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Abstract

High Voltage Reactivity in Lithium Batteries

by

Joseph K. Papp

Doctor of Philosophy in Chemical Engineering

University of California, Berkeley

Professor Bryan D. McCloskey, Chair

A major limit of electric vehicle performance is the energy density of available mobile energy
storage systems. Lithium ion (Li-ion) batteries are now well-known and have enabled many
portable electronics as well as electronic vehicles. However, for greater market penetration
and range competitiveness, a battery with greater practical energy density must be designed.
This dissertation focuses on three methods of improving energy density in lithium based
batteries: lithium oxygen (Li-O2) batteries, Li-rich cathodes for Li-ion batteries, and high
voltage operation of simple transition metal oxide cathodes for Li-ion batteries. To evaluate
each of these technologies, the reactivity of each system is monitored.

Li-O2 batteries, a “beyond Li-ion” battery technology, have a very high theoretical energy
density that is difficult to realize. After initial excitement surrounding the novel chemistry,
many challenges associated with Li-O2 batteries have been highlighted in the past decade.
Among these challenges, the reactivity of oxygen in the system is one of the most pressing.
In this dissertation, the possible stability of LiO2, an advantageous discharge product to the
typical Li2O2, is examined alongside binder degradation in the system.

As the workings of a Li-ion battery require the removal and intercalation of Li, the theoret-
ical capacity is determined by the amount of Li available for extraction from the cathode.
Consequently, a method of increasing energy density in Li-ion batteries is to increase the
stoichiometric ratio of Li in the cathode material. These ”Li-rich” cathode materials demon-
strate large capacities, but must compensate the additional Li with cation double redox or
anion redox. The electrochemical cells must be operated to > 4.5 V vs Li/Li+ to reach these
additional capacities, and this operation results in greater reactivity and instabilities. This
dissertation examines the trends of high voltage instability, especially as it relates to oxygen
redox, in these Li-rich cathode materials.

Typical Li-ion batteries utilize only a fraction of the theoretical capacity available, only
extracting around half of the available lithium from the layered transition metal oxide cath-
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ode material during charge. This is due to enhanced degradation mechanisms and reduced
cyclability when additional Li is extracted at the necessitated higher voltages. Enabling op-
eration of layered transition metal oxides at high voltages would result in increased capacity
without the need for “beyond Li-ion” technologies. But first, the instabilities associated
with Li extraction at voltages beyond the typical cut-off must be well-studied. Currently,
the stability and degradation mechanisms of cathode materials even as common as LiCoO2

remain unclear. In studies presented in this dissertation, high voltage reactivity for layered
transition metal oxide cathode materials is investigated.

The main conclusions of the studies presented here are drawn from measurements moni-
toring the reactivity of each of the aforementioned technologies. Among the measurements
presented in these studies, outgassing and gas evolution measurements by differential elec-
trochemical mass spectrometry have proved paramount in utility. As cell reactivity and
instability at high voltages is often accompanied by outgassing, these measurements have as-
sisted in the elucidation of instability origins. Practical application of Li-O2 batteries remains
elusive as additional instabilities are discovered, Li-rich cathode materials show promise as
various methods of mitigating high voltage instabilities are discussed, and the major sources
of high voltage reactivity of layered transition metal oxide cathode materials are evaluated
here.
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Chapter 1

An Introduction to Lithium Batteries

1.1 Lithium Battery Basics

After the commercialization of Li-ion batteries in the early 1990s, the market share of lithium
based energy storage technologies has continuously increased. Li-ion batteries now provide
energy to numerous types of portable electronic devices as well as most commercial electric
vehicles (EVs). Since Sony first introduced Li-ion batteries to the market in 1991, advances
in materials chemistry and cell engineering have allowed the energy density of commercial
Li-ion batteries to increase, and the cost per unit energy stored to decrease. However, for
continued market penetration in demanding applications, such as EVs and grid scale storage,
advances in Li-ion batteries are needed to achieve greater energy density and lower cost that
can allow electricity to better rival fossil fuels as an energy carrier.1,2

1.1.1 Li-ion Batteries

The chemistry of a typical Li-ion battery is ostensibly straight forward. Batteries are com-
posed of electrochemical cells, and each cell has three primary active components: the cath-
ode, the anode, and the electrolyte. The cathode, the positive electrode, is typically a
porous composite comprised of a layered transition metal oxide powder, a high surface area
carbon black additive to improve electronic conductivity, and a polymer binder, such as
poly(vinylidene fluoride). The electrode is typically prepared by creating a slurry in a sol-
vent in which the polymer can dissolve, followed by coating the slurry on a metal (typically
aluminum for the cathode) foil current collector, and then evaporating the solvent to leave
the dry, porous composite. The transition metal oxide is typically referred to as the active
material, where Li ions can insert in and deinsert from the oxide’s crystal lattice in an electro-
chemically reversible process referred to as intercalation or deintercalation, respectively. The
anode, the negative electrode, is similar in composition, although graphitic carbon powder is
used as the active material and copper foil as the current collector. Li ions can intercalate be-
tween the graphene layers in graphite and do so at potentials much lower than that in which
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they intercalate into a layered transition metal oxide, thereby creating a potential energy dif-
ference between the electrodes that is exploited for energy storage. The electrolyte conducts
Li ions between the electrodes and is usually composed of linear and cyclic carbonate solvents
and Li salt in conventional Li-ion batteries. Between the electrodes, a polymer separator is
also often used to physically and electrically separate the electrodes. The electrolyte ideally
fills the entire porous structure of each electrode and separator, thereby leaving no unfilled
void space throughout the entire anode-separator-cathode stack. A simplified schematic of a
Li-ion electrochemical cell, without the carbon black, binder, or current collectors for clarity,
is shown in Figure 1.1.

Figure 1.1: Simplified diagram of a Li-ion cell containing a graphite anode and a layered
transition metal oxide cathode.

The operation of a Li-ion battery necessitates the shuttling of Li+ ions between the
cathode and anode while the electrons facilitate work in an external circuit on discharge.
The ideal electrochemical reactions for this process during charge, where M is a general
transition metal, are as follows:

Anode : xLi+ + xe− + C6 −→ LixC6 (1.1)

Cathode : LiMO2 −→ Li1−xMO2 + xLi+ + xe− (1.2)

Net : LiMO2 + C6 −→ Li1−xMO2 + LixC6 (1.3)
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For charge neutrality to be maintained, the general transition metal, M, must compensate
the removal of the positive charge accompanying the Li ion. As this process must be reversible
for a secondary battery, M is required to have an appropriate redox couple (e.g., M3+/M4+).
Therefore, if M fully compensates the intercalation of Li in the cathode, the formal oxidation
state of M will be +3 at a state of complete discharge (x = 0) and +4 at a state of complete
charge (x = 1). In this way, the available M redox and total Li present are used to dictate the
theoretical capacity of transition metal oxide (TMO) cathode material. Typical gravimetric
capacities of some common layered TMOs, graphite, and Li metal are provided in Table 1.1,
and as can be seen, the capacities of the anode materials are usually much higher than for
the TMOs.

Material Theoretical Capacity Reversible Capacity
(mAh g-1) (mAh g-1)

LiCoO2 274 1403

LiMn2O4 148 1253

LiNiO2 274 1254

Li(NiMnCo)1/3O2 278 1805

Graphite 372 3503

Li Metal 3860 N/A

Table 1.1: Theoretical and reversible capacities of example transition metal oxides (cathode
materials) as well as graphite and Li metal (anode materials). No commercial cells are
available that use Li metal as an anode, and hence its reversible capacity is not provided.

Due to instabilities and enhanced reactivity as Li ions are removed from the cathode, the
total theoretical capacity of transition metal oxides cannot practically be achieved without
severe loss of capacity retention on subsequent cycles. LiCoO2, the first commercialized
Li-ion battery cathode material that remains widely used in mobile electronics, can only
tolerate the removal of roughly half its lithium content before irreversible degradation be-
gins.6–8 This extraction limit, along with the cost and toxicity of Co, has encouraged the
search for alternative cathode materials. LiNiO2 was briefly considered due to its identical
structure and similar redox couple charge compensation to LiCoO2. Unfortunately, LiNiO2

is not only also limited by irreversible degradation during Li ion extraction, but also suffers
from cation migration between the Li and transition metal layers and a difficult synthe-
sis.9,10 Spinel materials such as LiMn2O4 are utilized because of their extreme stability, but
remain poor replacements for LiCoO2 in terms of capacity.11,12 Instead, transition metal
oxide materials combining Ni, Mn, and/or Co (NMCs) have been developed that combine
beneficial characteristics of each. The batteries based on these materials currently have the
largest practical capacities among commercialized batteries. Each of these cathode materials
maintain crystal structures that facilitate the intercalation of Li ions that has largely been
viewed as a requirement for cathode materials. LiCoO2 and LiNiO2 adopt the α-NaFeO2
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structure, a derivative of the rocksalt NaCl structure.7,9 This structure maintains “layered”
planes of alternating metal and O ions, such that the stacking becomes O-Li-O-M-O-Li-....
The neat layering enables two dimensional Li+ transport through the Li planes. LiMn2O4

adopts a spinel structure that restricts Li+ transport to one dimension.12 This more restric-
tive structure has greater rate capability when compared to a layered rocksalt, however it
cannot maintain as great a lithium content, and hence has lower electrochemical capacity.13

1.1.2 Li-O2 Batteries

Lithium oxygen (Li-O2) batteries are being explored as potential high energy alternatives to
Li-ion batteries.14 Li-O2 batteries have an extremely large theoretical capacity made possible
by incorporating a Li metal anode and a transition metal free cathode material. Rather than
a transition metal oxide intercalation cathode, the cathode for a Li-O2 cell is commonly
carbon black powder bound to a metal mesh current collector using a fluorinated polymer.
The porosity of the electrode and current collector allow access to an oxygen gas reservoir
(ideally air), such that lithium ions react with oxygen gas at the cathode to form lithium
peroxide, Li2O2, as the discharge product. The anode of a Li-O2 cell is Li metal, another
factor in the increased energy density of this cell chemistry given its high theoretical capacity,
as seen in Table 1.1. Initially, similar electrolyte compositions to Li-ion cells were used for Li-
O2 cells, but it was discovered that carbonate based solvents readily degrade in the presence
of the Li-O2 discharge reactions.15 Therefore, Li salts dissolved in ether based solvents are
typically used as electrolytes in Li-O2 cells. A simplified schematic of a Li-O2 electrochemical
cell is shown in Figure 1.2.

Many challenges are associated with the chemistry of a Li-O2 battery, not least of which
is the insulating Li2O2 discharge product. As the cell is discharged, the Li2O2 discharge
product accumulates on the carbon cathode until a critical thickness (only a few nanometers)
is reached that disallows electron tunneling.16 This electronic passivation is one of the key
limits to the practical capacity of a Li-O2 battery, but a host of other issues also arise during
operation. For example, if the oxygen reservoir is not pure oxygen, a number of possible
side reactions involving CO2 and humidity will occur that greatly decrease efficiency. This
introduces additional weight in any proposed Li-O2 battery pack design due to the necessary
pressurized O2 gas reservoir.14

1.2 Necessary Improvements for EV Batteries

Improvements must be made to modern commercialized lithium batteries for greater market
penetration of electric vehicles. Primary concerns for drivers of electric vehicles are range,
safety, charging time, and cost.17 Each of these areas has seen improvement over the past
decades, but a major demand remains for gains in each.
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Figure 1.2: Simplified diagram of a Li-O2 cell containing a Li metal anode and a porous
carbon cathode.

1.2.1 Range

There are a varied number of options for improving the capacity of lithium batteries to al-
leviate range anxiety for potential electric vehicle owners. For Li-ion batteries, the capacity
and energy density can be increased by either increasing the gravimetric electrochemically
reversible lithium content in each active material, or by increasing the potential difference
between the electrodes. Increasing the potential difference between electrodes typically in-
volves strategies to raise the operational voltage of the cathode, as Li insertion into graphite
occurs at a voltage very close the thermodynamic limit of reversible Li/Li+ redox (10-100
mV vs. Li/Li+).18,19 However, in raising the cathode voltage, increased instabilities related
to TMO phase transitions and interfacial degradation of both the electrode and electrolyte
are observed, but poorly understood.20 Therefore, efforts to better understand these high
voltage instabilities are needed to continuously enhance energy storage capacity of Li-ion
batteries. An alternative strategy to increase battery energy is to develop new materials
with more reversible Li capacity per unit volume or weight. As an example, Increasing the
lithium content of layered TMOs can be done by synthesizing “Li-excess” materials with
a stoichiometric excess of lithium (LixMO2, x>1).21 The excess lithium provides a greater
theoretical capacity, but the additional charge removal must be compensated by either M
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double redox or lattice oxygen redox, both of which have proven to be poorly reversible in
prior studies.22,23 A more difficult route to increasing capacity is to alter the typical chemistry
used in lithium batteries to a more energy dense chemistry, such as Li-O2, Li-S, or divalent
Mg-ion batteries. More recent research in Li-O2 battery chemistry has also lead to novel
materials showing oxygen redox without an accompanying need for an oxygen gas reservoir,
potentially pushing a form of oxygen redox batteries nearer to commercialization.24 Never-
theless, these battery chemistries also suffer from challenges that limit their rechargeability
and commercialization, as was discussed in the section above.

1.2.2 Safety

While a greater capacity is required to relieve range anxiety, high degrees of lithium ex-
traction from TMOs is often accompanied by instabilities that can cause safety concerns.
Not least among the concerns is gas evolution that could result in battery expansion, short-
ing, and ignition. It is therefore necessary to carefully examine instabilities associated with
increased energy density and capacity to maintain the safety of lithium battery powered
electric vehicles.

1.2.3 Cost

The cost of Li-ion batteries have greatly decreased over the past three decades largely due to
optimized cell engineering and production.25,26 But use of cheaper materials has also helped
reduce costs. Of the battery materials commonly used, cobalt is one of the most expensive
components due to its relative scarcity.27 Efforts to move away from cobalt have resulted in
Ni-rich cathode materials (e.g., Ni-rich NMCs), but there is continued interest in utilizing
more cost-effective alternatives. Manganese based compounds have therefore been explored
given Mn’s abundance compared to Ni and Co, and have the additional benefit of a possible
double redox capability (Mn2+/Mn4+) at high voltages vs. Li/Li+, which could dramatically
enhance material capacity.27

1.3 Monitoring High Voltage Reactivity

This dissertation focuses on the aforementioned instabilities associated with high capac-
ity/high energy density lithium battery technologies. Investigating the high voltage reac-
tivity of intercalation cathodes and Li-O2 reactions is made possible by numerous charac-
terization techniques discussed throughout this dissertation. Particular attention is given
to outgassing and gas evolution monitoring measurements during applied electrochemical
techniques to lithium cells. In the case of Li-O2 cells, oxygen gas consumption and evolution
is critical to understanding the efficiency of the Li2O2 discharge product formation and its
reversible oxidation back to O2 during charging. Outgassing can also provide information
on the mechanisms of side reactions that define high voltage instabilities in Li-ion batteries,
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specifically through the identification and quantification of the masses of gas observed. Addi-
tional information is gained through isotopic labeling of the cell components in certain cases.
High voltage lithium battery materials and associated reactivity are also investigated with
a large number of other characterization techniques as discussed in the relevant chapters.

The objective of this dissertation is to provide a greater understanding of high voltage
instabilities and reactivity in lithium battery cathode materials. Chapter 2 examines Li-O2

batteries and the stability and mechanism of formation for the Li2O2 discharge product.
This study also reveals the propensity for binder degradation in Li-O2 cell cathodes, which
then creates a spectroscopic signature that complicates discharge product characterization.
Chapter 3 highlights various outgassing studies of cobalt-free Li-excess disordered rocksalt
cathode materials with very high experimental capacities. Chapter 4 focuses on the layered
Li2MnO3 material, the parent compound for many Li-excess transition metal oxides, and
demonstrates common irreversible degradation processes associated with severe oxygen redox
when it is operated to high voltages. Oxygen redox at high voltages is studied in more depth
for LiCoO2, LiNiO2, and Li2MnO3 in Chapter 5, as cycling studies and isotopic labeling
reveal reactivity (or lack of it) in these layered transition metal oxides. Finally, Chapter 6
explores the use of transition metal doping to enable highly disordered Li2O based cathode
materials that exhibit extreme oxygen activity.
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Chapter 2

PVDF Binder Degradation in Li-O2
Batteries

2.1 Abstract

In this study, a common Li-O2 battery cathode binder, poly(vinyidene fluoride) (PVDF), is
shown to degrade in the presence of reduced oxygen species during Li-O2 discharge when
adventitious impurities are present. This degradation process forms products that exhibit
Raman shifts (∼1133 and 1525 cm-1) nearly identical to those of lithium superoxide (LiO2),
complicating the identification of LiO2 in Li-O2 batteries. These peaks do not appear on
extracted cathodes when poly(tetrafluoroethylene) (PTFE) is used as a binder, even when
used to bind iridium decorated reduced graphene oxide (Ir-rGO) based cathodes similar to
those that reportedly stabilize bulk LiO2 formation. In all discharges in which the 1133 and
1525 cm-1 Raman shifts are observed on extracted carbon cathodes, only a 2.0 e-/O2 process
is identified, and Li2O2 is predominantly formed (along with typical parasitic side product
formation). These results strongly suggest that bulk, stable LiO2 formation via the 1 e-/O2

process is not an active discharge reaction in Li-O2 batteries.∗

2.2 Introduction

Lithium-air (Li-O2) batteries can theoretically provide extraordinarily high specific energy
compared to current lithium-ion batteries.28–30 Unfortunately, their development is inhibited
by parasitic reactions that limit cell rechargeability, among other challenges. Although the
exact mechanism of the Li-O2 cathode electrochemistry depends on a variety of cathode and
electrolyte properties, the dominant discharge process is oxygen reduction at the cathode to
form solid lithium peroxide, Li2O2, through a transient superoxide intermediate, e.g.:31–35

∗This chapter adapted with permission from previously published work in: Papp et al. J. Phys. Chem.
Lett. 2017, 8, 6, 1169–1174.
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Li+ + e− +O2 ⇀↽ LiO2 (2.1)

Li+ + e− + LiO2 ⇀↽ Li2O2 or (2.2)

2LiO2 ⇀↽ Li2O2 +O2 (2.3)

The formation and oxidation of Li2O2 causes numerous challenges for the development
of practical Li-O2 batteries. Li2O2 is a wide bandgap insulator and insoluble in known
organic electrolytes. It therefore greatly limits practical battery capacities by passivating
the cathode surface as it is formed.36–39 It also is highly reactive, resulting in the afore-
mentioned rechargeability limitations.40–45 As a result, recent studies have described Li-O2

cell compositions that may result in the formation of potentially less reactive products and
hence may provide a route to improved battery rechargeability.46,47 Of particular interest,
a series of studies have reported a route to stabilizing the LiO2 intermediate such that it
comprises a sizeable fraction of the ultimate discharge product.47–50 Using a standard ether-
based electrolyte composition, these studies have reported ‘superoxide-like species’ formed
on ultra-high surface area carbon cathodes and pure LiO2 formation on Ir-decorated reduced
graphene oxide (Ir-rGO) electrodes. The most compelling spectroscopic technique employed
to identify the LiO2 and LiO2-like species in theses studies was ex-situ Raman spectroscopy
on cathodes extracted from cells after discharge.47 By combining density functional theory
calculations with Raman spectroscopy, two observed peaks (1123 cm-1 and 1505 cm-1) were
ascribed to LiO2 and LiO2-like species formation as a discharge product. These ex-situ Ra-
man results are unexpected given that bulk LiO2 has been previously reported to be unstable
at room temperature and ambient pressures.51

It was briefly noted in review articles that the observation of Raman shifts at similar
frequencies (namely 1125 cm-1 and 1525 cm-1) was a common, and surprising, occurrence
when characterizing cathodes extracted from discharged cells in early Li-O2 studies.29,30,52

These studies were performed using a standard cathode composition, namely carbon black
powder (Vulcan XC72) bound to P50 AvCarb carbon paper using a poly(vinylidene fluo-
ride) (PVDF) binder, and a standard ether-based electrolyte. However, it was noticed that
the Raman peaks at 1125 and 1525 cm-1 were not observed if cathode compositions were
employed that did not include PVDF. After isolating the cause of these Raman signatures,
which were ascribed to PVDF degradation during oxygen reduction in Li-O2 cells where mi-
nor, uncontrolled impurities were present, a switch to poly(tetrafluoroethylene) (PTFE) as
a binder eliminated the occurrence of these peaks. Additionally, it was determined that elec-
trode preparation procedure (in particular, the final temperature at which they are dried),
which influenced the amount of impurities present after electrode preparation, also influ-
enced the appearance of these peaks when PVDF was used as the binder. In light of recent
reports ascribing similar Raman peaks to bulk, stabilized LiO2 as a final discharge product,
this study presents results on PVDF degradation to show how it might be misconstrued as
LiO2 when using Raman spectroscopy studies. Of particular importance, all articles in which
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LiO2 or LiO2-like species have been observed as final, stable discharge products use PVDF
(Kynar) as a cathode binder.47–50 In-operando Raman spectroscopy of the Li-O2 electro-
chemistry occurring at binder-less glassy carbon and roughened gold electrodes has indeed
shown Raman peaks near 1125 cm-1 and 1525 cm-1 that can be ascribed to LiO2.

34,35,53 How-
ever, this LiO2 is only observed as a transient, unstable intermediate to Li2O2 formation,
rather than a stabilized final product. Standard carbon cathodes are studied, such as those
prepared from XC72 carbon black bound using PTFE and PVDF, as are iridium nanopar-
ticle decorated reduced graphene oxide (Ir-rGO) electrodes that are similar to those used
in a previous study that reported stable bulk LiO2 formation.47 Two important results are
identified in this study: 1) Raman peaks appear at 1133 cm-1 and 1525 cm-1 only in cells
that use PVDF binders, and only then if they are not fully dried after preparation under
ambient atmosphere. 2) Regardless of the electrode composition employed (binder, catalyst,
preparation conditions), only a 2 e-/O2 process is observed and never a 1 e-/O2 process
either on discharge or charge. These results do not exclude the possibility of a small amount
(<1% of total product formation) of LiO2 formation as possible stable discharge product,
and no further claim is made on the possibility of LiO2 as a stable product. These results
hopefully spur further exploration into stable LiO2 formation, which remains an interesting
open question.

2.3 Experimental Methods

2.3.1 Materials

Iridium chloride (IrCl3), ammonium hydroxide (NH4OH), poly(tetrafluoroethylene) emulsion
(60 wt%, PTFE), poly(vinylidene fluoride) (MW = 180,000 g/mol, PVDF), N-methyl 2-
pyrrolidone (NMP), and sodium hydroxide (NaOH) were all purchased from Sigma Aldrich.
The graphite used as the feedstock for graphene oxide synthesis was acquired from Bay
Carbon Inc. 1,2-Dimethoxyethane (DME), and lithium bis(trifluorosulfonylimide) (LiTFSI)
were purchased from BASF. P50 Avcarb carbon paper (P50) and XC72 Vulcan carbon black
powder (XC72) were purchased from the Fuel Cell Store. Lithium metal was purchased from
FMC.

2.3.2 Ir-GO Synthesis and Characterization

Graphene oxide (GO) was synthesized by a modified Hummer’s method, and the Ir-rGO was
prepared by a simple thermal reduction method.54,55 GO was mixed and ultrasonicated in a
300 mL aqueous solution (0.1 wt%) followed by the addition of 100 mg IrCl3 and a repetition
of stirring and sonication. 10 mL 5M NH4OH was then added as a reducing agent and the
solution was heated at 100 ◦C for 12 hours under a nitrogen atmosphere. After filtering
and drying in a vacuum oven at 100 ◦C, the produced powder was annealed at 450 ◦C for
3 hours under an inert atmosphere (N2). The final Ir-rGO product was characterized by
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powder X-ray diffraction (PXRD), scanning transmission electron microscopy (TEM), and
X-ray photoelectron spectroscopy (XPS). PXRD (Bruker) was used to determine iridium
decoration in rGO and estimate the size of the iridium nanoparticles in the Ir-rGO samples.
The PXRD results (Figure 2.1a) show the appearance of the Ir(111) metal diffraction pattern
after the synthesis procedure,56 without the presence of IrCl3 reflections. An estimation for
the size of the iridium nanoparticles based on peak broadening using the Scherrer equation
is ∼1.5 nm. TEM (JEOL 2100-F 200 kV Field-Emission Analytical Transmission Electron
Microscope) was employed to determine the morphology, dispersion, and particle size of the
iridium in the Ir-rGO samples. Samples for TEM were prepared by placing a drop of an ultra
dilute solution of Ir-rGO on a copper grid that was then dried. TEM images (Figure 2.1b)
show that the iridium nanoparticles decorating the rGO are well dispersed and generally
very small (< 2 nm). X-ray photoelectron spectroscopy (XPS) was carried out to verify the
chemical structure of Ir-rGO using a monochromatized Al Kα X-ray source (Quantum2000,
Physical electronics, Chanhassen, MN, USA). Figure 2.1c shows representative XPS spectra
of the Ir 4f edge in Ir-rGO, which was then deconvoluted by Gaussian curve fitting. The
peaks at 61.2 and 64.1 eV are ascribed to metallic iridium (Ir 4f7/2 and Ir 4f5/2), with minor
shoulders at 62.6 and 65.7 eV due to the presence of IrO2.

47 From TEM and XPS data, we
confirm that metallic Ir is mainly attached to the basal planes of the rGO. These results
confirm that we have synthesized an Ir-decorated reduced graphene oxide material where
the Ir metal particles are small (< 2 nm) and well-dispersed, as is consistent with a previous
study.47

2.3.3 Electrode Preparation and Nomenclature

Five different electrodes were studied and are reported using the following naming convention:
XXXX/YYYY ZZZZ, where ‘XXXX’ is the active material (either Ir-rGO or Vulcan XC72
carbon black), ‘YYYY’ is the binder used (either PVDF or PTFE), and ‘ZZZZ’ is the final
drying temperature used during the electrode preparation process (either 25 ◦C or 200 ◦C).
To prepare electrodes in which PVDF was used as the binder, a homogenized slurry of active
materials, binder, and NMP (active material to PVDF weight ratio of 50:50, 10 wt% solids in
NMP solution) was evenly spread onto a P50 carbon paper substrate. To prepare electrodes
in which PTFE was used as the binder, a homogenized slurry of active materials composed of
a PTFE dispersion (60 wt% in H2O), a 1:1 mixture of isopropanol: H2O, and Ir-rGO (active
material to PTFE weight ratio of 50:50) was spread onto a P50 carbon paper substrate.

Electrodes were then dried using one of two procedures: either by placing them in a fume
hood at ambient conditions overnight (electrodes labeled ZZZZ = 25 ◦C), or by drying under
vacuum at 110 ◦C overnight, quickly transferring them into a glovebox while still hot, and
then placing them on a 200 ◦C hotplate for at least 1 hr prior to cell assembly (ZZZZ =
200 ◦C). No additional drying was performed on the 25◦C electrodes, other than the short
exposure to vacuum during antechamber transfer into the glovebox. As will be seen later, the
difference in these drying procedures plays a critical role in the Raman spectra of analyzed
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Figure 2.1: Ir-rGO composition characterization. a, PXRD results for rGO and Ir-rGO in
which the broad peak centered on 40◦ is evidence of iridium metal formation. b, TEM images
of the prepared Ir-rGO. Iridium nanoparticles are observed as the dark spots in the material.
i) scale bar 20 nm; ii) scale bar 5 nm. c, XPS of the Ir-rGO material. Peak deconvolution
confirms the presence of primarily metallic iridium on the reduced graphene oxide, with a
small amount of IrO2 also present.
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discharged cathodes. Measured after drying, the electrodes had a typical active material
(Ir-rGO or XC72) loading of 2 mg on 12 mm diameter electrodes.

2.3.4 Electrochemical Characterization

Electrochemical cells were assembled in a custom-built modified Swagelok-type cell,57 with
a lithium metal anode (7/16” diameter), 1 M lithium bis(trifluorosufonyl imide) (LiTFSI)
in 1,2-dimethoxyethane as the electrolyte (80 µL), a glass fiber separator (QMA Whatman),
and a cathode (12 mm diameter) backed with stainless steel mesh. Cells were then discharged
and charged at a total current of 0.1 mA. Gas consumption and evolution during the electro-
chemical experiments were monitored using an established pressure decay/rise measurement.
Differential electrochemical mass spectrometry (DEMS) was also employed to confirm the
analysis provided by pressure monitoring and to quantify individual gases evolved.57–59 These
systems were leak checked by ensuring that the pressure remained stable while the cells were
held at OCV (Figure 2.2). Well established iodometric titrations were also used to quantify
Li2O2 formation during discharge.40 Of note, no O2 evolution was observed from electrodes
immersed in water during the titration protocol, indicating any titrated H2O2 was formed
from the dissolution of Li2O2 and not a reaction involving LiO2 (O2 evolution during this
titration has been observed when characterizing sodium superoxide, NaO2, formation in
Na-O2 batteries.60)

2.3.5 Raman Characterization of Discharged Cathodes

Raman spectra of the discharged cathodes were acquired by use of a Witec alpha300 S
confocal Raman microscope with a fiber-coupled laser operating at 532 nm. Samples were
prepared for Raman by first disassembling the cells inside an argon filled glovebox, and then
placing the cathodes in an air-tight spectroscopy cell. Prior to placing cathodes in the air-
tight cells, any residual electrolyte solvent was evaporated from the cathodes using a vacuum
antechamber. Typically 10% of the maximum 50 mW laser intensity was applied, with a
collection time of 10-30 s.

2.4 Results and Discussion

A previous report indicated that bulk, stable lithium superoxide, LiO2, forms on Ir-rGO
based cathodes.47 As LiO2 forms via a 1 e-/O2 process (eqn 1) and Li2O2 forms via a 2
e-/O2 process (eqns 1,2 and/or 1,3), quantitative gas analysis coupled with coulometry was
employed to help identify the possible discharge product. Quantification of oxygen consump-
tion and evolution via online pressure monitoring from cells with Ir-rGO-based cathodes is
presented in Figure 2.4. Regardless of binder employed or cathode preparation conditions, a
nearly 2 e-/O2 process is observed throughout discharge: 2.00 ± 0.05 for the Ir-rGO/PVDF
200 ◦C cells, 2.01 ± 0.05 for the Ir-rGO/PVDF 25 ◦C cells, and 2.03 ± 0.05 for the Ir-
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Figure 2.2: Voltage profile and pressure decay for an Ir-rGO/PVDF 200 ◦C cell. Pressure
decay is observed to begin upon initial discharge after 60 minutes of OCV. The current used
was 0.1 mA. The average gas consumption rate during discharge was 0.031 µmol/min, which
corresponds to 2.0 e-/O2.

rGO/PTFE 25 ◦C cells. The 2 e-/O2 ratio is consistent with Li2O2 formation as the primary
discharge product, although statistical variance in the O2 consumption measurements may
allow for the possibility of perhaps 1-2 mol% of the final product to be LiO2.

Standard analysis of discharged cathodes via PXRD confirmed the expected presence of
Li2O2 (Figure 2.3). To further demonstrate the presence of Li2O2 as the dominant discharge
product, extracted cathodes were immersed in de-ionized water after a 0.5 mAh discharge
and the resulting H2O2 was titrated using established protocol.

Li2O2 was found to form at a 94% yield in cells similar to those characterized in Fig-
ure 2.4a, d and 90% in cells similar to Figure 2.4b, e. In comparison, cells employing
XC72/PVDF and XC72/PTFE cathodes exhibited 88% Li2O2 yield, consistent with previ-
ous reports.40 The increase in Li2O2 yield when using Ir-rGO as a cathode material indicates
that employing Ir-rGO as the cathode material reduces parasitic side reactions involving
Li2O2 compared to pure carbon cathodes. This observation is somewhat surprising given
iridium’s ability to dissociate O2, which could potentially induce additional parasitic reac-
tions. Further study into this Li2O2 yield increase on Ir-rGO cathodes is recommended. Of
note, no gas evolution was observed during the immersion in water of any of the discharged
electrodes. This is an important finding, as it is expected that if LiO2 were present in the
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Figure 2.3: XRD pattern of discharged Ir-rGO/PVDF 200 ◦C cathode and pristine P50
carbon paper. The presence of lithium peroxide is observed for the discharged iridium
decorated cathode.

discharged cathodes, it would disproportionate to H2O2 and O2 in water in a similar fash-
ion to the disproportionation reaction clearly observed when a similar quantity of NaO2 is
immersed in water.60

On charge, while each voltage profile is slightly different, the gas evolution from all cells
studied is consistent with previous reports for Li-O2 cells, namely an initial gas evolution
rate close to what is expected ( 2 e-/O2 process), followed by a deviation away from a 2 e-

process (to higher e-/O2 values) throughout charge.41 This result was confirmed by DEMS
analysis, which provided the identification and quantification of gases evolved during charge
(Figure 2.5). In other words, at no point during a typical galvanostatic discharge-charge
measurement was a 1 e-/O2 or a mixed 1 and 2 e-/O2 process observed in cells employing
ether-based electrolytes and Ir-rGO-based cathodes.

Figure 2.6 presents the Raman spectra of cathodes extracted from cells after large ca-
pacity ( 10 mAh/cm2) discharges. The appearance of two peaks at 1133 and 1525 cm-1 are
highlighted given that similar peaks have been ascribed to LiO2 formation previously.47–50

Although these shifts do not precisely align with those reported in previous studies (1123
cm-1 and 1505 cm-1), we suspect that differences in background subtraction could result in
slightly different peak shifts, particularly given the large fluorescent background typically
observed during initial illumination. Furthermore, background subtraction could more dra-
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Figure 2.4: Voltage and gas consumption/evolution plots for Ir-rGO cathodes. a,b,c Gal-
vanostatic discharge/charge curves. d,e,f Gas consumption during discharge under oxygen as
measured by pressure decay in an isolated, volume calibrated headspace. g,h,i Gas evolution
during charge as measured by pressure rise in the same headspace. Dashed blue and green
lines in d.-i. are expected O2 consumption/evolution profiles for a 1 e-/O2 and 2 e-/O2 pro-
cess. Discharge/charge capacity: 0.5 mAh; current density: 0.1 mA; active material loading:
2 mg cm-2 (12 mm diameter cathode).
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Figure 2.5: a, Gas evolution rates measured using DEMS for a Ir-rGO/PVDF 200 ◦C cell.
0.031 µmol/min corresponds to a 2 e-/O2 process given the charging current rate (0.1 mA).
b, Cumulative gas evolution throughout charge for Ir-rGO/PVDF 200 ◦C cell as quantified
using instrumental calibrations. The total oxygen evolution was measured to be 5.2 µmol,
which corresponds to a greater than two electron process (9.3 µmol would correspond to a
2 e-/O2 process for a 0.5 mAh charge). Charging was initiated at 60 min and was halted at
360 min (0.5 mAh).

matically influence the peak at 1525 cm-1 given that it slightly overlaps with the carbon
G-band (1590 cm-1). It is worth noting that peak shifts of 1128 and 1520 ± 2 cm-1 were
observed in ‘uncontrolled impurity’ studies (those discussed in the introduction that even-
tually led to the replacement of PVDF with PTFE as a binder). Importantly, these two
peaks only appear in this study when PVDF is used as a binder, regardless of whether Ir-
rGO or XC72-based electrodes are used. When PVDF-bound cathodes are only air-dried
during preparation (i.e., Ir-rGO/PVDF 25 ◦C and XC72/PVDF 25 ◦C), the 1133 and 1525
cm-1 peaks are pronounced and ubiquitous after discharge. However, these peaks are not
observed if cathodes are rigorously dried prior to cell assembly (Ir-rGO/PVDF 200 ◦C and
XC72/PVDF 200 ◦C). Changing the binder to PTFE also eliminated the presence of these
peaks, regardless of the cathode drying procedure (Ir-rGO/PTFE 25 ◦C). These results, in
combination with the observed 2 e-/O2 process on discharge for all cells studied (Figure
2.4), indicate that the origin of the Raman peaks at 1133 cm-1 and 1525 cm-1 is related to a
process involving PVDF degradation and not to the formation of stable LiO2.

PVDF alkaline “treatment” to improve its surface hydrophilicity is very common and
many previous reports show that such alkaline treatment causes changes in the PVDF surface
structure.61 We confirmed that hydroxyl-induced HF elimination from PVDF is the likely
origin of the Raman peaks at 1133 cm-1 and 1525 cm-1. PVDF pellets were placed in alkaline
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Figure 2.6: Raman spectra (excitation laser wavelength of 532 nm) of discharged electrodes
as well as pristine and alkaline degraded PVDF pellets. Discharge/charge capacity: ∼ 10
mAh; current density: 0.1 mA, 12 mm diameter cathodes, ∼ 2 mg active material loading.

solution (12 M KOH) for 3 hours, rinsed, and then characterized using Raman spectroscopy.
Peaks at 1133 cm-1 and 1525 cm-1 are clearly observed (‘degraded PVDF’ in Figure 2.6) as
a result of a chemical change at the surface of the alkaline-soaked PVDF pellets (Raman
spectra of pure PVDF pellets are also shown in Figure 2.6). These peaks have been previously
ascribed to the formation of —(CH=CF)— species on PVDF’s surface during OH- attack,
with a C—C band at 1127 cm-1 and a C=C band at 1525 cm-1.29,62 Taken together, these
observations present compelling evidence that the peaks previously ascribed to LiO2 are in
fact due to PVDF binder degradation when small water impurities are present in the cell.
Note that in Figure 2.6 the pristine PVDF peaks are still present for the degraded sample
because the depth of Raman sampling is larger than the thickness of the degraded surface
layer on the PVDF pellets tested.

In the batteries tested, the cause of the degradation likely stems from the presence of
water, NMP and possible debris on the electrode during preparation that then contributes
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to the formation of reactive soluble species in the battery. These reactive species then likely
attack the PVDF to cause a change in chemical composition that is reflected in the Raman
spectra. This degradation can be avoided by carefully preparing electrodes to remove and
prevent the presence of water and slurry solvents (NMP). Of course, water impurities can
also accumulate through degradation processes involving the electrolyte or electrode. In
fact, we note that the 1133 cm-1 and 1525 cm-1 peaks are observed occasionally in isolated
spots at the periphery of the rigorously dried Ir-rGO/PVDF 200 ◦C cathodes after discharge,
presumably resulting from solvent degradation that results in the requisite reactive soluble
species necessary to form products that result in these peaks. Due to these occurrences, any
future studies that wish to explore the presence of superoxide-like species are encouraged to
use alternative cathode binders instead of PVDF (e.g., PTFE).

2.5 Conclusions

In summary, this study showed that preparation technique and binder selection for Ir-rGO
cathodes directly influence the Raman spectra observed upon discharge. A 2.0 e-/O2 pro-
cesses was observed during discharge for all cells studied, as is consistent with Li2O2 forma-
tion. Li2O2 as the dominant discharge product is also supported by titrations performed on
discharged electrodes. Charge gas evolution in all cells studied is consistent with previous
Li-O2 studies, in which a slightly higher than 2 e-/O2 process is observed initially, followed by
a deviation to even higher values as charge proceeds. Despite the electrochemistry pointing
towards Li2O2 as the major product, evidence of Raman peaks were found that were previ-
ously ascribed to LiO2, although only in cells that employ PVDF as a cathode binder and
where the cathodes are not rigorously dried. Of particular interest, these peaks can be found
for both iridium decorated electrodes and ordinary carbon black electrodes. Slight composi-
tional differences exist between cells studied here and those that reportedly resulted in LiO2

formation previously: the preparation procedure of the Ir-rGO is not identical, DME (mono-
glyme) is employed here as an electrolyte solvent rather than tetraethylene glycol dimethyl
ether (tetraglyme), and the experimental setups are dissimilar.57,63 Nevertheless, these slight
differences should not result in the dramatic difference in electrochemical behavior reported
between these studies. Hopefully further investigation by others will continue to elucidate
the cause of the product differences between this and other studies, but emphasize that
any spectroscopic characterization absolutely needs to be confirmed with well-established
quantitative analysis of gas consumption/evolution and product formation.
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Chapter 3

The Role of Gas Evolution in Li-rich
Li-ion Batteries

3.1 Abstract

The capacity of a Li-ion battery is limited by the specific quantity of reversible Li available for
the intercalation process at the cathode, and a large amount of research has explored ways to
increase or supplement the amount of reversible lithium that can be stored in an active mate-
rial. One straightforward method is to synthesize the cathode material with a stoichiometric
excess of lithium in the structure of a disordered rock salt. Originally, this disorder was be-
lieved to interrupt Li ion diffusion channels, which would limit attainable material capacity.
However, sufficient Li excess has been discovered to allow adequate mobility throughout the
active material particle bulk. There are a number of challenges associated with Li-excess
caused by enhanced reactivity resulting from high degrees of lithium removal, most of which
involve electrolyte degradation at the cathode-electrolyte interface. Gas evolution, especially
O2 evolution, results as Li+ extracted at high states of charge begins to be compensated by
irreversible oxygen oxidation instead of transition metal redox. The monitoring of oxygen
oxidation through gas evolution measurements and titration techniques allows strategies for
reducing the reactivity of these materials to be tested. Several techniques are explored in this
chapter for examining and countering unwanted reactivity in Li-excess cathode materials.
These include replacing oxygen content with fluorine and lowering the overall anion valence
to aid in mitigating oxygen redox and undesired reactivity. Additional disordered rock salt
cathode material compositions showing minimized oxygen evolution and increased stability
are also discussed.∗

∗This chapter includes data and ideas with permission that are also utilized in the following publications:
Lee et al. Nat. Commun. 2017, 8, 1, 981; Lee et al. Nature. 2018, 556, 7700, 185-190; Lun et al. Adv.
Energy Mat. 2019, 9, 2, 1802959
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3.2 Introduction

The increasing demand for high density energy storage has led to the investigation of Li-ion
cathode materials beyond the Lix(Ni–Mn–Co–Al)2-xO2 (NMCA) compositional space.64–66

NMCA materials have layered rock salt structures allowing for removal and intercalation
of Li atoms that are charge compensated by Co or Ni redox.67 Innovative cathode material
research has been largely motivated by reducing Co content as it is expensive and environ-
mentally hazardous.68 Compounds with greater ratios of Ni or Al have become dominant in
modern cathode chemistries, but the NMCA compositional space still provides only limited
improvements over current NMCA materials.68 Despite offering an abundance of options
for incorporating new charge compensation mechanisms, disordered rock salt compounds –
where instead of alternating Li and transition metal (TM) layers within the rock salt struc-
ture, Li and TMs have equal probability of occupying octahedral sites within the crystal
lattice – were originally avoided as possible cathode materials as they were believed to have
little electrochemical capacity due to very limited Li mobility.66,69,70 Progress in disordered
rock salt research has proven that sufficient lithium excess, where more Li is contained in the
material than TMs on a molar basis, in these materials provides adequate Li ion mobility.69

Additional redox centers including Mn2+/Mn4+,71 Cr3+/Cr5+,69 Mo3+/Mo6+,72 V3+/V5+,73

and many more are able to be incorporated into disordered rocksalt compositions, opening
many possible options for increasing the energy density. The required Li excess in these
materials has also necessitated the use of high valent transition metals, including Nb5+,74

Sb5+,75 Mo6+,76 and Ti6+77 for stabilization purposes.

Despite the promise for additional energy capacity in Li-excess disordered rocksalt (LEX-
RS) cathode materials, a number of challenges arise when they are used in place of layered
transition metal oxides. One of these challenges is that due to the Li-excess, transition
metal charge compensation alone often cannot account for the totality of Li removal.65,66,70

The additional Li reduces the total transition metal content and, unless the transition metal
can be oxidized through multiple oxidation states, creates the need for an additional charge
compensator.63 This introduces another issue: the Li-excess and cation disorder can create
linear Li-O-Li configurations known to prevent hybridization of O 2p orbitals with TM
orbitals.70 This in turn causes high energy labile O 2p states that are more easily accessed
for oxidation.63,70 The large capacities exhibited by LEX-RS materials are then often partially
compensated at the higher capacities by oxygen redox processes.74

The reversibility of oxygen redox has recently been a highly investigated area of research,
but current results suggest oxygen redox is almost always accompanied by deleterious effects.
The most common outcome of such oxygen redox is severe loss of oxygen during charge, often
in the form of oxygen gas, that limits cyclability.65,76,77 Early LEX-RS material candidates
including Li–Ni–Ti–Mo, Li-Ti-Fe, and Li-Nb-M (M=Ni, Co, Fe) oxides all delivered high
capacities that were largely compensated by oxygen redox, resulting in oxygen loss and large
voltage hysteresis between charge and discharge.66,70,76,78 Therefore, the mitigation of oxygen
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loss is critically important to improving the cycling performance of LEX-RS materials.

One effective strategy to reduce LEX-RS outgassing is to partially substitute oxygen
with fluorine, an anion with a lower valence. This strategy is first investigated with a set
of materials including Li1.15Ni0.375Ti0.375Mo0.1O2 (LN15), Li1.2Ni0.333Ti0.333Mo0.133O2 (LN20),
and Li1.15Ni0.45Ti0.3Mo0.1O1.85F0.15 (LNF15).79 The incorporation of fluorine and lowering of
the average anion valence, enables an increase of (redox active) Ni2+ content per formula
unit of the Li–Ni–Ti–Mo oxides. By increasing the Ni, and partially eliminating the need
of oxygen redox based charge compensation, a large reduction in oxygen loss is observed.
The investigated fluorinated (LNF15) compound displays greater capacity retention and less
polarization than the similar unfluorinated compounds (LN15, LN20).79

Another aim of LEX-RS compounds is to minimize dependence on Co and Ni as charge
compensators. While LiCoO2 dominates mobile electronics and NMCs are largely used
in the transportation sector, these materials are limited by resource constraints and energy
density.68 Ideally, elements like Fe or Mn that are cheap and naturally abundant would replace
Ni and Co. Because transition metals that can exchange two electrons (e.g. Ni2+/Ni4+ in
NMC cathodes) greatly increase capacity, the Mn double redox Mn2+/Mn4+ couple is of
particular interest.27

While manganese is already used in cathode materials, it is primarily included in its Mn4+,
electrochemically inert, state.80,81 Some early LEX-RS compounds, including
Li1.3Mn0.4Nb0.3O2, utilize Mn3+ that only slightly contributes to the capacity forcing reliance
on oxygen redox.66 This chapter instead examines the use of the Mn2+/Mn4+ redox couple
that allows a large capacity without necessitating much oxygen redox.71 In this method,
manganese begins in the cathode in its 2+ state and is oxidized to 4+ on charge. This
largely eliminates the often seen massive capacity loss on first charge that is presumed to
result from irreversible oxygen loss.

The introduction of Mn2+ to a LEX-RS cathode structure is difficult as the lithium
excess requires a high average transition metal valence.69,82 It was shown that the Mn valence
can be lowered by both introducing high valent transition metals (Nb5+ and Ti4+) and by
lowering the average anion valence by substituting fluorine for oxygen.71 In this chapter, the
compounds of this type examined are Li2Mn2/3Nb1/3O2F and Li2Mn1/2Ti1/2O2F, which have
a theoretical Mn2+/Mn4+ redox capacity of 270 mAh g-1 and 230 mAh g-1, respectively. The
total capacity observed in these materials is slightly larger than these values (300 mAh g-1),
indicating that most Li extraction is expected to be compensated by Mn, but there is still a
small amount of oxygen redox contributing to the observed capacity.71

A consequential consideration for LEX-RS cathode design is optimization of fluorine
substitution levels to improve cycling performance. While small levels of fluorine substi-
tution were found to mitigate severe oxygen loss,79 a systematic study examining various
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amounts of fluorine substitution reveals a balance between cyclability and capacity. There-
fore, materials were synthesized by collaborators that combined Mn3+/Mn4+ redox and
Nb5+ as charge compensators with fluorination to form Mn3+-Nb5+-based DRX oxyfluo-
rides (Li1.2Mn3+

0.6+0.5xNb5+
0.2-0.5x O2-xFx, x = 0, 0.05, 0.1, 0.15, referred to as “LMNO,”

“LMF05,” “LMF10,” and “LMF15,” respectively). Gas evolution from this series is also
examined to determine the influence of fluorine substitution ratios on outgassing.

For all explored LEX-RS, gas evolution measurements alongside oxygen redox probing
titration protocols aid in the elucidation of oxygen activity. The influence of fluorine substi-
tution and anion valence lowering on oxygen outgassing can be clearly observed in outgassing
results. The effects of incorporation of transition metals with high valence is also examined
by these techniques, and the results gathered in this chapter clearly display the importance
of gas evolution measurements for LEX-RS cathode design.

3.3 Experimental Methods

3.3.1 Material Synthesis

All materials synthesis was accomplished by collaborators (see abstract footnote), with final
materials provided for outgassing analysis. The details of the synthesis methods are described
briefly here. Li1.15Ni0.375Ti0.375Mo0.1O2 (LN15), Li1.2Ni0.333Ti0.333Mo0.133O2 (LN20), and
Li1.15Ni0.45Ti0.3Mo0.1O1.85F0.15 (LNF15) were synthesized by dispersing the precursors in ace-
tone and ball milling for 15 h.79 The mixture was then dried, pelletized, and calcined at high
temperature (750 ◦C for LN15 and LN20, 700 ◦C for LNF15) in air before cooling to room
temperature and ground into powder. The precursors used for LN15, LN20, and LNF15
were Li2CO3, NiCO3, TiO2, MoO2, and LiF.

For Li2Mn2/3Nb1/3O2F, Li2O, MnO Nb2O5, and LiF were used as precursors. For
Li2Mn1/2Ti1/2O2F, Li2O, MnO, TiO2, and LiF were used. For each of the materials, Li2O
was used in 10% excess to compensate for possible Li2O loss during synthesis. Each of
the materials were synthesized by loading an Ar-filled stainless steel jar with the respective
precursors and ball milling (planetary ball mill, Retsch PM200) for 40 h at a rate of 450
rpm.71

The Li1.2Mn3+
0.6+0.5xNb5+

0.2-0.5xO2-xFx (x = 0, 0.05, 0.1) compounds (LMNO, LMF05,
and LMF10) used Li2CO3 (5% excess), MnO2, Nb2O5, and LiF as precursors. The materials
were synthesized by ball milling for 4 h at a rate of 300 rpm. After milling, the powders were
pelletized and sintered at 1000 ◦C under an argon atmosphere for 7 h, and then quenched
in argon atmosphere before being ground into powders.83
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3.3.2 Electrode Preparation

LN15, LN20, and LNF15 cathodes were composed of active compounds, carbon black, and
polymer binder in a weight ratio of 70:20:10. The active compounds and SUPER C65 carbon
black were first shaker milled for 1 h using a SPEX 8000M Mixer/Mill. Polytetrafluoroethy-
lene (PTFE) was then added and manually mixed into the powder using a mortar and pestle.
Cathode films were then rolled inside an Ar-filled glovebox, and cathodes of ∼1 cm2 were
punched from the film.79

LMNOF and LMTOF cathodes were prepared by mixing the active material with SUPER
C65 carbon black in a SPEX 8000M Mixer/Mill before adding PTFE and continuing to mix.
The mixed powder was composed of active material, carbon black, and polymer binder at a
ratio of 70:20:10. The mixture was then ground using a mortar and pestle, and then rolled
into a thin film inside an Ar-filled glovebox. Cathodes of ∼1 cm2 were then cut using a
circular punch.71

LMNO, LMF05, and LMF10 cathode films were made by first shaker milling the active
material with SUPER C65 carbon black for 1 h in argon atmosphere with a SPEX 8000M
Mixer/Mill, followed by an additional 40 min shaking with the addition of PTFE. The weight
ratio of the components used was 70:20:10 for the active material, carbon, and polyer binder
respectively. The powders were then rolled into films inside a glovebox, and cathodes of ∼1
cm2 were punched.83

3.3.3 Differential Electrochemical Mass Spectrometry and
Electrochemistry

A differential electrochemical mass spectrometer (DEMS) was used to identify and quantify
oxygen and carbon dioxide evolved during charging and discharging. The instrument was
also used to monitor evolution of other compounds including fluorine gas. The custom-built
DEMS and the cell geometry used was described in depth in previous publications.41,57 The
electrochemical cells used with the DEMS device were prepared in a dry argon glove box
(<1 ppm O2 and H2O, MBraun USA, Inc.) using modified Swagelok design. 1 M LiPF6 in
1:1 (volume ratio) ethylene carbonate (EC) and dimethyl carbonate (DMC) was used as the
electrolyte, glass microfiber filters were used as separators, and Li metal foil was used as the
counter electrode.

The assembled cells were charged under a static head of positive argon pressure (∼1.2
bar) after being appropriately attached to the DEMS. Throughout the charge, argon gas
pulses periodically swept accumulated gases to a mass spectrometer chamber. The mass
spectrometer absolute sensitivity had been calibrated for CO2 and O2, and therefore the
partial pressures of these gases could be determined. The amount of CO2 and O2 evolved
was then quantified based on the volume of gas swept to the mass spectrometer per pulse.
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3.4 Results and Discussion

3.4.1 Mitigating Oxygen Evolution by Fluorine Substitution

Initial studies on the effect of fluorine substitution on oxygen activity were performed with
three compounds: Li1.15Ni0.375Ti0.375Mo0.1O2 (LN15), Li1.2Ni0.333Ti0.333Mo0.133O2 (LN20),
and Li1.15Ni0.45Ti0.3Mo0.1O1.85F0.15 (LNF15).79 The rocksalt phase lattice parameters and
particle sizes of LN15, LN20, and LNF15 were determined with X-ray diffraction (XRD)
and scanning electron microscopy (SEM) respectively.79 Particle sizes for the compounds
were determined as ∼100 nm for LN15, ∼100 nm for LN20, and ∼180 nm for LNF15.
Transmission Electron Microscopy (TEM) Energy Dispersive Spectroscopy (EDS) confirmed
fluorine substitution in the bulk disordered lattice. LNF15 was also shaker milled to reduce
particle size and resulted in S-LNF15 particles of roughly 50 nm in size. This, combined with
19F solid state nuclear magnetic resonance spectroscopy (ssNMR) studies showing spectra
for both LiF and LNF15, prove that fluorine substitution in a disordered rocksalt can be
achieved in this manner.79

The electrochemical properties were assessed by cycling the materials at 20 mA g-1 be-
tween 4.8 and 1.5 V (Figure 3.1). Each material maintains similar first charge voltage profiles
with LN20 demonstrating the highest charge capacity followed by LN15 and LNF15. Both
LN15 and LN20 deliver high discharge capacities of around 200 mAh g-1, but a large fraction
of the discharge capacity is delivered at only 2 V. This is contrasted by the LNF15 discharge
voltage profile that maintains a higher average voltage (∼3.2 V). The low voltage plateau for
LN15 and LN20 has previously been assigned to the reduction of surface species including
Ti4+ and Mo6+ that are made accessible by oxygen loss76. These materials also show large
hysteresis between charge and discharge voltage profiles. The reduced voltage gap and lack
of asymmetric discharge plateaus for LNF15 imply that fluorination decreases polarization
and enables larger discharge capacities for similar materials. In addition, cycling experiments
were performed on these materials as described in Lee et al.79 that clearly show increased
cyclability and capacity retention for the fluorinated LNF15 material.

To assess gas evolution from the LN15, LN20, and LNF15, differential electrochemical
mass spectrometry (DEMS) measurements were performed (Figure 3.2). Here it is observed
that the fluorinated compound (LNF15) releases significantly less O2 gas than LN15 and
LN20. During the charge to 4.8 V, O2 gas evolution begins at ∼4.35 V for LN15 and LN20,
but is delayed to above 4.5 V for LNF15. The total O2 evolution for each material was
LNF15 (0.09 µmol mg-1), LN15 (0.30 µmol mg-1) and LN20 (0.49 µmol mg-1). The total O2

evolved for each material corresponds to 2.3%, 3.5%, and 0.7% of the total lattice oxygen
for LN15, LN20, and LNF15, respectively.

CO2 evolution is also measured for LN15, LN20, and LNF15, and for each material it is
observed at above ∼4.4 V. Outgassing of CO2 follows the same trend as for O2: LNF15 (0.05
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Figure 3.1: First cycle capacities for LNF15 (black line), LN15 (red dashed line), and LN20
(blue dashed line); current rate: 20 mA g-1; active material loading: ∼9 mg/cm2 (12 mm
diameter cathode); binder: PTFE.

µmol mg-1) exhibits significantly less CO2 evolution than LN15 (0.14 µmol mg-1) and LN20
(0.10 µmol mg-1). The origins of CO2 are debated, but possible sources of CO2 outgassing
include decomposition of residual carbonate species on the material as well as electrolyte
degradation.84,85 While carbonate titrations were not performed for LN15, LN20, or LNF20,
titrations of similar materials reveal significant presence (∼1 wt%) of residual carbonates
following synthesis.71,86 A clear correlation between the quantity of O2 and CO2 outgassing
appears from the results in Figure 3.2, indicating that some of the CO2 outgassing may
be related to oxygen evolution. It should be noted that for each of these materials, the
outgassing follows a trend that is inversely related to the Ni content, as the fluorinated
compound (LNF15) enables a higher Ni content. The DEMS measurements for S-LNF15
varied slightly from the trend, likely due to the smaller particle size (∼50 nm) (Figure 3.3).

Both CO2 and O2 outgassing was ∼0.11 µmol mg-1 during first charge of S-LNF15. While
the CO2 in this case is higher than LNF15, the major finding of reduced O2 evolution with
increased fluorination remains clear. This finding also confirms that the oxygen evolution
is not merely an effect of particle size, but is instead primarily related to the TM and
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a.

b.

c.

Figure 3.2: Differential electrochemical mass spectrometry (DEMS) O2 and CO2 evolution
results for the first cycle (4.8-1.5 V) at 20 mA g-1 a) LN15, b) LN20, and c) LNF15.

anion chemistry. An additional finding when analyzing gas evolution was that there is
no F2 or other fluorine-containing gas evolution from LNF15 during cycling (Figure 3.4).
Future studies to understand whether fluorine dissolution results in soluble species and other
degradation products are suggested.

The gas evolution results support the hypothesis that fluorine substitution, and the in-
creased Ni content the substitution allows, result in decreased oxygen loss from LEX-RS
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Figure 3.3: Differential electrochemical mass spectrometry (DEMS) O2 and CO2 evolution
results for first cycle (4.8-1.5 V) at 20 mA g-1 of SLNF-15.

cathode materials with high capacities. Additional spectroscopic characterization was per-
formed on these materials to elucidate structural changes and charge compensation mech-
anisms during electrochemical Li extraction and insertion, including in-situ XRD and soft
X-ray absorption spectroscopy (sXAS).79 XRD patterns for LN20 and LNF15 revealed that
the lattice parameter for LN20 very slightly changes during a large section of the charge,
supporting the DEMS results by suggesting oxygen loss from the material surface instead of
lattice oxygen oxidation to form oxygen dimers, which would necessitate a large structural
change in the crystal lattice. sXAS analysis confirmed partial utilization of the Ni redox
reservoir for LNF15, and indicated that oxygen redox must contribute to the high capac-
ity observed at the end of charge (i.e., at high degrees of delithiation). In summary, the
small about of fluorine substitution did not effect the fractional utilization of the Ni redox
reservoir, but did enable a higher total Ni content based on information gained from these
additional techniques.79

The study of LN15, LN20, and LNF15 presented an important finding: small amounts
of fluorine substitution in LEX-RS cathode materials mitigates severe oxygen loss while
preserving high capacity.79 The prevention of oxygen loss is beneficial as it leads to less cation
densification at the particle surface and enables better cyclability. The reduced polarization
for the LNF15 results in a higher and more beneficial average discharge potential, as well as
increased cyclability. These findings opened many possibilities for a new class of fluorinated
disordered rock salt materials that will be further studied in the following sections of this
chapter.
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Figure 3.4: Differential electrochemical mass spectrometry (DEMS) raw ion currents results
for masses 32 (O2) and 38 (F2) for the first cycle (4.8-1.5 V) at 20 mA g-1 of LNF-15.

3.4.2 Mn2+/Mn4+ Double Redox

As high-energy-density cathode materials are explored, an important consideration is the
minimization of the use of certain transition metals.27 Nickel and cobalt are both limited
resources and associated with a number of safety issues in lithium ion batteries.68,80 The
sourcing of cobalt has also been associated with numerous ethical concerns, not to mention
it is the most expensive element in common cathode materials.68 Manganese is a favored
alternative to nickel and cobalt as it is low cost, naturally abundant, and provides great
stability in the Mn4+ state.27 Another possible benefit of manganese is the double redox
available from Mn2+ to Mn4+, providing additional charge compensation over the typical
single redox in Co.

To explore the possibility of manganese double redox in a Li-ion battery cathode, man-
ganese oxide based disordered rocksalt materials were synthesized by collaborators by a pro-
cess combining high-valent cations and partial fluorination.71 First,
Li1.333Mn0.444Nb0.222O1.333F0.667 (LMNOF) was synthesized by mechanochemical ball milling.
This material enables the incorporation of Mn as Mn2+ by the combined effects of high va-
lent Nb5+ and low valent F-.71,87 The Nb5+ also promotes the disordered rocksalt phase of
the compound.88 The Mn integration provides a theoretical Mn capacity contribution of 270
mAh g-1 in Li1.333Mn0.444Nb0.222O1.333F0.667, a value that is almost twice that of a typical
Mn based cathode material.71 The material structure and composition was confirmed with
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Figure 3.5: Differential electrochemical mass spectrometry (DEMS) O2 and CO2 evolution
results for LMNOF and LMTOF.

XRD, TEM, and SEM as reported in the published study.71

The electrochemical performance of this material was established to provide 304 mAh
g-1 at 20 mA g-1 between the voltage cutoffs 1.5-5 V, and 317 mAh g-1 when the rate was
decreased to 10 mA g-1. A capacity above 300 mAh g-1 for an intercalation material is
significant and rarely observed for such materials.89–91 When the cutoff voltage was reduced
to 4.6 V, the discharge capacity was still 238 mAh g-1. Of note, the voltage profile does
not show significant hysteresis when cycling except when charging to at least 4.7 V.71 The
increased capacity above the theoretical Mn contribution (270 mAh g-1), implies a least
partial contribution by oxygen when the material is charged to a 5 V cutoff.71

To explore the effect of the choice of high valent cation, Li2Mn1/2Ti1/2O2F (LMTOF) was
also synthesized. In this material, Ti4+ acted as the high-valent cationic species and also
promoted the disordered rocksalt phase as confirmed by XRD in the primary study.71,88

Li2Mn1/2Ti1/2O2F was determined to also deliver very high capacities close to those of
Li2Mn2/3Nb1/3O2F, and in a cycling test between 1.5 V and 5 V yields reversible capaci-
ties of 259 mAh g-1 at 20 mA g-1.

While both Li2Mn2/3Nb1/3O2F and Li2Mn1/2Ti1/2O2F deliver extremely high reversible
capacities utilizing Mn double redox, the question of oxygen reactivity remains. As the
capacities delivered with a high, 5 V charging cutoff exceed the theoretical Mn capacities,
oxygen redox or parasitic reactions must play some role, as the 4+/5+ redox of the high
valent transition metal is not expected to be accessible below 5 V. The influence of oxygen
redox on instabilities in these materials is therefore important to determine, and gas evolution
measurements by DEMS allow the observation of any instabilities resulting in gas release.
In Figure 3.5, the gas evolution from LMNOF and LMTOF are compared.
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Despite the large capacities extracted on charge from these materials, the key observation
from the DEMS measurements was a clear lack of oxygen gas release. For both LMNOF
and LMTOF less than 0.01 µmol O2 mg-1 was released during the first cycle. CO2 release
observed in the DEMS measurements was modest (0.3 µmol CO2 mg-1 for LMNOF and
0.24 µmol CO2 mg-1 for LMTOF), and comparable to CO2 evolution from conventional
layered NMC transition metal oxides.86 While the exact origin of the CO2 outgassing was
not further studied, as will be shown for similar materials in subsequent chapters, the CO2

outgassing is subscribed to a combination of residual surface carbonate degradation, as well
as electrolyte degradation at high potentials.71 The gas evolution measurements provide
evidence that the large capacity observed for LMNOF and LMTOF do in fact originate
primarily from Mn2+/Mn4+ double redox and that any oxygen redox participation does not
result in dramatic oxygen loss and material degradation as seen in other materials with
similarly high capacities, such as Li2MnO3 (to be discussed in later chapters).71

3.4.3 Improved Capacity Retention with Fluorine Substitution

The aforementioned studies have proven that disordered rocksalt cathode materials incorpo-
rating high valent cations and fluorine substitution demonstrate extraordinarily high capac-
ities.71,79 However, the optimization of lattice fluorine substitution and a clearer perspective
on the impact of fluorine on capacity retention is lacking. Here a disordered rocksalt ma-
terial, Li1.2Mn3+

0.6+0.5xNb5+
0.2-0.5xO2-xFx (x = 0, 0.05, 0.1) is examined when substituting

different ratios of fluorine.83

All materials were synthesized by collaborators via a single pot solid-state method us-
ing a Retsch PM200 planetary ball mill. The precursors were then pelletized and sin-
tered at 1000 ◦C under argon. The structure was confirmed with XRD, and no long-
range ordering or impurity peaks were observed.83 The electrochemical performance was
then tested using galvanostatic charge-discharge measurements between 1.5 and 4.8 V.
The Li1.2Mn0.6Nb0.2O2 (LMNO) material delivered a discharge capacity of 238 mAh g-1,
while Li1.2Mn0.575Nb0.175O1.95F0.1(LMF05) and Li1.2Mn0.55Nb0.15O1.9F0.05 (LMF10) delivered
higher initial discharge capacities of 272 mAh g-1 and 252 mAh g-1, respectively. Cycling
studies also revealed that fluorination greatly improved capacity retention as the LMF05 and
LMF10 retain 84.3% and 92.4% of the initial capacities after 20 cycles compared with only
80.7% for LMNO.83

Gas evolution measurements utilizing DEMS support the improved stability of the fluo-
rinated materials over their purely oxide analogs. Figure 3.6 presents the outgassing results
for LMNO, LMF05, and LMF10 when charged to 4.8 V at 20 mA g-1. It is observed that
LMNO undergoes substantial O2 outgassing (0.066 µmol mg-1), while LMF05 has little O2

release (0.005 µmol mg-1) and any O2 evolution during charge for LMF10 is undetectable.
As previously discussed, the origin of oxygen release is likely from oxidized oxygen near the
surface of the cathode.63 These measurements indicate that additional fluorine lattice suc-
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Figure 3.6: O2 and CO2 evolution studied using differential electrochemical mass spectrom-
etry (DEMS) for a) LMNO b) LMF05 and c) LMF10. Current rate: 20 mA g-1.

cessfully reduces the reliance on oxygen oxidation, instead shifting the charge compensation
towards the active transition metal (Mn), thereby mitigating oxygen loss.

Each of the samples exhibits significant quantities of CO2 outgassing when charged to
4.8 V. As was described previously, while the origin of CO2 is convoluted, decomposed
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surface carbonate species (e.g. Li2CO3) likely accounts for a large portion of the observed
release.92 The remainder of the CO2 likely originates from either lattice oxygen at the surface
or electrolyte decomposition which is known to occur at voltages above 4.4 V. From these
measurements, it is observed that the total CO2 gas release slightly decreases as fluorination
increases, although the onset voltage for CO2 gas evolution is similar for LMNO, LMF05,
and LMF10. A key difference is that high voltage evolution of CO2 is much more prominent
for LMNO, indicating a possible correlation between CO2 and O2 loss at high potentials.

Alongside a number of other techniques published in the full study,83 the gas evolution
measurements for LMNO, LMF05, and LMF10 aid to explain how successfully incorporating
fluorine in disordered rock salt structures can increase energy density and improve capacity
retention. Outgassing results clearly show decreased oxygen evolution with increased fluorine
substitution and support a theory that fluorination shifts charge compensation away from
oxygen redox and towards transition metal redox. The decreased oxygen loss, and decreased
accompanying degradation of the cathode material, results in a much more useful material
with greater capacity retention over many cycles. The encouraging results for LMF05 and
LMF10 present possibilities for additional cathode material study incorporating high levels
of fluorination.

3.5 Conclusions

This chapter presented studies centered on oxygen activity associated with Li-excess cathode
materials, specifically disordered rock salt materials. These materials are shown to deliver
extraordinary capacities, well above state of the art commercial materials. While Li-excess
materials are often associated with a reliance on oxygen redox that results in poor capacity
retention, the studies shown in this chapter propose alternatives to avoid oxygen reactivity.
Fluorine lattice substitution along with incorporation of high valent cations were proven to
be effective at not only promoting the rock salt structure,88 but also mitigating the utilization
of oxygen redox by reducing the average anion valence. This was shown to allow additional
transition metal (Ni) incorporation and redox.

As transition metals like Co and Ni are not as cheap nor plentiful as Mn, this chapter
also presented evidence that a Mn redox based lithium excess disordered rock salt material
could deliver very high reversible capacities by utilizing the Mn2+/Mn4+ double redox. In
this case, fluorine substitution and high valent cations (Nb5+, Ti4+) facilitated the incorpo-
ration of Mn in its 2+ state and resulted in no significant oxygen loss. While CO2 evolution
was observed from nearly all materials studied, the total amount observed was small, with a
major fraction likely being ascribed to residual surface carbonate oxidation. Deconvoluting
CO2 evolution mechanisms (carbonate oxidation, electrolyte degradation, and reactive oxy-
gen release) will be a focus of ensuing chapters. Additionally, materials with higher levels of
fluorine substitution were studied to determine the effects of oxygen activity and capacity
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retention. The mitigation of oxygen loss and the improved capacity retention seen in dis-
ordered rock salt materials with fluorine lattice substitution encourage continued study and
open many possibilities in cathode material design.
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Chapter 4

Quantifying the Capacity
Contributions during Activation of
Li2MnO3

4.1 Abstract

Though Li2MnO3 was originally considered to be electrochemically inert, its observed acti-
vation has spawned a new class of Li-rich layered compounds that deliver capacities beyond
the traditional transition-metal redox limit. Despite progress in our understanding of oxygen
redox in Li-rich compounds, the underlying origin of the initial charge capacity of Li2MnO3

remains hotly contested. To resolve this issue, differential electrochemical mass spectrom-
etry combined with acid titrations were employed to reveal that O2 and CO2 release from
electrolyte degradation products account for a large fraction of the observed capacity dur-
ing the first charge. Spectroscopy results from collaborators at Binghamton and Lawrence
Berkeley National Laboratory confirm that oxidation of Mn4+ and reversible oxygen redox
do not contribute substantially to the charge compensation, with only minor contributions
from reduced Mn species on the surface. These studies reveal that, although Li2MnO3 is
considered critical for promoting bulk anionic redox in Li-rich layered oxides, Li2MnO3 by
itself does not exhibit bulk oxygen redox or manganese oxidation beyond its initial Mn4+

valence.∗

4.2 Introduction

Originally considered electrochemically inactive,93 Li2MnO3 can deliver substantial capacity
during charge, as demonstrated by Kalyani et al.94 Later, Robertson and Bruce95 revealed

∗This chapter adapted with permission from previously published work in: J. Rana and J. K. Papp et
al. ACS Energy Lett. 2020, 5, 2, 634–641
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how Li2MnO3 could be activated through the use of nanosized particles. And capacities ex-
ceeding 300 mAh g-1 have been reported during the first charge activation of Li2MnO3.

95–102

The large irreversible capacity observed during the first charge is primarily attributed to irre-
versible oxygen release,65,70,73,103–105 which presumably activates lattice oxygen redox along
with other degradation mechanisms, ultimately leading to severe capacity fade upon cy-
cling.95,96,98,99,106 Li-rich layered oxides (LR-NMC), derived from Li2MnO3 are often regarded
as nanocomposites of Li2MnO3 and LiMO2 (M = Ni, Mn, Co) components and exhibit a sim-
ilar first charge activation plateau at 4.5 V vs Li/ Li+.64,103,107–109 In fact, a direct correlation
observed between the 4.5 V plateau capacity and Li2MnO3 content of LR-NMC110 has been
used to quantify the extent of bulk oxygen redox in LR-NMCs.111 Unlike Li2MnO3, LR-NMCs
maintain stable cycling performance with high reversible capacities.112,113 Meanwhile, lattice
oxygen redox in LR-NMCs has been supported by numerous O K-edge resonant inelastic
X-ray scattering (RIXS) studies,63,114,115 with the recent beam exposure studies confirming
that the RIXS feature is intrinsic to oxidized lattice oxygen.116

While Li2MnO3 is regarded as a model compound for describing bulk oxygen redox ac-
tivity in LR-NMCs, recent RIXS studies did not detect similar spectroscopic signatures of
oxidized lattice oxygen in Li2MnO3.

117 Additionally, an alternative scenario explaining the
origin of anomalous capacity in LR-NMCs has been proposed by Radin et al.111 Accord-
ing to this new perspective based on first-principle calculations, the reversible formation
of molecular oxygen or peroxide ions in combination with Mn4+/Mn7+ redox could explain
the characteristic electrochemical behavior of LR-NMCs. Meanwhile, the appearance of
O K-edge RIXS feature for numerous conventional Mn-free layered oxides questions the
role of Li2MnO3 in activating lattice oxygen redox in LR-NMCs.118,119 Additionally, oxygen
and carbon dioxide evolution have been qualitatively observed from LR-NMCs in prior re-
ports, highlighting the importance of understanding the role of irreversible surface processes
(oxygen release and electrolyte degradation) on charge compensation. This study aims to
answer the following two fundamental questions regarding the charge compensation mecha-
nism during delithiation of Li2MnO3: (1) should Li2MnO3 be regarded as a model compound
describing anionic redox activity and (2) what charge compensation mechanisms explain the
electrochemical activity of Li2MnO3?

To resolve these issues, all possible charge compensation mechanisms including bulk oxy-
gen redox, Mn4+/Mn7+ redox, and surface degradation are considered. This investigation,
in collaboration with colleagues at SUNY-Binghamton and LBNL, employed a combination
of spectroscopic techniques sensitive to oxygen oxidation (O K-edge RIXS) Mn oxidation
(operando Mn K-edge X-ray absorption spectroscopy (XAS)) and gas evolution (differential
electrochemical mass spectroscopy (DEMS)). Importantly, it was found that gas evolution
(O2 and CO2) almost entirely accounted for the observed capacity during the first charge ac-
tivation, with minor contributions from lattice oxygen redox, carbonate decomposition, and
oxidation of reduced Mn species on the surface. In support of this finding, no significant evi-
dence of Mn7+ and/or oxidized lattice oxygen were observed by X-ray spectroscopy, although
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surface carbonates were found to form after immersing the pristine Li2MnO3 powder in the
electrolyte. These surface carbonates then oxidize upon charge to evolve the observed CO2.
Despite being considered critical for understanding bulk oxygen redox activity in LR-NMCs,
the parent Li2MnO3 itself does not exhibit this exotic charge compensation mechanism. In-
stead, irreversible oxygen release and electrolyte degradation during activation likely paves
the way for further degradation on subsequent cycles, which will be discussed in Chapter 5.

4.3 Results and Discussion

Figure 4.1a shows the XRD pattern of the as-synthesized Li2MnO3, where all reflections
can be indexed in the monoclinic system with the space group C2/m.120 In the layered
structure of Li2MnO3, the interslab octahedral sites are occupied by Li+ only, while the
octahedral sites within the [Li1/3Mn2/3]O2 slabs are ordered with Li+ and Mn4+ in a ratio of
1:2, which is indicated by the superlattice reflections in the 2θ range from 20 to 34◦. However,
these superlattice reflections appear convoluted into a broad asymmetric peak as highlighted
in Figure 4.1a. Previously, the intensity and asymmetry of these super-lattice reflections
were correlated with the degree of disorder in the stacking sequence of [Li1/3Mn2/3]O2 slabs
along the c- direction of the monoclinic lattice.121 Moreover, the SEM micrograph of the as-
synthesized material in Figure 4.1b reveals the agglomerated primary particles of less than
100 nm in size. Thus, the observed asymmetric superlattice reflection in the XRD pattern
confirms an increased degree of stacking faults in the nanocrystalline Li2MnO3 synthesized
in the present study. Figure 4.1c demonstrates the voltage profile of Li2MnO3 in the first
cycle at a rate of C/50 (1 C = 230 mA g-1 assumed). A very large capacity ( 360 mAh g-1)
is observed during charge to 5 V, whereas a much lower discharge capacity is observed ( 180
mAh g-1). This large difference between charge and discharge capacities is a characteristic
electrochemical feature of Li2MnO3, and the general consensus is that the difference is due
to irreversible oxygen release.65,73,103–105

While the irreversible component of the first cycle capacity could be attributed to gas evo-
lution,65,73,103–105 no definitive data exists that conclusively confirms this hypothesis. While
quantitative gas evolution data will be presented shortly, spectroscopic work performed by
collaborators will first be discussed to place the confusion regarding charge compensation
mechanisms in Li2MnO3 into context. Besides irreversible degradation processes, only two
possible sources of reversible charge compensation mechanisms exist: oxidation of Mn4+

and/or lattice oxygen redox.111 Both can be probed using various X-ray spectroscopies. O
K-edge XAS and RIXS are used to probe bulk redox activity of oxygen anions in Li2MnO3.
Figure 4.2a shows the O K-edge spectra in the bulk sensitive total fluorescence yield (TFY)
mode for the pristine Li2MnO3 and electrodes charged to 5 V vs Li/Li+. Corresponding
RIXS maps for the charged electrodes are shown in Figure 4.2b,c. The pre-edge peaks at
529.6 and 531.9 eV are attributed to the hybridization of Mn 3d–O 2p orbitals into t2g and eg
states.122 At these excitation energies, RIXS maps show two broad density of state (DOS)-
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Figure 4.1: Structure and electrochemistry of Li2MnO3. (a) XRD pattern and (b) SEM
image showing particles morphology of Li2MnO3 synthesized at 600 ◦C. (c) The first cycle
voltage profile in a coin half cell (i.e., Li metal is used as the anode).
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like features that are associated with the hybridized Mn–O states. The emergence of RIXS
loss feature at 523.5 eV due to X-ray absorption at 531 eV is regarded as a spectroscopic
signature of bulk oxygen redox activity.114,115,118,123 The RIXS maps show no evidence of
this feature for the charged electrodes, matching a recent Li2MnO3 study,117 which rules out
substantial bulk oxygen redox activity in Li2MnO3. The increased weight observed at 531
eV in the O K-edge XAS correlates with broadening of the hybridized t2g and eg states in
the corresponding RIXS maps (Figure 4.2b,c).

These results are further complemented by a quantitative measure of oxide oxidation
using an acid titration of extracted Li2MnO3 cathodes. Previous studies on NMC cathode
materials have found that O2 evolves from partially delithiated cathodes when exposed to
water if oxygen redox participated in charge compensation. The oxygen evolved from these
electrodes is closely related to the well established titrations of lithium peroxide,86 following
the reaction:

Li2O2 +H2O → 2LiOH + 1/2O2 (4.1)

Therefore, to quantify oxidized oxygen in a state similar to that in Li2O2, titrations were
used with electrodes extracted at various states of charge (SI Table 4.2). An indication of
the degree of “reversible” oxygen redox was estimated by comparing electrodes extracted at
the top of the first charge and the bottom of the first discharge. Here it was found that
these titrations demonstrate minimal contributions from bulk oxygen redox (only 10 mAh
g-1), which is in agreement with the lack of spectroscopic feature corresponding to oxidized
oxygen in the RIXS measurements (Figure 4.2b,c).

Operando Mn K-edge XAS was used to probe bulk Mn redox activity in Li2MnO3 involv-
ing Mn4+/Mn7+ redox as proposed by Radin et al.111 However, the experimental verification
of the proposed Mn4+/Mn7+ redox is considered to be extremely challenging due to fragility
of Mn7+ under X-ray irradiation.111 Synchrotron XAS data of KMnO4 was collected to in-
spect the susceptibility of Mn7+-containing oxides to beam damage. Experimental data
could successfully reproduce all major spectral features predicted by calculations from the
Materials Project (SI Figure 4.4).124 Furthermore, the Mn K- edge XAS data of KMnO4 (SI
Figure 4.4) are consistent with those reported by others.97,125,126 These indicate that Mn7+, if
present, would be experimentally detected in operando XAS experiments. Notwithstanding
this and as an added safeguard, the pouch cell was cycled off-line and exposed to X-rays for
data collection only at the predetermined states of charge/ discharge, instead of continuously
acquiring data by irradiating the cell throughout the entire charge/discharge cycle.

Parts d and e of Figure 4.2 show operando Mn K-edge X-ray absorption near-edge struc-
ture (XANES) and extended X-ray absorption fine structure (EXAFS) data of Li2MnO3. At
5.0 V, no clear shift of the main edge beyond that of the pristine state is observed, which
rules out the oxidation of Mn4+. The splitting of Mn 3d orbitals into t2g and eg levels by
an octahedral field of the surrounding oxygen can be seen in the pre-edge region, which
becomes more intense upon charging to 5.0 V. Meanwhile, reduction in the amplitude of
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Figure 4.2: Bulk O and Mn redox activity in Li2MnO3. O K-edge TFY XAS data (a), and
RIXS maps of Li2MnO3 electrodes charged to 4.8 V (b) and 5.0 V (c). Operando Mn K-edge
XANES (d) and EXAFS (e) data for charged and discharged states during the first cycle.

the EXAFS signal observed upon charging to 5.0 V corresponds to increased disorder in the
system.97,102 Indeed, the observed increase in the intensity of the pre-edge region can now be
correlated to major restructuring during activation. This restructuring also likely accounts
for the observed broadening of the O K-edge spectral features in Figure 4.2a–c.127,128 Upon
discharge to 2.0 V, the main edge shifts slightly toward lower energy with respect to that of
the charged state, which indicates reduction of Mn4+ during lithium reinsertion. To further
clarify these trends, the investigation was extended to the second cycle. Similar trends are
observed for the charged/ discharged states of the second cycle (see SI Figure 4.5), except
that the second discharge shows even more reduction of Mn4+ than the first discharge. These
results are in direct agreement with those reported by Croy et al.102 and confirm that Mn
does not oxidize beyond the 4+ oxidation state during charge but undergoes reduction dur-
ing discharge. These reduced Mn species would then be oxidized during Li extraction on
subsequent charge.
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Without oxidation of Mn4+ and/or reversible participation of lattice oxygen in charge-
compensation processes, the remaining possibilities for charge compensation are irreversible
processes involving electrolyte degradation and oxidation of lattice oxygen to oxygen gas.
DEMS was employed to monitor gas evolution from Li2MnO3 during the first charge (Figure
4.3a). Upon application of current, CO2 was immediately detected, which quickly rose to a
sharp peak in evolution rate. As the voltage plateau region was reached, oxygen gas became
the dominant evolution product, though CO2 continued to evolve at a lower rate. Total gas
evolved across the first charge summed to be 38 mmol of CO2 per mol of active material
and 113 mmol of O2 per mol of active material. Note that higher applied currents (20 mA
g-1) during DEMS experiments due to instrument availability, as well as variation in the cell
design, led to the decreased first charge capacity of 177 mAh g-1 compared to the data in
Figure 4.1c.

The source of oxygen gas is the formation of oxidized lattice oxygen species followed by gas
evolution,73 as no O2 evolution results from electrolyte degradation or carbonate oxidation.86

O2 evolution from the oxide lattice is a 4 electron process, such that the irreversible oxygen
contriubtion to capacity can be calculated from the total oxygen evolved as 125 mAh g-1 , or
71% of the total first charge capacity. This oxygen evolved on the first charge accounts for
9.1% of the total oxygen present in the pristine active material. After an initial delay, oxygen
evolution proceeds at a rate near that of 4 electrons per molecule oxygen gas released. A 4
electron process involving molecular oxygen would require an oxygen gas release rate of 363
µmol min-1 mol-1 if oxygen gas accounted for the entire first charge capacity, as is denoted
by the dotted red line in Figure 4.3a.

Note that the CO2 evolution is remarkably high for a transition metal oxide material. The
large quantity of CO2 evolved (Figure 4.3c) could originate from a variety of mechanisms,
including electrolyte reaction with generated singlet oxygen,129 surface peroxo species at
high voltages, or the oxidation of carbonate impurities in the as-prepared material. To
understand the origin of CO2 evolution, acid titrations and X-ray photoemission spectroscopy
(XPS)/hard X-ray photoemission spectroscopy (HAXPES) studies were performed on the
extracted electrodes. Acid titrations revealed the presence of 0.4 wt% (6.2 mmol mol-1) of
carbonates in the pristine material used for the DEMS study, which is much lower than the
total CO2 evolution observed during galvanostatic charge (38 mmol mol-1). This suggests
that electrolyte degradation is the dominant contributor to CO2 evolution. Interestingly,
a titration study on a separate batch of Li2MnO3 electrodes both in its pristine state and
after simply immersing it in electrolyte revealed that carbonate content increased by 69%
(SI Table 4.3) as a result of exposing the material to the electrolyte, indicating that the
electrolyte largely decomposes and deposits a solid degradation product on the material
surface. This is consistent with the XPS O 1s region of the pristine material (Figure 4.3b)
showing a peak between 531.5 and 534 eV binding energy due to the formation of surface
carbonates.130–134 Note the absence of a similar peak in the bulk sensitive HAXPES O 1s
region of the pristine material. Meanwhile, Mn L3-edge TEY XAS data reveal the presence
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Figure 4.3: Gas evolution and surface studies of Li2MnO3. (a) DEMS for the first charge
and (b) XPS/HAXPES data and (c) Mn L3-edge TEY data for the pristine and electrolyte-
soaked material.
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First Charge Capacity Contributions
gas evolution

O2 125 mAh g-1

CO2 17 mAh g-1

“reversible” oxygen redox (OR) 10 mAh g-1

(O2 + CO2 + OR)/electrochemistry total 152/177 mAh g-1

other contributions 25 mAh g-1

Table 4.1: Capacity contributions as determined using gas evolution and titration techniques
compared to the total first charge capacity of the cell run on the DEMS system.

of reduced Mn species on the surface of pristine material (Figure 4.3c). The amount of
surface carbonates and reduced Mn species greatly increased once the electrode is exposed
to the electrolyte (Figure 4.3b,c), which can be attributed to higher surface reactivity of
Li2MnO3.

135 It is this chemical process that may be the dominant electrolyte degradation
mechanism throughout the first charge, although future studies employing isotopic labeling
and 1O2 detection are needed to fully understand electrolyte degradation. Nevertheless, the
results strongly suggest that the predominant origin for CO2 evolution is the continuous
degradation of the electrolyte to solid surface species, which then oxidize at high voltages to
evolve CO2.

The first charge capacity for Li2MnO3 as observed during the DEMS measurement can
now be analyzed in terms of the contributions from the processes examined in this study
(Table 4.1). O2 evolution originating from oxygen oxidation accounts for roughly 70% of the
total charge capacity. CO2 evolution originating from the decomposition of carbonates both
present in the initial material as well as formed by electrolyte decomposition accounts for
another 10% of the charge capacity. Titrations probing the “reversible” oxygen oxidation
(O2

-1/O-1) revealed about 6% contribution to the total charge capacity. The remaining 14%
of the first charge capacity (Table 4.1) likely results from a combination of processes including
electrolyte decomposition given the high cutoff voltage, as well as the oxidation of reduced
Mn species in the near surface region (Figure 4.3c). Electrolyte decomposition was regarded
as a likely source of protons for the previously proposed Li+/H+ exchange in Li2MnO3.

95,97,136

However, like those previous studies, the X-ray techniques employed in the present study are
not directly sensitive to structural protons. Meanwhile, a recent NMR study by Dogan et
al.99 found significant evidence for proton-containing species on the surface of the charged
electrode due to side reactions but ruled out insertion of structural protons in Li2MnO3.
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4.4 Conclusions

In summary, using the combination of operando Mn K-edge XAS, O K-edge RIXS, XPS, and
DEMS, the capacity contributions observed during electrochemical activation of Li2MnO3

are interpreted and quantified. Taken together, the first charge capacity of Li2MnO3 origi-
nates primarily from oxygen release, with much smaller contributions from reversible lattice
oxygen redox, decomposition of surface carbonates and oxidation of reduced Mn species on
the surface. Furthermore, these results conclude that Li2MnO3 does not exhibit the re-
cently proposed Mn4+/Mn7+ redox. For Li2MnO3, the octahedrally coordinated Mn prefers
not to oxidize beyond 4+ at high voltages consistent with the lack of Mn7+ signatures in
delithiated LR-NMCs reported thus far. Interestingly, Ceder and co-workers70 attributed
bulk oxygen redox to the labile oxygen states resulting from the Li–O–Li correlations as
in Li2MnO3. However, the lack of RIXS feature in the charged samples clearly ruled out
significant contribution from bulk oxygen redox in Li2MnO3. In contrast, the conventional
layered oxides without Li–O–Li correlations demonstrated a RIXS feature indicating the on-
set of bulk oxygen redox at higher degrees of delithiation.118,119,137 These reports suggest that
increased covalency afforded by highly oxidized Ni and Co ions is an important precursor
to promoting bulk oxygen redox.70,138–140 Simply put, the Li2MnO3 component in LR-NMC
nanocomposites acts as a reservoir of excess Li ions, facilitating capacity beyond the con-
ventional transition-metal (TM) redox by utilizing the inherent TM-O covalency-driven bulk
oxygen redox at higher potentials.

4.5 Supplementary Information

4.5.1 Material Synthesis and Electrochemical Characterization

Li2MnO3 was synthesized by collaborators using the modified Pechini method detailed else-
where.141 Cathodes for electrochemical characterization shown in Figure 4.1c and for charge
electrodes in Figure 4.2 and 4.3b and c were prepared by mixing 75 wt% active material,
15 wt% acetylene black (Alfa Aesar) and 10 wt% polyvinylidene di-fluoride (Sigma Aldrich)
binder in the N-methyl-2-pyrrolidone solvent (Sigma Aldrich). The resultant slurry was
tape-cast on to an aluminum current collector and dried at 80◦C in vacuum oven overnight.
After drying, circular discs of about 12 mm diameter with active mass loading of 5-6 mg
cm-2 were punched out, which acted as the cathode. Electrochemical testing was carried out
using CR2325-type coin cells. Cell assembly was carried out inside the He-filled glovebox
using lithium metal chip as the anode, a solution of 1 mol LiPF6 in EC:DMC (1:1) organic
solvents as the electrolyte and a Celgard 2325 membrane as a separator. The cells were
cycled between 2 V and 5 V vs. Li/Li+ with a constant current density of 4.6 mA g-1 (i.e.,
C/50 with 1C = 230 mA g-1 assumed) during the first charge and of 23 mA g-1 (i.e., C/10)
during the subsequent cycles using VMP multichannel potentiostat (Bio- Logic). Cathodes
used in differential electrochemical mass spectrometry (DEMS) measurements were prepared
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by mixing 75 wt% active material, 15 wt% acetylene black (Alfa Aesar) and 10 wt% poly-
tetrafluoroethylene (Sigma Aldrich) binder, followed by pressing the resulting paste onto
stainless steel current collector meshes to achieve an active mass loading of 5-6 mg cm-2.
DEMS cells were charged at a current density of 20 mA g-1 in 1 M LiPF6 in EC:DMC using
a Li metal counter electrode. More details about the DEMS setup and protocol can be found
in Ref. 15.

4.5.2 Operando Mn K-edge XAS

Operando XAS measurements at the Mn K-edge of Li2MnO3 were carried out at beamline
6BM of National Synchrotron Light Source-II (NSLS-II) by collaborators using a pouch cell
configuration, whose voltage profiles are presented in SI Figure 4.6. Measurements were
carried out in the transmission mode using the Si(111) double crystal monochromator. An
unfocussed incident beam with a spot size of 6 mm x 1 mm was used. Absolute energy
calibration of the monochromator was carried out by measuring reference foil of pure Mn
simultaneously with the pouch cell. Gas-filled ionization chambers were used to record the
intensities of the incident beam and the beams transmitted through the pouch cell and the
reference foil. Data processing such as background subtraction and normalization was carried
out as described elsewhere4 using the software ATHENA of the package IFEFFIT

4.5.3 XPS/HAXPES Measurements

Lab-based X-ray photoelectron spectroscopy (XPS) using an Al Kα source (1.486 keV) was
performed at the Analytical and Diagnostics Laboratory (ADL), Binghamton University.
Hard X-ray photoelectron spectroscopy was collected at beamline I09 at the Diamond Light
Source Ltd. (DLS), UK, using a photon energy of hv ≈ 5940 eV (which will be referred to
as 6 keV). The variation in kinetic energy of the outgoing electrons at these two energies
provided insight into oxygen chemical environments near-surface (1.486 keV) and subsurface
(6 keV) regions. A combination of the C 1s peak C–C associated with carbon black (284.5
eV) and Mn 2p/3p peaks associated with the Li2MnO3 material were used to calibrate the
binding energy axis of the XPS and HAXPES O 1s spectra.

4.5.4 Mn L-edge and O K-edge XAS/RIXS Measurements

Soft X-ray absorption spectroscopy measurements of the Mn L-edge and O K-edge were
conducted at the iRIXS endstation, beamline 8.0.1, at the Advanced Light Source by col-
laborators. Bulk O K-edge XAS spectra were collected in total fluorescence yield (TFY)
mode. Resonant inelastic X-ray scattering (RIXS) maps of the O K-edge were collected for
the high state of charge electrodes (4.8 V and 5.0 V). The Mn L-edge was collected in total
electron yield (TEY) mode. Previously reported reference spectra of the Mn Ledge of MnO,
Mn2O3, and Li2MnO3 are included for identification of the near-surface Mn oxidation state.
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Figure 4.4: Comparison of the calculated (Materials Project) Mn K-edge absorption spec-
trum with the experimental data. All major features (A, B, C, and D) predicted by the
calculations are reproduced by the experimental data.

A TiO2 reference was used to calibrate energy axis for the O K- and Mn L-edges. Emis-
sion energy was calibrated from the elastic peak. Disassembled electrodes were mounted in
an argon glovebox on conductive carbon tape and transferred to the measurement chamber
using a vacuum suitcase for XPS, HAXPES and XAS/RIXS measurements. All electrodes
were washed with DMC for 5 min in a glovebox post-disassembly.

46



Figure 4.5: Operando Mn K–edge XANES (a) and EXAFS (b) data for the 2nd cycle.

Figure 4.6: Voltage profiles of Li2MnO3 pouch cells during operando Mn K–edge XAS mea-
surements (1st cycle in black and 2nd cycle in red)

Titrated Material mmol O2/mol active material
C 5.0 V 10.5

C 5.0; D 2.8 V 1.3

Table 4.2: Reversible oxygen redox titrations. Oxygen gas evolution quantities for peroxide-
like oxygen titrations for Li2MnO3
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Titrated Material mmol CO2/mol
active material

Calculated wt%
Li2CO3

Pristine powder 6.25 0.40
Pristine electrode* 14.0 0.88
Soaked electrode* 23.7 1.50

*made with a separate batch of synthesized LMO

Table 4.3: Carbonate content titrations. Carbonate gas evolution quantities and calculated
Li2CO3 wt% for pristine and electrolyte for Li2MnO3.
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Chapter 5

A Comparison of High Voltage
Outgassing of LiCoO2, LiNiO2, and
Li2MnO3 Layered Li-ion Cathode
Materials

5.1 Abstract

One method of increasing the energy density of Li-ion batteries is to access reversible Li in-
tercalation in conventional transition metal oxides cathode materials at high potentials (4.3-5
V vs. Li/Li+), and thus allow more electrochemical capacity per volume of active material.
This comes at the cost of increased interfacial reactivity and often results in capacity fade
over many cycles. Tracing gas evolution during lithium extraction and insertion provides a
useful strategy to understand this high voltage reactivity. In this chapter, outgassing during
Li extraction is examined in the parent materials of current state-of-the-art layered oxides
(LiCoO2, LCO; LiNiO2, LNO; and Li2MnO3, LMO). Key differences in the outgassing of
each material are highlighted. Whereas negligible O2 release is found in LCO and LNO,
even with voltage holds at 5 V vs. Li/Li+, O2 release is found to account for a large portion
of the electrochemical capacity and persist over many cycles in LMO. CO2 outgassing is
observed to varying extents, following the trend of LMO >> LNO > LCO, and is due to
a combination of residual solid carbonate oxidation and electrolyte degradation. Taken to-
gether, these results show the importance of quantitative analysis in understanding the role
of transition metal composition on the chemistry of conventional Li-ion battery materials.
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5.2 Introduction

Li-ion batteries optimally combine energy density, lifetime, safety, and cost compared to
alternative rechargeable battery chemistries. These favorable characteristics are in part con-
tributed by the cathode, commonly a layered lithium transition metal oxide capable of highly
reversible lithium removal and intercalation. Modern cathode stoichiometries are typically
composed of transition metal oxides combining Co, Ni, and/or Mn in varying ratios to form
NMC (LiNixMnyCozO2, x+y+z=1) compounds. These NMC materials exhibit properties
related to their parent compounds — lithium cobalt (III) oxide (LiCoO2, LCO), lithium
nickel(III) oxide (LiNiO2, LNO), and lithium manganese(IV) oxide (Li2MnO3, LMO) —
and the stoichiometries can be adjusted to optimize desired traits. Demand for increased
energy density and capacity continues as car owners seek to transition away from internal
combustion vehicles to electric vehicles powered by Li-ion batteries. To access more electro-
chemical capacity per volume of active material, conventional transition metal oxides can
be operated into high potentials (4.3-5 V vs Li/Li+).142 However, many challenges exist in
the high voltage regime that are often related to bulk material deterioration and surface
instabilities.85,143 Despite many studies reporting operation to 4.5 V or even 5 V vs Li/Li+,
many questions remain about the high voltage reactivity for cathode materials of even sim-
ple stoichiometry.144,145 Using the three well-known parent oxide materials, LCO, LNO and
LMO, this study quantifies outgassing with differential electrochemical mass spectrometry
(DEMS) to further the understanding of cathode interfacial reactivity in the high voltage
region.

Lithium cobalt oxide (LCO), the most well-studied Li-ion battery cathode material, is
known to operate with extreme reversibility in the voltage region of 3.0-4.2 V.3 Lithium
nickel oxide (LNO), once hoped to be a cheaper alternative to LCO given their structural
and charge compensation similarities, is also electrochemically active in this voltage region.146

When these materials are operated at higher potentials, the prevailing theory is that oxygen
dimerization and O2 gas release results in irreversible cathode degradation.143,147–149 With
detailed gas evolution measurements, this chapter shows that negligible O2 gas and little
CO2 release are observed from LCO, even up to 5 V vs Li/Li+. Gas evolution measurements
also reveal the important role of residual surface carbonates on outgassing, particularly
CO2, when operated at high voltages. Using acid titrations and isotopic labeling, it is
further demonstrated that negligible oxygen dimerization through oxide oxidation occurs,
challenging this mechanism for LCO and LNO degradation.

Lithium manganese oxide (Li2MnO3), LMO, is not typically used as a cathode material
by itself, but is instead used as a precursor for Li-rich cathode materials given the high
starting oxidation state of Mn (4+). In fact, LMO was long believed to be electrochemically
inactive due to the high starting oxidation state of manganese.93 However, when charged to 5
V, an extensive first charge capacity can be accessed.22,95,150 This has lead to several theories
of charge compensation, ranging from oxygen compensation (both irreversible and reversible)
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to further manganese oxidation to the +7 state.111 The previous chapter has shown that the
first charge capacity can be almost entirely attributed to irreversible processes, but left in
question the recovered capacity on subsequent cycles.151 In this chapter, charge compensation
mechanisms for cycled LMO are also explored and find that O2 and CO2 evolution persists
over many cycles. Furthermore, O2 evolved in closed cells (e.g., coin cells) on charge is shown
to be consumed on discharge in a manner similar to a carbonate-solvent based Li-O2 battery,
where electrolyte degradation participates in the oxygen electrochemistry.

Taken together, these high voltage outgassing measurements and accompanying charac-
terizations are valuable as cathode materials with higher energy densities are researched.
The insights gained from LCO, LNO, and LMO outgassing may help guide the design of
future cathode materials and challenge previous assumptions for a better understanding of
high voltage reactivity.

5.3 Experimental Methods

5.3.1 Electrode Preparation

LCO and LNO cathodes were composed of active materials, Super P (Timcal), and polyte-
trafluoroethylene (PTFE, DuPont, Teflon 8A) at a weight ratio of 80:10:10. LMO cathodes
were composed of active materials, acetylene black, and PTFE at a weight ratio of 75:15:10.
To make the cathodes, 90 mg of active materials/carbon black in the ratios provided above
were well mixed using a mortar and pestle inside an Ar-filled glovebox for 20 min. PTFE was
later added and manually mixed with the mixture for 20 min. The components were then
rolled and pressed onto discs of stainless steel mesh (1 cm2) inside the glovebox. The loading
density of the films was approximately 7-8 mg cm-2 based on active materials. The specific
capacities were then calculated based on the weight of active materials in the cathode films.

5.3.2 Differential Electrochemical Mass Spectrometry

The custom-built DEMS, cell geometry, and instrument operation is described in detail
in previous publications.15,152 Custom Swagelok cells were assembled inside a glovebox and
tested on the DEMS system at room temperature. 1 M LiPF6 in ethylene carbonate (EC) and
dimethyl carbonate (DEC) solution (volume ratio 1:1) was used as the electrolyte. Glass
microfiber (Whatman) and Celgard 2500 (one of each) were used as separators, with the
Celgard in contact with the cathode. Li-metal foil was used as the anode. The assembled
cells were charged under a head of positive argon pressure (around 1.2 bar) after being
appropriately attached to the DEMS, and the headspace was swept to the mass spectrometer
at regular intervals. The mass spectrometer was previously calibrated to quantify O2 and
CO2.
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5.3.3 X-ray Photoelectron Spectroscopy

The X-ray photoelectron spectroscopy (XPS) was acquired with a Thermo Fischer K-Alpha
Plus instrument at the Molecular Foundry at Lawrence Berkeley National Laboratory. Sam-
ple cathodes were acquired from cell disassembly inside a glovebox after the associated elec-
trochemical measurement. Extracted cathodes were then washed drop-wise with DMC, and
dried under vacuum. The extracted cathodes were then placed in an air-tight XPS sample
holder and transferred to the instrument for measurements. Background subtraction and
energy calibration was performed using CasaXPS software.

5.3.4 Material Synthesis

LiNiO2 was prepared by ball milling Ni(OH)2 and Li2CO3 (Sigma Aldrich) for 3 h, followed
by annealing under an oxygen atmosphere (flow rate: 5 cfm) at 750 ◦C for 12 h. Powder X-
ray diffraction (XRD) patterns were collected on a Bruker D2-Phaser with Cu Kα radiation
(λ = 1.54178 Å).153 LMO was prepared by combining solutions of manganese acetate, citric
acid, and lithium hydroxide in water. The water was boiled off to form a gel, which was then
freeze dried to produce a dry powder. The powder was subjected to a two-step calcination
process, heating first at 450 ◦C for 10 h followed by 700 ◦C for 20 h under dry air (nitrogen
and oxygen only).

5.3.5 18O Substitution

LiCoO2 was enriched with 18O by heating powder samples to 800 ◦C under a 18O2 (Sigma
Aldrich) and N2 headspace for 6 hours. LiNiO2 was enriched with 18O by heating powder
samples to 600 ◦C for 6 hours under identical headspace conditions. For a full description of
the isotopic enrichment process see the Supporting Information of reference 86.

5.4 Results and Discussion

5.4.1 Lithium Cobalt Oxide (LiCoO2), LCO

Lithium cobalt oxide is known to operate reversibly up to potentials of 4.2 V vs Li, or the
removal of roughly half the total lithium.3 Overdelithiation results in severe capacity loss on
subsequent cycles and is caused by the phase transition of LixCoO2, oxygen loss,143,148 Co
dissolution,154 and side reactions with the electrolyte.155

Upon delithiation of the cathode, oxidation of Co (3d6 (t2g
6eg

0)) in LiCoO2 is accom-
plished by electron removal from the t2g orbital. As delithiiation continues, the migration
of the 3d band into the 2sp band of oxygen has been theorized to activate the oxidation of
oxygen.21 Therefore, charge compensation at high degrees of LiCoO2 delithiation is believed
to be achieved by both O and Co redox simultaneously, resulting in dimerization of oxygen
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and O2 gas release.143,148,156 There are few studies characterizing gas release for LCO, but it
has now been shown that oxygen evolution is not always a characteristic of LCO overdelithi-
ation. In particular, studies by Novak et al.85 and Abruña et al.157 have studied qualitative
gas evolution during cyclic voltammetry measurements for LCO. Both studies demonstrated
CO2 release and only negligible or no oxygen release during CV measurements. The lack of
substantial oxygen release is surprising given the proposed mechanisms for a high voltage
LCO phase transition.147 In this study, additional electrochemical methods are combined
with quantitative measurements of gas evolution and peroxo-like oxygen formation to un-
derstand this discrepancy more completely.

Figure 5.1 presents quantitative gas evolution measurements on a LCO electrode during
the first three constant current cycles (C/10 between 3.4 V and 5 V), cyclic voltammetry
(0.05 mV s-1 between 3-5 V), and a C/10 constant current charge followed by a voltage
hold at 5 V. Each measurement was performed using electrochemical cells with 1 M LiPF6

EC/DEC electrolyte, a glass fiber separator, and a Li metal anode. Up to 5 V, negligible O2

gas release is observed during each of these measurements, with perhaps a barely perceptible
(but non-quantifiable) amount of oxygen evolution in the cycling measurements at high
voltages. Instead, a small but significant amount of CO2 is the dominant gas evolved; for
example, 4.7 mmol CO2 per mol LCO is evolved during the first charge to 5 V, and 12.2
mmol CO2 per mol LCO is released during the CV to 5 V (Table 5.1), with the discrepancy
likely due to the larger duration spent above 4.6 V in the CV measurement. On the first cycle
(Figure 5.1a), CO2 evolution commences at ∼4.1 V and is bimodal, with a small first peak in
CO2 evolution below 4.6 V, followed by a sharp increase in CO2 evolution above 4.6 V. These
observations are roughly in agreement with the CV measurement (Figure 5.1b), where CO2

evolution commences at 4.15 V and strongly increases above 4.6 V. On subsequent constant
current cycles, the CO2 evolution peak initially observed below 4.6 V is not present, and the
sharp CO2 evolution peak above 4.6 V attenuates after the second cycle. Furthermore, the
onset of CO2 evolution shifts to higher potentials (∼4.3 V) on the second and third cycles.

Two possibilities for the origin of CO2 are electrolyte oxidation or decomposition of
residual carbonate that remains on the LCO surface after synthesis, handling, and electrode
preparation. Both XPS (SI Figure 5.7) and an acid titration of the pristine LCO electrode
reveal the presence of surface carbonates, although the acid titration quantification indicates
only 0.1 wt% carbonates (1.5 mmol per mol LCO) in the as-prepared electrode. Note that
this is an exceptionally low amount of residual carbonate compared to many other oxide
active materials that have been similarly characterized, including NMC, LNO and LMO
(as discussed later).92,158,159 If all of the residual surface carbonate were to oxidize at high
voltages to evolve CO2, 1.5 mmol CO2 per mol LCO would be expected. As indicated in
Table 5.1, the total CO2 evolved on the first cycle (Figure 5.1a) below 4.6 V is 3.3 mmol mol-1

and 4.7 mmol mol-1 throughout the entire first charge. These values are substantially larger
than the values expected from surface carbonate oxidation alone, indicating that electrolyte
degradation, rather than residual carbonate oxidation, is the dominant contributor to CO2
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evolution at all potentials. A key question is then raised: does electrolyte degradation result
from reactive oxygen release (e.g., singlet oxygen or surface peroxo-like species formation)
from the LCO oxide lattice, or does the electrolyte simply degrade electrochemically at the
LCO surface at high voltages? Oxygen activity at high voltages is now considered to answer
this question.

LCO LNO LMO
Initial Li2CO3 1.5 3 14 mmol mol-1

Outgassing during x O2 CO2 O2 CO2 O2 CO2

Ch to 4.2V <1 <1 <1 <1 <1 <1
Ch to 4.6V <1 3.3 <1 3.8 <1 4.0

1st cycle <1 6.2 2.4 64 140 36 mmol mol-1

3 cycles <1 13 2.5 67 160 67
Ch to 5.0V and hold <1 100 6.1 78 300 170

1st Cycle CV (5.0-3.0V) <1 12 1.8 110 110 72

Table 5.1: Outgassing quantities summarized for LCO, LNO, and LMO during specified
measurements.

Given the surprising lack of O2 evolution during LCO delithiation over multiple cycles
(Figure 5.1a), a C/10 constant current charge to 5 V followed by a voltage hold at 5 V was
performed until the current decayed to C/100 (Figure 5.1c) in an intentional (and severe)
attempt to oxidize the LCO lattice. Even with an extended 5 V hold, no detectable O2 was
evolved within instrument resolution, but a sizable amount (88 mmol mol-1) of CO2 was
evolved. The total capacity recovered from the charge and voltage hold in Figure 1c was
313 mAh g-1, implying that Li removal alone could not be the only source of electrochem-
ical capacity, as the theoretical capacity of fully delithiating LCO (LiCo(III)O2 → Li+ +
Co(IV)O2) is 272 mAh g-1. Assuming CO2 is evolved from electrolyte degradation in a 2
electron per molecule CO2 process, 88 mmol CO2 mol-1 corresponds to an electrochemical
capacity of 47 mAh g-1, which infers that electrolyte degradation entirely accounts for the
difference in observed capacity (313 mAh g-1) and the theoretical full delithiation capacity
(272 mAh g-1). The observation of negligible O2 release also infers that oxide lattice oxygen
is not participating in charge compensation during delithiation.

To further probe oxide oxidation, a titration protocol that can accurately estimate the
presence of peroxo-like oxygen was used to determine formation of such species during charge.
Extracted electrodes were titrated according to a procedure described in depth in a previous
study (see Experimental Methods section).159 No significant peroxo-like oxygen species were
formed within titration detection limits, even at high levels of delithiation during the first
charge to 5 V or after the 5 V hold. Ultimately, the lack of oxygen release and O dimerization
indicates that neither contributes significantly to LCO decomposition. This also implies that

54



a.

b.

c.

Figure 5.1: Gas evolution from LCO electrodes. Gas evolution measured during (a) first
three cycles at C/10, (b) cyclic voltammetry at 0.05 mV/s, and (c) a charge to 5 V at C/10
followed by a voltage hold under the rate decayed to C/100. C-rates are based on theoretical
full delithiation of LiCoO2.
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reactive oxygen release does not contribute to electrolyte degradation at LCO surfaces: if
O-dimerization is not observed, then singlet oxygen and peroxo-like species cannot form and
react with the electrolyte, as has been observed in NMC materials.159,160

Figure 5.2: CO2 outgassing as measured for 18O labeled LCO during the first four cycles at
a rate of 100 mA g-1 (C/2.7).

C16,16O C16,18O C18,18O Total (mmol mol-1)
Initial Li2CO3 titration 0.83 0.06 <0.01 0.90

Total CO2 evolved (DEMS) 4.19 0.06 <0.01 4.25

Table 5.2: CO2 evolved from acid titrations on 18O enriched LCO powder and the first four
C/2.7 cycles shown in Figure 5.2.

To bolster this argument, evolution measurements at LCO electrodes enriched with 18O
were performed. The 18O enrichment is performed by heating LCO powder under an 18,18O2

environment to a temperature just below the material synthesis annealing temperature. This
enrichment procedure labels not only the surface of the oxide, but also the residual surface
carbonate. An acid titration indicates that roughly 7% of the O in the surface carbonate is
18O labelled after the enrichment procedure, and 0.9 mmol surface carbonate per mol LCO is
present. Unfortunately, the isotopic labelling of the LCO lattice could not be quantified due
to the lack of oxygen release or oxygen activity that are typically employed to measure 18O
exchange. However, it is expected that 18O enrichment near the LCO surface will be similar
to the residual carbonate 18O concentration, as has been observed for many other oxides that
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have been studied.158,159 Figure 5.2 shows the evolution of the three CO2 isotopes (C16,16O2,
C16,18O2, and C18,18O2) during the first four constant current cycles at C/2.7 between 2.8-
5 V, and Table 5.2 summarizes the isotopic breakdown of the three CO2 isotopes evolved
during cycling and acid titration of the residual carbonate. Of particular interest, all 18O
contained in the evolved CO2 (0.06 mmol per mol LCO) can be accounted for by the initial
amount of 18O (0.06 mmol per mol LCO) in the residual surface carbonate. If O release from
the LCO oxide lattice resulted in electrolyte degradation and CO2 evolution, it is likely that
the evolved CO2 would be enriched in 18O beyond what can be accounted for by residual
carbonate oxidation, and this is not the case. Furthermore, no organic fragments containing
peroxo groups (R-O-O) are observed during acid titrations of LCO electrodes charged to 5 V,
as have been observed in other systems where reactive oxygen release has been postulated.
R-O-O species have been theorized to form during delithiation of many oxide materials
where oxide lattice oxidation occurs,161 and observations supporting this formation will be
expounded in a future study.

The outgassing and titration measurements on LCO cathodes provide evidence that no O2

release or O dimerization occurs, and no LCO lattice oxygen participates in the production
of CO2. Ultimately, these findings strongly suggest that electrolyte degradation at LCO
electrodes occurs due to an electrocatalytic effect of LCO towards electrolyte oxidation rather
than due to reactive oxygen release from LCO.

5.4.2 Lithium Nickel Oxide (LiNiO2), LNO

In the early 1990s, LNO was proposed as a viable replacement for LCO as it is isostructural to
LCO, has a slightly lower operating voltage, and is significantly less expensive.146 In principle,
the redox chemistry of LiNiO2 is straightforward, because Ni3+/Ni4+ redox can perfectly
accommodate 1 Li+ extraction/insertion during the charge and discharge. In contrast to
LCO, upon delithiation of layered LNO the oxidation of Ni3+ (3d7 (t2g

6eg
1)) to a tetravalent

state removes the electron from the eg orbital. Therefore, electron transfer from the O
2p band is theorized to occur only at highly charged states or low Li+ content. However,
the full oxidation of Ni3+ and full removal of 1 Li+ from LiNiO2 are difficult because the
realization of pure Ni4+ in the system is challenging.153 Further challenges that prevent the
widespread use of LNO including cation migration, difficulty achieving precise stoichiometry
during synthesis, and extreme reactivity with air and moisture. Nevertheless, given the move
toward Ni-rich layered oxides as next generation cathode materials, understanding the high
voltage stability of LiNiO2 is important.

Phase-pure LiNiO2 was synthesized by a solid-state reaction as reported elsewhere.153

It exhibits a typical layered α-NaFeO2 structure (R3̄m) with negligible Li/Ni intermixing
(1.4%) in the final product based on Rietveld refinement results (Figure S2). The synthe-
sized LNO was used to make cathodes for cycling, cyclic voltammetry, and voltage hold gas
evolution measurements similar to those already presented for LCO. The outgassing for LNO
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for the first three constant current cycles between 2-5 V at C/10, the cyclic voltammetry
from 3-5 V at 0.05 mV/s, and a C/10 charge followed by a voltage hold at 5 V are shown in
Figure 5.3.

For the first cycle and CV outgassing measurements, any O2 evolution is greatly eclipsed
by large quantities of CO2 evolution. A small but significant amount of CO2 release begins
to occur at 3.9 V, followed by a massive spike in evolution rate at > 4.4 V. O2 gas evolution
quantities for constant current charging and cyclic voltammetry were 2.5 mmol mol-1 and 2
mmol mol-1 respectively, while CO2 gas evolution reached 51 mmol mol-1 for the first LNO
cycle and 112 mmol mol-1 for the LNO CV, where similar to LCO, this discrepancy can be
attributed to the time the electrode spends at potentials above 4.6 V, where CO2 evolution
is dramatic. When the LNO cell was held at 5 V after the first charge (Figure 5.3c), slightly
more oxygen evolved, while CO2 evolution quickly diminished, particularly when compared
to the attenuation observed in LCO, implying that near-surface restructuring of LNO results
in faster passivation at high voltages. An acid titration revealed that the residual carbonate
in the pristine LNO powder was 0.2 wt% (2.5 mmol Li2CO3 mol-1 LNO), which is low, but
still roughly twice that of LCO. The presence of carbonate species was also confirmed by
XPS (SI Figure 5.7). Clearly, these data suggest that electrolyte degradation, rather than
surface carbonate oxidation, dominates CO2 evolution in LNO, particularly at high voltages.
However, unlike the LCO results, the small O2 evolution implies that reactive oxygen release
from the LNO lattice could be playing a role in electrolyte degradation at high voltages.
To examine the contribution of oxide lattice oxidation to the outgassing observed for LNO,
further studies were conducted utilizing 18O isotopic labeling.

Similarly to LCO, the enrichment of LNO was performed by heating LNO powder under
an 18,18O2 environment to a temperature (600 ◦C) just below that of the material synthesis
annealing temperature. For LNO, this procedure increased the quantity of surface carbon-
ates, as a titration of the 18O labeled LNO powder revealed 17 mmol Li2CO3 mol-1 LNO
(1.3 wt%) in which roughly 31% of the O in the surface carbonate was 18O.

Surprisingly, the heat treatment also influenced both the voltage profile and the total
CO2 outgassing of the 18O labelled LNO. The observed charging capacity of the 18O labelled
LNO was approximately 20 mAh g-1 greater than that of the unlabelled LNO, while the
CO2 outgassing was roughly half that of the unlabelled material (Figure 5.4, Table 5.1
and Table 5.3). Although we cannot definitively state the cause of outgassing suppression,
it is likely due to either passivation related to the newly deposited surface carbonate, or a
structural reorganization and subsequent decrease in degradation activity of the LNO surface
due to slight delithiation. Studies are currently underway to understand the effects of heat
treatment and the gas evolution decrease, which we hope can provide a promising strategy
to improve LNO stability.

Outgassing from cathodes made with the enriched LNO during the first three cycles shows
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a.

b.

c.

Figure 5.3: Gas evolution from LNO electrodes. Gas evolution measured during (a) the first
three cycles at C/10, (b) cyclic voltammetry at 0.05 mV/s, and (c) a C/10 constant current
charge to 5 V, followed by a voltage hold until the current reached C/100. C-rates are based
on theoretical full delithiation of LiNiO2.
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significant C16,18O2 and C18,18O2 (Figure 5.4). Table 5.3 presents the isotopic breakdown of
the total CO2 evolved during the measurement presented in Figure 5.4, as well as the isotopic
breakdown of the surface Li2CO3 present on the LNO powder after the labelling procedure.
While the total CO2 evolved is almost twice the Li2CO3 initially present, indicating that
electrolyte degradation contributes to CO2 evolution, nearly all 18O integrated into evolved
CO2 can be accounted for by 18O originally contained in the Li2CO3. If a sizable amount of
LNO lattice oxygen (which is also enriched in 18O) was released and subsequently reacted
with the electrolyte, a larger percentage of 18O in the evolved CO2 would be expected,
implying that this mechanism only accounts for, at most, a minor fraction of the overall
electrolyte degradation. Instead, as with the LCO, electrolyte degradation occurs primarily
through high voltage electrocatalysis on the LNO surface. Nevertheless, these results indicate
that reactive oxygen release does occur to a slight extent in LNO, unlike LCO where no
evidence of reactive oxygen release was observed. Unfortunately, we were unable to quantify
the formation of peroxo-like species formed at various states of charge for LNO because the
acid titration we employ to do so resulted in direct oxygen evolution from the oxide lattice,
including from the as synthesized powder, where clearly no peroxo-like species should be
present (SI Table 5.4). This large oxygen evolution is likely coupled to Ni reduction back
to its +2 state, and future studies will describe this mechanism in detail. Nevertheless, in a
prior study, a small amount of peroxo-like oxygen was observed in LNO upon charge to 5 V
using resonant inelastic X-ray spectroscopy (RIXS), in agreement with this study.153

Figure 5.4: Gas evolution at a 18O labeled LNO electrode measured during the first three
cycles at C/10.
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C16,16O C16,18O C18,18O Total (mmol mol-1)
Initial Li2CO3 titration 8.5 6.4 2.1 17.0

Total CO2 evolved (DEMS) 21.0 7.3 2.0 30.4

Table 5.3: Total CO2 outgassing quantities summarized for 18O labeled LNO shown in Figure
5.4.

When comparing LNO and LCO outgassing, a marked difference is the order of magnitude
higher total CO2 evolution observed in LNO on the first cycle (Table 5.1). Yet, O2 and CO2

evolution in the second and third cycles is less for LNO than LCO, and O2 evolution is
barely perceptible. Additionally, when comparing the 5 V voltage holds (Figure 5.1c and
5.3c), LCO is able to support a current for a longer period than LNO, where the current
attenuates quickly. These findings imply that while LCO has a lower native electrocatalytic
activity for electrolyte degradation, LNO more readily forms a passivation layer that inhibits
its high native electrocatalytic activity. In support of this theory, acid titrations of extracted
LNO and LCO cathodes after charging determined that large quantities of solid carbonate
are deposited on the LNO surface due to electrolyte degradation after charging to 5 V,
whereas very little carbonate is deposited on the LCO (SI Table 5.4). Additionally, our
previous studies have shown impedance growth as well as counter intuitive Ni reduction as
a result of charging LNO to high voltages,153 both of which also support the possibility of
the formation of a passivating carbonate layer on the LNO cathode surface.

5.4.3 Lithium Manganese Oxide (Li2MnO3), LMO

As will be shown here, LMO’s electrochemistry is substantially different from LNO and
LCO. The large first charge capacity and relatively good capacity retention upon cycling
led to several theories for LMO charge compensation, including oxygen redox and extended
manganese redox.111,151,162 In fact, LMO is considered critical for promoting bulk anionic
redox in Li-rich oxides. However, gas evolution results (Figure 5.5, Table 5.1) demonstrate
that both O2 and CO2 evolution can account for the majority of the first charge capacity,
in agreement with our prior study151. In Figure 5.5a, we show the gas evolution for the
first three cycles of LMO. When compared to LNO and LCO, the amount of both CO2 and,
in particular, O2 evolution from LMO during cycling is substantial (Table 5.1). The first
cycle initially shows a large CO2 peak, followed by an even larger amount of sustained O2

evolution. The CO2 was shown in our previous study to evolve from solid carbonate that
forms on LMO after its initial exposure to the carbonate electrolyte151. We note that the
quantity of CO2 evolved is variable from cell-to-cell, likely depending on the exposure time
to the electrolyte and the charge rate (e.g., Figure 5.5c shows an initial peak evolution nearly
4 times higher than in Figure 5.5a). O2 evolution commences after the CO2 peak subsides,
where it was found to account for ∼80% of the electrochemical capacity during the remainder
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of the first charge (reasonably assuming it evolves via a 4 electron process).

In subsequent cycles, both CO2 and O2 evolution continue at values much greater than
observed in LCO or LNO. While O2 does continue to attenuate from cycle-to-cycle, CO2

persists at high evolution rates in the second and third cycles, an indication that there
is substantial electrolyte degradation on each cycle. It is highly likely that the chemical
reactivity of LMO with the electrolyte results in a solid carbonate containing surface layer,
which undergoes oxidation to CO2 at high voltages. Upon oxidation, the exposure of LMO
to the electrolyte results in further electrolyte degradation, and hence the continuous CO2

release observed from cycle-to-cycle.

Cyclic voltammetry reveals similarly high amounts of O2 and CO2 outgassing. Only
a small anodic wave (compared to LCO and LNO) is observed at high potentials during
the positive-going scan, while no current wave is developed during the negative-going scan,
implying that negligible redox processes (Mn or O redox) occur during reduction when gases
are continuously swept out of the cell. Also plotted in the upper panel of Figure 5.5b is
the partial current for O2 and CO2 evolution from the values given in the lower panel,
assuming each evolves via a 4 and 2 electron process, respectively. Both of these values are
reasonably assumed for O2 evolution from an oxide and CO2 from a carbonate.159 Clearly,
the positive-going wave is largely a result of these gas evolution processes, particularly at
voltages greater than 4.6 V. Furthermore, a voltage hold measurement was also performed
for LMO to observe reactivity at continued high voltage (Figure 5.5c). Similarly to the CV
measurement, the partial current for O2 and CO2 evolution assuming respective 4 and 2
electron processes, are plotted along with measured current. We again observe that during
the voltage hold and current decay, the sum of gas evolution partial currents accounts for a
large fraction of the current at any time. During the measurement shown in Figure 5.5c, a
total of 411 mAh g-1 was extracted, equal to almost 90% lithium removal if the capacity was
wholly related to lithium removal. 300 mmol O2 per mol LMO and 160 mmol CO2 per mol
LMO was evolved (Table 5.1), which assuming a 4 electron process for O2 evolution and a 2
electron process for CO2 evolution, correspond to 277 mAh g-1 and 75 mAh g-1 respectively.
By comparison, 86% of the total capacity can be ascribed to these gas evolution processes.

To further show the parasitic reactivity of LMO, it is important to consider electrochem-
istry in closed cells, where gas can accumulate (e.g., coin cells). As the DEMS measurements
presented in Figure 5.5 involve the continuous removal of evolved gas from the cell headspace
to a mass spectrometer, we also performed simple cell headspace pressure monitoring mea-
surements. Here, the evolved gas remains in the isolated headspace of a custom Swagelok
cell across 5 cycles while the pressure was monitored (Figure 5.6). The cell headspace volume
has been calibrated, allowing a simple calculation of total molar gas evolution by knowing
the headspace pressure, temperature, and volume. These pressure rise/decay measurements
are similar to those described in our prior Li-O2 reports.163
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b.

c.

Figure 5.5: Gas evolution from LMO electrodes. Gas evolution measured during (a) the first
3 cycles at C/20 (11.5 mA g-1), (b) cyclic voltammetry at 0.05 mV/s, and (c) a C/10 charge
to 5 V, followed by a voltage hold to C/100. In b and c, the partial O2 and CO2 current are
plotted assuming that the measured O2 evolution occurs via a 4 electron process and CO2

evolution occurs via a 2 electron process. C-rates are based on theoretical full delithiation
of Li2MnO3.
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Figure 5.6: Headspace pressure monitoring for the first 5 cycles at C/20 (11.5 mA mg-1) for
Li2MnO3. The difference in total moles of gas and initial moles of gas contained in the cell
headspace at any time is plotted in the bottom panel.

The observed pressure reveals that the cell derives some discharge capacity in a manner
similar to a primitive Li-O2 battery. The pressure rise on the first charge agrees well with the
DEMS results, indicating that a sizable fraction of the pressure rise is due to O2 evolution.
On discharge, a clear decrease in total gas contained in the cell headspace is observed below
2.5 V. This is likely caused by the consumption of oxygen evolved during charge, similar to
a Li-O2 battery. Previously studied Li-O2 batteries utilizing carbonate based electrolytes
reveal a near 3 electron process per O2 consumed on discharge,15 similar to what is observed
in Figure 5.6. This process is entirely irreversible and is related to an electrochemical reaction
involving the carbonate solvent, O2, and Li+ to form solid Li alkyl carbonates. This process
repeats itself to provide additional capacity on subsequent cycles. Note that we do see a
greater rate of capacity fade for our cell than previously studied coin cells, which we believe
is related to the geometry and greater headspace volume in the set up used for this study.
Mn3s XPS measurements also revealed slight Mn reduction on the surface during discharge
(SI Figure 5.8) that is likely a participant in the charge compensation above 2.5 V during
discharge.

5.5 Conclusions

This study of reactivity at high potentials for LCO, LNO, and LMO leads to a greater under-
standing of cathode instability, and provides insights for the design of cathodes with greater
capacities and higher operating voltages. The major finding for LCO is the lack of evidence
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for significant oxygen outgassing or oxo-dimer formation, even when the voltage is held at
5 V. This challenges the widely held theory that oxygen loss activated at high potentials
is a major cause of capacity fade in the LCO system. When compared to LCO, LNO has
much higher native activity towards electrolyte degradation, yet passivates quickly after a
couple cycles due to a large deposited carbonate degradation layer. Oxygen release is also
very limited for LNO and reactive oxygen (singlet or peroxo-like oxygen) likely contributes
only negligibly to electrolyte degradation. It is likely that the growth of a surface carbonate
layer results in the cycle-to-cycle interfacial impedance increase typically observed for LNO.
Unlike LCO and LNO, LMO’s electrochemistry is dominated by irreversible gas release due
to oxide oxidation and electrolyte degradation. This study shows that irreversible processes
in LMO continue for subsequent cycles, including continued gas evolution and consumption
as evidenced by pressure monitoring. Ultimately, this study reveals the high relative sta-
bility and limited electrolyte degradation activity of LCO compared to LNO or LMO. To
further suppress reactivity in transition metal oxides, a useful strategy is the use of a gra-
dient material with a Co-rich surface while limiting both Ni and Mn near the surface. Such
gradient materials have focused primarily on reducing only Ni content at the surface, leaving
Mn and Co enriched.164 These results reveal that Mn(IV) is also likely a key contributor to
electrolyte degradation, perhaps even more so than Ni. The direct chemical reactivity of
Mn(IV) towards carbonate electrolytes clearly decreases overall material stability, and this
chemical reaction is likely the cause of observed reduced surface Mn even after high voltage
charges in NMC materials.165 Other coating layers, such as alumina or titania, may have the
benefit of ensuring limited Mn(IV) and Ni(IV) exposure to the electrolyte, and should also
continue to be pursued as strategies to further reduce the high voltage reactivity of these
transition metal oxides.
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5.7 Supplementary Information

5.7.1 Carbonate and Peroxo-like Species Titrations

Titrations of powders and electrodes were performed to quantify the amount and isotopic
distribution of residual carbonate as well as peroxo-like species. The titration protocol is
well-described in previous publications, but a brief overview is presented here. A known
amount of TMO powder was placed in a glass cell and attached to the DEMS, afterwhich
a baseline was recorded. 1 mL of 10 M H2SO4 was then injected into the cell through a
septa-sealed port and reacted according to the following reactions:

Li2CO3 +H2SO4 −→ Li2SO4 +H2O + CO2 (5.1)

.

Li2O2 +H2O −→ 2LiOH + 1/2O2 (5.2)

All gas fragments were monitored with time and integrated to determine the total amount
of surface Li2CO3 and Li2O2-like species. Titrations were performed for LCO, LNO, and
LMO. However, titrations of LNO cathodes resulted in excessive O2 evolution even in their
pristine form. Continued studies of this phenomenon suggest that the oxygen evolution
is likely coupled to Ni reduction back to its +2 state. Future studies will describe this
mechanism in additional detail.

Electrode O2 (mmol mol-1) CO2(mmol mol-1)
LCO 5 V 1.8 2.5

LCO 4.6 V 1.6 3.0
LCO OCV 1.1 1.6
LNO 5 V 480 75

LNO OCV 348 42
LMO 5 V 0.8 13

LMO 4.6 V 15.7 41
LMO OCV 0.9 28.0

Table 5.4: Outgassing quantities summarized for 10 M H2SO4 titrations of extracted LCO,
LNO, and LMO cathodes charged (C/10) and held at various potentials until the current
reached C/100 or held at OCV for 24 h.
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5.7.2 X-ray Photoelectron Spectroscopy of Cathode Materials

Figure 5.7: C1s XPS spectra gathered for LiCoO2, LiNiO2, Li2MnO3, and Li2CO3 powders.
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4.4 eV
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Figure 5.8: Mn3s XPS spectra gathered for Li2MnO3 cathodes (OCV, charged to 4.6 V,
charged to 5.0 V, and charged to 5.0 V followed by a discharge to 2 V). Increased peak gap
between multiplet split components corresponds to reduction of Mn.166
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Chapter 6

Unusual Oxygen Activity in Partially
Substituted Li2O based Cathode
Materials

6.1 Abstract

To mitigate challenges arising from continuous oxygen gas consumption and evolution in Li-
O2 batteries, a highly desirable chemistry would elicit oxygen redox while remaining wholly
in the solid phase. Several attempts have been made to create materials that undergo
reversible oxygen redox in the solid phase, and one class of materials has been reported with
moderate success. High capacities, likely originating from oxygen redox, are observed for
minimally transition metal substituted Li2O Li-ion cathode materials. While Li2O is not
electrochemically active, substitution of a small percentage of the Li with certain transition
metals by mechanochemical ball milling results in greatly increased activity. This unusual
activity highlights the benefits of an oxygen redox based battery, but also demonstrates
additional challenges associated with oxygen activity. In this chapter, Li2O substituted
with Co, Cu, Ni, or Zn by planetary ball milling are examined as cathode materials for
lithium batteries. Electrochemical behavior, gas evolution, and the effects of ball milling
are discussed for these materials. Studying each transition metal/Li2O environment aids in
elucidating the effect of the transition metal on oxygen redox activity in more traditional
Li-ion systems.

6.2 Introduction

While Li-O2 batteries have extremely high theoretical energy densities (3500 Wh kg-1), a
host of challenges accompany their realization. Not least among these challenges is the
requirement of a pure oxygen reservoir as atmospheric oxygen is accompanied by detrimental
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moisture and carbon dioxide, which when exposed to the battery, lead to parasitic side-
reactions that reduce the efficiency of the cell. Either a pure oxygen tank or a gas purification
system would prohibitively reduce the battery’s energy density.167 Alternative forms of a Li-
O2 battery have been proposed such that these challenges can be avoided by eliminating the
need for a pure oxygen gas source.24,168 One interesting class of materials, which relies on
energy storage entirely through solid phase oxygen redox, is composed of small amounts of
transition metal substituted in Li2O.168–170 This lithium-oxygen type solid phase redox avoids
the need for oxygen gas consumption and evolution.168,169 This transition metal substituted
Li2O material draws on a “Li2O2 reservoir” instead of O2, and still boasts a very large
theoretical capacity (2500 Wh kg-1). The overall cell reaction proposed is:

2Li+ + Li2O2 + 2e− −→ 2Li2O, E0 = 2.87 V (6.1)

However, the actual electrochemical reactions are likely much more complex and not as
straightforward as that shown in equation 6.1. While the desired electrochemistry during
material delithiation would involve minimal gas evolution, large quantities of gas evolve
during charging of these materials to high capacities. Studies by Mizuno et al.168,169 have
shown that an initial region of electrochemical oxidation without outgassing is possible,
but high capacities are always accompanied by sizable oxygen evolution. This proposed
material class is intriguing because Li2O is known to be electrochemically inactive, as a
simple Li2O cathode demonstrates negligible capacity during delithiation attempts to 5 V.
The electrochemical activation is then made possible by a substitution of only very small
amounts of transition metal (e.g., 1 transition metal atom for every 10 lithium atoms).

Interestingly, the studies presented in this chapter show that the amount of outgassing,
as well as the capacity observed, is strongly dependent on the transition metal substituent
incorporated. Even neighboring elements on the periodic tables such as Co, Ni, and Cu result
in enormous delithiation capacity differences. This chapter focuses on a series of materials
incorporating Li2O substituted with Co, Cu, Ni or Zn by mechanochemical planetary ball
milling synthesis. The synthesis methods are similar to those used for Li-excess Li-ion
cathode materials, but instead utilize only Li2O and small amounts of transition metal oxide
as precursors. Some of the resulting cathode materials exhibit enhanced electrochemical
activity that is accompanied by unusual outgassing. The study of these materials has not
yet resulted in a battery any more practical than a typical Li-O2 battery, but instead has
demonstrated the importance of a greater understanding of transition metal influence on
oxygen activity in Li-ion battery cathode materials.
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6.3 Experimental Methods

6.3.1 Materials Preparation and Characterization

Transition metal substituted Li2O was synthesized similarly to previous studies by mechano-
chemical planetary ball milling. The precursor materials for each composite were first placed
in a zirconia milling pot with zirconia milling balls in an Ar-filled glovebox. After loading,
the composites were mechanochemically synthesized using a Restch PM100 planetary ball
mill. The Cu substituted Li2O composites were made using CuO and Li2O precursors such
that the elemental ratio of Cu to Li was 1:10 (1.88 g Li2O per 1 g CuO) or 3:10 (0.63 g Li2O
per 1 g CuO). Co substituted Li2O used Co3O4 as the Co source for a Co:Li elemental ratio
of 1:10 (1.86 g Li2O per 1 g Co3O4). Ni substituted Li2O utilized NiO as the Ni source with
a Ni:Li elemental ratio of 1:10 (2.0 g Li2O per 1 g NiO). Finally, ZnO was used as the Zn
source for Zn substituted Li2O such that again the Zn:Li elemental ratio was 1:10 (1.84 g
Li2O per 1 g ZnO). After milling, the resulting powder was removed in the Ar-filled glovebox
before characterization or measurements were performed.

To examine the effectiveness of ball milling, powder X-ray diffraction (XRD) was per-
formed. Powder XRD is shown in Figure 6.1 for Cu substituted Li2O during synthesis at
various milling times. The measurements show the effect of milling in eliminating the CuO
phase. After 50 h of ball milling, only a single broad peak at 34o is observed, which is
ascribed to Li2O (111), indicating full integration of Cu into the Li2O crystal lattice, in
agreement with literature results.170 Based on the XRD results, it can be assumed that first
the CuO reacts with Li2O to form a Li2CuO2 phase that then continues to react to form
Cu-doped Li2O at longer milling times. The exact structure of the synthesized material is
unknown, although Kobayashi et al.170 who worked with a similar material theorize that the
arrangement of oxide ions surrounding the copper ion are distorted slightly from tetrahedral
to square-planar. The broadened peaks of the XRD measurements of milled samples also
indicate that the final material has poor crystalinity. Scanning electron microscopy (SEM)
images were also taken that show the powder size after milling the Cu substituted Li2O
composite (Figure 6.2). From the SEM images, the primary particle size was estimated to
be 3-5 µm in secondary agglomerates of 30-250 µm.

6.3.2 Electrochemistry

The transition metal substituted Li2O and pure Li2O cathodes were made by first mixing
with conductive carbon black and a polytetrafluoroethylene (PTFE) binder, typically in a
70:20:10 weight ratio. Mixing of carbon was performed by either extended ball milling after
the addition of carbon black, or by thoroughly mixing using a mortar and pestle. PTFE
binder was always incorporated immediately prior to forming electrodes using a mortar and
pestle. The mixture for each material was then pressed and rolled onto stainless steel mesh
(1 cm2). Finally, electrochemical cells were assembled by stacking prepared cathodes with
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Figure 6.1: XRD measurements for pristine Li2O, pristine CuO, the composite ball milled
for 10 h, and the composite ball milled for 50 h. The Cu substituted composite had an
elemental ratio of Cu:Li = 1:10

1M LiPF6 EC:DEC electrolyte soaked glass fiber separators and Li metal anodes. Cell
casings and current collectors were of modified Swagelok design, as described in previous
publications.41,57

6.3.3 Differential Electrochemical Mass Spectrometry and
Pressure Rise/Decay Measurements

A differential electrochemical mass spectrometer (DEMS) was used to identify and quantify
oxygen and carbon dioxide evolved during charging and discharging. Other gases (H2, CO)
comprised only a minor fraction of total gas evolution. The custom-built DEMS and the
cell geometry used was described in depth in previous publications.41,57 The electrochemical
cells used with the DEMS device were prepared in a dry argon glove box (<1 ppm O2 and
H2O, MBraun USA, Inc.) using a custom Swagelok design. 1 M LiPF6 in 1:1 (volume
ratio) ethylene carbonate (EC) and diethyl carbonate (DEC) was used as the electrolyte,
glass microfiber filters were used as separators, and Li metal foil was used as the counter
electrode.

The assembled cells were charged under a static head of positive argon pressure (∼1.2
bar) after being appropriately attached to the DEMS. Throughout the charge, argon gas
pulses periodically swept accumulated gases to a mass spectrometer chamber. The mass
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Figure 6.2: SEM images taken of Cu substituted Li2O (Cu:Li = 1:10) where each scale bar
(top right of each image) is 10 µm

spectrometer absolute sensitivity was calibrated for CO2 and O2, and therefore the partial
pressures of these gases could be determined. The amount of CO2 and O2 evolved was then
quantified based on the volume of gas swept to the mass spectrometer per pulse.

Total gas evolution can also be quantified by monitoring pressure rise/decay in an isolated
cell headspace.163 Using the same gas handling unit and cell as the DEMS, the attached
cell is valved off from the gas inlet, and an in-line pressure transducer records pressure
measurements within the closed cell headspace. The cell headspace volume is calibrated
using gas expansion in combination with sample loops of known volumes such that the total
gas within the cell at any time can be calculated.

6.4 Results and Discussion

Synthesis (ball milling) effects, electrochemistry, and outgassing were investigated for Cu,
Co, Ni, and Zn substituted Li2O cathodes. Measurements presented reveal key differences
between the effects of the substituted transition metals, as well as general trends for this type
of material. Results are divided into sections discussing the results first for pure Li2O and
Li2O with Cu substitution followed by Co substituted Li2O, and finally a brief discussion of
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Ni and Zn substituted Li2O. Broad comparisons between materials and potential directions
of future study are discussed in the conclusion of this chapter.

6.4.1 Li2O and Cu Substituted Li2O

Li2O is known to be electrochemically inactive as shown in studies of Li-O2 batteries.15

However, due to the surprising studies mentioned in the section above,168,170 where a small
(<10 mol%) inclusion of transition metal ions into the Li2O structure allowed reversible solid
state oxygen redox, a simple control was performed on cathodes made using ball milled pure
Li2O as the active material, mixed with carbon black and PTFE binder. Cells comprised
of these pure Li2O electrodes were then attached to a gas handling system that allows the
headspace pressure to be monitored. Results of the pressure rise/decay measurements are
shown for a single charge-discharge cycle between 4.7 - 1.5 V in Figure 6.3. At a charge
rate of 50 mA g-1, the Li2O cathode had a charging capacity of 30 mAh g-1 and a discharge
capacity of ∼10 mAh g-1. A small increase in headspace pressure was observed beginning
at ∼4.1 V, roughly the potential at which any adventitious carbonates are expected to
oxidize to evolve CO2.

92 The total molar evolution during charge corresponded to only .07
µmol mg-1, an almost negligible amount of gas evolution. On discharge, the monitored
pressure was observed to decrease, indicating a slight consumption (0.05 µmol mg-1) of
any gas evolved during charge. These measurements clearly show that cathodes made of
pure Li2O have insignificant electrochemical activity, particularly compared to some of the
materials discussed below.

Figure 6.3: Gas evolution and consumption during first cycle of pure, ball-milled Li2O
based electrode (50 mA g-1). Gas evolution and consumption was monitored using pres-
sure rise/decay in a cell of known headspace volume.
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Cu-substituted Li2O was then synthesized as described in detail in the Experimental
Methods section, with ball milling time as the variable. Prepared materials were then used
to make cathodes that were then electrochemical analyzed. Cells comprised of the Cu-
substituted Li2O cathodes and Li metal anodes were cycled at 20 mA g-1 (4.0 - 1.5 V
potential window, Figure 6.4). A clear trend is observed of increasing first charge (and
discharge) capacity with increasing mill times. For example, the material milled for 5 hours
only demonstrated a capacity of 32 mAh g-1, while the sample milled for 35 hours reached
over 265 mAh g-1. The influence of mill time on observed capacity seems to indicate an
activation of the electrochemical activity of Li2O by phase disruption of the substituted
transition metal (Cu). Observed XRD patterns for similar materials indicate that the room
temperature milling and low CuO content during synthesis produce a Li2O structure with
low crystallinity in which Cu ions to distort the Li2O structure slightly from tetrahedral
to square planar.170 These distortions might raise oxygen orbital energy levels to allow for
oxygen redox participation, but additional structural characterization is needed. In addition
to ball milling duration, the Cu/Li ratio in the material was also varied, and composites of
Cu substitution Cu:Li = 3:10 (mol:mol) were found to have slightly greater charge capacity
and used for more detailed electrochemical analysis as follows.

Figure 6.4: First cycle capacities for Cu substituted Li2O (Cu:Li = 1:10) at various ball
milling duration during material synthesis (20 mA g-1, 4.0 - 1.5 V).

A galvanostatic intermittent titration technique (GITT) measurement was also performed
for Cu-substitued Li2O such that 30 minutes of applied current was followed by 3 hours
of cell relaxation (Figure 6.5a). On charge, two clear plateaus are observed, the first is
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accessed in the initial 300 mAh g-1 capacity and has a corresponding potential of 3.4 V,
and then the second plateau commences at ∼400 mAh g-1 with an average voltage of 4.1 V.
Polarization is shown to increase with greater capacity extracted on charge (i.e., at capacities
greater than 4 V). On discharge, a gently sloping voltage profile is observed until the voltage
cutoff, which occurs at roughly half the capacity of the charge as a result of increasing
polarization. The GITT measurement suggests a single reversible electrochemically active
phase, and a degradation mechanism that is activated in the upper voltage region on charge.
Unfortunately, as is shown in Figure 6.5b, both charge plateaus are actually related to
irreversible gas evolving processes.

(a)

(b)

Figure 6.5: (a) GITT measurement and (b) gas evolution during charging (50 mA g-1) of Cu
substituted Li2O (Cu:Li = 3:10).
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Figure 6.5b presents outgassing for Cu substituted Li2O charged at 50 mA g-1 up to 4.5
V. The charging capacity was observed to be 618 mAh g-1, of which Cu2+/Cu3+ redox could
account for up to 115 mAh g-1. A study of Li2CuO2 showed that lithium extraction from that
material proceeds to LiCuO2 via Li3Cu2O4, and therefore a Cu oxidation state of > 2.5+
(and a capacity contribution of > 57 mAh g-1) is unlikely.171 Oxygen outgassing began at
roughly 108 mAh g-1, suggesting that Cu2+/Cu3+ redox accounted for the initial cell capacity.
The evolution appears to be bimodal such that the rate of evolution quickly peaks, drops
back to roughly half the max rate, and then peaks again as 4 V is reached. The evolution of
oxygen at such low potentials as 3.3 V is unusual for Li-ion batteries, and is reminiscent of
charging in a Li-O2 battery, where Li2O2 is oxidized to oxygen gas. The total oxygen evolved
during charge was 2.77 µmol O2 per mg active material, and evolved at a near 4 electron rate
(7.8 nmol min-1 mg-1) at the peak rates. Additionally, large amounts of CO2 evolution were
observed toward the end of charge (1.25 µmol CO2 per mg active material), indicating that
severe electrolyte degradation occurs at these high voltages, reminiscent again of a carbonate
electrolyte-based Li-O2 battery.15 These results indicate that this material’s electrochemistry
is dominated by irreversible gas release beyond the expected Cu redox. Nevertheless, it is
intriguing that such substantial O2 release is observed from this material given the relative
inactivity of pure Li2O. In an attempt to understand the origin of this gas release, additional
materials were synthesized utilizing substitutions of other transition metals.

6.4.2 Co Substituted Li2O

Co substituted Li2O was synthesized via 35 h ball milling of Co3O4 and Li2O in a ratio that
result in a 1:10 Co:Li molar ratio. Similar Co substituted Li2O has previously been reported
to exhibit reversible capacities of 190 mAh g-1 with little gas evolution up to 3.6 V.168 The
reversible capacities are claimed to be contributed almost entirely by equation 6.1.

In this study, the synthesized Co substituted Li2O exhibited a charge capacity of 610
mAh g-1 up to a voltage cutoff of 4 V at a rate of 50 mA g-1(Figure 6.6a). However, DEMS
measurements for this material determined that O2 evolution began almost immediately
upon applying current (corresponding to voltages as low as 3.5 V). Another key difference
between the study here and that performed by Okuoka et al. is the potential at the first
plateau during charging. The referenced study reports an initial plateau at only 3.1 V,168

while it was observed here that a plateau is not reached until 3.5 V. These differences
highlight an important difficulty of mechanochemical synthesis: the near impossibility to
completely replicate synthesis conditions. Planetary ball milling involves a large number of
variables including size and utilized volume of the milling jar, the size and number of milling
balls, speed and time of milling, as well as numerous mill settings such as cooling breaks and
rotation direction changes. While the electrochemical activity was not exactly the same as
reported in previous literature,168 the achieved material and activity is still of great interest
due to the large capacities and gas evolution observed. Gas evolution for Co-substituted
Li2O was composed primarily of O2, and evolved at slightly above an 8 electron rate (0.0039
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µmol min-1 mg-1). Near the voltage cutoff at ∼3.9 V, CO2 evolution is also observed. The
total amounts of gas evolution are 2.86 µmol mg-1 for O2 and 0.07 µmol mg-1 for CO2.

O2 evolution observed in Co substituted Li2O, similarly to Cu substituted Li2O, has to
be due to oxidation of oxygen in the active material that leads to irreversible gas evolution.
However, the 8 electron process observed for O2 evolution indicates that charging capacity
cannot be attributed completely to irreversible oxygen evolution as in the case of a 4 electron
process. The charge contribution for this Co substituted Li2O therefore remains in question,
with the most likely capacity origins being formation of semi-stable peroxo-like species, or
the formation of degradation products that remain in the liquid or solid phase. The small
amount of CO2 observed likely originates from electrolyte degradation that is known to begin
at ∼3.9 V for EC:DEC solvent mixtures.

A Co substituted Li2O cell was also then cycled at 100 mA g-1 five times between 4.5 -
1.5 V while the headspace pressure was monitored (Figure 6.6b). A very large first charge
capacity of over 1400 mAh g-1 is observed when the voltage cutoff is raised to 4.5 V, however
no substantial discharge capacity was observed for Co substituted Li2O for cells charged to 4
or 4.5 V. The lack of any significant discharge capacity indicates that all charge compensation
during charging is due to irreversible processes. Pressure monitoring demonstrates again that
gas evolution proceeds at a steady and significant rate near that of an 8 electron process for
the entire charge. The pressure drop on discharge also indicates that gas, most likely O2

akin to a primitive Li-O2 battery, is consumed and contributes almost the entire observed
discharge capacity.

Co substitution in Li2O clearly promotes oxygen activity, an interesting finding due to the
lack of oxygen activity observed for LiCoO2 as discussed in the previous chapter. Additional
study is therefore warranted for Co substitution in Li2O to more clearly understand oxygen
activity in similar materials. While not undertaken in this study, titrations similar to those
discussed in previous chapters that probe the peroxo-like species present would be useful
here. The effect of electrolyte also likely plays an important role. Okuoka et al. report using
a superconcentrated 4 M LiFSA electrolyte in acetonitrile, while the findings present here
utilized a simple 1 M LiPF6 EC:DEC electrolyte. The differences observed between the two
studies might be partially due to the choice of electrolyte, and further investigation would
be valuable. Study of the reactivity of oxidized oxygen in this material with the utilized
electrolyte would also be valuable. Unfortunately due to the extreme irreversible oxygen
outgassing of these materials (both the Cu- and Co- substituted materials), their use as
practical battery materials is unlikely.

6.4.3 Ni and Zn Substituted Li2O

Ni and Zn substituted Li2O materials were also synthesized by ball milling NiO or ZnO with
Li2 to produce a powder with a 1:10 transition metal:Li ratio. Both Ni and Zn substituted
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Figure 6.6: (a) Gas evolution during charging (50 mA g-1) and (b) pressure monitoring
during the first five cycles (100 mA g-1) of Co substituted Li2O (Co:Li = 1:10).

Li2O did not exhibit significant electrochemical capacities, even when milled for extended
periods of time (> 35 h). Ni substituted Li2O headspace pressure measurements were taken
during the first 4 cycles of charge/discharge between 4.8-1.5 V (Figure 6.7), and only ∼25
mAh g-1 was observed on charge, and < 10 mAh g-1 on the first discharge, making their
electrochemical performance nearly identical to unsubstituted Li2O. Capacities decreased
on subsequent cycles, indicating that no practical Li extraction occurs in this material. Zn
substituted Li2O produced similar results and, which are not shown. The capacities for both
Ni and Zn substituted Li2O are no greater than observed for unsubstituted Li2O electrodes.

79



Figure 6.7: Gas evolution measured via pressure monitoring of the cell headspace during
first three cycles of Ni-substituted Li2O (Ni:Li = 1:10) at 50 mA g-1.

The lack of observed charging capacity for Ni and Zn substituted Li2O is significant given
the large capacities observed for the similarly synthesized Cu and Co substituted materials.
It is appears that simple disruption of the Li2O structure is not sufficient to induce oxygen
activity, but that specific transition metals are conducive to promoting it.

6.5 Conclusions

The measurements presented in this chapter demonstrate that Li2O substituted with even
very small amounts of transition metal can become activated for oxygen redox. The activa-
tion does not occur for every transition metal, and a large disparity in observed first charge
and first discharge capacities are observed for different transition metals (Table 6.1).

The result of the electrochemical activation and gained capacity is, unfortunately, ac-
companied by significant quantities of oxygen loss and, in the case of the highest capacity
material (that with Co substitution), significant CO2 evolution from electrolyte degradation.
This oxygen loss has been quantified and analyzed here for several transition metal substitu-
tions. Copper substitution of Li2O results in the most substantial reversible capacities among
the transition metals studied, and is likely related to Cu2+/3+ redox. First charge capacities
as great as 618 mAh g-1 have been determined for Cu substituted Li2O,, of which irreversible
oxygen outgassing occurred at varying rates across the charge and accounted for nearly 300
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Material
1st charge capacity
(mAh g-1)

1st discharge ca-
pacity (mAh g-1)

Voltage Range

Li2O 30 10 4.7 - 1.5
Cu substituted 618 235 4.5 - 1.5
Co substituted 1450 70 4.5 - 1.5
Ni substituted 48 15 4.7 - 1.5
Zn substituted 33 15 4.5 - 1.5

Table 6.1: Observed first charge and first discharge capacities for transition metal substituted
Li2O.

mAh g-1. Co substituted Li2O displayed a very large charge capacity, but irreversible oxygen
outgassing at a near constant rate accounted for roughly half of the observed capacity. Both
Ni2+ and Zn2+ substitution resulted in negligible capacity increases over unsubstituted Li2O.
This study revealed the importance of a greater understanding of the influence of transition
metal effects on oxygen redox. Research on transition metal substituted Li2O should con-
tinue to more clearly identify the electronic effects and structural changes associated with
the substitution, which could potentially provide insight into strategies to harness oxygen
redox activity in more conventional layered transition metal oxide cathode materials.
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Chapter 7

Conclusion

This dissertation explored the high voltage reactivity in several types of lithium battery
chemistries. The studies presented in the previous chapters focused on reactivity as detected
by outgassing, particularly in the first electrochemical cycle. By combining gas evolution
measurement techniques with additional characterization, the high voltage instabilities of Li-
O2 battery cathodes, Li-excess disordered rock salt cathodes, and more traditional layered
transition metal oxide cathodes were thoroughly analyzed.

The first study presented in this dissertation analyzed the instability of the fluorine based
electrode binder, poly(vinylidene fluoride) (PVDF), in the presence of the Li-O2 battery dis-
charge product, lithium peroxide (Li2O2), and its reactive intermediates. Of particular im-
portance, when impurities (e.g., water and N-methyl pyrrolidone) are not rigorously removed
from porous carbon electrodes during their preparation, the PVDF binder will degrade to
form a Raman spectroscopy-active product. The Raman signatures reported for this prod-
uct can be easily confused for Raman signatures of lithium superoxide (LiO2), a discharge
product that has been reported to stably form at iridium electrodes, but is not stable at
room temperature (making this prior report rather surprising).47 It was shown that only a
2 e-/O2 process actually occurs at iridium electrodes to form Li2O2, making the degrada-
tion of PVDF a key artifact when characterizing the formation products of Li-O2 batteries.
If PVDF-bound cathodes are rigorously dried prior to their integration into cells, no such
Raman artifacts were observed, although to entirely avoid ambiguity in the assignment of
spectroscopic signatures, the use of alternative binders, such as polytetrafluoroethylene, is
encouraged.

Another important finding presented here was that Li-excess disordered rocksalt materials
not only provide extremely high capacities in Li-ion batteries, but that high voltage oxygen
release can be mitigated by fluorine substitution and incorporation of high valent cations.
Capacity retention during cycling was also shown to benefit from fluorine substitution due
to reduced oxygen activity and resulting cathode degradation. These findings encourage the
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search for high capacity lithium ion battery cathode materials consisting of lithium excess
disordered rocksalts.

Reactivity at high potentials was also explored in layered transition metal oxides. While
materials like LiCoO2 (LCO) and LiNiO2 (LNO) are extremely well studied, the high voltage
instability mechanisms of these materials remain poorly understood. In Chapter 5, it was
determined that despite material phase changes and theorized oxygen dimerization at high
voltages, little oxygen outgassing occurs for either LCO or LNO. Reactivity was also studied
for layered lithium-rich Li2MnO3 in Chapters 4 and 5, and it was determined that oxygen
evolution takes the primary role of charge compensator during the first charge and that
dominant irreversible processes continue across many cycles.

Finally, unusual oxygen activity and outgassing was detected in Li2O cathodes with minor
transition metal substitution. This oxygen activity was unexpected as Li2O is generally
electrochemically inactive. The observed trends for induced activity with small quantities of
transition metal substitution inspires additional study to understand the role of transition
metal coordination for oxygen activity.
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