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Redox reactions are ubiquitous in organic synthesis and intrinsic to organic electrosynthesis.

The language and concepts used to describe reactions in these domains are sufficiently different

to create barriers that hinder broader adoption and understanding of electrochemical methods. To

bridge these gaps, this Synopsis compares chemical and electrochemical redox reactions, including

concepts of free energy, voltage, kinetic barriers, and overpotential. This discussion is intended to

increase the accessibility of electrochemistry for organic chemists lacking formal training in this

arca.



Electrochemical synthesis has a long history within the field of organic chemistry,'-* but it has
seldom enjoyed mainstream attention. This situation appears to be changing in response to
advances that facilitate broader adoption of electrosynthesis, including development of new
synthetically useful electrosynthetic reactions, introduction of user-friendly instrumentation and
apparatus, and publication of review articles*® and tutorials®'* targeting an organic chemistry
audience. Nevertheless, students and researchers with conventional training in organic chemistry
still encounter unfamiliar language and terminology in the field of electrochemistry that can hinder
assimilation of fundamental concepts. The present Synopsis seeks to lower this barrier by
describing electrochemistry concepts using the language and terminology of organic chemistry.

"How should I think about voltage?", "What is overpotential?", and related questions are
commonly encountered when organic chemists begin to engage with electrochemistry. Most
organic chemists develop broad intuition for quantitative scales for organic molecules, such as pKa
values, IR frequencies, and NMR chemical shifts, but several issues complicate development of
an intuition for redox potentials:

(1) Redox potentials are often very sensitive to the identity of the solvent, electrolyte, and/or
reaction conditions (e.g., the presence of acid or base for proton-coupled redox reactions). This
feature is similar is other properties of organic molecules (e.g., pKa), but it is often overlooked
when comparing redox potentials from different literature sources.

(2) Redox potentials in the literature commonly use different reference potentials, leading to
variations in reported values, even when using the same solvent and conditions.

(3) Electrochemical potentials measured experimentally (e.g., by cyclic voltammetry) typically

correspond to potentials needed to initiate single-electron transfer (SET), but these values are



very different from the thermodynamic potentials for net two-electron redox reactions of
interest to organic chemists.
Organic chemists tend to be more familiar with the use of free energy and kcal mol™! (or kJ mol!)
than with the use of redox potentials and voltage to assess reaction driving force and energetic

trends. Free energies (AG°) and redox potentials (AE°) are readily interconverted via the

expression in eq 1, (n = number of electrons; ‘F = Faraday constant, 96,485 C-mol™), but the

simplicity of this

AG® =—n- F-AE° (1)

relationship belies a common source of confusion. The overall free energy of multistep redox
reactions may be obtained from the sum of free energies of individual redox steps, while a similar
relationship does not exist for redox potentials. These and related issues will be the focus of
discussion below, with the goal of providing a framework for organic chemists to develop better

intuition for the language and principles associated with electrochemical reactions.

1. Redox Potentials in Organic Chemistry: Electrochemistry and Single-Electron Transfer

Introductory chemistry courses present different perspectives on redox reactions. General and
inorganic chemistry courses define oxidation and reduction reaction as the transfer of electrons
between two atoms, ions, or molecules. This fundamental definition contrasts the presentation of
redox reactions in organic chemistry courses where "reduction" is often defined in the context of
hydrogenation reactions, which correspond to the net transfer of Hz (i.e., 2 ¢ and 2 H"). Similarly,
many "oxidation" reactions correspond to dehydrogenation or dehydrogenative coupling reactions

(Figure 1A). Prototypical organic reductions include conversion of esters to alcohols using hydride



reagents, dissolving metal reductions of arenes to dienes, and catalytic hydrogenations of alkenes.
These reactions illustrate the different means to deliver an equivalent of "Hz" to an organic
molecule: as a combination of hydrides and protons (H/H"), as electrons and protons (2¢ /2H"),
or as H» itself (via hydrogen atoms on a catalyst surface). Representative organic oxidations
include dehydrogenation of saturated C—O bonds (alcohol oxidation) and C—C bonds or
dehydrogenative coupling reactions, such as C—H oxidative coupling methods. Even atom-transfer
oxidations, such as alkene epoxidation or sulfide oxidation (not shown), may be represented as
dehydrogenative coupling of the alkene or sulfide with water. The unfavorable thermodynamics
of such dehydrogenative couplings (elaborated below), however, accounts for the use of reactive

atom-transfer reagents to achieve such reactions.
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Figure 1. Redox potentials measured for organic compounds at an electrode reflect electron-
transfer thermodynamics and kinetics, not (de)hydrogenative reactions. (A) A large fraction of
organic redox reactions involve transfer of hydrogen (2 ¢ /2 H") to or from an organic molecule.
(B) Redox potentials for most organic redox couples are irreversible and represent the potential
required to generate a radical ion via single electron transfer. (C) Redox potentials for single



electron transfer redox reactions of organic molecules measured at an electrode span over 5 V.
Potential scale adapted from ref. 20 using Fc™ as the reference potential. (D) Conversion
potentials for non-aqueous reference electrodes.!

The different presentation of redox reactions in general/inorganic and organic chemistry
courses has a parallel in organic redox reactions, where the reactions commonly encountered when
performing electrochemistry correspond to SET reactions, while the net redox reactions used in
organic synthesis correspond to two-(or other even-)electron processes. SET in organic chemistry
typically occurs as a fundamental step within a multi-step reaction sequence. These reactions have
come to the forefront of contemporary organic chemistry as a result of research efforts on

16-18 and non-precious metal catalysis,!® in addition to

photochemistry and photoredox reactions
electrochemistry. These activities have contributed to growing use of cyclic voltammetry (CV)
and related techniques to measure redox potentials of organic molecules.?

Determination of redox potentials of organic molecules by CV is not always straightforward.
Organic molecules seldom exhibit the canonical "duck-shaped" voltammograms associated with
"reversible" electrochemical reactions.?!?? A rare exception is the one-electron TEMPO/TEMPO*
redox couple (TEMPO = 2,2,6,6-tetramethylpiperidine-1-oxyl) (Figure 1B-i), which exhibits good

1.2 For

electrochemical behavior because of the unusual stability of the open-shell TEMPO radica
a reversible couple of this type, the potential is designated as the midpoint between the forward
and reverse peaks observed by CV. Most organic molecules lead to "irreversible" cyclic
voltammograms (CVs; both cyclic voltammetry and cyclic voltammogram are abbreviated "CV",
with the meaning evident from the context). Such CVs exhibit an oxidation (or reduction) peak
when the electrode is scanned to positive (or negative) potentials, but no peak is evident when the

potential is cycled in the reverse direction. This behavior is evident for the piperidine carbamate

in Figure 1B-ii. The current (or peak height) observed for the oxidation of the piperidine carbamate



is approximately two-fold higher than that observed with TEMPO at the same concentration. This
difference is rationalized by net transfer of two electrons from the piperidine carbamate at the
redox potential needed to initiate SET.?* Specifically, the initial SET step is followed by rapid loss
of a proton and a second electron, resulting in formation of an iminium ion. This product can react
with a nucleophile, resulting in C—H functionalization adjacent to the nitrogen atom. This reactivity
is the basis for the Shono oxidation, which is one of the most well-established methods in organic
electrosynthesis.?> This behavior also rationalizes the irreversible CV behavior: when the potential
is scanned in the reverse direction, the radical cation has already reacted via loss of a proton and
second electron, and it is no longer available to undergo electrochemical reduction at the identical
potential.

In spite of the added complexity, irreversible CVs may be used to approximate the one-electron
redox potential of organic molecules. A collection of electrochemical potentials of common
organic molecules, adapted from a recent compilation by Nicewicz and coworkers, is depicted in
Figure 1C. Several caveats should be considered when evaluating the quantitative values of redox
potentials for organic molecules determined by CV. Different researchers report values differently,
with several variations. The potential reported for a particular CV peak may be associated with the
value at peak current, at half of the peak current?® or at 85% of the peak current.?® These differences
can lead to modest variations in the reported potentials (ca. 50-100 mV). Even larger differences
in reported potentials (>100 mV) can arise from electrochemical kinetic effects resulting the use
of different electrode materials, solvents, or electrolytes; or from the coupling of SET to chemical
step(s).2’-*? Finally, all redox potentials must be reported relative to a reference potential, akin to
reference NMR chemical shifts. The literature has not converged on a unified reference in spite of

IUPAC recommendations to use ferrocenium/ferrocene (Fc¢™) in non-aqueous solvent,?' and



many researchers report redox potentials relative to an experimental reference electrode, such as
Ag/Ag" or an aqueous reference electrode, such as the saturated calomel electrode (SCE). These
variations can lead to reported redox potential values that differ by nearly 400 mV. A table
comparing the relative potentials of different reference electrodes is available in the literature, with
common values summarized in Figure 1D.!°> The potential values shown in Figure 1C, presented

versus Fc™0

, are adapted from the original presentation, presented versus SCE. As a note of caution,
any values of non-aqueous redox potentials reported versus the aqueous standard or normal
hydrogen electrode as a reference (SHE and NHE, respectively) should be viewed with strong
skepticism and avoided. To elaborate, the hydrogen electrode is based on the reversible redox
reaction between H, and 1 M [H*] (NHE) or at au+= 1 (SHE) at a Pt electrode in aqueous solution

and is not straightforward to translate into a potential versus Fc*°

potential in non-aqueous solvent.
The H'/H; electrode potential is very sensitive to reaction conditions due to the proton-coupled
nature of the redox reaction, and redox potentials for organic molecules are typically measured in
non-aqueous solvent. The lack of aqueous conditions, much less the lack of 1 M strong acid, means
that potentials reported in organic solvents "versus NHE" (or "SHE") are essentially
uninterpretable.

In light of the indicated complexities, it would be helpful if future publications that report
potentials for organic molecules, catalysts (chemical, electrochemical, photoredox, and others),
and reagents in non-aqueous solvent would adhere to the [IUPAC-recommended use of Fc¢™ as a
reference potential and, ideally, would record a value in acetonitrile, since this is among the most
common solvents for organic electrochemistry.*? Carbon-based electrodes, such as glassy carbon

(GC), tend to minimize kinetic contributions to redox potentials.’* Thus, recommended conditions

for CV measurements include the following: GC working electrode, Pt wire counter electrode,



MeCN, 0.1 M TBAPF6 electrolyte, and a scan rate of 100 mV/s. A separate measurement of the
Fc™° potential under the same conditions relative to the reference electrode (e.g., Ag/Ag’, SCE)

will allow reporting of potentials "vs. F¢™0".

2. Redox Potentials in Organic Chemistry: Synthetic Two-Electron Redox Reactions.
Redox potentials associated with synthetic redox reactions, such as the

hydrogenation/dehydrogenation reactions in Figure 1A, are rarely accessible by CV and are

seldom considered in organic chemistry.*®> The importance of such potentials is well recognized in

the field of energy conversion,*¢-3°

where energy efficiency and overpotentials of electrochemical
reactions are crucial figures of merit, and we have discussed elsewhere why such values are also
important for organic electrosynthesis. *° Thermodynamic potentials may be obtained from
standard enthalpy and entropy data, such as those compiled by the US National Institute of
Standards and Technology (NIST),*!' followed by conversion of the corresponding free energies
(AG®) and then standard potentials (AE°) using eq 1 (Figure 2A).*>**> The source data typically
corresponds to pure compounds and, therefore, doesn't account for energy of solvation, but the
resulting analysis still provides useful approximations for chemical reactions of interest.

AE?® values for a collection of oxidation reactions of interest to organic chemists are compiled
in Figure 2B, with the NIST thermodynamic data and calculations used to obtain the AE° values
provided in the Supporting Information. Use of SHE as the reference potential reflects the
standard-state conditions used for the calculations and the proton-coupled nature of these reactions
(including SHE), which contrasts the SET redox reactions discussed in the previous section.

The oxidation reactions in Figure 2B correspond to dehydrogenations that feature loss of 2 e

and 2 H* (= H,). The potential values in nearly all cases reflect reactions that are unfavorable with

respect to loss of Hz. It is worth noting that voltage corresponds to "electromotive force",



highlighting that it is perhaps more appropriate to refer to potentials, rather than free energies,
when defining a "driving force" of a reaction (vide infra). This outcome is not surprising because
most oxidation/dehydrogenation reactions in organic chemistry, such as those shown in Figure 2B,
use an oxidant to promote the removal of H».*® Redox potentials derived for synthetically useful
chemical oxidants, compiled in Figure 2C and plotted in Figure 2D with the organic reaction
potentials, show that oxidants often provide a large driving force (i.e., "overpotential", vide infra)
to promote the reactions. The standard potentials for organic oxidation reactions are clustered
within a relatively small region between approximately 0 — 0.4 V vs SHE. This narrow distribution
contrasts the > 2 V range of redox potentials for one-electron oxidation of organic molecules,
shown in Figure 1C. To the extent that the same potentials apply to synthetic reduction reactions
(e.g., carbonyl reduction to alcohols, alkene hydrogenation), the values in Figure 2B and 2D may
be contrasted to the entire > 5 V range of one-electron redox reactions depicted in Figure 1C.
The dramatic difference between the potential ranges for reactions in Figures 1C and 2B/D
arises from the different nature of the reactions involved. SET oxidations of an organic molecule

generate high-energy radical cation species that will be very sensitive the stabilizing/destabilizing



(A) From free energy to potential (B) Organic reaction redox potentials -AE° (V vs SHE)
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+ +2e =—= .

: © 2 r. benzene + NH; === aniline + 2 H* +2 & 0.21
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(D) Potentials for organic oxidations and oxidants
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Figure 2. Standard potentials for organic redox reactions can be derived from the free energy of
the reaction. (A) Representative standard potential calculation for the benzyl alcohol/benzaldehyde
redox couple (+0.14 V vs SHE). (B) Tabulated standard potentials for selected oxidation reactions
of interest to organic chemists and potentials for synthetically relevant oxidants. See the
Supporting Information for derivation of these values. (C) Standard potentials for oxidants of
interest to organic chemists. (D) Potential scale comparing the potentials for select organic
oxidation reactions and oxidants. “Potential vs NHE. TBHP = tert-Butyl hydroperoxide; TEMPO*
= 2,2,6,6-tetramethyl-1-oxopiperidinium; TEMPOH," = 2,2,6,6-tetramethyl-1-hydroxyl
piperidinium; DDQ = 2,3-dichloro-5,6-dicyano-1,4-benzoquinone; DDH>Q = 2,3-dichloro-5,6-
dicyano-1,4-hydroquinone; BQ = 1,4-benzoquionone; H>Q = 1,4-hydroquinone.

effect of substituents and/or electronic effects. In contrast, the dehydrogenation reactions are

charge balanced and form neutral, closed-shell products that will be much less sensitive to
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substituents and/or electronic effects. The absolute values of the 1 ¢ and 2 ¢ /2 H' redox potentials
are difficult to compare directly as discussed in the previous section, but most 2 e /2 H* organic
redox reactions have thermodynamic potentials that fall within a narrow window between the 1 e~
reduction and 1 e oxidation potentials for organic molecules.*’3

A Note on Sign Convention. A common source of confusion arises from redox potential sign
conventions in electrochemistry, as there are two historical approaches.*>->* The first maintains the
relationship between AG° and AE® according to eq 1, and the sign of the potential changes when
a reduction reaction is written as an oxidation (as for the oxidation reactions in Figure 2B). Doing
so ensures that the sign of AG® is correct for an oxidation reaction balanced by proton reduction
to afford H (i.e., with SHE = 0.0 V as the reference potential). The other approach recognizes that
both oxidation and reduction take place at the same electrode potential, irrespective of the direction
of the redox reaction, and therefore the potential sign does not change when the reaction direction
is changed. Both approaches have merit, but the latter is often more appropriate and less confusing
in practical applications of organic electrochemistry. Accordingly, the sign of the potential is

identical, whether the reaction is assigned a "reduction potential", "oxidation potential", or "redox

potential."

3. Comparison of Redox Potentials and Free Energies

The reactions compiled in Figure 2B are only representative examples, but they show that
virtually any redox reaction in organic chemistry may be represented as an electrochemical half-
reaction that may be assigned a standard potential (AE°). Atom-transfer oxidation reactions, such
as epoxidation, typically use strong oxygen-atom donors in synthetic applications, but the
thermodynamics for these reactions may be analyzed by considering the "dehydrogenative"

coupling reactions with water (see reactions f—j, I-o, and q in Figure 2B). The high standard
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potential for "dehydrogenative" coupling of propene and water to afford the propylene oxide (AE®
=0.76 V, Figure 2B-j), rationalizes the need for a reactive oxidant, such as fBuOOH (AE° = 1.7
V, Figure 2C-3). Propene epoxidation may be compared to the oxidation of methane to carbon
dioxide (Fig. 3A). The latter reaction is typically considered a facile reaction, owing to the
combustion of natural gas for energy production; however, combustion uses O as an oxidant to
make the reaction favorable. As an electrochemical half-reaction, "dehydrogenative" coupling of
methane and two water molecules is unfavorable (i.e., when forming Hy as the product, rather than
H>O from combustion), albeit with a substantially lower standard potential than alkene epoxidation

(AE°=0.17 V, Figure 2B-n).

(A) Proplyene Epoxidation vs. Methane Oxidation (B) O, and H,0, Reduction
AG® -AE® AG® -AE®
o (kcal mol™")  (V vs. SHE) (kcal mol™") (V vs. SHE)
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Figure 3. Potential and free energy diagrams for redox reactions involving different numbers of
electrons, including 2e/2H" alkene epoxidation vs 8¢ /8H" methane oxidation (A) and stepwise
2¢/2H" vs net 4e /4H" reduction of O, (B). The diagrams in (B) show that free energy values are
additive while potentials are not.

The nearly 600 mV difference in standard potentials for propene and methane oxidation is

obscured when the free energies for these reactions are evaluated, as the AG°xn values are very
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similar: 34.9 kcal mol! and 31.4 kcal mol’!, respectively, for oxidation of propene to propylene
oxide and methane to carbon dioxide. This apparent discrepancy arises from the different number
of electrons involved in the two reactions (2 e versus 8 €), as is evident from the relationship
between AE° and AG° in eq 1. The four-fold increase in the number of electrons involved in
methane oxidation makes this "easy" reaction nearly as unfavorable as propene oxidation from the
perspective of free energy. Organic chemists commonly assess reaction driving force from the
perspective of free energy. Therefore, the transition to considering redox potentials can lead to
confusion if the electron stoichiometry is ignored.

The relationship between redox potentials and free energies is further illustrated by redox
reactions involving O,. Hydrogen peroxide is obtained from the 2¢ /2H" reduction of Oz, and yet
H>0, is a stronger oxidant than Oz: AE°(H20./H20) = 1.78 V, AE°(O2/H207) = 0.68 V and
AE°(02/H20) =1.23 V (Figure 3B). These values can represent a source of confusion, for example,
expressed as "How can a four-electron oxidant be a weaker oxidant than a two-electron oxidant?"
Once again the confusion is (partly) resolved by recognizing the importance of redox stoichiometry.
From a free energy perspective, 4e /4H" reduction of O, to water exhibits a AG°xn of —113.4
kcal/mol, while the 2e/2H" reduction of H2O: to water exhibits a AG°xn of —82.1 kcal/mol. The
potential and energy diagrams in Figure 3B show that AG° values are additive in sequential redox
processes, while the potential values do not follow systematic trends. Rather, the potential for 4e~
/4H" reduction of Os to water (1.23 V) is the average potential for the four electrons [(0.68 V*2)
+(1.78%2))/4 = 1.23 V].

Notes on Units. Volt is an SI unit that corresponds to the energy per unit of charge, or joules
per coulomb (J/C). Meanwhile, an "electron volt" is an energy term that is defined as the energy

in joules gained by an electron when the potential of the electron increases by one volt (1 eV =
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1.602 x 107 J). A mole of electrons has a charge of 1.602 x 10~ C. Conversion of this charge to
a molar quantity yields a value of 96485 C mol !, which is the Faraday constant F noted in eq 1.

Further manipulation of units provides that basis for common benchmarks for the energy involved
in a 1 ¢ transfer reaction: SET reactions with a AE of 1 V corresponds to 96.5 kJ/mol or 23.06

kcal/mol of driving force.

4. Reaction Equilibria, Driving Force, and Overpotential
The relationships among free energy, redox potentials, and equilibrium constants are taught in
introductory chemistry courses and are summarized in eqs 1-5. Many organic chemists memorize
the benchmark value in eq 3 that correlates a 10-fold difference in the reaction quotient, Q (i.e.,
ratio of product and starting material) with a 1.36 kcal/mol difference in the reaction free energy.
(The same value of 1.36 kcal/mol correlates AG* and a 10-fold difference in rate constants.) The
Nernst equation in eq 5 shows that a similar relationship exists for redox potentials, whereby a 10-
fold difference in Q correlates with a 59 mV/n difference in redox potential. The relationships
among free energy, redox potentials, and equilibrium constants are clearly evident in the pH
titration curve for a Brensted acid, governed by the Henderson-Hasselbalch equation (eq 6), and
in the potential dependence of a redox equilibrium, such as TEMPO/TEMPO" (Figure 4).%!
AG°= —RT In Keq (2)
AG = AG°+RTIn Q
= AG°+(2.303 RT) logio O
= AG°+(5.71 kJ/mol) logio O

= AG°+ (1.36 kcal/mol) logio ([Prod]/[S.M.]) 3)

AE° = (RT/nF) In Keq 4)
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Nernst Equation:
AE =AE°—(RT/nF)In Q
= AE°—(2.303 RT/nF) logio Q

= AE°— (59 mV/n) logio ([Red]/[Ox]) (5)

Henderson—Hasselbalch Equation

pH =pK. +logio ([A]/[HA]) (6)

Free Energy, pH, pK,, Redox Potentials, and Equilibria

7 i @ 7(}
)J\OH = )J\g N e == /o
po

o)

PH = pKa + logso[AVIHAD AE = AE® - (RT/nF) In([T}/[T+])
For [AcO)/[AcOH] = 10 for [T)Y[T+] = 10

AG = AG® + 2.3 RT logyo(10) AE= AE° - (2.3 RT/NF) log;o(10)

AE = AE°-59 mV/n
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Figure 4. Similarities between the dependence of free energy and redox potential on chemical
equilibria, highlighting the benchmark values of 1.36 kcal mol™! and 59 mV/n associated with the
change in free energy and redox potential for a ten-fold change in the reaction quotient, with plots
highlighting similarities between pH titrations of a weak acid and potential-dependent speciation
of a redox couple.

These thermodynamic relationships may be considered further to probe the relationship
between chemical and electrochemical redox reactions. The equilibrium potential for a redox
reaction defines the potential at which an ergoneutral equilibrium exists between the oxidized and

reduced states of a redox couple (AG = 0; under standard state conditions, this potential

corresponds to the standard potential, £°). To drive an electrochemical reaction to completion (i.e.,
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>99% conversion), one simply needs to apply an "overpotential" at the electrode suitable to adjust
the equilibrium state. For a 2e™ reaction, a potential of 59 mV would be required to achieve a
[product]:[starting material] ratio of 100:1 (cf. Figure 4 and eq 5, with n =2 and Q = 100).
Similar concepts are applied in chemical redox reactions. In order to promote oxidation of an
organic molecule, an oxidant is used that has a reduction potential suitable to promote the desired
substrate oxidation. This concept is explored in Figure 5A, using alcohol oxidation as an example.
The oxidation of benzyl alcohol has a standard potential of 0.14 V vs SHE, which corresponds to
a AG° of +6.6 kcal mol! for release of H,. Oppenauer alcohol oxidation methods employ a
catalytic Lewis acid with a ketone, such as acetone, to promote equilibrium hydrogen transfer.>
The standard potential for acetone/iPrOH is actually lower than for benzyl alcohol (AE° =0.12 V).
Therefore, if only 1 equiv of acetone is used, the reaction will be unfavorable by 1.1 kcal mol,
and the yield of benzaldehyde will maximize at 28%. By using > 100 equiv of acetone, however,
one can achieve >99% conversion of benzyl alcohol to benzaldehyde (Figure 5A-ii and iv). The
near-ergoneutrality of Oppenauer oxidations often complicates these reactions. Many alcohols are
more difficult to oxidize than benzyl alcohol, and it is preferable to uses a stronger oxidant.
Oxoammonium species, such as TEMPO* (TEMPO = 2,2,6,6-tetramethylpiperidine-N-oxyl), are
commonly used oxidants for these reactions®* owing to their high 2e /2H" reduction potential (0.91
V), which supplies a 0.77 V driving force or "overpotential" for the oxidation of benzyl alcohol
(Figure 5A-iii and vi). This analysis shows how electrochemical terminology and principles may

be used to analyze chemical redox reactions.
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(A) Overpotential in Chemical Redox Reactions
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Figure 5. Analysis of overpotential in organic (electro)synthesis. (A) Overpotential for alcohol
oxidation reactions. (B) Overpotential in an electrochemical Shono-type oxidation reaction and
the role of mediators in lowering the overpotential.

In electrochemical synthesis, the "overpotential" corresponds to the difference between the

applied potential at the working electrode and equilibrium potential of the net redox reaction.*’
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Because one-electron oxidation (or reduction) of organic molecules to generate radical cations (or
anions) inevitably requires an applied potential much higher (or lower) than the thermodynamic
potential of the net reaction (see sections 1 and 2 above), direct electrolysis reactions inevitably
exhibit large overpotentials. This high applied potential often limits the functional-group
compatibility and the utility of electrochemical synthesis.

Mediated electrochemistry offers a strategy to bypass these high overpotentials because the
mediators often promote mechanisms that bypass high-energy radical-ion intermediates.**->* This
topic was elaborated more extensively in a recent Account on this topic,* but the principles are
illustrated in Figure 5B. Shono oxidation of a piperidine carbamate bearing an electron-rich
aromatic ring affords no desired product because the arene undergoes SET oxidation at potentials
lower than that of the carbamate functional group (Figure 5B-i and i7). On the other hand, an
oxoammonium-based mediator promotes hydride transfer from the substrate, rather than SET. This
mechanism accesses the same iminium ion generated via stepwise ET-PT-ET, while allowing the
reaction to proceed at an electrode potential over 1.7 V lower than the potential needed to initiate
SET in the conventional Shono oxidation.>> The lower overpotential associated with the mediated
process greatly enhances the functional group compatibility and scope of the electrosynthetic
reaction. The development of new mediators and homogeneous electrocatalysts that lower the
overpotential for electrosynthetic reactions is among the most promising opportunities for the field
of organic electrochemistry.

A note on sources of overpotential. Additional sources of overpotential merit brief discussion.
Slow electron-transfer kinetics between an analyte and electrode can lead to increased separation
between the anodic and catalytic peak potentials recorded by CV.%¢ The electrode material can

influence the (over)potential required to drive redox events®’>° because the chemical surface of an

18



electrode can alter the mechanism by which electron transfer proceeds. Intimate, stabilizing
interactions between an analyte and the electrode surface can reduce the overpotential required to
achieve electron transfer, whereas the potential required to achieve the same electron transfer step
through an outer-sphere pathway is invariably greater. These effects are especially evident in the
field of heterogeneous electrocatalysis. For example, the electrochemical reduction of H" to Ha
proceeds at a low overpotential on a catalytic Pt electrode. This feature is ideal for electrochemical
oxidations coupled to H* reduction to Ha. On the other hand, electrode materials that exhibit a high
overpotential for H" reduction to Hz, such as Cd and Pb,>” are used for electrochemical reductions

of organic molecules in order to avoid H' reduction to Hp.

Conclusion

This Synopsis has surveyed a number of topics and concepts that bridge the fields of organic
synthesis and electrochemistry. Redox reactions are ubiquitous in both domains. Developing an
ability to navigate the different, but complementary, terminology used to describe redox
thermodynamics and processes in these fields should enhance the accessibility of electrochemistry
to organic chemists. The growing adoption of electrochemical methodology, together with
intuitive assimilation of electrochemical concepts and terminology, by organic chemists will

greatly expand the accessibility and practice of electrochemical methods for organic synthesis.
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