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Pekka Peljo,*,† Micheaĺ D. Scanlon,‡ Astrid J. Olaya,† Lucie Rivier,† Evgeny Smirnov,†

and Hubert H. Girault*,†
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ABSTRACT: Redox electrocatalysis (catalysis of electron-transfer reactions by floating
conductive particles) is discussed from the point-of-view of Fermi level equilibration, and
an overall theoretical framework is given. Examples of redox electrocatalysis in solution, in
bipolar configuration, and at liquid−liquid interfaces are provided, highlighting that bipolar
and liquid−liquid interfacial systems allow the study of the electrocatalytic properties of
particles without effects from the support, but only liquid−liquid interfaces allow
measurement of the electrocatalytic current directly. Additionally, photoinduced redox
electrocatalysis will be of interest, for example, to achieve water splitting.

Electrocatalysis plays a major role in the development of
electrochemical energy storage systems, electrolyzers for

hydrogen production, fuel cells, and so forth.1−4 The key
reactions in such systems, such as hydrogen evolution, oxygen
reduction, and water oxidation, are multielectron inner-sphere
charge-transfer reactions where metal−molecule interactions
are crucial. At the laboratory level, it is relatively easy to prepare
well-defined surfaces, for example, Pt(111), to gather
structure−reactivity relationships, but this information is
difficult to apply to industrial electrodes.5−7 With the rapid
development of controlled preparation techniques of metallic
nanoparticles (NPs) over the last couple of decades, electro-
catalysis often takes place on carbon-supported NPs.5 In this
case, the activity can be strongly influenced by interactions with
the catalyst support.1,2,4

Recently, we have extensively studied charge-transfer
reactions on metallic NPs from the point-of-view of Fermi
level equilibration.8−12 We believe that the concept of Fermi
level equilibration between redox species and NPs in solution is
key to understand charge-transfer kinetics and thermodynamics
of redox electrocatalysis. Therefore, the purpose of this
Perspective is to approach charge-transfer events catalyzed by

conductive particles, with a primary focus on floating particles.
First, a short introduction covering the key definitions and
notations will be given, followed by examples of different
applications. For a more detailed description, the reader is
encouraged to consult refs 8 and 9.
In brief, the Fermi level of an electron in a redox couple in

solution EF
S is the electrochemical potential of an electron in

that redox couple. This is the work to bring an electron from
vacuum (taken as zero energy) onto the redox couple in the
solution (negative energy). By definition, this is the energy level
where the probability of finding an electron is exactly 1/2. The
principle is the same as that for the Fermi level of an electron in
metals or semiconductors. In the case of metals, if the metal is
uncharged, the electrochemical potential is equal in magnitude
to the work function, which is the work to remove an electron
from a metal bearing no excess charge into the vacuum. The
electrochemical potential of the electron in solution can be
defined with the aid of a virtual redox reaction between the
redox couple (ox/red) in the solution S: oxS + e−,S ⇌ redS.
Hence, the electrochemical potential of an electron in the
solution can be defined as the difference between the
electrochemical potentials of the oxidized and reduced species:
μ̃e−
S = μ̃red

S − μ̃ox
S .

It should be noted that the Fermi level of an electron in a
redox couple in a solution does not correspond to any
molecular orbital. In solution, the energy of an electron in
reduced and oxidized states of the redox couple fluctuates due
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to changes in the solvation. Generally, this fluctuation is
described by a Gaussian distribution with the width depending
on the solvent reorganization energy from Marcus theory. The
energy distributions around an average value are due to
temporal fluctuations due to changes in solvation, and they do
not represent band levels like in a solid.13 For further discussion
about the concept of the Fermi level of electron in solution, see,
for example, the review of Reiss.14

On the other hand, by analogy with the Nernst equation, the
standard redox potential of the redox reaction with an electron
at rest in vacuum oxS + e−,V ⇌ redS is simply e[Eox/red

⊖ ]AVS
S =

−ΔGred
⊖ = μox

⊖,S − μred
⊖,S, where AVS refers to the absolute

vacuum scale ([ESHE
⊖ ]AVS

aq = 4.44 V) and the superscript ⊖ refers
to the standard state. Finally, the Fermi level of the electron in
solution can be defined as EF,ox/red

S = −e[Eox/red]AVS
S − eϕS = μ̃e−

S ,
where ϕS = ψS + χSis the Galvani potential of the phase S,
composed of the inner potential χS and outer potential ψS.9 If
there is no surface charge, the outer potential of the phase is ψS

= 0, and the electrochemical potential μ̃ is equal to the real
chemical potential α, μ̃e−

S = μe−
S − eϕS = μe−

S − e(χS + ψS) = αe−
S −

eψS. The real chemical potential of an electron is the work to
bring the electron into an uncharged phase, and it is the
negative of the work function of the phase, αe− = −Φ. If there is
more than one redox species in solution, their Fermi levels are
all equal at equilibrium.
Electrocatalysis is a process where rates of electron-transfer

reactions are increased by the electrode material itself or by
deposition of the catalyst on the surface (heterogeneous
catalysis) or addition of the catalyst into the solution (so-called
“homogeneous catalysis” or redox catalysis). Most commonly,
catalyst particles are deposited on the electrode surface to
obtain NP-modified electrodes. Now, the key aspect of these
electrodes is that the Fermi level of the metal NP EF

NP

equilibrates with the Fermi level of the electrode, controlled
by an external power source, as shown in Figure 1a.
Redox catalysis can be defined as homogeneous catalysis of

electron-transfer reactions between two species in solution; this
process can be also considered as Fermi level equilibration
between electrons in the two redox couples.8 Most enzymes
actually function as redox catalysts by catalyzing the electron
transfer, for example, between glucose and oxygen (Figure 1b).
Of course, the situation is more complex than described above,
involving many different steps, but Figure 1b shows the
simplified process. Additionally, enzymes can be immobilized
on electrode surfaces to undergo direct or mediated electron
transfer with the electrode in bioelectrocatalysis.15 Bioelec-
trocatalysis can be considered as a subdiscipline of electro-
catalysis, both fields sharing many similarities, as highlighted in
a recent review.15

In this Perspective, we mainly focus on redox electrocatalysis,
that is, the catalysis of electron transfer reactions between two
species in solution by conductive catalyst particles, as described
in Figure 1c. For simplicity, we limit the discussion only to

conductive particles. However, the principles in this Perspective
apply also for semiconductor nanocrystals and quantum dots,
where the zone structure and size-dependent band energy need
to be taken into account. These systems have been discussed in
detail elsewhere.16−18

Let us first discuss the concept of Fermi level equilibration of
a metallic NP when more than one redox couple is present in
the surrounding solution, imposing conditions that none of the
redox couples are in excess dominating the redox potential in
solution and the metallic NP itself is completely chemically
inert. Specifically, we consider the scenario when a metallic NP
acts as an electron mediator, essentially shuttling electrons from
a donor redox couple ox1/red1 to a second acceptor redox
couple ox2/red2 via the metallic NP. Note that the system is not
in equilibrium due to the kinetic limitations of the direct
homogeneous electron transfer. The NP catalyzes electron
transfer, and the EF

NP will be controlled by the rates of the two
redox reactions.9 When equilibrium has finally been reached,
there are no concentration gradients and the EF

NP is determined
by the equilibrium potential of reaction 1.

+ ⎯ →⎯⎯⎯⎯⎯⎯⎯⎯⎯ +red ox ox red1 2
metallic NP

1 2 (1)

A typical example would be the thermodynamically feasible
but kinetically sluggish reaction between V2+ ions and protons
in acid solution.19−21 Indeed, acidic V2+ solution generally
employed in vanadium redox flow batteries is stable for months
and years even though thermodynamically it should be oxidized
to evolve hydrogen. The standard redox potential for the V2+/
V3+ redox couple is equal to −0.255 V (vs SHE), being more

We believe that the concept of
Fermi level equilibration between
redox species and NPs in solution
is key to understand charge-

transfer kinetics and thermody-
namics of redox electrocatalysis.

Figure 1. (a) Energy diagram for electrocatalysis (or bioelectrocatal-
ysis if the catalyst is an enzyme and so forth. (b) Redox catalysis of
glucose oxidation by oxygen with a glucose oxidase enzyme
(simplification). (c) Redox electrocatalysis of electron transfer through
a conductive floating electrocatalyst particle.
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negative than that for H+/H2 equal to 0.0 V (vs SHE) at pH 0.
Hence, under anaerobic conditions, this reaction should be
spontaneous.19−21 The Galvani potential in aqueous phase can
be assumed constant; therefore, the Fermi level difference is
equal to the Nernst potential difference. However, the
equilibration is very slow due to the slow kinetics of the H2
evolution reaction (HER) in the absence of a catalyst. Addition
of catalytic NPs enables oxidation of V2+ and H2 evolution,
equilibrating the Fermi levels of the electron in solution for the
redox couples and that of the electron on the metallic
particles.19−21

The position of the EF
NP in the catalyst particle depends on

the rates of the electron-transfer reactions on the catalyst
surface.9 This is illustrated qualitatively in Figure 2. When both
reactions require a similar driving force, the EF

NP will reach a
quasi-steady state in the middle of the Fermi levels of electrons
in the two reacting species. If the exchange current density i0 for
one of the reactions is significantly higher than the other, the
slower reaction requires more overpotential and the quasi-

steady state EF
NP will equilibrate close to the Fermi level of the

faster redox couple, as shown in Figure 2b,c. The situation can
be illustrated considering Butler−Volmer kinetics for both
oxidation and reduction. For simplicity, backward reactions are
neglected (i.e., overpotentials for both reactions are large
enough that backward components are negligible) Taking all of
these points into consideration, the equilibrium condition can
be expressed as

= * = −

= − *

β η

β η−

I A i c c I

A i c c

( / )e

( / )e

n f

n f

ox ox 0,ox red
S

red red

ox 0,red ox
S

ox
( 1)

1 1
ox ox ox

2 2
red red red (2)

where subscript ox refers to the oxidation reaction of red1 to
ox1, subscript red to the reduction reaction of ox2 to red2,
superscript S refers to the surface concentration and * to the
bulk value, I is the current, A is the area available for the
reaction, n is the number of electrons (for simplicity considered
as 1), i0 = nFk0(cox*)

β(cred* )1−β is the exchange current density, f =
F/RT, β is the charge-transfer coefficient (here symbol β,
generally estimated as 0.5, is used instead of typical α to avoid
confusion with the real chemical potential), and η = E − Eeq is
the overpotential, that is, the driving force for the electron-
transfer reaction between the NP and the redox couple
expressed in volts. Equaiton 2 can be written also in terms of
Femi levels, as demonstrated in ref 9. In this case, the driving
force is the difference of the Fermi levels of the NP and the
redox couple in solution, expressed in eVs. For simplicity, if the
concentration polarization is ignored (cS ≈ c*), the potential of
the NP can be expressed as

=
+

+
⎛
⎝
⎜⎜

⎞
⎠
⎟⎟E

E E RT
F

A i

A i

( )

2
lneq,ox eq,red red 0,red

ox 0,ox (3)

or in terms of Fermi levels, if the Galvani potentials are
neglected

=
+

−
⎛
⎝
⎜⎜

⎞
⎠
⎟⎟E

E E
kT

A i

A i

( )

2
lnF

NP F,ox /red F,ox /red red 0,red

ox 0,ox

1 1 2 2

(4)

This equation shows that when the areas available for both
reactions are the same, if i0,red ≈ i0,ox, the Fermi level of the NP
will be the average of the two redox couples (Figure 2a). If i0,red
≫ i0,ox, the Fermi level of the NP will equilibrate close to the
Fermi level of the EF,ox2/red2, as illustrated in Figure 2c, and if
i0,red ≪ i0,ox, the Fermi level of the NP will equilibrate close to
the Fermi level of the EF,ox1/red1, as in Figure 2b. The Fermi level

of the NP is of course limited between the EF,ox1/red1 and

EF,ox2/red2.
The energy diagram of the reaction path is illustrated in

Figure 2d. Now there exists a middle state where electron
transfer between one couple and the NP has occurred. Figure
2d illustrates the cases where electron transfer from red1 to the
NP takes place first. However, the opposite order, that is,
electron transfer from NP to ox2 followed by electron transfer
to NP from red1, can in some cases be more likely, especially if
this reaction is easier.
Theoretical treatment of redox electrocatalysis in a single

phase was first proposed by Spiro22 and Bard.23 We have
recently extended the theory to consider also electron-transfer
reactions between redox couples dissolved in immiscible liquid
phases, catalyzed by conductive particles adsorbed at the
liquid−liquid interface.9 This reasoning, where two or more

Figure 2. Fermi level equilibration of a metallic NP with more than
one redox couple present in solution in similar concentrations. The
metallic NP acts as a mediator, shuttling electrons between
electrocatalyzed oxidation and reduction half-reactions during redox
electrocatalysis. The kinetics of the two half-reactions determine the

final position of EF
NP

if neither redox couple is in excess, with three
ideal scenarios depicted when (a) both reduction and oxidation rates
are equal, (b) oxidation is much faster, and (c) the oxidation reaction
is limiting. This scheme is valid under conditions where concentration
polarization at the surface of the metallic NP is negligible and the
metallic NP is chemically inert in solution (i.e., it does not dissolve
when oxidized). (d) Schematic illustration of energy diagrams for the
noncatalyzed reaction and for redox electrocatalysis in cases a, b, and c,
showing the middle state where electron transfer from red1 to the NP
has taken place.
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distinct half-reactions combine to establish a potential with a
net zero external current, a so-called mixed potential, was first
described by Wagner and Traud.24,25 The concept of the mixed
potential has largely been used in corrosion science,26

electrodeless deposition,27 and catalytic systems involving
metal catalysis of solution redox reactions.22,28

Examples of redox electrocatalysis date back to the
pioneering works of the groups of Henglein, Miesel, Graẗzel,
Bard, and others in late 1970s. Their works involved generating
organic and inorganic free radicals in deaerated aqueous
solutions to charge and discharge colloidal metallic NPs
predominantly of Pt,29−33 Ag,28,34−36 and Au.37−39 Free radicals
may be generated radiolytically via exposure of a mixture of 2-
propanol and acetone to γ-irradiation from a 60Co source34 or
with UV light.36 Radicals could also be produced photochemi-
cally via excitation of Ru(bpy)3

2+ in solution with methylviol-
ogen dications (MV2+) as the electron acceptor with a sacrificial
electron donor23,31 or by electrochemical reduction of MV2+.23

The variously generated free radicals diffuse toward the floating
metallic NPs in solution and may transfer multiple electrons or
inject holes and thereby raise or lower EF

NP, respectively. The
resultant negatively or positively charged metallic NPs are
effectively polarized floating “microelectrodes” or “nano-
electrodes”.40,41

Such floating nanoelectrodes are redox electrocatalysts
capable of facilitating redox reactions that would otherwise be
extremely slow or impossible due to kinetically rapid competing
deactivation processes of the free radicals, that is, radical
recombination, disproportionation, or dismutation.34 The bulk
of the initial studies involved charged metallic NPs catalyzing
the HER in the presence of continuously generated free
radicals.23,28−33,36−38 Some other multielectron transfer redox
reactions were also explored that were kinetically competitive
with the HER on Ag NPs, such as the reduction of N2O, NO3

−,
Cd2+, Tl+, and CH2Cl2.

42,43 Negatively polarized metallic NPs
may also be used to reduce the ions of different metals in
solution to produce core−shell bi- or even trimetallic NPs.
Thus far, numerous bimetallic core−shell combinations have
been produced with homogeneous films of cadmium,44 lead
and indium,45 gold,46 and mercury47,48 grown around Ag NP
cores and homogeneous films of tin, thallium, cadmium, and Pb
grown around Au NP cores.49,50 A trimetallic material
consisting of a Au NP core, with a Pb mantle and Cd exterior
has also been prepared using this strategy.51

Clearly, the equilibration position of the EF
NP strongly

depends on the nature of the NP. Au and Ag NPs, for
example, behave as “reservoirs of electrons” due to their
relatively high overpotentials for evolving H2 (the scenario
depicted in Figure 2b).28,29 The rate of electron injection is
diffusion-limited, and thus, Au and Ag NPs are capacitive in
nature due to a strong buildup of stored charge. Indeed, during
continuous free radical generation, Ag NPs build up a stationary
rise in EF

NP of as much as 1 V. Conversely, Pt NPs act as
“reservoirs of adsorbed hydrogen atoms or holes” under
otherwise identical experimental conditions due to their low
overpotential to evolve H2.

29 Therefore, Pt NPs are described
as ohmic in nature, in a sense that hydrogen evolution takes
place as fast as the free radicals are able to inject electrons into
the metal, and EF

NP is pinned to the reduction potential of
protons in the aqueous phase (the scenario depicted in Figure
2c).
Let us now consider floating catalytic rafts, where electro-

catalytic metallic NPs are immobilized on a floating conductive

support, as illustrated in Figure 3. If the oxidation reaction takes
place both on the floating support and on the metallic NP but

the reduction has very slow kinetics on the support, at
equilibrium, the current for both reactions has to be the same.
For example, in the case of the HER catalyzed by Pt NPs on a
carbon support, the support is inactive toward the HER.
Nonetheless, the support can readily accept electrons from a
donor redox couple in solution, as illustrated in Figure 3. Thus,
the electroactive area for the oxidation reaction is the total area
of the support and the metallic NPs, Atot.
Meanwhile, the electroactive area for the reduction reaction

remains only the area of the metallic NPs, ANP. Usually, the area
of the support, AS, is much higher than the area of the metallic
NPs, and hence, Atot ≈ AS. If the exchange current densities for
both the oxidation and reduction reactions are similar, the
overpotential needed to drive the reduction reaction will be
much higher than that for the case of a “freely diffusing”
metallic NP as the active area for oxidation reaction is higher
than the active area for reduction. This can be justified by
writing eq 4 for the floating catalytic raft as follows:

=
+

−
⎛
⎝
⎜⎜

⎞
⎠
⎟⎟E

E E
kT

A i

A i

( )

2
lnF

NP F,ox /red F,ox /red NP 0,red

S 0,ox

1 1 2 2

(5)

In this case, ANPi0,red ≪ ASi0,ox because ANP ≪ AS and EF
NP will

equilibrate close to EF,ox1/red1
S . Now, the floating raft will act as an

electron reservoir, ensuring that the reduction reaction will
have a very high driving force; see Figure 3a. On the other

Figure 3. Fermi level equilibration of a metallic NP immobilized on a
carbon support, graphene in this case, with two redox couples present
in solution. The oxidation of ox1/red1 can occur both on the carbon
support and directly at the surface of the metallic NP. However, the
reduction of ox2/red2 only occurs efficiently at the surface of the
metallic NP. The huge difference in electroactive areas for the two
half-reactions dramatically affects the equilibration position of EF

NP and
the overpotential for the reduction of ox2/red2 during redox catalysis.
Two ideal scenarios are depicted when (a) exchange current densities
for both reactions are similar and (b) exchange current density is
higher for the reduction of ox2/red2. In this case, the available surface
area of the NPs limits the reduction reaction; therefore, the difference
in the required overpotentials is compensated by the difference in the
available surface area for the reaction. This scheme is valid under
conditions where concentration polarization at the surface of the
metallic NP is negligible, neither redox couple is in excess, and the
metallic NP is chemically inert in solution.
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hand, if the exchange current density for the oxidation reaction
is considerably smaller than the for the reduction, this effect can
be compensated by the larger electroactive area of the support
(compare the scenarios in Figures 2c and 3b). For example, if
ANPi0,red ≈ ASi0,ox, the Fermi level of the NP immobilized on a
carbon support will be the average of the two redox couples
(Figure 3b). Finally, if ANPi0,red ≫ ASi0,ox, the Fermi level of the
catalytic raft will equilibrate close to the Fermi level of the
EF,ox2/red2. The Fermi level of the catalytic raft is of course

limited between EF,ox1/red1 and EF,ox2/red2.
Support can have also additional benefits for redox

electrocatalysis. For example, it was observed that MoS2 and
Pt NPs grown on carbon supports52,53 (such as carbon
nanotubes54 or graphene52,53) act as superior electrocatalysts
toward the HER as they provide conductive scaffolds that lead
to (i) a significant decrease in the average NP size during
synthesis, which increases the number of accessible catalyst
edge sites, (ii) an increase of the dispersion of the catalyst,
which again maximizes the availability of exposed surface
catalytic sites, and (iii) rapid electron transfer between the
electron donor and the less conducting MoS2 NPs thanks to
the low-resistance transport of the carbon supports (see Figures
3 and 6e for the mechanism at ITIES).
Of course, when the support is connected to an external

voltage source, as is typical in any electrochemical experiment,
the Fermi level of the whole system is defined by the applied
potential, and hence, this consideration only applies for freely
floating systems or systems adsorbed at the interface between
two immiscible electrolyte solutions (ITIES, discussed vide
infra), which we call floating catalytic rafts.
In real cases, the Fermi level reaches a pseudo-steady-state,

with a concentration polarization affecting the Fermi level as
the reaction proceeds. For example, in the case of the HER
catalyzed by floating carbon-supported Pt NPs in the presence
of a donor redox couple (ox1/red1), EF

NP will depend on the
ratio of exchange current densities, the ratio of electroactive
surface areas (AS and ANP), and also the surface concentrations
of ox1, red1, H

+, and H2. If we assume that AS is much larger
than ANP, then the EF

NP will equilibrate close to the equilibrium
potential of ox1/red1 (Fermi level of the solution, EF,ox1/red1

S ). As
the reaction proceeds, the surface concentration of ox1
increases, and hence, both EF,ox1/red1

S at the surface and EF
NP

will increase. The whole system reaches equilibrium when
EF,ox1/red1
S and EF,ox2/red2

S are equal and all concentration gradients
have disappeared.
Recently, single NP electrochemistry has received a

considerable amount of attention in the literature.55−59 The
NPs can undergo charge transfer with the metal electrodes,
they can be dissolved at the electrode, or the can electrocatalyze
reactions that otherwise are very slow on the electrode
substrate.55−59 The NPs can either stick to the electrode
surface in a perfectly inelastic collision (this approach can be
used to monitor adsorption of insulating particles) or “touch
and go” in an elastic collision.55−59 It is also possible to carry
out electrochemical modification of the NPs either by
electrodeposition or oxide layer formation. All of these
strategies can be employed with nanoscale and microscale
electrodes to obtain the electrochemical response of a single-
NP collision.55−59

In the case of particles sticking to the electrode, the electrode
will impose its Fermi level on the NP as the tunneling of

electrons between the two is generally faster than the redox
reaction at the particle surface, as described in Figure 1a.
However, if the colliding particle does not stick to the
electrode, there can be charge transfer, but not necessarily
enough to equilibrate the Fermi levels. There are still open
questions, the most important one being, does the Fermi level
equilibration reach equilibrium upon contact? There is no need
for physical contact as it is enough for the particle to approach
within the electron tunneling distance of the surface to allow
charge transfer.59 If equilibrium is reached, the particle will start
to discharge by electrochemical reaction with the redox couple
in solution. If the kinetics of this reaction is rather slow, this
process can take some time so that it actually takes place in the
bulk. Therefore, in principle, particles could function as
electron shuttles between the bulk and the electrode. The
diffusion of particles is much slower, but, on the other hand,
particles can carry more charge (i.e., a 100 times slower particle
could carry 100 times more charge compared to a molecular
redox couple); therefore, different behavior can be observed
depending on the particle size, electrode potential, convection,
redox kinetics, and so forth. For example, if the redox kinetics
between the particle and the redox couple are slow, the particle
will be charged at the electrode and it will slowly discharge until
the Fermi level is equilibrated with the redox couple in solution,
as illustrated in Figure 4a. This kind of behavior should be

observable, for example, with some spectroscopic techniques
due to changes in the plasmonic spectra of NPs upon charging
and discharging.60,61 On the other hand, charge transfer events
could also take place by electron hopping between the NPs, as
described in Figure 4b.
In the case of NP dissolution, if the Fermi level of the

electrode is insufficient to achieve complete dissolution of the
particle due to the increased activity of the dissolved metal ion
on the surface of the particle, the particle will initially not
completely dissolve. However, when the particle moves away
from the electrode, the concentration of the metal ion will
slowly relax to the bulk concentration, initiating additional

Figure 4. Two primary ways for Fermi level equilibration between a
NP in solution and a bulk electrode: (a) “touch-and-go” mechanism
for NP impact equilibrating at the electrode followed by slow
discharge in the bulk until the Fermi level is equilibrated with the
redox couple in the solution and (b) redox electrocatalysis by an
electron hopping mechanism.
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dissolution of the particle. Hence, care should be taken when
utilizing impact experiments for NP size distribution character-
ization. However, if the redox potential is sufficiently high, full
dissolution of the particle can be achieved upon impact.62 This
also highlights the importance of the identification of the rate-
limiting step. If the concentration of the reacting redox couple
is low, there can be a significant buildup of Fermi level gradient
(the Fermi level of electrons in solution is directly proportional
to the Nernst potential) in the diffusion layer, and mass
transfer, not electron transfer kinetics, will limit the reaction
rate. We have recently highlighted that the Fermi level of the
NP will also change as the function of the distance from the
electrode due to the changing double layer capacitance of the
NP. The electric double layer of the electrode perturbs the
capacitance of the NP close to the electron surface, and this
effect is more pronounced with small NPs in dilute electrolyte
solutions.63

Bipolar systems are another interesting example of situations
where redox electrocatalysis can take place.64−66 In this case,
conductive particles are suspended in an electrolyte solution
between two electrodes, and the equilibrium situation in the
absence of the electric field is illustrated in Figure 5a. When
current is flowing between the two electrodes, there is a
potential drop in solution due to its ohmic resistance. This
current flow imposes a Galvani potential gradient into the

cell.64−66 As the Fermi level of an electron in solution is directly
dependent on the Galvani potential of the solution, there will
be also a Fermi level gradient, as shown in Figure 5b. At high
enough potential differences (a 10 nm diameter particle would
require a field of 1 MV·cm−1 to generate a potential difference
of 1 V across the particle; in electrochemistry, electric fields are
typically 1−10 V·cm−1, and bipolar electrochemistry of 100 μm
particles requires fields of 10−1000 V·cm−1; lower voltages
would be required for catalytic rafts that are larger) between the
two electrodes, the potential drop in the solution from one end
of the particle to the other (Galvani potential difference within
the electrolyte solution) can become significant enough to start
electrochemical reactions at the surfaces of the particles,
conducting current through them instead of migration in the
electrolyte solution.65 In this case, oxidation takes place at the
end of the particle feeling the higher Galvani potential of the
solution, and reduction takes place at the other end. If the
resistance of a conductor is much smaller than the resistance of
an electrolyte solution, potential drop within the conductor is
quite small compared to the potential drop within the
electrolyte. Hence, the Fermi level of electrons in the conductor
is almost constant, while the Fermi level of electrons in solution
varies considerably along the conductor. Bipolar reactions can
be understood as the conducting particle equilibrating the
Fermi levels of the electrolyte in the two positions, in the
presence of a strong Galvani potential gradient. Figure 5a shows
the particle in equilibrium in the absence of the Galvani
potential gradient.
When the current is turned on (Figure 5b), there is a linear

Galvani potential gradient in the solution between the two
electrodes providing the current. Now, the current passing
through the NP tries to equilibrate the Fermi levels of the two
redox couples at opposite ends of the particle, resulting in a
nonlinear electric field in the solution above the particle.65 The
Fermi levels of the redox couples in the solution are also
perturbed by the change of the ratio of ox/red species in
solution.
Now, it is important to understand that in many cases the

Fermi levels of the two couples need to equilibrate at both ends
of the NP. However, this equilibration usually takes place by
very slightly changing the concentration of one of the couples.
For example, considering a metal particle in acidic solution,
metal dissolves at one end and H2 evolution takes place at the
other end. As initially the amounts of metal ions and H2 in the
solution are very tiny, taking the example of changing the
concentration from 10 to 1 nM requires very little charge in the
end where metal dissolution takes place but shifts the Fermi
level of the metal ion/metal couple ∼60/n mV more negative,
where n is the number of electrons transferred in the
electrodeposition of metal. Nevertheless, if initially there is a
significant amount of the species of both of the redox couples
present in solution, the opposite reactions will take place in
both ends of the particle (i.e., metal deposition at one end and
dissolution at the other end, as illustrated in Figure 5c,d68).
Due to the Fermi level gradient in the solution imposed by the
Galvani potential gradient, it is also possible to have electronic
conduction in the aqueous solution by electron hopping in a
self-exchange reaction of the ox and red in solution.69 However,
this effect becomes significant only with redox species of high
self-exchange reaction rates in concentrated solutions70 (like in
redox polymers71).
Fermi level equilibration and redox electrocatalysis can be

also studied at liquid−liquid interfaces. In contrast to metal

Figure 5. Fermi level equilibration in the external electric field. (a)
Particle in equilibrium with the two redox couples in the absence of an
electric field. (b) Fermi levels of electrons in the two redox couples in
the solution and in the particle immediately after applying an electric
field (simplification not considering the double-layer effects). (c,d)
Examples of copper particle dissolution on the left and deposition on
the right side of the particles under an electric field of 30.3 V·cm−1

after 10 (c) and 29 s (d) of applied potential. Adapted with permission
from Macmillan Publishers Ltd., Nature, ref 67, copyright 1997. (e)
Bipolar water splitting on a 1 mm diameter stainless steel bead,
showing O2 evolution on the right and H2 evolution on the left.
Adapted with permission from Macmillan Publishers Ltd., Nature
Communications, ref 68, copyright 2011.
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electrodes, liquid−liquid interfaces are inherently defect-free
and mechanically flexible and in some cases also self-
healing.72−75 In many cases, two-dimensional ordered films of
molecules,76,77 NPs,78−80 or microparticles81 can be relatively
easily formed at liquid−liquid interfaces.82 Hence, electro-
chemistry at liquid−liquid interfaces has several advantages in
comparison with electrochemical studies on regular electrodes:
(i) studying the electrocatalytic activity of catalysts without the
interference from the support and (ii) changing the Galvani
potential difference between the two phases. The latter actually
enables us to change the difference of the Fermi levels of the
redox couples, that is, we can control the rate and direction of
the electron transfer between two redox species in the different
phases.83 This advantage was illustrated by constructing a
battery with a ∼0.8 V potential difference with the same redox
couples in the positive and negative electrodes.84

Let us consider a reaction at equilibrium between an aqueous
redox couple O1/R1 and the other redox couple O2/R2
dissolved in the organic phase

+ ° ⇌ + °O R R O1
aq

2 1
aq

2 (6)

At equilibrium, the electrochemical potentials are equal, and we
can obtain the expression for the Galvani potential difference

μ μ μ μ̃ + ̃ = ̃ + ̃° °O R R O1
aq

2 1
aq

2 (7)

ϕ μ μ μ μΔ = − − +

= ° −
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E E
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R O R O

O /R SHE O /R SHE
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1
aq

1
aq

2 2

2 2 1 1 (8)

The advantage of applying electrochemistry at liquid−liquid
interfaces for studying NP electrocatalysis is now apparent; for
a typical electrode reaction, there are only two adjustable
parameters, the electrode potential and concentration ratio, but
for electron-transfer reactions at liquid−liquid interfaces, we
have three parameters that we can vary, Δo

wϕ, the ratio of [O2°]/
[R2°], and the ratio of [O1

aq]/[R1
aq].9 When there is no Galvani

potential difference, the redox potentials of redox couples in
each phase will equilibrate so that [EO2/R2

]SHE° = [EO1/R1
]SHE
aq ;

otherwise, [EO2/R2
]SHE° = [EO1/R1

]SHE
aq + Δo

wϕ.9

Now, the Fermi level of the aqueous redox couple can be
changed with respect to the organic redox couple simply by
changing the Galvani potential difference, inducing electron
transfer until the equilibrium is reached. For example, we have
recently demonstrated Au NP-catalyzed reversible electron
transfer between ferrocene and the aqueous [Fe(CN)6]

3−/4−

redox couple9 and irreversible oxygen reduction by decame-
thylferrocene (DMFc).10 Reaction 6 can take place either

heterogeneously or homogeneously (by partition of one
reactant into the other phase and ion transfer of the product
back to the original phase), but this does not change the
thermodynamics of the system.85

The Galvani potential difference can be adjusted both by an
external power supply and with chemical polarization through
introducing a common ion in both phases. In so-called “shake-
flask” experiments, in which two immiscible phases are put in
contact and stirred vigorously, both phases contain a common
ion and the distribution of this ion polarizes the interface to a
fixed value.86 Such chemical polarization along the two phases
induces charge transfer across the interface and turns it into a
platform for multielectron redox reactions like reduction of O2
and evolution of H2.

87−90 Redox catalysis and redox electro-
catalysis at the ITIES has been recently reviewed;91,92 therefore,
only some examples and recent developments will be
considered in this Perspective.
From the point of view of practical applications, oxygen

reduction is one of the most important energy-related reactions
as it is one of the reactions of crucial importance for the
hydrogen economy (oxygen reduction it is the limiting reaction
in fuel cells, and efficient fuel cells are a requirement for the
hydrogen economy), and it is an important reaction in energy
conversion within our body. Due to the biomimetic nature of a
liquid−liquid interface (a cell membrane may be described as
two back-to-back liquid−liquid interfaces), oxygen reduction
has been studied at these conditions by a number of catalysts
and electron donors.87−90 In the absence of any catalyst, the
reaction in the organic phase can be considered as an
electrochemical chemical (EC or following reaction) type
reaction where protons (or hydrated cations93) transfer into the
organic phase in the electrochemical step, followed by
homogeneous chemical reactions in the organic phase to result
in oxygen reduction.94−96 When a molecular catalyst is
employed, the chemical reactions in the organic phase can be
considered to take place by redox catalysis, and apparent rates
of these catalysts have been summarized recently by Su et al.97

However, if the catalyst is a conductive particle,10,98−101 oxygen
reduction takes place via redox electrocatalysis. At the ITIES,
both heterogeneous monophasic (electrochemical reactions
taking place at the particle surface only in either the aqueous or
organic phase) and heterogeneous biphasic (electrochemical
reactions taking place at the particle surface in both the aqueous
and organic phases, as in eq 6 and in Figure 6a) reactions are
possible.
For example, the biphasic reduction of aqueous protons to

H2 gas under anaerobic conditions by the highly lipophilic
electron donor DMFc may be catalyzed by in situ-generated Pt
and Pd NPs,102 as shown photographically and schematically in
Figure 6b,c. Inspired by this study, a series of non-noble, earth-
abundant MoS2-based catalysts was investigated at the ITIES,
highlighting the role of the support in optimizing the catalyst
performance (Figure 6e).52,53 The redox electrocatalytic activity
of WS2 microparticles and CoS NPs adsorbed at ITIES (free or
supported on carbon nanotubes) on the HER with DMFc was
studied by Alsan et al.103,104 Further work highlighting the
importance of the catalyst−support interactions was done by
investigating redox electrocatalytic HER on in situ-generated
Cu NPs at the water−DCE interface by DMFc105 and
extension of the work to study Cu NPs deposited on multiwall
carbon nanotubes.106 Deposition of Cu NPs on multiwall
carbon nanotubes again facilitates electron transfer between the
components as well as avoiding aggregation of the NPs.106

Electrochemistry at liquid−liquid
interfaces has several advantages
in comparison with electrochem-
ical studies on regular electrodes:
(i) studying the electrocatalytic
activity of catalysts without the
interference from the support
and (ii) changing the Galvani

potential difference between the
two phases.
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Additionally, redox electrocatalysis of the HER has been
investigated on cubic and cubic-like Cu2WS4 nanomaterials,
showing considerable enhancement of the HER catalytic
activity by nearly 1000-fold in comparison with noncatalyzed
reactions.107

It is also possible to both prepare and study high-surface-area
supports functionalized by catalysts at the ITIES, and many
approaches exist to create such hybrids. For example, in an
extension of the work involving the nucleation and growth of
freely diffusing metallic NPs at polarized liquid−liquid
interfaces, Dryfe et al. recently introduced an elegant,
controllable, and facile approach to create metallic NP/carbon
support nanocomposites by assembling the carbon support (in
this case, high-purity CVD GR) by transfer from poly(methyl
methacrylate) at the polarized water−oil interface (Figure
6d).108 Metallic NPs were then deposited on the CVD GR by
either spontaneous or electrochemically controlled biphasic
processes.108

Finally, liquid−liquid interfaces are a versatile platform to
study photoinduced charge-transfer reactions for both redox
electrocatalysis and for redox catalysis. For example, photo-
reduction of hexacyanoferrate by an electron donor in the
organic phase was catalyzed by the self-assembled complex
formed between the water-soluble porphyrins ZnTTPS and
ZnTMPyP at ITIES.109 In this case, surface second harmonic
generation (SSHG)110 and time-resolved SSHG111 may provide
detailed information on molecule configurations and position-
ing at the interface, whereas dynamics of photoresponses
(kinetic constants of electron transfer) upon heterogeneous
quenching at the ITIES can be probed by intensity modulated
photocurrent spectroscopy (IMPS), as was shown for of
ZnTPPC and ferrocene derivatives.112 Also, IMPS has been
used recently to study the role of NPs as redox electrocatalysts
in interfacial reaction between DMFc and water-soluble zwitter-
porphyrin (ZnDMPyDSPP).113 The authors demonstrated that
the presence of gold NPs at ITIES negates kinetic limitation for
the interfacial reactions, which corroborates with previous
studies.9,85

An interesting new field is photoinduced redox electro-
catalysis114−116 and redox catalysis117,118 for synthesis of solar
fuels.92 For example, Cu2CoSnS4 and Cu2CoSnS4 nanofibers
have been suggested as candidates for photocatalytic HER.
Indeed, they are alternative semiconductors with suitable band
gaps (both around 1.5 eV), and their study revealed comparable
H2 production rates to those of Pt particles.119

This Perspective shows that redox electrocatalysis is useful to
study reactivity of particles with and without supports,
something that traditional electrocatalysis is not able to do.
However, it is more difficult to control the reaction rates in
redox electrocatalysis. This problem may be overcome by
varying the initial concentration ratios of the participating
species. Nevertheless, more control can be obtained with
bipolar electrochemistry or by employing electrochemistry at
liquid−liquid interfaces. In the two former cases, additional
methods (for example, spectroscopic techniques) are required
to follow the reaction rates, while redox electrocatalysis at
liquid−liquid interfaces allows direct measurement of the
electric current corresponding to electron-transfer reactions.
Additionally, very large electric fields are required to study
reactions at NPs in bipolar conditions. As interactions between
catalytic particles and the supporting material are receiving
more and more interest,120,121 these approaches are expected to
be implemented to study these effects in detail. Additionally,
methods based on scanning electrochemical probe techniques
are envisaged to study redox electrocatalysis locally and for
photoinduced reactions, as recently demonstrated by Rastgar et
al.116

Figure 6. Examples of redox electrocatalysis at liquid−liquid interfaces.
(a) Schematic of Fermi level equilibration and electron flows during
redox electrocatalysis at polarized liquid−liquid interfaces with metallic
NPs confined at the ITIES. (b) Photograph and (c) mechanism of the
biphasic HER, whereby aqueous protons are reduced by lipophilic
DMFc in the presence of in situ electrodeposited Pt NPs at a polarized
liquid−liquid interface. (d) Schemes of PdCl4

2− reduction by DMFc
via chemical vapor-deposited graphene (CVD GR) at the polarized
liquid−liquid interface (above), forming the black dots marked Pd
NPs (below), which are clearly visible in the photograph on the CVD
GR floating at the polarized liquid−liquid interface. (e) Schematic of
the biphasic HER in the presence of a preformed, conductive catalytic
“Pt NPs on carbon nanotube” nanocomposite (Pt/CNT) floating at a
polarized liquid−liquid interface. The electron donor, DMFc, may
inject electrons anywhere on the carbon support, and these electrons
are then efficiently shuttled along the conductive CNT electron
“transport superhighway” to the Pt NP active sites where H2 evolution
occurs. Alternatively, DMFc may directly inject electrons into Pt NPs
on the CNT surface and cause H2 evolution to take place. Adapted
from refs 54, 102, and 108 with permission from The Royal Society of
Chemistry.

Redox electrocatalysis is useful to
study reactivity of particles with
and without supports, something
that traditional electrocatalysis is
not able to do, and the difficulty
controlling reaction rates can be
overcome by varying the initial
concentration ranges of the par-

ticipating species.
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Meńdez, M. A.; Corminboeuf, C.; Scanlon, M. D.; Girault, H. H.
Photoproduction of Hydrogen by Decamethylruthenocene Combined
with Electrochemical Recycling. Angew. Chem., Int. Ed. 2017, 56 (9),
2324−2327.
(119) Ozel, F.; Yar, A.; Aslan, E.; Arkan, E.; Aljabour, A.; Can, M.;
Patir, I. H.; Kus, M.; Ersoz, M. Earth-Abundant Cu 2 CoSnS 4
Nanofibers for Highly Efficient H 2 Evolution at Soft Interfaces.
ChemNanoMat 2015, 1 (7), 477−481.
(120) Ostojic, N.; Thorpe, J. H.; Crooks, R. M. Electron Transfer
Facilitated by Dendrimer-Encapsulated Pt Nanoparticles Across
Ultrathin, Insulating Oxide Films. J. Am. Chem. Soc. 2016, 138 (21),
6829−6837.
(121) Ostojic, N.; Crooks, R. M. Electrocatalytic Reduction of
Oxygen on Platinum Nanoparticles in the Presence and Absence of
Interactions with the Electrode Surface. Langmuir 2016, 32 (38),
9727−9735.

The Journal of Physical Chemistry Letters Perspective

DOI: 10.1021/acs.jpclett.7b00685
J. Phys. Chem. Lett. 2017, 8, 3564−3575

3575

http://dx.doi.org/10.1021/acs.jpclett.7b00685

