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ABSTRACT: We show that a common Li−O2 battery cathode binder, poly(vinylidene
fluoride) (PVDF), degrades 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 reported to
belong to lithium superoxide (LiO2), complicating the identification of LiO2 in Li−O2
batteries. We show that these peaks are not observed when characterizing extracted
discharged cathodes that employ poly(tetrafluoroethylene) (PTFE) 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. We confirm that for all extracted
discharged cathodes on which the 1133 and 1525 cm−1 Raman shifts are observed, only a 2.0
e−/O2 process is identified during the discharge, and lithium peroxide (Li2O2) is
predominantly formed (along with typical parasitic side product formation). Our results
strongly suggest that bulk, stable LiO2 formation via the 1 e−/O2 process is not an active
discharge reaction in Li−O2 batteries.

Lithium-air (Li−O2) batteries can theoretically provide
extraordinarily high specific energy compared with current

lithium-ion batteries.1−3 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,
for example4−8

+ + ⇆+ −Li e O LiO2 2 (1)

+ + ⇆+ −Li e LiO Li O2 2 2 (2)

or

⇆ +2LiO Li O O2 2 2 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.9−12

It also is highly reactive, resulting in the aforementioned
rechargeability limitations.13−18

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.19,20 Of particular interest, a
series of studies have reported a route to stabilizing the lithium
superoxide (LiO2) intermediate such that it comprises a sizable
fraction of the ultimate discharge product.20−23 Using a
standard ether-based electrolyte composition, these studies
have reported “superoxide-like species” formed on ultrahigh
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
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the LiO2 and LiO2-like species in these studies was ex situ
Raman spectroscopy on cathodes extracted from cells after
discharge.20 By combining density functional theory calcu-
lations with Raman spectroscopy, two observed peaks (1123
and 1505 cm−1) were ascribed to LiO2 and LiO2-like species
formation as a discharge product. These ex situ Raman results
are unexpected given that bulk LiO2 has previously been
reported to be unstable at room temperature and ambient
pressures.24

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

2,3,25 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 fluoride) (PVDF) binder, and a standard ether-
based electrolyte. However, we noticed that the Raman peaks at
1125 and 1525 cm−1 were not observed if we employed
cathode compositions that did not include PVDF. After
isolating the cause of these Raman signatures, which we
ascribed to PVDF degradation during oxygen reduction in Li−
O2 cells where minor, uncontrolled impurities were present, we
changed our binder to poly(tetrafluoroethylene) (PTFE),
which eliminated the occurrence of these peaks. Additionally,
we determined that the electrode preparation procedure (in
particular, the final temperature at which they are dried), which
influenced the amount of impurities present after electrode
preparation, also influenced 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 we are aware of in which LiO2 or
LiO2-like species have been observed as final, stable discharge
products use PVDF (Kynar) as a cathode binder.20−23 In-
operando Raman spectroscopy of the Li−O2 electrochemistry
occurring at binder-less glassy carbon and roughened gold
electrodes has indeed shown Raman peaks near 1125 and 1525
cm−1 that can be ascribed to LiO2.

7,8,26 However, this LiO2 is
only observed as a transient, unstable intermediate to Li2O2
formation rather than a stabilized final product.
We study both standard carbon cathodes, such as those

prepared from XC72 carbon black bound using PTFE and
PVDF, and iridium-decorated reduced graphene oxide (Ir-
rGO) electrodes that are similar to those used in a previous
study that reports stable bulk LiO2 formation.20 Two important
results are identified in our study: (1) Raman peaks appear at
1133 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 condi-
tions), we only observe a 2 e−/O2 process and never a 1 e−/O2
process either on discharge or charge. Our results do not
exclude the possibility of a small amount (<1% of total product
formation) of LiO2 formation as possible stable discharge
product, and we make no further claim on the possibility of
LiO2 as a stable product. We hope that our results spur further
exploration into stable LiO2 formation, which remains an
interesting open question.
Materials. Iridium chloride (IrCl3), ammonium hydroxide

(NH4OH), PTFE emulsion (60 wt %), PVDF (Mw = 180 000

g/mol), N-methyl 2-pyrrolidone (NMP), and sodium hydrox-
ide (NaOH) were all purchased from Sigma-Aldrich. The
graphite used as the feedstock for graphene oxide synthesis was
acquired from Bay Carbon. 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.
Ir-rGO 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.27,28

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 of 5 M
NH4OH was then added as a reducing agent and the solution
was heated to 100 °C for 12 h with a nitrogen atmosphere.
After filtering and drying in a vacuum oven at 100 °C, the
produced powder was annealed at 450 °C for 3 h under an inert
atmosphere (N2). The final Ir-rGO product was characterized
by powder X-ray diffraction (PXRD), 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
1a) show the appearance of the Ir(111) metal diffraction

pattern after the synthesis procedure,29 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

Figure 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 and (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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images (Figure 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). Figure 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.

20 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.20

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 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 under 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 hot plate for at least 1 h 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
procedure plays a critical role in the Raman spectra of analyzed
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.
Electrochemical Characterization. Electrochemical cells were

assembled in a custom-built modified Swagelok-type cell,30 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 electrochemical 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.30−32 These systems were leak
checked by ensuring that the pressure remained stable while the
cells were held at open-circuit voltage (OCV) (Figure S1).
Well-established iodometric titrations were also used to

quantify Li2O2 formation during discharge.13 Of note, no O2

evolution was observed from electrodes immersed in water
during the titration protocol, indicating that 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.

33)
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 airtight
spectroscopy cell. Prior to placing cathodes in the airtight
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 10−30s.
Results and Discussion. A previous report indicated that bulk,

stable LiO2 forms on Ir-rGO-based cathodes.20 As LiO2 forms
via a 1e−/O2 process (eq 1) and Li2O2 forms via a 2e−/O2

process (eqs 1 and 2 and/or eqs 1 and 3), quantitative gas
analysis coupled to coulometry was employed to help identify
the possible discharge product for cells with Ir-rGO based
cathodes. The resulting galvanostatic charge/discharge curves
are shown in Figure 2a−c, and the quantification of oxygen
consumption and evolution via online pressure monitoring is
presented in Figure 2d−i. Regardless of binder employed or
cathode preparation conditions, we observe a nearly 2 e−/O2

process throughout discharge: 2.00 ± 0.05 for the Ir-rGO/

Figure 2. Voltage and gas consumption/evolution plots for Ir-rGO
cathodes. (a−c) Galvanostatic discharge/charge curves. (d−f) Gas
consumption during discharge under oxygen as measured by pressure
decay in an isolated, volume calibrated headspace. (g−i) Gas evolution
during charge as measured by pressure rise in the same headspace.
Dashed blue and green lines in panels d−i are expected O2
consumption/evolution profiles for a 1e−/O2 and 2e−/O2 process.
Discharge/charge capacity: 0.5 mAh; current density: 100 μA; active
material loading: ∼ 2 mg/cm2 (12 mm diameter cathode).
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PVDF 200 °C cells, 2.01 ± 0.05 for the Ir-rGO/PVDF 25 °C
cells, and 2.03 ± 0.05 for the Ir-rGO/PTFE 25 °C cells. The 2
e−/O2 ratio is consistent with Li2O2 formation as the primary
discharge product, although we note that statistical variance in
the O2 consumption measurements does allow for the
possibility of perhaps 1 to 2 mol % of the final product to be
LiO2.
Standard analysis of discharged cathodes via PXRD

confirmed the expected presence of Li2O2 (Figure S2). To
further demonstrate the presence of Li2O2 as the dominant
discharge product, extracted cathodes were immersed in
deionized water after a 0.5 mAh discharge, and the resulting
H2O2 was titrated using established protocol.13 Li2O2 was
found to form at a 94% yield in cells similar to those
characterized in Figure 2a,d and 90% in cells similar to those in
Figure 2b,e. In comparison, cells employing XC72/PVDF and
XC72/PTFE cathodes exhibited 88% Li2O2 yield, consistent
with previous reports.13 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 with pure carbon cathodes. This
observation is somewhat surprising given iridium’s ability to
dissociate O2, which could potentially induce additional
parasitic reactions. 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 we would
expect that if LiO2 was present in the discharged cathodes it
would disproportionate to H2O2 and O2 in water in a similar
fashion to the disproportionation reaction clearly observed
when a similar quantity of NaO2 is immersed in water.33

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.34 This result was confirmed by DEMS
analysis, which provided the identification and quantification of
gases evolved during charge (Figure S3). In other words, at no
point during a typical galvanostatic discharge−charge measure-
ment do we observe a 1 e−/O2 or a mixed 1 and 2 e−/O2
process in cells employing ether-based electrolytes and Ir-rGO-
based cathodes.
Figure 3 presents the Raman spectra of cathodes extracted

from cells after large capacity (∼10 mAh/cm2) discharges. The
appearance of two peaks at 1133 and 1525 cm−1 is highlighted
given that similar peaks have been ascribed to LiO2 formation
previously.20−23 Although these shifts do not precisely align
with those reported in previous studies (1123 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 dramatically 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 our “uncontrolled impurity” studies (those
discussed in the introduction that eventually 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), indicate
that the origin of the Raman peaks at 1133 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 hydro-

philicity is very common, and many previous reports show that
such alkaline treatment causes changes in the PVDF surface
structure.35 We confirmed that hydroxyl-induced HF elimi-
nation from PVDF is the likely origin of the Raman peaks at
1133 and 1525 cm−1. PVDF pellets were placed in alkaline
solution (12 M KOH) for 3 h, rinsed, and then characterized
using Raman spectroscopy. Peaks at 1133 and 1525 cm−1 are
clearly observed (“degraded PVDF” in Figure 3) 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 3.) These peaks have been previously ascribed to the
formation of (CHCF) 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−1.2,36 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 3 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 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.
We have found that this degradation can be avoided by

Figure 3. Raman spectra (excitation laser wavelength of 532 nm) of
discharged electrodes as well as pristine and alkaline degraded PVDF
pellets. For discharged cathodes (top 5 spectra) capacity: ∼10 mAh;
current density: 100 μA; 12 mm diameter cathodes; ∼2 mg active
material loading.
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carefully preparing electrodes to remove and prevent the
presence of water and slurry solvents (NMP). Of course, water
impurities can accumulate through degradation processes
involving the electrolyte or electrode. In fact, we note that
the 1133 and 1525 cm−1 peaks are occasionally observed 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. Because of these occurrences, we encourage any future
studies that wish to explore the presence of superoxide-like
species to use alternative cathode binders instead of PVDF
(e.g., PTFE).
In summary, we have shown that preparation technique and

binder selection for Ir-rGO cathodes directly influence the
Raman spectra observed upon discharge. We observe a 2.0 e−/
O2 processes during discharge for all cells studied, as is
consistent with Li2O2 formation. 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 toward Li2O2
as the major product, we still find evidence of Raman peaks that
were previously 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. We note slight compositional
differences between our cells and those that reportedly resulted
in LiO2 formation previously: The preparation procedure of the
Ir-rGO is not identical; we employ DME (monoglyme) as an
electrolyte solvent rather than tetraethylene glycol dimethyl
ether (tetraglyme), and our experimental setups are dissim-
ilar.30,37 Nevertheless, we believe these slight differences should
not result in the dramatic difference in electrochemical behavior
reported between our studies. We hope 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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