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Structural basis for differing electrocatalytic water
oxidation by the cubic, layered and spinel forms
of lithium cobalt oxides†

Graeme Gardner,a Jafar Al-Sharab,b Nemanja Danilovic,c Yong Bok Go,a

Katherine Ayers,c Martha Greenblatta and G. Charles Dismukes*ad

The two polymorphs of lithium cobalt oxide, LiCoO2, present an opportunity to contrast the structural

requirements for reversible charge storage (battery function) vs. catalysis of water oxidation/oxygen evolution

(OER; 2H2O- O2 + 4H+ + 4e�). Previously, we reported high OER electrocatalytic activity from nanocrystals of

the cubic phase vs. poor activity from the layered phase – the archetypal lithium-ion battery cathode. Here we

apply transmission electron microscopy, electron diffraction, voltammetry and elemental analysis under OER

electrolysis conditions to show that labile Li+ ions partially deintercalate from layered LiCoO2, initiating structural

reorganization to the cubic spinel LiCo2O4, in parallel with formation of a more active catalytic phase.

Comparison of cubic LiCoO2 (50 nm) to iridium (5 nm) nanoparticles for OER catalysis (commercial benchmark

for membrane-based systems) in basic and neutral electrolyte reveals excellent performance in terms of Tafel

slope (48 mV dec�1), overpotential (Z = B420 mV@10 mA cm�2 at pH = 14), faradaic yield (100%) and OER

stability (no loss in 14 hours). The inherent OER activity of cubic LiCoO2 and spinel LiCo2O4 is attributed to the

presence of [Co4O4]
n+ cubane structural units, which provide lower oxidation potential to Co4+ and lower inter-

cubane hole mobility. By contrast, the layered phase, which lacks cubane units, exhibits extensive intra-planar

hole delocalization which entropically hinders the four electron/hole concerted OER reaction. An essential

distinguishing trait of a truly relevant catalyst is efficient continuous operation in a real electrolyzer stack. Initial

trials of cubic LiCoO2 in a solid electrolyte alkaline membrane electrolyzer indicate continuous operation for

1000 hours (without failure) at current densities up to 400 mA cm�2 and overpotential lower than proven PGM

(platinum group metal) catalysts.

Broader context
The basis for hydrogen economy requires the large-scale production of hydrogen, many times the level supported by steam reforming. It has been proposed that

the electrolysis of water can yield supply on a par with the world’s energy needs. However, efficient water splitting requires electrocatalysts that help to lower the

total energy input closer to the thermodynamic minimum. These electrocatalysts are typically based on platinum group metals that cannot be produced at such a

scale. In membrane-based electrolyzers, the implementation of catalysts based upon earth-abundant metals has not been realized because they mostly operate

under highly acidic conditions afforded by the proton exchange membrane Nafion. With the development of anion exchange membranes, non-PGM metal

catalysts can be used and the high-efficiency of membrane-based electrolyzers can be attained without non-scalable catalysts. In this study, we show that LiCoO2

transforms through in situ delithiation into cubic spinel LiCo2O4, forming a highly active and stable oxygen evolution reaction (OER) catalyst that works at both the

lab scale and in a membrane-based electrolysis configuration relevant to large scale commercial applications of hydrogen production via water splitting.

Introduction

Electrolytic storage of solar energy through water splitting

chemistry, eqn (1) and (2), is recognized as indispensable for

achieving widespread adoption of photovoltaic and wind electrical

sources that displace fossil energy.1,2 The energy storage density

of chemical bonds exceeds that of any battery yet conceived by

100 fold or more, is long-term stable, more scalable, and can be

used for other applications (e.g. hydrogen).3 If done efficiently, it
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would transform both the electrical power and fuel industries.

Presently, electrolyzer stacks operate at best case efficiencies of

74% (proton exchange membrane, PEM)4 and 68% (alkaline)5

due to fundamental limitations in the catalysts. The O2 evolution

(OER) and H2 evolution (HER) half-reactions require catalysts at

the respective electrodes to lower the intrinsic barriers to these

multi-electron/proton reactions. Electrocatalysts allow reactions

to proceed faster by lowering activation energy barriers and thus

save energy otherwise wasted as heat.

Anode: 2H2O- O2 + 4H+ and 4e� (1a)

4OH�- O2 + 2H2O + 4e� (1b)

Cathode: 2H2O + 2e�- 2H2 + 2OH� (2a)

2H+ + 2e�- H2 (2b)

The main kinetic bottleneck for water splitting occurs at the anode

in which the endothermic oxidation process that produces O2 has

an additional activation energy barrier (energy above the thermo-

dynamic potential energy) that depends on the reaction pathway

taken. The mechanism may entail sequential or concerted four

electron/proton removal steps each with different barriers. The

most efficient OER catalysts to date in solid acid electrolyte are

ruthenium (RuO2) and iridium oxide (IrO2), which generally have

overpotentials of B300 mV at pH 14 and pH 0, respectively, at

10 mA cm�2 current density.6,7However, owing to their low natural

abundances and high costs, RuO2 and IrO2 are not suitable for

large scale use. For these reasons there is intense interest in

developing comparably efficient catalysts for the OER reaction that

use earth-abundant elements and have low processing cost.

It has been known for more than 30 years that first-row

transition metal oxides, particularly the perovskite, spinel and

pyrochlore structure types, can catalyze oxygen evolution from

strongly alkaline solutions.6,8–12 However, the oxides of first-row

transition metals have so far been relatively unsuitable because of

two limitations: instability due to corrosion in acids – conditions

used in present day PEM electrolyzers7,13 – and inability to generate

the necessary current densities at low overpotentials (inefficiency).

Commercial alkaline electrolyzers can use low-cost Ni electrodes

as catalysts, but these require 30% KOH electrolyte and elevated

temperature to achieve competitive efficiencies below PEM

electrolyzers.14,15 This combination of high corrosion and need

for thermal management is dangerous and costly. Commercial

electrolyzers employing alkaline exchange membranes (AEM) do

not yet exist.

OER andHER catalysts can also be prepared as amorphous oxide

coatings generated in situ by controlled electrolysis of non-noble

metal electrodes, or by electrodeposition of soluble precursors.16–23

Some films exhibit high initial activity, but typically are unstable over

time at high current densities owing to dissolution and passivation

of the surface.24,25 The amorphous forms have a high degree of

defects.9,18,26,27 Overcoming these limitations is a challenge due to

the lack of structural knowledge for films.

Of the first-row transition metals selected for the OER,

nickel, iron, and especially cobalt have been front-runners as

both homogeneous and heterogeneous catalysts due to low

overpotentials, approaching those of the noble metal analogues. In

contrast to noble metals however, not all such materials are stable

as high surface area nanoparticles. The crystalline oxides tend to be

spinel-type: Co3O4,
28,29 NiCo2O4,

30 LiCoO2,
31 perovskite-type:

LaCoO3,
32 SrCoO3,

6 or layered oxy-hydroxides.33,34 In particular,

exceptional activity has been observed in mixed nickel and iron

hydroxide/oxide catalysts.35 Under acidic electrolysis conditions,

such as used in proton exchange membranes (PEM’s), materials

containing cobalt or nickel are highly susceptible to dissolution.

Since the discovery of lithium cobalt oxide as a highly active

catalyst for water oxidation,31 there have been subsequent

reports that have sought to further explain the nature of the

apparent crystal structure dependence on catalysis.36–40 Our

group was the first to report that cubic LiCoO2 (Fd%3m, also

called lithiated spinel) can catalyze water oxidation near neutral

pH using a photochemically driven-system, while the layered

polymorph (trigonal space group, R%3m) cannot, even after

accounting for the effects of surface area. It has been reported

that layered LiCoO2 is unstable after repeated electrochemical

cycling in neutral and basic conditions and that this instability

is linked to surface structural changes.36 In ref. 36, it was

suggested that the active phase for catalysis is an amorphous

surface similar to the CoOx of electrodeposited materials, and

that a crystalline spinel phase only serves to passivate the

catalyst. A separate study also found that the layered LiCoO2

is unstable (current decays) in long-term (B20 hours) studies,

but in contrast to the aforementioned study, they found both

cubic LiCoO2 and chemically delithiated Li1�xCoO2 (0r x r 1)

are electrocatalytically active and stable.38

Before any studies of water oxidation electrocatalysis with

LiCoO2 were reported, the relative activity and stability of the

two polymorphs had been a source of active discussion in the

battery literature. The structural dynamics of the system in non-

aqueous electrochemistry has been elucidated.41–43 The layered

LiCoO2, which is superior for Li secondary battery applications,

undergoes surface and sub-surface reconstruction to cubic and

spinel phases after repeated charge/discharge cycles and at

intermediate and low values of Li stoichiometry that results in

reduced performance.41,42 This transformation can also be induced

thermally above 1000 1C, where Li starts to evaporate, leaving behind

a solid solution of cubic and layered phase LiCoO2 and Co3O4 as

surface nodules.44 It has been suggested that the stability of the

spinel-type structure (LiCo2O4) with Li occupying 8a tetrahedral sites,

is actually greater than either cubic or layered forms in the inter-

mediate Li content range, and the kinetic barrier for Li and Co

migration between octahedral sites is a small penalty for enhanced

stability.45 The connection between the electrochemistry of LiCoO2

in non-aqueous battery electrolytes versus oxygen evolution catalysis

in aqueous electrolyte will be discussed in more detail below, as the

subject of this study.

The origin and nature of the structural transformation of the

layered LiCoO2 and the absence of it for cubic LiCoO2 during

electrocatalysis in aqueous electrolyte is described herein. The

outcome is the formation of a highly active catalytic phase

present in both materials, namely, spinel LiCo2O4. The spinel

LiCo2O4 and cubic LiCoO2 retain the same cubic space group
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built upon [Co4O4]
n+ cubane subunits, unlike layered LiCoO2.

We report different intrinsic electrocatalytic water oxidation

activities of the two polymorphs of LiCoO2, and demonstrate

performance approaching that of iridium nanoparticles, the

best membrane-based OER catalyst to date.

Experimental
Synthesis of lithium cobalt oxide nanoparticles

Both cubic and layered-rhombohedral lithium cobalt oxides

were synthesized via a previously reported sol–gel procedure

(summarized in ESI†).31,46 Briefly, nitrate salts of the metals

were mixed in stoichiometric amounts and dissolved in an

aqueous solution with citric acid and urea. The solution was

stirred and evaporated to form a gel at 80 1C, dried overnight at

170 1C to form the xerogel polymerized intermediate, and then

crushed and calcined at 400 1C (denoted LT) or 700 1C (denoted

HT) for 4 hours to form the final crystalline products. These are

designated as LT-LiCoO2 and HT-LiCoO2. The product morphology

and crystallinity were confirmed by powder X-ray diffraction (PXRD)

and scanning electronmicroscopy (SEM). We purchased 20% Ir@C

(vulcanized carbon) from Premetek.

Electrochemical measurements

The electrode configuration used for studying the electrochemistry

of LiCoO2 and 20% Ir@C was a film formed by drop-casting an ink

of catalyst and conductive carbon suspended with Nafions polymer

as binder (0.7% by weight) onto a glassy carbon electrode (5 mm

diameter, custommade, working electrode). Prior to use, the Nafion

was cation exchanged with 0.1 M NaOH to neutralize the acid

functional groups as described in earlier work.47 Catalyst loading

was between 0.2–1.2 mg cm�2 for electrochemical measurements.

Higher loading was used for HT-LiCoO2, as it was determined to

have B3 fold lower surface area than LT-LiCoO2 based on BET N2

adsorption.31 We tested activity in both neutral (1 M phosphate

buffer), and basic (1 M NaOH) conditions. Experiments were

typically performed in a two-chamber cell separated by a glass

frit with vigorous stirring. The reference electrode used in

alkaline electrolyte was Hg/HgO (1 M NaOH) from CHI, and

in neutral electrolyte a homemade Ag/AgCl (sat’d KCl) calibrated

against NHE. Counter electrodes were either boron-doped diamond

or titaniummesh. Details of the electrochemical measurements are

given in the ESI.†

Faradaic efficiency in basic solution was measured for each

catalyst by gas chromatography. We used a two-electrode setup

sealed in an electrochemical cell with a known headspace and

electrolyte volume, as previously described.48 A chronopotentio-

metric experiment at 10mA cm�2 in 1MNaOHwas run for 2 hours

for all 3 samples in replicate.

For long-term stability measurements, pellet electrodes were

fabricated using catalyst, conductive carbon, and PVDF in the ratio

75 :15 :10.49 Chronopotentiometric experiments were conducted

over 14 hours at 10 mA cm�2. The reason pellet electrodes were

used in place of films is that bubble formation in the film leads

to instability and separation of the film from the glassy carbon

substrate. This makes the assessment of true catalyst stability

difficult.

Transmission electron microscopy

Samples used for high-resolution transmission electronmicroscopy

(HRTEM) were pristine powders of cubic and layered LiCoO2

synthesized by the aforementioned sol–gel method. For HRTEM

analysis of ‘‘post-catalysis’’ samples, a modified procedure for

electrochemical tests had to be used to avoid interference in the

analysis by carbon and Nafion. These samples were prepared by

dispersing only the catalyst onto a titanium grid with which we

conducted chronopotentiometry at 1 mA cm�2 for 1 hour in 1 M

NaOH. The Ti meshes were then sonicated in a small amount of

ethanol and the suspensions were dispersed onto lacey carbon

TEM grids. A JOEL 2010F TEM/STEM with EDS and EELS attach-

ments was used for the high-resolution (HRTEM) and selected area

electron diffraction (SAED) microscopy observations. The scope is

operating at 200 keV with resolution better than 1.5 Angstrom in

both imaging and scanning modes.

Corrosion analysis

The (electro)chemical leaching of lithium was monitored by

inductively-coupled plasma optical emission spectroscopy, on a

Perkin Elmer Optima 7300 ICP-OES. Chronopotentiometry at

10 mA cm�2 was performed with drop-casted film electrodes for

2 hours, and the resulting electrolyte was analyzed for trace

metals (e.g. Li, Co, Ni, Mn). Details on sample preparation and

data analysis are given in the ESI.†

Catalyst performance in AEMWE

The performance of cubic LiCoO2 as an anode catalyst for

alkaline exchange membrane water electrolysis was tested in

a single stack configuration and compared to a benchmark

PGM AEM cell. The details of the cell hardware and catalyst

loading can be found in the ESI.† Polarization curves, along

with a long-term stability test are given in Fig. 6.

Results
Morphology and crystallinity

The morphology and crystallinity of the metal oxides were examined

by SEM/TEM, and powder X-ray diffraction (PXRD), respectively. It

was confirmed that the as-synthesizedmaterials had nanoparticulate

morphology, with a range of particle sizes (Fig. 1 and 2). The PXRD

patterns for each catalyst match well with the standards, with

the expected splittings at 38 and 651 2y at higher temperatures,

signifying the formation of layered LiCoO2. Low-temperature

LiCoO2, synthesized at 400 1C, crystallizes in a cubic phase (Fd%3m)

where Co and Li are at octahedral 16d and 16c sites, respectively.

The particles were generally spherical with diameters between

20–100 nm. High-temperature LiCoO2, synthesized at 700 1C, crystal-

lizes in a layered rhombohedral form (R%3m) with alternating octa-

hedral layers of Li–O and Co–O. Co and Li occupy 3a and 3b sites,

respectively. The particle size was noticeably larger, but still nano-

scopic, with generally more flattened crystallites ranging between
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50–150 nm. Both phases have the same oxide sublattice and differ

only in cation ordering. These morphological and structural proper-

ties are consistent with our previous work using the same synthetic

procedure.31

Because PXRD reflects bulk composition and the patterns are so

similar to one another, some layered phase may begin to form and

be present in the low-temperature sample (o2% limit of detection).

TEM performed on pristine samples of both low- and high-

temperature synthesized LiCoO2 demonstrates a highly crystalline

single phase product extending from the interior to the surface of all

nanoparticles. There are well-faceted crystallites that are generally

smaller and more spherically symmetric in cubic, than in layered

LiCoO2, which are more elongated. Additional HRTEM studies

corroborated the phase purity of the as-prepared sample (Fig. 2

and Fig. S6, ESI†). We designate these two samples by their synthesis

temperatures, as LT and HT LiCoO2, respectively.

OER electrocatalytic activity

The electrochemical activity of cubic and layered LiCoO2 is

illustrated for both basic and neutral conditions. The figures of

merit important for OER catalysis are given in Table 1. We

normalized the loading of electrocatalyst to the surface area

obtained from N2 gas absorption (BET) as this eliminated possible

artifacts from diffusion limitation of reactants and products. For

control, the electrocatalytic activity of 5 nm iridium nanoparticles

on Vulcan carbon (20%) (Premetek) is reported as well.

The working electrode film containing catalyst was characterized

by cross-sectional SEM (Fig. S1, ESI†), and it was determined to

be 5–10 mm thick. There is substantial porosity, but also very

uniform dispersion of catalyst, binder, and carbon, with no

distinguishable segregation of any component. The average

polarization curves for each sample are shown in Fig. 3. They

were generated by averaging the forward and reverse sweeps of

slow scan rate cyclic voltammograms (iR corrected, 10 mV s�1).

20% Ir on carbon performed the best in both neutral and basic

conditions, with specific activity and Tafel slope values matching

closely those reported in the literature6,50 (Table 1). Both phases

of LiCoO2 show highest activity in alkaline solution, and sub-

stantial decreases in activity in phosphate buffer at pH 7. This

non-Nernstian behavior is typical of first-row transition metal oxide

catalysts, and indicates a larger activation energy at pH 7 relative to

alkaline pH. In base, LT-LiCoO2 exhibits mass specific activity of

B5 A g�1 (Z = 400 mV), with a Tafel slope ofB48 mV dec�1. Fig. 4

shows that HT-LiCoO2 deactivates from its initial state in B200 s.

Once in steady state it has a Tafel slope value B49 mV dec�1 and

mass activity of B2 A g�1.

The cyclic voltammograms (CV) of pristine LT- and HT-LiCoO2

electrodes are presented in Fig. S2 (ESI†), which highlights their

different redox features below the water oxidation wave. The layered

HT-LiCoO2 CV shows more complex features and a much higher

yield for the Co3/4+ peak in both neutral and alkaline conditions.

This has been previously ascribed to both lithium removal into

electrolyte and Li reordering within the surface/bulk.51 However,

bothmaterials showmarked decreases in the non-OER redox peaks

after only one cycle, indicating some irreversible process occurring

upon oxidation.

To quantify this electrochemical/charging effect, we measured

the scan rate dependence of the double layer capacitance (Cdl) for

both materials below the OER potential (Fig. S3, ESI†). The values

obtained are 2.5mF for LT, and 11mF for HT-LiCoO2. These values

reflect differences in access to the electrochemically active material.

The greater capacitance of layered LiCoO2 is known to be due to its

larger accessible volume for Co oxidation and Li deintercala-

tion.52,53 This outcome is also consistent with the larger pre-OER

peaks in the CV’s. This will be discussed further with respect to the

Li leaching data presented below.

In order to understand how the catalytic activity changes

over time we performed chronopotentiometric experiments at

1 and 10 mA cm�2. The 1 mA cm�2 traces for both LT- and

HT-LiCoO2 in alkaline and neutral solution are shown in Fig. 4a

and b. Most visibly, in the 1 mA cm�2 trace, pristine electrodes

of HT-LiCoO2 undergo a B3 minute activation process. Instead of

the typical logarithmic potential rise to steady-state expected for

chronopotentiometry, there is an inflection indicative of another

possible reaction taking place. After this time point it starts to

drop, and very nearly approaches the same overpotential as for

Fig. 2 TEM images: (a) and (c), as-synthesized LT-LiCoO2, (b) and (d),

as-synthesized HT-LiCoO2.

Fig. 1 PXRD of LT- (blue) and HT- (black) LiCoO2 along with SEM images

confirming nanoscopic morphology. The standard patterns for Fd %3m and

R %3m lithium cobalt oxide are in red.

Paper Energy & Environmental Science

P
u
b
li

s
h
e
d
 o

n
 2

7
 O

c
to

b
e
r 

2
0
1
5
. 
D

o
w

n
lo

a
d
e
d
 o

n
 9

/2
0
/2

0
1
8
 1

0
:1

8
:3

3
 P

M
. 

View Article Online



188 | Energy Environ. Sci., 2016, 9, 184--192 This journal is©The Royal Society of Chemistry 2016

LT-LiCoO2. At pH 7, the same behavior is seen; LT-LiCoO2 is

immediately active compared to an even longer (10 min) lag

phase for HT-LiCoO2 (Fig. 4b). This activation phenomenon is

also observed on the 10 mA cm�2 traces over a much shorter

time scale and, at that current density, the two polymorphs

maintain the same overpotential (within error) over the 2 hour

time scale (Fig. S4, ESI†). Attempts to separate the intrinsic O2

evolution activity of nascent HT-LiCoO2 from the electrolytically

driven capacitive charging before appreciable Li+ deintercalation

and phase change were unsuccessful.

Fig. S4 (ESI†) also shows a comparison to the control, 5 nm

particles of Ir@C, which exhibits a 100 mV lower overpotential at

10 mA cm�2. As the overpotential can be particle size dependent,

we compared the specific activity normalized to catalyst surface

area in Table 1. This shows that following restructuring HT- and

LT-LiCoO2 (100 nm and 50 nm, respectively) have the same specific

activity and this is about 10–20 fold lower than 5 nm Ir@C.

Faradaic efficiency

Important to any catalysis is the measurement of products, and we

have measured the faradaic yield of oxygen using gas chromato-

graphy (see Fig. 4c and Table 1). Within expected error due to

crossover reduction of O2 and the inherent sensitivity limits for the

technique, the samples all yield high, nearly 100% faradaic efficiency

over the course of two hour 10 mA cm�2 experiments.

Corrosion analysis

Since both polymorphs of lithium cobalt oxide have been

established as intercalation compounds, we decided to analyze

the electrolyte solutions of the chronopotentiometric experiments.

We used ICP-OES to quantify lithium or cobalt ions that may have

leached during the electrolysis. The results are presented in Fig. 4d.

Although we did not see any Co in the electrolyte, we did see

significant amounts of Li. We found that B30% of the original Li

content in the LT sample had been removed and B70% of that

in HT-LiCoO2. The results are consistent with the observed larger

measured Cdl for HT-LiCoO2. The layered phase is the more

easily delithiated compound, because of the lability of Li. For

both materials, after an initial period of activation, no further Li

removal is observed, indicative of a stable endpoint for catalyst

composition.

Surface analysis by HRTEM

To monitor atomic structure following catalysis, we performed

HRTEM analysis on the two LiCoO2 polymorphs after being

Fig. 3 Averaged cyclic voltammograms of electrocatalysts in two electrolytes,

pH 14 and 7. Correction for capacitance charging done by averaging forward

and reverse sweeps. Scan rate 10 mV s�1. The potential is iR-corrected.

Fig. 4 (a and b) Comparison of the operating potential at 1 mA cm�2 for

HT- and LT-LiCoO2 at pH 14 (a) and at pH 7 (b). Inset in (a) is region in dotted

line showing initial activation process seen in HT-LiCoO2. (c) Faradaic

efficiency (O2 yield) measured from experiments at 10 mA cm�2 and after

2 hours (Fig. S4, ESI†), and (d) Li+ leaching into solution over the course of

2 hours at 10 mA cm�2 plotted as %Li in the starting material.

Table 1 OER electrocatalytic activity of LiCoO2 and Ir nanoparticles in composite carbon (25%)/ionomer (0.7%) films

Sample
(particle size)

BET
surface
area, m2 g�1

Cat. loading
mg cm�2

electrode pHa
Tafel slope,
mV dec�1

Z@10
mA cm�2

Mass
activity, A g�1

(Z = 400 mV)

Surface
activity, A m�2

(Z = 400 mV)

%O2 faradaic
efficiency,
pH 14

AEMWE cell
potential
(400 mA cm�2)d

LT-LiCoO220–100 nm 56 0.32 7 75 � 11 570 � 12 2.32 0.041b 105 � 11 1.91 V
14 48 � 3 430 � 14 5.24 0.094

HT-LiCoO250–150 nm 14 1.2 7 81 � 6 588 � 27 0.39 0.028b 96 � 11 n/a
14 49 � 3 430 � 8 1.71 0.12

20% Ir@C5 nm 80c 0.21 7 61 � 9 460 � 13 29.1 0.36 98 � 9 2.22 V
14 40 � 8 330 � 4 151.2 1.89

a Electrolytes: pH 7 = NaH2PO4/K2PO4, pH 14 = 1 M NaOH. b Amps (cat surface area)�1 following surface reconstruction. c 5 nm Ir specific surface
area (Premetek). d Values obtained from polarization curve (Fig. 6a), Pt cathode catalyst.
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subjected to prolonged electrolysis at 1 mA cm�2. Because the

layered polymorph of lithium cobalt oxide has previously been

shown to undergo surface restructuring during charge/discharge

cycling in battery applications, we decided to conduct this type of

analysis for both LT and HT-LiCoO2 samples in OER electrolytic

conditions. The results are shown in Fig. 5 and additional

images, including the analysis of pristine samples can be found

in the ESI† (Fig. S5–S7).

Both ‘‘post-catalysis’’ LiCoO2 samples have nanocrystallite

morphology, exhibiting well-defined lattice fringes in both

the bulk and surface of the particles examined. LT-LiCoO2

has smaller crystallite domains, as indicated by the difference

in SAED patterns – rings, as opposed to spots seen in the

HT-LiCoO2 pattern (Fig. S6, ESI†). In the analysis of the

HRTEM images, we took the Fast-Fourier Transform (FFT)

from different regions of the post-catalysis particles. We found

that for both samples, the patterns are best ascribed to a cubic

phase of LiCoO2 (Fig. 5), specifically viewed along the [110]

and [112] zone axes (ZA). Importantly, we see reflections

originating from the 220 plane for both materials, indicative

of Li occupancy at tetrahedral sites.42 The peak was not

assignable to Co tetrahedral site occupancy (Co3O4 spinel)

based upon the d-spacings and the generally weaker intensity.

In addition, XPS of the post-catalysis samples reveals broad-

ening of the Co2p3/2 peak to higher binding energy, consistent

with the increased oxidation state expected for a delithiated

sample (Fig. S7, ESI†).54 It is also apparent that the phase

transformation in the case of HT-LiCoO2 extends beyond just

the first few layers since the FFT pattern from the interior

matches well that from the surface.

For long-term electrolysis stability tests, a different electrode

configuration was employed to avoid failure due to film

instability. The drop-cast films are only transiently stable, and

can peel off or oxygen bubbles can block the surface, leading to

false indications of catalyst instability during cycling or fixed

electrolysis experiments (see Fig. S8A, ESI†). Instead, we used a

pellet electrode made from the catalyst embedded in epoxy to

conduct 14 hour experiments at 10 mA cm�2. The results, given

in Fig. S8B (ESI†), show that both HT and LT-LiCoO2 are long-

term stable in basic and neutral electrolyte.

Discussion

Pristine HT-LiCoO2 (layered) and LT-LiCoO2 (cubic) exhibit

distinctly different OER electrocatalytic activity and electrochemical

responses, confirming that these structurally distinct compounds

of identical composition have electronically distinct Co environ-

ments and inherently different rates for water oxidation. However,

upon close inspection of the surface structure with HRTEM, a

structural convergence between the two phases occurs upon Li

removal and oxidation of the bulk, which produces the spinel

LiCo2O4. Starting from cubic LiCoO2, this transformation requires

relatively minor rearrangement of the remaining Li+ cation from

octahedral to tetrahedral site at the four O corners of the cubane

[Co4O4]
4+. The same cubic cobalt oxide sublattice is shared by cubic

LiCoO2 and spinel LiCo2O4 phases. The cubic phase can tolerate

the electron loss associated with oxidation/OER catalysis without

large structural rearrangement of the Co–O sublattice. By contrast,

layered LiCoO2 is built around incomplete cubanes, [LiCo3O4]
2+,

and requiresmajor rearrangements to form the stable spinel phase.

As established for lithium ion batteries, layered LiCoO2 has

the ideal structure type for facile cation deintercalation.55,56

However, multiple reports45,57,58 have now established that the

relative thermodynamic stability of layered LiCoO2 is affected

by lithium removal and Co oxidation and thus the structure can

become kinetically determined. These phenomena have been

mostly observed in organic electrolyte42,43 (ethylene/propylene

carbonate) and partly in aqueous electrolyte when used for

oxygen evolution reaction catalysis.36,39 It is observed in the

majority of cases that after overcharging or repeated cycling,

layered LiCoO2 particles have substantial surface and subsur-

face restructuring, with the resulting phase being assigned to

either spinel LiCo2O4 or cubic LiCoO2. This leads to degrada-

tion in performance. In support of this finding is the observa-

tion that the low-temperature synthesized cubic LiCoO2 and

Fig. 5 HRTEM images of (a) LT-LiCoO2 and (b) HT-LiCoO2 after electrolysis in 1 M NaOH at 1 mA cm�2. The FFT patterns of the interior and edges can

both be assigned to the spinel LiCo2O4. Reflection assignments are labeled for 220, 111, and 311 peaks of cubic phase.
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delithiated LixCoO2 (0 o x o 1) have poorer performance as

intercalation compounds, with a lower amount of extractable Li

and higher operating voltages with multiple voltage plateaus. In

fact, with lithium extraction it is observed that some O2 is

liberated and the transformation of layered to spinel is assisted

by such a reaction.42,59,60 By comparison, we observe, in aqueous

electrolytes under electrolytic O2 evolution conditions, removal

of 70% of the Li content fromHT-LiCoO2 in conjunction with the

formation of the spinel phase at the surface and partly in the

interior, where the stoichiometry at the bulk level is close to

Li0.3CoO2. XPS also shows broadening of the Co2p3/2 peak

toward greater binding energy, indicative of higher valence of

Co. The resulting phase is an active and compositionally stable

catalyst nearly mirroring that which forms from LT-LiCoO2, in

which less than half as much Li can be removed, and its starting

structure is already a more active catalyst than HT-LiCoO2.

Theoretical calculations have predicted that for LixCoO2

(0 r x r 1) at intermediate lithium compositions (i.e. Li0.5CoO2),

the thermodynamically favored structure is the spinel LiCo2O4,

where Li would migrate to tetrahedral sites and 25% of the Co

would be in the Li layers.45,61 We observe that this is the preferred

structure that forms during OER catalysis, evidenced both by the

structural change and by the loss of Li content.

A minimal requirement for catalysis of O2 evolution from water

by these materials is oxidation of Co3+ to Co4+ at a potential at or

above eqn (1a) or (1b). Recent electronic structure calculations along

with in situ X-ray spectroscopy have shown that the process of Li

deintercalation from layered LiCoO2 is charge balanced by not only

Co3/4+ oxidation, but also electron loss from a lower lying oxide band

in the most highly charged samples of LiCoO2.
62 Some reports

suggest that this larger intermixing of Co 3d states and O 2p states

yields higher conductivity and that is the source of greater OER

activity.38,40 This condition alone is insufficient for the four-electron

concerted oxidation reaction. We suggest an alternative explanation.

By comparison, among molecular Co oxide clusters, it has

been found that only in molecules containing [Co4O4]
4+ cubes

is the Co4+ oxidation state accessible at reasonable potentials,

while the di- and tri-nuclear analogues (containing [Co2O2]
2+ and

[Co3O4]
+ cores, respectively) cannot be oxidized in this same

window (41 V difference) and actually decompose at higher

potentials where water oxidation by cubanes begins.63 The

explanation for the accessible potential of [Co4O4]
4+/5+ is due to

resonance delocalization of electron holes around the cube, as

established by ESR spectroscopy which found comparable spin

density on Co and O centers.64 Among these molecular Co

clusters only the cubes were found to be active water oxidation

catalysts at potentials just above the [Co4O4]
4+/5+ couple.63,65

Taken together with the observations of this study, it is

apparent that the individual cubical [Co4O4]
4+ core, such as

present in cubic LiCoO2, spinel LiCo2O4 and molecular clusters

provides exceptional energetic stabilization of the HOMO

which facilitates oxidation from electronic levels comprised of

mixed O 2p and Co 3d(t2g) orbitals. This stabilization arises

from hole delocalization in the symmetrical cube that is absent

in incomplete cubes comprised of [Co3O4]
+ cores and in layered

LiCoO2 where [LiCo3O4]
2+ incomplete cubes exist. Instead, hole

delocalization in layered LiCoO2 occurs macroscopically within the

individual CoO layers, due in part to favorable entropy. Macro-

scopic charge delocalization is necessary for charge storage devices

such as batteries, but detrimental to water oxidation catalysis which

requires concerted four-electron oxidation and O–O bond for-

mation localized on two water molecules bound to one or two

adjacent Co centers. These considerations rationalize the distinct

catalytic performance of the two polymorphs of LiCoO2.

Validation of the unique water oxidation capability of the

cubical metal–oxo cluster motif has been verified across multiple

examples of molecular63,66–68 and solid-state transitionmetal–oxo

compounds.31,69,70 Prediction of this potential originated from

consideration of the water oxidation site found in photosynthetic

organisms where a similar core type is found.71

Finally, to test actual commercial relevance, we have tested

whether the observed activity in a flooded electrochemical cell

can be realized in a solid electrolyte membrane-based electro-

lyzer stack, where operating current densities far exceed those

normally probed at the lab scale. In Fig. 6a, the polarization

Fig. 6 LiCoO2 performance as anode catalyst in alkaline exchange

membrane-based electrolysis. (a) Polarization curve showing favorable effi-

ciency as compared to an IrOx-based anode (0.3 V lower@500 mA cm�2), as

well as reproducibility of activity. (b) Run time-averaged operating potential for

a single cell stepped to different current densities.
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curve of a cell using cubic LiCoO2 as the anode catalyst

illustrates higher electrochemical efficiency than a cell using

an iridium oxide catalyst at comparable loading. This perfor-

mance improvement extends up to 500 mA cm�2 (at least), and

the activity is reproducible across different batches of catalyst.

Fig. 6b shows the operation of such a cell at various current

densities for 1000 hours without failure. These experiments

demonstrate that the LiCoO2 is a highly efficient and robust

catalyst for alkaline water electrolysis and has potential for

displacement of noble metal catalysts used in commercial

electrolyzers.

Conclusions

In combination with electrochemistry, corrosion analysis, and

surface sensitive HRTEM, we were able to probe precisely the

distinguishing characteristics of the complex LiCoO2 system

during aqueous OER electrocatalysis. Starting from the pristine

structures, both the layered and the cubic phases of LiCoO2

form the same structure type during catalysis, the cubic spinel

phase, LiCo2O4. We have temporally resolved this transformation

and identified its origin stemming from Li+ deintercalation. In

addition, we have demonstrated excellent electrocatalytic efficiency

for the OER and long-term stability of the resulting spinel phase in

comparison to the best noble metal catalyst used in commercial

membrane-based electrolyzers (5 nm iridium). This was realized at

both the lab-scale and in a membrane-based electrolyzer relevant

for commercial applications. Further reduction in particle size of

LiCoO2 (20–100 nm) is possible and additional efficiency benefits

can be anticipated.
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