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ABSTRACT

Lithium-ion batteries have revolutionized the world by enabling long-lasting portable
electronics, electrified transportation, and grid storage solutions for renewable en-
ergy implementation. However, current commercialized technologies are limited by
the one electron transfer per transition metal paradigm utilized by cathode materials
that operate with an intercalation-based charge storage mechanism. Finding ways to
increase the charge storage capabilities of the cathode into the multielectron regime
has long been a focus of research efforts, and involvement of structural anions in
the redox has been demonstrated as a promising way to accomplish multielectron
storage. Layered lithium-rich oxide materials have been shown to afford dramatic
improvements to overall storage capacity but are plagued by complex mechanisms
and unwanted side reactions that lead to poor cycling stability and characterization
difficulties. This thesis expands upon previous understanding of oxide-based anion
redox materials and extends the exploration into sulfide and selenide systems, which
allow the study of anion redox without the side processes that affect oxides. First,
a dynamic charge compensation mechanism of late group metal-poor, lithium-rich
oxide, Li2Ru0.3Mn0.7O3, is uncovered and found to involve an irreversible anion
oxidation that leads to involvement of redox states on transition metals previously
thought to be unavailable. Second, active electrolyte additives are explored as
a method of stabilizing the cathode-electrolyte interface of anion redox material,
Li2RuO3. Third, reversible anion redox is demonstrated in alkali-rich sulfides,
Li2FeS2 and LiNaFeS2, and proven to occur through oxidation of sulfides (S2−) to
persulfides (S2−

2 ). Understanding of the structural ramifications of anion oxidation
in Li2FeS2 is further expanded through computational and experimental methods.
Fourth, the role of metal-anion covalency is systematically investigated through
anion substitution of Li2FeS2 with Se2−, highlighting the importance of a holistic
understanding of changes to the electronic and physical structure of anion redox ma-
terials to predict long-term performance. Finally, detailed perspectives and future
outlooks on sulfur redox in lithium battery systems are offered with an exhaustive
survey of thermodynamically stable binary and ternary persulfide materials.
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C h a p t e r 1

INTRODUCTION

Partially adapted from: Zak, J. J.; Kim, S. S.; Laskowski, F. A. L.; See, K. A. An
Exploration of Sulfur Redox in Lithium Battery Cathodes. J. Am. Chem. Soc.
2022, 144, 10119—10132.

Climate change associated with the warming of the planet has had, and will continue
to have, adverse effects including extreme weather events, rising sea levels, ecosys-
tem collapse, and ocean acidification.[2] As a result, electrification has emerged as
a central effort in the push towards a more sustainable energy landscape[3, 4] driven
by new technological developments and policy objectives.[5] To meet rising energy
demands while lowering dependence on fossil fuels, the widespread implementa-
tion of electrified transportation and integration of renewable energy sources like
wind and solar into the grid must be realized.[6] Just as electric vehicles require
energy storage systems, wind and solar are intermittent sources of energy, which
necessitates storage systems such that the grid can maintain power when the wind
is not blowing and the sun is not shining.

One such technology, the Li-ion battery (LIB), is a contender for many electrification
applications and has already revolutionized the world of portable electronics and, in
recent years, personal and public transportation.[7, 8] Broadly, this thesis is focused
on gaining a fundamental understanding of next-generation cathode materials for
LIBs within a interdisciplinary framework of chemistry, electrochemistry, and ma-
terials science. The following section will provide a brief, big picture view of the
motivations for the work described herein, and each chapter will provide additional
background and specifics relevant to the individual projects.

1.1 Lithium-Ion Batteries in Brief
Electrochemical battery systems, in general, are two-electrode systems with an
anode, cathode, and an electrolyte between them. The anode and cathode are
most often a mixture of the electrochemically active material, a conductive additive
(often a form of high-surface area carbon), and a binder to hold the mixture together
adhered to a metal foil current collector. The electrodes are separated by a thin sheet
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of porous material and electrolyte that are ionically conductive but electronically
insulating. Batteries operate by storing charge in the form of electrons at a high
energy state in the anode as shown in Figure 1.1, and this energy is defined by
the electrochemical potential, ¯̀, of Li ions, Li+, and electrons in the host lattice.
The electrochemical potential is measured as the chemical potential, `, taking into
account the energy contribution of electrostatics, or electrical potential, 𝜙. In other
words, the electrochemical potential is the partial molar Gibbs free energy of a given
species in a given phase at the specified electric potential. The difference in the
chemical potential of the anode and cathode is the driving force for mass transfer,
which is the basis of battery function.

In more detail, when a battery is fully discharged, the anode and cathode active
materials are at their thermodynamically most stable states. To charge the cell,
external energy must be applied to force Li+ out of the cathode where it has low
chemical potential to the anode where it has high chemical potential. To maintain
charge neutrality, electrons flow in the same direction as Li+ through the external
circuit connecting the two electrodes, thereby oxidizing the cathode and reducing the
anode. The cell is now in the charged state as shown in Figure 1.1. When electrons
are allowed to flow through the external circuit, the cell will spontaneously discharge
to minimize the chemical potential and, by extension, the electrochemical potential
of Li+ in the system and lower the overall energy. This process converts the chemical
energy of the motion of Li+ from the anode and cathode to electrical energy that
can do useful work and power devices. In this process, the anode is oxidized and
the cathode is reduced. Since, and even before, commercialization of the LIB in the
early 1990s, researchers have had great interest in understanding the fundamental
properties governing performance of all components of the cell. Particular fervor has
surrounded cathode development as the cathode is the capacity-limiting component
in modern LIB systems.

Conventional positive electrode (i.e. cathode) materials for Li-ion technology utilize
a Li+ intercalation mechanism charge-balanced by redox on transition metals within
an oxide host lattice. Current state-of-the-art LIBs use a transition metal oxide cath-
ode of the general form LiMO2, where M can be a mixture of metals, that relies on
topotactic Li+ intercalation during discharge and deintercalation during charge. One
of the first commercialized materials was LiCoO2 (LCO), reported by Goodenough
and coworkers in 1980.[9] LCO can reversibly cycle up to 50% of the stoichiometric
Li+ before undergoing an irreversible phase change.[9] Delithiation of LCO causes
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Figure 1.1: Graphical representation of a traditional LIB system in the charged state.

oxidation of the formally Co3+ to mixed Co3+/4+. To overcome the 50% capacity
limitation and stabilize the structure at higher degrees of delithiation, other metals
have been partially substituted onto the Co site. Common substitutions include Mn
and Ni, yielding the so-called NMC materials, or Ni and Al, yielding the so-called
NCA materials. The energy density and average operating voltage of the most com-
mon forms of NMC and NCA (LiNi1/3Mn1/3Co1/3O2 and LiNi0.8Co0.15Al0.05O2)
are comparable, while the experimental gravimetric capacity of NCA is higher (200
mAh g−1 vs. 170 mAh g−1 for NMC).[10–12] Additionally, olivine LiFePO4 (LFP)
has been widely employed as a cathode for applications prioritizing safety and long
life cycle. LFP cathodes are increasingly considered for use in electric vehicles
but they exhibit a lower energy density and operating voltage than NMC and NCA
cathodes.[13] NMC, NCA, and LFP all store charge via intercalation chemistry and
are limited to storing one Li+ per transition metal.

Expanding beyond the one electron per transition metal paradigm set by conventional
intercalation materials to achieve so-called multielectron storage allows access to
higher theoretical capacities. In this thesis, one mechanism to achieve multielectron
charge storage is investigated: anion redox. Materials that leverage both cation
and anion redox while maintaining similar structures and composition to the tradi-
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tional cathode materials display increased specific capacity and energy density.[14]
Such materials often incorporate the desirable elements of intercalation-based re-
dox chemistry like high reversibility while overcoming the capacity limitations of
traditional transition metal-based redox. Observed multielectron energy storage has
been attributed to anion redox in a wide range of oxides as well as some Li-rich
metal sulfides.

1.2 Thesis Summary
The following chapters of this thesis detail four main studies of layered lithium metal
chalcogenides as battery cathode materials that exhibit complex redox behavior that
goes beyond the traditional one electron per transition metal paradigm represented
in commercialized materials today.

Chapter 2 focuses on Li2Ru0.3Mn0.7O3, a material in the solid solution between
Li2RuO3 and Li2MnO3, which have both generated significant interest in the field
of anion redox cathodes for lithium-ion batteries. We show that this material does
not exhibit reversible anion redox as previously implied in the literature. We char-
acterize the charge compensation mechanism on and after the first cycle through
extensive spectroscopic and local structure analysis and reveal a dynamically chang-
ing mechanism that evolves with cycling.

Chapter 3 focuses on attempts to modify the particle surface of anion redox cath-
ode Li2RuO3 to stabilize high-energy defect sites and prevent structure changes
detrimental to cell performance. We utilize several parallel approaches centered
around soluble additives to the electrolyte that may either adsorb, coordinate, or
electrochemically decompose onto the cathode surface and investigate the effects on
capacity, cyclability, and mechanism.

Chapter 4 details the first work from the See Group on alkali-rich metal sulfides,
which has become a principle area of research for us. Specifically, we report
detailed electrochemical and spectroscopic characterization of previously reported
phase Li2FeS2 and new structural analogue LiNaFeS2 and show that both are capable
of highly reversible multielectron redox enabled by both Fe and S contributions with
S oxidation resulting in the formation of persulfides (i.e. S–S bonds). The S–S bonds
are hypothesized to form via a coordinated tilting of corner-sharing Fes4 tetrahedra
around Li+ vacancies. This work is published.

Chapter 5 is under embargo due to pending manuscript preparation and submission.

Chapter 6 focuses on understanding the role of metal-anion covalency in dictating the
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anion redox behavior in lithium-rich iron chalcogenides. We report the synthesis
and characterization of materials across the anion solid solution, Li2FeS2−ySey,
wherein we can directly control the anion redox potential through anion substitution.
Metal-anion covalency is highest in the selenium-rich materials as evidenced by the
co-oxidation of Fe and Se throughout charging, but the capacity retention suffers
due to the irreversible formation of a new, high-impedance phase, highlighting
the importance of a holistic picture of the electronic and structural implications to
anion-anion bond formation. This work is published.

Finally, Chapter 7 contains a detailed perspective on sulfur redox in lithium-ion
battery materials framed in the context of the magnitude of change to the cathode
material structure. This chapter provides a detailed summary of S redox in materials
with intercalation- and conversion-type mechanisms as well as what we call hybrid-
type mechanisms that take the advantages of both types while overcoming some
of the greatest pitfalls. At the end, a survey of candidate hybrid-type materials
is reported along with outlooks for the future of S-based redox in high-capacity
batteries. This perspective is published.
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C h a p t e r 2

IRREVERSIBLE ANION OXIDATION LEADS TO DYNAMIC
CHARGE COMPENSATION IN Ru-POOR, Li-RICH CATHODE

Li2Ru0.3Mn0.7O3

Adapted from: Zak, J. J.; Zuba, M.; Lebens-Higgins, Z. W.; Huang, H.; Crafton,
M. J.; Dalleska, N. F.; McCloskey, B. D.; Piper, L. F. J.; See, K. A. Irreversible
Anion Oxidation Leads to a Dynamic Charge Compensation Mechanism in Ru-poor,
Li-rich Cathode Li2Ru0.3Mn0.7O3. Submitted.

Chapter Abstract

Conventional cathodes for Li-ion batteries are layered transition metal oxides that
support Li+ intercalation charge-balanced by redox on the transition metals. Oxi-
dation beyond one electron per transition metal can be achieved in Li-rich layered
oxides by involving structural anions, which necessitates high voltages and com-
plex charge compensation mechanisms convoluted by degradation reactions. We
report a detailed structural and spectroscopic analysis of the multielectron material
Li2Ru0.3Mn0.7O3, chosen due to low Ru content. Ex situ and operando spectroscopic
data over multiple cycles highlight the dynamically changing charge compensation
mechanism. Notably, over half of the first cycle capacity is attributed to O2 gas evo-
lution and reversible O redox is minimal. Instead, reduced Ru and Mn species are
detected in the bulk and on the surface, which then increasingly contribute to charge
compensation as more metal reduction occurs with cycling. Permanent structural
changes linked to metal migration are observed with EXAFS and Raman analysis.
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2.1 Introduction
In recent years, Li-rich oxides have been the subject of fervent investigation as high-
capacity cathodes for LIBs.[14–19] Many examples take advantage of high-voltage
processes most often attributed to oxidation of structural anions, going beyond
the one electron per transition metal paradigm under which virtually all commer-
cial LIB cathode materials operate.[12] The Li-rich material Li2MnO3, which is
a component of Li-rich NMC materials,[20] was once thought to be electrochem-
ically inactive.[21] Activation of Li2MnO3 can be achieved by nanoscaling the
particles,[22] but the capacity was attributed primarily to irreversible side reactions
involving the electrolyte, native surface carbonates, and gas evolution.[23] Thus,
other materials in the Li2MO3 materials family have been explored to leverage the
high Li to metal ratio. In particular, the focus has been on tuning the metal-anion
covalency to access both cation and anion redox by changing the transition metal to
4d and 5d metals.[24–27]

One such 5d metal oxide is Li2RuO3, first reported by Goodenough and coworkers.[28]
Li2RuO3 shows high gravimetric capacity with charge compensation suggested from
both Ru and O redox.[29] However, Ru is a prohibitively expensive metal, which led
to substitution of Ru in Li2RuO3 with less precious metals like Sn[25], Ti[30], and
Mn[24, 31]. The solid solution between Li2RuO3 and Li2MnO3 is of interest due to
the body of knowledge already accummulated on the electrochemical behavior of
Li2MnO3, both on its own and as a component of Li-rich NMC materials. Sathiya
et al. first reported the Li2Ru1−yMnyO3 solid solution and more deeply charac-
terized the y = 0.4 member, Li2Ru0.6Mn0.4O3.[24] Similarly, Lyu et al. focused
on the Li2Ru0.5Mn0.5O3 material and examined the redox behavior and structural
response to (de)lithiation over a wide voltage window.[31] These analyses of the
Li2Ru1−yMnyO3 solid solution focus on the more Ru-rich materials. Also, exploring
the materials with a significantly lower voltage cutoff as in Lyu et al. make com-
parisons between materials and reports difficult.[31] Reducing the amount of Ru in
the structure is important for cost reasons, and exploring if the same rules apply to
Ru-poor materials is imperative to understand the role of Ru and probe the effects
on anion redox mechanisms. Here, we aim to address several questions: (1) What
are the contributions of each redox-active component? (2) Are the bulk and surface
processes the same or different? (3) How does the structural response to redox in-
fluence reversibility? As such, we report the detailed characterization of the charge
compensation mechanism and consequent structural response to (de)lithiation for
Ru-poor material Li2Ru0.3Mn0.7O3. We find a complex and dynamically changing
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redox mechanism, the deconvolution of which provides insight into anion redox
mechanisms in similar Li-rich layered oxide cathodes.

2.2 Results and Discussion
Synthesis and Structure
As-synthesized Li2RuO3 and Li2MnO3 are black and bright orange, respectively,
due to the intrinsic differences in electronic structure dictated by the transition metal.
Li2RuO3 is a semimetal[32] and Li2MnO3 is a wide-bandgap semiconductor.[33]
Detailed characterization is conducted on Li2Ru0.3Mn0.7O3 as a low-Ru material that
exhibits multielectron storage capabilities with respect to the transition metal content
yielding over 250 mAh g−1 on the first charge (1.2 mol e− per f.u.). Li2Ru0.3Mn0.7O3

is a dark brown powder, a visual sign that the material is well-mixed. The X-
ray diffraction (XRD) pattern with quantitative Rietveld refinement is shown in
Figure 2.1a. Sathiya et al. previously reported the structure and refined lattice
parameters of several materials in the solid solution[24] but did not report the
Ru = 0.7 material. Here, we find that Li2Ru0.3Mn0.7O3 crystallizes in the C2/m
space group of Li2MnO3. Like in previous reports of similar materials,[24, 31] the
XRD pattern was fit by allowing intraplanar site mixing in the LiM2 layers between
the 4g and 2b sites occupied by a transition metal and Li, respectively. Intralayer
mixing from the 4g onto the 2b site was held constant at 0.1 Mn, 0.1 Ru, and 0.2
Li. Improvements to the fit are possible but the quality of data and X-ray source
prevented rigorous refinement of mixing involving Li. The refinement is adequate to
show that the phase is formed but it does not describe the peaks between 20 and 34◦

2\ attributed to Li/transition metal ordering in the layers, thus signifying significant
disorder in the assumed O3 stacking of Li2Ru0.3Mn0.7O3.[34, 35] This is likely due
to mixing on the 4g and 2b sites by Li, Ru, and Mn. If intralayer mixing is not
allowed, the refinement fits slightly worse as evidenced by a higher residual value.
The stoichiometry is supported by a comparison of ex situ Raman spectra of various
materials in the Li2Ru1−yMnyO3 (y > 0.4) solid solution (Figure 2.1b) in which there
are systematic changes to the spectra as Ru content is increased, highlighting the
facile synthetic control over transition metal ratios. The peaks broaden as disorder
increases and two new Ru-related modes appear around 680 and 720 cm−1.
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Figure 2.1: Structural confirmation and analysis of Li2Ru0.3Mn0.7O3. (a) Powder
XRD with quantitative fit using the Rietveld method. (b) Ex situ Raman spec-
troscopy with comparison to other materials in the Li2Ru1−yMnyO3 (y > 0.4) family
highlighting the onset of Ru-related modes.

Electrochemical Characterization
The galvanostatic cycling data is shown in Figure 2.2a. Li2Ru0.3Mn0.7O3 exhibits
charge storage capabilities greater than that afforded by Ru4+/5+ redox alone, which
would give only approximately 62 mAh g−1. However, the extent to which the
extra capacity is contributed by redox on the oxide anions or by side reactions is
an important distinction. We assert that the redox mechanisms in this material
are complex and change dynamically, and a detailed account of the charge com-
pensation mechanism is laid out in the following discussion. The voltage profile
shows an initial sloping region with an inflection around 3.75 V followed by a
more gently sloping plateau centered around 4.2 V. The subsequent discharge is
S-shaped with a significant voltage hysteresis and an irreversible capacity loss of
approximately 82 mAh g−1, consistent with previous reports.[24, 31] After extended
cycling, the voltage profile shows evidence of two more distinct sloping regions cen-
tered around 3.2 V and 4.3 V and greater voltage hysteresis. The evolution of the
voltage profile with cycling suggests significant changes to the charge compensation
mechanism over time. The long-term cycling performance of Li2Ru0.3Mn0.7O3 is
shown in Figure 2.2b. Interestingly, the capacity upon charging increases steadily
from 186 mAh g−1 to 206 mAh g−1 between cycles 2 and 18 before beginning to
decrease. While the capacity during charge increases, the capacity during discharge
does not indicating some irreversibility in the charging mechanism during oxidation.
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Furthermore, when the charge capacity starts decreasing after cycle 18 the discharge
capacity decreases as well, suggesting that the irreversible processes contributing to
the initial increase of the capacity during charge are self-terminating.

Figure 2.2: (a) Charge and discharge profiles from cycles 1, 2, and 10, (b) long-term
cycling performance of Li2Ru0.3Mn0.7O3 at a rate of C/10 based on 1 e− per formula
unit, and (c) differential capacity (dQ/dV) plot of Li2Ru0.3Mn0.7O3 from selected
cycles.

The differential capacity curves shown in Figure 2.2c begin to shed light on potential
reasons for the odd cycling behavior. The first charge is characterized by a large
feature centered around 4.3 V that is not reproduced on later cycles, and the reduction
features on discharge are distinctly different than those on charge highlighting the
change in mechanism. On later cycles, a new, low-voltage redox couple around
2.8 V (reduction) and 3.2 V (oxidation) appears, and a similar feature in analogous
materials has been attributed to Mn redox.[24, 36–38] Reduction of surface Mn that
then contributes to redox on subsequent cycles could explain the rise in capacity from
cycle 2 to 18. In later cycles, the Mn redox feature begins to disappear along with
the higher voltage features, which explains the more rapid decrease in capacity after
cycle 18 and corroborates a dynamically changing charge compensation mechanism.

Charge Compensation Mechanism
To explore the origins of the excess capacity beyond Ru4+/5+, we first employ a
variety of bulk characterization techniques on extracted electrodes at different states
of charge (SOCs) in cycles 1, 2, and 10. First, evidence of the changes to the oxidation
state of Ru and Mn are elucidated through K-edge X-ray absorption spectroscopy
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(XAS). Cycle 1 and cycle 2 are hereafter compared due to the significant change in
the electrochemistry after the first charge, and data from cycle 10 is used to probe
for changes that evolve with cycling.

The Ru K-edge spectra of Li2Ru0.3Mn0.7O3 are shown in Figure 2.3a-d. The rising
edge position, here defined as the energy at half the height of the main absorption
edge, is 22129.5 eV corresponding to bulk Ru4+ in reasonable agreement with that
reported for Li2Ru0.5Mn0.5O3.[31] Compared to reports of similar materials like
Li1.2Ni0.2Ru0.6O2, which adopts the R3̄m structure like LiCoO2,[9] the rising edge
position of Li2Ru0.3Mn0.7O3 is approximately 1 eV higher, suggesting that the Ru–O
interaction is more ionic.[39] The lower proportion of Ru compared to the 3d metal
causes greater isolation of Ru, likely contributing to the greater degree of charge
localization in Li2Ru0.3Mn0.7O3. Upon charging to 4.15 V, the rising edge position
shifts to higher energy by 0.5 eV, which indicates oxidation of bulk Ru4+ to Ru5+.
At 4.15 V, the charge passed as measured by the electrochemistry equates to almost
exactly that required to oxidize all Ru to Ru5+ (61.5 mAh g−1). Upon fully charging
to 4.6 V, the rising edge does not shift further, suggesting oxidation of Ru does not
proceed past Ru5+. At full SOC, the pre-edge region around 22120 eV exhibits an
intensity increase, indicating a distortion in the octahedral symmetry, which leads to
more efficient d-p mixing.[40] Upon discharging to 2 V, a significant shift (2.2 eV)
of the rising edge to lower energy is observed. The shift to lower energies relative to
the as-prepared sample indicates an over-reduction of Ru and the presence of Ru3+.
Near-edge scattering features differ slightly in their position and intensity, which
points to irreversible changes in the local structure around Ru. The Ru K-edge X-ray
absorption near-edge structure (XANES) spectra for the second and tenth cycles
display similar trends as the first. Notably, the edge position never recovers to that
of the as-prepared material, suggesting that either the average oxidation state of Ru
stays lower than 4+ or structural changes lead to new Ru environments. Figure 2.3d
shows relative changes of the edge position, making apparent the over-reduction of
Ru after the first charge process. On later cycles, the edge position never recovers
the original value but continues to shift as evidence of Ru involvement in the redox.

Mn K-edge XAS (Figure 2.3e-h is also measured to investigate redox non-innocence
as suggested by the new low-voltage redox couple observed in the dQ/dV plots. The
pre-edge features arise from a 1s to 3d transition for Mn in an octahedral geometry
and represent the partially filled t2𝑔 (6541 eV) and e𝑔 (6543 eV) states. The edge
position of Li2Ru0.3Mn0.7O3 is 6557 eV, which is in good agreement with reports
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Figure 2.3: (a-c) Ex situ Ru K-edge XANES of Li2Ru0.3Mn0.7O3 at various SOCs:
as-prepared, charged to 4.15 V, charged to 4.6 V, fully charged then discharged to
2 V, charged to 4.6 V on cycle 2, discharged on cycle 2, charged to 4.6 V on cycle
10, and discharged on cycle 10. (d) The change in the Ru K-edge position with
cycling highlighting redox involvement and over-reduction upon discharge. (e-g) Ex
situ Mn K-edge XANES at the same SOC with arrows highlighting reduced Mn. (h)
The change in the Mn K-edge position showing minimal changes until later cycles.
Collected by M. Zuba.

of Mn K-edge XANES of Li2Ru0.5Mn0.5O3[31] and Li2MnO3[23] signifying that
Mn is formally Mn4+. The K-edge white line arises from the 1s to 4p transition and
is especially sharp and intense due, in part, to the negatively charged neighboring
anions and the localization of the excited electron on Mn, suggesting a fairly ionic
Mn-O interaction. The rising edge in the Mn K-edge XANES does not shift upon
oxidation, which is more easily observed in Figure 2.3h, indicating no oxidation
of Mn past Mn4+. Irreversible changes to the spectral shape and pre-edge may
be due to changes to the local environment around Mn that persist after the first
oxidation. After discharging to 2 V, extra spectral weight near the edge at lower
energies indicates reduction of Mn below Mn4+. The trends are essentially identical
in cycle 2. By cycle 10, the edge position decreases by over 1 eV upon discharge,
indicating significant Mn involvement to the redox and corroborating the dQ/dV
results.

On the first charge, XAS shows that Ru4+ is oxidized and the Mn4+ is largely
redox innocent. However, the charge expected from full oxidation of Ru4+ to Ru5+

is insufficient to explain the high capacities observed. The possible explanations
for the excess capacity are lattice O redox and decomposition reactions, both of
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which have been reported extensively.[24, 31, 41, 42] To explore the possibility
of reversible lattice O redox, O K-edge resonant inelastic X-ray scattering (RIXS)
studies are performed. RIXS acts as a sensitive probe of the electronic structure of
lattice O by combining XAS and X-ray emission spectroscopy (XES), allowing filled
states to be probed and introducing a higher dimensionality than either technique
alone.[40] The RIXS maps for Li2Ru0.3Mn0.7O3 on the first charge are shown in
Figure 2.4a-c. Two pre-edge features are observed and attributed to hybridized
Mn 3d–O 2p orbitals split into t2𝑔 and e𝑔 states by the octahedral crystal field.[43]
The appearance of a RIXS loss feature at 523.5 eV from an excitation at 531 eV
has been attributed to bulk O redox contributions in several Li-rich layered oxide
systems.[39, 44–46] However, this spectroscopic signature is not observed in the
RIXS maps of Li2Ru0.3Mn0.7O3, indicating the lack of bulk O redox activity, a
different O oxidation mechanism, or the prevalence of oxidized O being lower than
the detection limit in the RIXS measurements. Bruce and coworkers have shown in
several closely related systems that high-resolution RIXS is necessary to detect the
presence of holes on O or trapped molecular O2.[47–49]

Figure 2.4: Ex situ (a-c) RIXS and (d) O K-edge TEY XAS of Li2Ru0.3Mn0.7O3
during the first charge cycle. Notably, no new features are observed that would
indicate oxidized lattice O, highlighting the irreversibility of O redox processes in
this material. Collected by Z. W. Lebens-Higgins, H. Huang, and M. Zuba.

To determine if irreversible decomposition reactions are occuring, we turn to differ-
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ential electrochemical mass spectrometry (DEMS) to characterize gaseous products
during cycling. The operando DEMS data for the first three cycles are shown in
Figure 2.5a. During the first charge cycle, a significant feature from O2 gas release is
observed starting at the onset of the high-voltage plateau. O2 release can come from
oxidation of lattice O followed by gas release[25, 50, 51] since electrolyte degrada-
tion and oxidation of surface carbonates produces exclusively CO2.[41, 52, 53] A
comparatively small amount of CO2 is observed at the top of charge (>4.4 V). By
integrating the DEMS data, the charge contributions of the decomposition reactions
resulting in gaseous products to the total capacity are calculated. The capacity from
oxidation to O2 alone during the first charge assuming a four-electron oxidation
process is 122 mAh g−1, or 45.7% of the total charge capacity. Comparatively, CO2
only contributes approximately 2 mAh g−1. As such, about half of the first charge
capacity can be attributed to irreversible degradation reactions. Upon discharging,
the gas release drops precipitously, confirming that the gases detected are a result of
oxidative decomposition reactions at high voltages. The O2 gas release on subse-
quent cycles sequentially decreases. The gas release likely on the first cycle likely
triggers a structural change and consequent change to the redox mechanism, which
is corroborated by the change in the shape of the voltage profile.

Surface Characterization
In the absence of evidence of bulk O redox, we turned to more surface sensitive meth-
ods. Figure 2.4d shows the O K-edge XAS spectra in surface-sensitive total electron
yield (TEY) mode. The two pre-edge features at 529.9 and 532.1 eV correspond
with the Mn–O hybridized states as observed in the RIXS. An additional feature in
the as-prepared sample around 534 eV is attributed to surface carbonates.[54, 55]
The carbonate feature disappears upon charging suggesting that the carbonates are
oxidized off the surface. The changes upon charging consist solely of broadening
of the pre-edge features, as is also observed in the RIXS maps, and do not indicate
significant oxidation of lattice O that stays near the surface.

The release of O2 from the cathode suggests O2− oxidation and necessitates charge
compensation and/or densification near the surface where O vacancies are known
to form.[56, 57] To probe the effects of gas release on Li2Ru0.3Mn0.7O3, surface-
sensitive probes of the electronic structure including hard X-ray photoelectron spec-
troscopy (HAXPES) and XAS in TEY mode are used (Figure 2.5). In the O 1s
region of the HAXPES, the as-prepared Li2Ru0.3Mn0.7O3 cathode has two main
features: a narrow peak around 529.5 eV and a broader feature centered around
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532.5 eV attributed to bulk O2− and surface carbonates, respectively.[14, 24, 58, 59]
Upon charging to 4.15 V, the feature at 532.5 eV largely disappears as native surface
carbonates are oxidized. Then, at full charge, a new feature around 531 eV grows
along with additional spectral weight between 532 and 535 eV. The new feature at
531 eV has historically been used as a direct indicator of bulk O oxidation.[24–
26, 58] In fact, Lebens-Higgins et al. recently performed a systematic study on
several common Li-ion cathode materials and observed the new feature, but it is
instead attributed to transition metal reduction and electrolyte decomposition near
the surface.[60] The same concepts are invoked here and are supported by HAXPES
in the Ru 3p and Mn 2p region and XAS (TEY) at the Mn L-edge (Figure 2.5c-g).
HAXPES results in the Ru 3p region closely mirror the K-edge XAS data with an
initial positive shift at 4.15 V (Ru4+ to Ru5+) and no further shift at 4.6 V. However,
additional spectral weight arises at low binding energies in the fully charged vs.
partially charged samples, suggesting a small proportion of reduced Ru near the
surface upon oxidation. The Mn 2p HAXPES data, specifically comparing cathodes
charged to 4.15 and 4.6 V (Figure 2.5f), show additional spectral weight (more
substantial than the Ru case) at low binding energies in the fully charged sample
as illustrated by the difference curve. This result indicates reduction of Mn near
the surface at high voltages. Greater amounts of reduced Mn are also observed at
high voltages in the Mn L-edge XAS (Figure 2.5g). Reduced Mn near the surface
has been observed in a variety of Li-rich NMC materials,[56, 57, 61, 62] which
are structurally similar to Li2Ru0.3Mn0.7O3. O2 gas release from the lattice near
the surface has been shown to be accompanied by transition metal reduction and
sometimes densification.[56, 57, 63–66]

The signs of reduced transition metals near the surface in Li2Ru0.3Mn0.7O3 from
HAXPES are not maintained upon discharge. To determine if the reduced metals
are lost to the electrolyte, inductively coupled plasma mass spectrometry (ICP-MS)
is performed for the electrolyte before and after cycling. Mn is observed in the
electrolyte after cycling, pointing to Mn dissolution, which has been observed in
Mn-rich materials with low-valent Mn.[67–70] The Mn L-edge XAS (TEY) results
show the most significant quantity of reduced Mn in the fully discharged sample.
As such, we assert that transition metals are reduced past the formal charge state of
the prisinte material on both the surface and in the bulk upon discharge. This result
is consistent with the nucleation and growth model for spinel formation reported by
Gu et al. in C2/m Li1.2Ni0.1Mn0.525Co0.175O2,[56] where here we consider spinel
formation as a proxy for reduction of transition metals.



16

Figure 2.5: (a) Operando DEMS of Li2Ru0.3Mn0.7O3 for the first three cycles.
DEMS collected by M. J. Crafton. (b) HAXPES at various SOC in the (b) O 1s, (c,
d) Ru 3p, and (e, f) Mn 2p regions. (g) Mn L-edge XAS collected in total electron
yield mode. HAXPES and L-edge XAS collected by Z. Lebens-Higgins and M.
Zuba and analyzed by J. Zak.

Local Structure Evolution
To understand how the dynamically changing charge compensation and gas release
affects local structure, extended X-ray absorption fine structure (EXAFS) analysis
is performed and first- and second-shell bond lengths and correlation distances
are extracted from fits. A summary of the fits of the EXAFS data is shown in
Figure 2.6a-b. Overall, the amplitude of the EXAFS decreases during charge and is
not fully recovered upon discharge, indicating permanent increases in disorder.[23,
31] The first-shell correlations correspond to M–O bonds (Figure 2.6a). Here,
the M–O distance can be thought of as a proxy for redox involvement; that is, a
shortening indicates oxidation and a lengthening indicates reduction. As expected,
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the Ru–O bond length shortens with oxidation at 4.15 V and lengthens slightly at
4.6 V, corroborating HAXPES results suggesting slightly reduced Ru when fully
charged. After discharge, Ru–O has increased beyond that in the as-prepared sample,
consistent with reduction beyond the formal oxidation state in the pristine phase.
The Mn–O bond length does not change much with cycling, which highlights the
relative redox inactivity in early cycles. A slight decrease in the Mn–O bond length is
observed at 4.6 V, however, which supports the presence of reduced Mn as indicated
by the XANES and HAXPES.

The second-shell coordination sphere is dominated by metal-metal scattering events.
Li correlations are ignored in the model due to the small X-ray scattering cross
section. The multi-structure model allows for metal-metal correlation lengths to be
extracted for Ru and Mn back-scatterers from both Ru and Mn absorbers. For ease
of understanding, correlations will be discussed with a M1–M2 convention where
M1 is the absorber and M2 is the back-scatterer. The Ru–Ru correlation length
decreases during the first oxidation, consistent with an overall lattice contraction
(Figure 2.6b). Upon discharging, the Ru–Ru distance returns to the same value as
in the as-prepared sample (approximately 3.03 Å). On cycle 2, Ru–Ru correlations
contract during oxidation and expand again during reduction to comparable values
as in the first cycle. However, by cycle 10, the correlation length at fully charged dips
to 2.89 Å, a 0.14 Ådecrease, and only lengthens slightly to 2.92 Åduring discharge.
Additionally, the model fits Ru–Ru correlations worse as Li2Ru0.3Mn0.7O3 is cycled
(see relative errors), suggesting significant changes to the Ru network with cycling.
Ru–Mn correlations show less change overall due to the majority of Mn being
redox inactive Mn4+. However, as K-edge XAS and HAXPES show, more Mn is
reduced with cycling. The redox involvement of Mn is supported by shorter Ru–Mn
correlation lengths on cycle 10. Interestingly, on cycles 1 and 2, Ru–Ru and Ru–Mn
correlation lengths converge at full charge, and by cycle 10 are almost identical.
One possible explanation for this behavior is mobile Mn as has been observed in
similar Li-rich NMC materials.[56, 57, 66, 71]

The trends observed in the Mn–Mn correlations are similar to those with a Ru
absorber (Figure 2.6b). The Mn–Mn correlation distance does not noticeably change
during cycling, which is attributed to the large amount of Mn relative to Ru and a
large proportion of the Mn being surrounded only by Mn and remaining relatively
inert during cycling. Mn–Ru correlation distances trend the same as the fit Ru-Mn
distances from the Ru K-edge EXAFS as expected. The errors are much larger
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due to Mn-Ru scattering events being a much smaller proportion of the overall
scattering than Ru-Mn scattering events are to the Ru EXAFS. The changes suggest
a reordering of Mn in the lattice during the first cycle, supporting the mobility of Mn
during oxidation. These results also indicate that most changes to Mn are occurring
in those that have redox active Ru next-nearest neighbors.

Figure 2.6: (a) First shell metal-O bond lengths and (b) second shell metal-metal
coordination distances as a function of cycling from EXAFS fits. EXAFS collected
by M. Zuba. (c) Ex situ Raman spectroscopy of Li2Ru0.3Mn0.7O3 as compared
to Li2MnO3 with the Mn-O A1𝑔 mode and two new modes in Li2Ru0.3Mn0.7O3
highlighted. Calculated Raman modes in Li2RuO3 with translation vectors scaled
up by a factor of 2, provided by authors from Ref. 62, at (d) 551 cm−1 (predicted)/675
cm−1 (experimental) and (e) 677 cm−1 (predicted)/715 cm−1 (experimental). (f, g)
Operando Raman spectroscopy of Li2Ru0.3Mn0.7O3 over three CV cycles with the
zero current points marked with dotted lines to separate oxidative and reductive
current regions.

Significant changes to the Ru environments and Mn network in Li2Ru0.3Mn0.7O3

as evidenced by EXAFS are also observed by Raman spectroscopy. The ex situ
Raman spectra of Li2Ru0.3Mn0.7O3 and Li2MnO3 are shown in Figure 2.6d. The
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spectrum of Li2MnO3 is reported and the mode at 612 cm−1 is attributed to the
MnO6 A1𝑔 symmetric stretch.[72] The lower frequency peaks are attributed to
various Mn–O and Li–O modes. The spectrum of Li2Ru0.3Mn0.7O3 shows modes
at similar frequencies with several key differences. First, the MnO6 A1𝑔 mode
is significantly broader, which is attributed to a variety of different next nearest
neighbor Mn environments. Two notable new modes at 678 and 718 cm−1 are
observed and we attribute them to Ru–O related vibrations. Ex situ Raman spectra
of several members of the Li2Ru1−yMnyO3 (y > 0.4) solid solution further support
the assignment as these modes increase in intensity relative to the Mn–O A1𝑔 mode
with increasing Ru content (Figure 2.1b). Phonon modes calculated by Ponosov et
al. for Li2RuO3 have good agreement with the two new modes in Li2Ru0.3Mn0.7O3,
specifically those calculated at 551 cm−1 (A𝑔) and 677 cm−1 (A𝑔) were observed
experimentally at 675 cm−1 and 715 cm−1, respectively.[73] The atom displacement
vectors associated with the calculated modes by Ponosov et al. are shown in Figure
2.6e-f.[73] Both new modes in Li2Ru0.3Mn0.7O3 have components of O translation
that shortens one RuO6 octahedral edge and brings two adjacent O closer together,
and the lower frequency mode has a larger component of Ru motion. The presence
of these modes and good agreement of the observed frequencies with Li2RuO3 may
indicate Ru clustering.

Operando Raman spectroscopy is collected during a cyclic voltammetry (CV) mea-
surement for three cycles to observe how these modes change with oxidation adn
reduction (Figure 2.6g-h). Galvanostatic cycling is not used due to the long times
spent at high voltages that result in significant O2 release and side reactions, which
block Raman signal from the bulk material. Results show significant changes to the
local structure with cycling. Upon oxidation, the Mn-related modes lose intensity
and red-shift to lower frequencies, which supports the reduction of Mn as a result
of O2 release at high voltages. Additionally, a new potential-dependent mode at
682 cm−1 appears on the first negative scan. The mode is likely a sharp increase in
intensity and blue-shift of the Ru–O related mode due to Ru oxidation because the
Ru–O related mode decreases in intensity. The high-frequency Ru–O related mode
also blue-shifts but to a lesser degree, which tracks with Ru motion being of lesser
magnitude as shown in the calculated phonon mode. When the voltammogram
reaches reduction, i.e. negative current, the changes begin to reverse. The point at
which the CV switches from oxidation to reduction, and vice versa, are indicated
with dashed lines in Figure 2.6g-h. However, the Mn-related modes do not recover
their original intensity, indicating permanent changes to the Mn network. On subse-
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quent cycles, the Ru-related modes display similar behavior to that observed on the
first cycle, indicating some reversibility with respect to the Ru local environment.

2.3 Conclusions
Li2Ru0.3Mn0.7O3 shows a complex charge compensation mechanism that changes
dynamically with cycling. On the first charge, XAS confirms that Ru is oxidized
to Ru5+ and no further, which only accounts for 0.3 of the >1 Li that appears
to be removed. Excess charge is accomodated by lattice O oxidation, but most
of the anion oxidation is irreversible and results in significant O2 gas release as
shown by DEMS. O loss causes reduction of Mn even in the charged mateiral.
Upon discharge, both Mn and Ru are educed beyond the formal oxidation state
of the pristine material. In subsequent cycles, the majority of the capacity is
attributed to Ru and Mn redox alone, though the contributions from each change
with time. This dynamic redox behavior can give a false impression of good
cyclability based on anion redox when, in fact, Li2Ru0.3Mn0.7O3 only exhibits
significant contributions from O on the first charge cycle despite being within a solid
solution (Li2Ru1−yMnyO3) reported to have reversible anion redox.[24] Therefore,
it is prudent to consider each material across a solid solution separately, especially
when the end members have different structures and electrochemical behaviors.
Considering Li2Ru0.3Mn0.7O3 with respect to Li2MnO3, this work shows that a
small amount of a redox active metal activates semi-reversible Li removal and
insertion (approximately 0.8 Li reversibly in this case) whereas all observed capacity
in Li2MnO3 is from decomposition reactions and not Li cycling.[23] Nevertheless,
the charge compensation mechanism is convoluted and changes with cycling, which
highlights the difficulty of characterizing the long-term viability of anion redox
materials based on Li-rich layered structures.

2.4 Experimental Methods
Materials Preparation. Li2Ru1−yMnyO3 was synthesized according to the proce-
dure provided by Sathiya et al.[24] Powders of Li2CO3 (Sigma-Aldrich, 99.99%),
RuO2 (Acros Organics, 99.5%, anhydrous) and MnCO2 (Sigma-Aldrich, 99.9%)
were ground in stoichiometric quantities (a 10% by weight excess of Li2CO3 was
used to combat Li volatilization during heating) and pressed into pellets of 200-300
mg with a hand-operated arbor press. Pellets were heated in alumina crucibles in
air at 2 ◦C min−1 to 900 ◦C with a dwell time of 15 h and cooled ambiently to room
temperature. After an intermediate grinding step, the powder was again pressed
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into pellets and heated at 2 ◦C min−1 to 950 ◦C followed by a dwell time of 15 h
before being cooled ambiently to room temperature. The pellets were ground into
fine powders for further characterization.

Electrode Fabrication. Electrode slurries were prepared by suspending 80/10/10
(wt%) active material, conductive carbon (SuperP, Alfa Aesar, > 99%), and PVDF
binder (MTI) in N-methyl-2-pyrrolidone (ca. 2 times by mass of total solids)
(Sigma-Aldrich, 99.5%) with a centrifugal mixer (Thinky USA). Electrode films
were prepared by doctor blading onto carbon-coated Al foil (MTI) at a 20 `m
thickness. The films were dried in air and 1/2" diameter electrodes were punched
from the film. The electrodes were dried in a vacuum oven at 110 ◦C for at least 12
h, yielding an active material loading of 4-6 mg.

Electrochemical Testing. All electrochemical cells were assembled inside an Ar-
filled glovebox (H2O and O2 < 1 ppm). Electrochemistry with slurry-cast electrodes
was performed in 2032 coin cells (MTI) with a Li foil anode (Alfa Aesar, > 99.9%,
0.75 mm, mechanically cleaned immediately before cell assembly), polypropylene
separator (Celgard 2400), c.a. 4 drops of LP100 electrolyte, and a working electrode
of 80 wt% active material as described above. The LP100 electrolyte was prepared
as a 1 M solution of LiPF6 (Oakwood Chemical, Battery Grade) in a 1:1:3 (by
volume) mixture of ethylene carbonate (EC), propylene carbonate (PC), and dimethyl
carbonate (DMC) (all Sigma, > 99%, anhydrous). The solution was prepared in a
dried HDPE bottle. The liquid carbonates (DMC and PC) were stored over activated
molecular sieves (3 Å, Beantown Chemical) prior to use. All materials were charged
(oxidized) at the rate indicated (based on one electron per formula unit) to 4.6 V and
discharged at the rate indicated to 2 V. All voltages are vs. Li/Li+. Electrochemical
experiments were performed with a BCS 805 battery cycler (Bio-Logic) unless
otherwise specified.

Powder X-ray Diffraction. Lab powder X-ray diffraction (PXRD) was collected
on samples in air using a PANalytical X’Pert Pro diffractometer. The diffraction
patterns were fit with the Rietveld method using the General Structure Analysis
System II (GSAS-II),[74, 75] and visualization of the crystal structures was aided
by VESTA.[76]

Raman Spectroscopy. Raman spectra were collected on a Horiba XploRA One
confocal Raman microscope. All spectra were collected with a 638 nm diode laser,
a grating with groove density 1200 g mm−1, and 10% laser power (c.a. 2.9 mW)
to minimize laser damage to the samples. The hole and slit were fixed at 500 and
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200 `m, respectively. The laser was focused using a 10× (numerical aperature 0.25)
objective, which yielded a lateral resolution of ca. 1.5 `m and an axial resolution of
ca. 10.2 `m.

Operando measurements were performed in a front-side configuration in a custom
spectroelectrochemical cell (Figure 2.7) with a slurry cast electrode as described
above, a lithium metal anode with a 5/32" hole punched out, Celgard 2400 separator
with a 3/32" hole punched out, and LP100 electrolyte diluted 10× (0.1 M LiPF6 to
limit fluorescence background. Spectra were collected with a 3 s acquisition time
and 60 accumulations throughout the course of the experiment. The accompanying
electrochemical experiment was cyclic voltammetry between 4.4 V and 2 V at a rate
of 0.5 mV s−1 for three cycles. The lower voltage cutoff was used to avoid long times
spent at high voltages where electrolyte can decompose onto the cathode surface
and disrupt the focus of the Raman microscope on the surface of the cathode.

X-ray Absorption Spectroscopy and Resonant Inelastic X-ray Scattering. Sam-
ples for ex situ X-ray absorption spectroscopy (XAS) were prepared in 2032 coin
cells with a Li foil anode as described above. Electrodes were measured in the follow-
ing states for Li2RuO3: pristine, charged to 3.75 V, charged to 3.85 V, fully charged
to 4.6 V, fully charged then fully discharged to 2 V, fully charged to 4.6 V on the
second cycle, and fully discharged to 2 V on the second cycle. For Li2Ru0.3Mn0.7O3,
electrodes were measured in the following states: pristine, charged to 4.15 V, fully
charged to 4.6 V, fully charged then fully discharged to 2 V, fully charged to 4.6 V
on the second cycle, and fully discharged to 2 V on the second cycle. For Li2MnO3,
electrodes were measured at the following states: pristine, charged to 4.15 V, charged
to 4.6 V, and charged then discharged to 2 V. After oxidizing or reducing the material
galvanostatically to a defined cutoff, the samples were extracted, rinsed with DMC,
dried under vacuum overnight, and sealed in Kapton tape. All Ru K-edge samples
were measured from three sweeps in transmission mode. Mn K-edge samples were
measured from three sweeps (APS) in transmission mode or one sweep (SSRL) in
fluorescence and transmission modes, where the Samples for Ru and Mn K-edge
XAS were measured at beamline 20-BM-B at the Advanced Photon Source at Ar-
gonne National Laboratory and beamline 4-1 at the Stanford Synchrotron Radiation
Lightsource at SLAC National Accelerator Laboratory, respectively. Calibration,
background correction, and data processing of X-ray absorption near edge structure
(XANES) and EXAFS was performed using Athena.[77] Standards were prepared
by diluting 20-30 mg of material with 60 mg of carbon and pressed into 3/8" pellets
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Figure 2.7: Schematic of the custom spectroelectrochemical cell used for operando
Raman measurements.

under approximately 1 ton of force.

Soft X-ray absorption spectroscopy (sXAS) measurements at the Mn L-edge were
collected in total electron yield (TEY) mode at beamline I09 at the Diamond Light
Source Ltd., UK. sXAS and resonant inelastic X-ray scattering (RIXS) measure-
ments at the O K-edge were collected at beamline 8.0.1 (iRIXS endstation) at the
Advanced Light Source. The sXAS spectra were calibrated using the Ti L-edge and
O K-edge for a TiO2 reference. The emission energy axis in RIXS measurements
were calibrated from the elastic peak in the RIXS map. All samples were mounted
on conductive tape in an Ar-filled glovebox and transferred to the beamline using a
vacuum suitcase to avoid air exposure.
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Differential Electrochemical Mass Spectrometry. The custom-built DEMS in-
strument and its operation was described in previous publications.[78–80] Cathodes
were made under an Ar atmosphere by casting a slurry of Li2Ru0.3Mn0.7O3 active
material, conductive carbon (carbon black, acetylene, 50% compressed, 99.9+%,
Alfa Aesar), polyvinylidene fluoride (PVDF, Solef 6010/1001, SOLVAY), and N-
methyl-2-pyrrolidone solvent (anhydrous, 99.5%, Sigma Aldrich) onto 1/2-inch
stainless steel mesh discs. The ratio of active:carbon:PVDF in the slurry was ap-
proximately 70:20:10, by weight. After the slurry was cast, the cathodes were dried
under vacuum at 120 ◦C overnight. The cathode active material loading was ap-
proximately 5 mg cm˘2. Lithium metal discs of 11 mm diameter cut from Li foil
were used as anodes. Hermetically-sealed, custom-built Swagelok cells contain-
ing a Li2Ru0.3Mn0.7O3 cathode and Li metal anode were assembled with LP100
electrolyte (1 M LiPF6 in 1:1:3 (v/v) EC/PC/DMC) and a dual layered separator
consisting of a polypropylene sheet (cathode side, Celgard 2500) and quartz filter
paper (anode side, Whatman QMA). The electrolyte loading was approximately
60 `L cm−2. The cells were assembled in an Ar atmosphere glovebox and appropri-
ately attached to the DEMS apparatus to avoid air exposure. The cells were cycled
on a Bio-Logic VSP-series potentiostat under positive Ar pressure (approximately
1.2 bar). For all experiments, the cells were cycled at a constant rate of C/10 based
on one electron per formula unit (20.512 mA g−1) with an upper cutoff voltage of
4.6 V and a lower cutoff voltage of 2.0 V. After each discharge, the cell was allowed
to rest on open circuit for 3 hours before the subsequent charge to improve the
resolution of cycle-to-cycle gas evolution measurements. Throughout the experi-
ment, the cell headspace was purged with 500 `L of Ar by the DEMS instrument
every 10 minutes and any accumulated gases were swept to the mass spectrometer
chamber for analysis. The apparatus is calibrated O2 and CO2 in Ar, allowing for
the determination of the partial pressures of each analyte. The amount of each gas
evolved was then quantified using the volume and temperature of the gas sample.

X-ray Photoelectron Spectroscopy. Hard X-ray photoelectron spectroscopy (HAX-
PES) measurements at ha ≈ 5940 eV were conducted at beamline I09 at the Diamond
Light Source Ltd., UK. The experimental chamber is equipped with a Scienta Elec-
tron Analyzer set to a pass energy of 200 eV operating in angular mode. Calibration
of all materials was done using the C 1s peak of carbon black (C-C) at 284.5 eV.

Inductively-Coupled Mass Spectrometry. Three samples were prepared. The first
consisted of a coin cell assembled as described above and allowed to sit without
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electrochemical cycling for 24 hours. The others were cycled for 10 cycles with
one being stopped after a full charge and the second being allowed to discharge
completely. Coin cells were opened and components were washed with 2 mL of
DMC, which was collected. Each sample was quantitatively transferred to a 50 mL
digestion tube to which 1 mL conc. nitric acid was added and all were heated to 100
◦C for 2 h. This process was repeated twice. For analysis, the samples were diluted
to a total volume of 20 mL.
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C h a p t e r 3

STABILIZING MULTIELECTRON REDOX IN LITHIUM-RICH
OXIDE CATHODES WITH ACTIVE ELECTROLYTE

ADDITIVES

Chapter Abstract

Electrolyte additives with tailored chemistry can be an efficient and cost-effective
way to stabilize surface transformations and promote reversible cycling in battery
cathodes. Electrolyte additives have been employed for Li-ion systems as a method
of increasing safety and ionic conductivity as well as controlling the interaction of
the electrolyte with the electrodes by scavenging trace contaminants and mitigating
unwanted side reactions. Li-rich layered metal oxides that can invoke anion redox
(i.e. charge compensation by the structural lattice anions) present the opportunity
to substantially increase the practical charge storage capacity of the cathode, but
are often plagued by side reactions like gas release and electrolyte decomposition.
Such parasitic side reactions can lead to surface reorganization and densification,
which strains the cathode material particles in addition to being detrimental for Li+

diffusion. As such, the ability of active electrolyte additives to stabilize the cathode
surface against irreversible transformations is evaluated. In particular, Li+ and
O2− vacancies destabilize the surface and can act as nucleation sites for structural
distortions and side reactions. Here, the ability of oxophilic additives to coordinate
preferentially to undercoordinated O atoms surrounding Li+ vacancies is explored
using Li2RuO3 as the cathode. Similarly, we evaluate highly oxidized additives to
adsorb to surface O2− vacancies in addition to interphase-forming additives oxidized
onto the cathode in situ to protect the high-energy defects against causing further
decomposition. Of the additives investigated, organophosphite compounds oxidized
onto the surface in situ have the most promising effects, slightly increasing capacity
and improving capacity retention. The other additives tested had either no effect or
a detrimental effect on the electrochemical performance.
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3.1 Introduction
The role of conventional electrolytes is simply to enable Li+ transport between the
electrodes and remain inert with respect to the cathode material while preventing
electron transfer directly between the electrodes. Organic carbonate electrolytes with
lithium hexafluorophosphate LiPF6 supporting electrolyte are commonly used to this
end.[81] The electrolytes do react at the anode, however, forming a self-passivating
decomposition layer at low potentials commonly referred to as the solid electrolyte
interphase (SEI). The SEI allows Li+ transport to the anode while blocking the
anode surface and preventing further undesirable electrolyte decomposition.[82]
Understanding the SEI and its stabilization effects has been a focus of research in
the field for years, but less attention has been paid to analogs on the cathode side of
a cell, the cathode electrolyte interphase (CEI).

As stated in Chapter 2, Li-rich layered oxide materials are capable of storing more
than one Li+ per transition metal, overcoming a limitation of the current paradigm in
commercialized cathode active materials. Of particular interest is Li2RuO3, due to
its ability to accommodate high degrees of Li+ removal leading to high gravimetric
capacities.[24, 25, 29] Such multielectron materials are highly desirable for energy-
dense Li-ion cathodes. However, Li2RuO3 was also shown to have a significant
irreversible capacity loss specifically after the first charge in addition to O2 and CO2
gas release upon oxidation, pointing to oxidative decomposition of the material itself
and incompatibilities with the electrolyte at high voltages.[83] We hypothesized that
the poor reversibility from the first charge to the first discharge could be attributed
to structural distortions at or near the surface of the material at high states of
charge as Li+ is removed, and, further, that this issue could be addressed through
active electrolyte additives, specifically through soluble additives that target surface
defects.

3.2 Methodology
Recent work on electrolyte additives for cathode stabilization has focused on high-
voltage materials like Ni-rich NMCs and primarily report fluorinated, organosilane,
and thioether compounds that can form thin, uniform, and stable films on the cathode
surface.[84, 85] This work encompasses several parallel approaches that are both
centered around the idea of stabilizing vacancies on the surface of the cathode mate-
rial by introducing additives that reversibly adsorb, coordinate, or otherwise interact
with the defect sites. The first approach aims to stabilize Li+ vacancies, which are
introduced upon oxidation (i.e. charging). O atoms at the surface of the cathode are
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inherently undercoordinated and the state of undercoordination is worsened upon
removing Li+. To alleviate the reactivity of undercoordinated O and stabilize the
surface, simple ionic salts with various cations are added to the electrolyte such that
the cation can coordinate to the O surrounding the vacancy as shown in Figure 3.1a.
Cations of interest are selected based on the normalized oxophilicity relative to
those of Ru4+ (0.4) as calculated from tabulated thermochemical data.[86] Cations
with higher values will coordinate preferentially to O, but, if the coordination is too
strong, the cathode material could dissolve into the electrolyte. Metals with lower
oxophilicity values are expected to coordinate to O without the risk of dissolution.
However, the interaction between the cation and the O could be too weak to stabilize
the extra charge density on the O. With this in mind, several cations are evaluated.

Figure 3.1: The three parallel approaches to surface stabilization in Li2RuO3. (a)
Graphical representation of how electrolyte additives might stabilize surface defects
formed during charge to promote reversible cycling. Oxophilic cations could co-
ordinate preferentially to Li+ vacancies formed upon removing Li+ during charge.
Highly oxidized additives with available lone pairs could adsorb on to the surface
at O2– vacancies, inhibiting parasitic side reactions. Alternatively, additives could
prevent (b) electrolyte degradation by (c) being oxidized onto the cathode surface
in situ.

The second approach is focused on O2– vacancies, which are present throughout
metal oxides due to entropy. Importantly, the concentration of vacancies at the
surface is high as diffusion of vacancies from the surface into the bulk is not favored
due to surface tension effects.[87, 88] O2– vacancies can increase the activity of
the oxygen reduction reaction (ORR), and thereby the release of O2 gas, in mixed
metal oxides.[89] O2– vacancies on the surface of the cathode material could affect
similar behavior, however, in batteries, evolution of O2 is a parasitic side reaction that
compromises reversibility. To passivate such surface instabilities, highly oxidized
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species are added to the electrolyte to stabilize reactive sites by adsorbing to the
vacancies as shown in Figure 3.1a. Specifically, ionic and alkyl phosphates are
investigated as oxidatively stable additives with available lone pairs. Phosphates
have been shown to adsorb onto metal oxide surfaces[90] and have also been used
as solid-state films to stabilize Li2RuO3.[91]

The third and final approach is to use an additive that can be electrochemically
oxidized onto the cathode surface in situ to create a CEI layer analogous to the SEI
traditionally considered to form on the anode side of a cell. Organophosphites have
been used to this end in traditional layered oxides like LCO[92] and Li-rich NMC
materials.[93, 94] Li-rich materials like Li2RuO3 are cycled to highly oxidizing
voltages to access anion redox, which results in significant electrolyte decomposition
at the interface as represented in Figure 3.1b. To alleviate this reactivity, we target
a variety of organophosphite additives due to their ability to be oxidized as well as
the lone pair of electrons on the phosphorus that may facilitate coordination to the
defects on the cathode surface. We hypothesize that organophosphite additives could
be electrooxidized onto the cathode surface to form a protecting layer that stabilizes
structure transformations and prevents further electrolyte degradation (Figure 3.1c).

All three approaches to surface stabilization are tested in parallel via extensive
electrochemical studies to understand each additive’s effects on performance metrics
like voltage hysteresis, Coulombic efficiency, and cycle life/capacity retention. We
find that the third approach, electrooxidation of the additive to form a CEI, is the only
one that has a significant impact on the electrochemical performance of Li2RuO3,
though not significant enough to pursue to the point of publication. A summary
of results from the different additives investigated and potential future work in this
area can be found at the end of this chapter.

3.3 Results and Discussion
Approach 1: Stabilize Li+ vacancies by coordination of a cation to undercoor-
dinated O on the surface
Where available, hexafluorophosphate (PF –

6 ) salts are used to avoid introducing
another variable, the additive anion, into the system, which may convolute the
interpretation of electrochemical results. PF –

6 salts are commercially available
for all monovalent ions investigated, but soluble bis(trifluoromethane)sulfonimide
(TFSI−) salts are used for divalent ions like Mg2+. The oxophilicity values for
different monoatomic cations and the commercial availability of PF –

6 salts dictate
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Table 3.1: Additives used based on stabilizing undercoordinated O around Li+
vacanacies with corresponding oxophilicity of each cation. Selected experimental
metrics are also compared where "Charge Plateau" refers to galvanostatic cycling
experiments.

Additive Cation
oxophilicity[86]

Charge
Plateau
1 (V)

Charge
Plateau
2 (V)

Other observations

None n/a 3.8 4.1
NaPF6 0.4 3.7 4.2 Plateau 2 has an earlier

onset, features observed
on discharge in cases of
additive concentration ap-
proaching LiPF6

KPF6 0.4 3.7 4.1 Features observed on dis-
charge in cases of ad-
ditive concentration ap-
proaching LiPF6

Mg(TFSI)2 0.6 3.8 4.1 Current in CV signifi-
cantly lowered, peak at 4.1
V absent

LiTFSI 0.3 3.8 4.1 No change to current den-
sity in CV but peak poten-
tials increased

the starting point for the work described herein. Table 3.1 describes the additives
investigated based on this approach.

NaPF6 and KPF6 are added to the electrolyte at various concentrations to observe
any concentration dependence of the additives relative to the LiPF6 salt (Figure
3.2). If the anionic redox were stabilized by the electrolyte additives, we expect
the voltage associated with those processes to decrease. In the case of adding
NaPF6, the first redox plateau is lowered in voltage and the second is increased,
suggesting that the first redox process may be stabilized but the second is slightly
destabilized. Additionally, the onset of the second plateau is earlier in all but the
lowest concentration of additive. Since there is kinetic control in galvanostatic
experiments, a change in the contributions to the capacity of different redox events
implies that the additive is having some effect on the electronic states of the redox
centers, which could be an indication of coordination of Na+ to surface O2– . Upon
discharging the cells, the step-like feature observed only in cells with additive
increases in magnitude with concentration, suggesting changes to the redox behavior
that are linked to the additive. Similar results are observed in KPF6 upon discharge,
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but the voltage profile of the first charge is relatively unchanged. In both cases,
cells with additives at concentrations approaching that of LiPF6 display activation
barriers on the first charge, which could indicate that the Na+ and K+ are interfering
with the diffusion of Li+ to the anode. The only marked difference in capacity is
observed in the cell with 0.05 M NaPF6 added. The voltage profile does not differ
significantly from the other cells with NaPF6, which means 0.05 M may be the
ideal concentration for some favorable interaction between the Na+ and the cathode
material. The nature of the interaction could be coordination-based, but it could
also be due to more substantial interaction of the bulk material with Na+ or K+.

Figure 3.2: Galvanostatic charge and discharge profiles of Li2RuO3 half-cells with
various concentrations of (a,b) NaPF6 and (c,d) KPF6 added. (b) and (d) show
normalized profiles to allow for easy comparison of the profile shapes. The points
on the "No additive" trace represent the average capacity calculated from three
replicate cells, and the error bars signify one standard deviation from the average.
The base electrolyte contains only 1 M LiPF6.

To try other ions of interest, particularly Mg2+ as a more oxophilic cation of similar
size to Li+, we move to (TFSI)– salts. LiTFSI is used as an additive to determine
the effects of adding (TFSI)– into the electrolyte without convolution with the
effects of a new cationic species. There are little to no changes observed in both
the galvanostatic cycling and the cyclic voltammetry when comparing the cell with
LiTFSI to that with no additive (Figure 3.3). In the cyclic voltammogram, addition
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of LiTFSI to the electrolyte does not impact the magnitude of the current, but
slightly alters the shape of the oxidation waves. Peak voltages are shifting to
higher potentials in both cases, suggesting slightly increased thermodynamic (i.e.
destabilization of the redox processes) or kinetic barriers. However, addition of
Mg(TFSI)2 to the electrolyte causes drastic changes in the cyclic voltammogram as
shown in Figure 3.3a. The magnitude of the current decreases drastically while also
changing the shape of all redox waves. In particular, the oxidative wave around 4.1
V, which is attributed to redox involving the structural oxide lattice, is absent.[25]
Interestingly, the detrimental effects of Mg2+ are not observed in the galvanostatic
experiment, which might suggest kinetic limitations are being imposed.

Figure 3.3: First cycle of Li2RuO3 by (a) cyclic voltammetry at 0.01 mV/s and
(b, c) galvanostatic cycling at C/10 with 0.01 M Mg(TFSI)2 or LiTFSI electrolyte
additives. Little difference was observed in the galvanostatic experiments, but the
CVs showed drastic negative changes upon introducing Mg2+ to the system. The
base electrolyte contains only 1 M LiPF6.

Approach 2: Stabilize O2− vacancies by adsorption of a highly oxidized species
on the surface
For the second approach aimed at stabilizing O2− vacancies, ionic and alkyl phos-
phates are investigated as additives. Ionic phosphates (Li3PO4 and Mg3(PO4)2) are
sparingly soluble in the carbonate-based electrolyte solution and do not have any
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Table 3.2: Additives used based on stabilizing O2− vacancies on the surface.

Additive Soluble?
Charge
Plateau
1 (V)

Charge
Plateau
2 (V)

Other Observations

None n/a 3.8 4.1 No significant changes
Mg3(PO4)2 N 3.8 4.1 No significant changes

Li3PO4 N 3.8 4.1 Incorporation into cath-
ode yielded negative ef-
fects

TBAH2PO4 N 3.8 4.1 No change on charge, first
discharge capacity signifi-
cantly decreased

TMP Y 3.8 4.1
No significant changes

TBP Y 3.7 4.2 Features upon discharge
resulting in slightly lower
voltage

TPP Y 3.7 4.2 Features upon discharge
resulting in slightly lower
voltage

HMDS Y 3.7 4.1 No significant changes to
shape

notable impact on cell performance. In an attempt to solubilize the phosphate anion
in the electrolyte, a salt with a larger cation is used, tetrabutylammonium (TBA+).
Phosphate salts of TBA+ are only available with protonated phosphate anions, which
still show low solubility. Additionally, the presence of protons complicates the elec-
trochemistry and may have additional negative effects given the tendency of PF –

6
to accept protons and make HF.[95, 95] Alkyl phosphates (R3(PO4)3; R = CH3,
CH2CH2CH2CH3, and Ph) are soluble and result in a decrease in the voltage of the
first redox plateau, again suggesting stabilization. The additives with more sterically
bulky groups (i.e. butyl and phenyl) cause similar changes to the electrochemical
behavior while the effects of those with less bulky groups (i.e. methyl) behaved
more like cells without additives. Hexamethyldisilizane (HMDS) was also used due
to the lone pair of electrons on the N atom, and the electrochemistry looked like
that exhibited by cells with sterically large alkyl phosphates indicating that perhaps
sterics around the central heteroatom impacts surface chemistry on the cathode
material. Results are summarized in Table 1.
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Approach 3: Stabilize the surface by tuning the CEI composition through in
situ electrooxidation of electrolyte additives
Armed with the hypothesis that sterics may play a role in additive interactions
with the cathode material, additional additives with less bulky groups are explored.
Organophosphite compounds are targeted due to their ability to be oxidized as well
as the lone pair of electrons on the P that may facilitate coordination to defects on the
cathode surface. Phosphites of this type have been utilized as electrolyte additives
for layered oxides in the NMC and Li-rich NMC materials families with success
noted in cyclability and rate performance.[96–98] Here, we investigate the effects
of one such additives, trimethyl phosphite (TMPi) on Li-rich oxide Li2RuO3. For
context, when cycling Li2RuO3, the first charge displays a step-like voltage profile
where the lower voltage plateau is attributed to Ru4+/5+ redox and the higher voltage
plateau is attributed to contributions from the anionic oxide lattice.[24, 25, 99]

TMPi is first explored as an additive for Li2RuO3 under normal operating conditions,
i.e. in the usual voltage window of 2 V to 4.4 V. Little to no change is observed in the
first several cycles, and the discharge capacity decayed in the same fashion as control
cells with no TMPi. The upper cutoff voltage is then increased to 4.8 V (Figure 3.4)
and an additional plateau is observed at 4.7 V, which we attribute to oxidation of
the TMPi onto the cathode surface. The plateau is not observed on subsequent
cycles and the charge passed is not sufficient to oxidize all of the TMPi present
in the electrolyte, suggesting that the oxidation of the additive is self-terminating.
Interestingly, after the high voltage oxidation process, the discharge capacity is
retained extremely well over 40 cycles with virtually no loss and significantly higher
capacities than the control cases.

To further explore the phenomenon observed, TMPi is intentionally oxidized on the
first charge of the Li2RuO3 cells. Cyclic voltammetry is performed on cells with
various concentrations of TMPi to more easily deconvolute the effect of the additive
on different redox processes occurring in the material during the first oxidation.
Addition of the TMPi additive stabilizes oxidation of Li2RuO3 as evidenced by the
decrease in peak potential of the high voltage wave near 4.5 V (Figure 3.5). The
potential shifts successively from 0.02 M to 0.05 M but does not shift further upon
increasing to 0.1 M TMPi. The peak potential then increases slightly with 0.2
M TMPi, which suggests that there is an optimum concentration of the additive.
Oxidation of the additive itself occurs around 4.9 V vs. Li/Li+, and seemingly
suppresses current associated with electrolyte degradation seen around 5.1 V. It is
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Figure 3.4: (a) Galvanostatic charge/discharge curves at a rate of C/10 given one
electron of a Li2RuO3 cell with TMPi additive cycled to 4.4 V upper cutoff for six
cycles then to 4.8 V. (b) Discharge capacity vs. cycle number of the cell with TMPi
additive and two control cells cycled to 4.4 V and 4.8 V.

apparent from galvanostatic cycling data that Li2RuO3 undergoes an irreversible
transformation on the first charge, and therefore the cathode material is different
structurally on subsequent cycles. The differences between the pristine cathode and
the cathode after the first charge explain the difference in oxidation potential of the
additive, which occurs at lower potentials when first oxidized after the first charge.
At such highly oxidizing potentials, it is likely that the electrolyte solvent is oxidizing
in conjunction with the electrolyte additive but, based on control experiments, the
additive is the primary contributor to the long plateau observed at approximately 4.9
V. Allowing the additive to oxidize to depletion on the first charge results in decreased
discharge capacities, likely due to the extent of electrolyte solvent decomposition
and the surface layer being thick enough to noticeably start impeding ionic transport.
Based on some preliminary results, the beneficial effects on capacity retention occur
to a greater degree when the additive is oxidized after the first cycle, i.e. after the
structural transformations occur.

Scanning electron microscopy with electron dispersive X-ray spectroscopy (SEM/EDX)
was used to look directly at the surface of the cathode material particles (Figure 3.6).
The samples imaged include a pristine electrode and electrodes removed from coin
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Figure 3.5: (a) Galvanostatic charge/discharge curves at a rate of C/10 given one
electron of a Li2RuO3 cell with TMPi additive cycled to 4.4 V upper cutoff for six
cycles then to 4.8 V. (b) Discharge capacity vs. cycle number of the cell with TMPi
additive and two control cells cycled to 4.4 V and 4.8 V.

cells having been soaked in the electrolyte, fully charged, or fully charged and dis-
charged. Aside from the pristine sample, all electrodes are thoroughly washed with
DMC to remove all traces of unreacted TMPi additive and LiPF6 supporting elec-
trolyte. The particles of Li2RuO3 in the pristine electrode are 1 to 10 µm in diameter.
EDX mapping shows no detectable P on the surface of the pristine electrode. Upon
soaking the cathode in the electrolyte with TMPi added for several hours, there is
no observable change in the particle morphology. The EDX map shows a small
peak corresponding to <1% P in the cathode. Upon fully charging the cell and
allowing for oxidation of TMPi as evidenced by a long plateau at high potentials,
many of the larger particles are cracked but no obvious surface film is observed.
EDX mapping of charged and discharged electrodes show an increased amount of P
in the electrode after electrooxidation, which suggests that the phosphite additive is
oxidizing onto the cathode surface irreversibly. However, the phosphorus is highly
dispersed across the surface of the electrodes, implying that the TMPi does not ox-
idize preferentially onto the cathode material and instead oxidizes indiscriminately
on Li2RuO3 and conductive carbon in the composite electrode, which is expected
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for an electrooxidation process.

Figure 3.6: Ex situ scanning electron microscope images of a Li2RuO3 cathode
(a) pristine; (b) soaked in electrolyte; (c) fully charged; and (d) fully discharged.
Electron dispersive X-ray spectroscopy (EDX) maps of (e) P and (f) Ru of the fully
charged sample.

3.4 Potential Future Directions
If one were to expand upon the results described herein, the focus should be on
advancing understanding of the effects of TMPi on the cycling of Li2RuO3. First,
the electrochemistry associated with the in situ oxidation should be optimized for
the duration of the additive oxidation and the ideal point during cycling for the
oxidation to take place. Once the electrochemistry is optimized, characterization
of the film on the cathode surface should be performed using a variety of spec-
troscopic and imaging techniques. Ex situ Raman spectroscopy may allow for the
characterization of amorphous species in the protective layer. X-ray photoelectron
spectroscopy (XPS) may be used to observe elemental composition of the surface
and provide information about the electronic states of those elements, including P
and O. Comparisons should be made with cells cycled without the additive to look
at any changes to the behavior of Ru at various states of charge. With respect to
imaging, SEM/EDX should continue to be used to look at particle morphology and
P content. Transmission electron microscopy (TEM) may also be used to look more
closely at the thickness and homogeneity of the surface layer. Upon fully optimizing
the experimental conditions for TMPi, similar additives with different functional
groups should be explored to tune the oxidation potential of the additive, ideally
shifting it to lower potentials such that the additive can be oxidized onto the cathode
surface before the first charge.
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3.5 Conclusions
The research described in this chapter lays the groundwork for additional exploration
into ways to stabilize the high-energy surfaces of Li-rich oxide cathodes that act
as active sites for unwanted side reactions like electrolyte decomposition at high
voltages. From the work in Sections 3.3 and 3.3 detailing the two approaches to
stabilizing surface defects, we know that these types of adsorbable additives do not
necessarily have a significant impact on the structural transformations taking place
in Li2RuO3. As such, targeting specific surface defects with electrolyte additives
may not be a viable approach to preventing large-scale structural changes that result
from high degrees of delithiation and anion involvement in the redox. However,
the work described in Section 3.3 indicates that preventing the structural distortions
may not be necessary if the goal is high capacities and improved cycle life. Instead,
in situ oxidation of additives with specific chemical properties onto the cathode
composite surface, specifically after the first-charge structural changes have already
taken place, may be the key to improved performance in layered Li-rich oxide
materials. This work and any future work in this area will inform the design of
new cathode materials and electrolytes, providing access to Li-ion batteries with
capacities over twice that of current industry standards (e.g. LCO).

3.6 Experimental Methods
Electrode Fabrication. Electrode slurries were prepared by suspending 80/10/10
(wt%) active material, conductive carbon (SuperP, Alfa Aesar, > 99%), and PVDF
binder (MTI) in N-methyl-2-pyrrolidone (ca. 2 times by mass of total solids)
(Sigma-Aldrich, 99.5%) with a centrifugal mixer (Thinky USA). Electrode films
were prepared by doctor blading onto carbon-coated Al foil (MTI) at a 20 `m
thickness. The films were dried in air and 1/2" diameter electrodes were punched
from the film. The electrodes were dried in a vacuum oven at 110 ◦C for at least 12
h, yielding an active material loading of 4-6 mg.

Electrochemical Testing. All electrochemical cells were assembled inside an Ar-
filled glovebox (H2O and O2 < 1 ppm). Electrochemistry with slurry-cast electrodes
was performed in 2032 coin cells (MTI) with a Li foil anode (Alfa Aesar, > 99.9%,
0.75 mm, mechanically cleaned immediately before cell assembly), polypropylene
separator (Celgard 2400), c.a. 4 drops of LP100 electrolyte, and a working electrode
of 80 wt% active material as described above. The LP100 electrolyte was prepared
as a 1 M solution of LiPF6 (Oakwood Chemical, Battery Grade) in a 1:1:3 (by
volume) mixture of ethylene carbonate (EC), propylene carbonate (PC), and dimethyl
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carbonate (DMC) (all Sigma, > 99%, anhydrous). The solution was prepared in a
dried HDPE bottle. The liquid carbonates (DMC and PC) were stored over activated
molecular sieves (3 Å, Beantown Chemical) prior to use. All solid electrolyte
additives were dried on a Schlenk line prior to use, and all liquid electrolyte additives
were freeze-pump-thawed to remove any residual water. All materials were charged
(oxidized) and discharged at the rate indicated (based on one electron per formula
unit). All voltages are vs. Li/Li+. Electrochemical experiments were performed
with a BCS 805 battery cycler (Bio-Logic) unless otherwise specified. Cyclic
voltammograms were collected at a rate of 0.05 mV s−1 with a VMP3 potentiostat
(Bio-Logic).

Imaging. Scanning electron microscopy of cathode composites was performed
using a ZEISS 1550VP field emission SEM with an acceleration voltage of 10 kV.
EDX mapping was performed with an Oxford X-Max SDD X-ray Energy Dispersive
Spectrometer system attached to the SEM at an acceleration voltage of 15 kV.
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C h a p t e r 4

MULTIELECTRON, CATION AND ANION REDOX IN
LITHIUM-RICH IRON SULFIDE CATHODES

Adapted from: Hansen, C. J.; Zak, J. J.; Martinolich, A. J.; Ko, J. S.; Bashian, N.
H.; Kaboudvand, F.; Van der Ven, A.; Melot, B. C.; Nelson Weker, J.; See, K. A.
Multielectron, Cation and Anion Redox in Lithium-Rich Iron Sulfide Cathodes. J.
Am. Chem. Soc. 2020, 142, 6737–6749.

Chapter Abstract

Conventional Li-ion cathodes store charge by reversible intercalation of Li+ coupled
to metal cation redox. There has been increasing interest in new materials capable
of accommodating greater than one Li+ per transition metal center, thereby yielding
higher charge storage capacities. We demonstrate here that the lithium-rich layered
iron sulfide, Li2FeS2, as well as a new structural analog, LiNaFeS2, reversibly store
≥ 1.5 electrons per formula unit and support extended cycling. Ex situ and operando
structural and spectroscopic data indicate that delithiation results in reversible oxida-
tion of Fe2+ concurrently with an increase in the covalency of the Fe-S interactions,
followed by reversible anion redox: 2 S2– /(S2)2– . S K-edge spectroscopy unequiv-
ocally proves the contribution of the anions to the redox processes. The structural
response to the oxidation processes is found to be different in Li2FeS2 in contrast
to that in LiNaFeS2, which we suggest is the cause for capacity fade in the early
cycles of LiNaFeS2. The materials presented here have the added benefit of avoiding
resource-sensitive transition metals such as Co or Ni. In contrast to Li-rich oxide
materials that have been the subject of so much recent study, and that suffer capacity
fade and electrolyte degradation issues, the materials presented here operate within
the stable potential window of the electrolyte, permitting clearer understanding of
the underlying processes.
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4.1 Introduction
Li-rich metal oxides, such as Li2RuO3 originally studied by Goodenough and
coworkers in 1988,[28] have attributed redox at high states of charge to oxida-
tion of the oxide anions to form peroxo-like moieties.[16, 24, 25, 51, 100–102] Such
a mechanism is termed "anion redox" but the covalency of the Li-rich metal oxides
makes it difficult to determine exactly where the oxidation is originating. Oxide
cathodes can also irreversibly evolve O2[50, 51, 103, 104], CO2, and CO[41] upon
oxidation at high voltages as demonstrated in Chapter 2. The nature of structural
distortions, and even direct oxygen-related characterization, in Li-rich oxide mate-
rials at high states of charge is unclear and difficult, in part due to convolution of
the data from electrolyte decomposition at high potentials.

Because of the complications associated with the high potentials required to access
anion redox in oxides, we aim to study anion redox in Li-rich materials within
conventional carbonate electrolyte stability windows. Sulfides are excellent can-
didates as sulfide oxidation occurs at much lower potentials than oxide oxidation.
Layered metal-sulfides, such as the canonical TiS2 identified by Whittingham in
1976,[105] have been studied at length as intercalation hosts.[106–113] Li-rich sul-
fides have gained interest in the community to study anion redox very recently.
A few new alkali-rich sulfides have been reported including Li2TiS3,[114–116]
Li1.2Ti0.6S2,[117] and Li1.33−2x/3Ti0.67−x/3S2.[118] Data to support anion redox in
Li1.33−2x/3Ti0.67−x/3S2 includes shifts in the S L-edge and S K-edge along with the
appearance of a new feature in the S 2s region of the X-ray photoelectron spectra
upon charging.[118] Saha et al. mention that the sulfide oxidation does not neces-
sarily cause persulfide bond formation and leave the existence of S2−

2 vs. S𝑛− (n <
2) open for debate.[118]

To study anion redox in sulfides, we turn to the original Li-rich sulfide material:
Li2FeS2. Li2FeS2 was reported by Sharma et al. in 1976.[119] Li2FeS2 crystal-
lizes as a layered material. Li occupies a layer of edge-sharing octahedral sites
separated by a layer of mixed Li/Fe edge-sharing tetrahedral sites.[120] Early re-
ports suggested that Fe occupies the octahedral sites,[121] but Batchelor et al.
reported definitive single crystal diffraction data to confirm the Fe is in fact in
shared tetrahedral sites,[120] which is supported by Mössbauer spectroscopy, in-
frared spectroscopy,[122] and extended X-ray absorption fine structure (EXAFS)
data (see Figure 4.1).[123]

Early studies of the redox behavior of Li2FeS2 were largely separated into elec-
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trochemical experiments[124–126] and characterization of chemically oxidized
material.[122, 124, 127] The theoretical capacity of Li2FeS2 is 400 mAh g−1 assum-
ing a 2 e− oxidation per formula unit. Previous studies have shown electrochemical
oxidation between 1.5-2 mol e− per formula unit[126, 128] making Li2FeS2 a good
material system to study multielectron redox. Li2FeS2 has also been used as cath-
odes in full cell geometries with graphite anodes.[128] The oxidation mechanism
has been suggested to involve first a single-phase deintercalation of Li+ resulting
in some Fe2+ oxidation to Fe3+ followed by a two-phase oxidation resulting in S2−

oxidation to S2−
2 . Infrared spectroscopy on chemically delithiated samples suggests

persulfide moieties form with oxidation of greater than one electron per formula
unit.[122] Assignments of the Mössbauer spectra suggest that chemical oxidation
by < 1 e− (i.e. in the range 0 ≤ x ≤ 1 in Li2−xFeS2) proceeds through the Fe2+/3+

couple, with no further oxidation to Fe4+ even up to removal of 2 electrons.[125, 127]
More recent work on the material has focused on varied syntheses of Li2FeS2 aiming
to utilize lower temperatures or different precursors.[128, 129]

Along with Li2FeS2, we report a new isostructural phase LiNaFeS2. Na+ is a
larger monovalent cation compared to Li+ and therefore preferentially occupies the
octahedral site. Both materials support oxidation at > one electron per Fe providing
a basis to study the possibility of anion redox. By correlating the electrochemical
performance with detailed structural and spectroscopy data, we demonstrate that the
multielectron redox involves reversible cation and anion redox in both materials.

4.2 Results and Discussion
Structural Characterization
Preparation of Li2FeS2 produces a dense, polycrystalline boule with large hexagonal
facets visible on the surface suggesting solidification from the melt (Tm ca. 885 ◦C).[119]
The boule was subsequently ground to yield a dark grey/black powder with particles
having facets still visible to some extent. LiNaFeS2 was prepared at a lower tem-
perature and did not melt, thus retaining the pellet morphology. The as-prepared
LiNaFeS2 pellet is black and the color is retained upon grinding.

The structure was characterized with synchrotron powder XRD. The synchrotron
XRD pattern for Li2FeS2 is shown in Figure 4.1a along with the Rietveld refinement
and resulting difference curve. The refinement is a three-phase fit to Li2FeS2,
< 2 wt% Li2S, and < 3 wt% Li2FeOS. The remaining reflections of low intensity do
not correspond to any reasonable impurities, precursors, or decomposition products



43

from reaction with the silica tube or exposure to air. The Li2FeS2 structure can
be described by alternating layers of edge-sharing octahedral Li and edge-sharing
tetrahedral mixed Fe/Li. The anion sublattice forms a hexagonal framework of
sulfide anions. This structure is consistent with the structure reported by Dahn and
coworkers and is shown projected down the b-axis as an inset in Figure 4.1a.[120]
The lattice parameters of Li2FeS2 are a = 3.902 Å and c = 6.296 Å, in good
agreement with those reported by Batchelor et al.[120]

Figure 4.1: Synchrotron powder X-ray diffraction of (a) Li2FeS2 and (b) LiNaFeS2.
The Rietveld refinement and resulting difference trace are shown for each material.
The refinement in (a) is a three-phase fit to Li2FeS2, < 2 wt% Li2S and < 3 wt%
Li2FeOS, while the refinement in (b) is a fit to a single LiNaFeS2 phase. The tick
marks identify the locations of the Bragg reflections of the phases included in the
fits.

The XRD of LiNaFeS2 along with the Rietveld refinement and resulting difference
curve is shown in Figure 4.1b. The structure is well described by the same space
group as Li2FeS2 (P3̄m1) with Na atoms replacing the octahedral Li sites and
expanding the lattice, similar to other materials in the same structure type (e.g.
NaCuMS2 where M = Mn, Fe, Co, Zn).[130] The fit shown in Figure 4.1b is a
single-phase fit yielding lattice parameters of a = 3.959 Åand c = 6.785 Å, indicating
a lattice expansion of ca. 9% by volume to accommodate the Na atoms. Similar to
the Li2FeS2 pattern, several additional reflections are found at low intensity that are
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not ascribable to any reasonable impurities, but they are also different from those
found in Li2FeS2.

In both Li2FeS2 and LiNaFeS2, Fe occupies the tetrahedral site. We attempted to
refine the XRD data with Fe in the octahedral site or with mixed occupancy with
the octahedral site, which resulted in incorrect intensity profiles for the observed
reflections. The XRD data were refined as a 1:1 occupancy of Li and Fe on the
tetrahedral site, suggesting that the tetrahedral site is mixed with no evidence of
ordering. The Fe edge XAS (see Section 4.2) provides further evidence for tetrahe-
dral Fe. Furthermore, Fe was definitively reported to be tetrahedrally coordinated
by Dahn and coworkers using single-crystal diffraction[120] after suggestions from
infrared spectra and Mössbauer data.[122, 127]

Electrochemical Characterization
The two isostructural materials were electrochemically characterized to evaluate
their ability to support reversible redox processes. Both materials were cycled in
half-cells with Li metal anodes and Li+ electrolytes. The galvanostatic discharge
and charge curves for Li2FeS2 and LiNaFeS2 are shown in Figure 4.2. The first
charge curve (corresponding to removal of Li+ from the lattice) for Li2FeS2, shows
several inflections in the early part of the curve at ca. 0.5 mol e− followed by a
long plateau accounting for ca. 1 mol e−. The discharge curve does not mirror the
charge curve and shows a single plateau with a sloping region below ca. 2.1 V. The
dissimilarity between the charge and discharge curve could indicate that the charge
processes are irreversible causing the material to follow a different mechanistic
pathway upon reduction. The second charge, however, is nearly identical to the first
suggesting a similar oxidation mechanism and reversible behavior. The reversibility
of the first charge curve is a very different behavior than is observed in the Li-rich
oxides, which show different curves along with a significant capacity drop after the
first cycle.[24, 25] For Li2FeS2, the features in both the charge and discharge curves
are reversible despite the dissimilarity in the shapes with a slight capacity fade over
cycling.

Compared to the first charge of Li2FeS2, the charge curve of LiNaFeS2 initially
shows a flatter initial plateau at slightly higher potentials up to 0.5 mol e− followed
by a more sloping high voltage plateau accounting for ca. 1 mol e−. The shape of
the discharge curve is similar to that of Li2FeS2. The curves are measured in Li+

electrolytes and, therefore, the discharge curve likely corresponds to incorporation
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Figure 4.2: Galvanostatic cycling of (a) Li2FeS2 and (b) LiNaFeS2 at C/10 based on
1 e− per formula unit.

of Li+ as the activity of Li+ is much higher in the electrolyte compared to Na+. The
second oxidation curve resembles the features observed in the Li2FeS2 curve below
2.5 V suggesting that the material formed after the first discharge is acting similarly
to Li2FeS2. The plateau at ca. 2.5 V on charge remains more sloping compared
to the plateau in Li2FeS2. The change in shape of the voltage profile on charge is
maintained in subsequent cycles, which can be observed in the cycle 50 trace.

The capacity in Figure 4.2 is shown in mol of e− to facilitate direct comparison
between Li2FeS2 and LiNaFeS2. The moles of alkali extracted upon oxidation
for both materials is much greater than one confirming that both structures can
undergo multielectron redox. We note that some excess capacity in Li2FeS2 could
be attributed to the Li2S impurity. Assuming full oxidation of the Li2S, only
0.15 mol e− (≤ 30 mAh g−1) can be attributed to the impurity. The reversibility of
the multielectron redox is very good with average first cycle Coulombic efficiencies
of 98% for both Li2FeS2 and LiNaFeS2.

To probe the shape of the profiles at near-equilibrium conditions, galvanostatic
intermittent titration (GITT) was measured on both materials. The GITT traces for
Li2FeS2 are shown in Figure 4.3a overlaid with the trace obtained at C/10 (based on
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one electron).The near-equilibrium voltages measured for Li2FeS2 reasonably trace
the observed profile at C/10. The overpotentials, approximated by the difference
between the potential with applied current and that at open circuit, are much smaller
in the initial oxidation processes of Li2FeS2 compared with those measured in the
2.5 V plateau. The low overpotential combined with the sloping profile associated
with the oxidation process could indicate intercalation-like behavior with relatively
fast kinetics. The 2.5 V plateau shows larger overpotentials that could originate from
the slower kinetics associated with a two-phase reaction. Experimental[125] and
computational[131] studies have suggested that deintercalation of 0.5 Li equivalents
causes a phase change, which could correspond to a change in conductivity and
cause the larger overpotentials in GITT. The GITT trace of the second charge shows
very similar results as shown in Figure 4.3c,d.

Figure 4.3: GITT curves of the first cycle of (a) Li2FeS2 and (b) LiNaFeS2 shown
with representative C/10 traces. GITT was obtained at C/10 based on 1 e− per
formula unit for 20 min separated by 4 h rest periods at OCV.

The GITT profile of LiNaFeS2 shows different behavior than Li2FeS2. The GITT
traces for LiNaFeS2 are shown in Figure 4.3b. The initial oxidation processes show
larger overpotentials and the 2.5 V plateau also shows larger overpotentials compared
to Li2FeS2. The near-equilibrium voltages in the GITT trace track the sloping
shape of the second plateau, suggesting that the sloped behavior is indicative of the
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oxidation mechanism and is not a feature imposed by sluggish kinetics. Interestingly,
the second plateau retains the sloping shape above 2.5 V in the second charge profile
of LiNaFeS2, contrary to the flat plateau in Li2FeS2. The overpotential of the initial
oxidation process, however, drops substantially and appears more similar to the
Li2FeS2 trace, likely due to the deintercalation of Li+ as a result of lithiation during
first discharge.

The GITT data of the discharge profiles are also shown in Figure 4.3. In Li2FeS2,
the polarization decreases as the voltage profile begins to slope downwards after
the plateau on discharge; however, the disparity is not as distinct as in the case of
charging. A similar trend is observed in LiNaFeS2.

The materials were cycled to determine the capacity fade as a function of cycle
number. The discharge and charge capacity over 100 cycles are shown in Figure 4.4a.
The error bars indicate the standard deviation of at least three replicate cells. Li2FeS2
shows a low capacity fade of ca. 0.5% per cycle over the first 10 cycles and 0.4%
per cycle thereafter, despite little attempt to optimize electrode engineering. The
shape of the voltage profile for Li2FeS2 is maintained upon cycling suggesting that
the capacity loss is not occurring preferentially from any one part of the curve. The
cycling data of LiNaFeS2, however, show a much faster drop in capacity over the
first several cycles corresponding to ca. 2% per cycle over the first 10 cycles and
0.8% per cycle thereafter.

Rate capability experiments further demonstrate the unique electrochemical behav-
ior between the two materials. Figure 4.4b shows the capacity as a function of rate
with error bars indicating the standard deviation between at least three replicate
cells. The rate capability of LiNaFeS2 is worse than that of Li2FeS2. LiNaFeS2
deviates significantly from Li2FeS2 at C/2 and 1C. Upon comparing the shapes of
the profiles at different rates, the sloping oxidation profile in Li2FeS2 and in cycles
2 onward in LiNaFeS2 exhibits little to no change in voltage up to a rate of C/2
due to the small overpotentials associated with this oxidation process as measured
by GITT. The discharge plateau in both materials, however, systematically drops
in voltage with increasing rate due to the kinetic limitations associated with the
reduction. A comparison of the evolution of the profiles as a function of C rate can
be found in Figure 4.4c,d.
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Figure 4.4: (a) Comparison of long term cycling performance of Li2FeS2 and
LiNaFeS2 at C/10 based on 1 e− per formula unit. (b) Galvanostatic cycling of
Li2FeS2 and LiNaFeS2 at various rates (indicated). In both (a) and (b), the average of
three replicate cells is shown along with error bars indicating the standard deviation.
The voltage profiles of (c) Li2FeS2 and (d) LiNaFeS2 cycled at different rates as
summarized in (b).

Characterization of the Redox Processes
Both Li2FeS2 and LiNaFeS2 reversibly cycle > one electron per transition metal.
The excess capacity could originate either from multielectron oxidation of the Fe,
oxidation of the S, or some combination thereof. To understand the redox processes
in the sulfide systems, we pursued a variety of characterization techniques to ascribe
oxidation states and local environments at various SOCs. The materials were probed
ex situ in four conditions: (1) as-prepared, (2) charged to 2.5 V, (3) fully charged
to 3 V, and (4) fully charged then fully discharged to 1.7 V. The approximate
stoichiometry at each SOC is as follows: (1) (LiA)2FeS2, (2) (LiA)1.25FeS2, (3)
(LiA)0.25FeS2, and (4) (LiA)2FeS2 where A = Li or Na.

To probe the activity of Fe during oxidation, Fe K-edge XAS was measured at the
four SOCs for both Li2FeS2 and LiNaFeS2. The pre- and near-edge data for Li2FeS2
and LiNaFeS2 are plotted in Figure 4.5a and b, respectively. The Fe K-edge in
general shows two prominent features: a pre-edge feature denoted as a ascribed to
the weakly allowed Fe 1s to Fe 3d transition near 7113 eV, which is very sensitive
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to local changes in symmetry, and the K-edge denoted as C, which is sensitive to
changes in oxidation state. Upon oxidation to 2.5 V, the rising edge denoted as b
shifts to higher energy in both materials. The position of the rising edge is more
easily observed in the first derivative of the near-edge region, shown in Figure 4.5c
and d. The rising edge shifts by 1 eV from 7117.2 eV to 7118.2 eV in Li2FeS2 and
LiNaFeS2 indicating oxidation of Fe2+. Concurrently, the intensity of the pre-edge
feature increases indicating a less distorted tetrahedral environment. Previous work
by Kowalska et al. on dinuclear Fe complexes where Fe is in the 2+ or 3+ oxidation
state in a tetrahedral environment with bridging S atoms agrees well with our results
with a pre-edge feature at 7112-7113 eV and the rising edge at ca. 7117 eV for Fe2+

and a positive shift to ca. 7119 eV for Fe3+.[132]

Figure 4.5: Ex situ Fe K-edge XANES of (a) Li2FeS2 and (b) LiNaFeS2 composite
electrodes at various states of charge. The first derivative of the rising edge for (c)
Li2FeS2 and (d) LiNaFeS2 allows for clear observation of the rising edge position.
The dashed lines indicate the positions of the pre-edge features, a, at 7113 eV and
the rising edges, b, 7117.2 eV and 7118.2 eV. The K-edge is labeled as C.

We next discuss the behavior of the Fe K-edge between 2.5 V and 3 V, corresponding
to the plateau in Li2FeS2 and the sloping plateau in LiNaFeS2. The shape of the pre-
edge feature a and the XAS overall does not change in this region for either material.
The position of the rising edge b remains at 7118.2 eV, as seen in Figure 4.5c and d,
and the pre-edge feature a intensity does not change much indicating that Fe plays a
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minimal role in the high voltage oxidation processes that correspond to essentially
a one electron oxidation.

The Fe K-edge XAS of the discharged samples show significant changes compared to
that of the oxidized materials. The pre-edge feature a decreases in intensity closely
resembling the pristine materials for Li2FeS2 and LiNaFeS2. The rising edge b
similarly shifts back to 7117.2 eV after reduction, suggesting the Fe2+ oxidation is
reversible. The intensity of the near-edge C, however, remains higher compared
to the pristine material with small changes in shape which could indicate that the
local structure does not mimic that of the pristine materials. Interestingly, the Fe
K-edge XAS shows nearly identical behavior for all four SOCs between Li2FeS2
and LiNaFeS2 despite the dissimilarities in the galvanostatic charging profiles.

The shift in the Fe K-edge data suggests that Fe is participating in oxidation below
2.5 V but no shift is observed upon subsequent oxidation to 3 V. To determine if
S is also redox active, S K-edge XAS was measured on the same set of samples.
S K-edge XAS has been used extensively to study the oxidation state of S and the
degree of covalency of the Fe-S bond in similar materials, such as FeS and FeS2,
and metalloproteins.[133, 134] The pre- and near-edge data at all four SOCs for
Li2FeS2 and LiNaFeS2 are plotted in Figure 4.6. First, we discuss the spectrum of
the pristine materials. The S K-edge spectra of both pristine materials show a strong
pre-edge feature, a, that arises when S is covalently bound to a transition metal. The
pre-edge feature a is assigned to the S 1s to Fe 3d transition, and the intensity of
the pre-edge is a direct probe of the covalency of the Fe−S bond[135] due to more
mixing of S 3s and 3p states with the Fe 3d.[136] The pre-edge feature is located
at ca. 2469 eV in both pristine materials, which is on par with the pre-edge feature
in tetrahedral FeS (2469.9 eV).[137] Both the pre-edge location (ca. 2469 eV) and
uniform, narrow shape in the initial spectra align well with the expected signature
for a sulfide (i.e. S2– ) moiety in both materials.[138–142]

Upon charging to 2.5 V, the intensity of the pre-edge feature a increases signifi-
cantly. The increase in intensity is associated with better mixing of the S 3s and
2p with the unoccupied Fe 3d states, leading to a more covalent Fe-S bond. The
enhanced covalency is correlated with the shift in the Fe K-edge, suggesting that
the first oxidation process involves oxidation of bands with both Fe and S character.
Concurrently, a decrease in the Fe-S bond is observed in the Fe EXAFS data due
to an increase in the covalency of the Fe-S bond suggesting that oxidation involves
electrons in nominally antibonding orbitals (vide infra).
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Figure 4.6: Ex situ S K-edge XANES of (a) Li2FeS2 and (b) LiNaFeS2 composite
electrodes at various states of charge. The pre-edge feature, a, is observed at
2473.0 eV along with the K-edge features, b-d, at higher energies.

Upon full charge to 3 V, a new pre-edge feature appears at a higher energy (c.a.
2472 eV) than the sulfide feature suggesting a new transition associated with oxidized
S (relative to S2−). A feature of similar shape and at the same energy (ca. 2475 eV) is
observed in reference spectra of pyrite-FeS2, which contains persulfide dumbbells of
formal oxidation state S2−

2 .[139, 143, 144] We therefore suggest that the new feature
in the S K-edge XANES is indicative of oxidized S. Evidence of S-S bond formation
yielding a persulfide, S 2–

2 , has been previously observed by IR spectroscopy as a
result of chemical oxidation when 1 ≤ x ≤ 2 in Li2−xFeS2.[122] We will therefore
refer to the oxidized S moieties as persulfides. Contrary to pyrite FeS2, though,
charged Li2-xFeS2 contains both sulfide and persulfide features in the XAS.

The persistence of sulfide character in LixFeS2 (x ≈ 0.5) agrees well with the
measured capacity between 2.5 V and 3 V of ca. x = 1, or 1 e−1 per formula
unit. Full oxidation of the sulfide to persulfides would require a 2 e− oxidation per
formula unit. Because the charge passed galvanostatically above 2.5 V is ca. 1 e−1

per formula unit and the evolution of the persulfide features in the XAS is limited to
above 2.5 V, we suggest that the formal charge state of S in the material can therefore
be approximated as S2– (S 2–

2 )1/2.
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Upon discharging Li0.5FeS2, S XAS features closely resemble those in the pristine
material. The strong pre-edge feature at 2472 eV indicative of persulfides is no
longer present, suggesting that sulfide oxidation to persulfide is reversible. We
note that the galvanostatic profile of the second charge cycle overlays well with the
first with a high Coulombic efficiency of ca. 98% on the first cycle confirming the
reversibility of the anion redox.

The same trends are observed in LiNaFeS2, as shown in Figure 4.6b. A strong
pre-edge feature at 2472 eV appears in LiNaFeS2 charged to 3 V. Upon discharging,
the feature is absent. The combination of the Fe and S K-edge XAS for both
materials suggests that the oxidation below 2.5 V can be ascribed to an oxidation
of the covalent Fe-S bond while oxidation processes above 2.5 V can be ascribed to
oxidation of S2− to S2−

2 .

The Fe and S K-edge XAS provide strong evidence for anion redox in Li2FeS2 and
LiNaFeS2. However, spectroscopically, both materials behave similarly, and the
spectroscopy does not explain the deviation in cycling behavior between the two. To
further understand the bulk structural transformations, we performed operando XRD
during galvanostatic cycling. Figure 4.7a and b shows the charge and discharge curve
along with the operando diffraction of Li2FeS2. The strongest reflection, associated
with the (001), is highlighted and encapsulates observed changes across the entire
Q range. Uniaxial compression of the cell causes some preferential orientation of
the plate-like crystals, increasing the intensity of the (001) and (002) reflections
compared to the computed powder pattern.

Upon oxidation up to 2.5 V, the position of the (001) reflection shifts to higher Q
corresponding to a contraction of the lattice. New reflections are not observed in
the initial oxidation region and the intensity of reflections in the parent material
slightly decrease. Contraction of the lattice and persistence of the reflections in the
parent material are classic indications of solid-solution intercalation chemistry, by
which the resulting material after removal of Li+ is crystallographically related to
the parent material. The contraction is not purely monotonic, however, possibly
suggesting some ordering during the first oxidation step, which would explain the
small steps in the oxidation curve. High-resolution synchrotron XRD data coupled
to neutron diffraction are required to accurately determine the phases in the first
oxidation region and will be the subject of future work.

Above 2.5 V, the (001) reflection continues to shift to higher Q suggesting further
contraction of the lattice. The intensity of the (001) reflection significantly decreases
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Figure 4.7: (a) Galvanostatic charge and discharge curve of Li2FeS2 obtained during
operando XRD and (b) the corresponding diffraction patterns with a focus on the
(001) reflection. (c) Galvanostatic charge and discharge curve of LiNaFeS2 obtained
during operando XRD and (d) the corresponding diffraction patterns with a focus on
the (001) reflection. The capacity obtained on charge in this cell was 334 mAh g−1 (or
ca. 1.7 electrons) for Li2FeS2 and 268 mAh g−1 (or ca. 1.5 electrons) for LiNaFeS2,
consistent with the other cell geometries in this work. The cells were allowed to
rest at open circuit for the first two scans (thus the voltage is constant for the first
ca. 1 h).

above 2.5 V due to loss of long-range order which corresponds to a loss in intensity
of the other Bragg peaks in the diffraction patterns. The position of the peak
maximum is tracked as a function of oxidation and the maximum abruptly shifts to
a new position around 11 h suggesting that the broadening of the (001) reflection
is due to the gradual appearance of a new reflection at higher Q. Such behavior is
consistent with a two-phase mechanism and corresponds well with the flat plateau
in the charge profile. The other reflections have lower intensity but show similar
shifts.

After charging to 3 V, the cell is discharged to 1.7 V. Upon reduction, the visible
reflections shift to lower Q indicating lattice expansion. The (001) again jumps
abruptly to a lower Q value suggesting a two-phase mechanism during discharge.
The long-range order of the starting material, however, is not recovered as indicated
by the loss of diffraction intensity even after complete discharge, which is rather
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surprising due to the similarity in shape and charge between the first and second
cycles shown in Figure 4.2.

Figure 4.7c and d show the galvanostatic charge and discharge curve and the
operando XRD for the first cycle of LiNaFeS2. Upon oxidation to 2.5 V, the
(001) reflection shifts to higher Q corresponding to lattice contraction, similar to
Li2FeS2. The original peak fades during the first oxidation region gradually giving
rise to a peak at higher Q suggesting a two-phase mechanism, corresponding well
with the flat charge plateau. New reflections evolve on the shoulder of the parent
material at slightly higher Q suggesting nucleation of a new but crystallographically
related phase. The Q shift is larger for LiNaFeS2, which could indicate that Na+ is
deintercalated at these potentials causing a greater change in the lattice parameter,
compared to smaller Li+.

Upon oxidation above 2.5 V in LiNaFeS2, the evolution of the Bragg reflections
is again different from that in Li2FeS2. The new reflection continues to shift
monotonically to higher Q. The intensity of the reflection drops significantly due to
loss in long-range order. The only crystallographic reflection remaining at the end
of charge is in the range where we would expect the (001) reflection, suggesting
that the layers remain somewhat intact. The lattice contraction incurred during the
charge of LiNaFeS2 is significantly greater than that for Li2FeS2, which could have
implications on reversibility.

The (001) reflection shifts to lower Q as the material is discharged, corresponding
to lattice expansion. The (001) peak is short lived during the discharge, however,
indicating that long-range order continues to be lost during reduction. Because of
the low intensity of the (001) reflection during discharge and loss of other reflections
in the diffraction patterns, it is difficult to comment on the mechanism. We note,
however, that the reflection shifts to a Q range in which the (001) is observed in
pristine LiNaFeS2 suggesting that some Na remain in the layers keeping the unit cell
expanded relative to Li2FeS2.

Both Li2FeS2 and LiNaFeS2 suffer a loss of long-range order during charge that is
not recovered upon discharge. Therefore, a more local structure probe is needed to
understand the redox mechanisms. To evaluate the Fe site specifically, we turned
to ex situ Fe K-edge EXAFS analysis. Fe-specific correlations are observed by
analyzing oscillations in the extended X-ray absorption fine structure at energies
> 50 eV above the absorption edge. The Fourier transform of the data results in a
histogram of correlations that can be fit with defined scattering paths to determine
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the bond lengths and coordination numbers associated with the first and second
coordination shells. The EXAFS data for Li2FeS2 and LiNaFeS2 at various states
of charge can be found in Figure 4.8a,b.

Figure 4.8c and d show the bond lengths and coordination numbers (N) for the first
coordination shell of Fe in Li2FeS2 and LiNaFeS2 at various states of charge. The
first coordination shell is associated with direct single scattering Fe−S paths only.
Upon charging the materials to 2.5 V, the Fe−S bond length decreases by 0.04 Å
and 0.08 Å in Li2FeS2 and LiNaFeS2, respectively. The decrease in Fe−S bond
lengths corresponds to the overall lattice contraction observed in the diffraction.
The decrease in Fe−S bond lengths also agrees well with the increases in covalency
of the Fe−S bond observed in the Fe and S K-edge XANES. The coordination
number for both materials starts around four as Fe occupies the tetrahedral site.
Oxidation causes a decrease in the coordination number which could be due to
Fe distorting further toward the base of the tetrahedron. The lower coordination
number indicates that Fe is not migrating to the octahedral sites as Li+ or Na+ is
removed. Interestingly, upon further oxidation to 3 V, the Fe−S bond lengths and
the coordination numbers in both materials do not change significantly suggesting
that the sulfide oxidation observed in the S K-edge spectroscopy does not affect the
Fe local structure.

Upon discharging to 1.7 V, the Fe-S correlation length increases to 2.31 Å and
2.32 Å in Li2FeS2 and LiNaFeS2, respectively, indicating that the Fe-S contraction
is reversible upon reduction. Although the Fe-S bond length increases, the coordi-
nation number remains lower than the pristine material after discharge, suggesting
that the discharged material does not completely recover the original structure.

Figure 4.8e and f show the bond lengths and coordination numbers for the second
coordination shell of Fe in Li2FeS2 and LiNaFeS2 at various states of charge. The
second coordination shell is made up of Fe-Fe correlations between neighboring
tetrahedral sites, again only taking into account direct single scattering paths. The
tetrahedral sites in both materials have mixed occupancy Fe and Li; however, the
scattering power of Li is very low so we assume the second shell correlations
observed in the EXAFS data are primarily neighboring Fe𝑇𝑑-Fe𝑇𝑑 . Initially, the
Fe𝑇𝑑-Fe𝑇𝑑 correlation lengths are much shorter in Li2FeS2 compared to LiNaFeS2
due to the expanded unit cell of the LiNaFeS2. Upon oxidation to 2.5 V, the Fe𝑇𝑑-
Fe𝑇𝑑 correlation lengths converge to similar values of 2.76 Å and 2.77 Å in Li2FeS2
and LiNaFeS2, respectively, suggesting similar local environments around Fe. After
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Figure 4.8: k3-weighted EXAFS data at the Fe K-edge of (a) Li2FeS2 and (b)
LiNaFeS2 at various states of charge. The first shell (c) bond lengths and (d) coordi-
nation numbers, N, along with the second shell (e) bond lengths and (f) coordination
numbers obtained from fitting the Fe EXAFS data. First shell correlations can be
ascribed to Fe-S and second shell correlations are dominated by Fe-Fe.

fully charging to 3 V, both materials exhibit a sharp decrease in the Fe𝑇𝑑-Fe𝑇𝑑
correlation length to around 2.70 Å once again indicating similar behavior during
the flat plateau herein attributed primarily to sulfide oxidation to persulfide. The
decrease could be explained by Fe becoming more centered in the tetrahedra as a
result of alkali removal, which is supported by the increase in magnitude of the pre-
edge in the Fe K-edge XANES. Upon discharge, both materials return to a similar
value as that observed in the pristine materials.

Discussion of the Oxidation Mechanism
Both Li2FeS2 and LiNaFeS2 achieve reversible, multielectron oxidation through
oxidation of both cationic and anionic electronic states. To gain insight into the
effect of the electronic structure on the oxidation mechanism, the partial density of
states (pDOS) was calculated with DFT. Figure 4.9a shows the calculated density
of states for the ordered form of Li2FeS2. The compound is predicted to adopt a
high spin configuration, with one spin channel completely filled (spin up, positive
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DOS) and the other spin channel (spin down, negative DOS) only partially filled.
Figure 4.9a shows that while many of the states have both Fe-d and S-p character,
those states at and immediately below the Fermi level are primarily of Fe-d character
suggesting that initial Li extraction from Li2FeS2 will be accompanied by electron
removal from Fe-d states, as observed in the Fe K-edge XAS data.

The pDOS was also calculated for the oxidized structure at a stoichiometry of
Li1.5FeS2, just before anion oxidation. The operando XRD data suggest deinterca-
lation through a solid-solution and thus the structure is modeled closely to that of
Li2FeS2 but with Li vacancies. Extensive calculations of the energies of different
Li-vacancy orderings reveal that the most stable structure contains only tetrahedral
vacancies. IR spectroscopy of chemically oxidized Li2FeS2 has also suggested that
Li is removed from the tetrahedral site.[122] Thus, Figure 4.9b shows the calcu-
lated density of states of Li1.5FeS2 with only tetrahedral vacancies. The pDOS of
Li1.5FeS2 are qualitatively similar to those of Li2FeS2. Nevertheless, a comparison
of the pDOS of Li2FeS2 and Li1.5FeS2 reveals a shift in the relative contribution
of Fe and S states in the spin down channels. While the pDOS indicate that the
electrons at the Fermi level occupy localized d-orbitals centered on Fe, their removal
upon Li extraction from Li2FeS2 to form Li1.5FeS2 triggers a rehybridization be-
tween Fe-d and S-p states below the Fermi level. The removal of electrons from Fe-d
states during Li-extraction should decrease the intrinsic energies of the remaining
d-electronic states due to a reduction of on-site Coulomb repulsion, thereby allowing
the remaining d-states to mix more covalently with the S p-states. The increase in
covalency after oxidation is observed directly by the increase in the intensity of the
pre-edge in the S K-edge XAS data. The increased contribution of S p-states to the
states at the top of the spin down channel when going from Li2FeS2 to Li1.5FeS2 is
evident in the charge density plots in Figure 4.9. The charge density plots for the
spin down channels near the Fermi level in both Li2FeS2 and Li1.5FeS2 are shown
in Figure 4.9c and d, respectively, allowing for the visualization of the localized
density on the Fe in both cases. The charge density plots for the spin up channels
are shown in Figure 4.9e and f showing the rehybridization of the electronic states
to cause an increase in covalency in the oxidized structure.

Since the Fermi level of Li1.5FeS2 coincides with states that are primarily of Fe-d
character, further topotactic Li removal from Li1.5FeS2 should proceed by means
of an Fe-redox process. However, the plateau in the experimental charge voltage
profile that starts at x = 1.5 and extends to approximately x = 0.5 signifies the
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Figure 4.9: Calculated spin-polarized partial densities of states of (a) Li2FeS2 and
(b) Li1.5FeS2 in which half of the tetrahedral Li sites are vacant. The charge density
plots for the spin down electronic states near the Fermi level in (c) Li2FeS2 and
(d) Li1.5FeS2. The charge density plots for the spin up electronic states near the
Fermi level in (e) Li2FeS2 and (f) Li1.5FeS2. The electronic states in the pDOS
are highlighted for all four cases in (a) and (b). While the Fermi level in both
compounds cuts through states that are primarily of Fe-d character, the extraction
of Li from Li2FeS2 to form Li1.5FeS2 results in a rehybridization between Fe-d and
S-p states that leads to an increased participation of S states below the Fermi level.
Calculations performed by F. Kaboudvand and A. Van der Ven.

occurrence of a two-phase reaction from Li1.5FeS2 to Li0.5FeS2 that undercuts the
continued removal of Li through a topotactic reaction. While the structural changes
accompanying this two-phase reaction remain difficult to characterize, the S K-edge
XAS evidence of S oxidation in Li0.5FeS2 indicates that the redox reaction during
the two-phase reaction has occurred at the S atoms. Efforts are ongoing to predict
the most stable S dimer configurations in layered Li0.5FeS2.

The S K-edge data shown here confirms oxidation of the S anions and previous IR
spectroscopy data suggest the formation of persulfides.[122] Determining exactly
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where the persulfide bonds are forming in the oxidized structure is difficult, but here
we hypothesize several possible structures. Prior to persulfide formation, roughly 0.5
equivalents of Li are removed from the structure. Figure 4.10a shows the delithiated
structure with Li vacancies in the tetrahedral sites with no structural distortions from
the fully lithated Li2FeS2 phase. Figure 4.10b shows a potential structure in which
cooperative tilting of the rigid tetrahedral Fe subunits form persulfide moieties. Such
cooperative tilting has been reported previously.[145, 146]

Figure 4.10: (a) Graphic representation of Li2−𝑥FeS2 with tetrahedral Li vacancies
and no structural distortions. (b) Graphic representation of hypothesized structural
distortions that could occur in Li2−𝑥FeS2 to result in persulfide moieties.

Clues to the location of the persulfide bond come from analyzing the EXAFS data.
Based on the Fe K-edge EXAFS, the Fe−S correlation length does not change sig-
nificantly between 2.5 and 3 V, which supports a mechanism of persulfide formation
that does not greatly disrupt the FeS4 tetrahedra. To maintain the average Fe-S corre-
lation length after persulfide formation, the structure depicted in Figure 4.10 is thus
possible. Furthermore, the corrugation in the corner sharing tetrahedral layer could
occur in both layers upon further delithiation from x > 0.5 theoretically allowing for a
total of one electron from anion oxidation, which is observed experimentally. After
the one electron oxidation of the anions, the structure suggested in Figure 4.10b
infers that half of the S atoms remain at the corners of two tetradedra. It would
therefore be difficult to imagine how the structure could accommodate additional
persulfide moieties. Thus, further anion redox would require either no structural
change, i.e. a hole on S resulting in a formal S𝑛− where n < 2, or cause a significant
phase change to resemble pyrite FeS2 in which all S atoms are found as persulfides
that link the Fe octahedra. Either scenario would likely incur a high energetic cost
and thus results in incomplete oxidation of the S anions experimentally.
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It is useful to compare the redox mechanisms of the alkali-rich iron sulfides with
that of FeS2, the stoichiometry of the fully delithiated material. FeS2 has been
studied extensively as a cathode for LIBs, with some similarities to Li2FeS2. Dahn
and coworkers showed that reduction of the persulfide in pyrite FeS2 is a kinetically
controlled process.[126] At higher temperatures (i.e. ≥ 37 ◦C) or at exceptionally
slow discharge rates (i.e. ≤ C/150), the formation of Li2FeS2 or similar material is
possible, as evidenced by the similarity between the charge profile of FeS2 discharged
to two Li per Fe and that of Li2FeS2. At ambient temperature or faster rates, Li+

diffusion within FeS2 is limited such that full reduction to local domains of Li2S
and metallic Fe occurs at the same potential as persulfide reduction to Li2FeS2, and
the two reactions cannot be distinguished from one another.[126, 147–151] Due
to the extensive structural rearrangement upon initial reduction, pyrite FeS2 cells
are irreversible as neither FeS2 nor a similar phase is reformed on charging.[111,
147, 149] Though pyrite FeS2 cells boast high initial discharge capacities of 600 to
800 mAh g−1, within 10 cycles even at exceptionally slow rates (𝐶/40), the capacity
decreases by over 50% to less than 300 mAh g−1.[147] Extended cycling results
in further capacity fade often to 100 mAh g−1 or less within tens of cycles. As
is true with many conversion chemistries, nanostructured FeS2, and related iron
sulfides such as Fe3S4 and FeS, in intimate contact with the conducting matrix of
the electrode results in better capacity retention.[152–154] In this study, however,
bulk Li2FeS2 prepared in simple composite electrodes shows capacity retention
rates of ≥99% per cycle (at 𝐶/10 based on one electron per Fe) over 100 cycles,
highlighting the reversible nature of the chemistry compared to the irreversible
conversion chemistry in FeS2 materials. Li2FeS2 in the charged state (i.e. Li𝑥FeS2)
thus does not resemble pyrite-FeS2. Aside from the difference in formal oxidation
state of the constituents (Fe2+/3+ and mixed S2− and S2−

2 vs. Fe2+and all S2−
2 in

pyrite), structural differences enable high reversibility for Li2FeS2 by maintaining
pathways for Li+ migration.

4.3 Conclusions
Li2FeS2 and LiNaFeS2 represent a set of isostructural materials capable of reversibly
storing ca. 1.5 mol e− per formula unit through both cation and anion redox. The
oxidation mechanism for both materials is identical from a spectroscopic perspective.
In the first region of the charge curve, formally Fe2+ is oxidized resulting in an
increased covalency of the Fe-S bonds observed by the increase in the S K-edge pre-
edge intensity and the shortening of the Fe-S bond in the EXAFS. Fe2+ oxidation is
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observed by a shift in the position of the Fe K-edge rising edge. Transition metal
oxidation only accounts for part of the curve, ca. 0.5 mol e−. The next ca. 1 mol e−

is ascribed to oxidation of the sulfide anionic states, S2−. The anion redox is
clearly observed in the S K-edge XANES data by the appearance of a well-defined
pre-edge feature and a shift in the near-edge position. Such oxidation has been
previously ascribed to the formation of persulfides, S2−

2 . We hypothesize that the
persulfide bonds are formed between corner sharing tetrahedra. Both cation and
anion redox are reversible as the S K-edge and Fe K-edge return to closely mimic the
spectra of the pristine material upon discharge. Structurally, however, the LiNaFeS2
undergoes a much greater lattice contraction upon oxidation compared to Li2FeS2,
which likely causes significant lattice strain over time limiting capacity retention.
Further exploration of new materials with reversible, anion redox based on covalent
metal-chalcogenide interactions will enable the development of next-generation Li
ion batteries with increased capacity.

4.4 Experimental Methods
Materials Preparation. All materials and precursors were handled inside an Ar-
filled glovebox (H2O and O2 < 1 ppm). Li2FeS2 was prepared by solid-state
synthesis, similar to the method provided by Batchelor et al.[120] Namely, powders
of Li2S (Beantown Chemical, 99.9%), Fe (Acros Organics, 99.0%), and pyrite-
FeS2 (Sigma, 99.8%) were ground in stoichiometric quantities and pressed into
pellets of 200-300 mg with a hand-operated arbor press. Pellets were placed inside
carbon-coated silica ampoules, evacuated to ≤ 10 mTorr, and sealed with a methane-
oxygen torch without exposure to air. The ampoule was heated at 5 ◦C min−1

to 500 ◦C with a dwell time of 12 h, then heated at 1 ◦C min−1C to 900 ◦C
followed by a dwell period of 16 h, during which the powders melt to form a molten
reaction mixture. LiNaFeS2 was prepared similarly but required lower temperatures
for complete reaction. First, Na2S was prepared from stoichoiometric Na (Acros
Organics, rod, 99.8%, mechanically cleaned prior to use) and S (S8 Acros Organics,
> 99.5%) in separate alumina crucibles (almath) in an evacuated silica ampoule.
The reactants were heated at 1 ◦C min−1 to 300 ◦C for 48 h and cooled ambiently
to room temperature. The ground product was a fine powder slightly tan in color.
The product was determined to be phase pure by XRD. Stiochiometric powders
of Li2S, Na2S, Fe, and S were ground and pressed into pellets of up to 600 mg
and subsequently sealed in evacuated silica ampoules. The pellet was heated in
the ampoule at 2 ◦C min−1 to 500 ◦C for 96 h. After ambient cooling to room
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temperature, the ampoules were opened inside the glovebox and the pellets were
ground into fine, black powders for further characterization.

Electrochemical Characterization. Electrode Fabrication: Electrode slurries
were prepared by suspending 50/40/10 (wt%) active material, conductive carbon
(SuperP, Alfa Aesar, > 99%), and PVDF binder (MTI) in cyclopentanone (ca. 9
times by mass of total solids) (Acros Organics, > 99%) with a centrifugal mixer
(Thinky USA). Electrodes were prepared by drop-casting the slurry on 1/2" diameter
carbon-coated Al foil current collectors (MTI). The films were dried in a vacuum
oven inside the glovebox at 100 ◦C for at least 12 h, yielding an active material
loading of 1-3 mg on each electrode. Alternatively, to obtain higher mass loading,
free-standing electrodes were prepared by hand grinding 60/20/20 (wt%) active
material, carbon, and PTFE binder (Sigma, 1 `m powder) into a film and pressing
into 3/8" diameter electrodes under ca. 1 ton of force to yield electrodes of 10-20 mg
(total).

Electrochemical Testing: All electrochemical cells were assembled inside an Ar-
filled glovebox (H2O and O2 < 1 ppm). All electrochemistry unless otherwise
noted was performed in 2032 coin cells (MTI) with a Li foil anode (Sigma, 99.9%,
0.75 mm, mechanically cleaned immediately before cell assembly), polypropylene
separator (Celgard 2400), ca. 4 drops of LP100 electrolyte (55±9 mg), and a working
electrode of 50 wt% active material as described above. The LP100 electrolyte was
prepared as a 1 M solution of LiPF6 (Oakwood Chemical, Battery Grade) in a
1:1:3 (by volume) mixture of ethylene carbonate, dimethyl carbonate(DMC), and
propylene carbonate (PC) (all Sigma, ≥ 99%). The solution was prepared in a
dried HDPE bottle by mixing of the carbonates and addition of the salt. Electrolyte
was not used for more than two weeks before a new solution was prepared. The
liquid carbonates (DMC and PC) were stored over activated molecular sieves (3 Å,
Beantown Chemical) prior to use. Both materials were charged (oxidized) at the
rate indicated (based on 1 e− per formula unit) to 3 V and discharged at the rate
indicated to 1.7 V. In some cases, a lower oxidation cutoff potential (e.g. 2.5 V) was
used as noted. All voltages are vs. Li/Li+. All electrochemical experiments were
performed with either a VMP3 mutli-channel potentiostat (Bio-Logic) or BCS 805
battery cycler (Bio-Logic). The current in the GITT experiments was C/10 based
on one electron per formula unit for 20 min separated by 4 h rest periods.

Structural Characterization. Powder X-ray Diffraction: High-resolution syn-
chrotron powder X-ray diffraction (XRD) was collected on samples sealed under
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vacuum in 0.7 mm (O.D.) glass capillaries (to prevent air-exposure) placed inside
of polyimide capillaries. The samples were measured on beamline 11-BM-B (_ =
0.412781 Å) at the Advanced Photon Source at Argonne National Laboratory.[155]
The diffraction patterns were fit with the Rietveld method using the General Struc-
ture Analysis System II (GSAS-II),[75] and visualization of the crystal structures
was aided by VESTA.[76]

Operando XRD was performed on a Bruker D8 Advance diffractometer with a Cu
source using a previously reported cell geometry.[156] The free-standing electrodes
were loaded into a modified stainless steel Swagelok cell with a Be window. The
operando electrochemical cell comprised of a 1.2" (I.D.) stainless steel Swagelok
union with a thin sheet of plastic wrapped around the interior of the cell to prevent
the electrodes from shorting. The stack inside the cell included the Be window
and current collector, the free-standing electrode (cathode), a glass-fiber separator
(Whatman, GF/D), a Li foil anode, a spacer, a spring, and a stainless steel plunger that
served as the other current collector. The cell was flooded with LP100 electrolyte
and sealed around the plunger with PTFE ferrules. The cell was placed on the
diffractometer stage such that the X-rays would directly access the cathode after
penetrating the Be window. A VMP3 mutli-channel potentiostat (Bio-Logic) was
used to perform the electrochemical experiments. The cell was cycled at C/10
based on one electron per formula unit. Powder patterns were collected continually
starting from cell assembly (including a hold at open circuit of ca. 1 h), with each
scan taking approximately 20 min.

X-ray Absorption Spectroscopy: Samples for ex situ X-ray absorption spectroscopy
(XAS) were prepared in 1/2" diameter Nylon Swagelok cells with a Li foil anode,
glass-fiber separator (Whatman, GF/D), ca. 10 drops of LP100 electrolyte (approx.
140 mg), and free-standing electrodes (prepared as described above). Electrodes
were measured in the following states: pristine, charged to 2.5 V, fully charged to
3 V, and fully charged then fully discharged to 1.7 V. The active material used in the
free-standing electrodes prepared for S K-edge XAS measurements was ball-milled
prior to electrode fabrication to reduce the particle size (below ca. 10 `m) and
limit self-absorption. After oxidizing or reducing the material galvanostatically to a
defined cutoff, the samples were extracted, dried under vacuum for > 4 h, and diluted
ca. 5:1 by mass with boron nitride (Alfa Aesar, 99.5%). All samples were measured
ex situ from three sweeps in both fluorescence and transmission modes, where the
data shown are the summed fluorescence data for each sample. Samples for Fe
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and S K-edge XAS were measured at beamlines 4-1 and 4-3, respectively, at the
Stanford Synchrotron Radiation Lightsource at SLAC National Accelerator Labora-
tory. Calibration, background correction, and data processing of X-ray absorption
near edge structure (XANES) and EXAFS was performed using Athena.[77] All S
K-edge XAS data were calibrated to a sodium thiosulfate standard that was repeat-
edly checked throughout experimentation to ensure a constant energy shift. The Fe
K-edge data were calibrated to a collinear Fe foil present for each sample.

EXAFS Fitting: Extended X-ray absorption fine structure (EXAFS) data analysis
and fitting were performed with the Athena and Artemis software programs from
the IFEFFIT suite.[77, 157] Normalized EXAFS oscillations as a function of the
photoelectron wavenumber (𝜒(k)) were obtained and fit in a k window of 2.9-3.1 to
11.2-11.7 Å−1 (sample dependent) with dk = 2 for the Fe K-edge. For the S K-edge,
a k window of 2.5 to 7.7 Å−1 with dk = 1 was used for the Fourier transform. The
S K-edge data were not fit. Fe K-edge data were fit with two scattering shells in
an R window of 1.1 to 2.7 Å. The first shell was attributed to Fe−S correlations,
and the second shell was assumed to be dominated by Fe−Fe correlations. The
number of S near-neighbors for Fe was fixed to four in pristine LiNaFeS2, which
was found to be phase pure and contain fully tetrahedral Fe by Rietveld analysis of
synchrotron X-ray diffraction data. The amplitude reduction factor obtained from
the fit of pristine LiNaFeS2 was used to estimate the number of S and Fe neighbors
within the first and second shell, respectively, for both materials at various states of
charge.

DFT Calculations: Density functional theory (DFT) calculations using the SCAN
parameterization[158] were performed with the Vienna ab intio Simulation Package
(VASP).[159–162] The projector augmented wave (PAW) method was used with a
plane wave energy cutoff of 520 eV. The core states were treated with the VASP PAW
potentials labeled Li_sv, Fe, and S. k-point meshes were automatically generated
with a 32 Å−1 density along each reciprocal lattice vector. All atomic positions were
fully relaxed.
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C h a p t e r 5

COMPLEX STRUCTURAL RESPONSE OF MULTIELECTRON
CATHODE LI2FES2 TO MIXED CATION AND ANION

OXIDATION - EMBARGOED
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C h a p t e r 6

CONTROLLING COVALENCY AND ANION REDOX
POTENTIALS THROUGH ANION SUBSTITUTION IN LI-RICH

CHALCOGENIDES

Adapted from: Martinolich, A. J.; Zak, J. J.; Agyeman-Budu, D. N.; Kim, S. S.;
Bashian, N. H.; Irshad, A.; Narayan, S. R.; Melot, B. C.; Nelson Weker, J.; See, K.
A. Controlling Covalency and Anion Redox Potentials through Anion Substitution
in Li-Rich Chalcogenides. Chem. Mater. 2021, 33, 378–391.

Chapter Abstract

Development of next-generation battery technologies is imperative in the pursuit of
a clean energy future. Toward that end, battery chemistries capable of multielectron
redox processes are at the forefront of studies on Li-based systems to increase the
gravimetric capacity of the cathode. Multielectron processes rely either on the
iterative redox of transition metal cations in the cathode or redox involving both the
transition metal cations and the anionic framework. Targeting coupled cation and
anion redox to achieve multielectron charge storage is difficult, however, because the
structure-property relationships that govern reversibility are poorly understood. In
an effort to develop fundamental understanding of anion redox, we have developed a
materials family that displays tunable anion redox over a range of potentials that are
dependent on a systematic modification of the stoichiometry. We report anion redox
in the chalcogenide solid solution Li2FeS2–ySey, wherein the mixing of the sulfide
and selenide anions yields a controllable shift in the high voltage oxidation plateau.
Electrochemical measurements indicate that reversible multielectron redox occurs
across the solid solution. X-ray absorption spectroscopy supports the oxidation of
both iron and selenium at high states of charge, while Raman spectroscopy indicates
the formation of Se–Se dimers in Li2FeSe2 upon Li deintercalation, providing insight
into the charge mechanism of the Li-rich iron chalcogenides. Anion substitution
presents direct control over the functional properties of multielectron redox materials
for next generation battery technologies.
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6.1 Introduction
As discussed in Chapter 2, Li-rich oxide cathodes for LIBs invoke O oxidation
that occurs at high voltages outside the electrochemical stability window of the
organic carbonate electrolyte. As a result, although apparent gravimetric capacities
indicate multielectron redox, there are several other parasitic reactions that could
contribute to the observed current including irreversible O2 gas release and oxidative
decomposition of the electrolyte. Recently, irreversible degradation reactions were
shown to contribute significantly to the observed capacity in layered oxides such as
LiNi0.6Mn0.2Co0.2O2 and Li2MnO3 cycled to high voltages.[23, 52] Sulfides oxidize
at a lower voltage than oxides due to their higher energy frontier orbitals and therefore
present an opportunity to study anion redox while avoiding the difficulties of char-
acterizing a system in the presence of multiple side reactions. Recent studies have
centered around Li-rich titanium sulfides.[114–116, 118] Notably, Fe substitution
into Li1.33Ti0.67S2 yields reversible S oxidation concurrent with Fe oxidation as indi-
cated by various X-ray spectroscopic techniques at the S L2,3-edge and K-edge.[118]
The original Li-rich sulfide material, Li2FeS2, was first synthesized by Sharma et
al. in 1976.[119] Subsequent studies focused on the electrochemistry[124–126]
and characterization of the chemically oxidized species.[122, 124, 127] We recently
reported the mechanism of reversible, multielectron redox based on both Fe and S
oxidation in the alkali-rich materials Li2FeS2 and LiNaFeS2.[163] Fe and S K-edge
XAS studies show oxidation of Fe2+ to mixed Fe2+/3+ from Li2FeS2 to Li≈1.5FeS2

followed by oxidation of S2− to (S2)2− from Li≈1.5FeS2 to Li≈0.5FeS2. The Fe2+ oxi-
dation causes the electronic structure of the material to change resulting in increased
Fe–S covalency, pushing the S 2p states closer to the Fermi level and enabling anion
oxidation.[163] The redox mechanism is electrochemically and spectroscopically
reversible, but changes in the local and bulk structure evolve as the material is
cycled, leading to capacity fade over time.[163]

Li2FeS2 has therefore proven to be an excellent model system to study anion redox.
Here, we aim to develop additional structure-property relationships by chemically
controlling the anion redox processes in the Li2FeS2 family through anion substi-
tution. In previous work on Li-rich oxides, the degree of covalency between the
transition metal and chalcogen has been cited as a primary driving force enabling
reversible anion redox, and the focus has been on modulating covalency through
changing the transition metal to 4d and 5d metals with more diffuse bands.[25–
27, 184] Here, we modulate the anionic redox characteristics through systematic
chemical substitution of the anion framework in which we substitute S with Se.
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By tuning the anion p bands to directly control the degree of covalency, structure-
property relationships that enable reversible anion redox are elucidated. Thus, we
report the preparation, structural, and electrochemical characterization of Li2FeSe2
as well as the anionic solid solution Li2FeS2–ySey. Substituting Se for S has a
clear, direct influence over the reversible redox processes observed upon charge and
discharge. Fe and Se K-edge XAS show an increase in covalency upon anionic sub-
stitution and reversible Se anion redox. The results herein provide direct evidence of
tunable anion redox in a Li-rich cathode material, supporting the design of materials
for next-generation energy storage technologies.

6.2 Results and Discussion
Structural Characterization
Li2FeSe2 was prepared using traditional solid state methods from Li2Se, FeSe2,
and Fe. The structure and XRD pattern with quantitative Rietveld refinement are
shown in Figure 6.1. Ying et al. previously reported the existence of Li2FeSe2 but
without any quantitative structural characterization.[185] Li2FeSe2 is isostructural
to the Li-rich sulfide Li2FeS2. The material crystallizes with a trigonal unit cell
in the space group P3m1. The structure consists of a close packed lattice of
selenide anions coordinating alternating layers of octahedral and tetrahedral cations
(Figure 6.1a). The octahedral sites are fully occupied by Li, whereas the occupancy
of the tetrahedral site is 50% Li and 50% Fe.

Since Li2FeSe2 is isostructural to Li2FeS2, we sought to form a solid solution
between the two chalcogenides. Li2FeS2 and Li2FeSe2 were mixed in stoichiometric
quantities and annealed in evacuated carbon coated silica ampoules to form the mixed
anion members of the solid solution, Li2FeS2–ySey (0 ≤ y ≤ 2). XRD patterns
with quantitative Rietveld refinements of representative materials are shown in
Figure 6.2a. Strong reflections corresponding to the (00l) planes are observed across
the solid solution as evidence of preferred orientation stemming from preferred
crystallite growth along the layers. The preferred orientiation results in differences
in relative intensity of the other reflections, for example the reflection in Li2FeS2 at
43.5 2\ shifts to lower 2\ as the larger Se anion is substituted for S, and decreases in
intensity relative to the (002) reflection. However, the reflection does not completely
disappear, supporting that the entire solid solution forms with the no change in space
group or symmetry. The refined lattice parameters for all materials are shown in
Figure 6.2b. The entire stoichiometric range exhibits Vegard’s Law behavior, where
the lattice parameters increase linearly as Se is substituted onto the anion site for
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Figure 6.1: (a) The structure of Li2FeSe2 consists of a close packed arrangement
of Se anions coordinating alternating layers of octahedral Li and tetrahedral mixed
Li and Fe. (b) XRD of Li2FeSe2 and quantitative fit using the Rietveld method,
indicating the formation of a pure crystalline phase.

Table 6.1: Rietveld refinement parameters of synthesized materials across the
Li2FeS2-ySey solid solution. Analysis performed by A. J. Martinolich.

y a (Å) c (Å) Li𝑎 position
(x, y, z)

Li𝑏/Fe position
(x, y, z)

S/Se position
(x, y, z)

0.2 3.917(1) 6.3248(5) 0, 0, 0 1/3, 2/3, 0.337(2) 2/3, 1/3, 0.26(2)
0.6 3.925(2) 6.3949(7) 0, 0, 0 1/3, 2/3, 0.35(8) 2/3, 1/3, 0.255(4)
1 3.997(2) 6.4625(5) 0, 0, 0 1/3, 2/3, 0.408(6) 2/3, 1/3, 0.224(1)

1.4 4.018(2) 6.5205(5) 0, 0, 0 1/3, 2/3, 0.407(3) 2/3, 1/3, 0.234(2)
1.8 4.056(4) 6.5762(5) 0, 0, 0 1/3, 2/3, 0.409(1) 2/3, 1/3, 0.227(5)
2 4.058(2) 6.5892(5) 0, 0, 0 1/3, 2/3, 0.380(2) 2/3, 1/3, 0.255(1)

S, indicating the formation of a solid solution. More detailed information from the
Rietveld refinements is shown in Table 6.1.

Electrochemical Characterization
The Li-rich solid solution was studied using CV and galvanostatic cycling to probe
the influence of anion substitution on the electrochemistry and charge storage mech-
anisms. The CVs of the solid solutions are shown in Figure 6.3. The sulfide end
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Figure 6.2: (a) Selected XRD patterns and quantitative Rietveld refinements to a
single phase of the solid solution Li2FeS2–ySey. The reflections shift to lower 2\
upon selenium substitution, indicating an increase in the lattice parameters. (b)
The refined lattice parameters C and a plotted as a function of anion substitution
show a linear trend with stoichiometry following Vegard’s Law which indicates
formation of the solid solution across all stoichiometries. The error in the refined
lattice parameters are smaller than the plotted symbols, 0.003 Å or less. Dashed
lines serve as a guide to the eye.

member Li2FeS2 exhibits multiple anodic waves on the first cycle between 2.2 V and
and 2.85 V, the most prominent of which is centered at 2.72 V vs. Li/Li+. All further
potentials are referenced to a Li foil counter/reference electrode unless otherwise
noted. Upon the reverse sweep, a single cathodic wave is observed at 1.95 V. The
second cycle yields less defined waves before the major anodic wave, which shifts
to slightly higher potentials, while the single cathodic wave shifts to slightly lower
potentials.

The redox properties change significantly upon substitution of Se for S in Li2FeS2–ySey.
While multiple small anodic waves are observed across all values of y, the major
anodic wave shifts to lower potentials as the Se content increases suggesting that
the anion contributes to the oxidation mechanism. In fact, the major anodic wave in
Li2FeS2 is correlated to anion oxidation of S2− to (S2)2−.[163] Because the potential
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Figure 6.3: Cyclic voltammetry of Li2FeS2–ySey collected at a scan rate of 0.1
mV/s. The predominant oxidation wave shifts by approximately 300 meV upon full
substitution of Se for S, indicating the influence of anion substitution on the redox
properties of the material.

shifts as a function of Se content, we suggest that as Se is substituted on the S site,
contribution of the Se 4p orbital to the density of states raises the energy of the
frontier states and thus lowers the potential of anion oxidation. We note that the
entire wave shifts and discrete waves due to S2− oxidation and Se2− oxidation are not
observed in the mixed anion materials, suggesting complete mixing of the anions in
the lattice. Interestingly, the cathodic sweep is very similar across all stoichiometries
of the solid solution with only a slight shift to more negative potentials at y>1. The
small features in the positive sweep are less defined in the second cycle, while the
large anodic wave is observed at approximately the same potential, indicating that
the reversibility of the electrochemistry is maintained.

Galvanostatic cycling measurements were performed to understand the influence
of the anion substitution on the electrochemical energy storage properties of the
material. The first galvanostatic charge and discharge profiles of all members of
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the solid solution are shown in Figure 6.4. The capacities are normalized to the
equivalents of Li that are (de)intercalated from the active material. Greater than one
equivalent of Li can be reversibly cycled in the material across the solid solution,
indicating multielectron redox.
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Figure 6.4: (a) The first charge and discharge profiles of Li2FeS2–ySey at a rate of
C/10 based on 1 e− per formula unit. Greater than one equivalent of Li is reversibly
stored for all stoichiometries, indicating the presence of multielectron redox across
the solid solution. (b) The voltage after the deintercalation of one equivalent of Li
plotted versus the anion content, indicating direct correlation between anion content
and charge voltage.

The voltage charge curves are significantly affected by the chalcogenide substitution.
Similar to the previously reported Li2FeS2, the solid solution maintains two distinct
regions in the charge curve: a sloping region with multiple inflections followed by a
long, flat plateau. Our previous work indicates that the sloping region corresponds
to Fe2+/3+ redox and the long plateau is related to S2– /S 2–

2 redox, which is supported
by Fe and S K-edge X-ray absorption spectroscopy.[163] At low states of charge
(x ≤ 0.5 in Li2–xFeS2–ySey), the Se-rich members of the solid solution exhibit a
slightly higher voltage than the S-rich members. Beyond x = 0.5, the voltage
decreases as Se content increases. While the sulfide-rich (y ≤ 1) materials continue
to show sloping charge curves until x ≈ 0.75, the selenide rich (y > 1) materials
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exhibit a much flatter charge curve from x ≈ 0.5 onwards. At higher states of charge,
all materials exhibit a flat charge curve.

The plateau at high states of charge consistently shifts to lower voltages as the
Se content increases. The voltage dependence on the anion substitution can be
visualized by plotting the voltage at a given Li content (x = 1) versus Se content
(Figure 6.4b). The voltage of the plateau shows a linear dependence with Se
content, indicating the direct control over the redox properties afforded through
anion substitution on an isostructural lattice. Introduction of Se 4p states at the
expense of S 3p states provides a density of redox active, anionic electronic states
at higher energy, which are then oxidized at a lower voltage. The constant shift
of the plateau indicates that the S and Se states are mixing rather than oxidizing
independently. Considering the contribution of sulfide oxidation in this region of
the curve for the y = 0 end member, the systematic shift with increasing Se content
indicates that the Se/S ratio is directly controlling the voltage of anion redox, along
with the multielectron capacity exhibited across the solid solution. If the S and
the Se were electronically isolated, two separate plateaus would be expected at the
voltages of the end members. The systematic shift of the single plateau represents the
first time that anion redox has been directly manipulated through anion substitution,
rather than indirectly inferred via the substitution of redox-inactive cations to drive
redox onto the supporting anions, which is common in the study of anion redox in
oxide-based cathode materials.

While the voltage of the charge plateau shows a controllable trend upon anion
substitution, the discharge curves are less affected. All materials in the solid solution
show a single, partially sloping discharge plateau with high capacity and good
Coulombic efficiency. The discharge curves for the S-rich materials (y ≤ 1) are
slightly more sloping, while the Se-rich materials exhibit a flatter plateau. The
sloping region of the discharge curves for y = 0.2 and y = 0.6 are at slightly higher
potentials than for Li2FeS2. The voltage of the discharge curve then shifts down as
the Se content increases. The shifts as Se is substituted for S may be derived from
the increased metallic character of the materials, as would be expected for a selenide
over a sulfide due to the less localized bands and greater orbital overlap.

The voltage of the charge plateau is dependent on Se content. The Se content,
however, could simultaneously affect both the oxidation potential and the elec-
tronic conductivity of the material, both of which could shift the voltage of the
plateau. Higher conductivity would lead to lower overpotential which could cause
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Figure 6.5: GITT curves upon charging (a) Li2FeS2 (b) Li2FeSSe and (c) Li2FeSe2.
As Se is substituted for S, both the polarization and the equilibrium voltage decreases.
The GITT curve of Li2FeS2 is adapted adapted from Hansen, C. J.; Zak, J. A.;
Martinolich, A. J.; Ko, J.; Bashian, N.; Kaboudvand, F.; Van der Ven, A.; Melot, B.;
Nelson Weker, J.; See, K. A. J. Am. Chem. Soc. 2020, 142, 6737–6749, Copyright
2020 ACS Publications.

the plateau to shift to lower potentials. To determine if increased electronic con-
ductivity causes the plateau shift by reducing polarization, GITT was measured
on Li2FeS2, Li2FeSSe, and Li2FeSe2. GITT allows us to measure the overpoten-
tials by comparing the differences in the potential upon applied current and that at
equilibrium, or very close to it, throughout the charge curve.

The GITT of Li2FeS2 along with the C/10 trace are shown in Figure 6.5a. The
overpotentials are low in the initial sloping region of the curve, between 100 mV
and 200 mV. The overpotentials increases to approx. 250 mV during the charge
plateau at higher states of charge, wherein the anion redox occurs. The greater
polarization may relate to the necessity for partial structural rearrangement and
bond formation between sulfide anions during this process.[163] Substituting Se for
S drastically affects the overpotentials and equilibrium potential. The GITT curves
for Li2FeSSe and Li2FeSe2 are shown in Figure 6.5b and c, respectively. In the
mixed anion material, the overpotential is between 50 mV-100 mV and remains in
that range until near the end of the charge curve. In the case of the selenide, the
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initial polarization is approx. 50 mV-100 mV, but in contrast to the S-containing
materials, the polarization clearly decreases at the onset of the flat charge plateau,
with polarization of approximately 30 mV until the highest states of charge are
reached. The equilibrium voltage difference between the sulfide and the selenide
are clearly present, indicating the direct impact of the anion on the oxidation potential
and electronic structure.

Figure 6.6: Capacity at a C/10 rate based on 1 e− per formula unit as a function of
cycle number for the solid solution Li2FeS2–ySey. Substitution of Se for S results in
much greater capacity fade, with the selenium end member showing nearly complete
loss of capacity after 75 cycles. Error bars represent the standard deviation of
three replicate cells. The cycling data for Li2FeS2 was adapted from adapted from
Hansen, C. J.; Zak, J. A.; Martinolich, A. J.; Ko, J.; Bashian, N.; Kaboudvand, F.;
Van der Ven, A.; Melot, B.; Nelson Weker, J.; See, K. A. J. Am. Chem. Soc. 2020,
142, 6737–6749, Copyright 2020 ACS Publications.

To determine the effect of anion substitution on the capacity retention, four members
of the solid solution Li2FeS2–ySey were cycled galvanostatically in a half cell. The
average capacities of at least three replicate cells along with the standard deviation
represented by error bars are shown in Figure 6.6. While the sulfide exhibits good
capacity retention over time,[163] substituting Se for S yields greater capacity fade
after extended cycling with more Se-rich materials showing greater capacity fade.
Li2FeS1.8Se0.2 shows a similar trend in capacity fade over the first 20 cycles to the S
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end member, after which, however, the fade accelerates resulting in an 80% capacity
loss over 100 cycles. The Se-rich materials Li2FeS0.2Se1.8 and Li2FeSe2 exhibit
rapid capacity loss from the beginning of cycling, with 50% loss in capacity after 25
cycles and nearly complete capacity loss after 100 cycles. We hypothesize that the
poorer capacity retention of the selenide compared to the sulfide is due to differences
in the structural behavior upon charging (see Section 6.2).

Operando XRD
To probe changes to the bulk crystal structure of Li2FeSe2 upon electrochemical
cycling, operando XRD was collected for the first two charge/discharge cycles
(Figure 6.7). The material exhibits evidence of preferred orientation, with strong
reflections in the (00l) direction and attenuated signals from other crystallographic
directions. Thus, we focused on changes in the (002) reflection, representative of
the expansion and contraction along the C direction, orthogonal to the layers of edge
sharing tetrahedra in Li2FeSe2 (Figure 6.1).

The charge and discharge curves measured during operando XRD are shown along
with a contour plot of the diffraction patterns in (Figure 6.7). Prior to beginning
the initial charge, the cell was measured at open circuit voltage for one hour. The
(002) reflection is observed at a d spacing of 3.25 Å and the (101) reflection is
observed at 3.095 Å with much lower intensity. Upon charging, the (002) reflection
begins to shift from 3.25 Å to lower d spacing as Li is deintercalated from Li2FeSe2,
indicating a contraction of the lattice along the C direction. The (002) reflection
shifts by approximately 0.01 Å at the earliest states of charging. A new reflection
appears at approx. Li1.85FeSe2 with a d spacing of 3.16 Å, indicating the formation
of a second phase. The reflection of the second phase shifts rapidly to smaller
d spacing as the material is charged before remaining approximately constant and
growing in intensity at 3.095 Å, which overwhelms the intensity from the (101)
reflection of the parent phase. After the formation and shift of the second phase, the
behavior appears classically two-phase, wherein the signal from the parent Li2FeSe2
at 3.24 Å decreases in intensity as the intensity of the new reflection at 3.095 Å
increases and reaches maximum intensity at the end of charge. At the end of charge,
the reflection from the parent phase shifts rapidly to near the position of the second
phase at approx. 3.10 Å. The two-phase behavior is supported by the flat plateau at
2.25 V in the galvanostatic charge profile after the sloping region.

The structural changes to Li2FeSe2 are partially reversible upon discharge. The
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Figure 6.7: (a) Galvanostatic charge and discharge curves of the first two cycles
of Li2FeSe2 during operando XRD and (b) the corresponding diffraction patterns
focused on the strong (002) reflection at 3.25 Å. The material exhibits irreversible
structural changes that are retained during the second cycle as evidenced by the
maintenance of the reflection centered around 3.1 Å corresponding to the new
phase.

reflection at 3.10 Å from the parent phase rapidly shifts back to 3.23 Å at the ear-
liest stages of lithiation, then continues to shift slowly and increase in intensity as
discharge continues. The reflection is approximately 3.25 Å at the end of discharge,
indicating the reformation of the parent Li2FeSe2 phase. The intensity of the re-
flection at 3.10 Å decreases as the discharge continues, indicating conversion of
the second phase formed during oxidation. However, at the end of discharge, the
peak related to the second phase at 3.095 Å is still present, indicating incomplete
reversibility of the structural transformations that take place upon charge. The in-
complete lithiation of the new phase upon discharge is consistent with the Coulombic
efficiency of the first cycle of approximately 90% (Figure 6.4a). The retention of the
second, oxidized phase even at the end of the first discharge may lead to the capacity
fade observed over many cycles (Figure 6.6). Over multiple cycles it is likely that
more of the second phase becomes irreversibly oxidized, leading to capacity fade.

The second charge and discharge perform largely the same as the first cycle. One
important distinction is that since the oxidized phase with the smaller d spacing
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remains present in the electrode after the first discharge, there is no observation of
its nucleation or initial contraction. Instead, the reduced, parent phase slightly shifts
to smaller d spacings and decreases in intensity while the oxidized phase remains
unchanged. At the end of the second charge, the reduced phase again rapidly shifts
to 3.10 Å, mirroring the behavior of the first charge. The second discharge is
comparable to the first, wherein the oxidized phase loses intensity at the expense
of the reduced parent phase, with no major changes in the d spacings of either
phase after the reduced phase is reformed. The clear, two-phase charge/discharge
mechanism of Li2FeSe2 indicates the formation of a distinct second phase, which
we hypothesize contains oxidized species of both Fe and Se enabled through the
highly covalent Fe–Se interactions in the material.

Electrochemical Impedance Spectroscopy
The formation and retention of the second phase after the first charge of Li2FeSe2
is also reflected in intermittent electrochemical impedance spectroscopy (EIS) mea-
surements used to further probe the nature of the second phase formed during charge
and compare the data with that obtained from the more reversible Li2FeS2 material.
The structural behavior of Li2FeSe2 upon electrochemical cycling differs from that
of Li2FeS2. While both materials exhibit two-phase behavior at high states of charge,
the behavior of the parent phase at the end of the charge cycles represents a rapid
5% contraction. Comparatively, the sulfide contracts by less than 3%[163] over the
entire course of charging. The greater and more rapid structural changes that occur
upon cycling between the parent and deintercalated phases of Li2FeSe2 may lead to
the rapid capacity fade observed over time (Figure 6.6). Selected Nyquist plots and
associated charge transfer resistances, R𝑐𝑡 , during charge and discharge of both the
sulfide and the selenide are shown in Figure 6.8. The charge transfer resistance of
both Li2FeS2 and Li2FeSe2 increase as the materials are oxidized. Upon discharg-
ing, however, the materials exhibit different behavior. The charge transfer resistance
of the sulfide decreases close to the initial value of the as-prepared material, which
is supported by the reversible electrochemistry on the second charge and minimal
structural changes apart from increased disorder with cycling.[163] However, the
charge transfer resistance of the selenide does not decrease upon discharge. We
hypothesize that the impedance remains high due to the presence of the second
phase after discharge observed in the operando XRD that forms during charge, and
the irreversibility of this phase causes capacity fade over time.
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Figure 6.8: Selected Nyquist plots obtained by intermittent EIS measurements
during charge and discharge of (a) Li2FeS2 and (b) Li2FeSe2. The Nyquist plots
are fit with a modified Randles circuit consisted of a resistor (R𝑠) in series with an
RQ circuit comprised of a constant phase element (Q1) in parallel with a resistor
(R𝑐𝑡) and constant phase element (Q2) in series. The R𝑐𝑡 values obtained from the
fits plotted as a function of discharge and charge for (c) Li2FeS2 and (d) Li2FeSe2.
While the charge transfer resistance of both materials increases upon charging, only
the resistance of the sulfide decreases again upon discharge, suggesting formation
of a new high-impedance phase in Li2FeSe2.

X-ray Absorption Spectroscopy
We have shown in Li2FeS2 that delithiation is compensated by both Fe and S
oxidation[163]. The similarities in the electrochemistry when substituting Se for S
suggests anion redox is occurring in the Se-containing phases, as well. However,
electrochemistry is not a direct probe of anion redox and, as such, we sought spec-
troscopic evidence to directly probe the behavior of both Fe and Se in Li2FeSe2 and a
mixed anion phase. We executed Fe and Se K-edge XAS measurements of Li2FeSe2
and Li2FeSSe at various states of charge to monitor the oxidation state of both the
cationic and anionic species upon electrochemical cycling. Samples were charged
and discharged to various inflection points in the galvanostatic profile and measured
ex situ to ascertain what redox centers contribute to each feature observed. Li2FeSe2
was cycled to the following conditions: as-prepared (Li2FeSe2), charged to 2.2 V
(Li1.65FeSe2), charged to 2.25 V (Li1.4FeSe2), fully charged to 2.5 V (Li0.25FeSe2),
and fully charged then fully discharged to 1.85 V (Li1.85FeSe2). The Fe K-edge
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spectra of Li2FeSe2 at the indicated states of charge are shown in Figure 6.9a. The
pristine material exhibits the following features: two pre-edge features denoted col-
lectively as a at approximately 7111 and 7113 eV, the rising edge denoted as b
centered at 7116.9 eV, the K-edge denoted as C, and the near-edge scattering region
denoted as d. The rising edge position is in agreement with reports of Fe2+ in a
tetrahedral Se environment in Mn- and Cu-substituted 𝛽-FeSe (MxFe1−xSe𝛿).[186]
Compared to Li2FeS2,[163] the rising edge b is at slightly lower energy (7116.9 eV
compared to 7117.3 eV), which indicates a more covalent interaction between the
Fe2+ centers and the Se2− anions reflecting the predicable higher degree of overlap
of the Se 2p band with the Fe d bands. The higher degree of covalency is further
supported by the lower intensity of the pre-edge features a relative to that in the
sulfide analog. The Fe K pre-edge corresponds to a Fe 1s to 3d transition and the
character of this transition is dictated largely by the crystal field with more covalent
interactions indicating a stronger crystal field.[40] Due to the larger radius of Se2−

compared to S2−,[187] the FeSe4 tetrahedra in Li2FeSe2 are more distorted in the
c direction than the FeS4 tetrahedra in Li2FeS2. The greater distortion contributes
to the lower pre-edge intensity observed in Li2FeSe2. We observe splitting of the
pre-edge feature as two distinct pre-edge features suggesting multiple available ex-
cited states, consistent with a high spin configuration of tetrahedral Fe2+ that results
in holes in orbitals of nominal e𝑔 and t2 symmetry. The multiplet splitting is dis-
tinguishable in Li2FeSe2 and not in Li2FeS2 due to the wider crystal field splitting
caused by the more distorted tetrahedral geometry in Li2FeSe2. Insights into local
structure can also be gleaned from the near-edge features and oscillations above the
edge, which are due to scattering events with near neighbors.

Now we consider how the Fe K-edge changes upon oxidation. The oxidation state
of Fe is indicated by the position of the rising edge b. The rising edge position is
easily observed as the peak in the first derivative of the K-edge spectrum shown in
Figure 6.9b and c. The rising edge position shifts continuously to higher energy
at each state of charge indicating continuous oxidation. When charged to 2.2 V,
the rising edge shifts approx. 0.4 eV from 7116.9 eV indicating partial oxidation
of Fe2+ to Fe3+. After further charging to 2.25 V, the position of the rising edge
shifts only slightly (approx. 0.1 eV), however, minimal charge is passed between
2.2 V and 2.25 V (approx. 0.18 e− per formula unit) so a significant edge shift is
not expected. Upon fully charging to 2.5 V, the rising edge shifts another approx.
0.3 eV for a total shift of 0.8 eV, supporting further oxidation of some Fe2+ to Fe3+.
The continuous shift of the rising edge indicates ongoing contributions to the redox
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from mixed bands with Fe states, a phenomenon not observed in Li2FeS2 where
the Fe rising edge only shifts at early states of charge before the long plateau at
2.5 V.[163] The Fe–Se interaction is more covalent than the Fe–S interaction and
therefore Fe contributes to redox in a more continuous, less discrete manner in
Li2FeSe2 than it does in Li2FeS2. Upon discharge, the rising edge shifts back to
7116.9 eV (Figure 6.9c) indicating reversible redox from highly covalent bands in
Li2FeSe2.

The Fe K-edge spectra of Li2FeSe2 at different charge states also show marked
differences in the pre-edge and near-edge regions. Upon charging to 2.2 V (i.e.
after the sloping region), the pre-edge features a shift to slightly higher energy
indicating oxidation of Fe2+. The pre-edge features increases in intensity upon
oxidation which can indicate an increase in covalency due to more Se p character
mixing with the Fe d states and/or a more symmetric tetrahedral environment due
to decreased centrosymmetry leading to a dipole-partially allowed transition by d-p
mixing. It is likely that both are contributing in the case of Li2FeSe2 as an increase
in Fe–Se covalency is expected upon Fe oxidation[163], and the more intense
scattering feature d centered around 7138 eV supports a more symmetric tetrahedral
environment around Fe, i.e. the four Fe–Se distances are approximately equal leading
to less destructive interference among scattered photoelectrons. The decrease in the
K-edge intensity, C, also indicates a higher degree of covalency due to the Se
character in the Fe p states increasing, thereby lessening the number of available 1s
to 4p transitions. After further charging to 2.25 V, after the first small plateau of
the charge curve, the pre-edge and near-edge do not change significantly, suggesting
that the additional short plateau does not correspond to significant changes to the
local environment around Fe. Interestingly, at the end of charge (2.5 V), the pre-
edge and near-edge features decrease in intensity, suggesting a decrease in local
tetrahedral symmetry around the Fe center at high states of charge. Upon discharge,
the pre-edge and near-edge features remains slightly higher in intensity and the
edge intensity is lower than in the pristine material, indicating some irreversible
changes in local symmetry at the Fe centers. Additionally, the maintained pre-
edge intensity throughout cycling demonstrates that Fe remains in a tetrahedral
coordination environment. If the Fe migrated to an octahedral site between the
tetrahedral layers, for example, the pre-edge intensity would decrease due to the
resulting centrosymmetry and lack of d-p hybridization.

To summarize, Fe is contributing to the redox throughout the charging process,
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which is different than what we observed in Li2FeS2 where the Fe edge only shifts
prior to the plateau at 2.5 V associated with anion redox.[163] The continuous shift
in Li2FeSe2 is due to the more covalent Fe–Se interactions that allow oxidation to
occur from bands with Fe character throughout the charge curve. The irreversible
changes observed in the Fe K-edge data after discharge in Li2FeSe2 do not affect
the Coulombic efficiency, which remains relatively high averaging around 99.2%
over 100 cycles, suggesting that, while it may play a role in long-term capacity fade,
local structural changes do not preclude near complete relithiation.

Figure 6.9: (a) Ex situ Fe K-edge XANES of Li2FeSe2 at various states of charge:
Li2FeSe2 (as-prepared), Li1.65FeSe2 (charged to 2.2 V), Li1.4FeSe2 (charged to 2.25
V), Li0.25FeSe2 (charged to 2.5 V), and Li1.85FeSe2 (fully charged then discharged
to 1.85 V). The first derivative of the Fe rising K-edge upon (b) oxidation and (c)
reduction compared to the pristine material allows for clear observation of the rising
edge position. In the Fe K-edge spectra, the pre-edge features at approx. 7111 and
7113 eV are labeled as a, the rising edge is marked by a dashed line at 7116.9 eV
and labeled as b. The K-edge is labeled as C, and the near-edge scattering region is
labeled as d. (d) Ex situ Se K-edge XANES of Li2FeSe2 at various states of charge.
In the Se K-edge spectra, the pre-edge feature is labeled as e, the edge feature as f,
and the near-edge scattering feature as g.

Although the Fe K-edge shifts continuously throughout the charge, it is unlikely
that the multielectron oxidation is sustained completely by the Fe since that would
implicate some Fe4+. Fe4+ is unlikely as nearly all known Fe4+ species utilize
biomimetic (i.e. oxo, nitrido, and imido) and/or macrocycling ligand frameworks
to stabilize the high-valent Fe.[188] There are no known reports of Fe4+ in a S or
Se coordination sphere. We therefore hypothesize that Se redox contributes to the
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charge storage mechanism, similar to the S redox observed in Li2FeS2.[163] To
probe the anionic contributions to the multielectron redox properties of Li2FeSe2,
Se K-edge XAS spectra were collected at the same states of charge and are shown
in Figure 6.9d. The pristine material exhibits several features: the pre-edge feature
labeled as e ascribed to Se 1s to 3d transitions (approx. 12649.5 eV), the edge
feature labeled as f ascribed to Se 1s to 4p transitions (rising edge centered at
approx. 12654 eV), and the near-edge features labeled g ascribed to scattering
events around Se.[189] Here, the rising edge is difficult to define due to the close
proximity of the pre-edge, edge, and scattering features. As such, changes in
the peaks themselves will be analyzed preferentially. Specifically, variation to the
intensity and position of the edge peak indicate changes in covalency and oxidation
state as the bands with Se 4p character are oxidized and reduced.

Immediately upon charging, both the pre-edge and edge features increase in inten-
sity throughout the entire oxidation process, indicating a steady increase in Fe–Se
covalency as more Se p character mixes with the Fe d states. An increase in the
edge intensity also indicates Se oxidation due to the number of available 1s to 4p
transitions increasing as the population of the valence 4p states decreases. Both
features also shift to higher energy (approx. 0.5 eV) throughout charging, suggest-
ing oxidation of Se. An analogous shift in the edge position and increase in the
edge intensity has been observed in Se K-edge data comparing Se (Se0), FeSe2
(Se2−

2 ), and FeSe (Se2−).[190] The observed behavior in Li2FeSe2 deviates from
that in Li2FeS2 in which the cationic and anionic redox is more decoupled from the
cationic contributions; that is, the sloping region early in the galvanostatic charge
profile is primarily Fe2+ oxidation and the long plateau at 2.5 V is primarily sulfide
to persulfide oxidation.[163] Here, Se is contributing more directly to the redox
throughout charging due to the Fe–Se interaction being significantly more covalent
than the Fe–S interaction in Li2FeS2.

While the Fe K-edge spectra of Li2FeSe2 charged to 2.2 V and 2.25 V look nearly
identical apart from a very small edge shift, the Fe and Se K-edge spectra together
provide clear evidence of both cation and anion redox. The Se K-edge exhibits clear
increases in both the pre-edge and edge intensity in addition to a shift to higher
energy of both features. The concomitant shift in both the Fe and Se K-edge spectra
support highly covalent Fe–Se interactions in Li2FeSe2, which is consistent with the
increased mixing of the Fe d and Se p states. The near-edge scattering feature at
12665 eV in the pristine structure does not change significantly at 2.2 V, but loses
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Figure 6.10: (a) Ex situ Fe K-edge XANES of Li2FeSSe at various states of charge :
Li2FeSSe (as-prepared), Li1.7FeSSe (charged to 2.2 V), Li1.4FeSSe (charged to 2.34
V), Li0.85FeSSe (charged to 2.38 V), Li0.4FeSSe (charged to 3 V), and Li1.85FeSSe
(fully charged then discharged to 1.8 V). The first derivative of the Fe rising K-edge
upon (b) oxidation and (c) reduction compared to the pristine material allows for
clear observation of the rising edge position. In the Fe K-edge spectra, the pre-edge
features at approx. 7111 and 7113 eV are labeled as a, the rising edge is marked
by a dashed line at 7117 eV and labeled as b. The K-edge is labeled as C, and
the near-edge scattering region is labeled as d. (d) Ex situ S K-edge XANES of
Li2FeSSe at various states of charge. The first derivative of the rising S K-edge
upon (e) oxidation and (f) reduction compared to the pristine material shows clear
shifts in the edge position. In the S K-edge spectra, the pre-edge feature is labeled
as e and the rising edge feature as f. (g) Ex situ Se K-edge XANES of Li2FeSSe at
various states of charge. In the Se K-edge spectra, the pre-edge feature is labeled as
g, the edge feature h, and the near-edge scattering feature i.

intensity at 2.25 V, suggesting increased disorder around Se. Then, at 2.5 V, the
scattering feature loses intensity further and shifts to higher energy, which indicates
significant changes to the local structure around Se. Upon discharge, the Se K-
edge spectrum shifts back to resemble the material charged to 2.2 V rather than the
pristine material. The near-edge scattering feature also returns to the same energy as
the pristine sample, but the intensity is not recovered. In fact, the scattering feature
closely resembles that of the 2.25 V sample, but the edge peak intensity is almost
as low as the pristine sample, which means the electronic structure of Se is nearly
recovered but the local structure is not. Such behavior supports partial reversibility
of anionic redox but some irreversible structural changes in the material. The partial
irreversibility is consistent with the Fe K-edge data, together indicating a change in
the local structure upon electrochemical cycling.
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To understand the effect of chalcogen substitution on the charge storage mechanism,
Fe, S, and Se K-edge XAS was collected on Li2FeSSe at various states of charge. The
Fe K-edge data is shown in Figure 6.10a-c. Li2FeSSe was cycled to the following
conditions: (1) as-prepared (Li2FeSSe), (2) charged to 2.2 V (Li1.7FeSSe), (3)
charged to 2.34 V (Li1.4FeSSe), (4) charged to 2.38 V (Li0.85FeSSe), fully charged to
3 V (Li0.4FeSSe), and (5) fully charged then fully discharged to 1.8 V (Li1.85FeSSe).
The characteristics of the Fe edge are comparable to those observed in Li2FeSe2.
In the pristine material, a small pre-edge feature, a, is observed before the edge, b,
centered at 7117.0 eV (Figure 6.10a). The edge shift is again evaluated by plotting
the first derivative of the spectrum and it shifts to 7118.0 eV as the material is
charged, indicating oxidation of the Fe (Figure 6.10b). The intensity of the pre-edge
feature, a, increases as the material is charged, suggesting an increase in Fe–Q (Q
= S, Se) covalency and/or an increase in symmetry at the tetrahedrally coordinated
Fe. At the most charged state, the Fe pre-edge remains at its highest intensity, which
is in contrast to the Li2FeSe2, and suggests that the mixed anions in the material aid
in stabilizing the local coordination at high states of charge. Upon discharge, the
Fe edge shifts back to 7117.0 eV and the pre-edge intensity decreases, indicating
reversibility in the Fe-based charge storage in Li2FeSSe. Li2FeSSe shows greater
spectroscopic reversibility and also greater capacity retention in the cycling data.

The anion-based redox in Li2FeSSe is examined at various states of charge using
S and Se K-edge XAS (Figure 6.10d-g). The S K-edge XANES spectra exhibit a
sharp, intense pre-edge feature, e, and a K-edge feature, f, similar to that observed in
Li2FeS2.[163] The pre-edge is related to a 1s to 3p transition in S that has a significant
component of Fe 3d antibonding character.[191] As such, the pre-edge feature
provides a handle by which to ascertain the degree of Fe–S covalency in the system.
It is therefore clear from the continuously increasing pre-edge intensity that the Fe–
S covalency is increasing with oxidation, suggesting a continuous rehybridization
(i.e. mixing of cation and anion states) of the band structure during charging.
The pre-edge position shifts slightly during cycling, which is related to changes
in the local crystal field. It is useful at this point to note the features observed
in the S K-edge spectra of Li2FeS2 during cycling. Upon oxidation of Li2FeS2,
a new pre-edge feature appears at higher energy associated with the formation of
persulfide S–S dimers,[163] spectroscopically similar to pyrite FeS2.[192, 193] The
pre-edge feature appears in addition to the pre-edge associated with reduced sulfide
(the formal oxidation state of S in oxidized Li2FeS2 can be thought of as mixed
persulfide, S2−

2 , and sulfide, S2−), suggesting that the new pre-edge feature arises
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due to electronically isolated persulfide states. Interestingly, we do not observe that
new pre-edge feature upon oxidation of Li2FeSSe even at full charge. In FeS2, the
transition has been described previously as an excitation of core 1s electrons into
bands with mixed eg (Fe) and antibonding𝜎* (S) character.[193] We suggest that the
lack of a new pre-edge feature in Li2FeSSe is due to the higher degree of covalency
in Li2FeSSe compared to Li2FeS2, i.e. the cation and anion bands are more mixed
near the Fermi level and therefore oxidation is not occurring to the same degree from
isolated persulfide-related bands. Importantly, the rising edge, f, continuously shifts
to higher energy upon charging, which indicates ongoing S oxidation. The shift is
shown clearly in the first derivative plot in Figure 6.10e. The continuous shifting of
the edge is contrary to that observed in Li2FeS2 in which the edge shifts only after
the 2.5 V plateau.[163] The continuous shift in Li2FeSSe again suggests a higher
degree of covalency upon substituting Se onto the S site. Upon discharging (i.e.
relithiating) Li2FeSSe, the rising edge shifts to lower energy, indicating reduction
of S. However, it does not shift back to the original position, which suggests some
irreversible changes. Additionally, the pre-edge feature of the discharged material is
more intense than in the as-prepared sample, meaning the level of Fe–S covalency
remains greater and Fe remains in a tetrahedral coordination environment. The
observation that the discharged material does not completely recover the original
structure aligns with the results on Li2FeSe2 by operando XRD (Figure 6.7) that
show the irreversible formation of a new phase.

We next discuss the XANES at the Se K-edge. Compared to the spectrum of the
as-prepared Li2FeSe2, the Se K-edge in Li2FeSSe is shifted to higher energy by
approximately 0.5 eV, suggesting that the presence of S in the material yields less
electron density on the Se, even before oxidation. As such, the Fe–Se interaction
is less covalent in the presence of S. The more ionic nature of the Fe–Se bond
is supported by the shorter average bond length in Li2FeSSe when compared to
Li2FeSe2 (2.45 Å vs. 2.51 Å) as elucidated by the quantitative Rietveld refinement
of the XRD data. We note, however, that the bond length from the XRD reflects the
average structure and thus includes both the Fe–S and Fe–Se bond lengths as the
material has mixed S/Se occupancy on the anion site. Upon charging to 2.2 V, the Se
pre-edge and edge features grow in intensity and shift to higher energies, indicating
that the electronic structure of Se is changing even at early states of charge. That
is, even at early states of charge, the bands close to the Fermi level have significant
Fe and Se character allowing for Se oxidation. The shift in the pre-edge and edge
features continues as the material is oxidized, with the edge reaching a maximum
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of 12656.4 eV at the highest state of charge. Like in Li2FeSe2, the pre-edge and
edge features more closely resemble the spectrum of the sample charged to 2.2 V
than the as-prepared sample, again indicating some irreversible change to the local
structure.

The pre-edge and edge features shift by approximately 1 eV in Li2FeSSe vs. 0.5 eV
in Li2FeSe2, indicating that the presence of S leads to a more oxidized state on the
Se anions. To explain the discrepancy, we hypothesize that at a 1:1 ratio of S to
Se, it is possible to form S–Se heterodimers in addition to S–S and Se–Se dimers as
both S and Se are oxidized. Due to the greater electronegativity of S, the S–Se bond
will be polarized as more electron density is localized on S, leading to a nominally
more oxidized state on Se (formally Se1– 𝛿).

Raman Spectroscopy
As has been observed in pyrite FeS2[139, 143, 144] and delithiated Li2FeS2[163],
the S K-edge has a unique pre-edge feature associated with persulfides allowing
for a diagnostic tool to probe persulfide formation. The Se K-edge, however, does
not show an analogous pre-edge feature when perselenides are present, for example
in the Se K-edge spectrum of marcasite-FeSe2.[190] Therefore, although the Se
K-edge data suggests oxidation of Se, it is unclear if oxidation causes Se–Se bond
formation. Se–Se dimers, however, exhibit a distinct vibrational mode assigned
to Se–Se stretches in the Raman spectrum of FeSe2 at 217 cm−1.[194] Therefore,
to probe the formation of Se–Se dimers in Li2FeSe2, in situ Raman spectroscopy
measurements were performed to probe changes to local bonding environments.
The Raman spectrum of pristine Li2FeSe2 shown in Figure 6.11a shows several
sharp vibrational modes at low frequency (255, 187, 125, 91 cm−1). The same
modes are visible in the spectrum of the cathode measured at OCV (Figure 6.11b)
though with much lower intensity due to signal attenuation through the electrolyte
and decreased Li2FeSe2 sample due to the composite nature of the cathode. Upon
charging galvanostatically (Figure 6.11c), the intensity of Raman scattering increases
dramatically across the spectral width. The increase in intensity may be due to slight
enhancement by surface plasmons due to the conductive nature of Li2FeSe2 and the
applied current[195] or the oxidation and removal of a surface layer attenuating
signal on the pristine electrode. In addition to the intensity increase, the modes
at 255, 187, and 125 cm−1 noticeably shift to higher frequency, which indicates
stiffening of the modes consistent with oxidation. Importantly, a new mode appears
at 219 cm−1 and grows in intensity with respect to the other modes as a function
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of oxidation. The new mode is assigned to Se–Se stretching based on literature
assignments of the modes in FeSe2.[194] The new mode could be due to Se–Se
dimers formed in the material itself or new phases that resemble FeSe2. We note
that the strongest mode in FeSe2 at approximately 180 cm−1 is not observed in
the oxidized sample either due to the overlap with intense modes from pristine
Li2FeSe2 or the dissimilar phase of the oxidized material compared to FeSe2. The
new mode at 219 cm−1 gains intensity immediately upon charging, supporting the
conclusion from Se K-edge XAS that the anions are contributing to the oxidation
throughout charging. The mode loses some intensity upon discharging but does not
completely disappear at full depth of discharge, suggesting that the formation of Se–
Se dimers is not entirely reversible. It is possible that there are Se–Se bonds in the
new high-impedance phase that is irreversibly formed during oxidation as indicated
by operando XRD and EIS measurements. Regardless, the new mode provides
evidence for an oxidation mechanism in which Se–Se dimers are formed, which are
expected to form due to the spectroscopic evidence of persulfides in Li2FeS2 and
the inherent chemical similarities in S and Se.

Discussion
The charge storage mechanism of Li2FeQ2 is influenced by the identity and substi-
tution of the anion Q. Upon Se substitution for S, the major oxidation and reduction
features shift to lower potentials, and the shift is most significant at later states of
charge where anion redox contributions are more substantial. The GITT measure-
ments show that the shift in potential is inherent to the electronic structure of the
material, and not just a change in kinetic overpotentials, confirming the participa-
tion of Se in the redox mechanism. The voltage shifts due to participation of Se
bands during oxidation and in situ Raman spectroscopy data support the formation
of Se–Se dimers, just as S–S dimers form upon oxidation of Li2FeS2.[122, 163] The
oxidation potential of the solid solution trends with anion substitution, suggesting
that oxidation occurs from bands with both Se and S character. The relative contri-
bution of metal oxidation vs. anion oxidation is also affected by anion substitution.
Counter to the discrete, sequential oxidation of Fe2+ and S2− in the sulfide end-
member, Se substitution leads to a more covalent Fe–anion interaction that results
in both Fe2+ and anion (S2− and Se2−) oxidation throughout the charging profile.
We note that the charge states indicated here are simply formal oxidation states to
facilitate bookkeeping of the oxidation states and do not represent the actual charge
on each atom.
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Figure 6.11: (a) Ex situ Raman spectroscopy of pristine Li2FeSe2. (b) In situ Raman
spectroscopy of Li2FeSe2 and (c) the correlated charge/discharge curve measured
at C/10 based on 1 e−. A new vibrational mode appears at 219 cm−1 appears
upon charging. The new mode is at the same frequency as Se–Se stretches in
FeSe2 supporting the hypothesis that perselenide moieties are formed throughout
the oxidation process as Se and Fe are both oxidized to compensate for Li+ removal.

To discuss the influence of anion substitution on the relative contributions of cation
vs. anion redox in these materials, we compare the K-edge shifts for Fe, S, and
Se during oxidation and reduction of Li2FeSe2 and Li2FeSSe (Figure 6.12). Both
materials show a shift in the edge position of both Fe and Se throughout charge,
and Li2FeSSe shows an analogous shift in the S edge position. At the earliest states
of charge, however, the Fe K-edge shifts more than the S and/or Se K-edge in both
cases suggesting a greater contribution from Fe-rich bands at lower potentials. The
Se edge begins to shift more than the Fe edge as the long plateau is approached in
both cases. In the case of Li2FeSe2, the Fe and Se K-edges shift by approximately
the same amount. The mixed material, however, shows a greater contribution from
Se compared to Fe in the last part of the charge curve. The mixed material is less
covalent and thus the decreased rehybridization reduces the contribution from the
metal center at high states of charge, similar to the decoupled Fe and S oxidation
in Li2FeS2. The S K-edge does not show the same shift as Se, which may point to
the mixed anion states having more Se than S character due to Se states being of
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higher energy relative to those of S. The shift in the Se edge could also be affected
by the formation of S–Se dimers in which the more electronegative S atom draws
charge away from the Se. Overall, the Fe K-edge shift is greater in Li2FeSSe than
Li2FeSe2 due to the greater covalency in the latter, where the charge storage is more
shared between the cations and anions and leads to formally less oxidized Fe centers
at high states of charge.

Figure 6.12: The metal and chalcogen K-edge positions overlaid on the charge and
discharge curves for (a) Li2FeSe2 and (b) Li2FeSSe. The edge shift is greater upon
charge in the mixed anion material.

Fe, S, and Se K-edge XAS of the discharged samples of both Li2FeSe2 and Li2FeSSe
show near complete recovery of the pre-edge and edge positions. The near-edge
scattering features, however, show partial reversibility that provides evidence that
reversible anion redox is accompanied by irreversible local structural changes. The
change in local structure is likely a result of the second phase that is observed in the
operando XRD and corroborated by intermittent EIS measurements that showed the
persistence of a higher charge-transfer resistance in Li2FeSe2 after the first charge.
The concurrent oxidation of Fe and Se coincides with rapid phase separation, rather
than a pseudo-continuous contraction of the lattice upon charging as observed in
Li2FeS2. We hypothesize that the structural changes are the cause of capacity fade
in Li2FeSe2.
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6.3 Conclusions
Li2FeSe2 and the solid solution Li2FeS2-ySey exhibit reversible multielectron storage
capacity enabled by both cation and anion redox. The oxidation potential can be
systematically tuned between the sulfide and selenide end members, indicating that
the anions are well mixed as a solid solution and the electronic structure is composed
of bands of mixed Se and S character. Fe, S, and Se K-edge XAS studies indicate
that oxidation affects the electronic structure of all three components (i.e. Fe, S,
and Se) throughout the charge profile, which is in contrast to Li2FeS2 that shows
Fe oxidation followed sequentially by S oxidation.[163] The anion oxidation of the
selenide end member results in the formation of Se–Se dimers as evidenced by in
situ Raman spectroscopy, similar to the S–S dimers formed Li2FeS2.[163] Using
information gleaned from the Fe, S, and Se K-edge spectra, we suggest that the mixed
anion materials form mixtures of S–S, S–Se, and Se–Se dimers upon mixed anion
oxidation, which agrees well with the systematic shift in the oxidation potential
observed in the electrochemistry. The discovery of tunable anion redox provides the
ability to study the influence of metal-anion covalency on the multielectron redox
mechanisms at play in Li-rich systems.

The high degree of covalency in Li2FeSe2 enables continuous oxidation of both Fe
and Se throughout the charge. Covalent metal-anion bonds are often implicated in
the multielectron oxide literature as a desirable property with the aim of stabilizing
anion redox. We observe that the more covalent Fe-Se material shows anion redox
earlier in the charging profile. The reversibility of the redox, however, is worse
in the selenide compared to the sulfide and interestingly trends with stoichiometry
with more Se causing systematically poorer capacity retention. The loss in capacity
retention is likely due to the structural changes that occur upon cycling. The selenide
forms a high impedance second phase upon oxidation that never completely reverts
to the initial material during reduction. Therefore, our results indicate that while
increased covalency increases the propensity of anion redox at lower voltages, the
structural changes incurred through anion-anion bonding have the potential to be
deleterious to material performance. As such, addressing metal-anion covalency
alone is not enough to guarantee increased charge storage capabilities. Instead,
developing holistic understanding of the changes to both electronic and bulk structure
upon charging and discharging is necessary to design next-generation multielectron
storage materials.
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6.4 Experimental Methods
Materials Preparation. The Li-rich selenide Li2FeSe2 was prepared in an evac-
uated vitreous silica ampoule from Li2Se, FeSe2 (preparations discussed below),
and Fe (Acros Organics, 99%) in stoichiometric quantities. To prevent corrosion of
the reaction vessel, the inside of the silica ampoule was coated with carbon. The
reactants were heated to 500 � at 5 � min−1, allowed to react for 12 h, heated
to 1000 � at 1 � min−1, allowed to react for 24 h, at which point the reaction
was quenched in a water bath. The product formed as a black polycrystalline ingot.
The product is air and water sensitive and was kept under inert conditions for all
processing and manipulations.

Li2FeS2 was prepared according to our previously reported protocol.[163] Li2S
(Beantown Chemical, 99.9%), FeS2 (Acros Organics, 99.0%), and Fe (Acros Or-
ganics, 99%) were combined in stoichiometric quantities, sealed in a C-coated silica
ampoule under vacuum, and heated at 5 � min−1 to 500 �, allowed to dwell for
12 h, heated to 900 � at 1 � min−1, and allowed to dwell for 16 h before cooling
to room temperature. The material was collected, stored, and manipulated in an
Ar-filled glove box.

The solid solution Li2FeS2-ySey was prepared from stoichiometric quantities of the
end members. Powders of the reactants were ground together in an Ar-filled glove
box, pelleted, and sealed in C-coated silica ampoule. The reactions were heated
at 5 � min−1 to 900 � and allowed to dwell for 24 h before cooling to room
temperature.

Li2Se was prepared from Li metal (Alfa Aesar, 99%) and Se powder (Acros Organics,
99.5+%) in a sealed silica ampoule. To prevent rapid, uncontrolled reaction between
the the chalcogen and the alkali metal, each reactant was contained in an individual
alumina crucible within the tube. The crucible containing the chalcogen was placed
on top of the crucible containing the alkali and the tube was sealed and kept upright.
The reaction vessel was heated at 1 � min−1 to 400 � and allowed to dwell at
temperature for 12 h before cooling to room temperature. The Li2Se product was
collected from the crucible originally containing the Li in an Ar filled glove box.

FeSe2 was prepared from a stoichiometric mixture of Fe powder (Acros Organics,
99%) and Se powder (Acros Organics, 99.5+%). The elements were ground together
until homogeneous, densified into a pellet, and heated at 10 � min−1 to 700 �,
allowed to dwell for 12 h, then cooled to 550� at 1� min−1 and allowed to dwell
for 24 h.
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Material Analysis. Powder X-ray diffraction patterns were collected on a Pana-
lytical X’Pert Pro Diffractometer equipped with a CuK𝛼 X-ray source. To prevent
oxidation of the material during the measurement, the powders were mounted on
a glass slide and covered with polyimide tape. The diffraction patterns were fit by
the Rietveld method using GSAS-II.[75] Crystal structures were visualized using
Vesta.[76]

Electrochemical Studies. The materials were combined in composite electrodes
at a ratio of 3:1:1 by mass of active material:polytetrafluoroethylene (PTFE, Sigma
Aldrich) : Super P carbon (Alfa Aesar, ≥99%). The composite mixture was
ground to homogeneity with a mortar and pestle, and pressed into pellets of 0.25”
diameter with a hand driven arbor press. Electrochemical measurements were
collected in 2032 coin cells with dried 18 mm diameter glass fiber separators
(Whatman GF/D), polished Li metal counter/reference electrodes, and 11 drops of
electrolyte (approx. 156 mg). All potentials hereafter are in reference to the Li metal
counter/reference electrode potential which is taken to be approximately equal to
Li/Li+ . The electrolyte was prepared as a 1 M solution of LiPF6 (Sigma Aldrich,
≥99.99%) in a 1:1:3 mixture by volume of ethylene carbonate (Sigma Aldrich,
>99%), propylene carbonate (Sigma Aldrich, >99%), and dimethyl carbonate (Sigma
Aldrich, >99%). Galvanostatic cycling data was collected at a rate of C/10 based on 1
e− per formula unit, unless otherwise noted. Cyclic voltammetry data was collected
at a rate of 0.1 mV/s unless otherwise noted. Galvanostatic intermittent titration
technique data was collected at a rate of C/10 based on 1 e− per formula unit for
20 min followed by a 4 h open circuit hold step. All electrochemical measurements
were collected using a Biologic BCS 805 battery cycler unless otherwise noted.

Electrochemical Impedance Spectroscopy. Electrochemical impedance spec-
troscopy (EIS) measurements were carried out using a VersaStat MC electrochemical
workstation. Impedance was measured in the frequency range of 100 kHz to 50 mHz
with a sinusoidal excitation voltage of 5 mV (peak to peak). The cells were incre-
mentally charged or discharged at a rate of C/10 (based on 1 e− per formula unit) in
steps of 0.1x (where x is mol of Li), and the voltage of the cell was allowed to relax to
an equilibrium value after each charge/discharge step. The EIS measurements were
then carried out under open circuit conditions at ambient temperature. The resulting
spectra were analyzed using ZSimpWin software. A modified Randles equivalent
circuit model was used in the analysis. The simulated impedance plots agreed well
with the actual impedance spectra, with less than 5% error for each circuit element.
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The Nyquist plots exhibited a depressed semicircular loop in the high frequency
region (100 kHz to 1 Hz) and a prominent tail at low frequencies (below 1 Hz)
characteristic of mass transfer-related processes. Accordingly, a modified Randles
circuit was used for analyzing the impedance response. The modified Randles
circuit consisted of a resistor (R𝑠) in series with an RQ circuit comprised of a
constant phase element (Q1) in parallel with a resistor (R𝑐𝑡) and constant phase
element (Q2) in series. The full circuit can be represented as R𝑠[Q1[R𝑐𝑡 Q2]].
Here, R𝑠 and R𝑐𝑡 denote the uncompensated series resistance and charge transfer
resistances, respectively. The constant phase elements Q1 and Q2 represent the
double layer capacitance and the mass transfer process, respectively. The constant
phase element (CPE) was used instead of the ideal capacitor to account for the
distributed capacitance arising from the nature of the porous electrode. The CPE
has impedance similar to a capacitor, but with a phase angle of less than 90 degrees.
The impedance of CPE is defined as, Z𝐶𝑃𝐸 = 1/[Q0(j𝜔)𝑛], where 𝜔 is the angular
frequency and n is a constant number between 0 and 1. Thus, when n = 1, the CPE
becomes a capacitor and the imaginary component of the Warburg element when
n = 0.5. The values for n were close to 0.8 for Q1 and 0.45 for Q2 in the present
study.

X-ray Absorption Spectroscopy. Samples for ex situ X-ray absorption spectroscopy
(XAS) were prepared in 2032 coin cells with a Li foil anode, glass-fiber separator
(Whatman, GF/D), 12 drops of electrolyte (approx. 170 mg), and a composite elec-
trode with the active material of interest (prepared as described above). Electrodes
were galvanostatically cycled to various states of charge using predetermined voltage
cutoffs. The coin cells were disassembled under inert conditions, electrodes were
then removed, washed with dimethyl carbonate, and dried under vacuum for > 2 h.
Samples were sealed under an Ar atmosphere in the Al sample holder with either
polyimide tape (Fe and Se) or polypropylene film (S). Fe and Se K-edge XAS was
collected at beamline 4-1 and S K-edge XAS was collected at beamline 4-3 at the
Stanford Synchrotron Radiation Lightsource at SLAC National Accelerator Labo-
ratory. Samples were measured at the Fe and Se K-edges from one or two sweeps
(depending on sample quality) in both fluorescence and transmission modes, where
the data shown are the summed fluorescence data for each sample. Samples were
measured at the S K-edge from four sweeps in fluorescence mode. Calibration,
background correction, and data processing of X-ray absorption near edge structure
(XANES) was performed using Athena.[77] The Fe K-edge data and Se K-edge
data were calibrated to a collinear Fe foil or Se standard, respectively, present for
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each sample. S K-edge data was calibrated to a sodium thiosulfate standard that
was checked repeatedly throughout experimentation to ensure a constant energy
shift. Data quality and collection in a limited window in k-space precluded EXAFS
analysis.

Operando XRD Studies. XRD measurements were performed using a Bruker D8
diffractometer with a Co K𝛼 source (_1 = 1.78897 Å, _2 = 1.79285 Å), equipped
with a Lynxeye XE-T detector. A modified Swagelok cell, with a Be window
serving as a current collector, allowed for diffraction patterns to be collected during
electrochemical cycling. XRD scans were performed in a Bragg-Brentano geometry
over a range of 25° to 40° 2\ with a total scan time of 20 minutes. Scans were
continuously repeated throughout the duration of electrochemical cycling. Two
electrode operando cells were assembled in an Ar-filled glovebox using Li metal as
a combined counter and reference electrode and Whatman GF/D borosilicate glass
fiber sheets as the separator. 1 M LiPF6 in ethylene carbonate and dimethylcarbonate
(1:1 v/v) was used as the electrolyte. Working electrodes were prepared by blending
active material with Super P (Alfa Aesar, ≥99%) and PTFE (Sigma Aldrich) in a
ratio of 70:15:15 (wt.%), respectively, and pressing under uniaxial pressure.

In Situ Raman Spectroscop. Raman spectra were collected on a Horiba XploRA
One confocal Raman microscope. All spectra were collected with a 785 nm diode
laser, a grating with groove density 1200 gr mm−1, and 1% laser power (≈0.52 mW)
to minimize laser damage to the samples. The hole and slit were fixed at 500
and 200 `m, respectively. The laser was focused using a 50× (numerical aperture
0.50) objective, which yielded a nominal lateral resolution of ca. 785 nm and ax-
ial resolution of ca. 6.28 `m. In situ measurements were performed by focusing
the laser on the front-side of the cathode in a custom spectroelectrochemical cell
(Figure 2.7) with a nylon body, stainless steel current collectors, and a borosilicate
glass cover slip window (0.17-0.25 mm thickness). The cell stack was assembled
with a free-standing electrode prepared in an 8:1:1 ratio by mass of active mate-
rial:polytetrafluoroethylene (PTFE, Sigma Aldrich) : Super P carbon (Alfa Aesar,
≥99%), a Whatman GF/D glass fiber separator with a 3/32" hole punched out, a
polished Li foil anode with a 5/32" hole punched out, and 6 drops (94 ± 2 mg) of
electrolyte. The electrolyte was the same composition as that used for the cycling
experiments diluted by a factor of 10 to yield 0.1 M LiPF6 to limit interference from
fluorescence. Spectra were collected with a 10 s acquisition time and 360 accumu-
lations after optimizing the focus for each spectrum. Spectra were collected while
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the cell was cycled galvanostatically at C/10 based on 1 e− and the electrochemical
program was paused for each collection.



97

C h a p t e r 7

AN EXPLORATION OF SULFUR REDOX IN LITHIUM
BATTERY CATHODES

Adapted from: Zak, J. J.; Kim, S. S.; Laskowski, F. A. L.; See, K. A. An Exploration
of Sulfur Redox in Lithium Battery Cathodes. J. Am. Chem. Soc. 2022, 144,
10119—10132.

Chapter Abstract

Secondary Li-ion batteries have enabled a world of portable electronics and elec-
trification of personal and commercial transportation. However, the charge storage
capacity of conventional intercalation cathodes is reaching the theoretical limit set
by the stoichiometry of Li in the fully lithiated structure. Increasing the Li:transition
metal ratio and consequently involving structural anions in the charge compensation,
a mechanism termed anion redox, is a viable method to improve storage capacities.
Although anion redox has recently become the front-runner as a next-generation
storage mechanism, the concept has been around for quite some time. In this per-
spective, we explore the contribution of anions in charge compensation mechanisms
ranging from intercalation to conversion and the hybrid mechanisms between. We
focus our attention on the redox of S because the voltage required to reach S redox
lies within the electrolyte stability window, which removes the convoluting factors
caused by the side reactions that plague the oxides. We highlight examples of S
redox in cathode materials exhibiting varying degrees of anion involvement with a
particular focus on the structural effects. We call attention to those with intermediate
anion contribution to redox and the hybrid intercalation- and conversion-type struc-
tural mechanism at play that takes advantage of the positives of both mechanistic
types to increase storage capacity while maintaining good reversibility. The hybrid
mechanisms often invoke the formation of persulfides, and so a survey of binary and
ternary materials containing persulfide moieties is presented to provide context for
materials that show thermodynamically stable persuflide moieties.
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7.1 Introduction
Although multielectron behavior has been observed in some oxides, detailed mech-
anistic understanding remains elusive. Anion redox may explain the observed
multielectron storage, but the community has yet to agree on the charge storage
mechanism. Multielectron storage in oxides has been attributed to high valent
metals,[196] trapped molecular O2,[48] reversible formation of peroxo-like oxi-
dized O species,[25, 26, 102] and decomposition reactions.[23, 52, 53] Developing
mechanistic understanding is difficult in oxide systems where high operating volt-
ages cause electrolyte decomposition and other degradation reactions.[23, 41, 197]
The challenges are magnified when studying anion redox because the high volt-
ages required to access the O 2p states coincide with side reactions that convolute
electrochemical and spectroscopic data. Even if anion redox is responsible for the
observed capacities, the issues associated with studying anion redox in oxides make
it difficult to develop structure-property relationships. Furthermore, many of the
multielectron oxides use 4d and 5d metals which are generally less abundant and
heavier than the 3d metals. Thus, we aim to discuss anion redox in sulfides to not
only develop clear structure-property relationships but also to realize multielectron
materials using 3d metals.

Relative to oxide systems, sulfides are ideal for studying anion redox and developing
structure-property relationships. Coupled cation-anion redox was first predicted in
Li-rich metal sulfides like Li2FeS2 in the late 1980s.[122, 198] Sulfides present
several advantages over oxides: they are softer, more polarizable and are stable
in a wide variety of structures. Sulfides intrinsically operate at lower voltages
than oxides, which removes barriers associated with electrolyte decomposition,
degradation reactions, and gas release. The energetics of the S valence states
allow it to form relatively covalent metal-anion bonds with the more abundant,
less expensive 3d transition metals. For these reasons, Li-rich sulfides may be
the key to understanding and designing reversible anion redox behavior in next-
generation cathodes. Despite the promise, some challenges still remain. The
low voltage of sulfide oxidation limits energy density and sulfides are traditionally
air-sensitive. Li-rich sulfides exhibit hysteresis between the charge and discharge
curves. Additionally, poor stability of the oxidized structure may be a concern for
some materials.

A fundamental understanding of S redox could provide the insight necessary to
understand anion redox in multielectron materials. Here, we discuss S redox in
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Figure 7.1: The degree to which S participates in charge compensation can vary
widely depending on the material, thermodynamics (voltage), and kinetics (current).
The structural response to the anion redox defines the charge storage mechanism and
the range of structural responses can be binned into three categories: intercalation,
hybrid, and conversion. As more charge is compensated by the S, the mechanism
shifts from an intercalation mechanism to a hybrid mechanism to finally a conversion
mechanism. Each mechanism spans over a range of potential S redox contributions
with variation attributed to different materials families. Combinations of these
mechanisms can be observed in a single material.

materials ranging from intercalation materials with minimal anion redox contribu-
tions to materials with coupled cation-anion redox to conversion materials that only
utilize the anions. Anion redox can be thought of as a sliding scale ranging from
conventional intercalation chemistry at one extreme to conversion chemistry at the
other. Hybrid mechanisms that couple anion and cation redox occupy the continuum
between the extremes (Figure 7.1). The mechanism depends both on the extent to
which the anion is participating in charge compensation and the structural changes
incurred through mobile ion insertion/removal. The mechanism also depends on the
thermodyanmic factors (voltage) and kinetic factors (current). Several mechanisms
can be observed in a single material, and shifting between mechanisms can be as
simple as changing the rate. We develop a holistic picture of S anion redox by
considering its consequences on both the electronic and physical structure, within
the continuum. We explore several case studies for each mechanism and discuss
how the materials respond to anion redox. Specifically for hybrid mechanisms, the
formation of persulfides is often invoked as the key structural response that stabi-
lizes sulfide oxidation. Thus, we conclude the perspective with overarching trends
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and observations from a survey of binary and ternary persulfides to discuss the
thermodynamic structures that accommodate persulfides. By considering patterns
that dictate the presence persulfides in thermodynamically stable phases, we hope to
inform future directions for materials that support reversible anion redox behavior.

7.2 Intercalation Chemistry: Minimal Anion Contributions and Structural
Changes

We begin our discussion with an example of a charge storage mechanism with
minimal anion redox contributions: intercalation chemistry. Intercalation involves
the incorporation of a mobile species, in this case a cation, into a host material. The
incorporation of the ion causes minimal structural changes and the resulting material
remains related to that of the original material by one or more crystallographically
equivalent orientational relationships. Thus, the process is considered a topotactic
reaction.[199] Upon (de)intercalation of Li+ in materials like LCO, NMC, and
NCA, the lattice responds by simple expansion and contraction. Such changes
are minimally disruptive to the structure; for example, the volume change in LCO
with Li+ (de)intercalation is ~3%,[200] which results in highly stable cycling. In
addition to physical structural responses, incorporation of cations causes changes
to the electronic structure. As cations are intercalated, the material is reduced to
satisfy charge compensation.

The canonical example of intercalation in sulfides is TiS2, discovered in the 1970s by
Whittingham.[105, 106] TiS2 adopts a layered structure with layers of edge-sharing
TiS6 octahedra separated by a 2.8 Å van der Waals gap. Up to one full equivalent of
Li+ can be intercalated into the octahedral sites within the van der Waals gaps to form
LiTiS2. Upon Li+ interaclation, the material is reduced and the charge compensation
is often simply described with formal oxidation states: reduction of Ti4+ to Ti3+.
Li+ can then be removed via the same mechanism resulting in formal oxidation of
Ti3+ and minimal structural deformation. Typical discharge and charge curves of
TiS2 are shown in Figure 7.2a. When cycled between 1.4 V and 3 V vs. Li/Li+ (all
subsequent voltages will be referenced to the Li/Li+ couple), the electrochemistry
of TiS2 is highly reversible with the sloping voltage profile indicative of a single-
phase mechanism.[111, 201, 202] The shape of the voltage profile is determined
by kinetic and thermodynamic factors, but thermodynamic factors tend to dominate
in materials that have small overpotentials, like TiS2. Incremental insertion of Li+

leads to a thermodynamic mixture of LixTiS2, resulting in the voltage decreasing
steadily as a function of increasing x.
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Figure 7.2: (a) Galvanostatic cycling of TiS2 reveals a highly reversible, gently
sloping charge and dsicharge profile. (b) The partial density of states calculation for
LiTiS2 and TiS2 shows mostly Ti character near the Fermi level (𝐸𝐹). Both (a) and
(b) are adapted in part with permission from Ref. 26. Copyright 2018 American
Chemical Society. Graphical representations of density of states near the Fermi
level in (c) TiS2 and (d) LiTiS2, respectively, with assignments and relative energy
shifts. The Ti 𝑡2𝑔 states fill as the material is reduced. Relative changes in relevant
band positions from Moreau et al.[1].

Although Ti plays a majority role in charge compensation, the Ti-S bond has covalent
character and thus the charge compensation is somewhat shared by the S. Covalent
interactions are most often considered as the classical electron pair bond; that is, the
bond is characterized by the overlap of charge distributions of antiparallel electron
spin between neutral atoms.[203] Ionic solids, on the other hand, consist of charged
species strongly bound by electrostatic interaction. In most materials, the bonding
is more complex and involves a balance of attractive and repulsive forces that sum
to the lattice energy of a crystal. There exists a continuum between a perfectly
ionic and perfectly covalent crystal, and most materials exist somewhere between
the two. Electronegativity and size (i.e. polarizability) of cations and anions in a
crystal are good proxies for determining the extent of ionic vs. covalent character in
the bonding. Experimentally determining covalency requires techniques that probe
mixing of the electronic states of the cation and anion such as XAS, X-ray emission
spectroscopy (XES), and resonant inelastic X-ray scattering (RIXS). XAS is one



102

of the more widely employed techniques due to the wealth of information that can
be gained. The K-edge position is indicative of oxidation state while shakedown
transitions and pre-edge features probe transitions to valence states and are thus
reporters of covalency. The intensity of the features below the edge is closely
related to metal-ligand d-p mixing.[40] Metal L-edge XAS is also a precise probe of
covalency. The dipole-allowed p to d transition causes the total integrated intensity
to be proportional to the 3d character in unoccupied valence orbitals.[40] Mixing
of cation and anion bands can also be calculated computationally with density
functional theory (DFT) and visualized with a partial density of states diagram.

The aforementioned techniques can thus be used to evaluate the degree of covalency
in TiS2 and correlate the covalency with the charge compensation mechanism.
We will begin by discussing the XAS data. Of course, Ti participates in charge
compensation with clear evidence in the Ti L- and K-edge data,[1, 202, 204] however,
we will focus our discussion on the participation of S. Wu et al. reported ex situ
XAS spectra at the S K-edge collected for Li𝑥TiS2 (x = 0, 0.4, 0.8, 1) and observe a
systematic decrease in the two near-edge features corresponding to t2𝑔 and e𝑔 band-
like mixed Ti 3d-S 3p states, indicating that the mixed states are filled as the material
is reduced.[204, 205] A broad feature above the edge attributed to S 3p states mixed
with Ti 4s and 4p states systematically shifts to lower energies and increases in
intensity primarily due to backscattering effects from higher coordination number
of S in LiTiS2 (six in LiTiS2 compared to three in TiS2). Operando S K-edge XAS
by Zhang et al. provides finer detail to the same experiment and corroborates the
trends.[201] All of the observed changes indicate that the electronic structure of S
changes upon redox.

Calculated band structures corroborate the experimental findings and aid in visu-
alizing the cationic and anionic contributions to the valence states. The partial
density of states diagrams for TiS2 and LiTiS2 calculated by Zhang et al. are shown
in Figure 7.2b.[201] The bands near the Fermi level in TiS2 contain both Ti and S
character and predict that, upon reduction of TiS2, the first electron would occupy
the Ti 3d states that are antibonding with S 3p states.[1, 201, 204, 205] Said another
way, S 3p states are mixing with d0 Ti4+ states similar to a ligand-to-metal charge
transfer that is often invoked in molecular metal complexes. Upon discharging to
LiTiS2 (reduction), the partial density of states shows Ti states dominate, indicating
a decrease in covalency.[201] The change is represented graphically in Figure 7.2c
and d with relative energy shifts from Moreau et al.[1] Zhang et al. performed
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Bader charge analysis, which calculates the charge on each atom, and predict that
one Ti and two S gain 0.089 and 0.384 electrons, respectively, for each intercalated
Li+, further indicating S contribution to charge compensation.[201]

Next, we discuss the implications of the (de)lithiation reactions on the structure of
TiS2. The physical response has been explored on a bulk level with X-ray diffraction
(XRD)[206–209] and on a local level with EXAFS analysis[201, 202]. On the
bulk scale, TiS2 undergoes a volume expansion of approximately 11% upon Li+

insertion.[210] Operando XRD experiments show that the expansion and subsequent
contraction of the lattice as Li+ is inserted and removed is reversible, indicating no
permanent bulk structural deformations.[209] However, on a local level, EXAFS
above the Ti K-edge reveals permanent changes in the second coordination shell
(i.e. Ti-Ti correlations) despite completely reversible changes to the first-shell Ti-S
correlations.[201, 202] With respect to S, there is only a slight lengthening of the
Ti–S bond upon reduction (lithiation) and, with no change in coordination number
observed for Ti, it follows that the S sublattice undergoes little to no change beyond
expansion. Figure 7.3 shows the structure of LiTiS2 vs. the fully delthiated TiS2.
The original atom positions in LiTiS2 are shown as black circles overlaid on the
TiS2 to highlight the minimal structure change despite removal of a full equivalent
of Li+.

Figure 7.3: Conversion between LiTiS2 and TiS2 causes minimal changes to the
structure. Upon delithiation, the c lattice parameter decreases and the Ti-S bond
slightly compresses. The original atom positions of LiTiS2 are overlaid in black on
the TiS2 structure to facilitate comparison.

The mechanism becomes significantly more complicated when TiS2 is discharged
(reduced) below 1.4 V. Zhang et al. report a new plateau at 0.45 V when TiS2 is
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discharged to 0.05 V.[201] The plateau is attributed to the reduction of Ti cations
to Ti0 and the formation of Li2S. However, despite the precedence for this type
of mechanism in metal oxides like Fe2O3[211] and Co3O4[212], there is limited
evidence in the TiS2 system. Any obvious spectral signatures of Li2S in the S
K-edge XAS are missing and XRD studies only show signs of Li2S at intermediate
states of charge.[201, 213] Several studies suggest the possibility of Li+ inserting
into the structure in tetrahedral sites, which have also been predicted to be more
stable.[201, 214–216] Regardless, Zhang et al. show in the operando S K-edge XAS
that there are irreversible changes to all spectral features after a single discharge to
0.05 V. The irreversibility is likely structural in nature. Slow Li+ diffusion kinetics
during oxidation of the discharge products may also contribute.

In summary, charge compensation in the canonical intercalation material TiS2 is
somewhat shared between Ti and S due to mixed bands with Ti d and S p character
near the Fermi level. However, the contributions from S are small and the layered
TiS2 structure is thermodynamically stable resulting in minimal impact to the S
sublattice upon delithation, despite the undercoordinated S in TiS2. Cycling in a
sufficiently anodic voltage range is highly reversible with minimal structural changes,
limited mostly to a slight Ti–S bond lengthening. Thus, anions can participate in the
charge compensation processes of intercalation reactions that come with minimal
structure changes and a high degree of reversibility. Along the continuum depicted
in Figure 7.1, intercalation reactions lie at the far left where redox contributions
from the anion are small along with the corresponding structural changes.

7.3 Extensive Structure Change: Conversion
Next we consider charge storage mechanisms where charge compensation is entirely
accounted for by the anion: conversion chemistry. We consider the (de)lithiation of
elemental S, which is most commonly studied as the S8 allotrope.[217, 218] When
S8 is reduced, substantial structural rearrangement occurs in which all the original
S-S bonds are broken and new Li-S bonds are formed to yield Li2S. Conversion-
type mechanisms have also been reported in binary metal sulfides in which Li2S is
formed along with the associated reduced metal, but we will first focus our attention
on S8 to explore the role of S in conversion-type materials without convolution
from other components like transition metals. Li-S systems are of interest due to
the high theoretical capacity (1672 mAh g−1 for S8 vs. 274 mAh g−1 for LCO)
and the widespread abundance of S.[219, 220] S8 is a molecular crystal composed
of eight-membered, puckered rings in an orthorhombic unit cell where the average
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intra-ring S-S bond is 2.04 Å and the shortest inter-ring distances are around 3.7
Å (Figure 7.4). S adopts the eight-membered ring structure in part due to the atomic
size that disfavors short double bonds due to poor orbital overlap. This concept is
referred to as the double bond rule, which states that elements with a principal
quantum number (n) greater than 2 for the valence electrons form single-bonded
structures instead of double bonds.[221] S forms strong single bonds with itself (215
kJ mol−1)[222] and, as such, catenates into structures like S8.

Figure 7.4: The charge storage mechanism in a Li–S battery involves conversion of
orthorhombic S8 to Li2S and back, necessitating a large structural rearrangement.
The S8 and Li2S structures are shown to-scale and contain the same number of
S atoms to highlight the differences between the two materials. Although the
mechanism for conversion in the solid-state is not known, we highlight some possible
translation vectors for each S atom to convert from S sublattice in S8 to that in Li2S.

Upon electrochemical insertion of Li+, S8 is eventually converted to Li2S, which
requires a 2 electron reduction per S atom. Li2S has a cubic unit cell with an FCC S
sublattice and no S connectivity; the shortest S-S distance is 4.1 Å. The conversion
from S8 to Li2S therefore requires a substantial structural rearrangement. Figure 7.4
shows the S8 structure to Li2S with a constant number of S atoms to compare the
atom positions and volume. Reduction to Li2S causes up to 80% volume change
and a significant rearrangement of the S sublattice.[223]

The structural changes produce various problems in Li-S cells, including slow kinet-
ics, diminished electrode integrity, and decreased active material accessibility.[224]
A liquid electrolyte can overcome some of these issues by allowing for a solution-
mediated pathway from S8 to Li2S via various soluble Li polysulfide intermediates.
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In liquid electrolytes, S8 is first electrochemically reduced to break the ring struc-
ture, leaving the terminal sulfides available to coordinate Li+.[225] The resulting Li
polysulfide species are soluble and can be further reduced to shorter-chain polysul-
fides and eventually to solid Li2S. However, soluble intermediates shuttle to the Li
anode where they are chemically reduced, resulting in poor Coulombic efficiency
and active material loss.[226, 227] Because of the multiple phases formed during
discharge, the discharge profile exhibits two characteristic plateaus. Here, however,
to focus on direct solid-state conversion mechanisms, we will only touch on sys-
tems with inorganic solid-state electrolytes (SSEs) that preclude the formation and
transport of polysulfide intermediates.

Solid-state reduction of S8 is characterized by a single, gently sloping voltage profile
in the galvanostatic discharge data shown in Figure 7.5a.[223, 228–231] The lack
of distinct features and relatively flat plateaus in the electrochemical profile can
indicate two-phase behavior. In the case of all-solid-state Li-S cells, ex situ XRD
and XAS suggest that the discharge curve represents the conversion of S8 directly
to Li2S.[232, 233] Direct conversion requires breaking of relatively strong S–S
bonds and rearrangement to form a close-packed FCC sublattice. Although the
mechanism for the solid-state transformation of S8 to Li2S is not known, we show
the smallest possible translation vectors required to convert S8 to Li2S in Figure 7.4.
Given slow Li+ diffusion kinetics in the solid-state and poor electronic conductivity,
kinetics tend to be sluggish. As such, particle morphology, especially size, plays
an essential role in addressing the kinetic limitations of the S8 to Li2S (and the
reverse) conversion reaction.[234, 235] Transient polysulfide intermediates could
alleviate kinetic limitations, but they are likely to be non-crystalline phases that
would require extensive spectroscopic characterization for detection. Solid-state,
crystalline lithium polysulfides are not thermodynamically stable, including the
widely suggested Li2S2 intermediate which lies approx. 70 meV off the convex
hull.[236] In-depth spectroscopic studies of the redox mechanisms in all-solid-state
Li-S cells have not been done, but the insight gained from such a study would be
immensely useful in understanding solid state S redox.

Conversion-type mechanisms in binary metal sulfides exhibit similar characteristics
to the reduction of S8. For example, pyrite FeS2 (Pa3̄) consists of a FCC lattice of
Fe2+ octahedrally coordinated by persulfides, S2−

2 , which connect adjacent corner-
sharing polyhedra. This type of structure is markedly different from previously
discussed binary metal sulfide, TiS2, which adopts a layered structure and high-
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Figure 7.5: Galvanostatic cycling of (a) S8 in an all solid state setup (Li | Li3PS4
| S8) at a C/20 rate and (b) FeS2 in a traditional liquid electrolyte cell (Li | 1 M
LiPF6 in 1:1 EC/DMC | FeS2) at a C/40 rate. In both cases, cells are discharged
(reduced) first and undergo a conversion-type reaction. Upon charging, the Li-S
cell undergoes the same conversion reaction in reverse whereas FeS2 exhibits a
hybrid-type mechanism. Li-S data are adapted from Ref. 56. Copyright 2015 The
Electrochemical Society. Reproduced by permission of IOP Publishing. All rights
reserved. FeS2 data are adapted in part with permission from Ref. 64. Copyright
2017 American Chemical Society.

valent Ti4+ coordinated exclusively by sulfide anions (S2−). Reduction of pyrite
FeS2 yields a high capacity of 893 mAh g−1 based on a 4 e− transfer assuming
complete conversion of Fe2+ to Fe0 and persulfide (S2−

2 ) to sulfide (S2−). Figure 7.5b
shows a representative example of the first two cycles of FeS2. The first discharge
is characterized by a long plateau below 1.5 V that involves either a one-step
reaction or a multi-step reaction depending on the discharge rate and temperature.
Regardless of the step count, the flat plateau indicates a two-phase mechanism.
Although multiple intermediate species have been proposed, including several in
the ternary Li-Fe-S phase space, the final product at the end of first discharge is Fe
and Li2S.[126, 147, 237–241] With a key difference, this mechanism mirrors that of
S8, which is converted to Li2S as well, and thus experiences a similarly disruptive
structural rearrangement as a consequence of S reduction. The main difference is
of course the presence of Fe, which changes the reduction pathway. The potential
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at which FeS2 converts to Fe and Li2S is approximately 500 mV lower than that
observed in an all-solid-state Li-S cell.[147]

The first charge cycle for pyrite FeS2 exhibits more complex behavior compared
to S8-Li2S conversion. Multiple mechanisms have been proposed. Based on in
situ XRD and 57Fe M ¥𝑜ssbauer, Fong et al. proposed that Li2FeS2 is formed as an
intermediate species during the first plateau at 1.7 V, followed by disproportionation
to nonstoichiometric pyrrhotite, FeS𝑦, and elemental S.[126] Butala et al. observed
a conversion from Fe and Li2S to an intermediate ternary local structure during the
lower plateau from ex situ Fe K-edge XAS and operando PDF. A shift in the low-r
peaks was observed by PDF for the subsequent plateau, suggesting the expansion and
contraction of bond lengths associated with an intercalation-type mechanism.[147]
Zou et al. proposed that instead of the formation of a ternary intermediate, layered
mackinawite FeS is formed during the first plateau, followed by Li2S oxidation to
elemental S, based on ex situ XRD and TEM.[241] The conclusions from Zou et
al. are supported by the electrochemical behavior of the all-solid-state Li-S cell.
During the first charge (after initial discharge), Li2S is oxidized to S8 (i.e. S2− to S0)
around 2.5 V. Zou et al. calculated that the upper plateau around 2.5 V is due to the
same process. The result underlines the difficulty of oxidizing S2− in Li2S, a highly
stable material, back to a binary metal persulfide of a different structure. While
the conversion would necessitate only partial oxidation, it also requires significant
structural reorganization. Instead, the S2− either remains S2− as in FeS or is oxidized
all the way to elemental S8. It follows that the second discharge curve differs from
the first, further confirming that pyrite FeS2 is not recovered at the end of charge.

Although FeS2 is not recovered at the end of charge, Fe and Li2S are recovered as
discharge products upon cycling. Butala et al. showed that the PDF of discharged
cycles four and five can be fit with a combination of hexagonal close-packed Fe
and Li2S with larger diameter clusters than early cycles. The result suggests that
Fe clusters grow with subsequent discharges.[147] As for subsequent charge cycles,
PDF profiles of charge products resemble that of the first cycle, indicating that the
same products are recovered.[147] Additionally, each cycle exhibits high Coulombic
efficiency, indicating reversible oxidation of Fe and Li2S. However, absence of
pyrite FeS2 suggests a different mechanism on the first discharge that is not repeated
thereafter. In short, FeS2 undergoes a complex multi-phase mechanism upon the first
discharge and is converted to Fe and Li2S, which is comparable to the mechanism
in Li-S systems. Even in FeS2 systems, the shuttle effect of polysulfides (S2−

𝑛 ) as
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well as Fe dissolution are thought to have an adverse effect on the electrochemical
performance.[241–243]

The electronic structure of FeS2 reveals insights about the effect of metal-anion
covalency on anion redox. In the pDOS of FeS2, the states right below the Fermi
level mostly consist of Fe d character (t2𝑔), with little hybridization with the S p
states.[192, 244] Above the Fermi level, a stronger hybridization between Fe 3d
(e𝑔) and S 3p states is observed. The calculations agree with the pioneering works
of Rouxel that suggested lowering d levels along a period will eventually lead to
energetic overlap. As the metal d states overlap with the anion p states, the d levels
will be filled at the expense of the sp valence band associated with the anion.[198]
The presence of hybridized anion p states near the Fermi level suggests that anion
redox can be accessed without subjecting the material to extreme conditions such
as high voltages or drastic structural changes.

To summarize, the conversion mechanism using anion redox could yield gravimetric
capacities an order of magnitude higher than current commercialized Li-ion cath-
odes. However, for the conversion of S8 to Li2S several factors preclude highly
reversible and stable cycling. A primary issue is the slow kinetics associated with
the difficulty of converting between structurally dissimilar S8 and Li2S. Solution-
mediated pathways are more kinetically favorable but incur challenges related to
the polysulfide shuttle effect. Forcing solid-state conversion with SSEs results in
volume changes that can lead to diminished ionic transport, electronic transport,
and interfacial contact issues over time.[245] Pyrite FeS2 also realizes a high gravi-
metric capacity accompanied by large structural changes that prove detrimental to
long-term efficacy. Conversion mechanisms based on S redox therefore present
a foil to the intercalation systems involving S electronic states, discussed in the
previous section. Intercalation materials like TiS2 are highly reversible due to the
minimal changes in structure during cycling but are intrinsically limited in capacity.
Conversely, conversion materials have high theoretical capacity but large structural
changes diminish long-term cyclability. Thus, conversion materials lie on the far
right side of the anion redox continuum shown in Figure 2.1 in which maximal
charge is stored by the anion and significant structural changes are incurred. In
the following section, we will discuss a "hybrid-type" mechanism that incorporates
elements of both intercalation and conversion based around S redox, which results
in high capacities and good reversibility.
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7.4 Intermediate Structure Change: Hybrid Mechanisms
Charge storage mechanisms that lie between conversion and intercalation may offer
opportunities for high capacity storage coupled with minimal, or at least reversible,
structural changes. The intercalation-type material TiS2 shows reversible electro-
chemistry with minimal structural change but with a limited capacity of one electron
per transition metal. On the other end of the spectrum, the conversion-type mate-
rial S8 can be reduced to Li2S yielding large capacities but the extensive structural
reorganization inhibits reversibility. How can we take advantage of the benefits
of both mechanisms while mitigating the drawbacks? Combining mechanistic ele-
ments from both intercalation and conversion into a hybrid-type mechanism allows
for a middle ground to be achieved. A material that exhibits the reversibility of
intercalation chemistry while surpassing the intercalation capacity limit would be
transformative for next-generation LIB cathodes. While this limit can be broken by
targeting multielectron storage on a single metal, we will focus on mechanisms that
employ the electronic states of the anions in the charge compensation mechanism.
Because the anion is involved, there is likely to be some structural response to the
oxidation. The degree to which the structural response resembles intercalation or
conversion depends largely on the system and experimental conditions. The degree
to which, and how, S redox is involved also depends on these metrics and under-
standing the implications of anion redox on the structure is the key to achieving
reversible, high capacity, multielectron storage.

To avoid the massive structural rearrangements associated with substantial charge
compensation provided by the anion in conversion mechanisms, we can instead target
an intermediate regime in which the anion participates in charge compensation but
is not fully oxidized. By leveraging only partial oxidation of the anion, perhaps we
can achieve more reversible, but still high capacity, storage. To explore the concept
of partial anion oxidation, we must first begin with lithiated metal sulfides that
contain greater than one mol equivalent of Li+ relative to the transition metal. These
so-called Li-rich metal sulfides allow for the possibility of multielectron oxidation
(relative to the transition metal). In Li-rich structures, removal of more than one
equivalent of Li+ requires charge compensation by traditional transition metal redox
with additional compensation via anion redox, assuming the metal is only capable
of less than one electron redox.

Several Li-rich metal sulfides have been reported and many have Ti in a layered
structure, likely due to position of the Ti 3d states relative to the S 3p states. One
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recently studied Li-rich sulfide is Li2TiS3, but it proves to be electrochemically
inactive due to the d0 Ti4+ and apparent inability to access S states.[117, 118]
Efforts to activate anion redox have focused on adjusting the band positions of the
metal with respect to the S, which can be accomplished by substituting a different
metal on the Ti site. Li et al. reported the Li-rich sulfide Li1.2Ti0.6Co0.2S2 with
appreciable capacity from anion oxidation despite having the same C2/m structure
as Li2TiS3.[117] Charge-density difference maps from DFT showed that the S is the
primary contributor during the first oxidation, especially S atoms proximal to Co
sites. Co is suggested to change the electronics to stabilize holes on S over oxidation
of the metals.

Figure 7.6: The oxidation of S2− could result in the formation of S–S bonds to form
a persulfide, S2−

2 . The location of the S–S bond will likely vary between different
phases. (a) For instance, oxidation of Li2TiS3 (left) is suggested to form persulfides,
S2−

2 , along the octahedral edge. Reproduced from J. Am. Chem. Soc 2021, 143,
1908–1916. Copyright 2021 American Chemical Society. Oxidation of Li2FeS2
(right) causes minimal changes in the Fe local structure and thus the S–S bond
is hypothesized to form due to tilting of the corner sharing Fe tetrahedra. X-ray
absorption at the (b) Fe and (c) S K-edge of Li2FeS2. Reproduced from J. Am.
Chem. Soc. 2020, 142, 6737–6749. Copyright 2020 American Chemical Society.

Anion redox can also be activated through structural manipulations that alter the
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electronic interaction between the metal and anion bands. Saha et al. reported a
family of materials that utilizes chemical substitution to activate anion redox by syn-
thesizing rock-salt Fe-substitued Li2TiS3, written as Li1.33−2y/3Ti0.67−y/3FeyS2.[118]
Here, Fe is formally in the 2+ oxidation state, providing partially filled bands with d
character closer in energy to the S 3p states than the 3d states of Ti. As a result, Fe2+

is oxidized to Fe3+ at early states of charge followed by oxidiation of S2− at higher
states of charge as evidenced by spectroscopic characterization. It is worth noting
that the authors do not invoke persulfide formation, and instead use Sn− to represent
partially oxidized S. By operando XRD, the discharge pathway differs from the
charge pathway but the original structure is regained after a full cycle. However,
in all reported systems with Ti4+, Ti4+ reduction to Ti3+ is invoked upon discharge,
which leads to different charge compensation mechanisms and a voltage drop for
oxidation in subsequent cycles. Nagarajan et al. reported an analogous system using
Fe substitution in Li2SnS3 instead of Li2TiS3. The results are similar in that both Fe
and S redox are observed, except in this case the Sn4+ remains redox inactive.[246]
Structural manipulations can also be accomplished with the introduction of Ti3+.
Flamary et al. mixed LiTiS2 (P3̄m, O1 stacking) and Li2TiS3 (C2/m, O3 stacking)
to yield a material in the R3̄m space group with both Ti3+ and Ti4+.[114] The elec-
trochemical behavior of the synthesized Li(LixTi1−x)S2 (0.17 ≤ x ≤ 0.33) materials
is similar to that of the Fe-substituted system detailed above. Ti3+ is first oxidized
to Ti4+ then S2− is oxidized at higher states of charge. Here, the authors do invoke
persulfide formation based on XPS analysis. Li2TiS3 can additionally be activated
by introducing defects. Mechanochemically prepared Li2TiS3 is suggested to form
a cation disordered cubic rocksalt phase that can be oxidized,[115, 116] although
the stoichiometry of the as-prepared phase is not probed. Oxidation is suggested to
involve the sulfide anions resulting in the formation of S–S bonds along the edge of
the TiS6 octahedra near Li+ vacancies.[115] The S–S bond is predicted by AIMD
and the PDF data suggests a new correlation near 2.0 Å which corresponds with the
predicted bond length.[115] Kitchaev et al. also predict with DFT that as Li2TiS3
is oxidized, a S–S bond will form along the octahedral edge. Their predicted
delithiated structure is shown on the left in Figure 7.6a with two persulfides per
vacancy.[247] The most direct evidence of a S–S bond is found in the Na literature,
and although the Na systems are outside the scope of the perspective, this particular
study is worth noting. The S K-edge EXAFS of oxidized NaCr2/3Ti1/3S2 shows a
shoulder on the short side of the first shell correlation peak which is suggested to
arise due to S–S bond formation.[248]



113

The rock salt-type structures are suggested to accomodate reversible formation of
a S–S bond. To compare, we next turn back to the Li-Fe-S ternary phase space to
explore a different structure type. We remind the reader that the reversibilty issues
plaguing pyrite FeS2 revolve around the inability to recover the pyrite structure
after initial reduction and to accommodate Li+ without a large structural change.
However, in Li-FeS2 cells, Li2FeS2 with various structures has been proposed as
a ternary intermediate, [126, 237] based on the Li-Fe-S ternary isothermal phase
diagram at 450 � and 57Fe M ¥𝑜ssbauer.[151, 249, 250] Li2FeS2 has also been
prepared by solid-state synthesis methods and its structure has been extensively
studied.[120, 122, 124, 127] Li2FeS2 adopts the P3̄m1 space group and crystallizes
as a layered material, in which layers of edge-sharing octahedral Li are separated
by layers of edge-sharing tetrahedral mixed Fe/Li,[120] as shown in Figure 7.7b.
Early reports the electrochemistry of Li2FeS2 revealed reversible cycling behavior
in an intermediate voltage range between 1.45 and 2.45 V.[123] Fong et al. recently
demonstrated that the delithiated phase differs from that of pyrite or marcasite
FeS2 and more closely resembles pristine Li2FeS2, suggesting that elements of the
structure are maintained during cycling.[126] This result also highlights one of the
reasons FeS2 is not formed when cycling Li2FeS2. The S sublattices are different;
that is, the formally S− of the persulfide anions in FeS2 do not adopt the close-packed
configuration that the S2− anions in Li2FeS2 do. The difference in the S sublattices
is visualized in Figure 7.7. The anion sublattice in layered Li2TiS3 as described
above also adopts a close-packed configuration, and, analogous to Li2FeS2, TiS2 is
not observed upon delithiation. As such, Li2FeS2 presents an interesting system to
explore S redox in a material with structural motifs reminiscent of intercalation-type
materials. Recently, Hansen et al. studied Li2FeS2 extensively and characterized
the charge transfer mechanism.[163]

Electrochemical and spectroscopic characterization of Li2FeS2 reveals both inter-
calation and conversion characteristics. As shown in Figure 7.8a, the charge profile
of Li2FeS2 exhibits an initial sloping region characteristic of intercalation-like be-
havior followed by a long plateau indicating a transition to two-phase behavior at
approx. 2.5 V. Li2FeS2, whose theoretical capacity is 400 mAh g−1 based on full
delithation, exhibits a capacity of 350 mAh g−1, indicating multielectron transfer.
Charge compensation in the initial sloping region is associated with Fe2+/3+ oxida-
tion, which is supported by the shift in the rising Fe K-edge to a higher energy as
shown in Figure 7.6b.[163] In the subsequent plateau, a new pre-edge feature appears
in the S K-edge spectrum as shown in Figure 7.6c that matches the pre-edge fea-
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Figure 7.7: The structures of (a) pyrite FeS2, (b) Li2FeS2, (c) Li2TiS3, and (d–f)
their corresponding anion sublattices shown as space-filling models. Spacing-filling
models show that Li2FeS2 and Li2TiS3 anions are close packed while those of FeS2
are not.

ture associated with persulfides in pyrite FeS2, suggesting S oxidation to persulfides
((S2)2−).[163] Interestingly, the position of the Fe K-edge does not shift in the plateau
region, suggesting that oxidation occurs in a discrete fashion with S following Fe.
The subsequent discharge curve somewhat mirrors the charge curve with a plateau
at 2.2 V and a sloping region below 2.2 V. The difference in the charge/discharge
profiles suggests a different redox pathway as opposed to a simple reversal of the
charge process. Nonetheless, the Fe and S K-edges of discharged Li2FeS2 resemble
those of the pristine material, suggesting that Fe and S are reversibly reduced to the
pristine states at the end of discharge.[163] It is important to note that the lower
voltage cutoff here is limited to 1.7 V, thereby preventing reduction to Fe and Li2S,
which, based on cycling of FeS2, is not fully reversible.[147]

The unusual electrochemical behavior suggests topotactic deintercalation of Li+ in
the initial stages compensated primarily by oxidation of Fe2+. The following flat
plateau indicates a transition from a single-phase intercalation-like mechanism to
a two-phase mechanism during which S2− is oxidized to S2−

2 . pDOS calculations
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show that the bands near the Fermi level are dominated by Fe d states initially but
become more covalent with S p states as Li+ is removed, which eventually manifests
as a transition from Fe to S oxidation.[163] Assuming the plateau is solely anion
redox, approximately 50% of the S2− is oxidized to S2−

2 . Unlike in FeS2, elemental
S8 is not observed spectroscopically or in the operando XRD. Only a 3% contraction
along the C direction is observed by operando XRD.[163] Therefore, it follows that
persulfide formation results in minimal long-range structural transformations and the
parent layered structure is largely maintained. Persulfides may distort the structure
locally, and the EXAFS analysis suggests a possible mechanism of tetrahedral tilting
as shown in Figure 7.6b. However, upon discharging the original structure reforms,
indicating persulfide formation is reversible and minimally disruptive. The same
cannot often be said for Li-rich oxides. One of the best performing examples,
Li2RuO3, adopts a layered structure similar to Li2TiS3 and is able to cycle over
1.5 eq. of Li per formula unit as shown on the right in Figure 7.8a. During the
first charge, several plateau features are observed, including one around 4.2 V that
is attributed to oxidation of O2−.[24, 25, 251] The character of the oxidized O is
debated, with hypotheses including localized holes on O,[44] formation of peroxo-
like moieties,[26] and trapped molecular O2.[48] Regardless of the mechanism,
which may be material dependent, in all cases the first charge cycle looks significantly
different than the discharge and subsequent cycles. The change in shape is also
accompanied by a significant drop in capacity - 13 % in the case of Li2RuO3. As such,
the complex nature of the oxidation mechanism and inherent partial irreversibility
in oxides motivates interest in the reversible anion redox observed in some sulfides.

The reversibility of Li-rich metal sulfides is intrinsically linked to the oxidation
mechanism, specifically the electronic and structural nature of anion oxidation. As
alluded to earlier in this section, Li+ vacancies have been purported to facilitate S–S
bond formation during the oxidation of S2− in several materials systems. Ab initio
molecular dynamics simulations by Sakuda et al. probed the structural response to
delithation of disordered cation rocksalt phase of Li2TiS3.[115] S atoms adjacent
to more than one Li+ vacancy preferentially formed S–S bonds.[115] Flamary et al.
also hypothesize about the importance of vacancies in forming S–S dimers, rational-
izing it through a reductive coupling mechanism.[114] That is, S2− is oxidized to S−,
which is short-lived due to Ti-S covalency and rapidly reduces Ti4+ to Ti3+ forming
S2−

2 moieties preferentially along the octahedral edges of Ti surrounding Li+ vacan-
cies. However, neither experimental nor computational evidence for this hypothesis
is given. Kitchaev et al. filled the computational evidence gap by performing DFT
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Figure 7.8: Galvanostatic cycling of (a) Li2FeS2 and (b) Li2RuO3, which both
exhibit multielectron storage based on cation and anion redox contributions. The
cycling behavior of Li2FeS2 is much more reversible than that in Li2RuO3. Li2FeS2
electrochemistry adapted from J. Am. Chem. Soc. 2020, 142, 6737–6749. Copy-
right 2020 American Chemical Society.

calculations on oxidized Li2TiS3 with both the Ti3+ and Fe2+ substitutions finding
that both preferentially formed persulfide moieties along metal octahedral edges ad-
jacent to Li+ vacancies.[247] The importance of vacancies carries to other structure
types as well. In Li2FeS2, we hypothesize that the formation of vacancies upon
oxidation cause formerly edge-sharing tetrahedra to become corner-sharing. The
now corner-sharing tetrahedra can then tilt to form a S–S bond during oxidation
without changing the first coordination shell of the Fe, which does not change much
according to the EXAFS data.[163] Although the S–S bond is not being formed
along a polyhedral edge, this type of structural persulfide formation mechanism also
requires the presence of Li+ vacancies.

The high reversibility of Li2FeS2 provides insights about design rules for multi-
electron cathode materials. First, the oxidation of Fe to compensate for initial Li+

removal via intercalation plays two roles: (1) it allows for rehybridization of the Fe
d and S p bands resulting in increased covalency and S p states closer to the Fermi
level, and (2) it creates vacancies in the lattice that provide space and degrees of free-
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dom for the distortions necessary to bring adjacent S atoms close enough together
to form persulfides. By this mechanism, the oxidation of S2− is limited such that
the layered structural framework is largely maintained. Furthermore, by limiting the
lower voltage cutoff, there is no over-reduction to Li2S. Notably, Li-Li2FeS2 cells
polarize during oxidation upon delithation of approximately 1.8 eq. of Li without
any signs of over-oxidation to elemental S, indicating the integrity of the layered
structure even at high degrees of delithation. Fe maintains its coordination number
during cycling without migrating to an octahedral environment.[163] Unlike Li-rich
oxide materials in which the metal–O bond breaks prior to the formation of peroxo-
like species, S is able to make S–S bonds without breaking the metal–S bond. The
retained metal–anion bond mitigates the metal migration that produces densifica-
tion and capacity loss in oxides.[56, 57] Minimal phase change also signifies that
there is little volume expansion of the active material, ensuring electrical contact for
continued cycling and simple synthesis without the need for nanostructuring. By
avoiding a full conversion to a completely different species while accessing extra e−

transfer via S redox, the hybrid mechanism can significantly increase capacities of
cathode materials.

From studying the mechanism of Li2FeS2 in comparison with that of FeS2, we
highlight the importance of a structural framework that can accommodate persulfide
formation while avoiding conversion to Li2S or S8. The formation of a S–S bond
necessitates degrees of freedom on the local scale to allow distortions that lead
to persulfide formation. Therefore, we recognize the importance of understanding
structural motifs that accommodate persulfide formation.

7.5 Persulfide Survey
Persulfide formation is hypothesized to be a mechanism by which sulfides are oxi-
dized in multielectron anion redox materials with high reversibility. Therefore, it is
prudent to understand what structural motifs and environments support persulfide
formation. The most reversible electrochemical cycling will occur between materi-
als that are thermodynamically stable (e.g. TiS2 and LiTiS2). As such, we compiled
a list of solid-state binary (*-S) and ternary (*-*-S) phases that contain persul-
fide moieties in thermodynamically stable structures. Alkali, alkaline earth, and
transition metals as well as metalloids and lanthanides were all considered. Struc-
tures predicted with DFT from Materials Project[252] were cross-referenced with
experimentally reported structures from the Inorganic Crystal Structure Database
(ICSD)[253, 254]. Only materials that were synthesized and characterized are in-
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cluded in the survey. A summary of the survey results for both binary and ternary
sulfides is shown in Figure 7.9. Here, a subset of materials and structures are dis-
cussed to identify trends, but the full lists of binary and ternary materials containing
persulfides from the survey can be found in the publication from which this chapter
is adapted.

Only two persulfides exist in groups 1 and 2 that can be synthesized at ambient
pressure: Na2S2 and BaS2. Na2S2 is isostructrual to Li2O2 with alternating layers
of octahedrally coordinated Na and trigonal bipyramidal Na with persulfides along
c.[255] BaS2 has eight-coordinate Ba with persulfides along two polyhedral edges
per Ba.[256] With there being so few stable persulfides in these groups, it is difficult
to pull out trends. However, the transition metals provide a much richer phase
space. Group 3 has no binary persulfides or compounds of the form MS2 because
the elements only have one d electron and are not stable in a 4+ oxidation state. All
elements in Groups 4 and 5, apart from V, form compounds with MS3 stoichiomtery
in the ZrSe3 or NbSe3 structure type consisting of high-coordinate metals with
several persulfides along polyhedral edges.[257, 258] V forms persulfides in VS4
with eight-coordinate V and four persulfides per metal.[259] Group 6 does not form
any persulfides. Upon reaching Group 7, a significant change to the stable S-rich
materials is observed. Mn,[260] Fe,[261] Ru,[262] Os,[263] Co,[261] and Rh[264]
all form stable phases of the form MS2 with space group Pa3̄, the pyrite structure.
The pyrite structure consists of corner-sharing MS6 octahedra and all S exists as
part of a persulfide. As a result, the metals are in the 2+ oxidation state. This is
at odds with materials like TiS2, VS2, and others from earlier groups that adopt
a P3̄m structure with layers of edge-sharing MS2 octahedra separated by van der
Waals gaps. The P3̄m structures contain no persulfides and the metals are in the 4+
oxidation state. The phenomenon has been called the "layered-to-pyrite" transition
and is due to greater overlap of metal d and anion sp bands moving across the period
from left to right.[198] Later group metals like Rh and Ir also form compounds
with persulfides where the metal is in the 3+ oxidation state (e.g. Rh3S4[265] and
Ir3S8[266]). Interestingly, these materials have similar connectivity to the pyrite
structure with some corner-sharing octahedra that are connected by persulfides.
Ir3S8 is a defect pyrite structure with ordered vacancies. Moving into Groups 10,
11, and 12, materials with the pyrite structure can be found for Ni, Cu, Zn, and Cd
but have only been successfully synthesized at high pressure.[261]

In the survey, no post-transition metal or metalloid binary persulfides were found
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synthesized at ambient pressure. Additionally, there are some lanthanides that have
persulfides and they are generally of the form LS2[267] or LS1.9[268] with the lan-
thanide most commonly in the 3+ oxidation state. The structure of these lanthanide
materials is always high-coordinate lanthanide (most often nine-coordinate) with one
or two persulfide edges and a combination of face- and edge-sharing connectivity.

Figure 7.9: Elements that constitute reported binary and ternary sulfide phases con-
taining persulfide S2−

2 moieties. Solid and dashed purple borders represent binary
phases synthesized at ambient pressure and high pressure, respectively. Binary
materials that form with stable persulfides at ambient pressure are good starting
points for further investigation into electrode materials that can best accommodate
reversible anion redox. Fill colors indicate compositional categories for ternary ma-
terials. The composition of a ternary persulfide depends on the electronic structure,
size, and favorable coordination environments of each constituent ion.

From the results of the survey of binary S-containing materials, several trends are
observed. When the cation is a transition metal, the metal-anion interactions dictate
the electronic structure and thereby the physical structure in which the material
crystallizes. A notable example is the layered-to-pyrite transition, which is most
starkly observed in MS2 phases going across the period of 3d transition metals.[198]
If the metal d states overlap sufficiently with the S p states, the S is oxidized
preferentially over the metal, which stays in a lower oxidation state. In this case,
nearly all binary transition metal persulfides have octahedrally coordinated metals
with some degree of corner-sharing connectivity and persulfides joining adjacent
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polyhedra with primary examples being the pyrite and marcasite structures. We note
that the materials still contain metal-anion bonds. If the metal d-S p overlap is not
sufficient, the metals are stable in a more highly oxidized state and with the S present
as sulfide (S2−). This is observed in materials that adopt a layered structure like TiS2.
Moving to 4d and 5d transition metals and to different metal:anion ratios, this trend
has exceptions in which metals adopt a higher order, irregular, and unsymmetrical
coordination environment with the persulfides along polyhedral edges instead of
connecting adjacent polyhedra. Several persulfide-containing phases are stable with
cations that are not transition metals but structural trends within the families are not
obvious.

We also surveyed ternary systems. The survey returned 103 unique materials, of
which 71 contain persulfides. Here, a persulfide is defined as a S–S dimer where
neither S atom is a part of a polyanion or a longer polysulfide chain. Contrary to the
binary survey, a majority (48) of the ternaries with persulfides include an alkali or
alkaline earth metal. Notably, only one phase contains Li, Li2B2S5, which has an
unusual structure in which persulfides are found as part of five-membered B2S3 rings
connecting layers of distorted edge-sharing LiS4 tetrahedra.[269] There are similar
materials with Na (Na2B2S5[269]) and K (K2B2S7[270]), but as the the cation gets
larger moving down the group, the alkali metal cation coordination number increases.
In Na2B2S5, the Na cations adopt a distorted octahedral geometry, and, in K2B2S7,
the K cations are able to accommodate an 8-coordinate environment and include
additional persulfides along polyhedral edges. The theme of larger cations resulting
in high-coordinate environments to accommodate persulfides continues with Rb and
Cs, and the number of reported compounds increases going down the group as well.
Most are of the form AxMySz where A is an alkali metal and M is either a 4d[271, 272]
or 5d[273] transition metal (with the exception of Ti) or a later group post-transition
metal or metalloid (i.e. Ga,[274] Sn,[275] Sb[276]). The few materials with
alkaline earth metals have distorted 8-coordinate Sr or Ba with persulfides again
along polyhedral edges.[277, 278] Beyond Groups 1 and 2, there are several stable
ternary transition metal sulfide halides–such as V4S9Br4,[279] MoS2Cl3,[280] and
NbS2Br2[281]–that adopt structures with similar bonding motifs consisting of high-
coordinate metals in small clusters linked in two-dimensional layers. Additional
ternary transition metal sulfides that have persulfide moieties include late-group
post-transition metals and metalloids like Tl,[282] Sb,[283] and Bi,[284] which
adopt high-coordinate environments with S. Very few ternary lanthanides with S–S
dimers as defined here have been reported with the only examples being LaSO,[285]
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in which the anions separate into distinct layers, and La2CuS4.[286] In both cases,
La adopts an 8-coordinate environment with S.

Among ternary materials, the survey shows that a consistent structural feature of
stable persulfides is high-coordinate environments of one or more component with
S, leading to S–S dimers forming along polyhedral edges. Of course, the cation
size is a significant factor that determines the type of coordination environments a
particular atom is likely to adopt. Therefore, it makes sense that most of the ternary
materials found through this survey have at least one late-group, large element that
is able to accommodate high-order and unusual coordination environments. This
trend is also observed in the survey of the binaries as detailed above, apart from
those that form in the pyrite or marcasite MS2 structures. It follows, then, that
perhaps the pyrite and marcasite transition metal sulfides are to be regarded as
more of an exception to the rule that thermodynamically stable S–S dimers require
high-coordinate atoms and tend to result in unusual and low-symmetry structures.

7.6 Sulfide Oxidation vs. Oxide Oxidation
Now that we have explored anion redox in metal sulfides, we can compare their
structural response to that in the analogous Li-rich oxides. Li-rich oxides have been
a focus of research in the battery field for over a decade due to high capacities and
operating voltages. Multielectron redox has been observed in several materials with
the most reversible being in the Li2MO3 family where M is a 4d or 5d metal, some-
times with 3d metals and metalloids added for stability.[24, 25, 27, 287] Oxidation
of lattice O is invoked in these systems and a mechanism of peroxide formation
has been suggested based on experimental and computational results. However, the
available evidence is convoluted by complex and competing decomposition reac-
tions. The difficulty of studying anion redox in oxides is one of the reasons sulfides
provide a rich opportunity to understand the structure-property relationships that
govern reversible anion redox behavior. Oxidation of sulfides is easier to control
than oxides as S8 is a solid and O2 is a gas, which is released from the lattice
causing densification around O vacancies, metal over-reduction, pressure buildup
in the cell, and significant capacity fade.[23, 56, 57, 60] This difference is due to
the fact that valence electrons in S have a principal quantum number of 3 and there
are vacant d orbitals that can be used in bonding, which results in the formation
of molecular crystals like S8. Conversely, O may only form sp hybridized bonds,
which is why multi-atom forms of O only include gases like O2 and O3. Another
advantage is that sulfide oxidation to persulfides also occurs at a lower voltage
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than oxide oxidation and is therefore not convoluted by electrolyte decomposition
reactions. Furthermore, many commonly used electrolytes like LiPF6 in organic
carbonates do not contain S, so even if there was electrolyte decomposition on the
cathode, element-specific characterization techniques would be unaffected. Finally,
there are very few binary transition metal peroxides with the most common being
in Group 12 (ZnO2, CdO2, HgO2). As such, if peroxides are forming in Li-rich
metal oxides, the fully delithiated end member will not be stable. This also holds
true for LCO and isostructural oxides. In LCO, if greater than half an equivalent of
Li+ is removed, there are several monoclinic phase transformations because layered
CoO2 is not a stable phase.[288] In the case of sulfides, there are many stable binary
persulfides as mentioned above, suggesting a richer phase space for potential anion
redox materials.

7.7 Conclusions and Outlook
Sulfur anion redox has been studied for decades and presents a viable method to sig-
nificantly increase charge storage capacity in cathode materials. The response of the
structure to anion redox plays a significant role in determining cycling stability and
overall reversibility of the cathode materials. In general, the more the anion is con-
tributing to the charge compensation processes, the more the structure will respond.
In the case of lithiation of TiS2, S contributes minimally to the charge compensation
and thus oxidation incurs only a slight structure change upon formation of LiTiS2
leading to highly reversible cycling. In the case of conversion-type mechanisms like
that of S8, S is the sole contributor to the charge compensation causing dramatic
structural reorganization, kinetic bottlenecks, and poor reversibility. A hybrid-type
mechanism that employs elements of both intercalation and conversion partially
reaps the benefits of both while mitigating the pitfalls. Specifically, a material that
couples the intercalation chemistry associated with redox on a transition metal with
the minimal bond forming and breaking reactions associated with anion redox is
desirable. The bond forming and breaking reactions must be reigned in to maintain
the skeleton of the original material, thereby preventing the substantial disruptive
rearrangements associated with conversion chemistry.

To take advantage of the high capacities afforded by anion redox, the redox reactions
must be reversible. In the best case scenario, the charge and discharge pathways
are symmetric, as is the case for TiS2, which limits processes that cause capacity
fade. However, reaction path hysteresis, when the charge pathway differs from the
discharge pathway, does not always result in reduced cyclability. For instance, in
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the case of Li2FeS2, even though the reaction paths for oxidation and reduction are
not identical, the structure of the discharged material closely resembles the pristine
structure leading to charge curves on the second cycle that is nearly identical to
the first.[163] The framework of Li2FeS2 is maintained enough during charge that
it can reform during discharge. This is not the case for FeS2, which does not go
through a Li2FeS2 intermediate upon discharge, depending on the rate.[241] The
kinetic control over the reaction pathway is a consequence of the bond forming and
breaking reactions that are hallmarks of sulfide oxidation, or persulfide reduction.
Therefore, starting with an oxidized material and lithiating does not always yield the
same results as delithiating a chemically similar material. As such, it is important
to begin with a structural framework that can accommodate both the sulfide and
persulfide structural motifs.

In an ideal case, the sulfide and persulfide end-members are both thermodynami-
cally stable phases. Per our survey of binary and ternary materials with S–S dimers,
we found only a limited number of stable materials with oxidized S in this form.
Nevertheless, the stable persulfide-containing materials provide potential starting
points for structural frameworks that may support reversible anion redox. We note,
however, that it may be beneficial to leave some alkali in the material upon oxida-
tion to help preserve the framework. In the case of Li2FeS2, full electrochemical
oxidation to FeS2 cannot be achieved due to the kinetic overpotentials required to
convert the phase. Thus, Li2FeS2 has a built-in mechanism that prevents substantial
structural rearrangement, but this is not true if one were to start with FeS2.

When considering materials that start lithiated, we suggest it is important to consider
how the formation of vacancies might play a role in enabling persulfide formation.
Oxidization of sulfides to persulfide requires a rehybridization of the S 3p orbitals,
and thus those p orbitals cannot be tied up in a metal-S bond or a Li-S bond. It
is likely that the vacancies allow for the rehybridization and also provide structural
flexibility that is needed to form the S–S bond.

Further important considerations when selecting candidate materials are the oxi-
dation state of the transition metal and the structure. Leveraging transition metal
redox and finding a structure that accommodates a large alkali content are critical.
The cost and availability as well as the mass of the components should be assessed
to minimize cost and maximize gravimetric capacity and energy density. In this
context, the fact that many stable persulfides form in high-coordinate environments
supported by heavy elements is limiting. There are still, though, several candidate
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materials that meet these qualifications.

As the field moves forward investigating anion redox, we hope more researchers will
continue to place emphasis on not just understanding the changes to the electronic
structure (e.g. oxidation state, metal-anion covalency, band structure) but also the
changes to the physical structural in response to anion redox. We highlight the
importance of operando characterization to view changes in real time and under
operating conditions. Although ex situ measurements are valuable, the physical
structure of a partially delithiated material can change significantly as the structure
relaxes into an equilibrium state different than the structure while cycling.

Of course, several challenges remain in the field of anion redox in sulfides. We still
do not fully understand the structure of the oxidized materials because long range
order is often lost. Carefully evaluating the materials with local structure probes will
prove to be an exciting area. Recent advances in modeling spectroscopic signatures
as they relate to structure, for instance in XAS, will also prove to be a useful tool.
Although we focus on the formation of persulfides as a result of sulfide oxidation,
stabilizing holes on S without a rehybridization is another way in which anion redox
may be leveraged. Such a mechanism is likely when S is participating minimally
in charge storage, but the more the p states are depopulated, the more likely the p
orbitals will rehybridize to form S–S bonds.

An additional challenge is the voltage associated with anion redox of S. The S 3p
states lie at a much higher energy compared to O 2p, and thus the voltage for oxidation
and reduction is low. Most anion redox in sulfides occurs near 2.5 V vs. Li/Li+

and it is crucial to increase the voltage. We caution that overpotentials may appear
to increase the voltage, but we must engineer the crystal chemistry and structure
to increase the thermodynamic potential. We hope the field will take interest in
answering the above questions to uncover the secrets of anion redox and move
towards engineering better performing, high-capacity cathodes for next-generation
LIBs.

7.8 Experimental Methods
Li2RuO3 Synthesis and Electrochemistry. Synthesis: Li2RuO3 was synthesized
according to the procedure outlined by Sathiya et al.[25] Li2CO3 (Sigma-Aldrich,
99+%) and RuO2 (Acros Organics, 99.5%, anhydrous) were ground in stoichiomet-
ric quantities (with a 10% by weight excess of Li2CO3 to counter Li loss at high
temperatures) and pressed into pellets with a hand-operated arbor press. Pellets
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were heated in alumina crucibles in air at 2 ◦C min−1 to 800 ◦C with a dwell time
of 6 h and cooled ambiently to room temperature. The powder was then heated at
2 ◦C min−1 to 900 ◦C for 12 h and 1100 ◦C for 12 h with intermediate grinding steps.

Electrochemistry: Slurries for laminate electrodes were prepared by suspending
80/10/10 (wt%) active material, conductive carbon (SuperP, Alfa Aesar, > 99%),
and PVDF binder (MTI) in N-methyl-2-pyrrolidone (approximately 2 times by mass
of total solids) (Sigma-Aldrich, 99.5%) with a centrifugal mixer (Thinky USA).
Laminates were prepared by doctor blading onto carbon-coated Al foil (MTI) at a
20 `m thickness. The films were dried in air overnight and 1/2" diameter electrodes
were punched from the film. The electrodes were dried in a vacuum oven at 110 ◦C
for at least 12 h, yielding an active material loading of 4-6 mg.

Galvanostatic cycling experiments were performed in 2032 coin cells with a Li foil
counter, Celgard 2400 separator, and 1 M LiPF6 in 1:1:3 (v/v) ethylene carbon-
ate/propylene carbonate/dimethyl carbonate (all Sigma, > 99%, anhydrous) elec-
trolyte at a rate of C/10 based on 1 electron per formula unit.

Persulfide Survey Search Procedure. The structure survey was accomplished in
Python 3.8.5 running on Ubuntu (version 20.04.2 LTS). All S-containing structures
were initially queried from the Material’s Project repository using the Pymatgen
library (version 2020.8.3) and its MPRester class. Structures with Eℎ𝑢𝑙𝑙 values
greater than 0 eV were excluded. Each structure was then converted to an Atoms
object using the Atomic Simulation Environment (ASE version 3.19.1) and its
AseAtomsAdaptor class. The get_all_neighbors() method was employed to screen
for structures where the closest S-S distance was no greater than 2.25 angstroms.
Structures that met the 2.25 angstrom cutoff were exported as .cif files and manually
examined in Vesta. Structures were cross-referenced with the ICSD to include only
experimentally reported phases.
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