical parame-
ters and comparisons with potentials of hydrogenation since
those are almost solvent-independent. We encourage research-
ers to use this approach, which offers simple access to accurate
overpotentials and enables quantitative analysis of effects of
solvent identity on catalyst performance. Although the potentials
are relatively insensitive to solvent identity (Table 2), rate constants
may vary significantly. We also note that the overpotential for
electrocatalysis can be different in the reaction-diffusion layer from
that referenced in the bulk solution ifthe local environment at the
electrode surface differs from the bulk solution.

More complex media with multiple liquid phases or regions
are also of increasing importance. For example, a recent U.S.
Department of Energy Basic Energy Sciences report recently
identified the control ofthese “microenvironments” as a priority
research objective in solar fuels research.78 One recent study
used a two-phase 1-hexanol/water mixture to electrochemically
generate hydrogen peroxide, with the 2,7-disulfonylanthraqui-
none electrocatalyst migrating between the aqueous and organic
layers.2l Selective electrochemical conversion of methane and
O, to methanol under ambient conditions was enabled by a
silicon nanowire electrode that created separate anoxic and oxic
environments near the electrode interface.79 In general, these

10

studies and many related ones have not focused so much on the
PCET thermochemistry, though it can play a key role.

3.2. Relationships between Proton, Electron, and Hydrogen
Transfer Free Energies

The PCET square scheme for an XH reagent, as shown with a
free energy surface in Figure 3, has five separate reactions and

Figure 3. Free energy surface of the square scheme for a PCET reagent
XH, showing the concerted proton—electron transfer (CPET) pathway
and the stepwise paths (ET/PT and PT/ET). Each arrow is drawn over
the barrier for the respective step.

free energies: two E£° values (for the ET steps), two pJQ values
(PT steps), and one BDFE (for the concerted, CPET reaction).
This section describes analyses of these five parameters for a
single species and then across a series of related molecules.

https://doi.org/10.1021 /acs.chemrev.1 c00521
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3.2.1. Thermodynamic Coupling between ET and PT
Free Energies. The free energies corresponding to the ET
(—FE°), PT (2.303RTplJCa), and CPET events in Figure 3 are
interdependent. This is because free energy is a state function,
and Hess' Law necessitates that the free energy difference
between two states is path-independent. Movement around any
closed loop in Figure 3 must therefore have AG® = 0. This
analysis leads to the result that, for any reagent XH, the free
energy shift in £° upon deprotonation must equal that in pfC,
upon oxidation (eq 23).

T[£2(XH+/XH) — E°(X/X™)]

= 2.303RT[pK,(XH) - pK,(XH+)] (23)
We have called the value ofthis shift the thermodynamic coupling
between the e~ and H+ for reagent XH, and it can vary
dramatically.3 When the e~ and H+ “come from the same bond”,
the shift can be enormous. For instance, CH4 is an extremely
weak acid but upon oxidation to CH4*+ becomes highly acidic.
For the hydroxylamine TEMPOH, for which the effects of
e~ and H+ transfer are localized to the NOH unit, the shift in £°
upon protonation is ~2.6 V, which is equivalent to the shift in
pJCa of >40 units.3 As our 2010 Client. Rev. explained in detail,
such reagents where the thermodynamic coupling is large have a
strong preference to react by transfer ofthe e~ and H+ together,
by concerted proton—electron transfer (CPET).3 This is
because, when the coupling is large, the top left and bottom
right corners of Figure 3 are typically high in energy (e.g., the
CH4*+ and CH3~ species), thereby disfavoring stepwise
mechanisms. A common form of CPET is hydrogen atom
transfer, wherein the e~ and H+ are transferred together from a
single site on one reagent to a single site on another. Through
the lens of thermodynamic coupling, then, hydrogen atom
transfer represents the case in which both reagents have large
thermodynamic coupling.80

As the electron (or hole) becomes more delocalized or is
farther from the site of protonation/deprotonation, the
thermodynamic coupling decreases.80 For phenol in water, the
AE®is 0.7V (ApJQ = 12 units). For metal-imidazole and related
complexes, where the nitrogen atom being deprotonated is three
bonds removed from the metal center undergoing formal redox
change, removal of one proton raises E£° by ca. 300 mV.
Examples include 365 mV for an iron(tetraphenylporphyrin)—
bis(4-methylimidazole) complex,§1 340 mV for the ruthenium
pyridyl—imidazole in Figure 4A\82 and 240 mV for the
benzimidazole deprotonation in Figure 4B.83 Williams et al.
showed that Fe, Co, and Ru complexes with multiple imidazole
ligands exhibit a shift of ~300 mV per imidazole deprotonated,
up to a remarkable 1.38 V shift for an iron complex with four
imidazoles (Figure 4D).84'85 When the acid/base site is well
separated from the redox one, the coupling becomes very small.
For example, Figure 4C displays a complex in which the iron
potential shifts only 20 mV upon deprotonation of'the distant
propionic acid side chain.86. When the ET and PT agents
are separate molecules, then of course there is no coupling
(Section 3.3 and Table 22).

3.2.2. Thermodynamic Compensation between ET
and PT Free Energies. Over a series of related PCET
compounds, the BDFE, pJQ, and E° values will vary with the
changes in substituents and structure. These correlations are
typically analyzed with linear free energy relationships (LFERs),
extra thermodynamic empirical relationships between different
parameters. The most common is perhaps the Hammett
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Figure 4. Imidazole and other complexes with an acid/base group
removed from the redox-active metal center. (A) Square scheme for a
ruthenium—imidazole complex showing the 0.36 V increase in the
reduction potential upon protonation. Reprinted (adapted) with
permission from ref 82. Copyright 2007 American Chemical Society.
(B) Square scheme for a di-iron disulfido—benzimidazole complex
showing a 0.240 V increase upon protonation. Reprinted with
permission from ref 83. Copyright 2017 American Chemical Society.
BDFEs in A and B were updated to reflect the new CG(MeCN) value.
(C) An iron—protoporphyrin-IX complex that shifts 20 mV upon
protonation at the carboxylate. Reprinted with permission from ref 86.
Copyright 2011 American Chemical Society. (D) Drawing of the
structure of the Fe(lll) complex with two doubly deprotonated
bis(imidazolyl)pyridine ligands, [Fe(1—2H)2]CS4,S5 Reprinted with
permission from ref 84. Copyright 1998 Royal Society of Chemistry.

equation from 193788 which relates the variation in a property
of interest with the pJCa values of benzoic acids with the same
substituents.89 Similarly, a range of metal complex reduction
potentials can be predicted fairly accurately with a set of “Lever
parameters” for the metal and ligands.90,91

Typically, over a set of PCET reagents within a given chemical
class, the £° and plJCa values will vary much more than the
BDFEs. This is because the pJCa and E° are inversely correlated
quantities—an electron-withdrawing substituent makes XH and
XH+ more acidic but also makes XH and X- harder to oxidize.
Because the BDFE correlates positively with both the pJCa and E°,

https://doi.org/10.1021 /acs.chemrev.1 c00521
Chem. Rev. 2022, 122, 1-49
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these changes counterbalance one another and give a much
smaller change in BDFE. This can be viewed as a thermodynamic
compensation between the E° and pJQ over the series of
compounds (that is, between pl<a(XH) and E°(X*/-) or
between pl<a(XH+) and E°(XH+/0)).3'92 To our knowledge,
this effect was first emphasized by Pratt, DiLabio, Mulder, and
Ingold in a 2004 Acc. Client. Res. article on the relationships
between toluene, aniline, and phenol BDEs and Hammett
substituent constants.93 The exact extent of thermodynamic
compensation in a particular series is represented by the prop-
ortionality constant y in eq 24.

AE° = -y(0.0S9 mV)ApK, 24)

Within some classes of PCET compounds, the free energy
changes in the £° and pJQ are so closely balanced that the BDFE
stays remarkably constant, such that y = 1 in eq 24. Substituted
toluenes, for example, show almost perfect thermodynamic
compensation of this kind. p-Tolunitrile is ~10 pl<a units more
acidic than toluene (~14 kcal mol-1 from AAG® = —RTAIn
Ke ), while the corresponding benzyl radicals differ in £° by
~0.7 V (~16 kcal mol-1), leaving the NCC6H4CH2—H BDFE
only 2 kcal mol-1 higher than the PhCH2—H BDFE 9%

Other PCET reagent classes do not show such close
thermodynamic compensation. Across a series of substituted
phenols in DMSO and water, for example, changes in aromatic
ring substituents cause smaller changes in the free energy of
deprotonation than in the free energy of the subsequent
oxidation ofthe phenoxide {/> 1). Therefore, electron-donating
substituents generally decrease the phenolic O—H BDFE, while
electron-withdrawing substituents increase the BDFE. An
analysis by Dhar et al. examined the extent of compensation
for different classes of organic molecules and metal complexes,
as shown in graphical form in Figure 5 (where the red line
indicates perfect compensation, y = 1) 92

-100-

-150-

-200-

-250-

Figure S. Histogram depiction of compensation between £1/2 and pKv
for compounds within different classes of PCET reagents and in
different solvents. Perfect compensation 0f—59.2 mV/pfQ is indicated
by the red line. Blue numbers in the bars are the number of compounds
analyzed in each class. “In water. "In DMSO. ‘Ref 92. Reprinted
(adapted) with permission from ref 92, Supporting Information
Figure S33, with blue numbers added. Copyright 2016 American
Chemical Society.

The frequent pattern that £° values are more sensitive than
pl<a values to substituent changes (y > 1) may be due to
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deprotonation occurring locally at the X—H bond, while
oxidation involves removal of an electron from a delocalized
molecular orbital. For phenols, substituents on the aromatic ring
directly interact with the redox-active JI system but are more
distant from the acidic OH. In contrast, the carbanion formed
upon deprotonation of'a toluene has much more delocalization
into the aromatic ring. This rationalization is consistent with
near perfect thermodynamic compensation oftoluenes (y = 1.1

in acetonitrile94) and a much larger y for phenols (y « 3 in
water). In the ruthenium complex in Figure 4A, replacement of
the acac ligands in hexafluoro-acac shifts the EI1/2 positive by
0.93 V, while the imidazole pl<a shifts only a modest 3.2 units
(giving y = 5).82 This lack of good compensation means that the
N—H BDFE increases by 17 kcal mol-1.

An important example of thermodynamic compensation is
redox leveling, which occurs when a metal complex is oxidized or
reduced by multiple steps, but its BDFE and £°(V vs H,) remain
fairly constant. This effect was noticed at least as far back as 1981
by Bruce Moyer and Thomas J. Meyer (who coined the term
PCET), for a Run(H20)/Ruiii(OH)/RuUIv(0) system.95 The
reduction potentials and pJQ values for these different complexes
vary substantially, but the compensation means that the two
BDFEs are very similar (the diagonal lines in the Pourbaix
diagram in Figure 6 are close). This is a critical effect in the use of
metal complexes or active sites for multielectron catalysis. In the

Ru -O /Ru -OH --1.02
-m0.81
Ru -OH /Ru -OH
3+H2+ Ru-OH'
nm(.3
0 7 4 6 pH 8 10 12 14
[RU"OH2]2+ 10,3 & [Ru"OHp
77.5
1.02V D almom 046V
[Ru"OH23+ ©08s . [RUOH]2+ (>13) . [RumOJt
X

Figure 6. Aqueous PCET thermochemistry of [ris-(bpy)2pyRuOHYv],+
from refs 95, 100, and 101. Top: Pourbaix diagram102,103 for this system
and a map of the predominant species present as a function of pH and
solution potential. The pH of the inflection points corresponds to pKi
values, and the slopes of the horizontal and diagonal lines indicate the
stoichiometry of the redox process occurring, (59 mV)ne-/mH+
Bottom: Double square scheme showing pf<a values above horizontal
arrows, pure-ET E° values beside vertical arrows, and BDFEs along the
diagonals (from eq 10). Thermochemical values are from Table 24.
Reprinted (adapted) with permission from ref3, 95, and 100 Copyright
2010, 2001, and 1981 American Chemical Society.

https://doi.org/10.1021 /acs.chemrev.1 c00521
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tetramanganese—calcium oxygen evolving complex (OEC) in
Photosystem 1I, for example, the four redox equivalents need to
be removed at similar potentials to generate O,, as discussed by
Pecoraro and Babcock.96-99 This need for redox leveling should
apply to many ne~/nH+ catalytic processes, from enzymatic
active sites to the surface of IrO,-catalyzing water oxidation.

3.3. Oxidant-Base and Reductant-Acid Pairs for MS-CPET

In multiple-site concerted proton—electron transfer (MS-
CPET), a proton and electron come from (or go to) two
chemically distinct sites (Figure 7A).80,104 This has also been
termed “multisite” or “orthogonal” or “bidirectional” PCET.1,2,105 109
Overall, the thermochemistry of MS-CPET is similar to that of other
PCET systems.l0l An “effective BDFE” can be defined for any
reductant—acid (or oxidant—base) pair to express their H-atom-
donating or -abstracting ability, even though no X—H bond
is homolytically cleaved (respectively, formed) in the process
(eq 25).

BDFE, g = 23.06E°(Ox+/°) + 1.37plQ(BH) + Cg  (25)

Figure 7 displays several examples of MS-CPET reactions in
biology and synthetic applications and highlights the diverse
nature ofthese reactions.

3.3.1. Continuum between HAT and MS-CPET Reac-
tions. This section presents some of the complexities of
MS-CPET reactions, including the extent of thermodynamic
coupling, separation of charge, ground-state hydrogen bonding
and complexation, and the possible conflation of multiple
of these effects. In Photosystem-II (Figure 7B), tyrosine-161
appears to be oxidized in a CPET process in which the e~ is
transferred ~10 A to the oxidized chlorophyll special pair P680+,
while the H+ travels to the nearby histidine-190.1-'8 In examples
like this, the cofactors are independent of each other, and there is
no thermodynamic coupling or thermodynamic compensation
(Section 3.2). This leads to the point that there is a continuum
between “simple” hydrogen atom transfer and MS-CPET. In this
example, P680+, histidine-190, and tyrosine-161 are all in the
same protein complex, yet this process most closely resembles
MS-CPET.80 In C—H oxidations by cytochrome P450 enzymes,
on the other hand, the proton moves to the oxygen ofthe ferryl
group, while the electron is transferred to a hole on the other,
redox-active ligand (see Section 3.7.1 below). These sites are

A) (&)
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much more thermodynamically coupled, and this process lies in
between HAT and MS-CPET.

The distinctions between HAT and MS-CPET can be quite
significant. When the e~ and Ht start far apart, such as in
MS-CPET, there can be a substantial change in the charge
distribution, as opposed to a reaction that resembles the transfer
of'a neutral hydrogen atom. The change in charge distribution
also means that electrostatic “work terms”, free energies to
assemble the reactive complexes, can be important. For
bimolecular electron transfer reactions, there are work terms
in forming the precursor and successor complexes (wp and
respectively, in Scheme 5). This means that the thermochemistry

Scheme S. Precursor and Successor Complexes and Work
Terms (w) for Electron Transfer, Hydrogen Atom Transfer,
and Multiple-Site Concerted Proton— Electron Transfer

precursor sSuccessor

reactants complex complex products
(a) electron transfer
ET
D" + A+ D"|A+ DA D + A
AG®! Ws
(b) hydrogen atom transfer
HAT
XH + A — XHA - - X[HA X + HA
wp AG®' = AG® Ws
(¢) multiple-site CPET MS-

XH + B- + A+~=~ XH - B~JAt » X HB|AMNMX + HB+A
wp G° WS

“The overall energetics from separated reactants to separated
products is AG°.

ofthe actual unimolecular ET step, A G®', can be different from
the overall thermochemistry AG® (Scheme 5a; see excellent and
accessible summaries by Sutin and by Ebersonlll,n2). For
hydrogen atom transfer reactions, however, no charge is passed
in the unimolecular HAT step, so AG®' = AG® (though there can
be electrostatic and hydrogen bond effects on the formation ofthe
precursor and successor complexes,!13 shown in Scheme 5b).
Multisite processes more resemble ET in that there is a charge
redistribution in the MS-CPET step (Scheme 5c¢). In this case,
the free energy ofunimolecular MS-CPET can be different from

Oxidative PCET for Catalytic Generation of Amidyl Radicals

Figure 7. Multiple-site concerted proton—electron transfer (MS-CPET). (A) General scheme for XH oxidation or X reduction.§" (B) Schematic of
tyrosine-161 oxidation in Photosystem-II by long-range ET to the oxidized chlorophyll special pair P680+ concerted with PT to histidine-190.1'§
(C) Photocatalytic MS-CPET oxidation ofan amide with photooxidant M” and base BA109 (D) Photoinduced MS-CPET to a noncovalently bonded
oxidant/base pair.110 Reprinted with permission from refs SO, 1, 109, and 110, respectively. Copyright 2018, 2007, 2016, and 2019 American Chemical

Society.

https://doi.org/! 0.1021 /acs.chemrev.l C00521
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that among the separated reactants, AG®' / AG°®, and this effect
is significant when the charges are large and the medium has a
low dielectric constant.109 These effects can be particularly
pronounced in termolecular systems.114-116 These were (to our
knowledge) first systematically pursued by Linschitz et al, for
instance, quenching photoexcited 3C60 with various phenol-
base pairs.114,115 A few more recent examples are from the groups
of Meyer,117-120 Hammarstrom,I2l Stanbury,l22 Knowles,123
Tommos,124 Barry,125 and our laboratoryl16 among others.

Another feature that is very common in CPET reactions is
hydrogen bonding between the acceptor and donor molecules
(Figure 74—C). In the aforementioned Photosystem-II, for
example, the tyrosine-161 donor is hydrogen bonded to the
histidine-190 acceptor.1,2,8,126 In fact, most CPET reactions
involve the pre-equilibrium formation of a hydrogen-bonded
complex between the proton donor and acceptor.12,109,110,113,127,128
Knowles and co-workers have demonstrated that this feature can be
utilized to selectively cleave strong N—H and O—H bonds in the
presence ofweaker C—H and S—H bonds, which do not form such
favorable hydrogen bonds (Figure 7C).109

We conclude this section by highlighting a recent paper from
Knowles in which a noncovalent complex formed between an
iridium(11l) photooxidant and phosphate base cleaves a strong
C—H bond (Figure 7D). C—H MS-CPET is often difficult
because there is no hydrogen bond to prealign the PT
coordinate. Our group has shown in the C—H MS-CPET
reactions of fluorenyl benzoates that this prealignment can
be achieved through covalent attachment of the base to the
C—H bond.127-129 Yet, the system from Knowles has no such
prealignment, perhaps suggesting that the key lies instead in the
reduced molecularity of the reaction. Regardless of the exact
origin of this reactivity, these MS-CPET systems represent an
exciting development in methodologies for C—H bond cleavage.
We also note that such preassociation of the oxidant and base
affects the basicity (and likely also the oxidizing power) of'this
pair and complicates the assignment ofan exact BDFEeff (eq 25).
Moreover, this system exemplifies the continuum between HAT
and MS-CPET reactivity as a quasi-bimolecular system with
intermediately coupled ET and PT events.

3.3.2. Practical Considerations for Thermal and
Photoinduced MS-CPET. While there is, in principle, an
infinite number of oxidant—base and reductant—acid pairs, the
number ofpractical combinations in typical solution chemistry is
limited by the compatibility of the two reagents. In the case of
oxidant—base pairs, there are often side reactions between the
electron-poor oxidant and the electron-rich base. Reductant/
acid pairs are also limited by incompatibility issues, including
protonation of the electron-rich reductant and formation of
H? by reductant—acid pairs with effective BDFEs less than
AG°f(H*) or 52 kcal mol-1 (Table 1).

A number of oxidant—base and reductant—acid pairs have
been studied for their chemical compatibility and stability with
regard to solvent, concentration, temperature, and counter-
ion.104 In general, low temperatures, low concentrations, and
unreactive solvents and counterions increase chemical compat-
ibility. In some cases, low-polarity solvents lead to ion pairing
and high local concentrations of the components, resulting in
faster decay (e.g., ref 130). In Table 22, we highlight compatible
combinations, verified either by direct study of their
compatibility under certain conditionsl04 or by their success
in performing organic transformations.123,131-134 These pairs
have the remarkable ability to break bonds as strong as
106 kcal mol-1 and to form bonds as weak as 15 kcal mol-1.
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For a discussion ofreductant—acid pairs for the reduction ofN,,
see Section 3.6 and the more detailed review from Peters.135
MS-CPET reactions have been particularly utilized in the appli-
cation ofphotoredox catalysis to organic synthesis.12,109,110,127,128,136
Photogenerated strong oxidants and bases give pairs with
remarkably high effective BDFEs,|12 and analogously the
combination of a photoreductant and an acid can have a very
low BDFEeff. A few representative examples are included in
Table 22. Compared to thermal oxidants/reductants, the
concentrations of photogenerated species are typically signifi-
cantly lower and can be controlled by the incident photon influx,
which can mitigate compatibility limitations.12

The field ofphotoinduced CPET has been growing rapidly, as
summarized in excellent recent reviews by Wenger.7,11 One
thermochemical challenge in photoinduced ET and PCET is the
determination ofthe reduction potential ofthe thermally relaxed
excited state. This issue has been discussed in great detail in the
enormous area of excited-state ET reactions, notably in 1968 by
Weller.137 The excited state E° is estimated using a thermo-
chemical cycle with the excitation energy, which is typically
taken as the low energy side ofthe emission spectrum, such as
the lowest peak in a vibrational progression, or at | or 10% ofthe
maximum emission intensity.138-140 While this issue is beyond
the scope of this review, we note that readers can often find
different values for the excited-state potential of a particular
chromophore.

3.4. Coordination-Induced Bond Weakening

The concept of coordination-induced bond weakening first
became important in organic free radical chemistry, in the search
for “greener” sources ofhydrogen atoms than, for example, tin-
hydride reagents (e.g., Ph3SnH).141-144 This came to the fore
in work by Cuerva et al. in 2006, who showed that HO
coordinated to a Tiln center had a sufficiently weak O—H bond
to transfer H* to carbon radicals (Scheme 6).145-147 This was

Scheme 6. Water O—H Bond Sufficiently Weakened by
Coordination to Tinl That It Can Transfer H* to an Alkyl
Radical"

,OH

(Ti", 15 ¢ ) (Ti", 17 el (Til 18 &)

“Reproduced with permission from ref!45. Copyright 2006 Wiley.

very surprising because water itself has a very large BDFE
(110.6 kcal mol-1 [gas] or 115.8 kcal mol-1 [liquid], Table 10).
They computed the Cp2(CDTiln(HO—H) BDE to be
49.4 kcal mol-1, a weakening of 59 kcal mol-1 from the first
BDE of H,0(g) computed at the same DPT level oftheory.

In a broader sense, the PCET reaction in Scheme 6 is a typical
example of most PCET reactions of metal complexes, which
couple redox change at the metal center with proton exchange at
the ligand. The X—H BDFE on the ligand is then defined by an
E° at the metal center and a pJCa of the ligand acidic site, going
through either corner ofthe relevant square scheme (Scheme 74,
similar to Scheme 1 for a simple X—H reagent). In general, bonds
in a ligand will be weak (i) when LaM—X—H is a strong reductant
and (ii) when the oxidized form LaM+—X—H is a strong acid (the
left and bottom edges of Scheme 7A).

https://doi.org/] 0.1021 /acs.chemrev.1 c00521
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Scheme 7. Thermochemical Schemes for X—H Bond
Weakening upon Metal Coordination

A) LnM-X-H LnM-=X:
BDFE -E°X:
|
LnM+-X-H LnM+-[X*]
P*a(ox)
BDFE(XH)
- X- + -H
LnM LnM
BDFE(XH)
LnM-X-H LnM+-[X“] + -H

The origin and amount of bond weakening can be analyzed
using Scheme 7B, where BDFE'(XH) is the coordination-
induced weakened X—H BDFE. The BDFE decrease is equal to
the difference in the binding energy between the ligands XH and
X* to LnM+ A metal center binding X", such as a hydroxyl
radical; can be further thought of as an ET from the metal
followed by binding of X- (hydroxide) to the oxidized metal
(LaM+). This directly relates the magnitude ofbond weakening
to the reducing power of the metal center. Therefore; non-
reducing metal centers such as 77w will not cause bond weakening;
only reductants such as Tim. Overall; the bond weakening is given
by eq 26. From the perspective of Scheme 7B/eq 26; Cuervas
Cp2TiCl system is very well set up for bond weakening. The
binding of OH- to Cp2TiCl+ should be much stronger than the
binding of water to Cp2TiCl; and electron transfer from Tim to
OH* should be very favorable.

bond weakening = [BDFE(X—H) — BDFE(LiMX—H)]

—AG?°(XH binding to LaM)
+ AG°(X* binding to LnM+)

+ AG°(ET from LaM to X") (26)

Even more ideal is the case of Sm2+, which is an exceptional
reductant (E° = —1.55 V vs SHE in water). Oxidation gives
Sm3+, which is a stronger Lewis acid and therefore can bind
X- strongly. We estimated the O—H BDFE for aqueous
[Sm(H20)n]2+ as 26 kcal mol-1/48 consistent with earlier
estimates from Szostak and from Flowers.149,150 This is a
remarkable 90 kcal mol-1bond weakening versus liquid water.
The difference between the value for [Sm(H20)n]2+ and the
73.6 kcal mol™| O-H BDFE for [Fe(H20)6]2+ (Table 23) is
primarily due to the lower reducing power for the iron complex
(FAE® = 2.3 eV = 53 kcal mol™l).

Bond weakening is not limited to water ligands. Alcohols;
amides; and other groups bound to Sm2+, Ti3+, and other
reducing metal centers show the same effect. This has been
exploited in Sml2-H20/THF reductions in organic syn-
thesis.151™156 Knowles applied the coordination-induced bond
weakening of amides to perform catalytic conjugate aminations
using a Tim—TEMPO system; demonstrating the potential of
this effect for catalyst design (Figure 8A).157 Similarly; Holland
and Poli recently suggested a PCET step involving an Fell—
ethanol complex with a weak O—H bond as a key intermediate
in alkene cross couplings (Figure 8B).15§ The concept of
coordination-induced bond weakening has also been very
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valuable in understanding metal-mediated N2 reduction and
ammonia oxidation; as discussed in Section 3.6.

3.5. Kinetics of Concerted PCET Mechanisms

While this review is about PCET thermochemistry, we would be
remiss not to mention its close connections to the kinetics ofsuch
reactions. These connections are increasingly evident; and they
are a key reason why the thermochemistry is of continuing
interest. The connections between the kinetics and thermody-
namics of CPET would fill another review; so only some brief
comments are given here.

3.5.1. Linear Free Energy Relationships and Marcus
Theory. Many sets of similar CPET reactions have been shown
to obey linear free energy relationships (LFERs) between the
kinetics and thermodynamics of PCET reactions. The most
common are correlations of log(kCPEX) with the BDFE or
BDFEceff3,80 These are equivalent to plots of log(kCPEX) vs
log(f<eq) or ofbarrier vs driving force; AG* vs AG®. The unitless
slopes of such plots—the Bronsted slopes or the Bronsted a—
can provide useful intuition. At low driving forces, IAG°I <K AG*,
simple analyses suggest that changes in barrier should be roughly
halfofthe changes in AG®, a = V2. From one perspective, this is
because the transition state in this limit is roughly halfway
between reactants and products following the Hammond
postulate.159,160 Similar PCET LFERs are part of the "scaling
relationship" or "volcano plot" analyses of heterogeneous
catalysis and electrocatalysis (Section 3.8). However, several
recent papers have reported a values that differ strongly from V2
in the low driving force regime.123,127,128

A number of laboratories, including ours, have gone

beyond LFERs to apply versions of Marcus theory to CPET
reactions.123,161™169 This is based on theoretical treatments of

CPET built on Marcus foundations.4,6 We have found that most
CPET rate constants obey the Marcus cross relation, at least to
an order of magnitude or two, though there are certainly
exceptions.16] Marcus theory predicts the a = 1/2 mentioned
above for CPET reactions at low driving force (IAG°I <K 22) and
predicts larger or smaller values of a for uphill or downhill
reactions. As —AG® approaches 2, the simple Marcus analysis
predicts @ 0 and AG* —} 0. When —AG"® exceeds 2, Marcus
famously predicted an inverted region, where reactions slow
with increasing driving force (a < 0). The predictions of very
small AG* have been observed for some photoinduced
MS-CPET reactions, and some of us have recently reported
the first example of a PCET reaction in the Marcus inverted
region.170 Looking forward, we anticipate closer connections
between kinetics and thermodynamics, building on advances
and interactions in experiment and theory.

3.5.2. Asynchrony or Asymmetry of PCET Reactions.
As shown above, PCET reagents can have the same BDFE and
E°(V vs H2) with different contributions from the ET and PT
components. This raises the interesting question: is kCPEX
affected only by the overall AG°PCEX, or is it also influenced
by the relative contributions of the ET and PT components?
A recent computational (DFT) paper by Srnec et al. provided
evidence that an imbalance between AG°EX and AG®PX can give
rise to an "asynchronous" CPET pathway with a transition state
containing more PT or ET character.l7l They suggested a
connection between asynchrony and the long-known "polar
effects" in organic HAT reactions, for example, that an elec-
trophilic radical will preferentially abstract an electron-rich
hydrogen.172,173 In addition to this experimental study, several

experimental papers have invoked asynchronous transfers ofthe

https://doi.org/! 0.1021/acs.chemrev.1 c00521
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Figure 8. Catalytic applications of coordination bond weakening. (A) Knowles’ use of amide coordination bond weakening (bottom left) to enable
catalytic amination. (B) Kim, Holland, and Poll’s possible mechanism for carbon radical trapping by an iron(il)-bound ethanol ligand. Reproduced
with permission from refs 157 and 158, respectively. Copyright 2015 and 2019 American Chemical Society.

proton and electron to explain the apparent sensitivity of CPET
rates to how the driving force is changed.92,123,128,174-177
However, current PCET theory describes these reactions with
vibronic states and therefore uses the overall AG°PCEX without
any simple mechanism to distinguish the PT and ET
components.4,6 Still, differences in the driving forces for ET vs
PT across a series could affect the intrinsic barriers for CPET
(A), the quantum-mechanical coupling between vibronic states,
and the structure and energetics of'the precursor and successor
complexes. For example, Sayfutyarova, Lam, and Hammes-
Schiffer found that the base pf<a in a series offluorenyl—benzoate
reactions affected the rate constant by changing the ground-state
structure rather than the PCET step.l2 Whatever the
mechanism by which the overall rate constants are affected, if
kCpET can be manipulated by changing the balance between PT
and ET without changing the overall AG®, that could have
implications for synthesis, catalysis, and enzyme mechanisms.
We anticipate that this will be an active area of PCET research in
the years to come.

3.6. N2 Fixation and Ammonia Oxidation

The reduction of N2 to NH3 and its reverse, the oxidation of
ammonia to N2, are persistent challenges in coordination
chemistry and homogeneous/heterogeneous catalysis. These
6e-/6H+ PCET processes are frequently described in Ie-/1H+
steps (even though typically the detailed ET/PT/CPET
mechanism is not known). Many studies in this area have
emphasized the Chatt (or distal) cycle, illustrated for the first
homogeneous mononuclear N2 reduction catalyst in Scheme 8.
This 6e*/6H+ process has many intermediates—Schrock and
Yandulov isolated eight of the intermediates in Scheme 8.178
While the mechanism in Scheme 8 shows stepwise additions of
electrons and protons, it seems likely (at least to us) that at least
some of these steps in catalysis would involve concerted
transfers of both particles.135 Additionally, although the
emphasis of this review is the transfer of equimolar amounts
of H+/e~, significant effort has been dedicated to understanding
reactions that have an excess of protons, e.g., N2 to N2H5+, and

16

Scheme 8. Schrock Catalyst (Top) and Proposed
Intermediates along the Chatt Cycle in the Reduction of

Dinitrogen through the Stepwise Addition of Protons and
Electrons (Bottom)”
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the bottom portion, compounds that were not isolated
bracketed with { and }. “Reproduced with permission from ref 178.

Copyright 2005 American Chemical Society.
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we direct the readers to the following references for further
details.179,180 These basic principles should be general to most
mechanisms for small-molecule transformations going through
multiple PCET processes.

The overall reaction 2NH3 -»s N2 + 6H* has a free energy per
H atom (AG°/n) of53.5 kcal mol"l in MeCN (Table 13). This
value is not an average N—H BDFE because it includes the NN
triple bond energy. This value does show the BDFE or BDFEeff
(see Section 3.3) required for an H atom donor to give isoergic
conversion of N2 to ammonia. The original Schrock catalytic
system used CrCp*? + [lutidinium] [BAr'J (Ar' = 3.,5-
(CF3),C6H3) as the net H atom donor, which has a BDFEeff
of 38.2 kcal mol"l in MeCN.181 The catalysis was done in
heptane, however, where the acid was insoluble, to minimize
reductant/acid incompatibility (Section 3.3.2). Taking the
MeCN BDFEceff as an estimate, the catalytic reaction had an
overpotential of 138.2 — 53.51 = 15.3 kcal mol"l per H atom, or
0. 66 V. Later catalytic reactions used reductants as strong as
potassium graphite with strong acids such as [(E2OH)] [BArF4]
where the effective BDFE is negative (BDFEeff <--16 kcal mol"l);
1. e, the reducing power ofthe pair is greater than that ofa free H
atom in solution.135 Recent studies have implicated protonated
metallocenes as likely H atom donors, such as [CoCp*(Cp*H)]+
(C—H BDFE < 26 kcal mol"1).143 Often these acid/reduction
combinations have competing hydrogen-evolution reaction
(HER) pathways (free energy per H*¥ of 52 kcal mol"l in solution,
Table 1), hindering the catalytic generation of ammonia.

3.6.1. N-H BDFEs of Intermediate Mononuclear
Complexes. There has been a burgeoning interest in
experimentally assessing the individual N—H BDFEs in
complexes pertaining to N, fixation and NH3 oxidation. The
N—H BDFEs are a good measure of the stability of the
intermediates, though imperfect because the steps that include
ligand substitution and N—N bond cleavage/formation have
additional energy terms. While the high reactivity of some
intermediates can preclude accurate assessment of relevant
BDFEs, many intermediates’ N—H BDFEs have been estimated
experimentally using irreversible electrochemical potentials or
through reactivities with acid/reductant combinations or with
PCET reagents.182"186 In addition, it has proven valuable to
benchmark DPT calculations against measured BDFEs and then
use the same computational approach to determine the BDFEs
that were not experimentally accessible.183,184,187''190 Having
these N—H BDFEs has identified at least some of the ther-
mochemical bottlenecks to catalysis. Here, we briefly mention some
estimated N—H BDFEs in intermediates along the Chatt cycle.

The first H atom addition to a metal-N, complex forms a
diazenido complex MNNH whose N—H BDFEs have been
studied in molybdenum and iron complexes. The N—H BDFE
of'the molybdenum diazenido complex [N3NHIPTIMO(N=NH)
was found to be 40.9 kcal mol"l from the reduction potential and
an estimate of the le"-reduced pJQ (Figure 9).l 6 Here and
throughout this section, we have adjusted the originally reported
BDFE or BDE values to use the revised CG’s in Table 1, and in this
case the new CG(THF) = 59.9 kcal mol"l. The N—H BDFE for the
putative diazenido complex P3INFeNNH was indicated to be
<37 kcal mol"l, in part based on its likely disproportionation to
the FeN, and FeNNH, complexes, even at 138 K (Figure 9).191
The PCET reactivity ofthe analogous PINFe—CNH, compounds
(and alkylated derivatives) were also examined as models, as they
were somewhat more stable model compounds.

Metal hydrazido (MNNH,) complexes also appear to have
very low N—H BDFEs in molybdenum and iron complexes,
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similar to MNNH compounds. To achieve sufficient stability for
thermochemical studies, an alkyl substituent can be placed on
the distal N. Thus, the N—H BDFE ofthe methylated hydrazido
P3SIFe[NN(Me)—H)] was estimated to be around 43 kcal mol"!
with the P3SIFe[CN(Me)—H] analogue exhibiting a similar
N—H bond strength of39 kcal mol"1.191 A series of molybdenum
cyclohexylhydrazido complexes, [frans-(dppe),(L)Mo(INN-
(Cy)-H)]"+ (L =I", MeCN, or 3,5-CF3C6H3CN; Figure 9C),
were found to have very weak N—H bonds, 32—39 kcal mol"l.
Increasing the /z-acidity ofthe ligand trans to the hydrazido ligand
increases the N—H bond strength, presumably because it makes
the Mo center less reducing and the oxidized hydrazido less acidic
(see Section 3.4 above).l §

In the Chatt mechanism, 3¢"/3H reduction ofa dinitrogen
complex gives | equiv ofammonia and the formation ofa nitrido
complex, stabilized by M—N »n bonds. Then, the PCET
additions of H atoms start again, forming metal—imido (M=
NH), —amido (M—NH,), and —ammine (MNH3) complexes.
As with the M(N,) complexes above, the first H addition to
nitride complexes appears to be the most challenging. A number
of metal nitride compounds with M = Mn, Fe, Re, and Ir have
been reduced by H atom donor equivalents (e.g., TEMPOH,
Sml,/H,0) to give metal amides or ammonia, but the imido
analogue has not been observed.132,182,183,189 Such observations
suggest that the MN—H bonds are quite weak. For instance, H
atom transfer reagents interconvert the unusual iridium nitride
complex 3a and its amido congener 6 in Figure 10.132,182,183,189
The lack of observation of the presumed intermediate imido
complex suggests that it has a weak N—H BDFE and dis-
proportionates. These properties were rationalized with frontier
MO theory, which postulated that lower Ir—N covalency and
stronger JI interactions led to the formation of the amido and
nitrido complexes, respectively.

The oxidation ofmetal amine complexes to amide derivatives
is similarly driven by the reduction potential ofthe metal and by
more favorable Ji interactions with the higher valent metal
center.184,193,194 An example of the latter is the stability of a
terpyridine-Mo(1l) amide following loss of H, from the Mo(1)-
amine, in which the ammonia N—H bond is significantly
weakened to 40.2 kcal mol"! upon coordination to the reducing
metal center.195 Similar to the hydrazido complexes above,
substituted metal amide complexes (M—RNH) feature stronger
N—H BDFEs than parent amide complexes (M—NH,). Others
have taken advantage of larger substituted amide BDFEs to
abstract weak C—H bonds using metal imido complexes, which
can subsequently do a number of transformations, including
cyclizations and animations.196''200

A recurring theme in the PCET transformations throughout
the Chatt cycle is that removal of a hydrogen atom is
compensated by increased M—N and N—N bonding, especially
;rbonding.132,1 2-1S4'189'193'194 This, together with the oxidation
ofthe low-valent metal, are likely the primary origins ofthe very
weak N—H bonds in these molecules. The BDFEs listed above
(30—45 kcal mol"l) are much weaker than those in organic
nitrogen compounds such as amines, anilines, hydrazines, and
heterocycles (60—95 kcal mol"l; Tables 14 and 16). The Jt
bonding compensation is found in simple organic compounds as
well. For instance, the H—CH,CH,e bond in the ethyl radical is
aremarkable 64 kcal mol"l weaker than the similar H—CH,CH3
bond in ethane (Table 19) because the radical forms a C=C Ji
bond upon H atom loss. This effect is also closely related to the
coordination-induced bond weakening described in Section 3.4,
though that was rationalized in part with changes in metal—ligand

https://doi.org/10.1021 /acs.chemrev.1 c00521
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Figure 9. (A) Scheme for estimating a Mo-diazenido N—H BDFE (HITP = 3,5-(2,4,6-Pr3C6H2)2-C6H3); the BDFEN_H has been edited to reflect our
updated CG value in THF. Reprinted (adapted) with permission from ref 192. Copyright 2017 Springer Nature. (B) Suggested generation and
disproportionation of P3SiFe—N=NH to P3SiFe—N? and P3SiFe=N—NH?2; the cationic hydrazido complex is drawn at the right, showing the
structure of the P3Siligand. Reprinted with permission from ref 191. Copyright 2017 American Chemical Society. (C) Scheme for the N—H BDFEs in
(dppe)2(L)Mo(=NN(Cy)H)"+ Reprinted with permission from ref 188. Copyright 2016 Royal Chemical Society.

a bonding. The very exergonic disproportionation of'the ethyl
radical to ethylene and ethane is an extreme example of PCET
potential inversion—the second bond is weaker than the first—
discussed in the Section on biological electron bifurcation
(Section 3.7.2 below). The authors of this review hope that
readers will see many examples of such cross-fertilization in
PCET chemistry that discoveries in one area have unexpected
value in a different area.

3.7. Selected Biological Systems

Investigations of PCET in protein systems are older than the
term “PCET” itself. The “old yellow enzyme”, a flavin-
containing protein, was discovered in the 1930s and was
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known to carry out proton-coupled redox reactions by the late
1960s.201 Investigations ofthe chemistry of cytochrome P450s

started in the 1940s and 1950s.202 The photosynthetic Kok cycle
for water oxidation emerged in the 1970s.203 As illustrated in the
tables below, the PCET chemistry ofamino acid side chains and
organic cofactors has long been studied, especially tyrosine,
tryptophan and cysteine, quinones, flavins, and nicotinamides.
Studies of these and other biochemical systems, including

metalloenzymes, have provided a primary motivation for the
PCET field.6'8'204'"208

3.7.1. Metalloprotein Active Sites. Biochemical PCET
reactions can be especially complex because of the presence of

https://doi.org/10.1021 /acs.chemrev.1 c00521
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Bu2 fBu2
4a

Figure 10. Reactions ofiridium nitride and amide complexes 3a and 6
with hydrogen atom transfer reagents. Reprinted with permission from
ref 183. Copyright 2015 American Chemical Society.

many acid/base groups and interfacial effects, for instance, at
lipid bilayers. This can lead to fractional numbers of protons
being transferred with the transfer of an integer number of
electrons. This is exemplified by the metalloprotein charge
ladders investigated by Shaw and co-workers.209-211 These
charge ladders connect the change in charge of an entire protein
(AZ) with redox change at the active site. In small metal-
loproteins such as azurin, cytochrome c, and myoglobin, a one-
electron transfer event at the embedded metal ion induces
changes in AZ that are not equal to 1. For example, reduction of

pubs.acs.org/CR

Review

the Cu(ll) ion in azurin results in AZ = —0.51, rather than
—1.210 The level of charge regulation upon ET is associated with
pl<a changes, and thus protonation state changes, at amino acids
both near and far from the metal ion via thermodynamic
coupling (Section 3.2.1). In the case of copper—zinc superoxide
dismutase, charge regulation is nearly perfect (AZ = 0), which
was attributed to proton transfer at the active site.209 Related
information can be obtained from the pH dependence of the
active site reduction potential. From a biological PCET
perspective, we hope that these types of measurement become
more common.

A pathbreaking example of elucidating enzymatic PCET
thermochemistry is the determination of the redox and acid-
base properties of highly reactive intermediates in the catalytic
cycle of cytochrome P450 enzymes by Green and co-
workers.212,213 Understanding the thermochemical landscape
of P450s is very important because these enzymes are the
primary processors ofxenobiotics in many organisms including
humans, and their reactivity depends on this landscape. This is a
very challenging task because ofthe high reactivity and transient
nature of the key intermediates, the so-called compound I
oxidant O==Felvporphyin*+ and its one-electron reduced
compound II. The ability ofthese enzymes to abstract hydrogen
atoms from strong C—H bonds was confusing for many years,
given the very high outer-sphere oxidation potentials of the
hydrocarbon substrates. Green demonstrated that reduction of
compound I is a PCET or H atom transfer process, wherein the
ferryl (Fe=O0) is converted to a one-electron-reduced iron
hydroxide Fe—OH. They have experimentally developed a
double square scheme for this highly reactive system, including
the pH-dependent £°, BDFE, and pJ<a of compounds I and II
(Figure 11), and connected the thermochemistry with
enzymatic reactivity.

3.7.2. Electron Bifurcation. A fascinating and increasingly
recognized area of bioenergetics is the ability of organisms to
"bump up" the oxidizing or reducing power of their feedstocks
using a process known as electron bifurcation (EB).214-221
Enzyme complexes that perform EB take advantage of "two-
electron" redox cofactors such as quinones or flavins, which
serve as the bifurcating site and direct participating electrons
down either a low-potential (highly reducing) or high-potential

Figure 11. (A) Marcus-type reaction coordinate for P450 compound I abstracting a hydrogen atom from methane. (B) O—H bond strengths that
define the ground-state thermodynamics of P450 catalysis, for compound II (also the red structure in part (A)) and for the ferric water-bound form of
the enzyme. (C) Measured £°’ for compound I to compound II versus pH. The 57.7 mV/pH slope demonstrates the /e~/1H+ nature ofthe reduction.
Reprinted with permission from ref213. Copyright 2019 American Chemical Society.

https://doi.org/! 0.1021/acs.chemrev.1 c00521
Chem. Rev. 2022,122, 1-49



Chemical Reviews

(less reducing) branch of acceptors. The redox coupling
between these two branches is ultimately what enables the
negative free energy change of an exergonic redox reaction to
drive a redox reaction that is ostensibly endergonic. Discussions
of EB often highlight only the electron transfer steps, but the
central role of quinones and flavins in biological EB raises
interesting questions regarding the role of PCET in this process.

EB depends on a bifurcating site that can effectively mediate
transfers of both one and two electrons. The familiar two-
electron redox chemistry of quinones and flavins in protic media
is a result of the inversion of their reduction potentials, a
counterintuitive scenario in which the first reduction is more
difficult (occurs at a more negative potential) than the second.
In other words, the cofactor reduced by one electron—or, more
commonly, one electron and one proton—is less stable than
both the unreduced and doubly reduced cofactors. Such
potential inversion is discussed in more detail at the end of
this section.

Figure 12 illustrates how potential inversion ofthe cofactor in
the bifurcating site can be used to accomplish EB. Beginning
with the bifurcating site in its doubly reduced state (i.c.,
hydroquinone), Step | involves one-electron oxidation by a
high-potential acceptor to transiently generate the unstable,
singly reduced cofactor. The unusually negative reduction
potential of this species (resulting from potential inversion)
enables, in Step 2, a subsequent exergonic electron transfer to a
low-potential acceptor. Notably, the reduction potential of the
low-potential acceptor may be more negative than the average
two-electron reduction potential of the bifurcating site. The
overall EB process can be described as an “oxidatively-triggered
reduction”, provided that adequate gating prevents both
electrons of the reduced bifurcating site from transferring to
high-potential acceptors.

EB was originally proposed by Peter Mitchell to explain a
curious observation in the bc/ complex of the mitochondrial
electron transport chain: treatment of mitochondrial suspen-
sions with the oxidant ferricyanide resulted in reduction ofa low-
potential heme center.214 It is now understood that this process,
known as the Q_cycle, involves redox cycling between the
hydroquinone and quinone forms of coenzyme Q_ (Figure 13).
Ubiquinol (hydroquinone form, H2Q) reacts at the Q*
bifurcation site, sending its two electrons down two separate
acceptor chains (Figure 13B). The first electron participates in
H atom transfer to a histidine-ligated Rieske FeS cluster and
subsequently reduces cytochrome ¢/ and cytochrome ¢
ubiquinol is thus oxidized to the semiquinone radical HQ*,
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which is a powerful reductant due to inverted reduction
potentials. The second electron transfers when HQ* reduces
hemes bL and bH, likely by multiple-site PCET (Section 3.3).
The semiquinone reduces the series of b hemes even though
they have reduction potentials more negative than that of the
average 2e-/2H+ couple of the original hydroquinone. The
terminal b heme ultimately rereduces ubiquinone to ubiquinol
and translocates protons across the membrane, thereby
generating proton motive force for ATP synthesis.

In 2008, Buckel and Thauer greatly expanded the scope ofEB
by proposing that this process also occurs in anaerobic
microorganisms, this time using flavins (another PCET reagent)
as the bifurcating cofactor.215217223-225 Flavin-based EB was
proposed to explain how, for example, methanogens generate
highly reducing ferredoxins (£ « —500 mV) despite having
access only to H, as an electron donor (£ = —414 mV at pH 7).
Based on the crystal structure of a methanogenic flavin-
containing EB enzyme complex, it was proposed that hydro-
gen-bonding interactions between a lysine residue and various
redox states of the flavin cofactor modulate the reduction
potential of the flavin semiquinone radical.226 Numerous
questions remain about how this and other flavin-based EB
enzyme complexes orchestrate two full cycles of EB per
equivalent of reduced ferredoxin generated, as well as how the
flavin cofactor is initially reduced.227228 Another intriguing
example of'a possible EB system is that of the molybdoenzyme
arsenite oxidase, which may use the 2e-/2H+ cycle between
Mo(V])-dioxo and Mo(1V)-oxo states as the active site of
bifurcation.229

Ostensibly endergonic electron transfer in EB is thought to be
enabled by the inversion of reduction potentials, a counter-
intuitive scenario in which reduction of a molecule by the first
electron is more difficult than reduction by the second electron.
Although it has been suggested that inverted reduction
potentials may not be a strict requirement for EB cofactors,221
all known examples ofbiological EB take advantage ofinversion.
Potential inversion is rare for pure FT cofactors and typically
requires a significant structural change.230 However, potential
inversion is the norm for PCET reagents. For instance, while
quinone dianion Qj- is a much stronger reductant than the
monoanion Q- (reduction potentials in the normal order),
hydroquinone H2Q is a weaker reductant than semiquinone
HQ#* (inverted reduction potentials). Using BDFEs or E°(vs
H.,) as measures ofreducing power for this PCET reagent, HQ*
has a 22 kcal mol-1 weaker O—H BDFE than H,Q (a difference
ofalmost 1V in£°) (Table 8). An extreme case ofsuch inversion

Step |

Low Potential

Acceptor

2 e-

High Potential

Acceptor

Step 2 -

Low Potential
\Acceptor

High Potential
Acceptor

Figure 12. Schematic of EB: In Step 1, a high-potential acceptor oxidizes the doubly reduced bifurcating site by one electron, generating the unstable
singly reduced bifurcating site, which is a potent reductant. In Step 2, this reductant can transfer an electron to a low-potential acceptor, provided that
the more exergonic electron transfer to a second high-potential acceptor is prevented (gated). Here the redox steps are shown as pure electron
transfers, as is common in the field, but one or both of these steps is (in our view) likely to be PCET (see below).
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Figure 13. (A) Schematic ofthe Qjcycle in the mitochondrial bci complex (complex III). Q, is the bifurcation site, with the 1st ¢7/H+ pair moving to
the FeS Rieske cluster and the 2nd redox equivalent reducing heme 5L. Reprinted (adapted) with permission from ref217. Copyright 2013 Elsevier.
(B) Drawing of the active site of electron bifurcation in the Q_cycle showing successive ET steps that are associated with proton transfers to nearby
residues. (C) Image of the Fe2S2—His—QH2—GIlu portion of a crystal structure with the QH2 modeled in, in place of an inhibitor. Reprinted with

permission from ref222. Copyright 2006 Elsevier.

is the removal oftwo H atoms from ethane to make ethylene,
which is discussed at the end of Section 3.6.1. In this case, the
second C—H bond is 64 kcal mot*] weaker than the first one
(Table 19). In the context of EB, it seems reasonable that the
larger the inversion, the larger the possible “bump up” in
potential.

A question that lies at the heart of any EB system like the Q_

cycle is what “gates” electron transfer, such that the second
electron traverses the endergonic path rather than following the
first electron down the exergonic path or short circuiting the
cycle to form unwanted reactive radicals. Gating is thought to be
accomplished by tightly regulating the concentrations, redox
states, and binding ofall ofthe cofactors involved. However, any
discussion of PGET reactions must also consider the associated
proton transfers. This begs the question, raised many years ago,
whether PCET chemistry offers a key mechanism to gate
EB.222,23! jn the case of the Q_cycle, it is believed that the
initial hydroquinone forms a hydrogen bond with a nearby
histidine,232 while the transient semiquinone radical can be
deprotonated by a glutamate residue.23]1 Mutagenesis experi-
ments have demonstrated the importance of this glutamate in
determining the extent of EB short circuiting.233 PCET seems to
play a critical role in EB in the Q_cycle.

Based on this discussion, it seems likely to us that PCET and
PCET cofactors will be found to be central to most biological
EB. We believe that it is not a coincidence that the three classes
of EB enzymes discussed above all involve PCET processes.
Likely, nature requires PCET reagents to generate the potential
inversion that enables EB. Biology also likely utilizes the proton
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transfer component of the PCET reactions as one of the
mechanisms ofgating, of directing redox flow to one pathway or
another.

3.8. Materials Interfaces

An important emerging area in PCET thermochemistry is the
measurement of hydrogen adsorption energies at solution/
material interfaces. These may involve surface X—H bonds,
intercalation of H into the bulk, and perhaps cases in between.
For hydrogen on surfaces, the main topic of the discussion
below, the free energy ofadsorption is commonly defined as the
free energy of V2H2 or H* addition. These values are equivalent
to E°(V vs H,) and BDFE, respectively.

Hydrogen is ubiquitous in and on materials. Intercalation ofH
into metals is known to cause embrittlement and other changes
in properties 234 Hydrogen (H+ + e~) is also an impurity in many
semiconductor materials and is a common n-dopant in metal
oxides.235-237 Pseudocapacitance, for instance with RuO,, is
usually ascribed to surface and near-surface H adsorp-
tion.238-241 Transfers of hydrogen are central in many areas of
heterogeneous catalysis and electrocatalysis, from hydrogena-
tions of organic molecules to the hydrogen evolution reaction.
Such processes are often analyzed using “scaling-relationship”
and “volcano plot” approaches that frequently utilize the
hydrogen adsorption free energy (equivalent to E°(V vs H,))
as a thermochemical predictor.242-246 Given all of these
applications, understanding the thermochemistry of H,
adsorption on materials is, and will be, an important topic.

https://doi.org/10.1021 /acs.chemrev.1 c00521
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The thermochemistry of gas-phase H2 addition to clean metal
surfaces has been extensively examined by the surface science
community. Studies using well-defined single crystals, epitaxially
grown substrates, and nanoparticles under high-vacuum
conditions have enabled measurements of surface—H bond
enthalpies, with some measurements of free energies.247-249
The PCET thermochemistry of noble or less active metals can
also be amenable to study in solution using electrochemical
techniques (Section 3.8.1). For other materials, however,
experimental measurements of hydrogen adsorption energies
at solution interfaces have largely been inaccessible. Instead,
these materials have been examined primarily by computations,
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developed in Section 2 can be adapted to measure PCET
energies for material interfaces. An excellent introduction to
these connections was recently presented by Jackson and
co-workers in Figure 14, as part of their studies of well-defined
active sites on graphitic carbon electrodes (Section 3.8.3 and
Figure 14B).252 The close relationship between BDFEs and
£°(V vs H2) emphasized above (eq 18) provides a close
connection between the molecular picture (Figure 14A) and
interfacial electrochemistry such as proton and electron addition
to platinum (Figure 14C). The selected experimental studies
described below illustrate these analogies, and they reveal
important differences between the PCET thermochemistry of
molecular systems and that of material interfaces.

3.8.1. Volmer Reaction. The electrosorption ofa proton to
a surface is known as the Volmer reaction (Figure 14C).253 This
phenomenon has been well-studied on platinum surfaces and, in
particular, the flat and symmetric (il1) facet. Pt(111) single-
crystal surfaces in contact with noninteracting aqueous electro-
lytes show characteristic cyclic voltammograms between the
onsets ofhydrogen and oxygen evolution catalysis (Figure 1S).254
The reversible Faradaic feature at more positive potentials
corresponds to the formation of “underpotential deposited
hydrogen” (Hupd), so-called because this deposition occurs at
potentials “under” (less reducing than) that needed to produce
H, (RHE). Full coverage ofHupd on Pt(111) is commonly taken
to be close to one H for every surface Pt atom.255-257 These Hupd
sites are distinct in both free energy and structure from the
“overpotential deposited hydrogen” atoms that are active for the
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Figure 15. Cyclic voltammetry of a Pt(1ll) electrode at different
solution pH’s (scan rate: S0 mV s-1). The wave for UPD hydrogen is
the shape at the left in each CV, with the pH inscribed inside. Reprinted
with permission from ref 254. Copyright 2015 Elsevier.

hydrogen evolution reaction.258 The electrochemical response
for Hupd on Pt(111) moves ~59 mV per unit pH change, exactly
as expected for a molecular ne~/nH+ PCET reaction. This ~59
mV, or Nernstian, shift is important because it means that the
potentials to deposit Hupd are constant versus RHE (eqs 19, 20),
and they can be extrapolated to give £°(V vs H,) at the standard
state.

The E°(V vs H,) for the Volmer reaction can be converted to
an average BDFE, or hydrogen adsorption free energy, using
eq 18. Analyses of hydrogen electrosorption have previously
explored the magnitude and distribution of surface adsorption
free energies for polycrystalline and single-crystal noble metal
electrodes.259-263 For Pt(111), the midpoint ofthe Hupd wave of
~0.1 V vs RHE in aqueous media corresponds to an average
BDFE of'55 & 2 kcal mol-1. This value is slightly larger than the
free energy to form H* in water from H, gas (Table 1)—as it
must be because it is underpotential is deposited. We will return

© Interfacial PCET

Graphite-Conjugated Catalyst

@ Molecular PCET (b)
H%* Ercer defiried
defined pK, ¥B by pK and Ee,
e 7defined
/ E,
+H*
M-B ' GCC-COO

59mV x pK (BH*) - 59mV x pH

+H*

M'-BH*

7
( pKa defined
J/~\ by molecular
analogue
GCC-COOH

+H

59mVx pK.fanalogue) - 59mV x pH

[GCC-COOH]"

Figure 14. Partial square scheme representations of PCET thermochemistry for (a) a metal complex, (b) a graphite-conjugated catalyst (GCC) with a
pendent carboxylate, and (c) a platinum electrode. Reprinted with permission from ref252. Copyright 2019 American Chemical Society.
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to these data in Section 3.8.4, to analyze the width ofthe Hupd
wave.

3.8.2. Pourbaix Diagrams for Metal Oxide Materials.
The thermochemistry ofbulk metal oxides and hydroxides has
long been studied because ofthe importance of these materials
and minerals. From our PCET perspective, a landmark in these
studies is the Atlas of Electrochemical Equilibria in Aqueous
Solutions by Marcel Pourbaix, first published in 1963.2 5 His
diagrams, such as Figure 16 here and Figure 6 above, have
proven to be a very valuable way to summarize a lot of ther-
mochemical information. While Pourbaix's career was primarily
in corrosion science, the motivation for his original diagram
(1938) was catalysis.266 The diagrams, known as pE/pH plots,267
are now used in many fields including aqueous coordination
chemistry and geochemistry, and they have been conceptually
extended to nonaqueous solvents.103

Pourbaix diagrams are preponderance diagrams, essentially a
map of the most thermodynamically stable (preponderant)
species in each E/pH region. One of the diagrams for copper
from the Atlas is shown in Figure 16 (some Pourbaix diagrams
have been updated since 1963, so readers should check the
current literature). The four most important species are copper
metal (Cu, at the bottom, the most stable copper species under
reducing conditions), solid Cu20 in the middle, and the top
portion ofthe diagram divided between aqueous Cu2+ (in acidic,
low pH conditions at the left) and solid CU(OH)? in the upper
middle. [A separate but quite similar diagram in the Atlas
involves CuO instead of CU(OH)2; for this discussion we ignore
the soluble Cull species at high pH and the soluble Cu+.] Each of
the solid lines divides regions where different materials
predominate. Lines (?) and (9) in the center of the diagram,

-2 -1

pubs.acs.org/CR

7

Review

for instance, separate Cu, Cu20, and CU(OH)2, according to
eqs 27 and 28. The slopes of these lines is —59 mV/pH,
following the Nernst equation for these equations and the equal
numbers of protons and electrons. These diagrams show pH-
independent processes as horizontal lines and nonredox
protonation equilibria as vertical lines. Thus, these diagrams
capture the full PCET thermochemistry of stable species as a
function of pH and potential, including both materials and
soluble species.

2CU(OH)? + 2e + 2H+ — Cu20 + 3H20 line (9)
@
Cu20 + 2e + 2H+ — 2Cu + H20 line (7) (28)

The encyclopedic detail of Pourbaix diagrams for bulk
metal oxides has, so far, not been achievable for thin-film
and nanoscale versions of the same minerals where material
structures and stoichiometries are less well-defined. Never-
theless, electrochemical measurements of Ie*/1H+ couples for
semiconducting and conducting metal oxide (nano)materials,
similar to those shown in eqs 27 and 28, have been an important
method for understanding their PCET thermochemistry.

Nickel oxide is a widely used p-type semiconductor. Aqueous
voltammetry of calcined NiO thin films typically shows one or
two well-defined Faradaic waves that have a Nernstian shift with
pH (Figure 17A).268,269 These waves are usually interpreted as
the PCET oxidations of Ni(OH)2, a hydrated form of nickel
oxide at the surface (eqs 29 and 30; characterization ofthe “NilV”
material is a matter of some debate). Similar to Hupd on Pt(111),
extrapolating the E1/2 values of the CV waves to pH = 0 in
Figure 17A should give good estimates of the E°(V vs H2) and
14

8 9 10 11 12 13 15 16

Figure 16. One of the Pourbaix (E/pH) diagrams for copper. Reproduced from the Atlas ofElectrochemical Equilibria in Aqueous Solutions by Marcel
Pourbaix,102 with permission of the National Association of Corrosion Engineers.
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Figure 17. (A) NiO on FTO CVs of NiOIFTO collected in aqueous
buffers and plot of £1/2 vs pH for both redox features, showing Nernstian
dependences. Reprinted with permission from ref 264. Copyright 2019
American Chemical Society. (B) Dependence ofreduction potential on log
proton activity for a Ti02 film, with a slope 0f64 mV/log(«H+). Reprinted
with permission from ref275. Copyright 1999 American Chemical Society.
(C) Reduction potentials of citrate-capped aqueous colloidal Ti0Q2
nanoparticles determined by titration with various solution ET reagents.27§
Reprinted with permission. Copyright 2019 Dr. Jennifer L. Peper.

related BDFE values for these two processes. To test this
analogy, electrodes were charged to the Nim(O)(OH) and
Nin(OH)2 forms and separately reacted with substoichiometric
amounts of either 2,4,6-tBu,PhOH or its corresponding
phenoxyl radical (Scheme 9).2 4 Reactions did not go to com-
pletion in either case, suggesting the formation ofan equilibrium
state. The BDFE of 2,4,6-IBu3PhOFI is 75.5 kcal mol-1, very
close to that determined electrochemically for Ni'“OH),,
thereby confirming that E°(V vs FT) and the related BDFE can

be determined for metal oxide materials that show Faradaic
waves with Nernstian pFI shifts.264
Nim(0)(OH) + e- + H+  Ni(OH)

£°2(VVSH2) = 0.99 =+ 0.03 V;

BDFE = 75.6 = 1.0 kcal mol-1 (29)
“NilVO2” + ¢" + H+ ™ Ni(0)(OH)2
£°(Vvs H2) = 1.36 = 0.02 V;
BDFE = 84.2 & 1.0 kcal mol-1 (30)

Many other materials show Nernstian shifts oftheir potentials
with pF1.270-274 One remarkable example is the demonstration
by Lyon and Flupp that the conduction band ofTiO, films shifts
64 mV per factor of 10 in solution proton activity, over a range of
more than 1025 (Figure 17B).275 Flupp et al. concluded that, for
Ti02, SnO,, and ZnO, proton uptake accompanied electron
addition to the material; in other words, these were POET
processes.275276 A similar ~60 mV shift per pFI unit was
observed for equilibration of colloidal TiO, nanoparticles with
solution redox reagents,277,278 which can be extrapolated to an
E°(Vvs FT) of—0.16 £ 0.03 V (Figure 17C),278 close to Lyons
and Hupp’s value for TiO, films. By analogy with the molecular
thermochemistry in Section 2 and the NiO electrode study
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Scheme 9. (A) Electrochemical Interconversion of NilnOOH
to Nin(OH)2 and (B) Reversible PCET between a Phenol/
Phenoxyl Radical and NilnOOH/Nin(OH)2264

A Ni3+< Ni3+<
Ni3-+° Ni2+e H
E°(vs H2)  Ni34n
Ni3+< Ni3+<
O O
B

above, it seems likely that these E°(V vs FI,) potentials are
best assigned Ie-/1FT processes with a TiO—FI BDFE of
49 kcal mol-1.278

Overall, many materials at aqueous interfaces show a roughly
59 mV/pFI unit dependence of'their electrochemical response,
including metals, oxides, chalcogenides, and pnictides, at least in
some forms and solution conditions 279 In the context of this
review, we suggest that all ofthese measurements can be used to
determine E°(V vs FI,) and surface—FI BDFE values.

3.8.3. Square Scheme Approach. The square scheme is a
key tool for defining the PCET thermochemistry of molecules.
This scheme describes the relationship between the proton and
electron transfer free energies and that of the overall net
hydrogen transfer reaction (Scheme 1). For molecules, the
thermochemistry of the ET and PT steps can be simpler to
measure than that of the overall reaction. Flowever, in elec-
trochemical measurements of many material interfaces, this
paradigm is flipped due to strongly coupled ET and the difficulty
of structurally characterizing surface acid/base sites. Seminal
work by White and co-workers utilized self-assembled monolayers
on noble metal electrodes to create well-defined carboxylic acid
sites. The deprotonation of these sites could be driven by the
potentiostat and used to measure the pf<l/2 ofthese sites 280 More
recently, Jackson and co-workers have extended this concept to
well-defined active sites on graphitic carbon electrodes and defined
a partial square scheme (Figure 18) 252

The molecularly well-defined active sites, formed using
conjugated aromatic pyrazine linkages with varying acid/base
sites, were examined electrochemically as a function of pFI
(Figure 18A).252 All of these graphite-conjugated catalysts
(GCCs) exhibit a clear wave in their CVs and a Nernstian shift
with pH. Based on these data and previous studies, the Faradaic
features were ascribed to protonation/deprotonation of the
acid/base group on the pyrazine linkage coupled to electron
transfer from the external circuit, and E°(V vs H,) and BDFE
values were determined. This is perhaps surprising because
conductive electrodes typically do not show such well-defined
waves and because protonation ofa carboxylate is not normally
considered as coupled to electron transfer. We encourage
interested readers to read the original papers which discuss the
unique features of'these systems.252,281,282

The CV waves ofthese GCCs surprisingly also show a Nernstian
shift with the pJQ ofthe solution-phase pyrazine analogue.252 These
data revealed that the free energy for PT in the overall PCET step is
well described by the pJQ of the surface acid/base group (the
carboxylic acid/carboxylate in Figure 18B). With the free energies for
the overall PCET reaction and proton transfer component in hand,
the free energy for electron transfer could also be calculated. Jackson
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Figure 18. (a) Pourbaix diagram showing the pH dependence of interfacial proton-coupled electron-transfer (PCET) waves for GCC-phenazine
(red), GCC-phen-NH2 (purple), GCC-phen-COOH (dark green; structure shown in (b)), GCC-phen-m-OH (olive green), and GCC-phen-o-OH
(blue). The dotted line shows the computed potential of zero free charge (Epzfc). (b) Partial square scheme for interfacial PCET at GCC-phen-
COOMH, as an example reaction. The model reported partitions the potential for PCET (diagonal leg) into a horizontal leg, defined as the difference
between the 0-field pKg ofthe surface site and the pH ofthe solution, and a vertical leg, defined as the EPZFC, ofthe electrode. Reprinted with permission

from ref 252. Copyright 2019 American Chemical Society.

et al. suggested that this ET free energy is defined by the potential of
zero free charge (EPZFC) and can be used to complete a square
scheme analogous to those described molecules (Figure 18B). The
EPzFC is traditionally connected to the work function of a material
and is generally considered to be extremely sensitive to surface
structure.283 The possibility of connections between work functions,
PCET at materials, and square schemes for molecules is exciting, and
we look forward to future studies.

3.8.4. Surface Coverage, Heterogeneity, Adsorbate
Interactions, and Isotherms. While the above sections have
developed many analogies between the PCET thermochemistry
of interfaces and molecular systems, there are a number ofkey
differences. Among the most significant are the contributions of
surface heterogeneity and adsorbate interactions. In a molecular
system, every molecule ofa particular compound is by definition
the same, with the same BDFE. However, surfaces essentially
always have a distribution of sites and BDFEs. This is due to
steps, edges, and other irregularities on a clean surface and to the
presence of impurity atoms or nonstoichiometry at the surface,
in other words intrinsic and extrinsic defects. Even a perfectly
well-ordered, clean surface has a range of BDFEs because the
adsorbates interact with each other. For example, the first Hupd
atoms deposit on a clean Pt(111) surface at ca. +0.25 V vs RHE

(Section 3.8.1), and they continue to deposit as the potential
scans lower to values negative of RHE.256,257 A normal Faradaic

feature in the CV should be roughly Gaussian with a full-width
half-maximum of 90.6 mV.284, 85 The >250 mV range of
potentials to form a monolayer ofHupd is, therefore, indicative of
interactions between surface—H species.

Our group recently explored the relationship between BDFE
and surface coverage for colloidal cerium oxide nanoparticles
(OLE-Ce) 286 These nanoparticles were capped with oleate
ligands and studied mostly in THE solution. Cerium oxide is a
mixed-valence Ce4+/Ce3+ oxide. When a hydrogen atom is
added, one Cel is reduced to Ce3t, and one oxide is protonated
to form a surface hydroxide (analogous to NimOOH + H"
Nin(OH)2, Scheme 9 above). The reverse reaction defines the
BDFE to remove H* from the material (Figure 19A).

BDFEs of OLE-Ce were measured by equilibrating the
nanoparticles with hydroquinones and quinones. Organic
substrates were found to reduce surface O or oxidize surface
O—H groups on OLE-Ce. Monitoring reactions by both
JH NMR (organic products) and X-ray absorption (Ce3+/
Ce4* ratio) spectroscopies demonstrated that OLE-Ce reached
equilibrium states with multiple PCET reagents (Figure 19B).
At equilibrium, the hydrogen atom affinities of OLE-Ce and the
PCET reagent are equal, and the average redox state of OLE-Ce
(% Ce3*) is stable. As a result, each equilibrium state provides a
direct measure of the average surface O—H BDFE of OLE-Ce
(BDFECe) at the equilibrium % Ce3*. Remarkably, BDFECe for

Figure 19. (A) Schematic ofthe chemical process defines the ceria—H BDFE; Ce4*: gold; Ce3*: purple; O2-: gray; H: red. (B) Equilibrium reaction of
colloidal, oleate-ligated cerium oxide nanocrystals with hydroquinones and quinones. (C) Variation of CeO—H BDFEs with the % Ce3* in the surface
regions for three batches of nanocrystals, Ce-1, Ce-2, and Ce-L, with average diameters of 1.8 = 0.2 nm, 1.9 = 0.3 nm, and 4.0 == 0.4 nm, respectively.
Reprinted with permission from ref286. Copyright 2021 American Chemical Society.
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the same batch of OLE-Ce varied by 13 kcal mol-1 (0.56 eV),
depending on the % Ce3+ (Figure 19C). The magnitude of'this
effect is consistent across different sizes of OLE-Ce, suggesting
that it is general to cerium oxide surfaces.

The range of BDFEs for OLE-Ce contrasts with the PCET
thermochemistry of molecular reagents. When every molecule is
the same, the thermochemical ability of an ensemble of
molecules to donate H* depends only on the ratio of oxidized
and reduced species, according to a modified version of the
Nernst equation (eq 31). This is analogous to the acidity of a
buffer solution varying with the ratio of the components.
Application ofeq 31 to OLE-Ce would predict a range in BDFEs
of only 0.6 kcal mol-1 for the observed change in % Ce3+, one
twentieth ofthe 13 kcal mol-1 range observed. A breakdown in
this molecular analogy is not surprising, as the surface structure
of OLE-Ce is not well-defined with ligands and multiple bonding
environments between cerium and oxygen.

1.364 kcal mol |
BDFE"N(XH,,) = BDFE(XH,,)
n

[XH,,]

log

[X] 31)

In the limiting case ofidentical surface sites and no significant
interaction between the surface FTs, the free energy of binding
will follow a Langmuir isotherm,253 which simply reflects Le
Chatelier’s principle or the law of mass action. This isotherm is
effectively equivalent to the Nernst equation (eq 31), and
BDFECe® is defined at 6 = 0.5 (eq 32). Since the Langmuir
isotherm does not describe the very large range of BDFEs for
OLE-Ce, a different “A G°" was defined for each colloid particle
sample, depending on its % Ce3+ These data could also be fit by
adding a linear correction term, CO, to eq 32 (eq 33). This
relationship is called a Frumkin isotherm, and it provides a first-
order correction to interactions between surface adsorbates
and/or surface heterogeneity which cause deviations from
Langmuirian behavior.

BDFECe BDFE*®e 1.364 X log

(7—0) (32)

0
BDFECe BDFE*®e 1.364 X log _9 + C(9 OA)

(33)

The isotherm formalism has also been used to analyze the
width of the CV for UPD hydrogen on platinum surfaces,
such as the ~250mVUPD peak for Pt(111) (Figure 15) 262,263
As discussed above, this is broader than that predicted for a
Nernstian adsorption following a Langmuir isotherm: full-width
half-maximum = 90.6 mV.284,285 The difference between the
observed and ideal widths suggests a spread of ca. 4 kcal mol-1
(170 meV) in the Pt—FI BDFEs through the UPD wave (or a
Frumkin correction of that magnitude).

We hope that this section shows the power and the
complexities of applying molecular PCET thermochemical
approaches to the study of materials and solution/solid inter-
faces. As with molecules, the PCET thermochemistry of
materials is a key property and predictive of reactivity.
Furthermore, the descriptions and effective equivalence of the
potential ofhydrogenation and BDFE, derived in Section 2, are
similarly applicable to materials and enable comparisons
between electrochemical and thermochemical perspectives
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(1 eV = 23.06 kcal mol-1; | kcal mol-1 = 43.36 meV). Unlike
molecules, however, materials have complex surfaces that
present a multitude of sites, either identical or different. We
speculate, based on a few examples, that this multiplicity will
often lead to a range of PCET thermochemistry for a single
material surface. Such a range ofthermochemistry may prove to

be fundamental to the catalytic and other properties of the
interface.286

3.9. Summary of Insights and Emerging Areas

Building on the thermochemical framework developed in
Section 2, Sections 3.1—3.4 discuss several insights which can
be derived from mining data in the tables (Section 4.2). These
insights about PCET reagents are then shown to be critical to
understand a wide range of PCET topics: kinetics, N, reduction,
biological PCET, and PCET at materials (Sections 3.5—3.8).
Connections across these different fields are broadly enabled
by the ability to measure the free energies of FI binding
electrochemically or chemically and the essential equivalence of
E°(V vs FT) and BDFEs. The interdisciplinary nature of this
discussion emphasizes the critical importance and centrality of
PCET thermochemistry to research across a range of fields.

4. GUIDE TO THE THERMOCHEMICAL TABLES

In Tables 5—24, thermochemical values are presented for
numerous classes of PCET reagents including biologically
relevant phenols and nicotinamides, transition metal complexes,
and ne~/nH+ processes for quinones and small molecules such as
N2, 02, and CO, (Table 4). The importance of these reagent
classes to the PCET field is largely discussed in our previous
review.3 Although those values have been systematically
adjusted to account for previous errors in our derivation of
thermochemical constants, the discussion sections in that review
remain relevant.3 In the decade since that review was prepared,
there have been many improvements in the standard of
measurement methods and in the range of data for PCET
thermochemistry, as interest in the topic has grown. In light of
these advances, values from our previous review which used
approximations, such as peak potentials from irreversible
electrochemical couples, are generally not recalculated here, in
order to maintain a higher standard of data. Nevertheless, we
acknowledge that in some cases better methods still do not exist,
such as for the measurement of C—FI bonds (Table 19) and N—
FI bonds in aliphatic compounds (Table 14). In those cases, we
include values that do not meet the general standard with
associated footnotes to alert the reader. Over the past decade,
the field of PCET has also begun to focus more strongly on
answering fundamental questions related to the development of
clean energy technologies. In response to this interest, we have
added tables on the PCET thermochemistry of O,, N,, and CO,
reduction. All values reported in the tables were determined by
experiment.

The Tables for each reagent class include both the E°(V vs
FI,) and BDFE values, which are related via AG°f(FT|-"))
(eq 18). In most cases, these values are derived by combining
values from Table | with measurements of BDEs (eq 9), or com-
binations of pJCa values and one-electron reduction potentials
(often measured as E1/2 of reversible waves and taken as E°
values) (Scheme 2 and eq 10). Individual £° and pJCa values are
provided in the Tables below when used to derive the overall
free energy of the process. For all le- reduction potentials
originally reported versus SCE, we use known conversions to
switch the reference to Cp,Fe+/0.287'288 References are provided
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when values are derived from BDEs. For multivalent reagents or
reactions, — FE°(V vs H2) and BDFE give the average free
energy of'the processes per V2ZH2 or H atom transferred. In all
cases, values in the Tables are presented with an associated
literature reference or a footnote explaining their origin. Values
presented in square brackets were calculated from other values
in the same row of the Table using Hess’s law. The phase or
solvent of the species in each row is denoted by the column
labeled “solvent”, with the exceptions of gases and when
otherwise specified in the stated reaction. H, and other gases
(0., N,, CO,, CO, etc.) are always considered to be in the gas-
phase at the 1 atm, 298 K standard state. The details of these
standard states are emphasized here because that information is
key to properly understanding the values below. We strongly
urge all authors reporting thermochemical values to clearly
report the standard states for all reagents in the reactions they
examine.

Several calculations applied in the Tables warrant additional
comment. In particular, we report the unusual calculation ofgas-
phase values for £°(V vs H,). Although there is, of course, no
electrochemical potential in the gas-phase, this value is still
thermochemically robust since E°(V vs H,) just describes the
average free energy for the addition of H,, eq 5. As a result, the
conversion between BDFE and E°(V vs H,) described in eq 18
simply changes the overall reaction from the transfer of H* to
that ofH,. Application ofthis method is powerful, as it allows for
a direct comparison F°(V vs H,) values measured in the gas- and
solution-phase. Such comparisons are discussed in Section 3.1.1.

For multivalent PCET processes, such as the 2e~/2H+
oxidation othydroquinones to quinones in Table 7, the BDFEavg
values are the average of the distinct BDFEs. For organic
reagents, the first BDFE in XH, is almost always stronger and
describes the free energy to form HX* + H* 6 e.g, the
semiquinone HQ* (reference28) reports a very rare exception).
Conversion of HX* to the stable X product (semiquinone to
quinone) is generally more favorable and therefore has a lower
BDFE, Table 8. This is an inversion ofpotentials, i.e., the second
Ie~/1H+ oxidation (or reduction) is easier than the first (see
Section 3.7.2 above). .

For multielectron processes in which X—H and other X—FE
bonds are made or broken, average free energies (—AG®/n)
values are given in place of BDFEs. For example, in Table 21
thermochemical values for the reduction of CO, to CO and H,0
are presented. For this reaction, and others like it, — AG%n
defines the average free energy of the reverse reaction which
involves breaking water O—H bonds and forming a C = O bond.
Similar to a BDFE, — A G°/n provides a meaningful gauge ofthe
strength of H atom abstractors required to, thermodynamically,
drive these reactions.

pubs.acs.org/CR Review
Table 4. Table of Thermochemical Tables
table table
link description link description
Table 5  hydroxylamines Table 15 arylamines and
arylhydrazines
Table 6  phenols Table 16 indoles and tryptophan
Table 7 hydroquinones — Table 17 nucleosides
overall
Table 8  hydroquinones — Table 18  thiols
separated
Table 9  ascorbates Table 19 C—H bonds
Table 10 water and alcohols Table 20 nicotinamides
Table 11 oxygen reduction Table 21  carbon dioxide reduction
Table 12 organic hydroperoxides  Table22 separated PCET pairs
Table 13 nitrogen reduction Table 23 3d transition metal
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complexes

4.1. Estimated Uncertainties

The thermochemical data given here come from a wide variety
of sources and are derived from a variety of different
measurements. It is beyond the scope of'this review to provide
error analyses for each value presented. Instead, we encourage
interested readers to critically examine the primary literature
because uncertainties can vary depending on the method of
measurement.

Cited values are reported per the original literature, but many
values in the Tables are calculated from others. For these
calculated values, determination of the correct number of
significant figures is complicated by differences in units and
measurement methods between input values. As a result, we
have decided to typically report all BDFEs to one decimal place
and all £°(V vs H,) values to three decimal places to eliminate
ambiguity due to rounding. Only in clear cases have we reduced
the number ofsignificant figures.

While evaluation of uncertainties can be complex, we have
striven to simplify this process by citing values that involve a
minimal number of assumptions and including footnotes when
values deviate from that standard. As a general guideline,
absolute uncertainties in BDFEs are in most cases =1 kcal mol-1
(equivalent to £40 mV for E°(V vs H,) for values determined
from a BDFE). However, uncertainties of twice that value are
more appropriate for some entries. Relative uncertainties can be
much smaller because a significant proportion of the overall
error is attributed to the various constants used to calculate
values from available literature data.

4.2. Thermochemical Tables

The thermochemical tables are shown in Tables 5—24.
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Table 5. PCET Thermochemistry of Hydroxylamines"

compound (ROH)], solvent E°(ROe/~)
HINOH HiO 0.097°
TEMPOH MeCN [-1.85]
TEMPOH THF -
TEMPOH CaH, -
TEMPOH hexane -
4-oxo-TEMPOH hexane -
4-oxo-TEMPOH hexane -
4-oxo-TEMPOH CO, -
4-oxo-TEMPOH MeCN -
4-MeO-TEMPOH MeCN -
4-OH-TEMPOH hexane -
4-NH2-TEMPOH hexane -
4-C1-TEMPOH hexane -
'BujNOH MeCN [-1.8]"
NHPI HiO
NHPI MeCN 030’
4-AcO-NHPI MeCN -
3-F-NHPI MeCN -
4-Me-NHPI MeCN -
4-MeO-NHPI MeCN -
3-MeO-NHPI MeCN -
3,6-(MeO)2-NHPI MeCN -

E°(ROH#+/0)
1.3~

pubs.acs.org/CR

[-6.7]

PKa(ROHe+)

pK.(ROH)

1
4

3.77
1c

37295,d

6.3"
22.9MN

Review
E°(VvsH%) BDFE
0.90 73.6
0.6019 66"~
0.5829 65.529
0.508 63.8"
0.508 63.4™MA
0.412 61.2TMA
0.542 64.2%
0.594 65.6™"
0.648 66.9™
0.622 66.3™
0.577 65.0T™MA
0.564 64.7T™MA
0.573 64.9T™MA
0.551 64.7™
1.6 89
1.69 90.9
1.359 33.v
1.346 83.(/
1.328 82.6"
1.289 81./
1315 82.v
1.281 81.V

‘Potentials for le reductions are in V vs SHE ifin aqueous solution and V vs Cp2Fe+/0 ifthey are in organic solution. Values for Ec’(V vs H2) are

V; —eE° is the average free energy for 1/2H2"'g) addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2
or eq 18. BDFEs are in kcal mol and ifuncited were calculated from E°(V vs H2) using eq 18. Values in [square brackets] have been calculated
from the other values in the row using Hess' law. b TEMPOH = 1-hydroxy-2,2,6,6-tetramethyl-piperidine, NHPI = N-hydroxyphthalimide.
"Estimated in ref 33. "~Extrapolated from DMSO to MeCN using the method of Kiitt and co-workers for OH acids.298 "Estimated from MeCN
electrochemical data with added pyridine bases; see text. Refs 299 and 300. “Determined at —10 °C in MeCN with respect to NHPI in ref 301.
Modified relative to our value for BDFEMeCN(NHPI). “BDFE values calculated from the cited BDE. ""This value was measured by our laboratory
through equilibration with TEMPO* (see SI). We recommend this value (vs the prior report) because the equilibration method is a more sensitive
measure of the relative BDFE (and E°(V vs H2)). Furthermore, we discuss in Section 3.1.1 the evidence that this BDFE should change very little

with solvent identity.

Table 6. PCET Thermochemistry of Phenols"

compound solvent E°(RO*/™)
PhOH gas
PhOH H20 079303
PhOH C«He« -
4-Me-PhOH H20 0.68™
4-Me-PhOH C«H« _
4-MeO-PhOH H20 0.54™
4-MeO-PhOH CA -
4-NOrPhOH H20 1.22%"
4-F-PhOH H20 0.76*"
4-C1-PhOH H20 0.80*"
4-Br-PhOH H20 0.82*"
4-1-PhOH H20 0.82%*"
4-COV-PhOH H20 0.90*"
4-Me(G)C-PhOH H20 1.00%*"
4-CN-PhOH H20 1.12*"
4-NH2-PhOH H20 0.217302
4-NH2-PhOH DMSO -1.060™
4-NMe2-PhOH H20 0.174™
1-naphthol H20 0.59™
2-naphthol H20 0.69™
tyrosine H20 0.71™
trolox (7 H20 0.192™
HPMC/ CA _
TocOH* C«H« -
2,4,6-Bu3PhOH H20 _

[E°(ROH*+/0)

163°3

1.43°3

1.1303

28

PKa(ROHe+)
[-2]
[-2]

[0.7]

p%(ROH)
;0.044
10.344
10.144

7.144
9.9"
9.4"
9.4"
9.3"
9.4"
7.9"
10.4"
20.75%"
10.1"
943TM
946TM
10.1"
12.1™

E°(V vs H%y BDFE
1.353 79.8"
1.38 84.7
1.320 82.5"
1.29 82.5
1229 80.4"
1.14 79.0
1.082 77.1"
1.64 90.6
1.35 83.8
1.36 84.1
1.38 84.5
1.37 84.4
1.46 86.4
1.47 86.8
1.59 89.4
0.833 72.0
0.839 71.9
0.772 70.6
1.14 79.1
1.26 81.8
1.31 83.0
0.908 73.7
0.884 72.5"
0.883 72.5"
0.983 75.5"

https://doi.org/10.1021 /acs.chemrev.1 c00521
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Table 6. continued

compound
2,4,6-*Bu3PhOH
2,4,6-*Bu3PhOH
2,4,6-*Bu3PhOH
2,4,6-*Bu3PhOH
2,4,6-*Bu3PhOH
2,6-BulPhOH
4-Me-2,6-fBu2PhOH
4-MeO-2,6-fBu2PhOH
4-MeO-2,6-fBu2PhOH
4-MeO-2,6-fBu2PhOH

solvent
MeCN
DMSO
2o
cci,
THF
2o

o
MeCN
THF

E°(RO*")

[-0.67]
—0.67420"

E°(ROH,+0)

pubs.acs.org/CR

pK,(ROH") p%(ROH)
_ 7B/
17.8%"

E°(V vs H%y BDFE
0.9929 74.8
1.050 76.8
1.014 75.5%"
1.014 75.3*
0.9729 74.4
1.082 77.0'
1.004 75.3'
0.887 72.6'
0.86829 72.0
0.83829 71.3

“Potentials for le reductions are in V vs SHE ifin aqueous solution and V vs Cp2Fe+/0 if they are in organic solution. Values for E°(V vs H2) are in
V; —eE° is the average free energy for 1/2H2” addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2
and ifuncited were calculated from E°(V vs H2) using eq 18. In many cases, the citation associated with a BDFE
is for the related BDE, and the tabulated value was calculated using eq 9. Values in [square brackets] have been calculated from the other values in
the row using Hess’ law. ~Calculated from previously estimated BDEs in ref 33 but using hydrogen enthalpy of solvation (AH®s0IT[H2]s) values
reported for C6H6 and CC14 in ref48. 'Calculated relative to 2,4,6-fBuJPhOH by applying the difference in BDFEs reported in ref 29. ~Calculated
from the PCET potential reported in ref307 and extrapolating to pH 0. 'Trolox C = (*)-6-hydroxy-2,5,7,8-tetramethylchromane-2-carboxylic acid.
"HPMC = 6-hydroxy-2,2,5,7,8-pentamethylchroman. *TocOH = a-tocopherol. '"Extrapolated from DMSO to MeCN using the method of Kiitt and
co-workers.298 "Calculated from the reported anodic peak potentials, assuming a 57 mV peak-to-peak separation. “Compared with other solvents,
both E°(V vs H2) and BDFE values in DMSO have larger uncertainties from the thermochemical constants E°(H+/H2) and CG (see Table 1).

or eq 16. BDFEs are in kcal mol

Table 7. PCET Thermochemistry of Hydroquinones to Quinones"

hydroquinone”
>2-Hla
tetrachloro- 1,2-H2Q.
4-*Bu-1;2-H2Q.
3,5-"Bu2-1,2-H2Q
1,4-H2Q.
1,4-H2Q.
1,4-H2Q.

tetrafluoro-1,4-H2Cb
2-chloro-1,4-H2Q,
2,6-dichloro-1,4-H2Q,
2,5-dichloro-1,4-H2Cb
2,3-dichloro-1,4-H2Q
tetrachloro- 1,4-H2Q.
2,3-dichloro-5,6-dicyano- 1,4-H2Q.
bromo-1,4-H2Ch
2-bromo-5-methyl-1,4-H2Q,
2-chloro-5-methyl- 1,4-H2Q.
2-methyl-1,4-H2Q
2,3-dimethyl-1,4-H2Q
2,5-dimethyl- 1,4-H2Q
2,6-dimethyl- 1,4-H2Q.
2,6-dimethyl- 1,4-H2Q,
2,6-dimethyl- 1,4-H2Q,
2,6-dimethyl- 1,4-H2Q,

“Values for E°(V vs H2) are in V; --¢E° is the average free energy for V2H2( ) addition. BDFE
values were calculated from E°(V vs H2) using eq 18. bH2Q_: 1,4-dihydroxybenzene;

reaction in kcal mol

solvent

H20
H20
H20
H20
H20
MeCN
THF
H20
H20
H20
H20
H20
H20
H20
H20
H20
H20
H20
H20
H20
H20
MeCN
THF
DMF

; see Section 4. Uncited BDFE

E°(VvsH%) BDFEA
0.820%* 71.7
0.833~ 72.0
0.694"] 68.8
078072 66.2
0.64361 67.6
0.66429 67.3
0.6629 67.2
0.70661 69.1
0.676" 68.4
0.721%* 69.4
0.699" 68.9
0.706%** 69.1
0.699" 68.9
0.887M 733
0.715%* 69.3
0.656%* 67.9
0.654%** 67.9
01997 66.6
01537 65.6
0.596%** 66.5
06487 65.4
01529 64.6
01629 64.9
07829 65.6

hydroquinone”

2,6-dimethyl-1,4-H2Q,
2,3,5-trimethyl-1,4-H2Q_
tetramethyl-1,4-H2Q,
2-methyl-5-isopropyl- 1,4-H2Q,
2,5-dimethyl-3-chloro- 1,4-H2Q
2-*Bu-1,4-H2Q,
2,6-tBu2-1,4-H2Q,
2-phenyl-1,4-H2Q
2-methoxy- 1,4-H2Q_
2,5-dimethoxy-1,4-H2Q_
2,6-dimethoxy-1,4-H2Q,
2,6-dimethoxy-1,4-H2Q,
1,2-HINQ.

1,4-HINQ _

1,4-HINQ _

2-methyl- 1,4-H2NQ,
2,3-dimethyl-1,4-H2NQ _
2,3-dichloro-1,4-HINQ
2,7-tBu2-1,4-HINQ"
9,10-H2AQ _
1,8-dichloro-9,10-H2AQ.
1,8-dichloro-9,10-H2AQ.
phenanthrenequinone

1,10-phenanthroline-5,6-dione

solvent E°(VvsHj BDFE ,
IPA 0.56629 65.T
H20 0.48761 64.0
H20 0.41661 62.4
H20 0.589%** 66.4
H20 0.595%* 666
H20 0.579"" 66.2
MeCN 0.47519 62.9
H20 0.634" 67.4
H20 0.570" 65.9
H20 0.590%** 66.4
H20 0.473" 63.7
MeCN 0.46929 62.8
H20 0.522% 64.8
H20 0.376" 61.5
THF 0.4629 62.6
H20 0.415%* 62.4
H20 0.340%* 60.6
H20 0.447" 63.1
THF 0.41419 61.5
H20 0.089" 54.9
H20 0.115" 55.5
THF 0.15019 56.3
H20 0.406" 62.2
H20 0.584" 663

values are average free energies for the overall

H2NQ = 1,4-dihydroxynaphthalene; H2AQ = 9,10-dihydroxyanthracene. 'Computed from E°(V vs H2) using eq 18 and assuming AG'/H") =
52.0 kcal mol-1 for this solvent based on the narrow range of AG°f(H") in related solvents (Table 1).

Table 8. PCET Thermochemistry of Hydroquinones and Semiquinones in H20“

HQ*/H2QI.
1,2-H2Q.
1,4-H2Q.
2-methyl-1,4-H2Q_
2,3-dimethyl-1,4-H2Q
2,5-dimethyl-1,4-H2Q
2,3,5-trimethyl- 1,4-H2Q

E°(HQ./-)
0%9
0.36'
0.31'
0AS8'
0.37'
0.20"

E°(H2Cr)

1.1310

pg,(H2(T)

-1.13"

29

PK,(H,Q)
12%% -
9.85™ -
10.1312 -
10.4313 -
10.4313 -
10.8313 -

E°(V vs Hj BDFE
1.30 82.8
0.94 74.6
0.91 73.8
0.90 73.6
0.98 75.6
0.84 72.2

https://doi.org/10.1021 /acs.chemrev.1 c00521
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Table 8. continued

HQe/H2Q], E°(HQ,/-) E°(H2Cr/0) pK.(H2(T) pK.(H2Q) E°(V vs H2) BDFE
tetramethyl- 1,4-H2Q" 0.10' - - 11.3313 - 0.77 70.6
2-methyl-1,4-H2NQ. - - - - - 0.77 70.6
2,3-dimethyl-1,4-H2NQ, - - - - - 0.67 68.1

Q/HQ™, g°(oy-) E°(HQ*/-) pK,(H(T) PAHQT) PAHQT) E°(Vvs H%) BDFE
1,2-HQ* 0.043 - - 5314 0.34 60.6
1,4-HQ* 0.0993" [0.76] _7n 4316317 11.4312 0.34 60.7
2-methyl-1,4-HQ* 0.0237 - - 4.53" 12d 0.29 59.5
2,3-dimethyl- 1,4-HQ* -0.074315 - - 4.73" 12.63" 0.20 575
2,5-dimethyl- 1,4-HQ* -0.067315 - - 4.63" 12.53" 0.21 57.5
2,3,5-trimethyl-1,4-HQ* -0.165315 - - 5318 12.93" 0.13 55.8
Tetramethyl-1,4-HQ* -0.235339 - - 531s 13.23" 0.06 54.2
2-methyl-1,4-HNQ* -0.203319 - - 4.4318 - 0.06 54.1
2,3-dimethyl-1,4-HNQ* -0.240315 - _ 433" _ 0.01 53.1

APotentials for /e~ reductions are in V vs SHE. Values for EO(V vs H2) are in V; — eE° is the average free energy for V2H2(g) addition. Uncited
values of E°(V vs H2) were calculated from other values in the row using Scheme 2 or eq 18. BDFEs are in kcal mol 3 and were calculated from
E°(V vs H2) using eq 18. Values in [square brackets] have been calculated from the other values in the row using Hess' law. PH2Q_= 14-
dihydroxybenzene; H2ZNQ_= 1,4-dihydroxynaphthalene; HQ_= semiquinone; HNQ_= seminaphthoquinone. cE°(HQ.*/~) derived from the E°(V vs
H2) of H2Q/Q_ (Table 7) and HQ.VQ. Average pf<ll(HQ7)from refs 312 and 320.

Table 9. PCET Thermochemistry of Ascorbates"

compound solvent E°(Asc"/2-) E°(AscH,/-) pl<a(Asc*) pKa(AscH ) E°(VvsHj BDFE
Ascirl, 0.015321 0.72322 045320303 H2W22 0.684 68.6
iAscir' MeCN [-1.07] - - 28.8324 0663 67.3324~
compound solvent E°(AscH2"/°) E°(AscHe/-) pKa(AscH2) pg.(AscH2'4) E° vs H2 BDFE
AscH/ - 0.72322 4.032"22 - 0.96 74.9
iAscH/ MeCN - -0.41324 18.3324 - 0.70 68.2
compound solvent E°(Asc®/"-) NA pKa(Asc*) NA E°(VvsHj BDFE
Asc*¥™ -0.14321 - -0.45322"323 - -0.17 49.0

"Potentials for 1/ reductions are in V vs SHE ifin aqueous solution and V vs Cp2Fe+/0 if they are in organic solution. Values for E°(V vs H2) are in
V; —eE° is the average free energy for 1/2H2” addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2
or eq 18. BDFEs are in kcal mol and ifuncited were calculated from E°(V vs H2) using eq 18. Values in [square brackets] have been calculated
from the other values in the row using Hess' law. *"AscH = ascorbate. '/AcsH = 5,6-isopropylidene ascorbate. d4 quasi-reversible potential is
reported in ref 324, but we prefer the use of the BDFE from equilibration with TEMPO. eAscH? = ascorbic acid. *AscH, = 5,6-isopropylidene
ascorbic acid.

Table 10. PCET Thermochemistry of Water and Common Alcohols"

compound solvent E°(ROe/~) pK,(ROH) E°(VvsHj BDFE compound solvent E°(RO'-) pR.(ROH) E°(VvsHj BDFE
HO-H gas - - 2.690 110.6325 O-FP H20 2.609" 113.0
HO-H H20 1.90245 14.045 2.73043 115.8 MeOH gas 2.075 96.432
o. ~ gas - - 1.997 94.63" EtOH gas 2.079 96.532
o. = H20 1.43326 19326 2.13 102.0 'PrOH gas 2.122 97.532
O—FP gas - - 2.317 102.032 TuOH gas 2.148 98.132

"Potentials for /e~ reductions are in V vs SHE if in aqueous solution. Values for E°(V vs H2) are in V; —eE° is the average free energy for V2H2(g)
addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2 or eq 18. BDFEs are in kcal mol and if

uncited were calculated from E°(V vs H2) using eq 18. In many cases, the citation associated with a BDFE is for the related BDE, and the tabulated
value was calculated using eq 9. “Calculated from E°(RO*/~) = 1.902 and the pf<a(*0—H) = 11.9 given above.

Table 11. PCET Thermochemistry of Dioxygen Reduction"

HCV/HOOH solvent BDFE

HOOH 1.242
HOOH

solvent BDFE
*OOH -0.150'
*OOH -0.35 -0.07'

solvent BDFE
OO-H
30 https://doi.org/! 0.1021 /acs.chemrev.1 C00521
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Table 11. continued

°2(g) + 2H2(g) -m 2H20 solvent E°(Vvs H%)
Oi/H20 gas 1.18542 75.9
Oi/H20 MeCN 1.2467 80.6
0%/H20 DMF 1.26'7 81.4
Oi/H20 DMA 1.23751
Oi/H20 H20 1.229327 81.1
Oils) + H2S> H2°2 solvent E°(V vs H2)
02/H202 gas 0.54642 61.2
02/H202 H20 0.695327 68.8
H202 + H2(g) — 2H20 solvent E°(Vvs
H202/H20 gas 1.82342 90.6
H202/H20 H20 1.76343 93.5

APotentials for /e reductions are in V vs SHE ifin aqueous solution and V vs Cp2Fe+/0 if they are in organic solution. Values for E°(V vs H2) are in
V; —eE° is the average free energy for V2H2( ) addition. BDFEs and —4G°/n are in kcal mol | and if uncited were calculated from E°(V vs H2)
using eq 18. In many cases the citation associated with a BDFE is for the related BDE, and the tabulated value was calculated using eq 9.

E°(HOOe¢/ ) has been calculated using the H202 pK] and H02*/HOOH PCET potential in water. c—AG/n values are average free energies for
the overall reaction shown except to form H* [rather than add H2™]. See Section 4.

Table 12. PCET Thermochemistry of Organic Hydroperoxides"

ROOVROOH solvent E°(ROO'/-) pK.(ROOH) E°(VvsH2) BDFE
MeOOH gas - - 1.346 79.6™
MeOOH H20 0.94™ 11.5™ 1.62 902
EtOOH gas - - 1.216 76.6™
EtOOH H20 0.91™ 11.8™ 1.61 89.9
'PrOOH H20 0.81™ 12.1™ 1.53 88.0
fBuOOH gas - - 1.194 76.1™
fBuOOH H20 0.71™™ 12¢330 147 86.6
frEWS-HC(0)OOH gas - - 1.658 86.8™
cis-HC(0)OOH 1.801 90.1™
CH3C(O)OOH gas - - 1.463 82.3
CH3C(O)OOH H20 1.146 8.2™ 1.63 90.3
ROOH + H2(g) - ROH + H20 solvent E°(VvsH%)

MeOH/MeOOH H20 1.70™ 92.0
TUOH/'BUOOH H20 1.68™ 91.5
HC(0)OH/HC(0)00H H20 1.82™ 94.8
CH3C(0)0OH/CH3C(0)00H H20 1.80™ 94.3

“Potentials for le~ reductions are in V vs SHE. Values for E°(V vs H2) are in V; —eE° is the average free energy for V2H2 addition. Uncited
values of E°(V vs H2) were calculated from other values in the row using Scheme 2 or eq 18. BDFEs and —AG®/7 are in kcal mol  and ifuncited
were calculated from E°(V vs H2) using eq 18. In many cases the citation associated with a BDFE is for the related BDE, and the tabulated value
was calculated using eq 9. “Estimated from electron transfer kinetic data.333 ¢—A G'°n values are average free energies for the overall reaction
shown except to form H* [rather than add H2"]. See Section 4.

Table 13. PCET Thermochemistry for Nitrogen Reduction"

solvent BDFE
HNN-H
HNNH/HN’NH-H solvent BDFE
HN’NH-H -0.56
HN*NH-H/HINNH-H solvent BDFE
+ 3H- solvent
0.057
0.092
+ 2H- solvent*
-0.413
solvent* BDFE,
3 https://doi.org/! 0.1021 /acs.chemrev.l C00521
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Table 13. continued

“Potentials for /e~ reductions are in V vs SHE ifin aqueous solution and V vs Cp2Fe+"° ifthey are in organic solution. Values for E°(V vs H2) are in
V; —eE®° is the average free energy for V2H2(g) addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2
or eq 18. BDFEs and —A G/ values are in kcal mol-1 and ifuncited were calculated from E°(V vs H2) using eq 18. In many cases, the citation
associated with a BDFE is for the related BDE, and the tabulated value was calculated using eq 9. Values in [square brackets] have been calculated
from the other values in the row using Hess' law. bE°(V vs H2) of HN*NH~H in H20 was derived from those of N2/N2H4, N2/N2H2, and HZ2NNH~
H. "Related values in MeCN or H20 have been reported, but they include computational components or different numbers of protons and
electrons and therefore are not included here.179,180 —AG®/n values are average free energies for the overall reaction shown except to form H*
[rather than add H2(g)]. See Section 4. eOther values of AH°f of N2H4 exist,42 but a similar value was obtained from another thermochemical cycle
in ref 179.~"E°(V vs H2) of N2/N2H2 in the gas phase was derived from those of HZNNH-H, HN*NH~H, and N2/N2H4.

Table 14. PCET Thermochemistry of Ammonia and Alkylamines (N—H and C—H Bonds)

compound solvent E°(RR'NH,+/0) pKa(RR'NH*+) E°(VvsH%) BDFE
NH3 gas - - 2241 100.342
*NH2 gas - - 1.769 89.443
NH gas - - 0.880 68.943
MeNH2 gas - - 1.944 93 .47
PrNH) MeCN 1.14336 [6.1] 1.5066 867337,b
PrNH2 CA - - 1.4176 84g337b
pentyINH?2 MeCN 1.12336 [7.8] 1.610b 2g,337,b
pentyINH2 CA - - lags™ 843337b
Me2NH gas - - 1.641 86/P*
Me2NH H20 uT3, 6.833* 1.67 91.4
EtINH H20 1.36333 5.333% 1.67 91.4
ENH MeCN 1311 82.2339d"
ENH CA - - 1.24311 80.8332d"
pyrrolidine H20 1J633« 5.533*% 1.59 89.4
piperidine H20 1.3433* 5.833*% 1.68 91.6
"BUINH CA - - 1.4086 84.633
"BUINH MeCN - - 1.32411 82.5339d"
'BUNH2 CA - - 1.590 88.833"
TuNH2 MeCN 1.2733" [3.7] 1.515 86.9332

“Potentials for /e~ reductions are in V vs SHE if in aqueous solution and V vs Cp2Fe+/0 if they are in organic solution. [talicized values are
irreversible potentials, Epa or I, , measured by cyclic voltammetry. Values for E°(V vs H2) are in V; —eE° is the average free energy for VIH2,
addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2 or eq 18. BDFEs are in kcal mol | and if
uncited were calculated from E°(V vs H2) using eq 18. In many cases the citation associated with a BDFE is for the related BDE, and the tabulated
value was calculated using eq 9. Values in [square brackets] have been calculated from the other values in the row using Hess' law. ftThe relevant

bond for the BDFE and E°(V vs H2) values is a combination of the a(C—H) and N—H bonds.!17

Table 15. PCET Thermochemistry of Arylamines and Arylhydrazines"

compound solvent E°(RINe/") E°(R2NH,+/0) P~ R.NH"™) pR.(R,NH) E°(V vs H2) BDFEI,
PhNH2 gas - - 1.428 815339
PhNH? H20 - 1.02340 7,053 , 1.4 85.9
PhNH2 CA 1.469 86.0339
4-MePhNH2 gas 1.333 79.3339
4-MePhNH? H20 - 0.92340 a.53% , 1.42 85~
4-MePhNH2 CA 1.373 83.8339
4-MeOPhNH? H20 - 0.79340 9.6" - 1.36 84.1
4-CNPhNH2 H20 - 132340 4340 _ 156 88.7
4-CF3PhNH2 gas 1.389 80.6339
4-CF3PhNH2 H20 - 1.28340 4.8"* - 1.56 88.9
PhINH gas 1.320 79.0339
PhINH H20 - 1.0338 a.s33" - 1.2 81
PhINH CA 1.209 80.03*
(4-MePh))NH gas 1.277 78.0339
DPPH-HC MeCN 0.91719 73.1%*
DPPH-HC THE 0.93* T3IN*
DPPH-HC CA 0.940 73.8393
2,4-(NG2)2C6HINHNPh? DMSO -0.292341 _ 12.1341 1.093d 77.8d
PhNHNPh? DMSO -1.117341 - 247343 1.005d 75.8d
PhNHNHPh DMSO -1.730341 - 762343 0.493d 64.0d
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Table 15. continued

compound solvent E°(RIN,/-) Eo(R2NH,+/0) pIC,(RINH*+) pKa(R2INH) E°(V vs H2) BDFE],
PhNHNHPh MeCN 0.387™ 60.9"
DHPe MeCN 0.29119/ 58.7™"

"Potentials for /e~ reductions are in V vs SHE ifin aqueous solution and vs Cp2Fe+"® ifin organic solution. Values for E°(V vs H2) are inV; —¢eE° is
the average free energy for V2H2") addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2 or eq 18.
bBDFEs are in kcal mol and ifuncited were calculated from E°(V vs H2) using eq 18. In many cases the citation associated with a BDFE is for the
related BDE, and the tabulated value was calculated using eq 9. T)PPH-H = L1-diphenyl-2-picrylhydrazine. “Compared with other solvents, both
E°(V vs I-[2) and BDFE values in DMSO have larger uncertainties from the thermochemical constants E°(H4/H2) and CG (see Table 1). eDHP =
5,10-dihydrophenazine. “"E°(V vs FI2) and BDFE correspond to the average of the overall 2U/2H4 transfer.

Table 16. Thermochemical Data for Indoles and Tryptophan"

compound solvent E°(RINH,+/0) pg.CR.NH") pe.(R,NH) E°(VvsHj BDFE
indole H20 [0.52] 124302 4.v34 17.0343 1.53 88.1
tryptophan H20 [0.43] 1.15344 4.7344 16.8343 1.43 85.7
2-CH3-indole H20 - 1.10342 5.T342 - 1.44 85.9
3-CH3-indole H20 [0.38] 1.07342 5.0342 16.6343 1.37 84.3
2;3-CH3-indole H20 - 0.93342 6.1342 - 1.29 82.6

"Potentials for /e reductions are in V vs SHE. Values for E°(V vs H2) are in V; —¢E° is the average free energy for V2H2(g) addition. Uncited
values of E°(V vs H2) were calculated from other values in the row using Scheme 2 or eq 18. BDFEs are in kcal mol | and ifuncited were calculated

from E°(V vs H2) using eq 18. Values in [square brackets] have been calculated from the other values in the row using Hess' law.

Table 17. PCET Thermochemistry of Nucleosides in Water"

compound E°'(RN*/RNH)I pKa(RNH*+) pKa(RNH) E°(VvsH2) BDFE
guanosine 1.29343 3.9343 9.1343 1.70 92.1
adenosine 1.42345 <1347 12.5345 1.83 95.1
cytidine 1.6~ 2.0 99
thymidine 1.7345 2.1 101

"Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2 or eq 18. BDFEs are in kcal mol- | and ifuncited were
calculated from E°(V vs H2) using eq 18. bE®' potentials are in V vs NHE at pH 7.

Table 18. PCET Thermochemistry of Thiols

compound solvent pK,.(RSH) E°(VvsHg" BDFE
HS-H gas _ - 1.49 83.032
HS-H H20 1.15348 7.0349 1.56 88.9
MeS-H gas - - 133 797350
MeS-H H20 0.73 10.330 1.34 83.7
EtS-H gas - - 132 7913ia
EtS-H H20 0.74 135 843
fBuS-H gas - - 1.29 78.4332
HOCH2CH2S-H H20 0.75348 9.6332 1.31 83.1
cysteine H20 0.73333 8.8" 1.25 81.6
glutathione H20 0.81384 93355 1.36 842
PhS-H gas - - 1.16 75.333"
PhS-H H20 0.69337 6.633 1.08 777
PhS-H CA - - 1.22 80233"
4-MePhS-H H20 0.64337 6.8339 1.04 76.8
4-MeOPhS-H H20 0.57337 6.8339 0.97 752
4BrPhS-H H20 0.71357 6.0339 1.07 77.4

"Potentials for le~ reductions are in V vs SITE ifin aqueous solution. Values for E°(V vs H2) are in V; —¢E° is the average free energy for V2H2(g)
and if
uncited were calculated from E°(V vs H2) using eq 18. In many cases the citation associated with a BDFE is for the related BDE, and the tabulated
value was calculated using eq 9. bAverage pKa(RSH) from refs 31 and 360. 'Average plkCa of the zwitterionic form of cysteine and

HSCH2CH(CO2Et)NH2 from ref 361.

addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2 or eq 18. BDFEs are in kcal mol
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Table 19. PCET Thermochemistry of C—H Bonds in Selected Compounds"'

compound solvent E°(R,/-) E°(RHe+/0) pYo(RH'+) P%(RH) E°(VvsH2) BDFE
CH4 gas - - - - 2.092 96.83"2
CH3CH2-H gas - - - - 1.923 92.943
«CH2CH2-H gas -0.892 28.043
(CH3)2CH-H gas - - - - 1.814 90.43"3

gas - - - - 1.723 88.33

CH2=CH-H gas - - - - 2.339 102.53*4
HC=C-H gas - - - - 3319 125.173
cyclo-CsH6!' gas — - - — 1.069 73.2"
cyclo-CiH6b DMSO -0.T783*7 - - 18.03"* 0.958" 74.7"
1,4-cyclohexadiene gas - - - - 0.833 67.83"*
cyclohexadienyl (»C6H7) gas - - - - -1.509 13.8"
C6HS5-H gas - - - - 2.435 104.7364
COHHS5CH2-H gas - - - - 1.433 81.637"
(CH3),C, MeCN - 1.11371'372 2.0373 - 1.26 81.0
P-(CH3)2C6H4 MeCN -2.0% 1.4537"'72 [-43] 53.8* 12 80
(CH,)sC,H MeCN - 1.1937""'72 2.0373 - 1.34 82.8
1,2,4,5-Me4C6H2 MeCN - 1.2037'"73 3.03713 - 141 84.4
indene DMSO -0.952373 - - 20.1372 0.908" 73.6"
fluorene DMSO -1.069372 - - 22.6373 0.940" 74.3"
DHAd DMSO -1.5753712 - - 30.1372 0.879" 72.9"
xanthene DMSO -1.685372 - - 30.0372 0.763" 70.2"
Ph3CH DMSO -1.486372 - - 30.6372 0.998" 75.7"
Ph2CH2 DMSO -1.54372 - - 32.2373 1.04" 76.6"

Potentials for /e~ reductions are vs Cp2Fe+o in the organic solution. /falicized values are irreversible potentials, Epa or Epc, measured by cyclic
voltammetry. Values for E°(V vs H2) are in V; —eE° is the average free energy for 1/2H2"g) addition. Uncited values of E°(V vs H2) were calculated
from other values in the row using Scheme 2 or eq 18. BDFEs are in kcal mol  and if uncited were calculated from E°(V vs H2) using eq 18.
In many cases the citation associated with a BDFE is for the related BDE, and the tabulated value was calculated using eq 9. Values in [square
brackets] have been calculated from the other values in the row using Fless’ law. beyc/o-CsHs = 1,3-cyclopentadiene. "Compared with other

solvents, both E°(V vs FI2) and BDFE values in DMSO have larger uncertainties from the thermochemical constants E°(H4/H2) and CG (see
Table 1). dDHA = 9,10-dihydroanthracene.

Table 20. PCET Thermochemistry of Nicotinamides and Related Compounds"

compound solvent E° (RHe+/0) E°(R+/e) pg.(RH'Y) E°(VvsHj BDFE
AcrH2h MeCN 0475374 —0.845374 0.8374 0.55 64.7
AcrH2,+ -0.77 343
BNAH" MeCN 0.406374 -1.49374 47374 0.71 68.4
BNAH’+ -1.18 24.7
NADHd Hzo 0.94373" -0.92373 -3.5373 0.73 69.7
NADH’+ -1.13 26.8

'Potentials for le ' reductions are in V vs SHE ifin aqueous solution and V vs Cp2Fe+o if they are in organic solution. Values for E°(V vs H2) are
V; —eE° is the average free energy for 1/2:H2” addition. Uncited values of E°(V vs FI2) were calculated from other values in the row using Scheme 2
or eq 18. Uncited values of E°(V vs FI2) for the radical cations were calculated from values for the neutral species using schemes in Figure 9 ofref3.
BDFEs are in kcal moU: and if uncited were calculated from E°(V vs FI2) using eq 18. Values in [square brackets] have been calculated from the
other values in the row using Fless’ law. *AcrH> = 10-methyl-9,10-dihydroacridine. "BNAH = 1-benzyl-1,4-dihydronicotinamide. d(NADH = 14-
dihydronicotinamide adenine dinucleotide. "E(NADH"4'°) = 1.05 V in propanol/water.7s

Table 21. PCET Thermochemistry of Carbon Dioxide Reduction"

CO,(g) + H,(g) — HCOOH solvent E°(Vvs H2) -AG°n'
COY/HCOOH gas —0.22542
COY/HCOOH H0 -0.114327

CO,p) + H2(g) — CO(y) + H,0 solvent E°(C02/CO2-) E°(V vs H2) -AGn’
COz/CO gas - -0.14842 452
CO*/CO H20 -1.99376 —0.10467 50.4
co”™/co DMF -2.01377" -0.068'7 50.7
COi/CO MeCN - -0.09267 49.8
co”™/co DMA _ -0.1051

c2(g) + 4H2(g) — CH4(g) + 2H,0 solvent E°(V vs H2) -AG°n’
Ccor/Ccr gas 0.14542 51.9
34 https://doi.org/10.1021 /acs.chemrev.1c00521
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Table 21. continued

COz/CH,, H20 0.169" 56.7
CCVCH, MeCN 0.178% 56.5
COz/CH,, DMF 0.1827 56.1

“Potentials for le reductions are in V vs SHE ifin aqueous solution and V vs Cp2Fe+/0 ifthey are in organic solution. Values for E°(V vs H2) are in
V; —eE° is the average free energy for V2H2(g) addition. —AG°/n values are average free energies for the overall reaction in kcal mol \ b—AG°/n
values are for the overall reaction shown except to form H* [rather than add H2™] (see Section 4) and were calculated from E°(V vs H2) using

eq 18. "Standard state converted to | atm of CO2 based on Henry’s Law constant reported in ref 378.

Table 22. PCET Thermochemistry of Oxidant/Base and Reductant/Acid Pairs in MeCN*
E%

oxidant base pR." E°(V vs H%) BDFEgff
N(4-MeO-C§H4)3 + 0.16 pyridine 12.53 0.93 734
N(4-MeO-C«H4)3"" 0.16 2,6-Me2-pyridine 14.13 1.02 75.6
N(4-MeO-C§H4)3 + 0.16 4-NH2-pyridine 17.62 123 80.4
N(4-MeO-C«H4)3"" 0.16 acetate 23.51™ 1.58 88.4
N(4-Me-CaH4)/+ 0.38™ pyridine 12.53 115 78.5
N(4-Me-C«H4)3"" 0.38™ 2,6-Me2-pyridine 14.13 1.24 80.7
N(4-Br-C«H4)3"" 0.67 pyridine 12.53 1.44 85.2
N(4-Br-CA)3" 0.67 2,6-Me2-pyridine 14.13 1.53 87.4
N(2,4-Br2-C«H,)3" 1.14 pyridine 12.53 1.91 96.0
Cp%Fe+ 0 pyridine 12.53 0.770 69.8
Cp2Fe+ 0 2,6-Me2-pyridine 14.13 0.864 71.9
[Fe(bpy)3]3+ 0.70™ pyridine 12.53 1.47 85.9
[Fe(bpy)3]3+ 0.70™ 2,6-Me2-pyridine 14.13 1.56 88.1
*[U(dF(CF3)ppy)2(dtbbpy)d- 0.95T™" 4-N(Me)-pyridine 17.95 2.04 99.1
*IrlU(dF(CF3)ppy)2(dtbbpy)d-’ 0.95m™™ benzoate 21.51™ 225 103.9
*IrllI(dF(CF3)ppy)2(bpy)4” 1.04131" 4-N(Me)2-pyridine 17.95 2.13 101.1
*[1IU(dF(CF3)ppy)2(bpy)d* 1.04131" benzoate 21.51™ 2.34 106.0
reductant E% acid PK/ E°(V vs Hj BDFEeff
*IA(ppy)3A" -2.13123' pTSV 8.6™ -1.59 153
*Irm((dF)ppy)/" -1.92323" pTSAA 8.6™ -1.38 20.1
*[FTM(d(OMe)ppy)3 ™ -228323" NMe.H+ 17.61™ -1.21 24.1
*Ir™(d(OMe)ppy)3"" -2.28T™" NEtH+ 18.5™ -1.16 25.3
[Ru(bpy)3]+ -1.713sljg pTSA~ 8.6™ -1.17 25.0
[Ru(bpy)3]+ -1.713sljg NMe.H+ 17.61™ _0.64 373
[Ru(bpy)3]+ -1.713sljg NE#H+ 18.5™ -0.59 38.5
[Ru(bpy)3]+ -1.713sljg benzoic acid 21.51™ -0.41 42.6
[Ru(bpy)3]+ -1.713sljg acetic acid 23.51™ -0.29 453
Ir(ppy)2(dtbbpy)d -1.89133 2,6-Me2-pyridinium 14.13 -1.03 28.4
h(ppy)2(dtbbpy)® -1.89133 NMe3H+ 17.61™ -0.82 33.1
(C5Me5)2Fe —0.51288 pyridinium 12.53 0.26 58.0
Cp2Fe 0 pyridinium 12.53 0.770 69.8
Cp2Fe 0 acetic acid 23.51™ 1.420 84.7

“Potentials for le- reductions are in V vs Cp2Fe+/0. Values for E°(V vs H2) are in V; _¢E° is the average free energy for 72H2(g) addition. Uncited

1.37pKajHA/A_ + CG; see ref 104 for more discussion) values were calculated in kcal mol 3 from E°(V vs H2) using eq 18. “From ref 382 unless
otherwise noted. "pfCa of baseH+ from ref 383 unless otherwise noted. dppy = 2-phenylpyridine; (dF)ppy = 2-(2,4-difluorophenyl)pyridine;
dF(CF3)ppy = 2-(2'.4'-difluorophenyl)-5-(trifluoromethyl)pyridine; d(OMe)ppy = 4-methoxy-2-(4-methoxyphenyl)pyridine; dtbbpy = 4,4'-di-
ferf-butyl-2,2'-bipyridine. "Asterisk (*) denotes that the active oxidant or reductant is the excited-state complex. As such, the given potential is the
reported excited-state redox potential. “p-Toluenesulfonic acid. “Reference potential adjusted from SCE to Cp2Fe+/0 using ref 287.

Table 23. PCET Thermochemistry of 3d-Based Transition Metal Systems"

compound (ML—H) solvent E°(MM—L)0/_ E°(MM—LH)+/0 pKa(MMILH) pK.(M"-LH) E°(VvsHj BDFE
Fe%0)/+ H20 [0.43] Q77384 2.2 9.5~ 0.90 73.6
[(TPA)CUOH2]+, H20 _ -0.11» 7.26" . 0.32 602
MnOj(OH)- H20 - 0.8647* 7.4n - 0.984 756
(H20)5CrOH2+ H20 - - - - >1.578 >892™™
(H20)3CrOOH2+ H20 - - - - 1.030 76.6™
(Me«cydam)Co(H20)(OOH)23" H20 - - - - 1.050 77.0™
([14]aneN4)Co(H20)(OOH)2+c H20 - - - - 1.010 76.1™
35 https://doi.org/! 0.1021/acs.chemrev.1 C00521
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Table 23. continued

compound (ML—H) solvent E°(M”—L)0/- E°(M“-LH)*0 pKa(M"™ILH) pK,(M"-LH) E°(VvsHj BDFE
Niu(cyclamN-H) H20 . 0.984s* 71390 . 1.40 852
(Py5)Fe}(OH2)24" DMSO -0.095391 - - 8.1s* 1.055" 76.9"
[(LD)FellOH]2-/ DMSO - -1.79392:393 25.0392-393 - 0.360" 60.9"
[(LD)MnIIOH]2-/ DMSO <-2g7% -1.51392:393 28.3TMA* [>36.6] 0.835" 71.9"
[(LD)MnIUOH]V DMSO -1.0392-393 [-0.21] -15s* 28.33*"393 13" 84"
[FeBCp(,/-C eJ]PF," DMSO - 1.25423 -11.6425 - 1.23 81.0
[FeBCp*(,/-C"4e«)|PEY DMSO - 1.03425 -8.5423 - 1.20 802
(Py5)Mnu(OH2)2+d MeCN 0.186s* 0.6363* [5.4] 13.0s% 0.984 74.7
(bpy)2VA(0)(OH)+ MeCN - - - - 0.807 70.65*
PylPy(p™)2Fe°oiy MeCN - -0.028s* 16.53* - 0.977 74.5
PhB(fBulm)3CouOH MeCN - -0.233* 25.6598 - 1.31 82.3
[Mn2(OH)2(phen)4]3+ MeCN -0.033%*'488 - - 11.5s%4™ 0.68 67.7
[Mn2(0)(OH)(phen)4]ss MeCN -0.013*"488 - - 14,65 4™ 0.88 73
(salpn)2(Mn2(0)(OH))}' MeCN -0.89% -0.21% 13.4% 24.5% 0.61 66.1
(V)2(Mn2(0)(OH))' MeCN -0.63* 0.01%* 10.8* 20.5% 0.68 67.6
(I*)2(M%(0)(OH)y MeCN -0.12% 0.47* 5.0% 13.3% 0.79 70.3
[(TPA2CU20H]24, MeCN - -0.48385 24.3s88 - 0.99 74.8
[(TPA)2CU20H]3+, MeCN 0.76s88 - - 24.3s88 223 1033
[LetCu2(OOH)]2+F MeCN —0.59401,F - - 22.2583 0.75 693
Fe}(H2bip)3) MeCN - —0.55402 17.5402 - 0.51 63.9
Fel3(H2bim)3™ MeCN ~ — 0.8403 —0.31403 17.5483 -26™ 0.75 69.4
Co¥(H2bim)3"™ MeCN - -0.53404 20.3s84 - 0.70 68.1
(TPP)Feu(MelmH)2” MeCN [-0.95] -0.58583 20.883 26.983 0.674 67.6
(PbbimH)(Pibbim)Fe2S2 Reiske model0 MeCN -1.43405 —1.2405 23.6588 27.9s88 0.2 57
(LE)Fe2S2(LF-H) (mito-NEET model)?’ MeCN -1.647s3 -1.407s3 23.T88 [27.7] 0.024 52.6
[(TAML)FelV(NHTs)]-3 MeCN -0.07406 - - 15.7406 0.89 72.5
[(cp)co(cp™)r MeCN —1.35407 —1.21407 8.6587 [11.0] -0.67 36.5
[(Cp)Co(Cp313)]24" MeCN 0.52587 - - 8.6587 1.06 76.4
[SNSINi(PPh3f)s MeCN -0.61408 - - 15.9488 0.36 60.3
CpCr(CO)H MeCN -0.688s™ - [-9.5] 13.3528 0.127 54.9
CpCr(CO)2(PPb3)H MeCN —1.289411 - - 21.8411 0.030 52.7
(dppm)V(CO)4Hs MeCN -1.18412 - - 18.8412 -0.04 51.1
(dppeMCON" MeCN -1.12412 - - 17.6s32 -0.05 50.8
[(TPP)Felll(OOH)'v"I' THF -1.18433™" - - 24.6433'™ 0.61 66.2
[(PIm)Felll(OOH)]!'v THF -1.33414 - - 28.6s34 0.70 682
[(FsTPP)Fem(OOH)]"--v THF —1.17415 - - 28.8s38 0.87 72.1
piPM=LGCuOH.T THF _0.26* _ - 20.0%* 1.27 81.2
LGCuOH-T THF -0.074% - - 18.8% 1.382 83.9
P3sIFeCNHz THF - -1.27191 5.63* - -0.60 383
[P3SiFeCN (Me)H] +~ THF -1.31191 - - 7.1191 -0.55 39.4
P3sIFeCN(Me)H* THF - -1.27191 7.1191 - _0.51 40.3
P3sIFeNN(Me)H* THF -1.22191 _ _ 8191 -0.40 427

“Potentials for Ze reductions are in V vs SHE ifin aqueous solution and V vs Cp2Fe+o if they are in organic solution. Values for E°(V vs H2) are in
V; —eE° is the average free energy for |2H2(g) addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2
or eq 18. BDFEs are in kcal mol and ifuncited were calculated from E°(V vs H2) using eq 18. Values in [square brackets] have been calculated
from the other values in the row using Hess' law. bTPA = tris(2-pyridylmethyl)amine. cMeb6cyclam = Meé6cyclam = meso-hexamethylcyclam;
[14]aneNs+ = 1,4,8,11-tetraazacyclotetradecane. dPyS = 2,6-bis(bis(2-pyridyl)methoxymethane)-pyridine. "Compared with other solvents, both
E°(V vs H2) and BDFE values in DMSO have larger uncertainties from the thermochemical constants E°(H+/H2) and CG (see Table 1) VLD =
tris[(AT-ferf-butylureaylato)-N-ethyl)] aminato. gPy:Py(piCy) = 2,2,,2,-methylbispyridyl-6-(2,2,,2,-methylbis-S-cyclohexyliminopyrrol)-pyridine.
I'salpn = 1,3-bis(salicylideneamino)propane. !LA = 1,3-bis(3,5-dichloro-salicylideneamino)propane. LB = 1,3-bis(3,S-dinitrosalicylideneamino)-
propane. fcLet = 3,S-bis(l,4-di-isopropyl-1,4,7-triazacyclononane-l-ethyl)-pyrazole. Potential determined at 0 °C. Ilbip = 2,2'-(tetrahydro)-
pyrimidine, "'him = 2,2'-biimidazoline. "TPP = meso-tetraphenylporphyrin; MelmH = S-methylimidazole. oPrbbimH: = 4,4-bis(benzimidazole-2-
yDheptane. PLE = L, T-biphenyl-2,2'-dithiol; LF = 2-(IH-benzimidaol-2-yl)benzenthiol. 9TAML = tetraamido macrocyclic ligand; NTs =
tosylimido. '"CpNH = 4-cyclopentadienyl-dimethylaniline. SISNS]H: = bis(2-mercapto-p-tolyl)amine. fdppm = bis(diphenylphosphino)methane.
“dppe = bis(diphenylphosphino)ethane. I'PIm = tris(2,6-difluorophenyl)(NHCOBzCH:Im)porphyrin. IVFgTPP = tetrakis(2,6-difluorophenyl)-
porphyrin. *Measurements done at —80 °C. _ jv,N'-bis(2,6-diisopropylphenyl)-2,6-1V-methylpiperidinedicarboxamide; LG = N,N'-bis(2,6-
diisopropylphenyl)-2,6-pyridinedicarboxamide. "P3Sl = tris(2-(diisopropylphosphino)phenyl)silane. <“More porphyrin derivatives of Fem(OOH)
complexes can be found in ref 413. a>More analogues to these complexes, and their thermochemistry, can be found in ref 425.
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Table 24. PCET thermochemistry of 4cz/5d-based transition metal systems."

compound (ML—H) solvent E°(M“—L)0/- E°(M"-LH)4/0 pKa(M"4ILH) E°(VvsH2) BDFE
[(bpy)2pyRunOH2]2+ H20 0.4698 1.0295 0.8598 10.395 1.07 71.5
tram- [RulV(tmc)(0)(0H2) ]2+, H20 0.80416 - - 4.7416 1.08 71.7
trails- [Ruv(tmc)(0)(OH) 24, H20 076428 [>0.67] <1.0416 2.a428 0.73 69.5
[[(bPy)2PyRuUIOH]2+ H20 <0.482™ >1.6™ <0.0100 >13.0™ 1.15 79.3
(MegCydamjRhfHOXOOH)2"" H0 - - - - 0.950 74.7s89
(Me«cydam)Rh(H20) (OOH)2™ H20 - - - - 0.970 75.2589
(dipic)Run(tpyCO2H)d MleCN 0.047417 - - 18.5417 1.170 79.0
(dipic)Run(tpyPhCO2H)d MleCN 0.17s7 - - 20.5s7 1.41 84.6
(acac)2Rull(pyImH)” MleCN —1.0082 -0.64s2 16.0s3 [22.1] 0.34 59.7
(hfacac)2Rull(pylmH)" MleCN -0.0782 0.297 [13.2] 19.3s3 1.10 77.4
[Ruu(dmdmp)CI(MleBPA)y MleCN —0.16418 0.14418 [11.4] 16.4428 0.84 71.3
[Rull(dmdmp) (TPA)] MleCN 026429 0.52429 [9.9] 14.3419 1.14 78.2
TpOsm(NH2Ph)CVl/ MleCN -1.05420 0.48420 [-3.3]™ 22.5™ 0.31 59.1
[SNSIPA(PPh3)A MIeCN —ora™ - - 17.47m 048 63.0
[SNS]Pt(PPh3)A MleCN -0.51408 - - 22.2™™ 0.83 71.2
TpMo(CO),H* MIeCN —0.521421 - - 10.7421 0.140 552
Tp'Mo(CO):H' MleCN -0.59422 - - 10.2422 0.04 53.0
TpW(CO),H* MleCN -0.582421 - - 14.4421 0298 58.9
(Phtpy) (PPh2Me)XMoNH/ THF -1.09195 - - 3.6298 -0.53 39.7
(Phtpy) (PPhiMe)%MoCHiCH/ THF -1.35423 - - 16.3™ -0.04 51.0
(ter'FrP2)Mo2PHA THF -0.52424 - - 3.6™ 0.04 52.8

APotentials for /e~ reductions are in V vs SHE if in aqueous solution and V vs Cp2Pe+"° if they are in organic solution. Values for E°(V vs H2) are in
V; —eE° is the average free energy for | 2H2(g) addition. Uncited values of E°(V vs H2) were calculated from other values in the row using Scheme 2
or eq 18. BDFEs are in kcal mol and ifuncited were calculated from E°(V vs H2) using eq 18. Values in [square brackets] have been calculated
from the other values in the row using Hess' law. Atmc = 1,4,8,11-tetramethyl-1,4,8,11-tetraazacyclotetradecane. cMeb6cyclam = Me6cyclam = meso-
hexamethylcyclam. ddipic = dipicolinic acid; tpyCO2H = 2,2':6,2"-terpyridine-4'-carboxylic acid; tpyPhCO02H = 2,2':6,2"-terpyridine-4'-benzoic
acid. eacac = acetylacetonate; hfac = 1,1,1,5,5,5-hexafluoroacetylacetonate; pyimH = 2-(IH-imidazol-2-yl)pyridine./dmdmp = N,N-dimethyl-6,7-

dimethylpterin; TPA = tris(2-pyridylmethyl)amine; MeBPA = N-methyl-N,N-bis(pyridylmethyl)amine. *Tp = hydrotris(I-pyrazolyl)borate.
"[SNS]H: = bis(2-mercapto-p-tolyl)amine. !Tp' = hydrotris(3,S-dimethylpyrazolyl)borate/Phtpy = 4'-phenyl-2,2':6,2"-terpyridine. fcter’PrP> = 1,4-

bis(z-(diisopropylphosphino)phenyl)benzene.
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