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1. Introduction

The transition to a sustainable energy economy is contingent 
upon the capability to not only generate energy cleanly and 
efficiently, but also to store energy effectively.[1,2] Li-ion bat-
teries have emerged as the chief energy storage technology for 
applications that demand a high energy density, especially elec-
tric (and hybrid-electric) vehicles and consumer electronics.[1,2] 
However, the adoption of electric and hybrid-electric vehicles 
is limited by the capabilities of energy storage technology: to 
achieve a high level of electric vehicle penetration, reductions 
in battery cost, weight, and volume are needed.[1,2]

Although the development of novel materials and chemi-
stries (such as Li/O2,[3,4] Li/S,[5,6] Na-ion,[7,8] Mg-ion,[9] and 

Although layered lithium oxides have become the cathode of choice for state-
of-the-art Li-ion batteries, substantial gaps remain between the practical and 
theoretical energy densities. With the aim of supporting efforts to close this 
gap, this work reviews the fundamental operating mechanisms and chal-
lenges of Li intercalation in layered oxides, contrasts how these challenges 
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multi-electron Li-ion)[10] may lead to 
advances in battery performance, there 
is significant room for improvement 
in state-of-the-art Li-ion batteries. The 
system-level usable specific energy density 
of Li-ion batteries used in current electric 
vehicles represents less than a quarter of 
the theoretical capacity of the electrochem-
ically active cathode material.[11] While 
part of this system-level performance gap 
is due to the weight of the anode and dead 
weight of electrochemically inactive bat-
tery components (e.g., binder, electrolyte, 
packaging), a significant fraction of the 
gap represents unused capacity in the 
active material. For example, the canonical 

cathode material LiCoO2 can cycle reversibly with only ≈50% 
of its theoretical capacity, and LiNi0.8Co0.15Al0.05O2 (NCA) elec-
trodes with only ≈70%.[12,13] This active-material performance 
gap is due to two factors. First, Li is unable to fully intercalate 
during discharge. Second, battery operation is constrained so 
as to avoid extracting all of the lithium from the cathode during 
charge. This chastity is typically implemented as a ≈4.3 V cutoff 
voltage during charging.[14]

The purpose of this review is to summarize the challenges 
and progress in bridging the gap in theoretical and practical 
capacities of layered lithium oxides, especially the tradeoff 
between cycle life and extent of Li extraction during charge. 
This review starts with a discussion of the fundamental mecha-
nisms and challenges for intercalation in layered materials, 
and then discusses how these play out differently for specific 
cathode compositions. The baseline LixMO2 (M = Co, Ni, or 
Mn) materials here set the stage for the advanced NCA[15,16] 
(LixNiyCozAl1−y−zO2) and NMC[17–20] (LixNiyMnzCo1−y−zO2) 
alloys. The last section reviews proposed strategies to address 
these challenges, including extensions to layered lithium 
oxides, such as Na-ion intercalation and cation-disordered 
materials.

There are many additional aspects to Li-ion battery materials 
not addressed in this review, but more details can be found 
in prior literature. Recent articles provide a birds-eye view of 
research on Li-ion battery materials,[13,21–26] as well as experi-
mental[27,28] and computational[29–31] methods for studying 
them. Both liquid[32–34] and solid[35–39] Li-ion electrolytes have 
been reviewed extensively. A number of reviews focus on spe-
cific classes of Li-ion materials, such as layered oxides,[12,27,40] 
Li-excess layered oxides,[41–43] phosphates,[10,44] high-voltage 
spinel oxides,[45,46] and Li metal anodes.[47] For details about the 
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history of the development of Li-ion technology, the reader is 
referred to earlier works by Whittingham,[12] Goodenough,[48] 
and Thackeray et al.[25]

2. Fundamentals

2.1. Crystallography

Many of the key mechanisms involved in the operation and 
degradation of layered lithium oxide battery materials involve 
transformations between several related layered phases (O1, 
O3, H1-3, etc.) and cubic phases (rocksalt and spinel). These 
structures all possess close-packed oxygen sublattices, but differ 
in the arrangement of lithium and transition-metal ions. This 
section discusses the relationships between various layered and 
cubic crystal structures to set the stage for the discussion of 
kinetics and degradation.

The crystal structures of layered oxides having the general 
formula AxMO2 have a close packed oxygen framework with the 
alkali A and the transition metal M cations filling alternating 
layers of interstitial sites.[49] The layers filled by M cations form 
MO2 sheets consisting of edge-sharing MO6 octahedra. The A 
cations, which can be intercalated into and out of the layers 
between the MO2 sheets, can occupy octahedral (O), prismatic 
(P), or tetrahedral (T) sites. The nature of the interstitial sites 
available for A cations is determined by the relative stacking 
of the MO2 sheets. Prismatic sites emerge when the oxygen 
layers of adjacent MO2 sheets stack directly on top of each other 
around the A layer. A shift in this relative stacking yields an 
array of octahedral and tetrahedral sites within the A layer. The 
octahedral sites form a 2D triangular lattice with face-sharing 
tetrahedral sites connecting neighboring octahedral sites.

Delmas et al. introduced a naming scheme to distinguish 
different layered crystal structures:[49] a letter is used to indi-
cate intercalant coordination (either O, P, or T) followed by a 
number that signifies the number of layers in the repeat unit. 
Here, the repeat unit refers to translational symmetries along 
an axis perpendicular to the MO2 sheets. For example, in the 
O1 structure (Figure 1a), the oxygen layers are stacked in an 
AB AB pattern, forming an hcp framework with a repeat unit of 
a single MO2 sheet. In “O1”, the “O” indicates that the intercal-
ants are octahedrally coordinated by anions, and the “1” indi-
cates that the repeat unit is one MO2 sheet. In the O3 structure 
(Figure 1b), the oxygen has an AB CA BC stacking, forming 
a rhombohedrally distorted fcc oxygen framework with three 
MO2 sheets in the repeat unit. O1 and O3 are also commonly 
referred to by their prototype structures: CdI2 and α-NaFeO2.[50] 
The O3 structure has the same anion and cation framework as 
rocksalt and for this reason is sometimes referred to as layered 
rocksalt.

Many other stacking sequences besides O1 and O3 have 
been observed. However, there are only five “primitive” 
stacking sequences (i.e., stacking sequences for which each 
layer is symmetrically equivalent): O1, O3, P3, O2, and P2. All 
other stacking sequences can be decomposed into hybrids of 
the five primitive stacking sequences. The primitive structures 
can be divided into two families: the O3/O1/P3 family and the 
O2/P2 family. Transformations between O3, O1, and P3 are 

easily accomplished via gliding of the MO2 layers. This is also 
true between O2 and P2. However, transformations from the 
O3 group to the O2 group and vice versa require the breaking 
of metal–oxygen bonds, which is energetically more costly than 
gliding transformations. Therefore, cathodes typically stay 
within the same family during cycling.[51]

The most important layered lithium intercalation com-
pounds (i.e., A = Li and M = Mn, Ni, Co, Al) have crystal 
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structures that are largely limited to O3 and O1. A hybrid H1-3 
phase (Figure 1c) consisting of alternating blocks of O1 and 
O3 environments has also been observed upon partial delithia-
tion.[52–54] In H1-3, Li ions preferentially occupy octahedral sites 
that retain O3 stacking, leaving alternating layers having O1 
stacking empty. P2 and O2 structures can also be synthesized 
for these chemistries but are metastable.[55,56]

Monoclinic distortions, typically denoted by the addition of 
a prime symbol to the structure name,[57] occur in many lay-
ered oxides either due to collective Jahn–Teller distortions (see 
Section 2.2) or lithium-vacancy ordering. In chemistries that 
adopt the O3 structure, such distortions will often reduce the 
space group from 3R m to C2/m. The lower symmetry variants 
are usually designated as O′3. For example, LiMnO2 exhibits 
the O′3 structure because of Jahn–Teller distortions,[58] while 
Li0.5CoO2 exhibits the O′3 structure because of a row-ordering 
of lithium atoms.[52,59]

The spinel (Figure 1d) and disordered rocksalt (Figure 1e) 
structures are crystallographically related to the O3 structure 
in that they all have an fcc oxygen framework, differing only 
in their arrangement of A and M cations over the octahedral  

and tetrahedral interstitial sites. Transformations among these 
phases can therefore occur readily with minimal structural 
changes. To transform from O3 to spinel, one quarter of the 
metal ions must migrate from the transition-metal layer to 
particular octahedral sites in the Li layer, resulting in a metal 
ordering within the fcc oxygen framework that has cubic sym-
metry. The relationship between the M ordering in O3 and 
that in spinel is shown in Figure 2. The Li ions must also rear-
range as O3 transforms to spinel and will either occupy the 
remaining octahedral sites in spinel if the Li concentration is 
close to x = 1 or a subset of tetrahedral sites that do not share 
faces with MO6 octahedra if the Li concentration x is less than 
0.5.[60–62] Spinel LixMO2 exhibits a large two-phase coexistence 
region between x = 1 and x = 0.5 in which the Li-rich spinel has 
exclusively octahedral Li occupancy and the x = 0.5 spinel has 
exclusively tetrahedral Li occupancy. The two-phase coexistence 
occurs because there are only 0.5 tetrahedral sites per formula 
unit that are not face sharing with M ions, and adjacent octahe-
dral and tetrahedral sites cannot be simultaneously filled by Li 
because they also share faces. While lithium transition metal 
oxides that adopt a spinel crystal structure are often referred to 
as LiyM2O4, with y varying between 0 to 2, we will denote the 
stoichiometry of spinel compounds as LixMO2 with x = y/2 to 
emphasize the similarity to layered transition metal oxides.

The rocksalt structure represents a disordering of the cations 
in O3 such that the Li and transition-metal layers no longer 
exhibit long-range periodic order, as shown in the bottom panel 
of Figure 2. Rocksalt phases arising from the degradation of lay-
ered oxides often are transition-metal rich, with compositions 
near MO. The transformation from a layered MO2 to a rocksalt 
MO occurs via densification, in which oxygen is released and 
the transition-metal ions diffuse back into the material.

Partially deintercalated layered oxides are in general thermo-
dynamically unstable with respect to rocksalt and spinel phases. 
Phase separation to the spinel Li0.5MO2 becomes thermodynam-
ically favorable as soon as a small amount of Li is removed,[63,64] 
as illustrated by the schematic free energy curves in Figure 3 
and the pseudoternary composition space in Figure 4. Simi-
larly, oxygen loss yielding rocksalt MO or spinel M3O4 generally 
becomes thermodynamically favorable upon deintercalation.[65] 
The fact that cathode materials can maintain the layered struc-
ture during (de)intercalation owes to the kinetic limitations in 
the interlayer migration of transition-metal ions[66,67] and the 
self-limiting nature of oxygen-evolution reactions at the surface.

When the irreversible phase changes to rocksalt and spinel 
are suppressed, the O3 structure often undergoes a number 
of reversible phase transformations that preserve the crystal 
structure to some degree. These reversible phase transforma-
tions can be categorized according to their influence on crystal-
lographic symmetry and the host structure, as well as whether 
they are first-order or continuous transitions. Although some 
transformations are relatively facile, transformations involving 
dramatic crystallographic changes not only affect (dis)charge 
kinetics but also can lead to degradation of the electrode par-
ticles over the course of several charge and discharge cycles, as 
discussed in Sections 2.4.3 and 2.5.3.

The simplest and typically least destructive type of phase 
transformation leaves the host crystal structure unchanged. 
Layered LixCoO2, for example, exhibits a phase transformation 

Adv. Energy Mater. 2017, 1602888

Figure 1. Crystal structures relevant for layered Li intercalation elec-
trodes. Blue octahedra represent MO6 units and green octahedra/tetra-
hedra represent Li sites.



www.advenergymat.de

© 2017 WILEY-VCH Verlag GmbH & Co. KGaA, Weinheim1602888 (4 of 33)

www.advancedsciencenews.com

at Li-rich compositions between phases having identical 
symmetry, transforming from an O3 phase having composition 
x = 0.95 to another O3 phase having a composition x = 0.75 
and slightly different lattice parameters.[68–70] This unusual 
phase transition between crystallographically identical phases 

is driven by the insulator-to-metal electronic transition that is 
triggered by the removal of Li from LiCoO2. Other well-known 
intercalation compounds that undergo phase transformations 
that leave the host structure unchanged include LixFePO4

[44] 
and spinel LixTi2O4.[71] In both compounds, Li insertion and 

Adv. Energy Mater. 2017, 1602888

Figure 2. Relationship between the cation orderings of O3, spinel, and disordered rocksalt. Green circles and polyhedral represent Li occupancy, while 
blue circles and polyhedral represent transition-metal occupancy. Small red circles represent oxygen sites.

Figure 3. Schematic free energy curves for layered and spinel LixMO2.

Figure 4. Beginning with fully intercalated LiMO2 with O3 structure, the 
material can be fully charged to O1 MO2 via Li deintercalation and metal 
cation oxidation. Ideally, the material could then be reversibly discharged 
back to the original LiMO2 state. However, the process may result in 
atomic rearrangement to spinel LiM2O4 or densification to rocksalt MO.
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removal causes the host to pass through a miscibility gap 
without altering the olivine FePO4 and spinel Ti2O4 crystal 
structures. For LixFePO4, the miscibility gap separates FePO4 
and LiFePO4 while for the spinel oxides, it separates LiTi2O4 
with Li occupying tetrahedral sites and Li2Ti2O4 with Li occu-
pying octahedral sites.

Slightly more complex and often more destructive phase 
transformations occur when the host crystal structure main-
tains its original network, but undergoes symmetry-breaking 
structural distortions as the Li concentration changes. Jahn–
Teller distortions and/or lithium-vacancy ordering can drive 
such transformations in layered LixMO2,[52,58,59,72,73] typically 
distorting the rhombohedral O3 structure to a monoclinic 
O′3 phase. While symmetry breaking associated with lithium-
vacancy ordering usually results in a relatively minor distortion 
of the structure, transformations driven by collective Jahn–
Teller distortions can lead to dramatic changes in lattice param-
eter. A notable example is the transformation of cubic LiMn2O4 
spinel to tetragonal Li2Mn2O4, which maintains its spinel net-
work, but loses its cubic symmetry as a result of a cooperative 
Jahn–Teller distortion of the MnO6 octahedra.[58,74] Since the 
host maintains its spinel network during the transformation, 
it can occur coherently within the original electrode particles. 
However, the coexistence of tetragonally distorted Li2Mn2O4 
regions with the original cubic LiMn2O4 regions within the 
same particle will be accompanied by large coherency strains 
that can result in a loss of coherency along the interface and 
crack formation.

A more disruptive change in the host structure occurs in 
phase transformations between different stacking sequences 
(cf. Section 2.1). In layered lithium oxides, the most preva-
lent such stacking-sequence-change phase transformation is 
the transformation from the O3 to O1 host after complete Li 
removal. Transformations to one or more hybrid O1/O3 phases 
(e.g., H1-3) may also occur at intermediate compositions. The 
preference for O3 in lithiated phases can be rationalized by the 
fact that A and M sites share faces in O1, but not in O3.[75,76] 
Therefore, when ions are present between the metal oxide 
sheets, the O1 structure is destabilized. This occurs when the 
compound is at least partially lithiated or when a non-negligible 
fraction of the transition-metal ions reside in the Li layer, as is 
observed in Ni-rich layered metal oxide materials.[75] The prefer-
ence for O1 upon complete delithiation has been interpreted 
in terms of molecular orbitals.[77] The MO6 octahedra contain 
σ bonds between the metal ion d orbitals and the oxygen p 
orbitals. In the O3 structure, the oxygen p orbitals from two 
adjacent metal oxide sheets overlap in the interlayer space, 
whereas the O1 structure minimizes this overlap.

Phase transformations can be further categorized as first-
order or continuous. Although rigorous definitions of these 
terms are nuanced, in the context of batteries first-order transi-
tions occur when (de)intercalation leads to a two-phase coexist-
ence; this manifests as a plateau in the equilibrium voltage curve. 
The two phases will differ in composition, lattice parameters, 
and in many instances in their symmetry. The metal-insulator 
transition in LixCoO2 between x = 0.75 and 0.95 is an example 
of a first-order phase transformation. On the other hand, con-
tinuous phase transitions represent changes in symmetry 
during which thermodynamic quantities vary continuously. For 

example, the transition from a rhombohedral disordered state 
to a monoclinic row ordering in LixCoO2 is thought to be a 
continuous phase transition. (The phase diagram of LixCoO2 is 
discussed in more detail in Section 3.1.1.) Although the distinc-
tion between first-order and continuous transitions is of fun-
damental importance in condensed-matter physics, in practice 
continuous phase transitions in battery materials are often dif-
ficult to distinguish from first-order transitions exhibiting small 
two-phase regions. Nevertheless, continuous phase transitions 
are generally less likely to result in degradation or kinetic limita-
tions because, unlike many first-order transitions, they do not 
involve large abrupt changes in the structure.

2.2. Electronic Structure

The relative energies of redox levels for different transition 
metals play a critical role in the thermodynamics of (de)inter-
calation.[23] The positions of redox-active energy levels relative 
to the oxygen 2p band may also affect electron transport and 
oxygen evolution reactions. Although the electronic structure is 
in general complex, the key insight is that different transition 
metals have redox activity at different voltages due to a variety 
of effects, including crystal-field splitting and differences in 
electronegativity.

In all of the structures described above, including O3, O1, 
spinel, and rocksalt, the transition metal atoms occupy inter-
stitial sites that are coordinated by six oxygen atoms that form 
a slightly distorted octahedron. The crystal field produced by 
octahedral oxygen anion coordination splits the five transition 
metal d orbitals of the transition metal (each of which can hold 
two electrons of opposite spin) into two sets of levels labeled 
eg and t2g as illustrated in Figure 5a. Orbitals in the eg level 
have 2 2dx y−  and 2dz  symmetries with lobes that point toward the 
anions, while the t2g levels, which have dxy, dxz, and dyz sym-
metries, have lobes that point between the oxygen atoms. The 
eg levels have a higher energy than the t2g levels due to the 
increased electrostatic repulsion from the coordinating anions. 
The transition-metal environment in layered compounds devi-
ates slightly from that shown in Figure 5 because the octahedra 
are slightly compressed along the principal axis of the crystal. 
This results in a small splitting of the t2g levels (not shown), 
which is often ignored because it does not strongly affect redox 
chemistry.

The commonly observed electronic configurations of d 
orbitals in cationic Co, Mn, and Ni species are shown in 
Figure 5b. (Note that while Figure 5b shows Co4+ as low spin, 
there is some evidence for high spin Co4+ when only a small 
amount of Li has been deintercalated.[78]) When the cathode is 
fully charged, with composition MO2, the M cations have an 
oxidation state of +4. Upon lithiation, the transition metal ions 
are reduced to the +3 oxidation state as they receive electrons 
donated by Li. Since the Mn3+ and Ni3+ ions have a lone elec-
tron in the eg level, they are susceptible to a Jahn–Teller dis-
tortion that lowers the overall energy of the solid by breaking 
the degeneracy between the two eg orbitals. An elongation of 
the bonds along one of the octahedral axes splits the eg orbitals 
into a lower-energy occupied orbital and a higher-energy unoc-
cupied orbital as schematically illustrated in Figure 5c.

Adv. Energy Mater. 2017, 1602888
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Figure 6 qualitatively summarizes the positions of the redox-
active energy levels for Ni, Mn, and Co, as well as the oxygen 2p 
band in a Ni–Mn–Co alloy.[23,40,79] As discussed in Section 2.3, 

lower energy levels correspond to higher (de)intercalation volt-
ages. Importantly, the Co3+/Co4+ level is the lowest in energy 
(and therefore highest in voltage) because Co redox involves the 
more stable t2g orbitals, while Ni and Mn redox involves the less 
stable eg orbitals. The next highest energy levels above those of 
Co are the Ni3+/Ni4+ and Ni2+/Ni3+ couples followed by that of 
the Mn3+/Mn4+ redox couple.

The relative alignment of energy levels among the different 
transition metals has important consequences for battery ther-
modynamics of alloyed intercalation compounds. Typically the 
Co3+/Co4+ couple will oxidize at the highest voltage since it has 
the lowest energy.[23,40,79] The fact that the Ni2+/Ni3+ couple 
is lower in energy than the Mn3+/Mn4+ indicates that Mn3+ 
will spontaneously donate electrons to Ni3+, yielding Mn4+ 
and Ni2+.[23,79] Thus the deintercalation of a typical layered 
Ni–Mn–Co alloy having a Mn content that is lower than that of 
Ni initially proceeds via the oxidation of Ni2+ to Ni3+, followed 
by the oxidation of Ni3+ to Ni4+, and then finally the oxidation 
of Co3+ to Co4+. The Mn4+ remains electrochemically inactive 
throughout the entire (de)intercalation process provided there 
is more Ni than Mn in the compound. (Although Figure 6 
depicts these energy levels as discrete, in practice, the oxidation 
of Co begins before the oxidation of Ni ends;[80] this results in 
a smooth rise in the voltage curve, rather than an abrupt step).

The energy alignment shown above is of course an over-
simplification—the true electronic structure is complicated 
by many factors. Importantly, hybridization between the tran-
sition metal d orbitals and the oxygen p orbitals can result in 
the splitting of energy levels into bonding and antibonding 
states and the broadening of these levels into bands.[81] For the 
t2g levels, very little hybridization occurs because the dxy, dxz, 
and dyz orbitals have little overlap with the oxygen p orbitals; 
the t2g levels are therefore referred to as nonbonding orbitals. 
However, strong hybridization causes both eg states to split 
into bonding and antibonding levels. The two bonding eg levels 
are highly dispersive states buried deep within in the oxygen p 
block of Figure 6 and have mostly oxygen character. In contrast, 

Adv. Energy Mater. 2017, 1602888

Figure 5. a) Crystal field spitting of d orbitals in an octahedral environ-
ment. b) Typical electron configurations in layered oxides. c) Splitting of 
eg levels due to Jahn–Teller distortion.

Figure 6. Qualitative positions of energy levels in layered Ni–Mn–Co 
oxide alloys.
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the two antibonding eg levels are more localized around metal 
ions. The states labelled eg in Figure 5 represent these antibo-
nding orbitals, while the bonding eg orbitals are omitted from 
Figure 5 because they are not involved in redox chemistry.

Another important subtlety is that the electronic structure 
undergoes significant changes during (de)intercalation: the 
donation of electrons to the transition metal upon Li insertion 
leads to an increase in on-site electrostatic repulsion among 
electrons that shifts the d levels of the transition metal upward 
and away from the oxygen p levels. This results in a rehybridi-
zation between the transition metal d levels and the oxygen p 
levels that changes the nature of the metal–oxygen bonds as Li 
is added to the host. In LixCoO2, for example, the insertion of 
Li progressively increases the degree of ionicity of the host with 
increased polarization of negative charge toward the oxygen 
ions.[52,81,82]

A final caveat is that the alloying of different transition metals 
can influence the positions of redox-active energy levels.[40,83] One 
factor is ion size.[40] For example, Mn ions are larger than Ni and 
Co ions because of the lower nuclear charge on Mn; as a result, 
Mn ions are compressed in a Ni–Mn–Co alloy, which may stabi-
lize Mn4+ relative to Mn3+ because of its smaller size. Jahn–Teller 
activity could similarly affect redox potentials: Mn3+ may be fur-
ther destabilized by Co because Co3+ and Co4+ ions will impede 
the distortions induced by the Jahn–Teller activity of Mn3+.

In addition to differences in the positions of energy levels, 
transition-metal oxides also differ in the nature of the charge 
carriers. Depending on the degree of intercalation and choice 
of transition metals, layered oxides can be metallic or insu-
lating. LixCoO2 undergoes a metal-insulator transition that 
is coupled with a first-order structural transformation upon 
deintercalation: it is insulating for x > 0.95 and metallic for  
x < 0.75.[68–70] Mott-type and Anderson-type transitions have 
been proposed as the mechanisms for this transformation.[69,70] 
In contrast, LixNiO2 and Ni-rich alloys appear to be insulating 
for x > 0.4.[84–86] (Electron transport for x < 0.4 has not been 
well characterized).

The charge transport mechanisms in the insulating phases 
are not fully understood. Band-like conduction, small-polaron 
hopping, and variable-range hopping associated with Anderson 
localization have been suggested.[68–70] However, even in these 
“insulating” layered oxides, electron transport is typically orders 
of magnitude faster than Li-ion transport; consequently, elec-
tron transport within individual particles generally does not 
limit performance. The effects of transport on performance are 
discussed in more detail in Section 2.4.1.

2.3. Thermodynamics

The crystal structure and chemical components of the electrode 
materials determines the theoretical energy density, which can 
be calculated from dE V Q∫= , where E is the energy density 
(gravimetric or volumetric), Q is the capacity, or charge stored 
per unit mass or volume, and V is the difference in electrode 
potential between cathode and anode. High energy densities 
are achieved in materials that can store a high concentration 
of Li at high voltages; the layered oxides perform well in this 
aspect when light transition metals are utilized.

The voltage difference between the cathode and anode of a 
battery is equal to the difference in electron electrochemical 
potentials of the electrodes according to 

e
cat

e
an

V
e

η η= − −− −
 (1)

where e
catη −  and e

anη −  are the electrochemical potentials of elec-
trons (also referred to as Fermi levels) in the cathode and anode, 
and e is the elementary charge. (Note that the electrochemical 
potential of electrons of a particular phase is not the same when 
in an electrochemical cell versus isolated in vacuum or air; this 
is discussed in more detail below.) When a Li-ion battery is at 
equilibrium, this voltage difference can be expressed in terms 
of the difference in Li chemical potential 

eq Li
cat

Li
an

V
e

µ µ= − −
 (2)

Here d /dLi
cat cat

Li
catG Nµ =  and d /dLi

an an
Li
anG Nµ =  are the chemical 

potentials of Li in the cathode and anode, with G being the 
Gibbs free energy and LiN  the number of Li atoms. (A deriva-
tion of the above equation, sometimes referred to as the Nernst 
equation, is provided in Appendix A.) The lower Li chemical 
potential in the cathode relative to the anode creates a driving 
force for Li to move from anode to cathode. As Li+ ions move 
across the electrolyte, electrons perform work on the external 
circuit.

The equilibrium voltage Veq can change significantly with 
state of charge, and the shape of the voltage curve provides 
insight about the thermodynamic behavior of the electrode 
material due to the relation between voltage and Li chemical 
potential in Equation (2). Sloping portions of the voltage curve 
correspond to single-phase solid solutions, while plateaus indi-
cate two-phase regions. Figure 7a shows qualitatively the free 
energy per MO2, g, for a typical layered-oxide cathode material 
exhibiting three distinct hosts (O3, H1-3, and O1), as a func-
tion of Li concentration at some fixed temperature and pres-
sure. Figure 7b shows the corresponding voltage curve of the 
cathode material, which is related to the negative slope of the 
free energy curve: Veq = −(dg/dx)/e + constant. (The constant 
is determined by what reference electrode the voltage is being 
measured with respect to).

The lower envelope of the free energies determines phase 
stability at equilibrium. In the example of Figure 7, the O3 
host has a two-phase region at high Li concentrations due to a 
first-order phase transition, which manifests as a plateau in the 
voltage curve. At low x, additional first-order phase transforma-
tions convert O3 to H1-3 and H1-3 to O1. Continuous phase 
transitions are also possible, which would manifest as inflec-
tion points in the voltage curve with no region of two-phase 
coexistence between the phases. Such a continuous transition 
is depicted at x = ½ in Figure 7. In practice, continuous tran-
sitions are often difficult to distinguish from weak first-order 
transitions.

It is important to realize that the voltage of a Li battery is 
determined by the difference in electron electrochemical poten-
tials of the electrodes when they are placed in contact with a 
common electrolyte. This is not the same as the difference in 

Adv. Energy Mater. 2017, 1602888
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the electron electrochemical potentials of the isolated cathode 
and anode materials (i.e., not assembled in an electrochemical 
cell). The electron electrochemical potentials in the electrodes 
in an actual cell differs from that of the isolated materials due 
to the electric double layers at the electrode/electrolyte inter-
faces (that arise from the redistribution of Li+ between the elec-
trodes and electrolyte), which shift the electrostatic potential of 
the electrode’s interior.

The effect of electric double layers on electrochemical poten-
tials can be illustrated by considering what happens when a 
block of LixCoO2 is submerged in an electrolyte. First, consider 
the change in free energy when a Li+ ion is transferred from 
an isolated block of LixCoO2 to the electrolyte. Let us suppose 
that the change in free energy is negative; this implies that 

the electrochemical potential of Li+ in the isolated LixCoO2 is 
higher than that of the isolated electrolyte. When the LixCoO2 
is submerged in the electrolyte, Li+ ions will spontaneously 
transfer from the LixCoO2 into the electrolyte. This leads to 
the formation of an electric double layer: Li+ ions accumulate 
in the electrolyte near the interface, balanced by the electrons 
left behind in the Co t2g states. The transfer of Li+ ions from 
the LixCoO2 to the electrolyte will stop when the electrostatic 
potential drop due to the double layer becomes large enough so 
that additional Li+ transfer does not result in a net free energy 
change; this represents equilibrium, in which the electrochem-
ical potential of Li+ is equal in the electrolyte and LixCoO2. 
(Had the electrochemical potential of Li+ been lower in LixCoO2 
than in the electrolyte, then Li+ ions would transfer from the 
electrolyte to the LixCoO2, and the double layer would consist 
of excess Li+ ions accumulating in LixCoO2 balanced by salt 
anions left behind in the electrolyte.) The electrostatic poten-
tial drop resulting from the electric double layer shifts the elec-
trochemical potential of electrons in the LixCoO2, and so the 
absolute position of the Fermi level changes when the LixCoO2 
is submerged in the electrolyte. The Nernst equation for Li-ion 
batteries (Equation (2)) expresses what the difference in Fermi 
level will be between two materials after they have equilibrated 
with the same electrolyte.

Although electric double layers shift the electrochemical 
potentials of materials when they are assembled into a cell, the 
relative positions of the energy levels and relative stabilities of 
Li+ sites in different materials (when isolated) can, nevertheless, 
provide qualitative insight into their relative equilibrium volt-
ages. To illustrate this, it is convenient to consider the intercala-
tion of a Li atom as the combination of inserting a Li+ ion and 
injecting an electron. This corresponds to splitting the chemical 
potential into a sum of a Li+ chemical potential and an elec-
tron chemical potential according to Li Li e Li eµ η η µ µ= + = ++ − + − 
(see Appendix A). In this form, trends in the average voltage 
as a function of transition metal chemistry and crystal struc-
ture can be easily explained. For example, because Li+ cations 
in LiNiO2 and LiCoO2 have similar chemical and electrostatic 
environments (octahedrally coordinated by oxygen), we can 
expect that (LiCoO ) (LiNiO )Li 2 Li 2µ µ≈+ + . In other words, it takes 
the same amount of free energy to insert a Li+ ion into LiCoO2 
as LiNiO2 when they are at the same electrostatic potential. 
In contrast, the highest unoccupied orbitals of LiCoO2, which 
determine eµ −, are significantly lower in energy than those of 
LiNiO2 due to the crystal field splitting of the transition-metal 
sites (see Section 2.2); therefore (LiCoO ) (LiNiO )e 2 e 2µ µ<− −  
(i.e., it is easier to inject an electron into LiCoO2 than LiNiO2 
when they are at the same electrostatic potential). Combining 
these equalities shows that μLi(LiCoO2) < μLi(LiNiO2), thereby 
explaining why LiCoO2 has a higher intercalation voltage than 
LiNiO2. A similar analysis for the spinel oxides shows that the 
greater stability of the tetrahedral sites compared to octahedral 
sites, (tet) (oct)Li Li+ +µ µ< , can explain why the tetrahedral sites 
have a higher intercalation voltage despite operating on the 
same redox couple as the octahedral sites.[23,60]

Thermodynamic considerations also provide some insight 
into the stability window of the electrolyte. If the voltage of the 
cathode is too high, the electrolyte will be oxidized, while if the 
voltage of the anode is too low, the electrolyte will be reduced. 
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Figure 7. Relationship between Gibbs free energy and voltage for a hypo-
thetical electrode material. a) Molar Gibbs free energy,g, versus Li concen-
tration, x, with the dashed line representing two-phase regions determined 
by the common-tangent construction. b) Equilibrium voltage,V, versus Li 
concentration, where sloping regions correspond to single-phase equilib-
rium and plateaus two-phase equilibrium.
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The maximum practical voltage difference between anode and 
cathode is therefore limited by the electrochemical stability 
window of the electrolyte. Prior to the development of Li-ion 
batteries, most commercial electrochemical energy storage 
devices employed aqueous electrolytes, which are limited by the 
≈1.3 V stability window of water. Nonaqueous electrolytes have 
enabled Li-ion batteries to operate above 4 V because of their 
wider stability windows.

In practice, many electrochemical cells (both aqueous and 
nonaqueous) can safely operate slightly beyond the stability 
window of the electrolyte if the oxidation/reduction of the elec-
trolyte is self-limiting. This requires that the decomposition 
products be electronically insulating so that further decompo-
sition does not occur, but ionically conducting so that Li+ ions 
can pass through. Such passivating layers, referred to as solid-
electrolyte interphases (SEIs), are crucial to the functioning 
of Li-ion anodes, which typically operate below the reduction 
potential of the electrolyte.[32–34,87]

In the absence of a protective SEI, the limits of stability are 
determined by the kinetics of electrolyte oxidation/reduction 
and the details of the electrode/electrolyte interface. Although 
the kinetics of these reactions are quite complex,[31] the gap 
between the highest occupied molecular orbital (HOMO) and 
lowest unoccupied molecular orbital (LUMO) of the electrolyte 
provides an upper bound on the size of the stability window. 
(In the case of solid electrolytes, the band gap similarly puts an 
upper bound on the stability window.) Note that the absolute 
positions of the HOMO and LUMO in the isolated electrolyte 
are not the same as those of an electrolyte in contact with an 
electrode because of the double layer at the electrode/electrolyte 
interface; therefore the HOMO/LUMO positions of the isolated 
electrolyte strictly speaking do not inform us about the position 
of the stability window, only its width. Furthermore, chemical 
decomposition reactions between species of the electrolyte and 
the electrode may occur at voltages that are well within the 
window bounded by the HOMO and LUMO of the electrolyte.[88]

Lastly, we mention that the electric double layer has several 
relevant effects aside from the shifting of Li+ and electron elec-
trochemical potentials. Importantly, because the amount of 
charge separated across the interface changes with the applied 
voltage, the double layer contributes some capacity during 
cycling. For batteries, this double-layer capacitance is generally 
quite small compared to the capacity arising from the redox 

activity of the electrode. However, some devices exploit this 
double-layer capacitance for energy storage, and are referred 
to as electric double-layer capacitors (EDLCs).[89] The boundary 
between battery and EDLC can become fuzzy when particle 
sizes are very small: in the absence of solid-state diffusion limi-
tations, intercalation electrodes exhibit electrochemical perfor-
mance similar to a traditional capacitor. Devices operating in 
this regime have attracted attention for applications that require 
high rate capability, and are often referred to as “intercalation 
pseudocapacitors.”[89,90]

2.4. Kinetics

Dissipation is present in all kinetic processes and is a direct 
result of the second law of thermodynamics, which stipulates 
that spontaneous processes can only occur as a result of an 
overpotential of some sort. Heat flow, for example, will occur 
only if there is a spatial variation in temperature while a piston 
will spontaneously move only if there is a pressure differ-
ence across it. Each of the various kinetic processes that occur 
during charge and discharge of an electrode material are sim-
ilarly driven by a gradient or a spatial discontinuity in a free 
energy or a chemical potential.

The dissipation of free energy by kinetic processes con-
trols important aspects of battery performance, such as 
rate capability, polarization, and usable capacity. Key kinetic 
processes that dominate during the charge and discharge of lay-
ered lithium oxides are illustrated in Figure 8. These include: 
lithium and electron transport, interfacial ion transfer, and 
phase transformations. This section describes the underlying 
mechanisms behind these kinetic processes and how they man-
ifest in electrochemical behavior.

2.4.1. Transport

Theory: An important source of dissipation is the diffusion of 
cations between the surface of the electrode and the interior. 
Since, as described in Section 2.2, electrons are substantially 
more mobile than Li in layered transition metal oxides, they are 
not rate limiting and the transport of Li within the electrode 
is governed by equations of diffusion as in a typical metallic 
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Figure 8. Transport and kinetic limitations in Li-ion cathode materials. a) Transport kinetics, which results in the surface Li concentration xs differing 
from the average concentration x . b) Interfacial ion-exchange kinetics, which results in a drop in Li+ electrochemical potential η +Li  across the electrode/
electrolyte interface. c) Phase-transformation kinetics, represented here by the hypothetical transformation of a phase β into phase α.



www.advenergymat.de

© 2017 WILEY-VCH Verlag GmbH & Co. KGaA, Weinheim1602888 (10 of 33)

www.advancedsciencenews.com

phase. Li diffusion in layered intercalation compounds occurs 
by exchanges with vacancies and is primarily restricted to the 
2D Li-intercalation layers between MO2 sheets. The starting 
point for a description of diffusion within a crystalline host 
is an expression that relates the Li flux to a gradient in the Li 
chemical potential[91,92]

Li LiJ L µ= − ∇  (3)

where JLi is the flux of the Li atoms, L is a kinetic Onsager 
transport coefficient and ∇μLi is the gradient in chemical poten-
tial of Li. By application of the chain rule of differentiation, this 
equation can be converted to Fick’s first law 

Li LiJ D c= − ∇  (4)

which relates the flux to the chemical diffusion coefficient, D, 
and the gradient of the local Li concentration, cLi. The concen-
tration, cLi, is defined as the number of Li ions per unit volume, 
which for layered intercalation compounds can be expressed 
as the fraction of filled octahedral Li sites, x, divided by Ω, the 
volume of the crystal per LixMO2 formula unit. It is instructive 
to write the chemical diffusion coefficient as the product of a 
jump-diffusion coefficient, DJ, and the thermodynamic factor, 
Θ.[93] The jump-diffusion coefficient is defined as 

jD
kT

x
L= Ω  (5)

where k is the Boltzmann constant and T is temperature. The 
thermodynamic factor is a function of the chemical potential 
according to 

x

kT x

µΘ = ∂
∂

 (6)

The thermodynamic factor of a thermodynamically ideal 
intercalation compound (in the sense that interactions among 
Li ions can be neglected) reduces to Θ = 1/(1 − x). Any devia-
tion from this behavior is an indication that there is some 
degree of interaction among the Li+ ions. In addition to ther-
modynamic ideality, it is also useful to consider the limit of 
kinetic ideality, defined as compounds in which Li hops into 
adjacent vacant sites occur with a constant hop frequency, Γ, 
independent of the Li concentration and the local degree of Li-
vacancy order or disorder.[91] The jump diffusion coefficient, DJ, 
in an intercalation compound that is both thermodynamically 
and kinetically ideal takes an especially simple form and scales 
linearly with the vacancy concentration, i.e., DJ ∝ (1 − x).[94] 
The product of the thermodynamic factor, Θ, with the kinetic 
factor, DJ, in an ideal intercalation compound, therefore, yields 
a constant chemical diffusion coefficient, D, independent of Li 
concentration.

Most intercalation compounds rarely exhibit ideal thermody-
namic and kinetic behavior: the chemical diffusion coefficient 
usually exhibits a strong concentration dependence. While the 
thermodynamic factor, Θ, approaches unity in the dilute limit 
of x ≈ 0 where Li–Li interactions become negligible, it devi-
ates rapidly from the x/(1 −x) composition dependence upon 

insertion of Li.[95–98] Thermodynamic factors often take values 
of 10 or greater in solid solutions at intermediate Li concen-
trations (x ≈ 0.5).[62,98,99] This deviation is a manifestation of 
interactions among Li ions that result in some degree of short-
range order even within the solid solution. At stoichiometric 
compositions where Li-vacancy ordering occurs, the deviation 
from thermodynamic ideality is even more pronounced, with Θ 
exhibiting spikes that can be several orders of magnitude larger 
than unity.[97,100] This is also true as x approaches 1, where 
even the ideal thermodynamic factor that scales with x/(1 − x) 
diverges.

The kinetic factor, DJ, will usually also deviate from the 
(1 − x) concentration dependence of a kinetically ideal com-
pound. If vacancy clusters mediate Li diffusion, the kinetic 
factor becomes proportional to the vacancy cluster concentra-
tion instead of the concentration of individual vacancies, which 
is equal to 1 − x. The kinetic factor also depends exponentially 
on the activation barriers for diffusion. Any concentration 
dependence of the average activation barrier for Li hops will be 
amplified in DJ as a result of this exponential dependence.[91]

Transport behavior of lithium transition-metal oxides: Although 
layered intercalation compounds exhibit highly nonideal trans-
port kinetics, there are many common patterns in the diffusion 
phenomena in different layered materials. Figure 9 shows the 
variation of the Li diffusion coefficient with state of charge in 
LixCoO2,[101] which captures many of the effects seen in dif-
ferent layered compounds. The shape of this curve can in 
large part be traced to the Li hop mechanism at the atomic 
scale.[91,96–98]

Li hops between neighboring octahedral sites in a layered 
intercalation compound follow a curved trajectory through an 
adjacent tetrahedral site as illustrated in Figure 10.[96,98] This 
path maximizes the distance between the migrating Li and 
the coordinating oxygen ions along the hop trajectory. A con-
sequence of this hop trajectory is that the migration barrier 
becomes very sensitive to the local Li-vacancy ordering sur-
rounding the hopping Li ion. First-principles calculations based 
on density functional theory (DFT) have shown that the migra-
tion barrier is substantially lower if the intermediate tetrahedral 
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Figure 9. Experimentally measured variation of chemical diffusion coef-
ficient with state of charge in LixCoO2.[101]
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site is surrounded by two vacant octahedral sites as opposed to 
only one vacant site as illustrated in Figure 10.[96,98] A Li+ ion 
hopping into an isolated vacancy must pass through a tetra-
hedral site that shares a face with an occupied octahedral site. 
This results in a strong electrostatic repulsion that is absent if 
the Li hops into a divacancy.

Kinetic Monte Carlo simulations have shown that the 
strong dependence of the migration barrier on local Li coor-
dination results in divacancy hops being the dominant Li 
diffusion mechanism throughout most of the composition 
range.[91,95,97,98] One consequence of the divacancy mechanism 
is that the chemical diffusion coefficient falls dramatically as x 
approaches 1, as can be seen for LixCoO2 in Figure 9. This non-
ideal behavior arises because the concentration of divacancies 
decreases rapidly as the material approaches full intercalation, 
altering the concentration dependence of the jump diffusion 
coefficient, DJ. To first order the jump diffusion coefficient DJ 
for the divacancy mechanism is proportional to the square of 
the vacancy concentration, (1 − x)2, as opposed to simply the 
vacancy concentration, 1 − x, as in a kinetically ideal solid.

The Li diffusion coefficient of layered intercalation com-
pounds also decreases rapidly as x approaches zero,[95,96,98] as 
can be seen in Figure 9, due to increases in the migration bar-
rier. The rise in migration barrier can be largely attributed to 
the collapse of interlayer spacing between MO2 slabs.[96,98] The 
decrease in the interlayer spacing penalizes the intermediate 
tetrahedral site more than the octahedral end-states, causing an 
increase in Li migration barriers. Additionally, as the Li concen-
tration progressively decreases, the average oxidation state of 
the transition metal increases from +3 to +4; the greater degree 
of electrostatic repulsion destabilizes the tetrahedral sites 
because they share faces with the transition-metal sites.[96,102]

The combined effect of a divacancy diffusion mechanism 
and a progressive increase in the migration barrier at low Li 
concentrations (due to a c-lattice parameter contraction and 
an increase in the average transition metal oxidation state) is 
to endow the chemical diffusion coefficient with a concentra-
tion dependence that exhibits a maximum at intermediate 
concentrations, as can be seen for LixCoO2 in Figure 9. There 

is likely little that can be done to alter the divacancy diffusion 
mechanism in layered intercalation compounds (responsible 
for the drop-off in the chemical diffusion coefficient at high Li 
concentrations) without a dramatic change in the local crystal 
structure. Strategies that minimize a contraction of the c-lattice 
parameter at low Li concentrations, however, could ameliorate 
the reduction in Li mobility as Li is extracted. A mixture of tran-
sition metals (e.g., Co, Ni and Mn) having different oxidation 
states (or differing degrees of hybridization with oxygen) may 
also offer strategies for enhancing diffusion. As long as the 
transition metals that least repulse Li ions form a percolating 
network, long-range diffusion can occur through tetrahedral 
sites that experience a minimal electrostatic repulsion.[102,103]

Transport properties have been measured experimentally for 
the layered oxides, including LixCoO2,[100,101] LixNiO2,[104–106] 
NCA,[86] and NMC;[107,108] however, reported values often differ 
by orders of magnitude, and the dependence of diffusion coeffi-
cient on state of charge also varies widely between experiments. 
One challenge in the measurement of transport properties 
is isolating the diffusional relaxation of the electrode mate-
rial from other kinetic processes, such as the diffusion of Li+ 
ions in the electrolyte.[86,101,107,108] This can be further compli-
cated by the penetration of the electrolyte into the active mate-
rial through microcracks formed at high states of charge.[107] 
Assumptions about the diffusion length and particle geometry 
can also influence transport measurements.[100] Additionally, 
the variation in the NLi defect concentration in different sam-
ples may result in differences between experimental results: the 
contraction of the interlayer spacing induced by these defects 
has been hypothesized to hinder Li diffusion.[102,103]

Because spinel and rocksalt phases often form as thin 
layers on the surface of layered intercalation compounds 
(see Section 2.5.1), the mechanisms and rates of Li diffusion 
through these structures also play a crucial role in determining 
the overall rate capability of layered intercalation compounds. 
Li diffusion mechanisms in spinel LixMO2 are very sensitive to 
the overall Li concentration. Below x = 0.5, the Li ions occupy 
tetrahedral sites that form a diamond network. Hops between 
neighboring tetrahedral sites pass through intermediate 
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Figure 10. Monovacancy and divacancy Li migration mechanisms. Each tetrahedral site is face-sharing with three octahedral Li sites. In both mecha-
nisms, the lithium atom moves between two of these octahedral sites by passing through the tetrahedral site. The two mechanisms differ in whether 
the third Li site is occupied or not.
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octahedral sites.[62,109] Diffusion mechanisms involving vacancy 
clusters (e.g., divacancies as in the layered compound) are crys-
tallographically not possible when Li hops between adjacent tet-
rahedral sites of spinel since the intermediate states centered at 
octahedral sites are exclusively coordinated by the endpoints of 
the hop.[91] This results in very simple and relatively uncorre-
lated diffusion mechanisms[62] in spinels below x = 0.5. In fact, 
the rate capabilities of spinel LixMO2 compounds between x = 0  
and 0.5 are generally quite high and depend most sensitively 
on the composition dependence of the migration barriers.[62] 
Diffusion in spinel LixMO2 becomes substantially more com-
plex above x = 0.5. Between x = 0.5 and 1, spinel LixMO2 forms 
a two-phase coexistence between Li0.5MO2 with Li occupying 
exclusively tetrahedral sites and LiMO2 with Li occupying pre-
dominantly octahedral sites. Li diffusion within spinel LiMO2 
arises from hops between neighboring octahedral sites that 
pass through an intermediate tetrahedral site. As with the lay-
ered compounds, the passage through an intermediate tetrahe-
dral site when hopping between neighboring octahedral sites 
makes the compound susceptible to vacancy cluster mecha-
nisms, which can result in highly correlated diffusion.[62,99]

Diffusion in disordered rocksalts is generally sluggish. This 
has been attributed to the smaller size of the tetrahedral sites, 
which represent intermediate states for Li hops between octa-
hedral sites.[110] Furthermore, the rocksalt phases observed to 
form on the surface of layered intercalation compounds tend 
to be metal rich (i.e., a transition metal to oxygen ratio greater 
than ½). This further limits Li transport by reducing the con-
nectivity of the Li sites. Li-excess disordered rocksalts, however, 
exhibit relatively facile Li transport.[110] The use of such Li-
excess rocksalts as cathodes is discussed in Section 4.7.

In addition to the Li mobility in the bulk, microstructure may 
also strongly affect transport. For example, grain boundary dif-
fusion could significantly influence Li-ion transport:[111] facile 
Li diffusion along grain boundaries would enhance transport, 
while slow Li diffusion across grain boundaries would impede 
it. Microcracks (as discussed in Section 2.5.3) that allow the 
electrolyte to penetrate deeper into the active material particles 
could also improve access to Li.[107] Similarly pipe diffusion (Li 
motion along dislocations) could potentially influence transport 
behavior.

Impact on electrochemical performance: The gradients in chem-
ical potential that are required to drive diffusion cause polariza-
tion in the voltage curve during charge and discharge. Under 
galvanostatic (fixed current) conditions, this can result in a shift 
of the average voltage as well as a reduction in cathode utiliza-
tion. Figure 11 illustrates diffusion phenomena in an electrode 
particle during charge and discharge. The local depletion of Li 
at the surface relative to the Li concentration in the interior of 
the electrode particle leads to the emergence of a Li concentra-
tion gradient. Figure 11a illustrates how these concentration 
gradients will manifest as polarization and losses in capacity 
when (dis)charge starts from a fully (de)lithiated particle. 
Cycling in a real battery is more complex because the incom-
plete cathode utilization on charge means that discharge does 
not start from a fully delithiated state. Similarly, charge cycles 
(except for the initial charging) will not start from a completely 
lithiated state. Figure 11b therefore illustrates how Li transport 
might influence the voltage curve for galvanostatic cycling.

The deviation of the experimentally observed voltage curve 
from the equilibrium voltage curve originates from the fact that 
the measured voltage is determined by the Li concentration at 
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Figure 11. Qualitative effect of diffusion limitations on galvanostatic 
(dis)charge curves. a) Hypothetical (dis)charge curves when starting 
from the fully (de)lithiated state. b) Hypothetical voltage curves for 
cycling starting from a fully lithiated material. c) Concentration profile of 
Li within a particle during charge and discharge.



www.advenergymat.de

© 2017 WILEY-VCH Verlag GmbH & Co. KGaA, Weinheim1602888 (13 of 33)

www.advancedsciencenews.com

the electrode/electrolyte interface xs, not the average Li con-
centration in the particle x . (See Appendix A for details.) As is 
clear from Figure 11c, during charging the Li concentration at 
the electrode surface is lower than the average Li concentration 
within the electrode. Because the equilibrium voltage increases 
with decreasing concentration, the voltage at the surface con-
centration is higher than that at the average Li concentration: 

( ) ( )eq
s

eqV x V x> . The electrochemist measuring the voltage 
curve does not plot the measured voltage as a function of the 
surface concentration xs, a quantity that is very difficult if not 
impossible to measure, but rather as a function of the average 
concentration, x , which can easily be estimated by integrating 
the current of electrons extracted from the electrode. The meas-
ured voltage upon charging an electrode is therefore always 
higher than the true equilibrium voltage curve. The reverse 
occurs during discharge.

In addition to polarization in the voltage, the presence of Li 
concentration gradients prevents a realization of the full theo-
retical capacity during galvanostatic cycling because discharge/
charge stops when the surface becomes fully intercalated/dein-
tercalated. (Or more specifically, when the Li content on the 
surface reaches the value corresponding to the cutoff voltage.) 
The utilization will decrease with increasing rate because the 
difference between the surface concentration and the average 
concentration gets larger as the rate increases. Importantly, this 
loss of utilization cannot be overcome by making the voltage 
cutoffs more extreme: a substantial fraction of the electrode’s 
theoretical capacity will still remain unused.

The effects of limited Li diffusion on polarization and 
capacity can be illustrated with a simple model of an electrode 
that is both thermodynamically and kinetically ideal. Such an 
electrode exhibits an ideal-solution equilibrium voltage and has 
a constant diffusion coefficient, independent of the Li concen-
tration. The voltage is determined by the surface concentra-
tion, and is plotted in Figure 12 for a cylindrical geometry with 
constant current boundary conditions. The surface concentra-
tion was found by numerical solution of the diffusion equation 
(Equation (4)), as described in Appendix B.

As can be seen from Figure 12, this simple model illus-
trates the strong dependence of the discharge voltage curve 

on discharge rate. At low currents, where concentration gradi-
ents are small, the discharge curve approaches the equilibrium 
voltage curve. As the discharge current increases, internal Li 
concentration gradients must become larger to produce the 
larger Li fluxes and as a consequence, the overall voltage and 
electrode utilization decreases. The simple model clearly shows 
that transport limitations can manifest as an apparent loss in 
capacity. The reason for this incomplete utilization is that dis-
charge ends when the surface becomes fully lithiated, which, 
due to internal Li concentration gradients occurs well before 
the interior of the electrode particles are fully lithiated. This is 
illustrated in the insets in Figure 12, which show the distribu-
tion of Li within the particle during discharge. As the surface 
approaches full lithiation (xs → 1), the voltage diverges to very 
low values due to the entropic costs of adding Li to a solution 
that contains very few vacancies.

While the above discussion has focused on transport within 
the electrode material, the transport of Li+ ions within the elec-
trolyte can similarly result in electrode polarization and incom-
plete electrode utilization.[112] Although Li+ ions generally are 
much more mobile in the electrolyte than in the electrode 
material, the distances over which diffusion occurs are orders 
of magnitude larger in the electrolyte (≈100 μm) than in the 
electrode particles (≈100 nm).

2.4.2. Interfacial Ion-Transfer Kinetics

Interfacial ion transfer at the electrode/electrolyte interface is 
a complex process that can result in kinetic limitations. This 
process involves Li+ desolvation and insertion into the cathode 
material. Kinetic limitations associated with the diffusion of 
Li+ ions through any surface film and any rocksalt- or spinel-
like regions near the cathode surface (see Section 2.5) may also 
be interpreted as part of the ion-transfer process. Impedances 
associated with these surface processes are sometimes referred 
to as “charge-transfer resistance.”

Under open-circuit conditions, the exchange of Li+ between 
the electrode and electrolyte resides in dynamic equilibrium, 
expressed by the reaction Li(electrode) ↔ Li+(electrolyte) + e− 
(electrode), or equivalently, Li+ (electrode) ↔ Li+ (electrolyte). 
This equilibrium condition, illustrated in the center panel of 
Figure 13, implies that the electrochemical potential of Li+ is 
equal in the electrode and electrolyte: Li

electrode
Li
electrolyteη η=+ + . During 

(dis)charge, however, the interface is not in equilibrium and an 
electrochemical potential difference Li Li

electrode
Li
electrolyteη η η∆ = −+ + +  

drives the transfer of Li+ ions, as illustrated in the left and 
right panels of Figure 13; this is analogous to how a differ-
ence in temperature drives the flow of heat. The drop in elec-
trochemical potential across the electrode/electrolyte interface 
manifests as a decrease in discharge voltage and an increase 
in charge voltage relative to the thermodynamic equilibrium 
voltage, as discussed in Appendix A.

Although in the present analysis we focus on the Li+ electro-
chemical potential, some literature instead chooses to describe 
ion-transfer kinetics in terms of the difference in electrostatic 
potential across the interface, Δφ. The two descriptions are 
identical, however, due to the equality ( )Li eqeη φ φ∆ = ∆ − ∆+ ,  
where Δφ = φelectrode − φelectrolyte is the drop in electrostatic  

Adv. Energy Mater. 2017, 1602888

Figure 12. Simulated galvanostatic discharge curves for ideal diffusion in 
a cylindrical particle at different rates.
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potential across the interface and /eq Li
electrode

Li
electrolyte eφ µ µ( )∆ = − −+ + ; 

see Appendix A for details.
The simplest description of interfacial ion-transfer processes 

is the Butler–Volmer model, which relates the current density j 
to the difference in Li electrochemical potential across the inter-
face Liη∆ +

[92]

exp exp
(1 )

0
Li

B

Li

B

j j
k T k T

α η α η= ∆




− − − ∆













+ +  (7)

The two terms represent the rates at which ions cross the 
interface in each direction, with j0 being the exchange current 
density and α a symmetry factor. (Equation (7) differs subtly 
from the original expression of the Butler–Volmer model: 
instead of describing electron-transfer rate in terms of dif-
ferences in electron electrochemical potential, Equation (7) 
expresses ion-transfer rate in terms of differences in Li+ electro-
chemical potential).

The value of the exchange current provides a quantita-
tive measure of how facile ion-transfer is. Importantly, the 
exchange current density may vary with temperature and Li 

concentration. Experimental measurement of the exchange cur-
rent density is often based on the behavior in the low-current 
regime. In this limit, the Butler–Volmer model reduces to an 
Ohmic resistor Δφ − Δφeq = JR with a resistance of R = kBT/Aj0e, 
where J is the total current and A is the electrochemically active 
surface area of the electrode. This resistance is referred to as 
the “ion-transfer resistance” or sometimes “charge-transfer 
resistance.”

Ion-transfer kinetics at layered lithium oxide interfaces 
have been indirectly probed through electrochemical imped-
ance spectroscopy (EIS). Ion-transfer resistances measured 
by EIS imply exchange current densities on the order of 
0.1–10 mA cm−2 for layered oxides.[113,114] However accurate 
measurements of ion-transfer kinetics are difficult; for example, 
determining the electrochemically active surface area is non-
trivial, especially if the particles crack during (de)lithiation. 
Ion-transfer kinetics are also expected to vary with different 
crystallographic surface facets, with {0001} surfaces impeding 
ion insertion.[115,116] Extensive studies of interfacial ion transfer 
at graphitic anodes may serve as a useful starting point for the 
understanding of ion-transfer at layered oxide cathodes.[117]

2.4.3. Phase-Transformation Kinetics

Phase-transformation kinetics can result in a hysteresis in the 
voltage curve that arises from a free-energy barrier for indi-
vidual crystallites to undergo a phase transformation.[44,118–120] 
This free-energy barrier represents the coherency strain energy 
and interfacial energy that exists during two-phase coexistence 
within a single particle.[118] To illustrate this phenomenon, we 
consider the free energy of a hypothetical ensemble of parti-
cles, as shown in Figure 14. The left panel shows the equilib-
rium state of the ensemble as a function of composition. The 
common-tangent construction shows that at intermediate com-
positions, the equilibrium state is a two-phase coexistence with 
some particles being Li-rich and others Li-deficient. During 
(de)intercalation, the particles will one-by-one transform 
between the Li-rich and Li-deficient phases. However, to drive 
the transformation of individual particles at an appreciable 
rate, an overpotential needs to be applied; this can be seen by 
considering the free energy curve for a single particle, shown 
in the center panel of Figure 14. Because coherency strain 

Adv. Energy Mater. 2017, 1602888

Figure 14. Schematic illustration of how coherency strains lead to a barrier for phase transformation. a) Free energy for two-phase equilibrium amongst 
multiple particles, derived by the common tangent construction. b) Free energy for a coherent two-phase mixture within a single particle. c) Hysteresis 
in the voltage curve resulting from coherency strain.

Figure 13. Schematic illustration of how differences in Li+ electrochemical 
potential drive ion-transfer kinetics at the electrode/electrolyte interface.
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and interfacial energy penalize two-phase coexistence within 
a single particle, the free energy at intermediate compositions 
(dashed line in Figure 14b) is higher than the common tangent 
construction. Overcoming this barrier requires that a voltage 
above/below the equilibrium voltage be applied on charge/ 
discharge.[118,121] This results in a hysteresis in the voltage 
curve, as shown in the right panel of Figure 14.

In some cases, the coherency strain and interfacial energy 
can be large enough to suppress phase separation within indi-
vidual particles.[119,122] This occurs when the free energy for a 
coherent two-phase mixture is higher than that of a homoge-
neous solid solution, and results in an electrochemical hyster-
esis similar to the nucleation and growth mechanism above. 
This suppression of phase separation by coherency strains has 
been recently hypothesized to occur in LixFePO4, where a hys-
teresis of ≈20 mV remains even at rates as low as C/1000.[44,119]

For coherent phase transformations that involve only a 
change in Li concentration without any crystallographic 
changes (aside from modest differences in lattice param-
eter), the above kinetic phenomena can be described by clas-
sical Cahn–Hilliard models for spinodal decomposition.[123] 
Although this formalism was originally developed to describe 
quenching into a miscibility gap from high temperature, it 
can equally describe phase transformation kinetics in bat-
tery materials (i.e., movement through the miscibility gap at 
constant temperature by changing Li concentration).[124] The 
hypothesized suppression of phase separation in LixFePO4

[119] 
is analogous to Cahn’s picture of spinodal decomposition, 
where coherency strains suppress two-phase decomposition 
by lowering the maximum temperature of the miscibility 
gap when the free energy of a solid solution is less costly 
than the strain free-energy penalty of coherent two-phase 
coexistence.[123]

Although Figures 7 and 8 show the phase transformation 
propagating across a particle, the geometry of the transforma-
tion will depend on the kinetics of nucleation, phase-boundary 
propagation, Li diffusion, and Li+ ion exchange with the elec-
trolyte. Coherency strain, as well as interfacial and surface 
energies, also play important roles.[44,118] Perhaps the simplest 
transformation geometry is the core–shell model, where the 
transformation starts on the surface and propagates inward. 
Another geometry is 1D propagation along the crystallographic 
axis that minimizes coherency-strain energy.

The dynamics of phase transformations in the layered oxides 
are not fully understood, especially in the case of stacking-
sequence phase transformations. Stacking-sequence changes 
can be realized by the passage of partial dislocations through 
the crystal.[125] In this picture, the interface between different 
stacking sequences consists of an array of partial dislocations; 
this allows for a coherent interface, despite the crystallographic 
differences between the two phases.

2.5. Degradation Mechanisms

Kinetic limitations can be compounded by many different deg-
radation processes that reduce battery performance over time. 
This section summarizes conceptually the degradation chal-
lenges that have been hypothesized, which are summarized in 

Figure 15. Although it is useful to think of these as separate 
phenomena, they in fact are deeply interconnected.

2.5.1. Transformations to Spinel- and Rocksalt-Like Phases

As discussed in Section 2.1, the layered oxides all exhibit 
strong thermodynamic driving forces upon deintercalation 
to transform to spinel via the rearrangement of cations and 
to transform to rocksalt via the evolution of oxygen. The 
cyclability of Li-ion batteries is possible only because of the 
kinetic limitations in these transformations. Transforma-
tions to the cubic phases nevertheless occur near the surface 
in essentially all layered oxides, as shown in Figure 16, with 
a rocksalt-like phase with approximate composition MO on 
the surface and a spinel-like phase in the subsurface.[126] 
While the layered structure of the O3 phase can be seen 
in the bulk, the presence of transition-metal ions in the Li 
layer (characteristic of the cubic phases) can be seen near the 
surface.

Adv. Energy Mater. 2017, 1602888

Figure 15. Degradation mechanisms in layered lithium oxides.
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These surface reactions have traditionally been viewed as 
an undesirable process, as the poor conductivity of the cubic 
phases (see Section 2.4.1) can increase cell impedance. How-
ever, surface reconstruction layers may in fact be critical to the 
success of layered oxide cathodes: by forming a passivating 
layer, they may protect the cathode in much the same way as an 
SEI protects the anode.

The mechanistic triggers that initiate oxygen loss and surface 
reconstruction are not well understood. One interpretation is 
that it is the depletion of oxygen 2p states upon deintercalation, 
due to hybridization with transition-metal d orbitals (Figure 6), 
that triggers oxygen loss.[23] As these states deplete, holes self-
trap in oxygen p states to form peroxide O2

2− dimers, which, 
being highly reactive, will result in oxygen loss.

The rate of layered → cubic transformations is also influ-
enced by the barrier for transition-metal migration from octahe-
dral sites in the transition-metal layer to octahedral sites in the 
lithium layer, which occurs via diffusion through tetrahedral 
sites. Although Ni, Mn, and Co have similar sizes, the migra-
tion barriers vary significantly because of the effect of crystal-
field splitting and other electronic-structure effects on the rela-
tive energies of octahedral and tetrahedral sites.[66,67] Experi-
ments have found that LixMnO2 is particularly susceptible to 
transformations to spinel (see Section 3.1.3).[60,127,128] DFT cal-
culations suggest that this is because Mn is highly stable in the 
tetrahedral sites when reduced to 2+ via the disproportionation 
reaction 2Mn3+ → Mn2+ + Mn4+, resulting in a low barrier for 
interlayer migration.[66,67]

Surface reconstructions are not only controlled by the 
cathode material itself, they are also strongly coupled to the 
environmental conditions and interactions with the electrolyte. 
Recent experiments have illustrated this elegantly by examining 
the susceptibility of NCA to surface reconstructions upon expo-
sure to different gasses: O2 gas delays the onset of densification, 
while reducing environments such as H2 gas promote it.[129]

2.5.2. Reactions at the Cathode/Electrolyte Interface

The reaction of the cathode material with the electrolyte 
and other inactive cell components can degrade battery 

performance, and is likely related to surface transformations 
to rocksalt spinel. These surface reactions potentially include 
chemical and electrochemical reactions involving the active 
material, solvent, salt, binder, and conductive additives. One of 
the consequences of these surface reactions is the dissolution of 
transition-metal species that can poison the anodic SEI.[33,34,130] 
Another consequence is the formation of a SEI-like film on the 
cathode, consisting of several compounds including Li2CO3, 
LiF, and alkyl carbonates.[33,34,130] This film could contribute 
to performance degradation if this impedes Li+ transport, or if 
continual growth consumes Li.

The mechanisms by which the cathode surface reacts with the 
electrolyte are not fully understood. Earlier conventional wisdom 
held that transition-metal dissolution occurs via attack by hydro-
fluoric acid (HF) generated by the reaction of LiPF6 and other 
fluorine-containing compounds with water and other protic con-
taminants.[14,34] This picture was originally inspired by the chem-
ical conversion of spinel LiMn2O4 to MnO2 in acidic aqueous 
solutions.[131] However, more recent studies finding that the 
dissolved transition-metal ions form organometallic complexes 
suggest that direct reactions between the cathode and organic 
solvent molecules, rather than acid attack, may be the dominant 
transition-metal dissolution mechanism in many cell designs.[132]

Studies of surface reactivity focused on the spinel lithium 
nickel manganese oxides suggest that surface reactions could 
occur by the transfer of electrons from solvent molecules to 
surface transition-metal ions accompanied by the donation 
of protons from the solvent to surface oxygen sites or salt 
anions.[132,133] Furthermore, the oxygen released during the 
densification of layered phases to MO rocksalt may react with 
the electrolyte. However, because of the complexity of the reac-
tions and interfacial structure, more work is needed before 
these processes can be fully understood.

Understanding surface reactions occurring during cycling 
is further complicated by the fact that the cathode/electrolyte 
interface is not clean to begin with.[33,130] First, impurities such 
as Li2CO3 are typically leftover on the surface of layered oxides 
after synthesis. Second, the layered materials and impurities on 
their surfaces will undergo chemical reactions when placed in 
contact with the electrolyte, before any voltage is applied.

Adv. Energy Mater. 2017, 1602888

Figure 16. Rearrangement of transition-metal sites from layered to cubic in NMC, as visualized by atomic resolution annular dark-field scanning 
transmission electron microscopy (ADF–STEM). a) ADF–STEM after storing in the electrolyte for about 30 h (equivalent to the amount of time for 
one cycle), b) ADF–STEM upon cycling between 2.0–4.7 V, c,d) Fourier transform from the reconstruction layer with cubic structure and the bulk with 
rhombohedral structure. Reproduced with permission.[126] Copyright 2017, Macmillan Publishers.



www.advenergymat.de

© 2017 WILEY-VCH Verlag GmbH & Co. KGaA, Weinheim1602888 (17 of 33)

www.advancedsciencenews.com

2.5.3. Mechanical Degradation

Mechanical degradation, e.g., fracturing (often along grain 
boundaries) and the accumulation of dislocations, can con-
tribute significantly to performance loss (Figure 15c).[134] 
Mechanical failure hinders performance because (i) fracture can 
result in loss of electrical contact between active material parti-
cles and the current collector, and (ii) cracks in the active mate-
rial or surface passivating layers expose virgin active material to 
the electrolyte, potentially resulting in further surface reactions. 
However, some mechanical changes could potentially have ben-
eficial effects. For example, microcracks that allow the electrolyte 
to penetrate deep into particles could improve Li-ion transport.

Figures 17 and 18 illustrate ways in which mechanical 
changes alter the structure. In Figure 17,[135] small microc-
racks along grain boundaries formed after one cycle (top panel) 
grow into large cracks and voids after repeated cycling (bottom 
panel). Figure 18[136] shows how surface reactions can occur on 
the material exposed by microcracks, resulting in the formation 
of a cubic phase along the grain boundaries. This appears in 
Figure 18a as an ≈20 nm thick white layer. Panels A1, B1, and 
C1 show how the structure transforms from layered to cubic as 
one approaches the surface exposed by the crack.

Mechanical degradation is often attributed to the substan-
tial shape/volume changes that occur during (de)lithiation, 
especially the precipitous drop in interlayer spacing at high 
states of charge.[134] This can cause mechanical stresses in two 
ways. First, shape/volume changes can lead to large stresses 
as expanding particles impinge on each other. Second, the 
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Figure 17. SEM images of a single Li(Ni0.8Co0.15Al0.05)O2 particle showing 
the formation of cracks a) after one cycle and b) after 4500 cycles. The 
arrows in panel (a) indicate the positions of cracks inside the particle. 
Adapted with permission.[135] Copyright 2013, Wiley-VCH.

Figure 18. Microcracks formed along grain boundaries during the first cycle of an NCA cathode, visualized by scanning tunneling electron microscopy 
(STEM). High-magnification STEM images (A1, B1, and C1) and diffraction patterns (A2, B2, and C2) illustrate the transformation from layered to 
rocksalt near the microcrack, and correspond to the regions marked A, B, and C in panel (b). Reproduced with permission.[136] Copyright 2011, The 
Electrochemical Society.
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coherency strain caused by the inhomogeneous (de)lithiation 
of individual crystallites can result in internal stresses. Such 
lattice mismatch can occur either because of phase separation 
(e.g., during an O1 ↔ O3 transition), or because of concentra-
tion gradients that emerge due sluggish Li diffusion or high 
rates (sometimes referred to as “electrochemical shock”[137]).

3. Materials

This section discusses how the phenomena enumerated above 
play out in state-of-the-art cathode materials. We first con-
sider the baseline materials, LixCoO2 (LCO), LixNiO2 (LNO), 
and LixMnO2 (LMO), and then discuss the alloys NCA and 
NMC, represented by formulas Lix(NiyCozAl1−y−z)O2 and 
Lix(NiyMnzCo1−y−z)O2. (While in some contexts “alloy” refers 
exclusively to solid solutions of elemental metals, here we will 
use it to refer to solid solutions of metal cations over the transi-
tion metal sites of oxides.) The voltage curves (Figure 19) and 
interlayer spacing (Figure 20) illustrate some of the similari-
ties and differences between these materials, such as the lower 
redox potential for Ni than Co (cf. Figure 6) and the stronger 
tendency for lithium/vacancy ordering in the pure materials 
(LCO and LNO) as compared to the alloys (NCA and NMC). 
(Lithium/vacancy ordering results in sharp features in the 
voltage curve, whereas a disordered solid solution will gener-
ally exhibit a smooth charging profile.) These differences are 
discussed in more detail in the sections below. Figures 19 and 
20 exclude LixMnO2 because this material does not retain the 
layered structure upon deintercalation, as discussed below.

3.1. Baseline Materials

3.1.1. LixCoO2

LCO can be thought of as the prototypical layered Li-interca-
lation oxide because of its advent as the first widely adopted 

Li-ion cathode. It was first proposed as a cathode material 
by the Goodenough group in 1980,[141] and then launched 
commercially by Sony in 1991. (See earlier works by Whit-
tingham,[12] Goodenough,[48] and Thackeray et al.[25] for a 
detailed history of Li-ion batteries.) Despite its long history, the 
practical capacity of LCO remains about half of its theoretical 
capacity.[12,13] Mechanical damage has been widely observed 
through transmission electron microscopy (TEM)[142–145] and 
acoustic emission monitoring[146] when LCO is charged beyond 
its practical capacity. This can be attributed to large shape and 
volume changes during (de)intercalation, including those asso-
ciated with first-order phase transformations from O3 to H1-3 
and then to O1 stacking sequences at high states of charge  
(x < 0.2–0.3).[52,139,147–149] Surface reactions and reconstructions 
have also been observed. This includes the formation of an SEI-
like film on LCO,[150] the dissolution of cobalt,[151] and transfor-
mation to the spinel phase.[143]

LCO exhibits a rich phase diagram with numerous phase 
transitions occurring upon (de)intercalation, which manifest as 
bumps and kinks in the voltage curve (Figure 21). As LiCoO2 is 
deintercalated, the material first undergoes a first-order trans-
formation from an insulating phase to a metallic phase (either 
a Mott[69] or Anderson transition[70]), resulting in a large pla-
teau. Further deintercalation results in a sloping voltage curve 
in a single-phase region. However, two bumps in the voltage 
curve occur within this single-phase region, near x = ½. These 
represent continuous (or nearly continuous) phase transitions 
associated with the row ordering of Li+ ions, which reduces the 
crystal symmetry from rhombohedral to monoclinic. A voltage 
plateau representing two-phase coexistence separates the O3 
solid solution and a hybrid O1/O3 (H1-3) solid solution, which 
appears as a small step around x = 0.2. Further deintercalation 
results in a two-phase coexistence of O1/O3 and O1.

The Li content on the x-axis in Figure 21 is somewhat mis-
leading: simple Coulomb counting can lead to systematic errors 
in estimating the state of charge. This could arise, for example, 
if not all cathode particles are electrically connected or if there 
was some uncertainty in the initial composition.[59] We have 
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Figure 19. Voltage curves upon first charging of different layered 
oxides.[75,138] Data for NCA and NMC courtesy K. Wiaderek.

Figure 20. Interlayer spacing as a function of state of charge for different 
layered oxides.[127,139,140] Data for NCA and NMC courtesy K. Wiaderek.



www.advenergymat.de

© 2017 WILEY-VCH Verlag GmbH & Co. KGaA, Weinheim1602888 (19 of 33)

www.advancedsciencenews.com

nevertheless chosen to align the phase boundaries with features 
in the voltage curve to highlight the connection between the 
shape of the voltage curve and intercalation thermodynamics.

Of all the layered oxides, LCO is arguably the one for which 
diffusion has been the most closely examined. As discussed in 
Section 2.4.1, the Li diffusion coefficient in LixCoO2 is strongly 
dependent on the state of charge.[95,100,101] Diffusion is fastest 
around x = 0.4 because full lithiation results in a scarcity of 
divacancies and full delithiation results in large migration 
barriers.[97] Additionally, the diffusion coefficient exhibits fea-
tures around x = 0.5 due to the row ordering of lithium at this 
composition.

3.1.2. LixNiO2

LixNiO2 (LNO) could in principle offer a dramatic reduction in 
cost over LCO due to the low price of nickel relative to cobalt; 
however, LNO was unable to achieve adequate performance to 
supplant LCO. The main differences between LNO and LCO 
are that LNO exhibits lower voltages and a much greater degree 
of off-stoichiometry.[40,73,152] In other aspects, such as stacking-
sequence changes,[77] LNO behaves similarly to LCO.

As can be seen from the voltage curves (Figure 19), 
(de)intercalation occurs at voltages about 0.2–0.3 V lower in 
LNO than LCO because nickel redox involves eg orbitals rather 
than t2g orbitals (see Section 2.2). This shift in voltage has 
important consequences for electrochemical performance and 
the interpretation of experimental data. In particular, the differ-
ence in (de)intercalation voltage means that the common prac-
tice of comparing electrodes cycled over a fixed voltage range 
does not necessarily provide an apples-to-apples comparison. 
For example, based on the voltage curves in Figure 19, we 
would expect charging to 4.2 V to extract 90% of the Li from 
LNO but only 50% of the Li from LCO.

Like LCO, LNO experiences a number of phase transitions 
that appear as steps and kinks in the voltage curve (Figure 22). 

Upon deintercalation, LNO undergoes a first-order phase trans-
formation from O3 to a monoclinic phase, with the lowering in 
symmetry driven by the Jahn–Teller activity of the Ni3+ ions and 
the ordering of Li ions.[72,73] Further deintercalation is accompa-
nied by additional first-order transformations, first to a rhom-
bohedral phase with a 3 3×  Li ordering and then to O1.[72,73]

Unlike other layered transition-metal oxides, LNO suffers 
from a tendency for Ni atoms to reside in the Li layer,[40,152] 
which manifests itself in the voltage curve (Figure 22) as a 
reduction in the maximum Li content. This off-stoichiometry is 
believed to arise from the occupation of Li+ sites by Ni2+ ions. 
In order to balance charge, an equal number of Ni3+ ions in the 
transition-metal layer are reduced to Ni2+, resulting in a net for-
mula of Li Ni Ni O1 2

2
1
3

2y y y−
+

−
+  in the fully lithiated state.[152] This off-

stoichiometry can be mitigated by doping with other elements, 
such as Co; this is discussed in more detail in the context of 
NCA alloys below (Section 3.2.1).

The presence of Ni in the Li layer has negative consequences 
for electrochemical performance, especially first-cycle capacity 
loss.[152,153] One possible explanation is that when Ni2+ in the Li 
layer oxidizes to the smaller Ni3+ during charging, it results in 
a contraction of the interlayer spacing, making the reinsertion 
of Li difficult.[152,153] It has also been suggested that the contrac-
tion of the interlayer spacing induced by substituting Ni for 
Li would increase the migration barrier for Li diffusion;[102,103] 
this hypothesis is corroborated by experimental evidence that 
Li diffusion is somewhat slower in LixNiO2 as compared to 
LixCoO2.[104,105] On the other hand, the presence of Ni in the Li 
layer has one potentially beneficial effect: preventing stacking 
sequence changes to O1.[75] This can be attributed to the face-
sharing of cation sites in the O1 structure, as discussed in  
Section 2.

While many studies have investigated the fully intercalated 
LiNiO2, some questions remain about the details of its struc-
ture. Although Ni3+ is Jahn–Teller active, LiNiO2 appears to 
retain rhombohedral (or nearly rhombohedral) symmetry even 
at low temperature;[154,155] however, the presence of two distinct 
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Figure 21. Voltage curve and phase diagram for LixCoO2.[138] Gray regions 
represent single phases, white regions two-phase equilibria, and dashed 
lines continuous phase transitions.

Figure 22. Voltage curve and speculative phase diagram for LixNiO2.[75] 
Gray regions represent single phases and white regions two-phase 
equilibria.
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NiO bond lengths indicates the material is locally distorted.[154] 
Several possible explanations for these facts have been hypoth-
esized, including: (i) the disruption of long-range ordering of 
Jahn–Teller distortions by defects;[154] (ii) the formation of com-
plex noncollinear orderings of Jahn–Teller distortions;[155,156] 
and (iii) the disproportionation of Ni3+ to Ni2+ and Ni4+.[157]

3.1.3. LixMnO2

Layered LixMnO2 (LMO) has also been considered as an inter-
calation electrode, although it was not until 1996 that well-lay-
ered LiMnO2 was synthesized.[158,159] (The greater difficulty in 
producing layered LiMnO2 compared to LiCoO2 and LiNiO2 can 
be attributed to the Mn3+ being closer in size to Li+.) Layered 
LixMnO2 is not practical as a cathode material because it 
rapidly transforms to the spinel phase upon cycling, resulting 
in an irreversible loss of capacity.[60,127,128] As discussed in 
Section 2.5.1, the ease by which this transformation occurs has 
been attributed to the facile migration of Mn to the Li layer via 
the dumbbell mechanism;[66,67] this mechanism is thought to 
be quite fast for Mn because of the high stability of Mn2+ in 
the tetrahedral sites, which serve as an intermediate step in the 
interlayer migration.

Even if LixMnO2 were able to retain the layered structure 
upon cycling, one would expect it to have poor reversibility. 
First, Mn, when in the +3 oxidation state, is particularly sus-
ceptible to dissolution in the electrolyte.[160] Second, the strong 
Jahn–Teller activity of the Mn3+ ion causes LiMnO2 to adopt 
the monoclinic O′3 structure.[58,127,158,159] The removal of this 
distortion upon deintercalation will result in large mechanical 
stresses that could fracture the material. Both of these problems 
(Mn dissolution and large strains associated with Jahn–Teller 
distortions) are recognized to significantly limit the cyclability 
of spinel LixMn2O4 cathodes.[45,46,60,151] Because the challenges 
associated with Mn-based cathodes are associated with reduced 
cations (Mn3+ and Mn2+), alloying with nickel to keep Mn oxi-
dized to 4+ can mitigate these problems; this is discussed in 
more detail below in the context of Ni–Mn–Co alloys.

3.2. Candidate Materials

While LCO was the first commercially successful Li-ion 
cathode material, current battery manufacturing has pivoted 
toward alloys which offer superior performance, espe-
cially Ni–Mn–Co (often referred to as NMC or NCM) and 
Ni–Co–Al (NCA) oxides.[24] In part, this doping serves to dilute 
expensive and toxic elements, such as cobalt, with elements that 
are safe and inexpensive, such as aluminum and manganese. 
However, alloying can also have synergistic effects in which the 
whole is more than the sum of the parts, and the alloy performs 
better than any of the end members.

3.2.1. NCA

NCA emerged in the early 2000s as an improvement to 
the LixCoO2 chemistry.[15,16] As of 2017, it is widely used 

commercially, including in Tesla electric vehicles.[24] It typically 
is formulated to be Ni-rich with only a small amount of Al, 
often as Li(Ni0.8Co0.15Al0.05)O2.[161–163] Aluminum, which is elec-
trochemically inactive, can stabilize the layered structure and 
cell impedance, thus improving the performance. However, 
like the other layered oxides, NCA battery materials undergo 
capacity fading upon cycling at high temperatures and high 
current rates.[164]

Comparing the NCA voltage curve (Figure 19) to the voltage 
curves for LCO and LNO, which represent end members of the 
NCA composition space, illustrates some of the key effects of 
alloying. First, when Ni–Co alloys are deintercalated, Ni is oxi-
dized before Co,[40] as expected from the relative alignment of 
redox levels (Figure 6). Thus for large x the NCA has a similar 
voltage to LNO, but for small x NCA has a similar voltage to 
LCO. Second, unlike LCO and LNO, the NCA alloy exhibits a 
very smooth and featureless voltage curve due to the absence of 
pronounced phase transitions.[165] This loss of lithium/vacancy 
ordering upon alloying occurs in many layered oxides, and can 
be attributed to the disruption of long-range Li ordering by the 
random arrangement of transition metals.[40]

One synergistic benefit of alloying in NCA is that the pres-
ence of Co reduces the degree of Li/Ni off-stoichiometry. This 
has been attributed to the smaller size of Co, which results in 
a slight compression of the transition metal layer that destabi-
lizes the Ni2+ ions needed to charge-compensate excess Ni in 
the Li layer.[166]

The role of Al is less clear, particularly given that even a 
small amount has been reported to have a beneficial effect on 
the cycle life and thermal stability of layered oxides.[15,167–170] 
One hypothesis is that the Al, being electrochemically inac-
tive, improves stability by preventing full delithiation.[15,168] The 
presence of this residual lithium may also explain why trans-
formations to O1 are not observed in NCA.[163] Additionally, Al 
is thought to raise the voltage for lithium (de)intercalation,[83] 
although the voltage shift will be very small at 5% doping levels.

Understanding the distribution of Al within the material is 
central to unraveling its effects on performance. Experiments 
have found a tendency for Li(Ni1−yAly)O2 to segregate into 
coherent Ni-rich and Al-rich domains for nondilute Al concen-
trations (y ≥ 0.1).[171] However, recent NMR and atom-probe 
tomography work has shown Al to be uniformly distributed in 
the standard Li(Ni0.8Co0.15Al0.05)O2 material.[172]

NCA nevertheless experiences capacity fade associated with 
surface reactions and mechanical degradation. Transforma-
tions to rocksalt/spinel-like structures have been extensively 
observed using S/TEM[173–175] and X-ray absorption spectros-
copy (XAS).[176–178] Mechanical degradation in NCA has been 
extensively documented using TEM[136] and scanning electron 
miscroscopy (SEM).[135]

3.2.2. NMC

Several studies in the early 2000s revealed the benefits 
of alloying the baseline materials LiCoO2, LiNiO2, and 
LiMnO2 together to form a layered Ni–Mn–Co lithium oxide 
LixNiyMnzCo1−y−zO2 (NMC).[17–20] NMCs, sometimes blended 
with spinel oxides, are used commercially in electric vehicles 
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such as the Nissan Leaf and Chevrolet Volt.[24] NMC often 
is formulated as Lix(Ni1/3Co1/3Mn1/3)O2, referred to as NMC 
333 (or sometimes NMC 111). However there is also much 
interest in Ni-rich NMCs, such as Lix(Ni0.5Co0.3Mn0.2)O2 
(NMC 532).

In some aspects, NMC alloys behave similarly to NCA 
alloys. The presence of Co reduces the degree of Li/Ni off-
stoichiometry, although a Li/Ni mixing of 1%–6% is still com-
monly observed.[12,163] The alloying of Ni, Mn, and Co also sup-
presses lithium/vacancy ordering, resulting in a smooth voltage 
curve characteristic of a solid solution. However, unlike NCA, 
NMC alloys can exhibit transformations to O1 upon extreme 
delithiation.[179]

The addition of Mn results in qualitative differences 
between NMC and NCA. While Mn generally improves cycla-
bility[17–20] and thermal stability,[17,180] the detailed mecha-
nisms are complex. As discussed in Section 2.2, the Mn3+/
Mn4+ couple in layered NMC has a lower equilibrium voltage 
than the Ni2+/Ni3+ couple.[23,79] As a result, in the fully lith-
iated state, Mn is oxidized to 4+ while Ni is reduced to 2+. 
During deintercalation, first Ni is oxidized from 2+ to 4+, fol-
lowed by the oxidation of Co from 3+ to 4+, while Mn remains 
unchanged.[23,40,79]

The Ni–Mn charge transfer, which results in the oxida-
tion of Mn to Mn4+, is thought to mitigate the failure modes 
inherent to layered and spinel oxides containing Mn3+. First, 
the transformation to spinel is mitigated; presumably this is 
because Mn4+ is unlikely to migrate to tetrahedral sites because 
it cannot be readily reduced to Mn2+. Second, Mn4+ is less sus-
ceptible to dissolution than Mn3+.[160] For example, one study 
found the rate of Mn dissolution to be around 16 times slower 
in NMC 333 than LiMn2O4.[160] Third, keeping Mn oxidized to 
4+ avoids mechanical stresses associated with Jahn–Teller dis-
tortions arising from Mn3+.

However, a clear understanding of why Mn doping 
improves Ni–Co alloys is lacking. One potentially important 
effect of Mn doping is that electrostatic interactions between 
Ni2+ and Mn4+ may result in strong short-range ordering 
(or possibly even nanoscale phase separation) in NMCs 
favoring Ni–Mn coordination.[181] It has also been hypoth-
esized that Ni–Mn charge transfer will enhance Li diffusion 
at low states of charge because tetrahedral sites that are 
face-sharing with a 2+ transition metal will experience less 
electrostatic repulsion than those face-sharing with 3+ tran-
sition metals; a percolating network of such sites could lead 
to facile long-range diffusion.[102,103] Lastly, the decrease in 
oxidation state of Ni due to the donation of electrons by Mn 
could potentially reduce surface reactions associated with 
oxidized Ni.

Despite these synergistic effects of Ni–Mn–Co alloying, NMC 
nevertheless exhibits surface and mechanical degradation. 
Surface reconstructions to spinel/rocksalt have been widely 
observed in NMC cathodes after electrochemical cycling, as 
observed by XAS,[182] S/TEM,[183] and X-ray photoelectron spec-
troscopy (XPS).[184] The dissolution of transition-metal ions and 
their deposition on the anode has also been observed.[160,185] 
Mechanical degradation has been widely observed in NMC 
materials using SEM and TEM,[186] including microcracks sim-
ilar to those seen in the other layered oxides.

4. Modifications and Extensions

Many strategies for narrowing the gap between the theoret-
ical and practical energy densities of layered oxides have been 
proposed. This section first discusses modifications based on 
altering the composition of the bulk material through doping 
and overlithiation, as well as modifying the composition near 
the surface through surface modification and core–shell struc-
tures. Although this review focuses on the cathode material 
itself, a section on high-voltage electrolytes is included because 
of the important role that electrolyte composition plays in inter-
face stability. Lastly, extensions beyond layered lithium oxides 
are discussed, including the replacement of Li with other inter-
calants (e.g., Na), and disordered-rocksalt electrode materials.

4.1. Surface Modification

Many surface modifications have been applied to improve the 
electrochemical performance of classical layered oxides. The 
common idea is to reduce potential side reactions and their 
effects, including transformations to rocksalt/spinel, the disso-
lution of transition-metal ions, and the formation of an unde-
sirable SEI-like film between electrode and electrolyte at high 
working voltage.[187] Surface modifications can be thought of as 
an artificial SEI, serving as a Li+-conductive passivation layer.

A good surface coating layer should possess several key 
properties: 

1. The coating should be a thin layer uniformly distributed on 
the particle surface so as to minimize weight.

2. The coating material should be a good Li-ion conductor and 
electron conductor.

3. The coating material should be electrochemically stable with-
in the operating voltage window.

4. The coating should have a high enough mechanical strength 
to prevent fracture associated with shape/volume changes of 
the electrode during (de)intercalation.

The most widely used surface modification materials 
(Table 1) are oxides (e.g., ZrO2,[188] CeO2,[189] Al2O3,[190–195] 
ZnO,[196] CuO,[197] and Sb2O3

[198]), fluorides (e.g., AlF3,[199–203]  
LaF3,[204] and ZrFx

[205]), and phosphates (e.g., FePO4
[206] and 

AlPO4
[207]). However, most of these materials have poor elec-

tronic and ionic conductivity. Learning from the case of 
LiFePO4, carbon has also been used as a coating layer on clas-
sical layered oxides in order to improve the electronic conduc-
tivity of the material.[208–211] Other researchers have introduced 
an ionic conductor to the surface of classical layered oxides, 
such as, lithium lanthanum titanium oxides (LLTO),[187,212–214] 
LiFePO4,[215,216] Li3PO4,[217] and Li3VO4.[218] The results in 
Table 1 indicate that FePO4,[206] LLTO,[213] and AlF3

[199–203] are 
arguably the best coatings for improving the cycling stability of 
NMC at high voltages.

Achieving a uniform coating of the desired thickness 
remains a challenge. Wet chemistry methods are widely used 
to coat these surface modification materials on layered oxide 
powders; however, the coating conditions need to be optimized 
in each case to achieve a uniform coating layer. On the other 
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hand, atomic layer deposition (ALD) always provides a uniform 
coating layer with controllable thickness.[190,196] The limiting 
factors of ALD are the limited chemical choices and difficulties 
in achieving large-scale production.

4.2. Bulk Substitution

Besides surface modifications, bulk substitutions with different 
elements have been applied to improve the electrochemical 
performance of layered oxides upon cycling. Bulk substitution 
can be divided into three categories: cation substitution (e.g., 
Mg,[227–229] Fe,[230] Al,[228,230,231] Mo,[232] V,[233] Ti,[234] and Cr[228]); 
anion substitution (e.g., O substituted by F);[235] and cation 
and anion co-substitution.[236–240] Table 2 summarizes bulk 
substitutions explored in NMC and NCA materials. However, 
some caution is required in the interpretation of experiments 
on doped battery materials: in some cases, the “dopant” is not 
incorporated into the bulk material but segregates out at grain 
boundaries, nanodomains, or other defects.

There are many mechanisms by which substitutions could 
potentially affect performance, and how these mechanisms play 
out for specific dopants is generally not well understood. First, 
some dopants may reinforce the structural stability of the lay-
ered phase by postponing stacking-sequence changes or miti-
gating the collapse of the interlayer spacing upon delithiation. 

Second, the charge compensation of substitutions may influ-
ence electrochemical behavior. For example, replacing redox-
active transition metals with inactive ions (e.g., Mg or Al) can 
also result in overcharge protection by preventing full delithi-
ation.[15] Furthermore, the charge required to balance aliova-
lent substitutions can modify the oxidation state of transition 
metals; for example, replacing Ni3+ with Mg2+ could be compen-
sated by the oxidation of other Ni3+ sites to Ni4+.[40] Lastly, sub-
stitutions can shift the voltage of transition metal redox coup les 
by modifying the electronic structure of the material.[40,83]

4.3. Morphology and Mesostructure Design

Morphology and mesostructure design, including particle 
size, shape, agglomeration, and transition-metal distribution, 
have a significant impact on electrochemical performance. 
For example, small dispersive particles can suffer from exten-
sive surface side reactions.[130,245] This problem can be solved 
by either synthesizing large (micrometer-sized) primary parti-
cles or designing mesostructured secondary spherical particles 
comprised of nanosized primary particles. However, large size 
primary particles can result in poor performance due to Li dif-
fusion limitations. Also important is the tap density, which 
is controlled by the distribution of particle shapes and sizes. 
Generally compared with large primary particles with irregular 
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Table 1. Summary of different surface modifications and corresponding performance.

Coating Composition 
(Ni:Mn:Co)

Voltage 
[V]

First cycle comparison  
(modified vs pristine)

Retention comparison  
(modified vs pristine)

Ref.

Capacity [mA h g−1] Rate Retention Rate

Al2O3 333 3–4.5 199 versus 196 30 mA g−1 93% versus 78.8%, 100 cyc 75 mA g−1 [194]

ZrO2 333 3–4.5 166 versus 168 30 mA g−1 99.1% versus 78.8%, 100 cyc 75 mA g−1 [188]

CeO2 333 2.8–4.5 162 versus 157 0.2C 100% versus 85.9%, 24 cyc 2C, 60 °C [189]

CuO 532 3–4.6 180 versus 162 5C 89% versus 60%, 50 cyc  

43% versus 39%, 50 cyc
5C, 3–4.6 V, 60 °C  

1C, 3–4.8 V

[197]

TiO2 622 3–4.5 194 versus 188 28 mA g−1 88.7% versus 78.1%, 50 cyc 140 mA g−1 [219]

ZnO 532 2.5–4.5 238 versus 201 20 mA g−1 91.5% versus 87.4%, 60 cyc 400 mA g−1 [220]

Sb2O3 333 3–4.6 170 versus 176 100 mA g−1 91.4% versus 73.5%, 100 cyc 100 mA g−1 [198]

AlF3 333 3–4.5 182 versus 182 16 mA g−1 93% versus 75%, 50 cyc  

92% versus 72%, 50 cyc
80 mA g−1, 3–4.5 V  

80 mA g−1, 3–4.6 V

[199]

(NH4)3AlF6 333 2.7–4.5 192 versus 192 32 mA g−1 92% versus 76%, 70 cyc 80 mA g−1, 55 °C [221]

ZrFx 333 3–4.6 177 versus 170 1C 89.9% versus 86.4%, 100 cyc 1C, 3–4.3 V, 60 °C [205]

LaF3 MgF2 532 3–4.6 190 versus 190 0.5C 89.8% versus 71.4%, 50 cyc 1C, 3–4.8 V [222]

FeF3 333 3–4.8 210 versus 180 40 mA g−1 84% versus 57%, 50 cyc 40 mA g−1 [223]

LiAlO2 333 2.8–4.5 177 versus 174 0.2C 96.7% versus 82.3%, 50 cyc 0.5C [224]

[Li,La]TiO3 333 2.5–4.5 179 versus 171 40 mA g−1 89% versus 64%, 50 cyc 40 mA g−1 [214]

Li3PO4 433 3–4.8 197 versus 196 1C 73.9% versus 64.1%, 50 cyc 1C [217]

FePO4 532 2.5–4.6 213 versus 214 0.2C 91.2% versus 82.1%, 50 cyc 1C [206]

Li3VO4 532 3–4.8 180 versus 182 18 mA g−1 63% versus 41.5%–100 cyc 180 mA g−1 [218]

C 333 2.8–4.6 175 versus 162 1C 97.8% versus 85.3%, 100 cyc 1C [211]

PEDOT 333 2.8–4.5 156 versus 168 150 mA g−1 85.9% versus 69.6%, 80 cyc 150 mA g−1 [225]

Rocksalt-like NMC 622 3–4.45 192 versus 192 0.1C 80% versus 65%, 150 cyc 1C, 60 °C [226]
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shape, the designed mesostructure has higher density due to 
smaller quantity of space within the powders.[246] Consequently, 
micrometer-sized secondary “meatball” particles comprised of 
100–200 nm primary particles with homogeneous transition 
metal distribution is preferred in the morphology and meso-
structured design of layered oxides. In this structure, small 
primary particles decrease lithium diffusion distance and the 
uniform secondary-particle size distribution increases tap den-
sity, which together enable excellent power and energy density.

Different synthetic routes have a distinct effect upon mor-
phology and mesostructure. While there has been an explora-
tion of solid-state,[247] sol–gel, and hydro/solvothermal[248,249] 
synthesis methods,[250] the most common method for syn-
thesizing layered-oxide electrode materials in both academia 
and industry is co-precipitation.[251–253] Compared with other 
synthesis methods, it has many advantages: the formation of 
high tap density secondary particles with a narrow particle-size 
distribution; accurate stoichiometric proportions of transition 
metal precipitation; and lower synthesis temperature compared 
with solid-state method. However, the co-precipitation method 
is largely contingent on the careful control of different param-
eters including pH value, reaction time, reaction temperature, 
salt precursor concentration, stirring rate, and use of a gas 
purge. A systematic study is still in need for understanding the 
impact of these different control parameters on the morphology 
and mesostructure of materials synthesized via co-precipitation.

Hydro/solvothermal reactions are widely used for tailoring 
diverse particle morphologies. The extreme crystal growth con-
ditions of high temperature and pressure allow for some degree 
of control over particle shape and homogeneity, as well as the 
exposure of specific crystallographic facets. For example, dumb-
bell-like NMC microspheres comprised of nanocubes were 
recently synthesized via a urea-assisted solvo/hydrothermal 
method.[249] Experiments suggest that layered oxides produced 
by hydro/solvothermal synthesis could exhibit improved elec-
trochemical performance.[248,249]

Based on the spherical morphology designs for the sec-
ondary particle of classical layered oxides, researchers devel-
oped core–shell[254] and gradient[255,256] classical layered oxides. 

Core–shell structures could be considered a conceptual exten-
sion of surface coatings. The coating layer is replaced with a 
Mn-rich cathode material which possesses better thermal and 
structural stability. Manipulating the core and shell with dif-
ferent components will make the performance of the core 
or the shell itself different from the performance of the new 
functional materials.[257,258] However, the structural mismatch 
between the core and the shell can lead to void formation at the 
core/shell interface after long-term cycling, which deteriorates 
cycling stability.

Concentration-gradient structures, in which the concentra-
tion of transition metal is continuously varied from the bulk to 
the surface, can minimize the lattice parameter mismatch at the 
interface between the core and the shell.[259,260] An example of 
the structure and electrochemical performance of a concentra-
tion-gradient NMC cathode material is shown in Figure 23.[256] 
Figure 23b compares the electrochemical performance of full 
concentration-gradient (FCG) cores with different shells under 
severe test conditions. Shells with low nickel content resulted 
in improved capacity retention compared to the bare FCG core.

4.4. Li-Excess Layered Oxides

Lithium-excess layered oxides, LixM1−yO2 where 0 < x < 1 + y, 
have attracted substantial attention because of their ability to 
achieve capacities well beyond the classical layered oxides.[41–43] 
These materials (sometimes referred to as Li-rich or Li-rich-
Mn-rich), differ from the classical materials in that some Li 
resides in the transition-metal layer. At the atomic scale, these 
materials have been described as nanocomposites of layered 
Li(Li1/3M′2/3)O2 and layered LiMO2 (with M′ typically being 
Mn and M a mixture of Ni, Mn, and Co),[261] or as single-phase 
solid solutions.[262] To what extent these materials are better 
described by a two-phase nanocomposite or single-phase solid 
solution may depend on the specific composition of the mate-
rial and synthesis conditions.[41,42]

Remarkably, the Li-excess layered oxides can achieve revers-
ible capacities beyond what would be expected from tradition 
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Table 2. Summary of different bulk substitutions and corresponding performance.

Element Composition 
(Ni:Mn:Co)

Voltage 
[V]

First cycle comparison  
(modified vs pristine)

Retention comparison  
(modified vs pristine)

Ref.

Capacity  
[mA h g−1]

Rate Retention Rate

Si 333 2.75–4.5 180 versus 174 0.2C 94.7% versus 85.7%, 50 cyc 1C [241]

Mg 333 2.8–4.4 176 versus 165 28 mA g−1 98% versus 95%, 30 cyc 28 mA g−1 [227]

Mg, F 442 2.8–4.6 187 versus 197 20 mA g−1 100% versus 92%, 50 cyc  

97% versus 87%, 100 cyc
20 mA g−1  

170 mA g−1

[242]

Mg, Al, Cr 333 2.8–4.6 170 versus 173.3 32 mA g−1 97% versus 86.6%, 50 cyc for Cr 32 mA g−1 [228]

Mo 333 2.3–4.6 222 versus 180 20 mA g−1 83.9%, 50 cyc 20 mA g−1 [232]

F 333 3–4.6 177 versus 199 32 mA g−1 97.3% versus 83.5%, 30 cyc 32 mA g−1 [235]

Ti, F 333 2.6–4.4 168.8 versus 160.4 0.2C 96% versus 83.4%, 50 cyc 0.2C [243]

Fe, Al 333 2.5–4.4 165 versus 172 0.1C 98% versus 92%, 40 cyc 0.1C [230]

Al 811 3–4.5 160 versus 205 20 mA g−1 81% versus 73%, 30 cyc 20 mA g−1 [244]

V 532 2.7–4.4 192.6 versus 195.2 18 mA g−1 94% versus 94%, 50 cyc 18 mA g−1 [233]
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transition-metal redox chemistry. This anomalous capacity is 
accessible only after “activating” the material by charging to 
high voltages (≈4.6 V) at low rates; the role of this activation pro-
cess is not well understood, although it is has been suggested 
to result in a densification of the cathode material, wherein 
oxygen is lost at the surface and transition-metal cations diffuse 
back into the bulk.[263,264] Reversible anion redox activity (i.e., 
the reduction and oxidation of oxygen) has been hypothesized 
to be the main source of anomalous capacity in Li-excess mate-
rials.[265,267] One possible mechanism for anion redox activity is 
orphaned p states on oxygen atoms that are coordinated by a 
large number of Mn and Li atoms.[265,266] Another is the forma-
tion of peroxo-like O2

n−  species, especially in the 4d transition-
metal oxides.[267–269]

Despite the fact that Li-excess materials may exhibit revers-
ible discharge capacities greater than 280 mA h g−1, there are 
several inherent material issues that limit its practical applica-
tion.[41–43] First, the rate capability does not satisfy high-power 
applications. Second, severe voltage fade occurs after long 
cycles, which results in a significant decrease in energy density. 
These problems are thought to be linked to the migration of 
transition metal ions to octahedral and tetrahedral sites in the 
lithium layer.[41–43]

4.5. High Voltage Electrolytes

Although this review focuses on the cathode materials, this 
section discusses the electrolyte because of its important role 
in cathode stability and surface reactions, especially at high 
voltages. In addition to stability against the cathode material, 
there are many other properties that an electrolyte must have 
in order to be effective in a battery, including high Li-ion con-
ductivity and the formation of a stable SEI on the anode. High 
thermal stability and low flammability are also desirable for 
safety reasons.

Practical cells usually employ an organic liquid electrolyte 
(OLE) comprised of a mixed carbonate solvent, Li containing 
salts, and one or more additives. Solvent mixtures are designed 
to provide high Li-salt solubility, high Li+ mobility, and stable 
anodic SEI formation. These mixtures often include ethylene 
carbonate (EC), dimethyl carbonate, diethyl carbonate, and 

ethylmethyl carbonate.[33] In fact, the ubiquity of EC in Li-ion 
batteries has led some to refer to it as the “new water.”[270] LiPF6 
is commonly used as the salt, while additives such as vinyl 
carbonate and fluoroethylene carbonate are added in small 
amounts to modify the anodic SEI.[33,271,272]

Much work has been done exploring new solvents, salts, and 
additives for OLEs,[33,271] as well as ionic-liquid and polymer 
electrolytes.[33] However, there are still many unanswered ques-
tions about how new liquid and polymer electrolytes interact 
with layered-oxide cathodes.[34,130] Research tends to focus more 
on the graphitic SEI, and to a lesser extent the interaction of 
the electrolyte with high-voltage spinel cathodes.[33,45,273] For 
example, the fluorination of organic solvents has been used as 
a strategy to improve electrolyte stability with respect to high-
voltage cathodes.[33,45,273]

Inorganic solid electrolytes represent an alternative to 
liquid and polymer electrolytes.[35–39] Solid Li-ion conduc-
tors include perovskites such as Li3yLa2/3−yTiO3 (LLTO),[36,38] 
garnet oxides such as Li7La3Zr2O12 (LLZO),[35] LiSICON-type 
phosphates,[36,38] as well as sulfide solid electrolytes such as 
Li10GeP2S12 (LGPS) and thio-LiSICON.[37,274–276] Among all the 
solid electrolytes, the sulfide solid electrolytes show the highest 
conductivity at room temperature (10−3–10−2 S cm−1).[37,274–276] 
However, sulfide electrolytes are generally not stable against 
layered oxide cathodes or common anode materials.[37,88,274,275] 
Some sulfide electrolytes appear to nevertheless be compatible 
with certain electrodes because the decomposition reactions 
at the interface are self-limiting and yield Li-ion conductive 
products, much like SEI formation with OLEs.[37,275] Addition-
ally, the use of coatings has been found to mitigate interfa-
cial resistances between sulfide electrolytes and layered oxide 
cathodes.[39]

4.6. Na and Other Intercalants

Many researchers have sought to electrochemically intercalate 
Na, rather than Li, in layered oxide and sulfide battery mate-
rials.[7,8] Recently, the intercalation of other elements, such as 
Mg,[277,278] has attracted attention as the battery community 
looks beyond lithium. While the science of these materials is 
extensive and beyond the scope of this review, this section seeks 
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Figure 23. a) Schematic showing the mesostructure of a core−shell particle with a full concentration-gradient (FCG) core and thin shell with low 
nickel content. b) Discharge capacity versus cycle life for a FCG core with different shells under severe test conditions. Adapted with permission.[256] 
Copyright 2014, American Chemical Society.
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to point out how the fundamental issues described in Section 2 
play out differently for beyond-lithium chemistries.

Although Li and Na are both Group 1 elements, there are 
many important differences in their behavior during electro-
chemical intercalation. One obvious difference is that the mass 
of Na is three times greater than that of Li, resulting in a lower 
theoretical capacity. For example, NaxCoO2 has a theoretical 
capacity of 235 mA h g−1, 14% smaller than that of LixCoO2 
(274 mA h g−1). In addition to the larger mass of Na, there are 
several fundamental differences in intercalation chemistry of 
Li and Na that become apparent upon comparing the voltage 
curves obtained from LixCoO2 and NaxCoO2 (Figure 24).

The first difference is that Na electrodes tend to have lower 
average voltages (vs Na/Na+) than Li electrodes (vs Li/Li+);[280] 
this translates into a lower energy density. The higher voltage 
of Li intercalation is in line with the general notion that Li is a 
stronger reducing agent than Na, a fact that can be attributed 
to its smaller size: a shorter cation–anion distance results in a 
more negative electrostatic energy in Li compounds versus Na 
compounds.[281] This ion-size effect is evidently strong enough 
to more than compensate for the fact that the 3s electrons of Na 
are less tightly bound than the 2s electrons of Li.

A second difference between Li and Na intercalation com-
pounds is that intercalation in Na compounds generally occurs 
over a larger voltage window than in their Li analogues;[76] in 
other words, the voltage curves for Na (de)intercalation are 
more steeply sloped. For example, Figure 24 shows that while 
essentially all of the capacity of LixCoO2 can be accessed over 
a voltage window of ≈0.7 V, the voltage window of NaxCoO2 is 
at least 1.5 V. The larger voltage window required for (de)inter-
calation can be interpreted as a consequence of strong Na–Na 
repulsion due to the high electropositivity of sodium: the slope 
of the voltage curve is related to the curvature of the free-energy 
convex hull (see Section 2.3), and strong intercalant–inter-
calant repulsion results in a deeper hull.[76] Having a more 
sloped voltage may reduce the practical energy density because 
cycling is typically performed only over ≈0.5 < x < 1 to preserve  
cycle life.

A third difference between Li and Na intercalation chemistry 
is that phase transitions upon (de)intercalation are much more 
prevalent in Na compounds, which manifests in the voltage 
curve as a greater number of steps and bumps. In large part, 
this can be attributed to the fact that Na+ ions, unlike Li+ ions, 
are large enough to reside in prismatic coordination, making 
the P2 and P3 structures stable at intermediate composi-
tions.[7,8,76,282] For example, O3 NaxCoO2 undergoes a first-order 
transformation to P′3 when deintercalated beyond x ≈ 0.8,[57] 
as shown in Figure 24. The prevalence of stacking sequences 
with prismatic coordination has several implications. First, 
the greater number of phase transformations in Na materials 
as compared to Li ones suggests that mechanical degradation 
may be a larger problem. Second, the honeycomb lattice of 
intercalant sites in P3 can result in complex sodium/vacancy 
ordering phenomena not seen in layered Li compounds.[282] 
Lastly, ion transport may be very different in these prismatic-
coordination materials because the migration mechanisms 
will be unlike those described in Section 2.4.1 for octahedral 
environments.[8,282]

The larger ionic radius of Na+ (1.16 Å[283]) compared to Li+ 
(0.90 Å[283]) also has other effects besides the stabilization of 
prismatic structures. First, the strains associated with (de)inter-
calation of Na will be larger, potentially resulting in more rapid 
mechanical degradation. A second consequence of the larger 
size of Na+ is that the greater discrepancy between the Na+ 
radius and transition-metal radii results in a stronger tendency 
toward layering. Consequently, many layered sodium oxides 
are much easier to synthesize than their lithium analogues. 
The strong layering tendency of Na is in fact exploited for the 
synthesis of Li materials by performing Na+/Li+ ion exchange. 
This technique is what enabled the synthesis of well-layered 
LiMnO2,[60,158,159] and Na+/Li+ ion exchange has also been used 
to improve the layeredness of lithium nickel oxides.[103]

The electrochemical (de)intercalation of magnesium has 
recently attracted renewed interest.[278,284–286] Mg exhibits very 
different behavior than the (de)intercalation of Li and Na. Bulk 
diffusion and interfacial ion-transfer kinetics appear to be 
much slower for magnesium,[277,287,288] and so some materials 
that are excellent for Li and Na batteries do not permit the elec-
trochemical (de)intercalation of Mg. This may be in part due to 
strong interactions between the highly charged Mg2+ ions and 
anions in the host crystal and electrolyte.[287,289] Nevertheless, 
reversible Mg (de)intercalation has been achieved in a few lay-
ered materials, such as MoS2,[285] WSe2,[285] and TiS2.[278,288]

Relatively few studies have reported on the electrochemical 
(de)intercalation of elements beyond Li, Na, and Mg in layered 
materials. Recently, potassium (de)intercalation was reported 
in layered KxMnO2

[290,291] and aluminum (de)integration in 
layered AlxTiS2.[292] Many other analogues of classical Li-ion 
battery materials have been synthesized, such as KxTiS2,[293] 
KxCoO2,[294] and CaxCoO2;[295] however, we have not found 
reports of electrochemical studies on these materials.

4.7. Cation-Disordered Rocksalts

While conventional wisdom has held that the Li diffusion is 
quite slow in disordered rocksalts, some Li-excess disordered 
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Figure 24. Comparison of voltage curves and stacking-sequence changes 
upon first charge for LixCoO2 and NaxCoO2.[57,138,279]



www.advenergymat.de

© 2017 WILEY-VCH Verlag GmbH & Co. KGaA, Weinheim1602888 (26 of 33)

www.advancedsciencenews.com

rocksalts LixM1−yO2 can nevertheless be reversibly (de)inter-
calated. The disordered rocksalts are intimately related to 
the layered oxides: the anion sublattice is the same as O3, 
but the transition metal and intercalant cations are mixed, as 
discussed in Section 2.1. To the best of our knowledge, the 
study of Li3V2O5 in the early 1990s was the first demonstra-
tion of reversible intercalation in a Li-excess disordered rock-
salt.[296,297] Recent interest in this class of materials, however, 
was spurred by the demonstration of a large reversible capacity 
in Li1.21Mo0.47Cr0.3O2 in 2014.[110] Disordered-rocksalt materials 
could have some advantages over layered materials: transition-
metal migration between layers would no longer be a concern, 
and smaller volume changes during (de)intercalation would 
reduce mechanical stress.

The key to enabling electrochemical activity in rocksalts is 
a Li-excess off-stoichiometric composition, y > 0 in LixM1−yO2, 
which enables Li diffusion.[110,298,299] Stoichiometric rocksalts, 
LixMO2, are generally electrochemically inactive because of 
large barriers for Li migration. The remarkable electrochem-
ical activity of off-stoichiometric rocksalts has been attributed 
to the percolation of divacancy diffusion pathways wherein Li 
migrates through tetrahedral sites that share faces with other 
Li sites, but not transition-metal sites.[110] Experiments and sim-
ulations have shown that these diffusion channels are able to 
access appreciable amounts of Li from Li1+yM1−yO2 only when y 
is larger than ≈0.1.[110,298,299]

Although numerous cation-disordered rocksalts have now 
been found to exhibit large reversible capacities,[299,300] these 
systems remain impractical because of the large polarization. 
The difference in voltage between charge and discharge is often 
as large as 0.5 to 1 V, even at low rates.[110,296,297,299,300]

5. Recommended Best Practices

Although comparisons between different data sets are crucial 
to understanding the behavior of Li-ion battery materials, the 
inherent complexity of any experimental setup or computa-
tional framework makes such comparisons challenging. How-
ever, during our survey of prior literature, we found that certain 
techniques and conventions facilitated the comparison of data. 
Based on this experience, below are several suggestions for best 
practices for studying and reporting results related to layered 
oxide cathodes and other battery materials:

Reporting of parameters: The reporting of all relevant experi-
mental parameters is crucial for allowing meaningful compari-
sons between studies. This is especially important for assessing 
the impacts of modifications on electrochemical performance, 
as in Tables 1 and 2. For example, some studies present current 
densities in terms of C-rate without indicating what convention 
is being used to define 1C in terms of mAg−1. We suggest that 
the following battery testing conditions should be specified in 
publications that report electrochemistry data: 

1. Battery type (e.g., coin cell 2016/2032 or Swagelok)
2. Electrode composition (weight percentage of active materials, 

binder and carbon)
3. Active-material loading mass (in mg cm−2)
4. Electrolyte type (lithium-salt concentration and solvent 

composition)
5. Current density (mA g−1 or mA cm−2)

Although this list encompasses the most important experi-
mental design parameters, it is by no means exhaustive. For 
example, material properties such as cathode particle mor-
phology and amount of Ni in the Li layer, while difficult to 
measure quantitatively, can vary widely and strongly affect 
performance.

Beam damage: Partially delithiated oxides are highly sensitive 
to high-energy electron beams and X-rays. Adverse effects of 
beam exposure on layered oxides include electrostatic charging, 
heating, atomic displacement, structural damage, mass loss, 
etc.[301] Under strong beam exposure, neutral oxygen atoms 
are created on the surface of layered oxides via the Knotek–
Feibelman mechanism and ejected into the vacuum, leaving 
oxygen vacancies. Transition-metal cations consequently 
migrate to the Li layer to stabilize the structure, resulting in a 
similar phase reconstruction (from layered to defect spinel or 
even rocksalt) as induced by electrochemical cycles.[302] To mini-
mize or exclude beam-damage influence, experimental condi-
tions, such as electron dose rate, dwell time, and temperature 
have to be carefully examined and reported when studying 
structural phase transformations.

Fixed-voltage cycling: Cycling over a fixed voltage range 
does not necessarily provide an apples-to-apples comparison 
between materials because the equilibrium voltage for inter-
calation varies substantially depending on the choice of transi-
tion metals and presence of dopants (cf. Figure 19). In fixed-
voltage comparisons, differences in capacity retention, thermal 
stability, etc. arising from differing degrees of Li intercalation 
x can easily be misinterpreted as an effect of doping/alloying. 
The comparison of materials at fixed state of charge, rather 
than fixed voltage, can be helpful when trying to disentangle 
the direct effects of substitutions from the effects of the degree 
of Li intercalation.

Orientation of voltage curves: The orientation of voltage curves 
obtained from galvanostatic cycling can strongly impact the 
viewer’s perception of the data. In particular, arranging axes 
such that charge and discharge proceed in opposite directions 
makes the voltage gap between charge and discharge readily 
visible; in contrast, arranging the axes instead with discharge 
and charge proceeding in the same direction obscures the dif-
ference in voltage.

Density-functional theory methods: Accurately capturing the 
physics of layered oxides is a nontrivial challenge for elec-
tronic-structure theory. First, van der Waals dispersion inter-
actions play a crucial role in the interlayer interactions at low 
Li contents, and must be accounted for in order to correctly 
predict the collapse of the interlayer spacing upon deinterca-
lation.[288,303] Second, although the inclusion of on-site Hub-
bard corrections (i.e., DFT+U) is often seen as a necessity 
for transition-metal oxides, it can sometimes lead to quali-
tatively incorrect predictions in layered oxides. For example, 
DFT+U corrections derived from self-consistent calculations 
or the fitting of various properties (e.g., band gap) lead to an 
O3 (rather than O1) stacking-sequence in CoO2,[303] and also 
qualitatively incorrect phase diagrams for LixCoO2

[304] and 
NaxCoO2.[305]
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6. Conclusion

Enabling the reversible complete lithiation and delithiation of 
layered oxides could significantly improve the performance of 
Li-ion batteries in terms of capacity, energy density, and cost. 
One key barrier to achieving this is understanding and control-
ling the surface reactions that lead to the dissolution of transi-
tion-metal ions, the formation of an SEI-like surface film, and 
the reconstruction of surface layers to spinel/rocksalt. A second 
major issue is preventing and mitigating the consequences 
of mechanical damage to the electrode material. Mechanical 
damage will likely be more severe at high states of charge (low 
Li concentrations) because the rapid collapse of the interlayer 
spacing can lead to large internal strains. Finally, Li transport 
limitations may also become especially pronounced at high 
states of charge where Li diffusion coefficients decrease rapidly 
due the collapse of the interlayer spacing and an increased elec-
trostatic repulsion between Li ions and the oxidized transition-
metal cations. The rich interplay between transition metals 
(and dopants) causes these processes to play out quite differ-
ently depending on the cathode composition, providing oppor-
tunities to further improve the performance of layer transition 
metal oxides.

The above challenges (surface reactivity, mechanical degrada-
tion, and Li transport) are in a sense interdependent because 
of their sensitivity to particle morphology. In particular, small 
particle sizes tend to mitigate the effects of Li diffusion and 
mechanical degradation, while large particle sizes mitigate sur-
face reactivity by reducing the surface-area-to-volume ratio. One 
example of this interdependence is LixFePO4: the success of this 
material has been attributed to its high resistance to surface 
reactions, which allows the particle size to be reduced enough 
to overcome sluggish lithium and electron transport.[130]

Although much of the effort toward increasing the utiliza-
tion of layered lithium oxides is focused on the high voltage 
region, one area for future research is the large irreversible 
capacity loss routinely seen on the first cycle.[152,306] The origins 
of this capacity loss are not fully understood, but there are sev-
eral possible contributing factors: 

1. Loss of electrical connectivity to some cathode particles dur-
ing the first cycle.

2. Irreversible surface reactions (such as reconstruction to spi-
nel or rocksalt) that render a portion of the material electro-
chemically inactive.

3. The irreversible oxidation of Ni2+ in the Li layer to Ni3+.[152,153] 
This process has been suggested to be irreversible because 
the smaller size of Ni3+ would result in a local contraction of 
the interlayer spacing, inhibiting lithium reintercalation.

4. Classical diffusion limitations, either in the electrolyte or 
within cathode particles (cf. Section 2.4.1).

5. The generation of dislocations or other extended defects dur-
ing the first cycle.

6. Consumption of current by parasitic oxidative processes (e.g., 
electrolyte oxidation) during the first charge.

In closing, we reflect on the inherently unstable nature 
of Li-ion batteries. Considering the reactivity of liquid and 
solid electrolytes with the anode and cathode, as well as the 

thermodynamic driving forces for cation migration and oxygen 
loss in layered oxides, it is remarkable that Li-ion batteries func-
tion as well as they do. The success of the Li-ion chemistry is a 
consequence of the self-limiting nature of these side reactions, 
and the excellent Li-ion transport properties of their products. 
These reaction products include the anodic SEI, surface films 
present on the cathode, and the spinel/rocksalt reconstruction 
layers at the cathode surface. Therefore the philosophy of mate-
rials design for Li-ion batteries is not to find stable materials; 
rather, it is to find materials whose instabilities are self-limiting 
and benign. 

Appendix 

A: Derivation of Nernst Equation

Consider a system comprised of a cathode, anode, and electro-
lyte. The relevant internal degrees of freedom are: 

• Number of Li+ ions in cathode, Li
cN +

• Number of Li+ ions in anode, Li
aN +

• Number of Li+ ions in electrolyte, Li
elN +

• Number of valence electrons in cathode, e
cN −

• Number of valence electrons in anode, e
aN −

At open-circuit conditions, constraints arise from the total 
amount of Li+ being fixed and the number of electrons in each 
electrode being fixed

Li
c

Li
a

Li
el

1

e
c

2

e
a

3

N N N N

N N

N N

+ + =
=
=

+ + +

−

−

 
(A1)

Equilibrium at fixed temperature and pressure is given by the 
minimum of the Gibbs free energy ( , , , , )Li

c
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a
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e
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e
aG N N N N N+ + + − − , 

subject to the above constraints. These constraints confine the 
system to a two-dimensional subspace of a five-dimensional 
vector space. At equilibrium, the derivative of G along any line 
in that two-dimensional subspace must be zero. Consider first 
the line corresponding to Li+ exchange between cathode and 
anode: d dLi LiN Nc a= −+ +  and d d d 0Li
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At equilibrium, dG = 0 and so 

0
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Defining the electrochemical potential of species i in phase 

X as 
G

N
i
X

i
X

η = ∂
∂

, the above equation implies that Li
c

Li
aη η=+ +.  

Similarly, by considering Li+ exchange with the electrolyte, one 
can show that Li

c
Li
elη η=+ +.
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The voltage is defined as 

e
c

e
a

V
e

η η= − −− −  (A4)

We will express the voltage in terms of the chemical poten-
tial of Li. To define this, we consider the Gibbs free energy as 
a function of the number of lithium atoms in each electrode 

Li Li+N NX X= , and the net charge on each electrode Li e+ –q N NX X X= − :  
( , , , , )Li

c
Li
a

Li
el c aG N N N q q+ . The chemical potential of Li in the 

cathode is then defined as Li
c
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G

N
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∂
, where the derivative is 

understood to be at fixed Li
aN , Li

elN +, cq , and aq ; the chemical 
potential of Li in the anode is defined analogously. One can see 
that Li e Li

X X Xµ η η= +− +  by applying the chain rule, which (omitting 
terms that vanish) yields
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Inserting e Li Li
XX Xη µ η= −− +  into Equation (A4) yields 

( ) ( )Li
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Li
a

Li
c

Li
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V
e

µ µ η η= − − − −+ +  (A6)

At equilibrium Li
c

Li
aη η=+ +, and Equation (A6) reduces to the 

Nernst equation for Li-ion batteries:

Li
c

Li
a

V
e

µ µ= − −
 (A7)

Equation (A6) also shows how the voltage deviates from 
the Nernstian value when the system is away from equilib-
rium (e.g., during charge or discharge). Figure A1 illustrates 
qualitatively the difference in the electrochemical potential of 
Li+ ions at open circuit conditions versus during discharge. At 
open-circuit equilibrium, the electrochemical potential of Li+ 
ions is equal in all cell components as indicated by the dotted 
line, and the voltage takes its equilibrium value. When the cell 
is discharging, the electrochemical potential of Li+ is not equal 
throughout the cell. Discontinuities in Liη +  across the anode/
electrolyte and cathode/electrode interfaces are required in 

order to drive ion-transfer, as discussed in Section 2.4.2. A gra-
dient in Liη +  across the electrolyte is similarly needed in order 
to drive Li+ transport, as discussed in Section 2.4.1. Although 
Figure A1 shows the electrochemical potential of Li+ as being 
constant within the electrodes, in practice transport limitations 
within the electrode materials will result in gradients in Liη + 
within the active material.

One can split electrochemical potential of species i in X into a 
chemical and electrostatic part: qi

X
i
X

i
Xη µ φ= + . Here i

Xµ  is the 
chemical component, qi is the charge of species i, and φX is the 
macroscopic electrostatic potential in X. The division of electro-
chemical potential into chemical and electrostatic components 
is arbitrary:[92] one can add constants to φX and i

Xµ  such that 
i
Xη  remains unchanged. As a result, it is not strictly speaking 

meaningful to compare the macroscopic electrostatic poten-
tials between regions with different compositions or structures. 
However, the difference in potential differences entering the 
Butler–Volmer equation (Equation (7)), Δφ − Δφeq, is uniquely 
defined. Furthermore, in the context of estimating relative 
equilibrium voltages of different materials (cf. Section 2.3),  
it is useful to choose φX = 0 to correspond to some sensible ref-
erence state, e.g., having no net charge. With such a choice of 
references, one can make qualitative inferences about the rela-
tive values of i

Xµ  in different materials using chemical intui-
tion, as discussed in Section 2.3. 

B: Transport Model

We consider the ideal diffusion of an ideal intercalant in a 
cylindrical particle of radius R with an intercalant site concen-
tration of c0. Initially, the particle is fully deintercalated, and 
then subject to a current density of J0 on its surface. Given the 
cylindrical symmetry of the problem, the concentration c(r, t) at 
radius r and time t satisfies the governing equation 
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with boundary condition 0J D
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= − ∂
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=
 and initial condition 

c(r, 0) = 0. Neglecting ion-transfer kinetics and diffusion limi-
tation in the electrolyte, the electrochemical potential of Li+ at 
the particle surface is in equilibrium with the anode. There-
fore, from the analysis in Appendix A, the voltage across the 
battery is determined by the difference in chemical potential 
between the surface of the cathode particle and the anode: 

( ) [ ( ( , )) ] /Li
cat

Li
anV t c R t eµ µ= − − . Assuming the cathode to have 

ideal intercalation thermodynamics, the chemical potential of 
lithium in the cathode can be expressed as 
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This model can be expressed in a dimensionless form 
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Figure A1. Schematic of lithium electrochemical at open-circuit condi-
tions (dotted line) and during discharge (solid line).
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where x = c/c0, τ = Dt/R2, and ρ = r/R. The boundary condition 

is 0
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ρ=

 where j0 = J0R/c0D is the dimensionless cur-

rent density, and the initial condition is x(ρ,0) = 0. The dimen-
sionless voltage
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