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ABSTRACT: Alkaline anion-exchange membrane (AAEM) fuel cells have attracted
significant interest in the past decade, thanks to the recent developments in hydroxide-
anion conductive membranes. In this article, we compare the performance of current
state of the art AAEM fuel cells to proton-exchange membrane (PEM) fuel cells and
elucidate the sources of various overpotentials. While the continued development of
highly conductive and thermally stable anion-exchange membranes is unambiguously a
principal requirement, we attempt to put the focus on the challenges in electrocatalysis and interfacial charge transfer at an
alkaline electrode/electrolyte interface. Specifically, a critical analysis presented here details the (i) fundamental causes for
higher overpotential in hydrogen oxidation reaction, (ii) mechanistic aspects of oxygen reduction reaction, (iii) carbonate anion
poisoning, (iv) unique challenges arising from the specific adsorption of alkaline ionomer cation-exchange head groups on
electrocatalysts surfaces, and (v) the potential of alternative small molecule fuel oxidation. This review and analysis encompasses
both the precious and nonprecious group metal based electrocatalysts from the perspective of various interfacial charge-transfer
phenomena and reaction mechanisms. Finally, a research roadmap for further improvement in AAEM fuel cell performance is
delineated here within the purview of electrocatalysis and interfacial charge transfer.
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1. INTRODUCTION

Proton-exchange membrane (PEM) fuel cell performance has
witnessed enormous progress due to decades of developmental
research in electrocatalysts, perfluorinated sulfonic acid (PFSA),
membrane electrolytes and interfacial ionomer solutions, as well
as effective integration of these individual components to
fabricate a membrane electrode assembly (MEA).1,2 State of the
art PEM fuel cell performance operating on H2/air gas feeds
using high surface area carbon-supported Pt/Pt-alloy-based
catalysts yield power densities ranging roughly 900 to 1000
mW/cm2

MEA at cell voltages ≥ 0.65 V (80 °C, 100% RH, 150
kPaa outlet pressure).2−4 This is typically achieved with total
MEA precious metal loading of 0.20 to 0.25 mgpgm/cm

2 leading
to platinum specific power density values of roughly 0.20 to 0.25
gPt/kW or alternately 4 to 5 kW/gPt. Recent studies using
PtCoMn/PtNi nanostructured thin film (NSTF) cathode
catalysts of total MEA loading 0.15 to 0.25 mgPGM/cm

2 have
enabled power densities of 800 mW/cm2

MEA at cell voltages ≥
0.65 V leading to Pt-specific power densities of roughly 0.3 gPt/
kW or alternately 3.3 kW/gPt.

3,5 While this represents a
tremendous progress in performance achieved via both decrease
in mass transport induced voltage losses and increase in Pt/Pt-
alloy catalyst activity,2 the sustainable use of PEM fuel cell
technology in large-scale applications still demands further
improvements in Pt-specific power density in consideration of
both the Pt supply and volatile cost. The department of Energy
(DOE) has set year 2020 targets for PEMFC electrocatalysts
that calls for Pt-specific power density to be improved to 0.125
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gPGM/kW or, alternately, 8 kW/gPt (∼8 to 10 g of PGM for 80
kWnet automotive fuel cell stack) with total MEA loading of
0.125mgPGM/cm

2.3 Researchers in the automotive industry have
stretched this target even higher up to 16 kW/gPt to reduce the
total stack PGM content of ∼6 gPGM/vehicle.

4 This has to be
accomplished without compromising on the performance (i.e.,
power density of at least 1.0W/cm2

MEA at operating potentials≥
0.65 V) and durability at low PGM loadings (5000 h of
operation for automotive applications equivalent to 150000
miles, and 40000 h of reliable operation for stationary
applications).3−6 Durability issues lead to constant decrease in
PEM fuel cell performance (i.e., power/current density loss with
lifetime) due to the manifestation of a wide range of degrading
factors related to the materials (membrane, electrocatalysts,
support, ionomer, and gas diffusion media) and operating
conditions (temperature, pressure, humidity, impurities, and
potential excursions).7 The projected cost target of PEM fuel
cell system (stack plus balance of plant for an 80 kWnet system) is
$30/kW by 2020 out of which ∼25% of the cost arises from the
use of preciousmetal cathode catalysts.6 Themajor challenges in
PEM fuel cells to be overcome prior to widespread deployment
can be broadly classified as related to cost minimization without
affecting performance and durability. There is significant effort
related to the development of non-PGM catalysts for PEM fuel
cells tomitigate the cost arising from the use of Pt in the cathode.
So far, some of the leading non-PGM cathode catalyst
candidates based on the metal−nitrogen coordination centers
(Fe−Nx) have shown H2/air MEA performance of ∼0.8 A/cm2

at 0.65 V leading to∼500 mW/cm2
MEA at 80 °C and 100% RH.8

While this represents tremendous progress, the non-PGM
catalysts suffer from poor stability and still unacceptably low
performance at high power.4 Despite worldwide research effort
in nonprecious catalyst developments9 and durability improve-
ments,7 the chronic dependence of acidic PEM fuel cells on
PGM catalysts causes significant liabilities for both cost and
durability targets. This strongly predicates widespread commer-
cialization on retrenching component costs and striking an
optimum balance between performance and durability.
Alkaline electrolyte provides a paradigm shift with the

possibility of complete elimination of precious metal catalysts
and potentially enhanced material stability. The advantages of
traditional alkaline fuel cells (AFC) operating on concentrated
aqueous alkali metal hydroxide (30−45% KOH) electrolyte to
enable nonprecious metal catalysts has been far outweighed by
the difficulties of working with a liquid electrolyte, high system-
level complexity, as well as poor CO2 tolerance (reaction of
atmospheric CO2 in the cathode gas feed with the aqueous base
to form insoluble alkali metal carbonate precipitates). This
chronic CO2 syndrome (i.e., effect of carbonate precipitation on
electrolyte properties, reactant transport, porous electrode
structure, and the need for complex balance of plant such as
electrolyte circulation, CO2 scrubbers, etc.) forced the tradia-
tional AFCs as a niche product for extra-terrestial applications
where pure hydrogen and oxygen gas feeds are used.10−12

Alkaline anion exchange membrane (AAEM) fuel cell
technology mitigates the shortcomings of both PEM fuel cells
and traditional AFCs and provides a more sophisticated, robust,
and cost-effective alternative approach by enabling nonprecious
electrocatalysts with acceptable performance, durability, and
minimized system-level complexity. While catalysis in high pH
electrolytes has been of long-standing interest, recent develop-
ments in highly conducting hydroxide anion-exchange mem-
brane (AEM) electrolytes have triggered a renaissance of the

alkaline electrolyte based fuel cells.13−15 Energy conversion in
AAEM fuel cell involves the hydrogen oxidation reaction
(HOR) at the anode (H2 + 2OH− → 2H2O + 2e)̅ with
hydroxide anions that are produced as a result of oxygen
reduction reaction (ORR) at the cathode (O2 + 2H2O + 4e− →
4OH−) leading to the formation of final product water on the
anode side. The primary function of AAEM polymeric
electrolyte is to spatially separate the electrodes and enable
the selective transport of hydroxide anions from cathode to
anode and transport of water from anode to cathode without
reactant/oxidant gas crossover. Water produced as a byproduct
on the anode is consumed as a stoichiometric reactant in the
ORR process at the cathode presumably leading to better water
management and decreased cathode flooding at high current
densities. To date, a majority of the AAEM polymer chemistry
investigated typically involves a hydrocarbon membrane back-
bone (polysulfone,16,17 polyphenylene,18 and polyethylene19)
covalently functionalized with positively charged benzyltrimeth-
yl quaternary ammonium (QA) cation headgroup side-chains
for hydroxide-anion transport.14,20−27 Use of solid state AAEM
electrolytes free of mobile alkali metal cations implies that the
carbonate precipitation found in liquid electrolyte AFC is also
largely mitigated (vide infra). Typical AAEM solid electrolytes
exhibit ∼20−40 mS cm−1 hydroxide anion conductivity with
ion-exchange capacities of ∼1.5 to 2.0 mmol g−1 at room
temperature and well-hydrated conditions to enable moderate
current densities during fuel cell operation.14 For applications in
the watts to a few kilowatts scale, AMFC technology has the
potential to capture the early market in applications such as
auxiliary power sources in automotive applications, critical
backup power, material handling equipment, and micro-CHP
applications.28

In the first part of this treatise, we will establish the current
state of the art AAEM fuel cell performance operating on PGM
and non-PGM catalysts in comparison to PEM fuel cells. For this
purpose, we utilize Tokuyama A201 anion-exchange membrane
along with commercially available Pt/C and in-house developed
non-PGM electrocatalysts. It should be noted that arguments in
the PEM fuel cell literature has shifted to Pt-specific power
densities due to the pertinent requirement of reduced Pt-
loading, whereas AAEM fuel cell is in an early stage of
development and the arguments here are made based on MEA
area-specific power density. Further, the poor thermal stability of
the currently available AAEM electrolytes limits the fuel cell
operating temperature ∼50 to 60 °C. While the development of
highly conductive and thermo-chemically stable AAEM
chemistry remains the central requirement of the technology,
it will be shown that significantly unique challenges arise in
electrocatalysis and interfacial charge transfer processes in
AAEM fuel cells. These challenges primarily relate to the (i) high
overpotential for hydrogen oxidation reaction, (ii) mechanistic
aspects of ORR, (iii) implications of carbonate-anion exchange
of the cation head-groups on MEA performance, (iv) effect of
the specific-adsorption of quaternary ammonium cations on
catalyst surface which will be dealt with here in the context of
alcohol oxidation, and (v) complications arising due to
inefficient water distribution across the cell.
HOR in PEM fuel cells requires only small loadings of <0.05

mgPt/cm
2, thanks to the rapid kinetics and high exchange

current densities on the order of a few mA/cm2 in acidic
electrolytes.29−31 Contrarily, it has become increasingly realized
that HOR kinetics in alkaline media is roughly 2 orders of
magnitude lower than acidic conditions.30,32 It is predicted that
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HOR overpotential of 130−150 mV would be expected in the
AAEM fuel cell operating at 80 °C cell temperature and 1.5 A/
cm2 current density with anode catalyst loading of 0.05 mgPt/
cm2

anode.
32 This clearly indicates that the application of Pt anode

catalysts in AAEM fuel cells would require loadings much
greater than 0.05 mgPt/cm

2, thereby contributing to the cost
factor and causing major impediment to AAEM fuel cell
commercialization. Recent studies have shown that the high
HOR overpotential is related to either stronger hydrogen
reaction intermediate bond strength to the catalyst surface or the
higher activation energy required for the arrival of hydroxide
anion intermediate at the catalyst surface in alkaline electro-
lyte.33−37

Contrarily, ORR in alkaline media on Pt surfaces exhibit
roughly similar activity, if not better, compared to acidic
conditions.32,38,39 In addition, non-pgm catalysts exhibit very
high ORR activities due to their higher turnover number in
liquid alkaline electrolytes compared to acid.40,41 Several unique
aspects of ORR that arise due to changes in reactionmechanisms
in alkaline electrolytes need to be addressed. These are due to
the existence of both inner- and outer-sphere electron transfer
mechanisms duringORR in alkaline electrolyte and the nature of
alkaline hydroperoxide intermediate (HO2

− at high pH versus
H2O2 at low pH).38,42,43 The underlying ORR mechanisms on
both Pt and non-pgm surfaces (Fe−Nx−C-type, MnOx and
perovskite-type catalysts) are reviewed here along with an
exposition on the causes of higher ORR turnover numbers on
non-pgm catalysts in alkaline electrolyte. Further, it is also
emphasized that major challenges remain not in developing new
non-pgm ORR catalysts (a vast number of which has been
reported in the recent past in alkaline electrolytes) but in
translating the observed high ORR activities on existing non-
pgm surfaces from liquid alkaline electrolytes to AAEM based
membrane-electrode assembly (MEA). This needs to be
achieved by fabricating better electrode structures with
enhanced three-phase boundaries and minimizing mass trans-
port losses. ORR literature is a vast subject, and an excellent
review in alkaline electrocatalysis was provided by Spendelow et
al.,42 and our section on ORR in this article here recapitulates
only the recent advances since then particularly focusing on
those with a more mechanistic understanding of the reaction.
As mentioned above, traditional AFCs have been largely

relegated to extra-terrestrial applications due to its poor CO2
tolerance. The prospects of AAEM fuel cells operating under
terrestrial atmospheric conditions strongly hinges on immuniz-
ing the CO2-syndrome of AAEM fuel cells without adding to the
cost and system complexity. Specifically, while the use of AAEM
electrolyte negates the precipitation of insoluble carbonates due
to the absence of free alkali metal cations, the ion-exchange of
carbonate anions leads to serious loss of anion conductivity.
Further, the interplay of carbonate anion diffusion andmigration
currents leads to its accumulation on the anode side leading to
the formation of a pH gradient across the MEA and significantly
affecting electrocatalysis via a thermodynamic effect.44,45 Recent
developments and existing strategies in mitigating the effect of
carbonate anions on AAEM fuel cells are reviewed.
A more chronic problem in the development of the AAEM

fuel cell has been the very poor performance of direct alcohol
(KOH-free) anode feed systems.46 In particular, alkali metal
free, direct methanol AAEM fuel cells have shownmeager power
densities on the order of a few tens of mW cm−2, in spite of the
generous use of platinum in the electrode structures.47−50 While
the addition of excess aqueous-KOH to the anode feed improves

the short-term performance via increase in alcohol oxidation
kinetics at the anode, this is not acceptable in a practical fuel cell
because CO2 from the atmospheric air cathode and complete
alcohol oxidation leads to insoluble carbonate precipitation that
catastrophically affects operation lifetime. There are several
factors that can limit the AAEM fuel cell performance in the
absence of excess KOH, including low anode pH, poor catalyst
utilization, and fuel crossover to the cathode, lower interfacial/
bulk ionic conductivity, and poor fuel transport in the anode/
ionomer interface. Some latest developments in this field are
reviewed here which point to the deleterious effect of specific
adsorption of the quaternary ammonium cation functional
groups in alkaline ionomer side chains on the electrocatalyst
surface and its influence on disrupting the potential distribution
profile at the anode/electrolyte double-layer interface.51 In the
absence of excess KOH in the anode feed, efficient fuel oxidation
is dependent on the establishment of the three-phase boundary
at the active site between ionomer, carbon support, and reactant.
The presence of excess KOH in the anode feed discredits the use
of ionomer solutions in the catalyst layer by establishing the so-
called “flooded electrolyte” system. Most electrocatalyst
developmental studies are carried out in aqueous KOH
electrolytes, where the excess amount of free hydroxide anions
hides the true interfacial effect of quaternary ammonium cation
headgroup adsorption. The importance of more fundamental
investigation of the electrocatalytic and charge transfer processes
at excess KOH-free alkaline electrode/electrolyte interfaces are
emphasized here. One common theme that will be emphasized
in this treatise is the difference between studying electrocatalysis
in liquid alkaline electrolyte versus liquid-free alkaline ionomer
environments (i.e., the so-called “flooded-electrolyte” vs three-
phase boundary conditions). Given the potential fuel flexibility
of AAEM fuel cells, and the necessity to develop alternative
nonalcoholic anodic fuel (to avoid the presence of CO2 from
complete oxidation of alcohols), the developments in the field of
hydrazine oxidation are briefly reported here. Further, water
management in an AAEM fuel cell MEA is critical since
ineffective operating conditions is suggested to lead to anode
flooding where water is generated and cathode dry-out where
water is stoichiometrically consumed.52,53 In the cathode, poor
water management leads to increases in both charge transfer
resistance and hydroxide-anion transport.54−58 The subject of
water management in AAEM fuel cells is beyond the scope of
this review.
Rapid progress has been made in recent years in AAEM fuel

cell performance leading to a significant set of new materials,
concepts, and scientific phenomena. The major objective of this
review article is to provide a coherent and unified picture of the
current state of AAEM fuel cell performance, critically evaluate
the scientific merits of this technology, and delineate a strategy
for future research within the perspective of electrocatalysis and
interfacial charge transfer. While the continued development of
highly conductive and thermally stable anion-exchange mem-
branes is unambiguously the principal requirement, we attempt
to put the focus on the challenges in electrocatalysis and
interfacial charge transfer at an alkaline electrode/electrolyte
interface. To achieve these objectives, a mechanistic and
phenomenological discussion is carried out here to fundamen-
tally understand (i) electrocatalysis of hydrogen oxidation, (ii)
mechanisms of oxygen reduction, (iii) consequences of
carbonate anion exchange, (iv) effect of specific adsorption of
quaternary ammonium cation head-groups on catalyst surface,
and (v) alternative anodic nonalcohol fuel oxidation. Literature
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in AAEM fuel cell development has witnessed rapid growth in
the past few years, and several excellent review articles have been
published on this subject.59−61 It is not the intention of this
article to provide an exhaustive repertoire of all the work. Rather,
this review centers around the recent developments in AAEM
fuel cells from our laboratory interspersed with a literature
review to provide a comprehensive summary on the scientific
aspects of the reaction mechanisms and charge transfer
phenomena.

2. CURRENT STATUS OF AAEM FUEL CELL
PERFORMANCE

Figure 1a shows a representative of H2/air (CO2-free) AAEM
fuel cell performance at 50 °C cell temperature, 100% RH
conditions employing commercially available Tokuyama A201
AEM electrolyte (OH-form, 28 μm thick, 1.7 mmol/g). A
cathode comprised of a 0.5 mgPt/cm

2 catalyst (using 46% Pt/C
TKK) sprayed on a gas diffusion layer along with a Tokuyama
AS4 alkaline ionomer at an ionomer:carbon ratio of 0.6:1.
Prefabricated BASF Pt-based gas diffusion electrode was used as
the anode (Pt-loading 0.5 mgPt/cm

2). Interfacial alkaline
ionomer layer of 1 mgAS4/cm

2 was sprayed on top of both the
electrodes. The AAEM fuel cell polarization curve shown in
Figure 1a is characterized by a current density of 0.28 A/cm2 at
0.65 V leading to a power density of 180 mW/cm2. In PEM fuel
cell literature, MEA performance comparisons are typically
carried out at 0.65 V based on considerations of heat rejection
requirements.62 On the contrary, in AAEM fuel cell literature
performance at peak power is typically reported which is
achieved at cell voltages much lower than 0.65 V, and this does
not havemuch practical relevance due to the high heat generated
at lower cell voltages; further, this is exacerbated by the low
operating cell temperature of AAEM fuel cells (50−60 °C for
AAEM vs 80−90° for PEM fuel cells). So, we avoid making
comparisons at peak power and rather use performance at 0.65 V
as a point of comparison between PEM and AAEM fuel cell

MEAs. A brief survey of the literature shows that under roughly
similar conditions (H2/CO2-free air gas feeds at 50 °C cell
temperature) of AAEM fuel cell performance, (i) Tokuyama
Corporation demonstrated ∼190 mW/cm2 of power density
(0.29 A/cm2 at 0.65 V) using a similar set of materials,63 (ii) acta
S.p.A showed a marginally higher performance of roughly 225
mW/cm2 [∼340 mA/cm2 at 0.65 V (proprietary alkaline
ionomer ‘I2’ developed at Acta S.p.A was utilized in their
study)],64 and (iii) CellEra reported H2/air (CO2-free) short-
term performance at 80 °C of 0.58 A/cm2 at 0.65 V, leading to
∼375 mW/cm2 power density using a back pressure of 2/2 bar
(utilizing an undisclosed amount of anode/cathode catalysts
loading).65 A summary of the AAEM fuel cell performance has
been recently compiled by Dekel et al., although a vast majority
of them are with H2/O2 gas feeds.

60

One major advantage of operating the fuel cell at alkaline pH
is to eliminate the use of Pt and enable the application of non-
pgm materials as the cathode catalyst. Figure 1b shows an
AAEM fuel cell MEA performance incorporating a PGM anode
(0.5 mgPt/cm

2) and a non-PGM cathode (3 mgnon‑PGM/cm
2 of a

pyrolyzed Fe−Nx−C type catalyst) at 50 °C, 100% RH using
H2/O2 gas feeds at 28/28 psi back pressure, Tokuyama A201
AEM, AS4 alkaline ionomer. Non-PGM cathode performance in
Figure 1b is characterized by a current density of 240 mA/cm2 at
0.65 V leading to a power density of 155 mW/cm2. Similar
results were also shown recently utilizing composite cobalt oxide
with nitrogen-doped graphene cathode electrocatalysts (undis-
closed non-pgm cathode loading) for AAEM fuel cells66 at a cell
temperature of 60 °C, H2/O2 gas feeds leading to a current
density of∼250 mA/cm2 (160 mW/cm2) at 0.65 V. While these
non-pgm cathode performances were measured with humidified
pure-O2 cathode feed, it has been demonstrated recently using
proprietary nonplatinum-based catalysts (Hypermex 4020, Acta
S.p.A.) and alkaline ionomer (I2 developed at Acta S.p.A) that
high fuel cell performance can be achieved with air (CO2-free)
cathode feed. Acta S.p.A demonstrated fuel cell performance
using 0.45 mgPt/cm

2 anode and 0.8 mgnon‑PGM/cm
2 cathode

Figure 1. Representative AAEM fuel cell performance measured using Tokuyama A201 AEM electrolyte in a 5 cm2 single-cell at Tcell = 50 °C, 100%
RH. (a) Performance of PGM cathode consisting of 46% Pt/C catalyst sprayed to a loading of 0.5 mgPt/cm

2 on a gas diffusion layer with Tokuyama
AS4 alkaline ionomer to carbon ratio 0.6:1. Interfacial ionomer layer of 1 mgAS4/cm

2 was sprayed on top of the cathode. Measurements were made
usingH2/air (CO2-free) gas feeds at 200/600 sccm flow rates, respectively, with amild back-pressure of 10 psig. (b) Performance of non-PGM cathode
consisting of in-house prepared Fe−Nx−C type catalyst sprayed to a loading of 3 mgnon‑pgm/cm

2 on a gas diffusion layer with AS4 ionomer in the ratio
0.2:1. Interfacial ionomer layer of 1 mgAS4/cm

2 was sprayed on top of the cathode. Measurements were made using H2/O2 gas feeds at 200/400 sccm
flow rates, respectively, with a gauge back-pressure of 28/28 psi. All MEA’s consisted of a commercially available Pt-based gas diffusion electrode (0.5
mgPt/cm

2) directly used as the anode after spraying an alkaline ionomer layer of 1 mgAS4/cm
2 on top. MEA’s were fabricated by hot pressing the anode

and cathode with Tokuyama A201 AEM at 100 psig pressure and 80 °C for 4 min. (Asterisk symbols: The analogous PEM fuel cell performance from
literature at Tcell = 80 °C is shown for comparison. See text for references).
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loadings with H2/air (CO2-free) gas feeds reach current density
of 200 mA/cm2 at 0.65 V amounting to 130 mW/cm2 at 50 °C,
85% RH conditions.64 Analogous PEM fuel cell performance
incorporating similar Fe−Nx−C type non-PGM cathode
catalysts (4 mgnon‑pgm/cm

2 cathode loading and 0.25 mgPt/cm
2

anode loading) such as PANI FeCo−C yield 440 mW/cm2 at
0.65 V (∼0.68 A/cm2) using H2/O2 gas feeds at 80 °C, 2.8/2.8
bar.67 Also, other non-PGM cathode catalyst systems (5.3 mg/
cm2 cathode non-pgm loadings) have been shown to yield 195
mW/cm2 at 0.65 V (∼0.3 A/cm2) using H2/O2 gas feeds at 80
°C, 1.5/1.5 bar absolute leading to a volumetric current density

of 99 A/cm3 at 0.8 ViR‑free (H2/O2, 1 bar absolute pressure, 80
°C).68 Other high power density non-PGM cathode catalyst
(3.9 mg/cm2 cathode NPMC loadings) have been shown to
yield ∼650 mW/cm2 @ 0.65 V (∼1 A/cm2) using H2/O2 gas
feeds at 80 °C, 1.5/1.5 bar absolute with volumetric current
density of 230 A/cm3 at 0.8 ViR‑free (H2/O2, 1 bar absolute
pressure, 80 °C).69 DOE PEMFC non-PGM volumetric activity
target has been set at 300 A/cm3 at 0.8 ViR‑free at 80 °C, H2/O2,
100% RH, total outlet pressure of 150 kPa (1.5 bar total
pressure), anode/cathode stoichiometry of 2/9.5.28 Translation
of volumetric activity to geometric current density equates to

Table 1. Select Literature Data Showing AAEM Fuel Cells Performancea

institution
catalyst (anode and

cathode)

loading (anode/
cathode)
(mg/cm2)

reactant
gases membrane

T (°C), Pcell
(kPaa),
RH (%)

i (A/cm2)
/P.D.

(mW/cm2)a
HFR

(mΩ cm2) ref

Northeastern
Universitya

46% Pt/C 0.5 H2/air
(CO2-
free)

Tokuyama A201 50, 165, 100 0.28/180 ∼180 this
work

Tokuyama 46% Pt/C 0.5 Tokuyama A901 50, n/a, 95 0.29/190 ∼150 63
Acta S.p.A 40% Pt/C 0.45 n/a 50, n/a, 85 0.34/225 n/a 64
CellEra Corp. n/a n/a Tokuyama 80, 200, n/a 0.58/375 200 65
Technion,
LANL et al

Pt and Ag n/a n/a (30 μm AEM) 75, 200, 100 ∼1.0/650 n/a 59

Bar Ilan Univ. Pd/Ni and Ag-alloy 1.5/3.0 QA functionalized
Hydrocarbon membrane

73, 200, 100 0.29/200 n/a 72

Univ. New
Mexico

Pt black 2 H2/air aminated tetramethyl
poly(phenylene)

80, 200, 100 0.05/33 n/a 18

Korea Institute
of Technology

40% Pt/C 0.5 cross-linked QA polysulfone 60, 101, 100 0.04/26 n/a 73

LANL, RPI PtRu and Pt 0.5/0.6 alkylammonium tethered
poly(fluorene)

80, 285, 100 ∼1.0/650 ∼60 74

Univ. Surrey 20% Pt/C 0.5 H2/O2 80 μm QA radiation grafted
ETFE

50, 101, 100 0.25/160 n/a 75

Univ. Surrey 20% Pt/C 0.4 20 μm QA radiation-grafted
ETFE

50, 101, 100 0.28/182 n/a 76

LANL, RPI PtRu and Pt 0.5/0.6 alkylammonium tethered
poly(fluorene)

80, 285, 100 ∼2.0/1300 ∼60 74

US Army
Research Lab

Pt/C 0.4 quaternized PMMA-co-butyl
acrylate-co-VBC

70, 200, 80 0.18/117 n/a 77 and
78

Univ. New
Castle

60% Pt/C 0.8 cross-linked QA methylated
melamine grafted pVBC

15, 101, 100 0.2/130 n/a 79

Univ. California
Riverside

Pt black 0.5 FumaTech GmbH 80, 350, n/a 0.275/180 n/a 80

Chinese
Academy of
Sciences

Pt/C 0.4 cross-linked QA pVBC
(PTFE reinforced)

60, n/a, 100 0.4/260 n/a 81

Los Alamos
National Lab

Pt black 3.0 Aminated poly(phenylene) 60, n/a, n/a 0.225/146 n/a 82

Los Alamos
National Lab

Pt black 3.0 60, n/a, 100 0.38/247 n/a 82

Univ. of
Connecticut

PtRu and Pt 0.71/0.53 ETFE-benzyltrimethyl
ammonium headgroup

60, 101, 62 ∼2.0/1300 n/a 52

non-PGM
cathodes

Northeastern
Universitya

Pt/C and Fe−Nx−C 0.5/3.0 H2/O2 Tokuyama A201 50, 290, 100 0.24/155 180 this
work

Acta S.p.A 40% Pt/C and Acta
HYPERMEC 4020

0.45/0.8 H2/air
(CO2-
free)

commercial membrane 50, n/a, 85 0.2/130 n/a 64

Univ. of
Connecticut

PtRu and
N−C−CoOx

0.10/2.4 LDPE-benzyltrimethyl
ammonium headgroup

65, 100, n/a ∼0.5/325 n/a 52

UCLA and
LANL

Pt/C and
CoO/rGO (N)

1.5 and n/a H2/O2 Tokuyama A201 60, 101,
57/100

0.25/160 n/a 66

Wuhan
University

NiCr and Ag 1.0/5.0 QA polysulfone 60, 132, 100 0.06/40 n/a 83

Univ. of
Delaware

Ni/C and Ag 5.0/0.5 H2/O2 phosphonium-based
ionomer

70, 250, ∼ 100 0.11/70 n/a 84

aCurrent density (i) and power density (P.D.) values are tabulated here at 0.65 V. Peak power density is not reported here since it is typically
observed at cell voltages < 0.45 V, which is irrelevant for practical applications based on considerations of heat rejection.
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100 mA/cm2 at 0.8 ViR‑free at the above conditions of H2/O2, 80
°C, 100% RH, 1.5 bar total pressure. Recently concluded AAEM
fuel cell workshop suggested a H2/O2 performance target of
0.044 A/cm2 at 0.9 ViR‑free for non-pgm cathodes (at 60 °C, H2/
O2, 100% RH).70 Analysis of non-PGM AAEM fuel cell
performance in Figure 1b and in Table 1 clearly shows that
they do pass these criteria of 0.044 A/cm2 and 100 mA/cm2 at
0.9 ViR‑free and 0.8 ViR‑free, respectively, under H2/O2 gas feeds.
Fuel cell performance results from several research groups

utilizing various alkaline membranes and ionomers along with
Pt-containing cathodes are briefly summarized in Table 1. As
shown in Figure 1a, AAEM fuel cell performance measured
using commercially available PGM catalysts and membrane
materials is characterized by 0.28 A/cm2 at 0.65 V at 50 °C cell
temperature. Applying the correction for cell voltage drop
arising from membrane Ohmic resistance of 180 mΩ cm2

(measured via the high frequency intercept) yields a marginal
improvement current density to 0.37 A/cm2 at 0.65 ViR‑free. This
performance is still roughly three to four folds lower than that
measured in current PEM fuel cells at 80 °C (asterisk symbols in
Figure 1a).2,5 This performance gap could be closed to some
extent by operating the AAEM fuel cell at higher temperatures of
80 °C such as that shown by CellEra Corporation (∼0.58 A/cm2

at 0.65 V)65 and/or using thinner AEM electrolytes as shown by
Kim et al. (∼1.0 A/cm2 at 0.65 V).59 Further, PEM fuel cells
have witnessed several decades of empirical but very significant
developments in fabricating catalyst layer structures comprising
highly dispersed Pt/C catalysts heterogeneously mixed with
colloidal ionomer solutions.71 These developments in PEM fuel
cell literature are nontrivial and these findings are only in the
nascent stage for AAEM fuel cell catalyst layer fabrication. While
the above comparison across various laboratories inherently
carries with it inconsistencies arising from usage of wide range of
materials, MEA designs, fabrication procedures and operating
conditions, it clearly shows that this significant performance gap
cannot be closed by only developing highly conductive anion-
exchange membranes and their corresponding solubilized
ionomer dispersions; particular attention has to be put on
understanding the nonmembrane components in the AAEM
fuel cell MEA.

2.1. PEM vs AEM Electrolyte Bulk Properties

Ideal AAEM electrolyte for good performance under fuel cell
operating conditions would feature ionic conductivity high
enough to support large current densities (1.5 A/cm2 at ≥ 0.65
V), high thermo-chemical stability at elevated temperature and
high pH, sufficient ion-exchange capacity with optimal water
uptake/swelling and mechanical stability, amenability to
fabrication at smaller thickness (≤10 μm) to minimize
resistance and facilitate water transport from anode to cathode,
and low fuel/oxidant crossover. In general, conductivity in
ionomer membranes is dependent on the nature of the mobile
charge carrier (hydrated ion-size, charge, concentration, and
mobility), membrane properties (structure, chemistry, basicity
of cationic-headgroup, phase separation, pore structure, IEC,
and water uptake), the ion-transport mechanism (Grotthus
mechanism or structure diffusion versus vehicular transport),
and other external factors such as temperature. In this section,
we provide a phenomenological review of the current status of
AAEM electrolytes by considering the following aspects: (i)
factors controlling the hydroxide anion conductivity, (ii)
thermo-chemical stability of cationic head-groups, and (iii) the
need for solubilized or colloidal dispersions of alkaline ionomers.

Following this, we provide a brief comparison of AAEM
electrolyte OH− conductivity in comparison to H+ conductivity
in Nafion. For a more extensive review of membrane chemistry
and its applications, interested readers are directed to a detailed
treatise on this subject by Varcoe et al.,85 Zhang et al.,86 and an
excellent repertoire by Merle et al.14

Hydroxide anion transport in AAEM electrolytes is typically
considered to experience some fundamental thermodynamic
limitations in comparison to proton transport in acidic
conditions. Ionic transport in AAEM electrolytes is controlled
by various factors such as (i) mobility of hydroxide anions, (ii)
concentration of mobile charge carriers, (iii) state of membrane
hydration, (iv) contamination by HCO3

−/CO3
2− species, and

(v) ion transport mechanisms. Ionic mobility of H+ is 36.23 ×
10−4 cm2 V−1 s−1 compared to 20.64× 10−4 cm2 V−1 s−1 for OH−

anions in aqueous solutions at 298 K,15 or alternatively the
diffusion coefficient of H+ and OH− anions at infinite dilution
are 9.3 × 10−9 m2/s and 5.3 × 10−9 m2/s, respectively, in liquid
water.87 This clearly indicates that the mobility and diffusion
coefficients of hydroxide anions are roughly lower than that of
protons by a factor of 1.75 in aqueous solutions. While lower
mobility of OH− anions is a fundamental thermodynamic
limitation, the concentration of mobile charge carriers are
dependent on both the membrane IEC and the dissociation
constant of the cationic-headgroup. The acid dissociation
constant (pKa) of Nafion type membranes is typically
represented by small molecules such as trifluoromethanesulfonic
acid (CF3SO3H), which exhibits a superacidic behavior with a
pKa value of−12.88,89 In comparison, while small molecules such
as ammonium hydroxide (NH4OH) has modest pKb values of
4.75, recent studies show that molecules such as benzyltrime-
thylammonium hydroxide that more closely resembles AAEM
electrolytes are actually strong bases with pKb < 1.85 At least
under fully hydrated conditions, AAEMs appear to be fully
dissociated.19,90 One conventional strategy to increase hydrox-
ide anion conductivity and mobile charge carrier concentration
is to maximize IEC without compromising on the dimensional
and mechanical stability of the membrane (due to excessive
water uptake/swelling at high IEC values).14,91 AAEM electro-
lytes typically feature high IEC values of >1.5 mmol g−1

compared to ∼1.0 mmol g−1 for Nafion which leads to mobile
OH− anion concentrations that are equal to or greater than H+

concentrations in acidic membranes.19 In AAEM electrolytes,
for IEC < 1.5 mequiv g−1, conductivity is limited due to isolation
of ionic domains from each other, whereas for IEC > 1.5 mequiv
g−1, conductivity increases as the volume fraction of water and
concentration of ionic groups in the membrane increases.17 In
such cases of very high IEC values >1.5 mequiv g−1, a
combination of strategies such as membrane cross-linking and
reinforcement appear useful to overcome challenges of
mechanical stability.81

Another major strategy currently being utilized to improve
hydroxide anion conductivity is to synthesize AAEM electrolytes
with proper phase separation between the polymer membrane
backbone and the ion-conducting head groups.17,87,90 The
current state of the art AEM synthesis primarily involves
chloromethylation-quaternization of aromatic hydrocarbon
polymer backbones (such as polystyrenes,92 polysulfones,16

polyphenylenes,18,93,94 and polyethylenes95) followed by
hydroxide exchange wherein the driving force for phase
separation and ion-cluster formation is absent. Such a lack of
morphological organization and phase separation lead to AEM’s
behaving more like swollen gels rather than featuring
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interconnected hydrophilic ion-conducting channels as distinct
from the hydrophobic polymer backbone.17,87 Microphase
segregation between hydrophobic polymer backbone and
hydrophilic ionic channels lead to improvements in the effective
mobility of OH− anions, leading to appreciable ionic
conductivity even at moderate IEC levels of 1.0 mmol g−1.96

For a given degree of swelling, phase-separated hydrated
domains give faster transport rates.17

This strategy of synthesizing membranes with proper phase
separation is important not only to improve ionic conductivity at
full hydration levels of the membrane but also because recent
studies have shown a strong dependence of conductivity on
membrane state of hydration. Kreuer et al.90 showed that at full
hydration OH− anion transport in AAEM electrolytes can reach
conductivity values within a factor of 2 compared to that of H+

transport in Nafion 117, which corresponds to the difference in
ion transport mobility as discussed above.With decreasing water
content in membrane, the effective OH− mobility fell far below
the water diffusion coefficient, thereby significantly limiting the
OH− anion conductivity. Such a behavior was attributed to arise
from the poor degree of dissociation of the quaternary
ammonium hydroxide functional groups at low water contents
which appears to be a significant difference between OH− and
H+ exchange membranes.90 It has become increasingly realized
that the strong dependence of dissociation constant and
conductivity of OH− anions on membrane water content is
related to the lack of proper phase separation between the
polymer membrane backbone and the ion-conducting head
groups in AAEM.17,87,90 Grew et al.87 used a dusty fluidmodel to
develop an improved understanding of the transport mecha-
nisms and conductivity limitations in AAEM electrolytes.
Although both H+ and OH− transport involved structural
diffusion via Grotthuss mechanism under fully hydrated
conditions, OH− anion transport involve higher activation
energy due to significant solvent reorganization. Further, the
OH− anion transport mechanism is dependent on the state of
hydration. At low humidity, vehicular or en masse diffusion was
found to be dominant, which changed to the Grotthuss
mechanism at high water contents. This suggests that the
membrane structure, morphology, and phase separation
strongly determines the OH− solvation/dissociation processes,
transport mechanisms, and hence the conductivity.17,87,90 This
clearly indicates that in order to achieve high conductivity,
besides trying to maximize IEC, it is equally important to design
the appropriate polymer morphology, structure, and chemistry.
The strong dependence of dissociation constant and sub-
sequently the hydroxide conductivity on the membrane state of
hydration appears to be a major limiting factor.19,90

Another aspect of major concern in AAEM electrolyte
development is the thermochemical stability in strongly alkaline
environments.13,97 While acidic PFSA membrane degradation is
largely related to the radical induced (•OH, •OOH) stability
issues,98 AAEM electrolyte degradation is understood to be
induced by the highly nucleophilic OH− anions. Particularly,
OH− anions attack the cationic-head groups (> C−N+Me3) via
nucleophilic substitution and/or Hoffmann elimination mech-
anisms leading to significant losses in IEC and conductivity.
These degradation pathways are dependent on the cation type
and are further exacerbated at elevated temperatures and/or
lower states of membrane hydration since the OH− anions are
bereft of their solvation shell.99 This is particularly important on
the cathode side of an operating AAEM fuel cell since water is
stoichiometrically consumed during ORR. This causes the

cathode to exist in a relatively subsaturated condition and more
prone to hydroxide attack of the ionomer in the catalyst layer. It
has also been recently suggested that the radical-initiated (•OH,
•OOH) and hydroxide-initiated attack of the polymer backbone
cannot be completely excluded.85 The lack of chemical stability
of benzyltrimethyl quaternary ammonium cationic headgroup
and the need for cationic functional groups with high basicity has
led to the search for alternative head groups such as
imidazolium,100−105 phosphonium,106,107 guanidinium,108 sul-
fonium,109 and metal−organic cationic functionalities.110,111

While a brief survey of these alternative cationic headgroup
chemistry-based AAEMs indicate appreciable conductivity of
∼30 mS cm−1 at close to room temperatures, the claims of
improved stability largely remains controversial and needs
further investigations with cross-laboratory comparisons.112,113

Further, in most cases the AAEM fuel cell performances
incorporating non-QA type AAEMs are very modest at best,
most often due to either nonoptimized MEA preparation
conditions or the nonavailability of compatible ionomer
solutions.80,100,103,107,113

Another aspect of very critical importance is the need for
alkaline ionomer solutions or colloidal dispersions for electrode
fabrication.114 Conventional wisdom in PEM fuel cell literature
suggests that ionomer solutions are needed to maximize catalyst
utilization efficiency andminimize ion transport resistance in the
catalyst layer by maximizing the three-phase boundary between
the catalyst, reactant, and ionomer. In the recent past, catalyst
layer design has become a nontrivial subject leading to more
focus on ionomer distribution in the catalyst layer.71 Most
results indicate that the ionomer film in the catalyst layer exists
in a confined space distributed on the surface of the carbon
support with thicknesses of ∼2−4 nm.4 Under such conditions
of spatial confinement, the physicochemical properties of few
nanometers thick ionomer films are observed to deviate from
that of micrometers thick bulk membranes. Particularly, the O2
permeability of ionomer thin films are found to be much lower
than bulk membranes, leading to significant overpotentials
arising from O2 transport resistance in the catalyst layer at high
current densities.115−117 While the development of alkaline
ionomer solutions is still in the nascent stage, the focus needed
on this subject cannot be overemphasized. Some recent studies
provide encouraging results such as the phosphonium-based
ionomer dispersion exhibiting 27 mS cm−1 OH− conductivity at
a moderate IEC of 1.1 mmol g−1.80,107

Despite the various liabilities related to conductivity and
stability, benzyltrimethyl quaternary ammonium cation based
AAEM electrolytes appear to be the benchmark material.85 A
brief comparison of the OH− anion conductivity and H+

conductivity is performed here. Nafion membranes exhibit a
room temperature through plane H+ conductivity of ∼70−80
mS cm−1 at 100% RH conditions at an IEC value of ∼0.9 mmol
g−1.19,87 In comparison, benchmark AAEM electrolytes from
Tokuyama corporation namely A201 (28 μm thick) and A901
(10 μm thick) exhibit OH− conductivity of 42 and 38 mS cm−1

at 90% RH and room temperature.63,118,119 Although these
AAEM electrolytes feature a higher IEC of 1.7 mmol g−1, their
OH− anion conductivity values are essentially within a factor of 2
as expected based on the thermodynamic mobility limitations as
explained below. This shows that the current state of the art
AAEM electrolytes could have very well reached their empirical
upper limit in terms of their OH− conductivities with respect to
Nafion. This is also true for the AAEM electrolytes with proper
phase-segregated morphologies which exhibit room temper-
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ature OH− anion conductivity values of ∼35 mS cm−1 at a
moderate IEC of 1.0 mmol g−1.96 Brief survey of the literature
shows that the OH− conductivity of QA-headgroup-based
AAEM electrolyte ranges from 20 to 35 mS cm−1 at 100% RH
and close to room temperature conditions.14,77,79,81,104,120,121

Given the above thermodynamic limitations, currently available
AEM membranes do exhibit reasonable hydroxide anion
conductivity at fully hydrated conditions to support fuel cell
operation at modest current densities. The primary limitation of
the current state of the art AAEM electrolytes is related to the
sharp drop in ionic conductivity and the lack of thermo-chemical
stability when operated at less than fully hydrated condi-
tions.16,103,113 As mentioned above in the previous section, the
low OH− anion conductivity cannot fully substantiate the lower
AAEM fuel cell performances (Figure 1 and Table 1), and hence,
significant attention is needed on other components such as the
electrocatalytic charge transfer reactions and electrode materials
at high pH conditions.

2.2. General Context of Alkaline Electrocatalytic Interfaces

While alkaline electrocatalysis is a vast subject by itself, we would
like to point out a few of its generic aspects in comparison to
acidic electrolytes that are of relevance here in this article. They
are related to the (i) working electrode potential range,42 (ii)
abundance of protons versus hydroxide anions, (iii) structural
and stoichiometric role of water in electrode reactions, (iv)
electrode/electrolyte double-layer structure, and (v) general
thermodynamic stability of non-noble metals. While all these
factors have their own direct effects, the most crucial aspect is
the confluence of all these factors toward impacting the electron
transfer and electrocatalytic reactionmechanisms. These aspects
are described here briefly and are taken up in more detail at the
relevant place later in the article.
The Nernstian potential dependence of −59 mV/pH causes

the working electrode potential range to nominally decrease by
−0.83 V vs the standard hydrogen electrode (SHE) potential
scale as the pH increases from 0 to 14.42 For instance, the
standard thermodynamic reduction potential of the hydrogen
electrode (H+/H2) is 0 V versus SHE at pH = 0 which shifts to
−0.83 V versus SHE at pH = 14. The first-order impact of this is
on the excess surface charge on the electrode surface at alkaline
pH. For instance, the electrode surface is suggested to carry an
excess negative charge under alkaline conditions in comparison
to acid which affects the adsorption of spectator and
intermediate cationic or anionic species.122,123 While this
cannot be applied to all ionic species, one striking example of
this aspect is the adsorption of chloride anions which are known
to significantly poison the catalyst surface under acidic
conditions via specific adsorption. Contrarily, it is less of a
poison under alkaline conditions since the excess negative
charge on the electrode surface tends to repel the anions away
from the surface. Further, the change in working electrode
potential range also directly affects the overpotentials of
reactions that are pH-independent. For instance, the thermody-
namic standard electrode potential of one-electron reduction of
O2 to form superoxide anion (O2

•−) is E0 =−0.3± 0.03 V versus
SHE.124,125 Given the pH independence of this redox couple
(O2/ O2

•−)aq, the potential of this reaction does not change as
the pH is varied from zero to 14.126 Due to the occurrence of
four proton-transfer steps in O2 reduction to H2O/OH

−, its
standard reduction potential changes by 0.828 V from 1.229 to
0.401 V versus SHE as the pH increases from zero to 14 (i.e., 59
mV/pH). This causes the overpotential for the first electron

transfer step (O2/O2
•−) to decrease from 1.53 V at pH= 0 to 0.7

V at pH = 14, indicating a sharp decrease in overpotential at
alkaline pH conditions. Electrode/electrolyte double-layer
structure under alkaline conditions experiences an abundance
of hydroxide anions, which is further complicated by the water
molecules now acting as the source of protons besides their
primary function as solvent molecules.
Besides the above-mentioned effects of the various factors, the

most crucial change is related to how all these factors impact the
electron transfer and electrocatalytic reaction mechanisms at
high pH conditions. The dependence of electrocatalysis on
reactant intermediates adsorbed/localized in the outer-
Helmholtz plane (OHP) of the electrode/electrolyte double-
layer structure is more prominent under alkaline conditions. For
instance, (i) ORR can be conducted via an outer-sphere electron
transfer mechanism on hydroxide-covered active sites that
precludes the necessity for direct adsorption of O2 on the active
site thus enabling a wide range of non-noble electrode materials;
(ii) the direct interaction of adsorbed hydroxide with the
solvated alkali metal cations localized in the OHP influences the
reaction kinetics; (iii) the drop in alkaline HOR activity on Pt is
related to the overpotential required for the arrival of hydroxide
anions in theOHP; (iv) contrarily, oxidation of CO on Pt in acid
is dependent on the coadsorption of Pt−COad and Pt−OHad on
the electrode surface according to the Langmuir−Hinshelwood
mechanism which involves a high overpotential. In alkaline
media, the adsorbed COad can now access the OH− anions
localized in the OHP which enables a decrease in the
overpotential for CO oxidation on Pt according to the Eley−
Rideal mechanism.

3. HYDROGEN OXIDATION REACTION IN ALKALINE
MEDIA

Electrocatalysis of hydrogen oxidation reaction on platinum
surface in alkaline electrolyte is a kinetically sluggish process and
a major source of cell voltage loss in AAEM fuel cell
performance.30,127,128 HOR kinetics is characterized by at least
2 orders of magnitude lower exchange current density in alkaline
electrolyte on Pt/C catalyst (ranging from 0.57 mA/cm2

Pt in 0.1
M KOH to 2 mA/cm2

Pt in solid alkaline electrolytes) compared
to acid.32,129 This translates to a cell voltage loss of ∼130−150
mV in an AAEM fuel cell operating with an anode loading of
0.05 mgPt/cm

2 at 1.5 A/cm2 current density and 80 °C cell
temperature.32 Figure 2 summarizes the magnitude of HOR
kinetic losses in alkaline electrolyte. At a kinetic current density
of 1 A/mgPt, higher overpotential of∼170 mV is observed in 0.1
M NaOH compared to 0.1 M HClO4. In this section, we first
discuss the fundamental mechanistic reasons for the higher
alkaline HOR overpotential on Pt surfaces followed by a
discussion on the improved HOR activity on Pt-alloys. In doing
so, we attempt to clarify some of the controversies in the
literature related to the alkaline HOR process, i.e., electronic/
ligand versus bifunctional effects. A brief summary on the
current status of non-Pt and non-PGM catalyst materials is also
provided.
In acid, HOR is a simple and a kinetically rapid two electron

process that involves the dissociative adsorption of molecular
hydrogen on the catalyst surface as described below.
Acidic HOR reactions steps:

Tafel: H 2M 2M H (rate determining step)2 ad+ → (1)

Heyrovsky: H M M H H e (or)2 ad+ → + + −
(2)
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Volmer: M H H ead → + −
(3)

At low to moderate overpotentials on Pt, HOR in acid
proceeds via the Tafel-Volmer pathway involving the
dissociative adsorption of molecular hydrogen to form M−Had
species as the rate-determining step followed by its oxidation to
protons. HOR kinetics is primarily governed by the adsorption
energy of the M−Had reaction intermediate. Catalytic activity of
HOR in acid represented as the exchange current density on
various metal surfaces versus M−Had bond energy exhibits a
volcano-shaped curve. Highly active Pt surfaces lie at the top of
the volcano curve and typically provide binding energies neither
too strong nor too weak for the Had adsorption.

130−133

In alkaline media, the adsorbed hydrogen intermediate (Had)
formed in the Tafel step subsequently reacts with hydroxide
anions to form water according to the following steps.132,134

Alkaline HOR reaction steps:

Tafel: H 2M 2M H2 ad→ + → (4)

Heyrovsky: H OH M M H H O e (or)2 ad 2+ + → + +− −

(5)

Volmer: M H OH H O e (rate determining)ad 2+ → +− −

(6)

HOR in alkaline media on Pt is also understood to proceed
largely via the Tafel-Volmer pathway but with the Volmer
reaction as the rate-determining step.135,136 The primary
difference between acid and alkaline HOR is the involvement
of OH− anions in the Heyrovsk and Volmer steps. Hence at high
pH, HOR kinetics is dependent not only on the M−Had bond
strength but also on the relevant processes furnishing reactive-
hydroxide species.35,134,137 The activation barrier for the Volmer
reaction was found to increase from 17.1 to 34.0 kJ mol−1 in
transitioning from acid to base.135 While the Volmer step is
largely agreed to be rate-limiting in alkaline electrolyte, there is
some controversy on whether the M−Had bond strength or the
need for “reactive−OHad” species is the primary descriptor of
the reaction. Correspondingly, there are two schools-of-thought
to explain the slower alkaline HOR kinetics, namely the (i)
hydrogen binding energy (HBE) theory33,34,36,138 and (ii)
“reactive−OHad” species theory.

35,37,72,139

Proponents of the former theory suggest that the metal−
hydrogen (M-Had) bond strength is the sole descriptor of HOR
kinetics in alkaline media.33,34,36,137,138,140,141 Accordingly, for
any given catalyst surface, M−Had (M = Pt, Pd, and Ir) bond
strength is suggested to be stronger in the alkaline electrolyte
than in acid which leads to HOR kinetics being slower at high
pH conditions. For instance, Yan et al. studied the HOR kinetics
on Pt in dilute electrolytes as a function of pH from 0.2 to 12.8.
They suggested that the increasing overpotential for alkaline
HOR process correlates linearly with the calculated “H-binding
energy” values on Pt.33 This was interpreted as an increase in the
M−Had binding energy with increasing pH that leads to a
corresponding linear drop in the kinetic activity of Pt for alkaline
HOR. Similar suggestions were also made by Durst et al., who
calculated the “H-binding energy” of Pt to be ∼12.5−13.5 kJ
mol−1 higher as the pH increases from 0 to 13.34 Zhuang et al.
took this hydrogen-binding energy theory one step further and
suggested that alloying Pt with elements such as Ru would
weaken the Pt−Had binding energy, thereby increasing the
alkaline HOR kinetics.36 DFT calculations were also used in
their study to suggest that “H-binding energy” on Pt3Ru(111) is
−0.19 eV which is weaker than that of −0.33 eV calculated on
the Pt(111) surface.
Proponents of the “reactive−OHad” theory suggest that the

nonavailability of reactive−OHad species at the reaction
interface is the major cause for slower alkaline HOR
kinetics.35,139 For instance, Pt is known to be a very good
catalyst for the dissociative adsorption of H2 to form Pt−Had but
is not a good surface to form adsorbed hydroxide species (Pt−
OHad) at potentials relevant for HOR reactions.37 Since alkaline
HOR depends not only on the formation of dissociatively
adsorbedHad reaction intermediate but also on the availability of
OH− anions in a suitably reactive form at the reaction interface,
it was suggested that HOR kinetics can be significantly improved
by promoting hydroxyl (M−OHad) adsorption on the catalyst
surface. This is referred to as the bifuncational effect of the
alloys, wherein the Had species formed on the primary active site
such as Pt in combination with more “oxophilic” alloying metals

Figure 2. Comparison of Pt/C catalyst in 0.1 M HClO4 and 0.1 M
NaOH electrolytes. (Top) HOR curves in H2 saturated electrolytes;
(inset) mass-transport corrected Tafel plots. (Middle) Cyclic
voltammetry in Ar saturated electrolytes. (Bottom) ORR curves at
900 rpm in O2 saturated electrolytes; (inset) mass transport corrected
Tafel plots. All experiments were carried out at room temperature using
15 μg/cm2 Pt loading.
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(e.g., Ru or Ni) increases HOR activity significantly due to the
enhanced formation of hydroxide species on the alloying
element.35

One common limitation with the HBE theory is the way in
which H-binding energy values are calculated. For instance, the
Hupd peak potentials (Epeak) from cyclic voltammetry are simply
multiplied by the Faraday constant (F) to arrive at an enthalpic
number (EM‑H = −EpeakF) which is suggested to represent the
strength of H-binding energy to the catalyst surface.33,34 We
would like to point out that the validity of such elementary
methods needs to be revisited. Per se, such a method is indeed
technically correct to calculate binding energies when applied on
various catalyst surfaces in one single electrolyte pH. The
validity of such an approach is questionable when applied on a
single catalyst surface across electrolytes of varying pH. From
basic principles of catalysis, it is reasonable to understand that
the M−Had bond strength is different for various metal surfaces
in any given electrolyte pH.131 However, it is intriguing and
quite unproven to note that for any given metal surface, the M−
Had bond strength of a neutral atomic adsorbate such as Had
becomes stronger with increasing pH. Such elementary H-
binding energy calculation seriously overlooks some of the
profound changes to the reaction mechanisms occurring at the
alkaline electrode/electrolyte double layer. Such a method
would be valid only if the responsible reactions and the
accompanying mechanisms in the Pt−HUPD process do not
change as the pH traverses from acid to alkaline regime. We

would like to point out that none of the proponents of the HBE
theory has attempted to explain why H-adsorption on a given
catalyst surface is stronger in alkaline electrolyte compared to
acid. DFT studies that have been used to calculate atomic H-
binding energies rarely account for the effect of changing
pH.33,36 Some recent DFT calculations by Rossmeisl et al. and
theoretical studies by Anderson et al. that do include the pH
effect in their calculations did not take into consideration the
effect of changing reaction mechanisms as the pH is traversed
from acid to alkaline conditions.134,142−144 Rossmeisl et al. have
made some important strides in incorporating the effect of pH
via change in proton free energy and electron work function.142

On the basis of this, pH has been found to affect adsorbate
coverage and water dipole orientation and also pointed out that
in activation energy calculations, the reaction barriers are highly
dependent on the structure of water at the interface. The effect
of these changes on the activation energies of various alkaline
HOR reaction steps remain unexplored using DFT calculations.
In this context, while the proponents of the HBE theory claim
that the H-adsorption energy is higher in alkaline media on a
given catalyst surface, some authors have also DFT calculations
to show that there is actually a decrease in hydrogen-adsorption
energy in going from acid to base on bulk Pt surface.135 This
seriously puts into question that validity of the HBE theory to
convincingly explain the reasons behind the increase in HOR
overpotentials on monometallic Pt surface under alkaline
conditions.

Figure 3. (Top) Schematic illustration of electrochemical double-layer structure during HUPD deposition/stripping process in dilute alkaline
electrolytes at various potentials with respect to the potential of the double-layer region (Edl). (Bottom) Generic mechanistic reaction schemes for
HOR in dilute alkaline electrolytes on mono- and bimetallic catalyst systems. M1 represents a metal site capable of dissociatively adsorbing molecular
hydrogen. In scheme 2, alloy element Mp represents a precious metal site capable of forming Hupd in alkaline electrolyte. In scheme 3, alloy element Mb
represents a base-metal site passivated with adsorbed (hydr)oxide species in dilute alkaline electrolytes.
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On the contrary, while there are certain merits to the
“reactive−OHad” theory in its existing format proposed by
Markovic et al.,35 there is a need to better understand the exact
nature of the “reactive−OHad” species that is involved in the
Volmer step of the alkaline HOR process. On monometallic Pt
surfaces, it was suggested that reactive−OHad species are formed
via specific adsorption of hydroxide anions on “Pt-defect sites” of
the form Pt−OHad.

35 The authors proposed that such reactive
species are formed even in the Hupd region at potentials well
below the potential of zero charge (pzc). Electrocatalytic
processes proceed via the reaction between adsorbed
intermediates, and the hydroxide species (OH−) in the second
elementary reaction (Volmer step) should exist on the surface in
an adsorbed state as OHad or in an analogous reactive form. One
route for the formation of Pt−OHad species is via direct specific
adsorption of hydroxide anions (Pt + OH̅ → Pt−OHad + e−).
Further, Pt−OHad species formation implies that the plane of
closest approach of negatively charged OH− anions is the inner-
Helmholtz plane (IHP) where the hydroxide anions are largely
desolvated and form the loci of specifically adsorbed species via a
covalent bond on the positively charged Pt surface. It should be
noted that Hupd formation and H2-oxidation reaction occurs on
Pt surfaces at potentials well below pzc where the surface is
negatively charged. Invocation of “defect-sites” on Pt surface as a
host for Pt−OHad in the Hupd region does not convincingly
answer the problem; further it was clearly shown recently that
Pt−OHad formation via specific adsorption of hydroxide anions
occurs only at potentials ≥ 0.7 V versus RHE in 0.1 M NaOH;
no evidence for the presence of Pt−OHad was observed in the
Hupd potential region (≤0.45 V) via surface-sensitive X-ray
absorption spectroscopic measurements.37 This brings into
question the exact nature of the reactive−OHad species
responsible for the enhancement of alkaline HOR kinetics. It
is important to clearly define the plane of closest approach of
OH− anions in the electrochemical double layer. The nature of
this hydroxide species, its conditions, and source of formation
requires detailed attention as this is a key elementary step during
HOR in alkaline media causing higher overpotentials.
In order to understand the mechanistic changes involved

during HOR reaction in alkaline media, it is pertinent to take a
closer look at the Hupd deposition/stripping processes and
identify the commonality between the Hupd stripping mecha-
nism and the alkaline HOR process.37 In acid electrolyte, Pt−
Hupd formation simply involves the direct discharge of protons
(Pt + H+ + e− → Pt−Hupd). Hupd in alkaline media is formed via
the one electron reduction of solvent water molecule on the
electrode surface (Pt + H2O + e− → Pt−HUPD + OH−). As a
result of this reaction, OH− anions are formed as a conjugate
base in the compact part of the double layer. Classically, this
hydroxide anion would be expected to diffuse away into the
electrolyte bulk. Given the complexity of the electrochemical
events in this process, we performed a series of thought
experiments to sequentially visualize the elementary reaction
steps in the Hupd deposition/stripping process with detailed
attention to the double-layer structure. The process of Hupd
formation upon cathodic potential sweep is illustrated in Figure
3a (stages 1−3) with respect to the double-layer potential region
(Edl). Ideally, in stage 1 (E < Edl), the adsorbed water molecule
could be imagined to be oriented with the hydrogen end toward
the electrode surface (flip-down state of water molecule) prior to
any electron transfer. After the one electron transfer process
(stage 2, E < Edl), hydroxide anion is not completely cleaved
from the water molecule but rather is only partially cleaved to

form the cluster Pt−Hupd···OHq‑ad, wherein the hydroxide
species is represented to be in a quasi-adsorbed state stabilized in
the outer-Helmholtz plane via hydrogen (Hupd)-bond for-
mation. Only upon further drop in electrode potential (stage 3, E
≪ Edl), hydroxide anion could be considered to be completely
cleaved from the Hupd adsorbate. The reverse of this process
essentially occurs during the anodic Hupd stripping (Figure 3a,
stages 3 through 1). In such a case, the approach of the
negatively charged hydroxide anions would essentially be
limited to the outer-Helmholtz plane, thereby forming the
cluster Pt−Hupd···OHq‑ad followed by water molecule formation.
In this process, the larger overpotential required for the Hupd
stripping process arises due to the voltage penalty required to
draw the negatively charged hydroxide anions to the plane of
closest approach (i.e., OHP) of a negatively charged electrode
surface. This modern rendition of the Hupd deposition/stripping
mechanism takes into account the critical role of the
electrochemical double-layer structure at an alkaline elec-
trode/electrolyte interface. The most critical aspect of this
proposition in the Hupd deposition and stripping mechanism is
the bond breaking and bond formation of the water molecule,
respectively, that involves the formation of a unique transition
state structure of the form Pt−Hupd···OHq‑ad, which requires
higher activation energy.37,135 Such processes simply do not
occur in acid electrolyte.
The above rendition can be extended to explain the higher

overpotentials required for alkaline HOR kinetics on mono-
metallic Pt surfaces as depicted in Figure 3 (scheme 1).37 In the
HOR process, the reaction intermediate is represented by the
dissociatively adsorbed H2 on Pt active sites of the form Pt−Had.
There is a voltage penalty involved in the process of drawing the
negatively charged OH− anions to the plane of closest approach
of a negatively charge Pt surface covered with Had reaction
intermediate. This leads to the formation of a transition state
cluster Pt−Had···OHq‑ad prior to the formation of the water
molecule. The bond formation of the final product water
molecule involves the assemblage of an exclusive transition state
structure of the form Pt−Hupd/ad···OHq‑ad, which requires
additional activation energy to draw OH− anions to the plane
of closest approach (i.e., OHP and not IHP) of a negatively
charged electrode surface. On monometallic Pt surfaces, the
nature of the “reactive−OHad” species is the quasi-specifically
adsorbed (OHq‑ad) hydroxide anions located in the outer-
Helmholtz plane.
Interestingly, the above findings of alkaline HORmechanisms

on monometallic Pt surfaces being limited by the bond-
formation process of the product water molecule are in excellent
agreement with the recent development in alkaline H2-evolution
reaction mechanisms where the bond breaking of H2O
molecules was shown to be the major limitation for the sluggish
HER kinetics.37,135,145 In the context of the alkaline HER
process, Subbaraman et al. showed that while Pt is a good
catalyst for adsorption and recombination of the reactive
hydrogen intermediate (Had), it is generally inefficient in the
prior step of water dissociation.145 Similarly, while Pt is an
excellent catalyst surface for the dissociative adsorption of H2 to
form Had, it is an inefficient material by itself to enable the
formation of water molecules during alkaline HOR. Further, this
is also in agreement with Wang et al., who suggested that the
intrinsically low mobility of OH− may cause an increase in
activation barrier for the Volmer reaction in the alkaline HOR
process.135
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Given the limitations of pure Pt surface as a sluggish catalyst
for alkaline HOR, several authors have suggested bimetallic or
composite catalyst materials such as PtRu, PtCu, PtNb, PtNi,
PdNi, PdIr, Pd/C−CeO2, etc.

35−37,135,137,139,141,146−149 Typi-
cally, these alloy catalysts provide HOR activity much higher
than that of pure Pt. For instance, Figure 4 shows that the HOR

activity of PtRu/C bimetallic catalysts in 0.1 M NaOH is very
comparable to pure Pt/C catalyst in dilute acidic electrolyte. For
instance, at ik = 1 A/mgPt HOR overpotential on PtRu/C is
minimized by 110 mV in comparison to Pt/C in alkaline
electrolyte. This is in good agreement with the HOR activity
improvements demonstrated across various laboratories. Ex-
change current densities of PtRu alloys have been demonstrated
to be roughly 3 to 4-fold higher (1.42 mA/cm2

PtRu for Ru0.2Pt0.8
vs 0.49 mA/cm2

Pt for Pt) than that of Pt in dilute alkaline
electrolytes.35,37,135,139,141 This represents a significant set of
results because it shows that use of Pt-alloys can provide a
pathway for the decrease in Pt loading at the AAEM fuel cell
anode comparable to that of PEM fuel cell anode loading levels
(∼0.025 to 0.05 mgPt/cm

2).
Proponents of the H-binding energy theory suggest that PtRu

shows an improvement in HOR activity due to an electronic
effect wherein the Ru alloy weakens the Pt−Had bond
strength.36,141 Contrarily, proponents of the “reactive−OHad”
theory suggest that Ru being very “oxophilic” promotes HOR

activity in alkaline media via formation of specifically adsorbed
Ru−OHad species.35,139 According to the latter schemes in
literature, Pt−Had intermediate is proposed to directly react with
Ru−OHad (formed via OH̅ specific adsorption) thereby
enhancing HOR activity. However, our recent studies have
clearly shown that at potentials less than 0.2 V vs RHE, there is
no spectroscopic evidence for the formation of Ru−OHad.

37 It
should be noted that HOR on PtRu reaches limiting current
densities well below 0.2 V thereby questioning themechanism of
HOR on PtRu that leads to the significant improvement.
We have recently extended on our double-layer structural

model to explain the phenomenon of improvedHOR activity on
Pt-alloy surfaces.37 In accordance with this scheme, Ru was
shown to enable the formation of Hupd at potentials below 0.2 V
via one electron reduction of water molecules (Ru + H2O + e−

→ Ru−Hupd + OH−). This is evidenced by the Ru−Hupd
deposition/stripping peak centered at 0.10 V versus RHE in
dilute alkaline solutions. On the basis of ourmodern rendition of
the electrochemical double-layer structure discussed above, this
suggests the formation of quasi-specifically adsorbed hydroxide
species on Ru in the outer-Helmholtz plane of the form Ru−
Hupd···OHq‑ad. Accordingly, Pt−Had intermediate reacts with the
quasi-specifically adsorbed hydroxide species (OHq‑ad) on Ru to
enable the bond formation of the final product water molecule.
In essence, the Ru alloy accelerates alkaline HOR kinetics on Pt
by enabling the bond formation of the final product water
molecule by furnishing the quasi-specifically adsorbed reactive
hydroxide species. It should be noted that the reactive hydroxide
species furnished by Ru is formed via 1e− reduction of water
molecules to form Hupd. As depicted in Figure 3b (xcheme 2), in
the cases of alloying elements such as Ru, Ir, or Pd, where Hupd
formation is possible, the nature of the “reactive−OHad”
corresponds to the quasi-specifically adsorbed hydroxide species
localized in the outer-Helmholtz plane formed via 1e− reduction
of water molecules of the form Ru−Hupd···OHq‑ad.
In the cases of alloying elements such as Cu, Ni, Co, Nb, etc.,

where the transition alloying element does not show Hupd
formation but rather are passivated by layers of oxide/hydroxide
film on its surface, the following simple bifunctional mechanism
could be proposed to occur.35,37,137 This is depicted in Figure 3b
(scheme 3). Pt−Had intermediate reacts with specifically
adsorbed (M−OHad) reactive species formed on an adjacent
base alloy metal in the fashion of NbOx(OHy)/Cu−OHad/Ni−
OHad to enhance the alkaline HOR process. Only in such cases,
the “reactive−OHad” species can be attributed to the simple
specifically adsorbed hydroxide species on the base alloying
element. It should be noted while the availability of “reactive−
OHad” is rate limiting for alkaline HOR processes, an optimal
adsorption of hydrogen binding to the primary active site is still
required on the primary catalytic metal site. It is only suggested
that the binding energy of Pt−Had for a given catalyst does not
change significantly with varying pH and is no more important
than what it already is in acidic electrolytes.
Recently, several studies have been carried out to investigate

the alkaline HOR kinetics of PtRu catalyst and deduce the
reasons for its improved activity over Pt. Given the importance
of PtRu as a catalyst for the alkaline HOR process, we provide a
case study of this material and attempt to draw some generalized
conclusions on its activity and reaction mechanisms. Wang et al.
argued that the HOR kinetics on PtRu is better than Pt because
of the electronic effect of Ru on decreasing the binding energy of
Pt−Had.

36 On the basis of cyclic voltammetry of Pt and PtRu in
0.1 M KOH electrolyte, they suggested that the Pt−Hupd peak

Figure 4. HOR electrocatalysis on bimetallic catalysts in alkaline
electrolyte. (a) HOR curves, (b) Ohmic and mass transport corrected
Tafel plots in H2 saturated electrolytes, and (c) cyclic voltammetry in
argon-saturated electrolyte. All measurements carried out at 40 °C.

Chemical Reviews Review

DOI: 10.1021/acs.chemrev.9b00157
Chem. Rev. XXXX, XXX, XXX−XXX

L

http://dx.doi.org/10.1021/acs.chemrev.9b00157


observed at ∼0.3 V on pure Pt (“strong Had”) is cathodically
shifted to ∼0.1 V (“weak Had”) on PtRu catalyst, indicating a
weakening of Pt−H binding energy upon alloying Pt with Ru.
The authors claimed that the weakening of binding energy was
also apparently corroborated by their DFT calculations. We
would like to point out that first of all the Hupd at 0.1 V on the
PtRu catalyst is related to Ru−Hupd stripping and is not due to
the “weakened Pt−Hupd” stripping process. A simple compar-
ison of a cyclic voltammetry between PtRu and pure Ru would
have avoided such confusions, and the results of Wang et al.
cannot be used as evidence of electronic effect of Ru on Pt. In a
recent study, St. John et al. have investigated the alkaline HOR
kinetics on Pt-rich Pt0.8Ru0.2 and Ru-rich Ru0.8Pt0.2 nanocatalyst
alloys.139 While the cyclic voltammetry of their Ru-rich alloy is
inevitably reflective of the surface Ru content (as evidence by the
Ru−Hupd formation below 0.2 V in their publication), a Pt-rich
alloy yields interesting results that help deconvolute the
electronic versus bifunctional effects of the alloy catalyst. For
instance, it is observed from their publication that while the Pt−
Hupd peak in Pt0.8Ru0.2 catalyst cathodically shifted only a few
mV (∼5 mV) in the 0.1 M KOH electrolyte, the HOR activity
on the same catalyst showed improvements on the order of
several tens of mVs (∼40 to 50 mV) at 2 mA/cm2 current
density along with a 3-fold increase in exchange current density
compared to pure Pt (0.49 mA/cm2

metal for Pt vs 1.42 mA/
cm2

metal for Pt0.8Ru0.2). This clearly indicates that the ligand
effect of Ru on Pt cannot be completely rejected, but it only
confers a very small effect on the HOR activity improvement in
comparison to the dominant bifunctional effects. On the basis of
a Tafel slope analysis, it was suggested that for a pure Pt catalyst,
the Volmer step is rate-determining in an alkaline electrolyte,
whereas on PtRu surfaces dissociative adsorption of molecular
H2 (Tafel rds) is rate-determining. The interplay between the
ligand and bifunctional effects of Ru on Pt causes the transition
of the rate-determining step from the Volmer step for pure Pt to
Tafel step for PtRu alloys.139

One way to distinguish whether the bifunctional mechanism
or the ligand effect is the dominant reason for improved HOR
activity on Pt-alloys is to study them using core−shell structures
such that Pt is preferentially located on the surface of a core
element. In that context, two independent studies clearly suggest
that the Ru@Pt core−shell structure with a Ru core and roughly
two monolayer Pt shell catalysts has at least similar activity or a
higher activity by a factor of 2 compared to RuxPt1−x (x = 0.2 to
0.6) alloy nanocatalysts (based on total noble metal
loading).135,141 This suggests that placing the Pt atoms
selectively on the surface of the Ru core may be beneficial in
terms of the resultant catalyst activity toward the alkaline HOR
process and help minimize the precious metals usage.135,141 In
one of these studies, while the authors suggested the catalyst to
consist of Ru-core with two monolayers of Pt-shell, the cyclic
voltammetry of this catalyst suggested that there was still a
significant fraction of Ru exposed to the electrolyte (see Figure
4a in the referred article where the Ru−Hupd peak less than 0.2 V
is still evident).135 In the other study, HOR activity of the Ru@
Pt core−shell catalyst was studied as a function of Pt monolayer
coverage from 0.3 to 2.6 in alkaline electrolyte.141 It was shown
that increasing the coverage of Pt on Ru from 0.3 to 2.0
monolayer led to a smooth and continuous increase in HOR
activity beyond which (>2.0 monolayer) the activity dropped
since the surface was apparently covered exclusively by Pt
overlayers. The authors suggested that the continuous increase
in activity with no sudden drop after completion of one Pt-

monolayer demonstrates the electronic/ligand effect since in a
purely bifunctional mechanism a sudden drop in activity would
be expected after completion of a Pt monolayer with no Ru
present on the surface. While this is an interesting observation,
we would like to point out that the characterization of their
core−shell catalyst surfaces in an alkaline electrolyte was not
shown. The surface of the catalyst was studied using cyclic
voltammetry and CO-stripping measurements in acidic electro-
lytes to draw conclusions regarding its mechanisms for the HOR
process in alkaline electrolytes.141 Given that the HOR and CO-
stripping mechanisms are considerably different in acid and
alkaline electrolyte, it would be more relevant to characterize a
given catalyst in the electrolyte of interest to understand its
surface nature prior to drawing conclusions.
In an another independent study, Ru nanotubes with Pt

overlayers were investigated wherein the surface coverage of Pt
on Ru was varied from 0.24 to 0.94.146 A plot of the HOR
activity vs Pt coverage suggested a peak in performance at Pt
coverage of 0.8 on Ru nanotubes followed by a drop in activity as
the Pt coverage reached 0.94. This clearly suggests that the
presence of surface Ru is required for improvements in HOR
activity. An analysis of Pt L3 X-ray absorption spectra indicated
an electronic interaction between Ru and Pt which was
evidenced by electron donation from Ru to Pt and a
compression of the Pt−Pt nearest neighbor interactions. This
indicates that the effect of electronic interaction between Pt and
Ru cannot be completely eliminated. This is also confirmed by a
Tafel slope analysis that suggests a 86−94 mV/dec for PtRu
nanotubes which is intermediate between what would be
expected for a pure Tafel rds (∼30 mV/dec) and Volmer rds
(120 mV/dec). These conclusions are in accordance with earlier
studies on PtRu alloys for CO electrooxidation reaction, wherein
it was found that Ru does have a minor electronic effect on
Pt.150,151 Ru was shown to alter the Pt electronic density of states
near the d-orbital via electron donation to Pt and a compressive
strain effect on the Pt−Pt bond distance. These earlier studies
clearly suggest that the electronic/ligand effect of alloying Pt
with Ru abets the bifunctional effects existent on the catalyst
surface.
In summary, it is clear that for monometallic Pt catalyst the

nonavailability of reactive−OHad species is the major cause of
low alkaline HOR activity. On the other hand, the enhancement
observed on Pt-alloy catalysts appear to be largely due to the
dominant bifunctional effects, and the contributions from
electronic/ligand or lattice compression (strain) effects appear
to be minor.137,146 The presence of the electronic/ligand effect
versus the bifunctional mechanism should be considered
depending upon the nanoparticle structure and synthesis
procedure under consideration. Irrespective of the specific
reasons of improved activity, the most enticing aspect is that the
Pt-alloys have demonstrated enhanced alkaline HOR kinetics
significantly to levels that can match Pt/C in dilute acidic
electrolytes. It signifies that very low Pt loadings currently used
in PEM fuel cell anodes (0.025 to 0.05 mgPt/cm

2) could be
enabled in AAEM fuel cells as well.
While PtRu-based catalyst certainly provide great techno-

logical promise for the AAEM fuel cell, the application of non-Pt
or non-PGM anode catalysts would be of ultimate success. The
search for an alternate to Pt for HOR should likely begin with a
good understanding of volcano plots based on Sabatier’s
principles of catalysis to find non-Pt materials that provide
optimal binding of hydrogen-adsorbed reactive intermediate. It
is typically observed that Pt-based surfaces exhibit hydrogen
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adsorption bond strengths that are neither too strong nor too
weak, thereby positioning itself at the top of the volcano plot.
Other elements such as Pd, Ir, and Ru from the precious metal
group fall very close to Pt near the top of the volcano
plot.132,152,153 Elements such as Ag, Au, and Cu with low
hydrogen-adsorption energies are observed on the descending
portion of the volcano plot, whereas base transition metals such
as Ni, Co, Fe, and W fall on the ascending portion of the curve
due to their high reactivity and binding energies for Had.

152,153

Few recent studies have investigated non-Pt elements from the
precious metals groups such as Pd, Ru, and Ir for alkaline HOR
applications.34,138,139,146 Monometallic Pd/C shows a very low
exchange current density even when compared to Pt/C in 0.1 M
NaOH (∼0.06mA/cm2

Pd vs 1mA/cm2
Pt at 313 K).

34 Studies on
bimetallic PdIr149 and Pd/Ni72,148 materials demonstrate some
improvements in their HOR activity over pure Pd. However,
these improvements on bimetallic Pdmaterials are insufficient as
they are able to match the activity of monometallic Pt in dilute
alkaline electrolyte but still well below the PtRu activity. While
Ru and Ir typically show low alkaline HOR exchange current
densities compared to Pt, some recent studies do suggest that
the activity is strongly dependent on the particle sizes. Yan et
al.138 and Ohyama et al.154 suggested that 12 nm Ir and 3 nm Ru
particle size very high HOR activities are observed as these
materials expose the critical metal surface structure and
crystalline facets that are responsible for the peak activity.
Non-pgmmaterials based typically on Raney Ni and Ni-alloys

have long been used in alkaline electrolyzers for hydrogen
evolution.155,156 Taking cue from these applications, recent
studies have investigated the possibility of using Ni-based
catalysts for alkaline HOR. Ni tends to adsorb H2 reaction
intermediates (Ni−Had) very strongly compared to Pt and,
hence, are typically found on the ascending portion of the
volcano curve.152 Studies on Ni-based catalyst have resulted in
wide-ranging exchange current densities due to highly sensitive
nature of the Ni-surface structure/composition that strongly
depends on the electrode pretreatment and conditioning
procedure. Recent studies suggest that metallic Ni electrodes
conduct HOR/HER via the Heryrovsky-Volmer pathway and
“activation” of the surface via oxidation to form NiO islands on
the metallic Ni surface leads to an improvement in activity and a
concomitant decrease in hydrogen intermediate adsorption
energy.157 However, it should be noted that the exchange
current densities on these Ni/NiO nanoparticle surfaces are at
best on the order of a few tens of μA/cm2

Ni. Zhuang et al.
operated AAEM fuel cell with a NiCr alloy anode catalyst that
exhibited a current density of ∼0.60 A/cm2 at 0.65 V (H2/O2
cell operating at 60 °C, 100% RH, 130 kPaa, Ag-based
cathode).83 They suggested that alloying Ni with Cr suppresses
the formation of oxides on Ni thereby potentially enhancing the
adsorption of hydrogen reaction intermediate. The half-cell
performance of NiCr anode in a liquid electrolyte was not shown
in this study which makes the quantification of its HOR activity
difficult. Encouraging results have also been recently published
by Yan et al. on non-pgm HOR catalysts such as NiCoMo alloy
and Ni/N-doped CNT.158,159 In the case of NiCoMo, a 20-fold
higher HOR activity was observed compared to pure Ni and
claimed to outperform Pt at high enough loadings. The alloy was
suggested to provide a hydrogen-binding energy similar to that
of Pt which was suggested to be the reason for its high
performance. Similarly, deposition of Ni on nitrogen-doped
carbon nanotubes showed a significant enhancement of HOR
activity compared to unsupported Ni due to the presence of

both a stabilizing support material and the electronic effect of
nitrogen on nickel. Ni/N−CNT catalyst exhibited an exchange
current density of 0.028 mA/cm2

Ni, which is significantly better
than pure Ni but still an order of magnitude lower than Pt. More
studies that demonstrate high alkaline HOR activity and
elucidate reaction mechanisms on non-PGM catalyst materials
are clearly warranted. Particularly, studies that demonstrate the
performance of non-PGM anode catalysts in comparison to
PGM systems in AAEM fuel cell MEA configuration is required.
Further, while a better understanding of the reaction
mechanisms in alkaline electrolyte could help design PGM
catalysts for HOR, the non-PGM anode catalysts are primarily
limited by the stronger binding energy H-adsorbed intermedi-
ate. Hence, the focus of non-PGM anode catalyst development
should be more on strategies to improve the HBE and not
necessarily on mechanistically enabling hydroxide availability at
the reaction site.

4. OXYGEN REDUCTION REACTION IN ALKALINE
ELECTROLYTE

The objective of this section is to provide a selective review to
capture the unique mechanistic aspects of the alkaline ORR
process that enables distinctive reaction pathways at high pH.
The subject of ORR is too vast to compile in this section here.
Interested readers are referred to articles by Spendelow et al.,42

Ge et al.,160 Shao et al.,161 and He et al.162 which provide
excellent materials-based reviews on various precious and
nonprecious catalysts surfaces. From the perspective of reaction
mechanisms, there are two critical aspects that distinguish ORR
in alkaline media from acidic conditions. They are related to the
(i) nature of the first electron transfer step to molecular O2 and
(ii) base catalysis of the hydrogen peroxide intermediate.
4.1. Nature of the First Electron Transfer Step to O2

The single biggest challenge for ORR catalysis in acidic
electrolytes is in enabling the initial adsorption of molecular
O2 at an optimal binding energy with or without the electron
transfer. This critical requirement narrows down the choice of
catalytic materials to the precious metals group with optimal d-
band electronic structure and geometric features that provides a
sufficiently high free energy of adsorption for O2 and other
related reaction intermediates.163−166 On the other hand, the
lack of necessity for O2 adsorption prior to the first electron
transfer at high pH conditions liberates the entire ORR process
from this critical requirement thus enabling a wide range of
electrode materials at high pH conditions. Such a scenario arises
due to the possibility of outer-sphere electron transfer
mechanism under alkaline conditions, which is discussed briefly
here in this section.38,167,168

There are two mechanisms for ORR in alkaline electrolytes.
The first mechanism is the well-known electrocatalytic inner-
sphere electron transfer (ISET) mechanism where molecular O2
undergoes direct chemisorption, either dissociatively or
associatively, on oxide-free Pt site leading to a direct/series
4e− pathway without the desorption of reaction intermediates
such as peroxide from the surface according to the following
reaction scheme.169−174

initial adsorption: O O2 2,ad→ (7)

direct pathway: O 2H O 4e 4OH2,ad 2+ + →− −
(8)

series pathway: O e (O )2,ad 2 ad+ →− •−
(9)
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(O ) H O ( OOH) OH2 ad 2 ad+ → • +•− −
(10)

OOH e (HO )ad 2 ad• + →− −
(11)

(HO ) H O e OH 2OH2 ad 2 ad+ + → • +− − −
(12)

OH e OHad• + →− −
(13)

Direct pathway involves the concerted transfer of 4e− to
adsorbed molecular oxygen to form OH− anions without the
formation of peroxide reaction intermediates. Series pathway
involves the sequential transfer of 4e− to the adsorbed molecular
O2 to form OH− anions via the progressive formation of
adsorbed reaction intermediates such as superoxide (O2

•̅ad)
hydroperoxyl radical (•OOHad), hydroperoxide anion (HO2̅ad),
and hydroxyl radical (•OHad). Surface-enhanced infrared
spectroscopy has been used to detect the presence of adsorbed
superoxide on Pt and hydroperoxide species on Au catalyst
surfaces which strongly indicates that the 4e− ORR process
progresses via the series pathway.174−176 In both these pathways,
the rate-determining step on Pt-based surfaces is widely known
to be either the initial adsorption of molecular oxygen172 or the
first electron transfer step to the adsorbed molecular O2.

177−179

Recent DFT calculations suggest that the water molecules
involved in the associative 4e− transfer pathway are present at
the interface in a chemisorbed state (H2Oad) and not simply in
its aqueous form (H2Oaq) with the reaction potential strongly
determined by the conversion of adsorbed hydroxyl radical
(•OHad) to OH−.180

The double-layer structure in a dilute alkaline electrolyte
under ORR conditions is shown in Figure 5c.38 Cathodic
potentials of oxygen reduction in an operating fuel cell typically
occur at potentials well positive of the potential of zero charge
(pzc). At high pH environment water molecules act not only as

solvent but also serve as the source of protons required in ORR.
IHP is populated by specifically adsorbed hydroxyl species
(OHads arising from OH− anion adsorption), solvent water
dipoles, and chemisorbed O2. Presence of both OH− and the
H2O leads to the formation of a compact H-bonding network in
the double-layer that affects adsorption configuration of O2.
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Alkali metal ions are typically well solvated and are classically
expected to populate the OHP. Figure 5c (inset a) shows the
well-known electrocatalytic ISET mechanism which involves
direct chemisorption of desolvated oxygen molecule on an
oxide-free Pt site to form O2,ads followed by a direct/series 4e−

ORR pathway.
The second mechanism is the outer-sphere electron transfer

(OSET) mechanism where the solvated molecular O2 cluster
written here as the O2·(H2O)n cluster undergoes the electron
transfer process without directly chemisorbing on the catalyst
active site.38 For electrocatalytic reactions, it is typically assumed
that the molecular adsorption of reactant species (dissociatively
or nondissociatively) is the first step.182 Multistep, multielectron
transfer processes like ORR that involves many adsorbed
intermediates undoubtedly classifies as an inner-sphere electron
transfer reaction. However, among the many elementary
reaction steps involved in ORR there could be a surface-
independent outer-sphere electron transfer component in the
overall electrocatalytic 4e− inner-sphere electron transfer
reaction.168 In that perspective, the standard electrode potential
of one-electron reduction of O2 to form superoxide anion
(O2

•−) is thermodynamically expected at E0 = −0.3 ± 0.03 V
versus SHE corresponding to ΔG0 = 30 ± 2 kJ mol−1 with both
O2 and O2

•̅ remaining in the aqueous phase.124,125

EO e (O ) 0.33V vs SHE2,aq 2 aq
0+ → = −− •−

(14)

Given the pH independence of this redox couple (O2/
O2

•−)aq, the potential of this reaction does not change as the pH
is varied from 0 to 14.126 Due to the occurrence of four proton-
transfer steps in O2 reduction to H2O/OH

−, its standard
reduction potential changes by 0.828 V from 1.229 to 0.401 V vs
SHE as the pH increases from 0 to 14 (i.e., 59 mV/pH). This
causes the overpotential for the first electron transfer step (O2/
O2

•−) to decrease from 1.53 V at pH = 0 to 0.7 V at pH = 14,
indicating a sharp decrease in overpotential at alkaline pH
conditions. Markovic et al.126 argued based on a modified
Pourbaix diagram approach that the above-mentioned decrease
in overpotential is the primary thermodynamic reason for the
applicability of a wide range of non-noble materials in alkaline
media. Due to the high overpotential required for (O2/O2

•−)aq
redox couple in acidic media, only certain specific catalyst
surfaces such as platinum that offer high free energy of
adsorption for O2 can catalyze ORR in acidic media. In alkaline
media, decrease in overpotential for O2/O2

•̅ causes almost all
electronically conducting electrode material to be ORR active at
alkaline pH.126 While the decrease in overpotential for the first
electron transfer is certainly significant, this argument is
primarily of thermodynamic origin.
The experimental kinetic evidence for the OSET mechanism

is observed in the ring-electrode behavior during the alkaline
ORR process.38,183−186 Figure 5 shows the rotating disk-ring
current duringORR on Pt/C catalyst in dilute alkaline solutions.
The ring current due to peroxide oxidation in 0.1 M NaOH
electrolyte shows a sharp peak feature in the region around 0.8 V,
which is closely related to Pt−OH formation from specific
adsorption of hydroxide anions as seen from the cyclic

Figure 5. Comparison of electrochemical characteristics of Pt/C in 0.1
M NaOH and 1.0 M NaOH electrolytes at a loading of 15 μgPt/cm

2 on
5.61 mm Glassy Carbon disk electrode. (a) ORR polarization curves,
(b) ring currents measured in O2 saturated electrolytes at 900 rpm and
20 mV/s, and Ering = 1.1 V vs RHE; (c) schematic illustration of the
double-layer structure during ORR in alkaline conditions; Insets (a)
and (b) illustrate the inner and outer-sphere electron transfer processes.
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voltammetry in the 0.1 M NaOH electrolyte (Figure 2). Oxide
formation on Pt in acidic media is due to oxidation of the solvent
water molecules (water activation), and in alkaline media, it is
due to specific adsorption of hydroxide anions from the
supporting electrolyte.39,173,187−189 As shown in Figure 2, the
onset potential of Pt−OH formation is similar in both
electrolytes, although in alkaline media oxide formation current
exhibits a characteristic peak shape where as in acidic media
oxide formation current is relatively more flat. In the 0.1 M
NaOH electrolyte, Pt−OH formation commences at ∼0.7 V
versus RHE, reaches a peak current at 0.81 V, and a plateau at
∼0.9 V. On the cathodic direction, the peak potential for Pt−
OH reduction is ∼0.75 V vs RHE. As seen in Figure 5, on the
cathodic ORR scan, the increase in ring current commences at
0.9 V and reaches a peak potential of 0.75 V vs RHE. This clearly
indicates that there is an interaction between molecular oxygen
and the hydroxyl species on the surface. This interaction leads to
the formation of hydrogen peroxide intermediate which is
detected at the ring electrode. Detection of peroxide
intermediate at the ring electrode has been observed previously
on precious metal surfaces such as Pt, Pd, and Ru in the oxide/
hydroxide formation region.190−193 Further, among the various
single crystal Pt surfaces, this peak peroxide production is
prominently observed on the (100) and (110) surfaces.173

Looking back at the double layer structure in alkaline media
depicted in Figure 5 (inset b), the solvated molecular O2 cluster
(O2·(H2O)n) is shown to interact with the surface hydroxyl
species (OHads) via a hydrogen bond between H atom in OHads
and O atom in the solvent water molecule. Such hydrogen bond
energies (<35 kJ mol−1) are typically much lower than the
energy associated with covalent bond strength such as in the case
of direct chemisorption of O2 on Pt (>300 kJ mol−1).194 Such
low interaction energies due to hydrogen bond formation are
sufficient enough to overcome the overpotential for the first
electron transfer reaction in alkaline media according to eq 14
shown above. This hydrogen bond formation stabilizes the
solvated molecular oxygen O2·(H2O) cluster in the OHP and
promotes an outer-sphere electron transfer to form the
superoxide species.38 On the contrary, in acidic media while
this hydrogen bond formation could still take place, the
interaction energy is not sufficient enough to allow electron
transfer to the solvated molecular O2. This reaction is
formulated as shown here:

 Pt OH O (H O) e Pt OH O (H O)n n2 2 aq 2 2 aq+ [ ] + → + [ · ]·
− ·−

(15)

O (H O) e HO (H O) OHn n2 2 aq 2 2 1 aq[ · ] + → [ · ] +·− − −
−

−

(16)

The first step in the above reaction shown in eq 15 involves
electron transfer (or tunneling) from the electrode surface
across a thin oxide film and at least one layer of solvation shell to
solvated O2. Eq 16 involves proton transfer to the solvated
superoxide molecule followed by a second electron transfer to
form hydroperoxide anion. Thus, the OSETmechanism enables
a 2e− pathway to form hydroperoxide (HO2

−) anion as the final
product which is detected at the ring electrode. The rate-
determining step in the 2e−OSET reaction is the proton transfer
process to the aqueous superoxide species.125 Increasing
alkalinity of the supporting electrolyte (pH > 12) causes the
rate of proton transfer from water to decrease concomitant to
the decrease in water activity. This is primarily the reason for
increased stability of the superoxide radical anion O2

̅•− in

strongly alkaline electrolytes.195 It is noted that while the OSET
mechanism enables only a 2e− pathway leading to hydro-
peroxide anion formation, the interaction between the O2·
(H2O)n cluster and the surface-adsorbed hydroxide species
causes certain nonspecificity to the identity of the underlying
electrodemetal. This nonspecificity opens the gate to use a wide-
range of non-noble metals and their oxides as electrodematerials
for ORR in alkaline medium without necessitating the initial
adsorption of molecular O2.
On noble metals such as Pt, this nonspecificity is observed

only in the oxide formation region and depending on the extent
of−OH coverage both inner- and outer-sphere electron transfer
mechanisms are likely to coexist. On non-noble metals such as
the first row transition elements that are completely passivated
by a layer of oxide/hydroxide film upon immersion into the
aqueous electrolyte, this outer-sphere electron transfer process is
likely to be the dominant mechanism. In acidic media, the
adsorbed OHads species from water activation primarily serves
only to block/inhibit the adsorption of molecular O2 and other
reaction intermediates via the well-known site-blocking
effect.166,196 However, as shown here in alkaline media the
OHads species not only blocks the direct adsorption of O2 but
also serves to promote the 2e− outer-sphere electron transfer
reaction to form peroxide.38

The concept of involving the possibilities of outer-sphere
electron transfer during ORR in alkaline media bears
importance, and it was pointed out earlier by Bockris,10 and
Appleby21 that the exchange current density values in alkaline
media exhibit near-independence on a large number of
polycrystalline electrode materials including silver, gold,
manganese oxides, perovskites, and various carbon surfaces. So
certain steps in the overall ORR process in alkaline media could
proceed via a nonelectrocatalytic pathway.21,168 It should be
noted that while the OSET mechanism enables the use of non-
pgm materials for ORR alkaline media, it leads primarily to the
formation of HO2

− intermediate as the final product. In order for
the four-electron transfer process to occur, the catalyst should
either be able to (i) enable the direct adsorption of O2 on the
active site followed by the 4e− ISET mechanism or (ii) readsorb
the HO2

− intermediate followed by its electrochemical
reduction to OH− (discussed in the next section).

4.2. Base Catalysis of the Hydrogen Peroxide Intermediate

Another major aspect that provides a sharp contrast between
acidic and alkaline ORR processes is related to the chemical
nature of the hydrogen peroxide intermediate and its stability as
a function of pH. Hydrogen peroxide being a weak acid (pKa ∼
11.7) is represented by its protonated state as H2O2 under acidic
conditions; but as the pH increases, it exists in its deprotonated
form as the HO2

− anion. This is ascribed to the base catalysis
equilibrium reaction (H2O2 + OH− ↔ HO2

− + H2O). H2O2
disproportionation is kinetically very sluggish and not favored
under conditions of low pH, temperature, and concentrations,
implying that it is a relatively more stable intermediate under
dilute acid conditions. As the pH increases, the rate of hydrogen
peroxide disproportionation increases and goes through a
maximum between ∼11 and 13 pH.197−199

In this section, we first explain the distinction between the
disproportionation of hydrogen peroxide under homogeneous
chemical conditions and heterogeneous electrochemical con-
ditions. Following this, we then attempt to elucidate its
implications for the alkaline ORR process. Homogeneous
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chemical disproportionation of H2O2 (or) HO2
− is typically

written as follows:200

acid: 2H O 2H O O (or)

alkaline: 2HO O 2OH
2 2 2 2

2 2

→ +

→ +− −
(17)

Disproportionation of hydrogen peroxide molecule is a redox
process that involves both its oxidation and reduction reactions
by metal cations that act as a catalyst to liberate O2. While the
elementary reactions could be very complex, it is written here in
a simpler form as follows:

M H O H M H O OH (or)

M HO H O M OH OH

2
2 2

3
2

2
2 2

3

+ + → + + ·

+ + → + + ·

+ + +

+ − + −

(18)

OH H O OOH H O (or)

OH HO OOH OH
2 2 2

2

· + → · +

· + → · +− −
(19)

M OOH M O H (or)

M OOH OH M O H O

3 2
2

3 2
2 2

+ · → + +

+ · + → + +

+ + +

+ − +
(20)

The above elementary reactions represent the Haber-Weiss
process, which makes use of the metal-cation-catalyzed Fenton
chemistry under homogeneous chemical conditions.201−203 The
critical aspect here is that the hydrogen peroxide disproportio-
nation reactions progress through the formation of short-lived,
high-energy reaction intermediates such as the hydroxyl (•OH)
and hydroperoxyl (•OOH) radicals. In the elementary reactions
shown above, hydrogen peroxide is first reduced by the M2+

metal cation (initiation step) to generate hydroxyl radical
(•OH) which oxidizes another hydrogen peroxide molecule
(propogation step) forming the hydroperoxyl radical (•OOH).

This chain reaction progresses until the free radicals are
quenched and the cation is regenerated back to its original
valence state (termination step). Catalysis of hydrogen peroxide
disproportionation reaction is strongly dependent on the pH
and the nature of the metal cation catalyst (i.e., its valence state
and electronic structure).204−206 While metals such as iron,
copper, manganese, silver, cobalt, and nickel either in their
cationic form or colloidal oxyhydroxide state are excellent
catalysts for peroxide disproportionation, magnesium and
calcium are known to be stabilizers for dilute hydrogen peroxide
solutions.204 Since hydrogen peroxide disproportionation is a
redox process, the best catalysts are those that provide metal
cation centers in its crystal lattice structure that are capable of
existing in two or more oxidation states (M2+/3+, M3+/4+, etc.).
For instance, in the cobalt−iron spinel oxide system
(CoxFe3−xO4, 0 ≤ x ≤ 3), the active site for hydrogen peroxide
disproportionation is known to be the Co2+ cations present in
the octahedral sites. At a spinel composition of x = 1.0, the
disproportionation activity goes through a maximum due to the
maximization of the Co2+ centers present in the octahedral sites
with its facile conversion to Co3+ that sets up a highly effective
redox system.198 Manganese oxide systems (either unsubsti-
tuted MnOx or mixed oxides such as spinels and perovskites)
that exhibit mixed valency between theMn3+/4+ states are known
to be very active for hydrogen peroxide disproportionation
reaction.198,207−211

Catalysis of hydrogen peroxide disproportionation reaction
by metal cations is strongly accelerated at high pH. As
mentioned above, this is particularly attributed to the base
catalysis process that leads to the deprotonation of H2O2 to form
HO2

− anions.198,200,201,204,205 Base catalysis or deprotonation
initiates the disproportionation process by virtue of the high pH
environment and hence critically affects the reaction pathways
and mechanisms of hydrogen peroxide intermediate in alkaline

Figure 6. ORR polarization curves and the corresponding ring current profile measured in dilute acidic and alkaline electrolytes on a (left) pyrolyzed
Fe−Nx−C type non-PGM catalyst and (right) Ag(111) electrode. Also shown on the left are the hydrogen peroxide reduction reaction (HRR)
polarization curves measured using 3.5 mM H2O2 in argon saturated 0.1 M NaOH. (Figure on the right is reproduced with permission from ref 126.
Copyright 2006 Elsevier Ltd.).
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solutions.200 While the exact reasons for the increase in the
disproportionation kinetics at high pH is unknown, it is
suggested that the anionic nature of the peroxide intermediate
at high pH enables a favorable interaction with the cationic
catalyst active sites, leading to the formation ofMn+-HO2

− Lewis
acid-Lewis base transition state structure. Such an adduct
formation at low pH does not occur due to the neutral structure
of peroxide intermediate, and hence, H2O2 is relatively more
stable in dilute acidic solutions.
While the foregoing section primarily discusses catalytic

hydrogen peroxide disproportionation under chemical con-
ditions, the following section describes the peroxide dispro-
portionation process under heterogeneous electrochemical
conditions. Under homogeneous catalysis conditions, the
catalyst and the reaction intermediates exist in their aqueous
state. Under heterogeneous electrochemical conditions, the
catalyst is now immobilized on the electrode surface such that
the reactants and the reaction intermediates, particularly the
high energy hydroxyl (•OH) and hydroperoxyl (•OOH)
radicals, are adsorbed on the active sites of the electrode surface.
When peroxide disproportionation occurs under heterogeneous
electrochemical conditions, these high energy intermediates are
now generated on the electrode surface which is poised at a
potential (electrochemical) rather than held at open circuit
conditions (chemical). Under such electrochemical conditions,
these high energy intermediates can be electrochemically
reduced since their standard reduction potentials are signifi-
cantly positive. For instance, the primary reaction intermediate
in peroxide reduction is the hydroxyl radical (•OH) which has a
high standard reduction potential of E0

•OH/OH̅ = 1.64 V at a pH
of 14.124,200

catalytic chemical disproportionation:

M HO H O M OH 2OH2
2 2

3
ad+ + → + · ++ − + −

(21)

E

electrochemical reduction:

M OH e M OH 1.64V3
ad

3 0+ · + → + =+ − + −
(22)

regeneration of catalyst site:

M e M3 2+ →+ − + (23)

This process could be described as an electrochemical
reaction (•OHad to OH̅) promoted by a chemical catalytic
process (HO2

− to •OH). Hence, the alkaline ORR process is
now determined also by the chemical disproportionation
kinetics of HO2

− on the catalyst surface. Under such
electrochemical conditions, the metal cation center exists in
two oxidation states with a suitable redox potential such that the
lower oxidation state (M2+) can be chemically oxidized by
HO2

−, and the higher oxidation state (M3+) is reduced by virtue
of the electrode being poised at a certain potential to regenerate
the lower oxidation state.199,212 Contrarily catalytic dispropor-
tionation of H2O2 in acid is very sluggish and hence does not
generate the high-energy adsorbed intermediates.
Figure 6 shows the ORR polarization profile on Ag(111) disk

electrode and a pyrolyzed Fe−Nx−C type non-pgm catalyst in
both 0.1MKOHand 0.1MHClO4 electrolytes.

38,126 (Note that
the potential axis in Figure 6a is written as V versus RHE,
whereas in Figure 6b, it is written in terms of the overpotential
η). These two catalyst surfaces are used in this section as
representative materials to explain the implications of hydrogen
peroxide disproportionation step on the alkaline ORR process.

As observed in Figure 6a, the onset potential for ORR on Fe−
Nx−C catalyst in 0.1 MNaOH is 0.95 V versus RHE, whereas in
0.1MHClO4 electrolyte it is 0.80 V vs RHE. This 150 mV lower
overpotential in alkaline media is clearly reflected over the entire
mixed kinetic-diffusion region. In 0.1 M NaOH electrolyte, the
mixed kinetic-diffusion region is ensued by a well-defined
diffusion limited region, whereas in 0.1 M HClO4, no clear
diffusion limited region could be discerned which is indicative of
kinetic control in acidic media even at high overpotentials.
Qualitatively similar behavior is also observed on the Ag(111)
electrode surface as shown in Figure 6b. The performance of
Ag(111) in 0.1 M KOH is characterized by a high onset
potential followed by a mixed kinetic-diffusion region and then
eventually by a well-defined limiting current behavior. Contra-
rily, in 0.1 M HClO4, the ORR onset and the half-wave
potentials are lower by ∼400 mV followed by a poorly defined
limiting current behavior. Further, the ring electrode behavior
for both the Ag(111) and Fe−Nx−C catalysts in 0.1 M HClO4
suggests an immediate onset of hydrogen peroxide generation
upon commencement of ORR. This indicates that at low
overpotentials close to the onset of ORR, O2 is primarily
reduced to H2O2 in acid. Only at very high overpotentials close
to the limiting current density region H2O2 reduction becomes
feasible on both Ag(111) and Fe−Nx−C catalysts in 0.1 M
HClO4 as observed by the decrease in peroxide detected at the
ring electrode as the disk electrode is swept close to the limiting
current. On the contrary, the ring-electrode behavior of Ag(111)
suggests a negligible generation of hydrogen peroxide
intermediate in the alkaline electrolyte reflecting a predom-
inantly 4e− transfer. Fe−Nx−C catalysts also show very low
peroxide generation in 0.1 M NaOH since the majority of the
peroxide generated on this non-pgm catalyst is known to largely
arise from the carbon support in base.43 Figure 6a also shows the
hydrogen peroxide reduction reaction activity of FeTPP/C
catalyst (pyrolyzed at 800 °C) in both acidic and alkaline media
in comparison to the corresponding ORR polarization curves.
The onset potential for peroxide reduction in 0.1 M HClO4 is
0.84 V versus RHE, whereas in 0.1 M NaOH it is 1.01 V versus
RHE. Besides this onset potential difference, in 0.1 M NaOH
electrolyte, the mixed kinetic-diffusion region for peroxide
reduction is more anodic compared to that of ORR in the same
electrolyte which is then followed by a reasonably discernible
diffusion limited current density region. This clearly indicates
that peroxide reduction in alkaline media is kinetically favored
such that any peroxide intermediate formed during ORR in 0.1
M NaOH will be immediately reduced to the 4e− product. On
the contrary, the reduction of hydrogen peroxide in acidic media
is kinetically unfavorable due to weak binding of H2O2 on the
active site leading to its desorption into the bulk electrolyte.
For both Ag(111) and Fe−Nx−C catalysts, it is significant to

note that the alkaline ORR process is anodically shifted by
several hundred millivolts. Both Ag and Fe−Nx−C surfaces are
known to be excellent catalysts for the chemical disproportio-
nation of hydrogen peroxide at high pH, this enables the further
progress of ORR at high pH.213,214 The peroxide intermediate is
chemically activated to form adsorbed hydroxyl radicals
(•OHad) which is electrochemically reduced at high potential
according to reactions 21 and 22 shown above. On the contrary,
under acidic conditions ORR on these two catalysts are largely
terminated at the 2e− (H2O2) intermediate whose chemical
activation kinetics is sluggish at low pH. This causes the alkaline
ORR process to be dependent on the chemical disproportio-
nation kinetics on the catalyst surfaces.
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There are several references in the alkalineORR literature that
suggest the possibility of a hydrogen peroxide disproportiona-
tion reaction to regenerate O2 and hence lead to an apparent 4e

−

reaction pathway.211 We would like to point out that if the
peroxide anion intermediate chemically disproportionates to
form O2 then this should lead to only an increase in the limiting
current density and not an anodic shift in reduction potential. In
such a case, the onset and half-wave potential should be no more
positive than the E°(O2/HO2)

− redox couple potential of 0.77 V
versus RHE since the electrochemical process is determined by
only theO2/HO2

− couple. This is depicted in Figure 7 where the

ORR behavior is simulated as a function of heterogeneous
hydrogen peroxide decomposition rate constant (k3,f).

215 For
small rate constant values (k3,f ≤ < 10−4 cm s−1), two separate
reduction peaks are observed such that the first peak
corresponds to the 2e− reduction of O2 to hydrogen peroxide
followed by the second peak at high overpotentials which
corresponds to another 2e− reduction of hydrogen peroxide to
an OH− anion. As k3,f increases to greater than 10

−3 cm s−1, the
first reduction peak shows a significant increase in current
density at the expense of the second reduction peak. The
absence of the second reduction peak suggests that the
electrochemically generated hydrogen peroxide chemically
decomposes to O2 at a rate faster than the rate at which it is
electrochemically reduced to the OH− anion. The critical aspect
to note here is that if peroxide disproportionates to formO2 then
this leads only to an increase in the limiting current and not any
shift in the reduction potential.
One common denominator of all the electrode materials [N-

doped carbon,215 various transition metal (e.g., Ag),213,214,216

M−Nx−C type non-pgm,217 metal oxides including manganese
oxides,207,208,210 perovskites,218−222 and pyrochlores223] that
have been investigated for alkaline ORR process is that they are
all excellent catalysts for the heterogeneous disproportionation
of hydroperoxide anion under alkaline conditions. For instance,
the peroxide disproportionation rate constant of N-doped
carbon is 1.8 × 10−5 cm s−1 for peroxide disproportionation,
which is very close to that on platinum surfaces.215,217 Ag under
alkaline conditions that exists as Ag(OH)x being a very good
catalyst for the chemical disproportionation of hydrogen

peroxide enables the one electron reduction of HO2
− leading

to the formation of high-energy hydroxyl intermediates.213,214

As mentioned above, the peroxide disproportionation process
involves the formation of high-energy adsorbed intermediates
that are then electrochemically reduced.198,199,224,225 The
standard redox potentials of the hydroxyl intermediates are
significantly positive compared to the other reactants and
intermediates in the ORR process. In essence, the kinetic facility
of catalytic HO2

− anion disproportionation at high pH enables
the generation of high-energy reaction intermediates that are
then electrochemically reduced at high potentials. This process
could be described as an electrochemical reaction (•OH to
OH−) promoted by a catalytic process (HO2

− to •OH). This is
the rationale behind the anodic shift in ORR under alkaline
conditions. Under acidic conditions, catalytic disproportiona-
tion of H2O2 is very sluggish and hence does not generate the
high-energy adsorbed intermediates.
On the basis of the above discussions, the various reaction

pathways of alkaline O2-reduction are shown in Figure 8. For the
sake of illustration, the schemes are drawn out separately for
metallic PGM catalyst surfaces (Pt, Pd, and Ru) and non-PGM
surfaces (e.g., manganese oxides, perovskites,226 Fe−Nx−
C41,226). Largely, there are two main pathways on both of
these catalyst groups: the noncatalytic pathway facilitated by the
outer-sphere electron transfer mechanism on electrodematerials
that either weakly adsorb or do not adsorb O2, and the catalytic
pathway facilitated by the inner-sphere electron transfer
mechanism on the active sites that adsorb O2 with an optimal
binding strength. Briefly, under conditions of oxide-covered
active sites such as Pt−OH or M2+−OH, the OSET mechanism
enables the noncatalytic 2e− reduction process of O2 to form the
HO2

− anion in which all the reactants and products are present
in the weakly adsorbed or nonadsorbed aqueous phase. This is
the case where the O2 adsorption is not strong enough or the
axially coordinated hydroxide species (M2+−OH) is not labile
enough to be displaced by the molecular O2. This pathway leads
to the 2e− HO2

− intermediate as the primary product. In the
catalytic pathway, molecular O2 directly chemisorbs on the
active site at or near the optimal binding energy. This is the case
where the active site is oxide-free (e.g., Pt) or the axially
coordinated hydroxide (M2+−OH) is labile enough such that
molecular O2 chemisorbs at or near the optimal binding
energy.41,226 The lability is typically caused by the redox
mechanism of the active site that facilitates the removal of axially
coordinated hydroxide anions. Once O2 is directly adsorbed on
the active site, the reaction then proceeds via the superoxo and
the hydroperoxyl states to form the adsorbed hydroperoxide
anion intermediate. As mentioned above, the base catalysis
equilibrium renders the hydrogen peroxide intermediate in its
anionic form HO2

− which is a very critical intermediate since its
stability on the active site determines the product distribution
(two vs four electron transfer) and the overall ORR electro-
catalytic activity/efficiency. In other words, the chemical
disproportionation kinetics of HO2

− on a given catalyst material
now begins to impact the product distribution. Qualitatively,
catalysts with smaller peroxide disproportionation rate constant
leads to higher peroxide formation and vice versa. By virtue of
the high pH, the hydroperoxide anion intermediate involves in a
chemical disproportionation step, leading to the formation of a
surface-adsorbed high energy hydroxyl (•OHad) intermediate
which is then electrochemically reduced followed by the
regeneration of the active site. In acid media, on most transition
metal oxide based non-pgm catalysts such as manganese oxides,

Figure 7. Simulated voltammograms of peroxide pathway reduction of
O2 with varied values for the heterogeneous hydrogen peroxide
decomposition rate constant, k3,f. The effect of k3,f on the normalized
hydroperoxide reduction currents is shown in the inset. Scan rate = 0.1
V s−1. Reproduced with permission from ref 215. Copyright 2005
American Chemical Society.
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perovskites, and Fe−Nx−C surfaces, the reaction tends to be
largely terminated at the hydrogen peroxide intermediate where
the protonated peroxide intermediate (H2O2) is not easily
disproportionated. In essence, the generally higher chemical
disproportionation kinetics of peroxide in alkalinemedia enables
a pathway to generate surface adsorbed hydroxyl intermediates
(•OHad). On the contrary, this is a very sluggish process at low
pH conditions. One other possibility is the interactive pathway,
wherein the hydrogen peroxide intermediate formed via the
OSET mechanism undergoes diffusion to adsorb on another
active site followed by disproportionation/reduction. This is
particularly appropriate for the Fe−Nx−C type non-PGM
catalysts which are well-known to exhibit significant hetero-
geneity in its active site. Also, these non-PGM catalysts are
typically applied as thick catalyst layers that increase the
probability of the interactive pathway.227

It would not be inappropriate to mention that the possibility
of a noncatalytic first electron transfer step and/or the base
catalysis initiated peroxide disproportionation process has
essentially opened the flood-gates to a plethora of electrode
materials being able to reduce O2 in liquid alkaline media with

remarkable activities.228−235 A vast majority of these catalysts fall
into the category of some form of heteroatom-doped (nitrogen,
phosphorus, etc.) carbon allotrope with or without metal/metal
oxide nanoparticles;41,236−255 further, various transition metal
surfaces [e.g., Ag,256 Au(100)167] and transition metal oxides
(e.g., manganese oxides257−264 cobalt/iron/nickel ox-
ides,265−268 perovskites,269−275 and spinels276,277) that are likely
to show very low activity in acid exhibit significant activities in
alkaline electrolytes. Ag(111) and Au(100) are excellent
examples of catalysts that enable ORR via a weak adsorption
of O2 leading to the formation of the hydrogen peroxide anion
intermediate that is rapidly disproportionated to form adsorbed
hydroxyl species (•OHad) followed by its subsequent reduction
to form OH−.167 Gold single crystal surface such as Au(100)
shows a unique 4e− ORR behavior in a narrow potential range
where hydroxide species are adsorbed.278−281 The Au(100)−
OHad surface was found to enable the further reduction of HO2

−

intermediate via a peroxide disproportionation step that leads to
the formation of hydroxyl intermediates.282,283 Rapid chemical
kinetics of hydrogen peroxide disproportionation at high pH
enables the formation of surface adsorbed hydroxyl (•OH)

Figure 8.Generic alkaline ORR pathways on (top) PGM surfaces and (bottom) non-pgm active sites. Catalysts such as Pt and Pd are representative of
PGM surfaces, whereas catalysts such as the pyrolyzed Fe−Nx−C, perovskites, and MnOx are representative of the non-PGM active sites. The active
site in the non-PGM catalysts is generically represented as M2+. Subscripts aq, b, ad represent aqueous, bulk, and adsorbed species. Abbreviation
“Chem.” represents a chemical reaction step and “Diff.” represents diffusion to bulk.
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species which are then electrochemically reduced. Such a
pathway to enable hydroxyl species formation on these metal
oxides is kinetically inhibited at low pH.
Various metal oxide surfaces including manganese oxides,

perovskites, pyrochlores, and spinels are all very active toward
the chemical disproportionation of hydrogen peroxide at high
pH which is a characteristic feature of these materials that
differentiate them from low pH conditions. ORR activity on
various perovskite materials such as lanthanum cobaltites and
manganites was shown to follow the same activity as the
chemical peroxide decomposition activity.219 In particular, for
the LaFexNi1−xO3 perovskite material, the ORR activity was
found to linearly correlate with the heterogeneous peroxide
decomposition activity for varying values of x. At x = 0.25
formation of solid solution of LaFexNi1−xO3 between the end
members LaFeO3 and LaNiO3 leads to the presence of mixed
valence of Fe3+/4+ and Ni2+/3+.284 This was found to be the
primary reason for the perovskite catalyst to act as
heterogeneous catalyst for peroxide decomposition.220,284

While LaFeO3 is an insulator, 25% Ni substitution for Fe
imparts metallic conductivity to the perovskite. This Ni
substitution causes some fraction of the Fe3+ to the Fe4+ state
along with the presence of mixed valent Ni2+ and Ni3+. The
presence of mixed valent Fe and Ni content with reduction
potentials value between the O2/HO2̅ and HO2

−/OH− redox
couples was suggested to be the reason for fast heterogeneous
peroxide decomposition.
On pristine and nondoped carbon surfaces, alkaline ORR is

largely a 2e− process leading to the formation of HO2
− as the

final product with the first electron transfer mediated by the
surface oxygen functionalities (quinone/hydroquinone) via an
outer-sphere process.285,286 Neither hydrogen peroxide anion
disproportionation nor its adsorption is viable on pristine carbon
surfaces. Recent studies show that heteroatom doping

(particularly nitrogen-doping) induces a high density of edge
plane defect sites on the carbon surface at which superoxide/
peroxide formation occurs via the OSET mechanism.287,288

These hydroperoxide species are subsequently adsorbed on the
N-doped sites followed by further disproportionation and
reduction leading to the 4e− process. N-doped carbon supports
show remarkable two-orders of magnitude increase in the
hydroperoxide decomposition rate constants measured from
steady state polarization curves under electrochemical con-
ditions (9 × 10−4 cm s−1 for doped vs 4.1 × 10−6 cm s−1 for
nondoped carbon in 1 M KOH),215,217 which is on the same
order of magnitude as Pt black catalyst (2.9 × 10−4 cm s−1).223

Peroxide disproportionation process could either arise from the
N-doped edge planes or the residual metal/metal oxide surfaces
that inevitably are present in these dopedmaterials.217,289,290 On
non-PGM surfaces that contain Fe−Nx type active sites, ORR
proceeds through the series 4e− pathway with only a minor
peroxide formation via OSET mechanism.41

5. EFFECT OF CARBONATE POISONING OF ALKALINE
MEMBRANES ON FUEL CELL PERFORMANCE

The deployment of conventional liquid-electrolyte-based AFCs
for terrestrial applications involving the use of atmospheric air
cathode feed (∼400 ppm of CO2) has chronically suffered from
the precipitation of insoluble alkali metal carbonates and its
deteriorative consequences on the clogging of electrode pores,
operation lifetime, and high system level complexity (such as
electrolyte circulation units, CO2 scrubbers, and remov-
ers).291−293 The substitution of solid AAEM electrolyte with
immobilized quaternary ammonium cation head-groups for
hydroxide-anion transport that precludes the use of mobile alkali
metal cations was originally conceived to prevent carbonate
precipitation.13 Contrarily, subsequent studies have clearly
shown that the AAEM fuel cell performance is significantly

Figure 9. (a) AAEM fuel cell polarization results measured at 50 °C cell temperature using A201membrane, AS4 alkaline ionomer, 100% RHinlet, and
anode/cathode loadings of 0.5/0.5 mgPt/cm2. (b) Schematic illustration of the effect of (bi)carbonate anion exchange of the membrane during fuel
cell operation. (Illustration adapted from ref 297. Copyright 2011 The Electrochemical Society of Japan.) (c) Scheme showing the anode and cathode
reactions occurring in the direct hydroxide, direct carbonate, and indirect carbonate pathways.
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affected by the presence of CO2 in the feed stream.45 This is
proposed to occur via the direct reaction between CO2 and the
hydroxide anion functionalized quaternary ammonium cationic-
head groups in the alkaline membrane according to the
equilibrium reactions represented as CO2 + OH̅ → HCO3̅
followed by HCO3̅ + OH̅ → CO3

2− + H2O.
119,294,295 Upon

hindsight, this is rather expected since most amine-function-
alized organic compounds are excellent sorbents of CO2 for use
in sequestration units.296 Alkaline AEM membranes with the
quaternary ammonium cationic-headgroup side chains rapidly
absorb atmospheric CO2 with the complete inventory of
hydroxide anions being converted to an equimolar mixture of
bicarbonate and carbonate anions.118,294 Figure 9a shows the
effect of CO2 contamination in the cathode feed on AAEM fuel
cell performance.64,119 The presence of∼300 ppm of CO2 in the
cathode feed leads to a dramatic loss in cell voltage in the low
current density region (<0.1 A/cm2) of the polarization curve.
At a current density of 0.2 A/cm2, a loss in cell voltage of ∼520
mV is observed in the presence of 300 ppm of CO2 in the
cathode feed.44 The cell voltage tends to recover at high current
densities (>0.2 A/cm2), although the recovery is too late and
very minimal.64

Recent studies by Tokuyama Corporation have comprehen-
sively captured the negative effects of the CO2 poisoning on
AAEM fuel cell performance.44,119,295,297−299 The major
deteriorative implications of the carbonate anion exchange of
the AEM electrolyte for fuel cell performance can be classified as
(i) loss in membrane conductivity due to low mobility of
(bi)carbonate anions,44 (ii) thermodynamic cell voltage loss due
to preferential accumulation of carbonate species on the anode
side and accompanying pH gradient across the membrane,45,297

(iii) indirect effects on electrocatalytic reaction kinetics/
pathway,44,185,300 and (iv) possible effects on O2 mass
transport.185,301,302 The first two aspects appear to create the
largest impact on fuel cell performance and are reviewed below
in more detail.
Mobility of bicarbonate (4.61 × 10−8 m2 s−1 V−1) and

carbonate anions (7.46 × 10−8 m2 s−1 V−1) in dilute aqueous
solutions is∼1/5 and 1/3 of the hydroxide anions (20.64× 10−8

m2 s−1 V−1), respectively.298 Conversion of hydroxide anions in
the membrane to a HCO3

−/CO3
2− mixture leads to roughly 4-

fold loss in AEM conductivity (42 mS/cm for OH-form
compared to 10 mS/cm for CO3

2−-form Tokuyama A201
AEM).118 Siroma et al.297 recently developed a mathematical
model to understand the concentration profile of carbonate
anions across the AEM under steady state operation of AAEM
fuel cell fed with CO2-containing ambient air. The (bi)carbonate
anions migrate to and accumulate in the vicinity of the anode
interface leading to a significant pH gradient across the
membrane. As shown in Figure 9b, cathode exists at a higher
pH of∼14 due to the continuous generation of hydroxide anions
as a result of ORR, whereas the anode is at a low pH of ∼8−10
due to (bi)carbonate accumulation.45,297 Under steady state
operation, the transference number of (bi)carbonate anions
(i.e., net current carried by (bi)carbonate anions) is negligible
since its accumulation at the anode interface causes a balance in
the diffusion and migration forces acting on the (bi)carbonate
anions essentially making them stagnant and immobile in the
membrane (Figure 9b). This accumulation of carbonate anions
at the anode interface and the development of carbonate
concentration profile across the membrane leads to (i) a
concomitant pH gradient across the membrane, and (ii)
concentration overvoltage due to the hydroxide concentration

difference across the membrane. As long as the cathode feed
contains CO2, higher current densities and the use of thicker
membranes exacerbate the problem due to an increased
(bi)carbonate accumulation on the anode side with steeper
concentration and pH gradients. Accumulation of (bi)carbonate
anions in an operating AAEM fuel cell is analogous to cation
accumulation on the cathode side of an operating PEMFC under
steady state conditions.303 The drop in cell voltages at low
current densities (Figure 9a) operating with 300 ppm of CO2 in
the cathode feed largely arises due to a combination of both
increase in membrane resistance and thermodynamic loss in cell
voltage (for a gradient of∼6 pH across themembrane at 60mV/
pH loss would indicate ∼360 mV loss).44,45 This indicates that
the drop in pH on the anode side due to carbonate accumulation
leads to significant loss in cell performance. There are some
reports indicating marginally better HOR and ORR reaction
kinetics in liquid carbonate electrolytes;185,300 but these kinetic
benefits are largely insignificant when compared to the cell
voltage losses arising from both carbonate accumulation at the
anode side and membrane resistance losses during AAEM fuel
cell steady state operation.
There are at least three avenues that are being pursued to

mitigate (bi)carbonate anion poisoning of the membrane: (i)
incorporation of CO2 filters in the cathode feed stream, (ii)
operation of AAEM fuel cells at ≥80 °C due to lower CO2
solubility at elevated temperature, and (iii) self-purging of CO2.
The first approach is largely similar to the earlier applications in
liquid alkaline fuel cells that involve the use of upstream filters to
decrease the cathode CO2 feed to less than 10 ppm.304 Such
filters are largely based on polymers containing amine functional
groups that are excellent CO2 absorbents and are also thermally
regenerative.296,305 The second strategy is related to the
decrease in the solubility of CO2 in water with increasing
operating temperatures (≥80 °C).294,306 This appears to be a
useful strategy although there have not been many studies in the
literature possibly due to thermal instability of membranes.
More studies are warranted on the temperature effect of CO2
solubility and its subsequent effect on AAEM fuel cell
performance improvement.
Another strategy to mitigate the carbonate poisoning is to

operate a carbonate-poisoned AAEM fuel cell MEA with pure
O2 or a CO2-free air feed. In this process, carbonate anions
accumulated at the anode interface can be purged out via the
anode outlet in the gas phase according to the reaction H2 +
CO3

2− → H2O + CO2↑ or H2 + HCO3
− → 2H2O + 2e− +

2CO2↑).
119,295,307 Due to the continuous generation of pure

OH− anions as a result of ORR on the cathode in the absence
CO2 contamination, this provides an opportunity to slowly
recover the performance by essentially flushing the membrane
and exchanging it back to the OH-form. During the self-purging
process, the carbonate anions in the AEM electrolyte are
released as CO2 in the anode outlet.119,295 Quantity of CO2
purged is strongly dependent on the current density and the
duration of operation indicating equilibrium between carbonate
anions and CO2 release (HCO3

−/CO3
2− → CO2 + OH−),

higher current density, and longer duration favoring a more
complete CO2 purge. Purging of carbonate anions from the
AEM electrolyte during fuel cell operation is observed only
when the cathode is operated with pureO2 or CO2-free air.

118 As
long as a carbonate-contaminated AEM is operated on H2/air
(∼390 ppm of CO2) gas feeds, there is always a significant drop
in cell voltage at low current densities and the self-purging
phenomenon is not observed.114,307
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Recent studies point to the possibility of operating AAEM fuel
cells using a direct carbonate cycle, thus avoiding the formation
of highly nucleophilic hydroxide anions.300,308,309 This is
essentially a low temperature alternative to themolten carbonate
fuel cells. As shown in Figure 9c, a direct carbonate cycle
corresponds to the case where the working anion is CO3

2− and
no hydroxide anions are formed during AAEM operation; rather
cathodic ORR involves direct formation of CO3

2− which is
transported to the anode followed by direct reaction with H2 to
form H2O. This is an ingenious design, but given the lower
mobility of the carbonate anions compared to hydroxide anions,
it is highly unlikely that the performance of AEM fuel cells
operating on direct carbonate cycle could match those operating
on direct hydroxide cycle at comparable conditions, unless the
HOR and ORR reaction kinetics under the direct carbonate
cycle is significantly better which appears not to be the
case.300,302,309 Further, recent studies point to the use of small
concentrations of NH3 (<7%) in the anode H2 feed led to
marginal improvements in the CO2 tolerance.310 This was
possibly due to the ability of NH3 to captureHCO3

− and convert
it into a weakly adsorbing anion of the form H2NCO2

−. This led
to a local drop in the concentration of the HCO3

− anion and
improved the anode HOR activity. Further studies to identify
complexing species that locally alleviates CO3

2−/HCO3
− species

are highly warranted.
Mitigation of carbonate anion poisoning is very critical to

enable terrestrial applications of AAEM fuel cells. Operation of
AAEM fuel cells at elevated temperature would require
thermally stable membranes, whereas the use of CO2 filters
would increase the system complexity. In reality, a combination
of the above strategies involving brief excursions to high current
density and elevated temperatures to enable CO2 self-purge
along with the use of upstream filters would be required. Clearly,
more innovative ideas to mitigate CO2 poisoning of the
membrane are warranted. Further, studies that quantify the

kinetics of HOR andORR reactions in the presence of carbonate
ions are warranted.

6. EFFECT OF AMMONIUM CATION POISONING ON
INTERFACIAL CHARGE TRANSFER

Amore chronic problem in the development of alkaline fuel cells
has been the very poor performance of direct alcohol (KOH-free
anode feed) AAEM fuel cells.46,51 Several authors have
repeatedly shown in the recent past that despite generous use
of precious metal anode catalysts such as Pt/PtRu, the power
density of direct alcohol-fed (excess KOH-free) alkaline AEM
fuel cells is extremely low (<20 mW/cm2).46−50,120,311−315

Further, in all of these cases the low performance observed for
the pure alcohol-fed anodes dramatically improves with the
addition of excess alkali metal hydroxide to the fuel. The
addition of excess alkali metal hydroxide to the fuel improves the
short-term performance of the direct alcohol fuel cell, but it
contradicts the whole purpose of utilizing a solid alkaline anion-
exchange membrane as the electrolyte. Figure 10a depicts this
typical behavior of direct ethanol-fed AAEM fuel cell with and
without excess KOH in the anode fuel. Polarization curves
indicate a low open circuit voltage (OCV) followed by steep
drop in cell voltage at low current densities when operated in the
absence of KOH. The OCV improved from 0.68 to 0.85 V in the
presence of KOH along with an improvement in peak power
density from 1.7 mW cm−2 to 22.4 mW cm−2. Figure 10a (inset)
also shows the anodic alcohol oxidation polarization curve
measured in AAEM cell by using hydrogen-fed cathode as a
reference/counter electrode. In the absence of excess KOH,
alcohol oxidation exhibits very low current density and high
overpotential with no clearly discernible onset potential. On the
contrary, a clear onset potential of ∼0.3 V is observed in the
presence of KOH with a well-defined limiting current density.
The rate of ethanol oxidation is significantly enhanced with
excess KOH, and the half-cell result shows that the anodic
oxidation of alcohol in the absence of excess KOH is a major

Figure 10. Polarization and power density curves for an AEM fuel cell with an anode composed of 4.0 mgPtRu/cm
2 + 1.0 mgAS4, cathode composed of

30% Pt/C (1.0 mgPt/cm
2 + 28 wt % AS4) + 1.0 mgAS4, and Tokuyama A201 anion-exchange membrane. Anode feed: 1M ethanol with or without 0.25

M KOH at 8 mL/min. Cathode feed: 100% RH O2. Adapted with permission from ref 50. Copyright 2005 The Electrochemical Society.
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limiting factor in the performance of alkaline direct alcohol fuel
cells.51 The poor performance is typically attributed to the
formation of carbonate anions from alcohol oxidation that
accumulates on the anode side and affects performance via a
drop in pH and loss in membrane conductivity. However, the
alcohol oxidation current density in the absence of KOH is very
low (<10 mA/cm2) and could not account for such a drastic
performance loss. There are several factors that can limit the
AAEM fuel cell performance in the absence of excess KOH,
including poor catalyst utilization, fuel crossover to the cathode,
insufficiently lower ionic conductivity and pH gradient at the
anode/ionomer interface, fuel mass transfer resistance to the
anode catalyst, and carbonate formation.47,49,51,311,314,316−319

Though each of these potential sources for the voltage drop at
low current would have a negative effect on cell performance, it
is unlikely that any of these could account for such a large
difference in performance between alkaline direct alcohol fuel
cells and their acidic counterparts. Further, given that under
conventional three-electrode configuration in liquid alkaline
electrolytes alcohol oxidation takes place at appreciable rates, in
this study, we turn our attention to shed light on one potential
issue arising at the anode double layer structure and anode
catalyst/ionomer interface.51

In the absence of excess KOH in the anode feed, efficient fuel
oxidation is dependent on the establishment of the three-phase
boundary at the active site between ionomer, carbon support,
and reactant. The presence of excess KOH in the anode feed
discredits the use of ionomer solutions in the catalyst layer by
establishing the so-called “flooded electrolyte” system. In
contrast to liquid alkaline electrolytes, an operating AEM fuel
cell involves the use of interfacial alkaline ionomer solution in
the catalyst layer to establish the three phase boundary required
for electrocatalysis. This alkaline ionomer solution consists of
immobile positive charges fixed to the polymer backbone and
relatively mobile negative counteranions. Quaternary ammo-
nium cations have been categorized as weak adsorbates where
the driving force is largely due to electrostatic interactions
related to the solvation energy of the cations.320 Typically, the
solvation energy for alkali and alkali earth cations is much higher
than that for electrostatic adsorption. In contrast, quaternary
ammonium ions are weakly solvated in water so that the
electrostatic attraction with an oppositely charged surface favors
adsorption. Tetramethylammonium cations are likely to electro-
statically adsorb on the catalyst surface at the low anode
potentials along with possible covalent interactions between the
side chain functionalities.
Figure 10b,c captures the effect of tetramethlammonium

cation poisoning on the methanol oxidation reaction kinetics.51

As shown in Figure 10b, the oxidation of methanol on the Pt/C
catalyst was studied in the presence of various quaternary
ammonium groups such as tetramethyl, tetrapropyl, and
benzyltrimethylammonium hydroxide. These cationic contam-
inants were directly added at various concentrations to the liquid
electrolyte containing 0.1MKOH+ 0.5Mmethanol. In all these
cases, a significant drop in methanol oxidation current density is
observed even with less than 20 mM concentration of the
quaternary ammonium cations. This deteriorative effect of the
ammonium cations is also observed in Figure 10c which shows
the cyclic voltammetry of a polycrystalline platinum disk
e l e c t r o d e i n m e t h a n o l c o n t a i n i n g p o l y -
(diallyldimethylammonium chloride) (PTMAOH) electrolyte
with or without 0.1 M NaOH. In the anodic sweep of Pt in
PTMAOH with excess NaOH, the cyclic voltammetry profile

clearly indicates oxidation wave in both directions. In the
absence of excess NaOH, the anodic sweep indicates a
significant overpotential and does occur until at Pt−OHad
formation begins to occur.51 On the reverse cathodic sweep,
an increase in oxidation activity is observed due to the residual
oxides on the Pt surface. The experiments described above
involved TMA+ cations because trimethyl benzyl quaternary
ammonium ions bound to a polymer backbone are the most
common chemical constituents of the current state of the art
AEM ionomer solutions. In general, all ammonium cations
showed a significant adsorption effect on the platinum surface
resulting in loss of methanol oxidation activity. Particularly, the
benzyltrimethylammonium cation that is prevalently used in
AAEM electrolytes leads to a drastic loss of methanol oxidation
activity. This observation is consistent with previous literature
that showed a higher surface inhibition with the longer alkyl
length on the ammonium group.321

These results with different quaternary ammonium cations in
aqueous electrolytes show that quaternary ammonium ion
adsorption on Pt surfaces lowers the rate of methanol oxidation
by blockage of the active catalyst surface area. As depicted in
Figure 10d,e, Kohl et al.51 have recently proposed that the effect
of methanol oxidation by the quaternary ammonium cation is
likely to be 2-fold: one arising from the loss of active surface due
to the cation and side chain adsorption. The second aspect is
likely to be more complicated and arises due to the disruption of
the potential distribution at the anode/ionomer interface that
disfavors interfacial charge transfer. The specific adsorption of
electro-inactive species can create significant changes in the
structure of the double layer which differ from the nonadsorbing
case.322−324 A qualitative potential profile shown in Figure 10e
indicates that specific adsorption of ammonium cations on the
catalyst surface in the compact part of the double-layer leads to
an electrochemical potential gradient at the anode/ionomer
interface that inhibits hydroxide anion transport to the anode
that are required for alcohol oxidation.51 Contrarily, when excess
KOH/NaOH is added, the mobile hydroxide anions essentially
deluge the interface to compensate the excess positive charge at
the interface and establishes a normal potential distribution.
Similar results were recently shown both in the context of ORR
andHOR, clearly indicating that the cationic-headgroup and the
ionomer side chains significantly inhibit catalytic activity.325−330

The inhibition of kinetic activity is also strongly dependent on
the nature of the cationic-headgroup (e.g., imidazolium,
guanidium) and the presence of aromatic groups on the side
chain (e.g., benzyltromethylammonium). In summary, quater-
nary ammonium cations in solution and in the ionomer were
shown to inhibit the oxidation of methanol through specific
adsorption. The lower performance in polymer-bound ammo-
nium cations relative to free ammonium cations calls into
question a more quantitative understanding of the potential
distribution at the alkaline ionomer electrode/electrolyte. These
results clearly warrant more investigations on the effect of AEM
ionomer adsorption on the catalytic activity of HOR, ORR, and
alcohol oxidation. Particularly, such studies need to be
performed under experimental conditions where excess KOH/
NaOH is absent.

7. ALTERNATE SMALL MOLECULE OXIDATION
Among alternative small molecule fuels such as alco-
hols,42,331,332 ethers,333 sodium borohydride,334 ammonia335

etc., noncarbon containing hydrazine hydrate (N2H4·H2O)
appears to be a promising small molecule fuel due to its high
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energy density (3.5 Wh cm−3) and a low theoretical standard
electrode potential (−0.33 V vs RHE).336,337 Hydrazine is a
weak base with a pKa of 8.1. While hydrazine is a very toxic
material, recent developments at Daihatsu Motor Company
show its safe fixation in the hydrazone form and on-demand
generation of hydrazine could enable its practical applica-
tions.338,339 A high theoretical standard equilibrium cell voltage
of 1.56 V when paired with air cathode can be achieved in
alkaline electrolytes as follows:

E

anode: N H 4OH N 4H O 4H O 4e

0.33V vs RHE

2 4 2 2 2

0

+ → + + +

= −

− −

(24)

E

cathode: O 2H O 4e 4OH

1.23V vs RHE

2 2

0

+ + →

=

− −

(25)

E

overall: N H O N 2H O

1.56V
2 4 2 2 2+ → +

° = (26)

N2 is the only gaseous product formed for a purely
electrocatalytic hydrazine oxidation process. Hydrazine can
also undergo competitive chemical decomposition on catalytic
surfaces leading to the formation of H2 and NH3:

340

N H N 2H2 4 2 2→ + (27)

3N H 2N 4NH2 4 2 3→ + (28)

Chemical decomposition to form H2 leads to loss of fuel
efficiency and a mixed potential scenario corresponding to a
combination of HER/HOR and hydrazine oxidation reactions.
While electrochemical oxidation of hydrazine is plausible under
both acidic and alkaline conditions, highly stable catalytic
surfaces such as Pt are required in acid that are also very active
for the chemical decomposition process. Alternatively, alkaline
electrolytes enable the use of non-noble metal surfaces that are
relatively less active for hydrazine decomposition.336

In acid, hydrazine oxidation involves the initial reversible
adsorption of hydrazinium ions (N2H5

+) followed by three
successive deprotonation steps to the final product N2. The
second deprotonation step is typically considered to be the rate-
determining step (reaction scheme is shown in Figure 11).341,342

The overall reaction is sensitive to the nature of the metal and its
crystallographic orientations due to varying strength and mode
of hydrazine adsorption on the basal planes of Pt. On Pt single
crystal basal plane electrodes in alkaline electrolytes,343

hydrazine oxidation predominantly proceeds at the N−H
bond and is essentially considered as a stepwise electrochemical
dehydrogenation process leading to formation of molecular
nitrogen without the activation of the N−N bond (Figure 11). It
is not clear what the rate-determining step is in hydrazine
oxidation from this study, but it appears that N2H2 is a key
intermediate. Online mass spectrometry studies of hydrazine
oxidation on all platinum single crystal surfaces in dilute alkaline
electrolyte solution indicate molecular nitrogen as the only

product. Formation of molecular hydrogen and other nitrogen
oxide (NO, N2O, and NO2) species were not observed,
indicating no competitive chemical decomposition reaction of
hydrazine on platinum surfaces.343

A range of non-pgm catalysts have been investigated such as
Co, Cu, Ni, and metalloporphyrins for hydrazine oxidation in
alkaline electrolyte.340,344−348 Particularly, Ni-rich alloys such as
NiCo and NiLa appear to be very active toward hydrazine
oxidation.340,347 Among the elemental catalyst surfaces, cobalt
appears to provide a very low onset potential for hydrazine
oxidation (−0.178 V vs RHE on Co compared to 0.062 V for Pt,
−0.108 V for Ni, and 0.193 V for Cu).344 Strasser et al.340 have
recently investigated the electrochemical oxidation of hydrazine
onNiCo bimetallic alloys in alkalinemedia. Strong adsorption of
hydrazine prior to electron transfer requires metallic surfaces
free of oxides. While both monometallic surfaces such as Ni and
Co exhibit low anodic onset potentials, irreversible surface
passivation due to the formation of Ni/Co-(OH)x leads to a
drop in catalytic activity. Interestingly, a stoichiometric Ni60Co40
alloy exhibited a 6-fold improvement in hydrazine oxidation
activity with a low onset potential of −0.15 V vs RHE due to
suppressed surface passivation. Despite the very high activity,
hydrazine was found to undergo a parallel reaction pathway
involving both electrochemical oxidation to H2O/N2 and also
the less efficient chemical decomposition toN2/H2. Sakamoto et
al.347 developed carbon-supported Ni1−xLax (0.1 ≤ x ≤ 0.9)
binary alloy based catalysts and observed that Ni0.9La0.1 was the
most active composition for hydrazine electroxidation. The high
activity of Ni0.9La0.1 is ascribed to its core−shell structure
exhibiting an hcp-LaNi5 shell over a fcc-Ni core. Ni0.9La0.1
features an onset potential of −0.0464 V vs RHE compared to
−0.0045 V for Ni. Zagal et al.345 also demonstrated hydrazine
oxidation activity on non-pgm materials such as iron metal-
loporphyrins and phthalocyanines with activity correlated via a
volcano plot versus metal-center redox potential of which Fe-
phthalocyanine is at the top.
While several catalyst materials have been demonstrated to be

useful for hydrazine oxidation activity in liquid alkaline
electrolyte, their performance as an anode electrode when
integrated into an AAEM fuel cell has been much less explored.
Some studies that do provide insights into the performance of
direct hydrazine fuel based AAEM fuel cells end up utilizing
excess-KOH/NaOH in the anode feed.339,349,350 For instance,
an AAEM fuel cell employing polyolefin-based electrolyte
alkaline electrolyte with tatraalkyl ammonium ion-exchange
groups, Ni-based anode, and Co-based cathode exhibited useful
current densities of ∼300 mA/cm2 at 0.65 V with 0.67 M
hydrazine +1 M KOH anode feed and pure O2 as the cathode
feed.339 As mentioned in previously, such operations with
excess-KOH discredit the use of alkaline membrane electrolytes.
Poor performance of direct-hydrazine AAEM fuel cell could be
due to a range of issues arising from inefficient oxidation in
anode electrode structures under three-phase boundary
conditions, fuel crossover to the cathode, and specific adsorption
of ammonium cations as mentioned in the previous section. We
believe that ways for safe fixation of hydrazine and its application
in direct-hydrazine fed AAEM fuel cell (without excess-KOH)
remains a future opportunity for research.

8. CONCLUSIONS
The central requirement for the success of AAEM fuel cells lies
in the development of alkaline membranes and ionomers that
are thermochemically stable and conductive particularly at

Figure 11. Electrochemical hydrazine oxidation reaction pathways in
acidic and alkaline electrolytes.
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elevated temperatures and subsaturated conditions. While this
progress continues, complementary research in electrocatalysis
and interfacial charge transfer is highly critical since significant
cell voltage losses and cost are associated with it. After all, the
single biggest driver of AAEM fuel cell research is the possibility
to enable a PGM-free system under alkaline conditions. At
present, a plethora of inexpensive PGM catalysts (e.g., Ag/C)
and non-PGM catalysts have shown significantly better ORR
activities at high pH due to the favorable mechanistic aspects.
Future studies on ORR catalysts should focus on translating
these high activities observed in liquid electrolytes to actual
MEA performances. On the other hand, while some recent
studies point to encouragingHOR activities on non-PGManode
catalysts (e.g., Ni based), more development is needed in this
area. Fortunately, Pt alloys such as PtRu/C catalysts have
demonstrated a high enough exchange current density in
alkaline electrolytes to match the performance of the HOR
activity on pure Pt/C in acid electrolytes. This implies that
alkaline HOR anode electrodes could be developed with PtRu/
C catalysts at low loadings of ≤0.05 mgPt/cm

2 similar to that of
PEM fuel cells. So, it is possible to envision a current state of the
art AAEM fuel cell electrodes to comprise of a low PtRu-loaded
anode coupled with either an inexpensive PGM catalyst (such as
Ag/C) or a non-PGM catalyst (such as Fe−Nx−C or
perovskites) cathode.
Catalyst poisoning by ionomer functional group adsorption,

membrane poisoning by carbonates, and water maldistribution
are issues that tend to undermine the progress of AAEM fuel
cells. These issues need to be tackled by a combination of novel
materials and system engineering. Particularly, the use of
upstream filters and current-density excursions are useful
strategies to mitigate carbonate poisoning. Alkaline mem-
branes/ionomers with optimal water uptake and gas diffusion
layers with controlled structure/hydrophobicity are needed to
maintain efficient water distribution in the cell. Improved cell
designs and dynamic control of operating conditions such as
inlet RH/outlet pressure are critical to enable efficient water
distribution across the cell. It is clear that alkaline membranes
and ionomers that maintain sufficient conductivity at high
temperatures (80 to 90 °C) and subsaturated conditions would
solve a host of issues related to carbonate poisoning, water
management, and heat rejection capabilities of the AAEM fuel
cell. On the other hand, fundamental electrochemical and
spectroscopic investigations related to the catalyst-ionomer
interactions are highly warranted. Particularly, studies on the
adsorption of quaternary ammonium cation head groups and
other side chain moieties on the catalysts surfaces and their
impact on electrocatalysis are needed. There is a need to study
electrochemical kinetics at alkaline interfaces containing
quaternary ammonium cations in the absence of excess KOH
electrolyte. This is particularly important in the context of direct
alcohol/hydrazine fed AAEM fuel cells operating in the absence
of excess alkali. In order to enable AAEM fuel cell technology for
terrestrial applications, future studies in alkaline electrocatalysis
should focus on the application and demonstration of (i) less
expensive PGM or non-PGM catalysts in solid alkaline
electrolytes as opposed to liquid electrolytes, (ii) MEA
performances using air cathode feed (w/CO2) instead of pure
O2, and (iii) MEA performances without excess alkali in the
anode feed for direct alcohol/hydrazine anodes.
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(51) Ünlü, M.; Abbott, D.; Ramaswamy, N.; Ren, X.; Mukerjee, S.;
Kohl, P. A. Analysis of Double Layer and Adsorption Effects at the
Alkaline Polymer Electrolyte-Electrode Interface. J. Electrochem. Soc.
2011, 158, B1423−B1431.
(52) Omasta, T. J.; Park, A. M.; LaManna, J. M.; Zhang, Y.; Peng, X.;
Wang, L.; Jacobson, D. L.; Varcoe, J. R.; Hussey, D. S.; Pivovar, B. S.;
et al. Beyond catalysis and membranes: visualizing and solving the
challenge of electrode water accumulation and flooding in AEMFCs.
Energy Environ. Sci. 2018, 11, 551−558.
(53) Zhang, H.; Ohashi, H.; Tamaki, T.; Yamaguchi, T. Direction and
Management of Water Movement in Solid-State Alkaline Fuel Cells. J.
Phys. Chem. C 2012, 116, 7650−7657.
(54) Peng, S.; Gong, J.; Xu, X.; Sui, P.-C.; Lu, S.; Xiang, Y. Numerical
and Experimental Analyses on Deviated Concentration Loss with
Alkaline Anion-Exchange Membrane Fuel Cells. J. Phys. Chem. C 2015,
119, 24276−24281.
(55) Shiau, H.-S.; Zenyuk, I. V.; Weber, A. Z. Water Management in
an Alkaline-Exchange-Membrane Fuel Cell. ECS Trans. 2015, 69, 985−
994.
(56) Isomura, T.; Fukuta, K.; Yanagi, H.; Ge, S.;Wang, C.-Y. Impact of
Low Cathode Humidification on Alkaline Membrane Fuel Cell
Performance. ECS Meeting Abstracts 2011, MA2011−01, 221.
(57) Kaspar, R. B.; Letterio, M. P.; Wittkopf, J. A.; Gong, K.; Gu, S.;
Yan, Y. Manipulating Water in High-Performance Hydroxide Exchange
Membrane Fuel Cells through Asymmetric Humidification and
Wetproofing. J. Electrochem. Soc. 2015, 162, F483−F488.
(58) Sohn, Y.-J.; Choi, J.-I.; Kim, K. Numerical Analysis on Water
Transport in Alkaline Anion Exchange Membrane Fuel Cells.
Electrochemistry 2015, 83, 80−83.
(59) Gottesfeld, S.; Dekel, D. R.; Page, M.; Bae, C.; Yan, Y.; Zelenay,
P.; Kim, Y. S. Anion exchange membrane fuel cells: Current status and
remaining challenges. J. Power Sources 2018, 375, 170−184.
(60) Dekel, D. R. Review of cell performance in anion exchange
membrane fuel cells. J. Power Sources 2018, 375, 158−169.
(61) Pan, Z. F.; An, L.; Zhao, T. S.; Tang, Z. K. Advances and
challenges in alkaline anion exchange membrane fuel cells. Prog. Energy
Combust. Sci. 2018, 66, 141−175.
(62) Wagner, F. T.; Lakshmanan, B.; Mathias, M. F. Electrochemistry
and the Future of the Automobile. J. Phys. Chem. Lett. 2010, 1, 2204−
2219.
(63) Fukuta, K. Electrolyte Materials for AMFCs, and AMFC
Performance, Presented at Alkaline Membrane Fuel Cell Workshop
[Online], Washington, DC, May 8−9, 2011, http://www1.eere.energy.
gov/hydrogenandfuelcells/wkshp_alkaline_membrane.html (accessed
Jun 1, 2018).
(64) Piana, M.; Boccia, M.; Filpi, A.; Flammia, E.;Miller, H. A.; Orsini,
M.; Salusti, F.; Santiccioli, S.; Ciardelli, F.; Pucci, A. H2/air alkaline
membrane fuel cell performance and durability, using novel ionomer
and non-platinum group metal cathode catalyst. J. Power Sources 2010,
195, 5875−5881.
(65)Gottesfeld, S.CellEra Perspective on AMFCs: Breaking the Fuel Cell
Barrier, Presented at AlkalineMembrane Fuel CellWorkshop [Online],
Washington, DC, May 8−9, 2011, http://www1.eere.energy.gov/

hydrogenandfuelcells/wkshp_alkaline_membrane.html (accessed Jun
1, 2018).
(66) He, Q.; Li, Q.; Khene, S.; Ren, X.; Loṕez-Suaŕez, F. E.; Lozano-
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