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ABSTRACT: Lithium peroxide (Li2O2), the solid and intrinsically
electronic insulating discharge product of Li−O2 batteries strongly
influences the discharge and charge kinetics. In a series of
experiments, we investigated the growth of Li2O2 upon discharge
and the corresponding reduction and oxidation processes by varying
the depth of discharge. The results indicate that insulating Li2O2
particles with a disc-like shape were formed during the initial discharge
stage. Afterward, the nucleation and growth of Li2O2 resulted in the
formation of conducting Li2O2 shells. When the discharge voltage
dropped below 2.65 V, the Li2O2 discs evolved to toroid-shaped
particles and defective superoxide-like phase presumably with high
conductivity was formed on the rims of Li2O2 toroids. Both Li2O2 and the superoxide-like phase are unstable in ether-based
electrolytes resulting in the degradation of the corresponding cells. Nevertheless, by controlling the growth of Li2O2, the chemical
reactivity of the discharge product can be suppressed to improve the reversibility of Li−O2 batteries.
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■ INTRODUCTION

Since the first nonaqueous lithium−oxygen cell was demon-
strated by Abraham and Jiang in 1996, this type of cell has
attracted worldwide interest as it theoretically should yield an
energy density of about 1 order of magnitude higher than
commercial lithium ion batteries.1,2 Although the research
efforts increased considerably during the past few years, it has
also become obvious that the development of a truly
rechargeable Li-oxygen cell is by far less straightforward than
initially thought. Major fundamental and technological
problems are still not solved, e.g., the poor cycling perform-
ance.3

As widely reported in the literature,4 nonaqueous Li−O2
batteries show very high overpotentials at their cathodes
(typically about 0.3 V on discharge and more than 1 V on
charge) whichtogether with the formation of chemically
highly reactive intermediatescauses the instability of battery
components, in particular, of the electrolyte.5 To lower the
overpotentials, extensive efforts have been made identifying
effective electrocatalysts to improve the kinetics of the oxygen
reduction reaction (ORR) and the oxygen evolution reaction
(OER).6−8 However, most of the electrocatalysts do not reduce
the overpotentials sufficiently and often even catalyze the
decomposition of electrolyte rather than the expected ORR/
OER.9

In a previous paper,10 we demonstrated that catalytically inert
silica nanoparticles surprisingly decrease the overpotential and
increase the capacity of oxygen cathodes, thereby acting as
structure promoter for the growth of Li2O2 which leads to a
“catalysis-like” effect. The function of these silica “nano-

catalysts” is still not completely understood and surely needs
further investigations. However, it is well accepted today that
the high overpotentials of Li−O2 batteries are mainly due to the
electron transport barrier of the poorly conducting Li2O2
discharge product and the side products from Li2O2 (or
LiO2) induced carbon and electrolyte decomposition rather
than to the slow surface kinetics.11,12 This conclusion is also
supported by the experimental observation that the over-
potentials are significantly lowered by accelerating the charge
transfer using a charge agent.13 It is evident that the properties
of the Li2O2 product, e.g., its electronic conductivity and
chemical reactivity, directly influence the performance of Li−O2
batteries. Therefore, a better understanding of how to control
these properties of Li2O2 is the key to improve the reversibility
of the ORR/OER in lithium−oxygen batteries. In the present
work, we investigated the evolution of Li2O2 growth during
discharge and of the corresponding oxidation process upon
charging. The variations of the structural, morphological, and
electrochemical properties of Li2O2 during discharge were
examined. Based on the experimental observations, we propose
some measures to improve the stability of Li−O2 batteries.

■ EXPERIMENTAL SECTION
Carbon Cathode Preparation. 85 mg commercial Ketjenblack

600JD carbon (KB carbon) and 15 mg polytetrafluoroethylene
(PTFE) were mixed in 10 mL ethanol for 4 h under stirring. Then,
the mixture was air sprayed onto a Whatman separator (GF/A, No
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1820−150) as support. The cathodes with a diameter of 10 mm
(geometric area of 0.79 cm2) were punched from the sprayed separator
and then dried at 150 °C under vacuum overnight to remove all traces
of moisture. The oxygen cathodes were then transferred into an argon-
filled glovebox (< 1.0 ppm of H2O and < 1.0 ppm of O2) for cell
assembly. All prepared cathodes had a typical carbon loading of 0.7 ±
0.1 mg cm−2 with a pore volume of 4.5 cm3 g (carbon)−1 determined
by Brunauer−Emmett−Teller (BET) measurements.
Assembling Li−O2 Cells. Lithium foil was used as anode and one

piece of Celgard 2320 film soaked with 0.5 M lithium triflate in
diglyme as electrolyte was applied as separator. The water content of
electrolyte was below 10 ppm as determined by Karl Fischer titration.
The carbon layer side of the cathode was exposed to the gas phase to
improve the oxygen diffusion. During cell assembly, 60 μL of
electrolyte was added to flood the cathode. Nickel Mesh was pressed
on the carbon layer as current collector. After purging the cathode
chamber for 30 s with oxygen flow under ambient pressure, the cell
with a cathode chamber volume of 7 cm3 was sealed for
electrochemical testing at room temperature (conditioned climate)
using a Maccor battery cycler. If not mentioned otherwise, a constant
current density of 0.1 mA cm−2 was always used for discharge/charge
while the cell potential was recorded simultaneously.
Characterization. Powder X-ray diffraction (XRD) was carried out

using a X’Pert X-ray diffractometer with copper K-alpha (Philips
PANalytical). XRD patterns of pristine cathodes were recorded in air
while patterns of the discharged and charged cathodes after solvent
washing were collected using a gastight sample holder to prevent
reaction of Li2O2 with moisture and CO2. Scanning electron
microscope (SEM) images were taken to investigate the change of
morphology of Li2O2 after discharge/charge to different depth using a
MERLIN SEM from Zeiss NTS. The samples were transferred from

the glovebox into the SEM with a gastight sample holder from
Kammrath & Weiss. Raman measurements were performed using a
Renishaw inVia Raman microscope system using an excitation
wavelength of 633 nm. A gastight Linkam THMS600 variable
temperature cell was used for the Raman measurements at −190 °C
cooled by liquid nitrogen. Cyclic voltammetry (CV) of Li−O2 cells
with a Li reference electrode was performed using an EC-Lab
(BioLogic SP300) at a slow scan rate of 0.1 mV s−1.

■ RESULTS AND DISCUSSION

Characterization of Li2O2 Growth During ORR. Figure
1a shows the first discharge curve of a Li−O2 cell discharged
with a current density of 0.1 mA cm−2. A typical discharge
plateau is obtained starting at 2.7 V and then slowly decreasing
to 2.6 V due to the increase of the thickness of insulating
discharge products, i.e., mainly Li2O2. After discharge to a
capacity of 7500 mAh g−1, the cell voltage dropped quickly
indicating the ceasing of the ORR reaction (a discharge voltage
of 2 V was set as lower limit). The ex situ XRD measurements
with a scan speed of 1.5° min−1 were carried out to identify the
discharge products and study their crystal structure at different
discharge depths as presented in Figure 1b. Below 1300 mAh
g−1, no distinct Li2O2 diffraction peaks were observed, likely
due to the minor amount of crystalline Li2O2 formed at the
initial discharge steps. When the discharge capacity was higher
than 1300 mAh g−1, three characteristic diffraction lines of
Li2O2 appeared at 32°, 35°, and 58°.14 With increasing
discharge capacity, more Li2O2 was deposited in the cathode

Figure 1. (a) First discharge voltage curve of a Li−O2 cell at 0.1 mA cm−2. (b) XRD patterns of a pristine cathode and cathodes discharged to
different capacities. (c) XRD patterns of cathodes in (b) within the magnified 2θ range between 31° and 38° at a slow scan speed of 0.18° min−1. (d)
Variation of the crystal size of Li2O2 as a function of discharge capacity calculated from the (100) and (101) diffraction line profiles in (c).
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and thereby leading to an increase of the area of the Li2O2

diffraction peaks.15 In order to obtain the crystal size of Li2O2

more precisely, the XRD patterns of discharged cathodes were
recorded between 31° to 38° at a slower scan speed of 0.18°
min−1 as shown in Figure 1c. The intensities of all peaks are
normalized to the PTFE line at a peak central position of 36.5°.
The crystal size of Li2O2 is evaluated by using the Scherrer
equation based on the (100) and (101) planes, and the
corresponding numbers should only be considered as estimates.
As seen in Figure 1d, the nucleation and growth of Li2O2

during the initial discharge to a capacity of 2500 mAh g−1 leads
to the increase of the crystal size up to 27 and 7 nm as
determined from the (100) and (101) lattice planes,
respectively. The significant difference of the crystal size as
determined from the two reflections clearly indicates
anisotropic growth of Li2O2 crystallites. Interestingly, both
lengths decrease when the discharge proceeds and exceeds a
discharge capacity of about 2500 mAh g−1. At the end of
discharge, the lengths have decreased to 14 and 5 nm,

respectively. This unexpected decrease of the product crystal
size during the ORR was also observed in in situ XRD studies
of the Li−O2 cell reaction.

16 Recently, it has been concluded
from both experimental and theoretical studies that a
superoxide-like phase is formed on the surface of Li2O2 during
discharge.17 The surface superoxide-like phase is likely to have a
poor crystallinity, which may give rise to the apparently lower
average crystal size of Li2O2.

18 More details on the investigation
of the superoxide species will be given below.
The morphology of the Li2O2 products at different discharge

depth are shown in the SEM images of Figure 2, and we can
assess the morphological development. Before discharge, the
pristine cathode composed of carbon nanoparticles with a
diameter of 30 nm shows a highly porous structure as seen in
Figure 2a. At low discharge capacities of 250 and 1300 mAh
g−1, many tiny disc-like nanoparticles appeared on the carbon
surface as visible in Figure 2b and c. When the cell was
discharged to 4000 mAh g−1, the disc-like Li2O2 evolved to
toroid-shaped particles growing upright in the cathode as

Figure 2. Morphology of Li2O2 products formed in the cathodes at different discharge capacities: (a) pristine cathode, (b) 250 mAh g−1, (c) 1300
mAh g−1, (d) 4000 mAh g−1, (e) 5200 mAh g−1, (f) 7500 mAh g−1.
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clearly seen in Figure 2d and e. These morphology changes of
the discharge product are consistent with the results of Mitchell
et al. when carbon nanotubes were used as cathode materials.19

Toroids appear to represent the typical morphology of Li2O2
products formed in ether-based electrolytes,20,21 and it was
recently found by transmission electron microscopy (TEM)
that these toroids consist of arrays of plate-like Li2O2
nanocrystallites.19 Different hypotheses have been proposed
to explain the observed toroid-shaped Li2O2 particles. Nazar
speculated that the hexagonal crystal structure of Li2O2 and
preferred nucleation on the prismatic crystal faces give rise to
the formation of Li2O2 toroid aggregates.22 In contrast, Shao-
Horn attributed the unusual shape to plate splaying and
secondary nucleation of additional plates.19 Obviously, more
work is needed to validate these hypotheses in detail. With
prolonged discharge, Li2O2 nanotoroids grew continuously and
finally covered the carbon surface completely as shown in
Figure 2f. Known as pore-clogging effect, the growing Li2O2
gradually occupies the void volume of the porous carbon and
finally blocks the oxygen diffusion path into the interior of the
cathode resulting in the halt of the ORR.23 Therefore,
eliminating the pore clogging effect by optimizing 3D cathode
microstructure or modifying the carbon surface by a structure
promoter is critical to improve the discharge capacity of Li−O2
cells.10,24 On the other hand, with increasing current density,
we found that both the discharge capacity and cell voltage

decreased while the discharge products changed from the
toroid-shaped particles composed of Li2O2 nanocrystallites into
the (quasi) amorphous peroxide film (see Figure S1 in the
Supporting Information). Nazar et al. attribute this variation of
Li2O2 morphology and crystal structure to different reaction
paths at elevated discharge rates.17 At low discharge rate, the
ORR follows a disproportionation mechanism forming several
hundred nanometer-sized Li2O2 toroids caused by the LiO2
solvation and surface nucleation of Li2O2. In contrast, a process
of direct two-electron transfer governs the pathway at higher
discharge rate limiting the thickness of Li2O2 film below 5 nm
due to its low electrical conductivity. As shown in Figure S2 in
the Supporting Information, during discharge to 2 V at a high
current density of 1 mA cm−2, no visible products were formed
on the carbon cathode indicating that the limitation on
discharge capacity has been turned from the pore clogging
effect into carbon surface passivation which has been proven by
atomic force microscopy (AFM) studies.25 More investigations
are also needed here to further reveal how the current density
influences the kinetics of Li2O2 nucleation and growth and its
related electrochemical properties.
In Figure 3a, the variation of the length (L) and width (W)

of Li2O2 particles and their aspect ratio, defined as W/L, are
shown as a function of the discharge capacity derived from the
results in Figure 2. The length and width of the Li2O2 particles
are 125 and 50 nm at an initial discharge capacity of 250 mAh

Figure 3. Effect of discharge capacity on particle dimension and aspect ratio (a) and the volume of single Li2O2 particles (b).

Figure 4. First discharge and charge profiles of Li−O2 cells with different capacity limits (a) and scaled with normalized capacities (b) as abscissa, i.e.,
using the ratio of the specific capacity divided by the used discharge capacity limits in (a).
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g−1 and then increase to 275 and 130 nm at a discharge capacity
of 5000 mAh g−1. At the end of discharge, the values of length
and width grow more slowly and finally reach 285 and 140 nm,
respectively. The aspect ratio remains roughly constant in the
range between 0.4 and 0.5 indicating uniform growth of Li2O2
particles. The volume change of a single Li2O2 particle during
discharge is also calculated as presented in Figure 3b (more
details on the geometric calculus are given in Figure S3 in the
Supporting Information). The particle volume increases almost
linearly with discharge capacity indicating that the ORR is the
main electrochemical reaction as also proven by the XRD result
in Figure 1.
Electrochemical Properties of Growing Li2O2 Prod-

ucts. In the next step we studied the electrochemical properties
of Li2O2 products formed at different discharge capacities by
comparing the charge profiles of the corresponding Li−O2 cells.
After defined discharge, the cells were recharged with the same
charge to fully oxidize the formed Li2O2. When the discharge
capacity was below 1300 mAh g−1 as shown in the inset graph
of Figure 4a, the discharge voltage stabilized at 2.7 V. In
contrast, the charge voltage rapidly increased up to 4.1 V and
then decreased to 4 V which is the typical potential range for
the oxidation of insulating Li2O2 in the absence of any catalysts,
as widely reported in the literature.26 Siegel et al. concluded
from first-principles calculations that the bulk of Li2O2
crystallites is electrically insulating and that sufficient charge
transport only occurs at moderately high charging voltages (i.e.,
typically above 4 V) that drive partial delithiation and lead to
the formation of mobile polaron-type electronic holes.27

Moreover, a recent study on Tafel plots of cathodes in Li−
O2 cells also proved that the considerably large overpotential
originates from the cell impedance rather than surface
kinetics.28 The resulting high charge overpotential (>1 V)
causes a low energy efficiency andmore importantthe
instability of the electrolyte which finally limits the cycling
performance of cells.29 Therefore, the improvement of the
charge transfer to Li2O2, e.g., by using a redox mediator, will be
crucial to achieve sufficiently rechargeable Li−O2 batteries.30

On charge, the gradual oxidation of insulating Li2O2 lowers the
resistance of the cathode leading to a slow decrease of the
charge overvoltage. At the end of charge the cell voltage
increased slightly indicating that a small amount of Li2O2
products has been chemically consumed by side reactions
resulting in the loss of reversible capacity. This observation is
also consistent with reports in the literature that Li2O2 shows
chemical reactivity toward both carbon and electrolyte.12,31

Here, the charge behavior above 4 V dominates the charge
profile suggesting that the Li2O2 nanodiscs (see the SEM
images in Figure 2) formed at a low discharge capacity mainly
show bulk behavior, i.e., the poor conductivity of Li2O2 bulk
causing the high charge overpotential.
With proceeding discharge to a capacity of 2500 mAh g−1 as

shown in Figure 4a, a long charge plateau at a voltage of 4.1 V is
observed due to the growth of disc-shaped Li2O2 particles as
shown in Figure 2c, forming more insulating Li2O2 for
oxidation. Meanwhile, prior to bulk decomposition, a sloping
charge profile at a lower charge voltage between 3.3 to 4.1 V
becomes more pronounced. Shao-Horn et al. suggest that the
charge process in this sloping region is controlled by the surface
properties of Li2O2 particles, which thus corresponds to the
oxidation of the particle surface.32 Different from the insulating
Li2O2 bulk, the facets of Li2O2 crystallites have been computed
to be (half) metallic and thereby present a much lower

theoretical charge overpotential than the intrinsically insulating
Li2O2 bulk as suggested by the results obtained from density
functional theory calculations (DFT).33 Consistent with it,
when the discharge capacity is higher than 1300 mAh g−1,
Li2O2 crystallites are formed as proven by XRD results in
Figure 1. We speculate that the crystalline Li2O2 shells are
formed above 2500 mAh g−1covering the initially formed cores.
Upon charge, the gradual consumption of conducting Li2O2
shells probably lowers the conductance giving a slope-like
charge profile followed by the oxidation of Li2O2 cores with
insulating bulk property giving a charge plateau at 4.1 V (see
Figure S4 in the Supporting Information).
When the discharge capacity is higher than 4000 mAh g−1

(cell voltage decreased below 2.65 V), additionally a short
charge plateau appeared at a lower voltage of about 3 to 3.4 V.
In conjunction, another charge plateau as high as 4.75 V
appeared, which is the typical potential for decomposition of
ether-based electrolytes (see Figure S5 in the Supporting
Information), and which indicates a significant loss of reversible
discharge products. Consistent with this, higher fractions of
charge capacity are achieved above 4.2 V at deeper discharge as
shown in Figure 4b. However, no references, so far, reported
that any side products of Li−O2 cells could be electrochemi-
cally decomposed below 3.4 V. The main side products, e.g.,
Li2CO3 and LiOH, are not rechargeable within the reasonable
potential range as shown in Supporting Information Figure S5
and reported in the literature.25 In addition, as shown in Figure
2, the Li2O2 discs evolved to the toroidal particles when the
discharge capacity was higher than 4000 mAh g−1. The surfaces
and sides of Li2O2 discs likely developed to the indentations
and rims of Li2O2 toroids, respectively, as proposed in the
recent literature.19 Therefore, we speculate that a LiOx phase
with a comparably high electronic conductivity is formed on the
rims of Li2O2 toroids with large surface area. When the charge
voltage reaches 3.4 V, the rims of Li2O2 toroids disappear
causing the degradation of the Li2O2 toroids to Li2O2 discs as
seen in Supporting Information Figure S4. This assumption is
also consistent with recent conclusions by Yang et al. that a
superoxide-like component is formed on the surface of peroxide
as confirmed by low temperature Raman spectra and magnetic
measurements.17 The oxidation of a superoxide-like component
was proposed to give rise to such a low voltage charge
plateau.34 The nucleophilic attack of the formed superoxide-like
phase toward the electrolyte and the resulting side products,
e.g., Li2CO3 as confirmed by infrared spectroscopy (IR) (see
Figure S6 in the Supporting Information), also would explain
the significant loss of reversible discharge products as shown in
Figure 4. Consistent with this conclusion, Nazar et al. found a
drastic 30-fold increase in the carbonate content of a cathode
charged at 3.4 V by time-of-flight secondary ion mass
spectrometry (ToF-SIMS) while much less carbonate was
formed at higher potentials during Li2O2 oxidation, i.e., around
4 V.35 McCloskey et al. also reported that carbonate formation
during the initial charging stage originates from the LiO2 (or
Li2O2) induced electrolyte decomposition, which ultimately
evolves CO2 at high charge potential of 4−4.5 V.12 Based on
our experimental results, a hypothetical charge mechanism is
proposed as shown in Figure S7 in the Supporting Information.
The Li−O2 cells used for the experiments shown in Figure 4

were further cycled to evaluate the effect of the depth of
discharge (DoD) on the cycle stability of cells as shown in
Figure 5. The maximal cycling number of the cells was recorded
once the charge voltage achieved 4.5 V, although the cells can
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be further cycled. At a very low discharge capacity of 35 mAh
g−1, the cell could be cycled for about 600 times. However, the
cycling number already decreases significantly down to 60 at a
discharge capacity of 130 mAh g−1. When the discharge
capacity was adjusted to values higher than 4000 mAh g−1, the
cells could be cycled only once. Moreover, cells discharged at
lower capacity do not only show larger cycling numbers but
also a higher cumulative capacity as presented in Figure S8 in
the Supporting Information. Thus, the cycling stability of Li−
O2 cells is indeed improved by “limited discharge steps” as
widely reported in the literature.36 However, as the relation
between the maximum cycle number and DoD is clearly
nonlinear, the degradation of the cells is probably caused by
different mechanisms depending on the DoD. Recently, it has
been reported that Li2O2 chemically degrades glyme solvents
into carboxylate containing species on the Li2O2/electrolyte
interface as proven by X-ray photoelectron spectroscopy
(XPS).37 McCloskey et al. found by differential electrochemical
mass spectrometry (DEMS) that Li2O2-induced electrolyte
instability (including solvent and salt) accounts for nearly all
efficiency loss during limited discharge.38 They conclude that
Li2O2 might react with various electrolytes by either
nucleophilic attack or α/β-hydrogen abstraction. Thus, the
growth of Li2O2 particles during discharge increases the Li2O2/
electrolyte interface area where the parasitic reactions take place
and thereby gradually lowers the cycling number. When the
discharge capacity is larger than 4000 mAh g−1, the cells rapidly
degrade in one cycle due to the formation of a surface
superoxide-like phase as described before, which indicates that
superoxide shows higher chemical reactivity than peroxide as
suggested by experiments using an electrochemical quartz
crystal microbalance (EQCM).39

The effect of cathodic potential limits on the cyclic
voltammograms of the carbon cathode in Li−O2 cells is
displayed in Figure 6. The upper anodic potential is always set
at 4.5 V ensuring full decomposition of Li2O2.

40 One distinct
reduction peak, Ec1, is observed with an onset potential at 2.75
V while three oxidation peaks, i.e., Ea1, Ea2, and Ea3, appear in
the anodic domain. On the basis of CV and rotating disk
electrode (RDE) studies,41,42 Laoire et al. concluded that the
single reduction peak is due to a one-electron transfer process,
i.e., oxygen reduction forming LiO2 (eq 1). Then, LiO2
chemically disproportionates into Li2O2 and O2 (eq 2) causing
the irreversible electrochemical pathway of the ORR.

+ + =+ − ELi O e LiO ( )2 2 c1 (1)

= +2LiO Li O O2 2 2 2 (2)

As shown in Figure 6, the number and the size of the
oxidation peaks are found to depend on the cathodic limits.
With only anodic polarization as shown in the black curve of
the inset graph, the electrochemical decomposition of diglyme
begins at 4.2 V. When the cathodic potential is swept first to 2.7
V (red curve), only a single oxidation peak is observed between
3.8 and 4.1 V. This potential range agrees well with the
galvanostatic experiments (in Figure 4), i.e., the oxidation of
Li2O2 cores with insulating bulk property (eq 3) formed in the
initial discharge process.

= + ++ − ELi O (core) 2Li O 2e ( )2 2 2 a3 (3)

In contrast, when the cathodic potential limit was set to 2.6 V
(blue curve), this bulk oxidation peak grows and shifts to higher
anodic potential while the peak of electrolyte decomposition
above 4.2 V increases as well. More interesting, two partially
overlapping oxidation peaks appear at lower peak potentials of
3.2 and 3.6 V. The potential range of these two peaks is quite
close to the range of the low charge voltage plateau and sloping
profile as shown in Figure 4, and thus probably corresponds to
the oxidation of the surface superoxide-like phase (eq 4) and
Li2O2 shells (eq 5), respectively.

= +− − EO O e ( )2 2 a1 (4)

= + ++ − ELi O (shell) 2Li O 2e ( )2 2 2 a2 (5)

Although eqs 3 and 5 represent chemically the same reaction,
the different conductivities of Li2O2 cores and shells result in
the different oxidation potential domains. It is worth noting
that the charge reactions in eqs 3−5 may include one or
multiple steps as proposed in the literature.43−45 More studies
are needed to clarify the complex charge mechanism. With the
cathodic potential limit decreased to 2 V, all three oxidation
peaks expand and shift toward higher potential due to more
poorly conducting discharge products being formed. Consistent
with the conclusion in Figure 4, the discharge depth (or
overpotential) determines the composition of discharge

Figure 5. Effect of discharge capacity on the cycle life of Li−O2 cells.
Figure 6. Cyclic voltammograms of cathodes in Li−O2 cells using 0.5
M LiSO3CF3/diglyme electrolyte with varied cathodic potential limits
at a slow scan rate of 0.1 mV s−1. The upper anodic potential is set at
4.5 V.
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products and thereby influences the charge/oxidation behaviors
of cathode.
Superoxide-Like Species on the Surface of Li2O2. After

being fully discharged to 2 V under galvanostatic conditions
with 0.1 mA cm−2, the carbon cathodes were washed and sealed
under Ar for the characterization by Raman spectroscopy. To
enhance the Raman intensity of the discharge products, the
measurements were carried out at −190 °C cooled by liquid
nitrogen. The D band from Ketjenblack carbon material gives a
distinct peak at a wavenumber of about 1000−1500 cm−1 as
shown in Figure S9 in the Supporting Information and partially
seen in Figure 7.

Compared to the pristine cathode (black curve) in Figure 7,
the fully discharged cathode (red curve) presents a small peak
at 789 cm−1 as shown in the inset graph which indicates the
formation of Li2O2 consistent with XRD results in Figure 1.
More interesting, a very small and broad shoulder is observed
between 1130 and 1200 cm−1. Signals in this wavenumber
range may originate from O2

− like stretch vibrations, e.g., the
Raman signal at 1156 cm−1 in sodium superoxide (NaO2),

46

which is also consistent with the reported O−O stretch of LiO2
at 1137 cm−1 measured by surface enhanced Raman spectros-
copy (SERS).45 The position and range of this shoulder fit well
with the frequency of the superoxide-like species simulated by
Amine et al. as part of the surface structure of Li2O2 particles
(∼1150 cm−1 to 1190 cm−1).17 Meanwhile, Shao-Horn et al.
reported that the oxygen anions on the dominating O-rich
(0001) face of Li2O2 crystallites are arranged in a LiO2-like
electronic structure as proven by its X-ray absorption near edge
structure (XANES) and as predicted by computational
studies.32 Here, the broad shoulder with low intensity in the
Raman spectrum probably indicates that the formed super-
oxide-like phase shows large O-rich (0001) facets with poor
crystallinity, which could also explain the decrease of crystalline
size at deeper discharge as shown in the XRD results (Figure
1). We propose that many point defects (e.g., electronic holes
due to lithium deficiency) probably exist on the O-rich (0001)
facets resulting in the poor crystallinity and high conductivity of
superoxide-like phase. Consistent with that, Merkle et al. also
assumed a surface-defective peroxide phase due to an enhanced
signal in electron paramagnetic resonance (EPR) from a ball

milled Li2O2 sample with 1 order of magnitude increase in the
electronic conductivity.47 Yilmaz et al. observed that a
noncrystalline Li2O2 thin layer presented a low charge
overpotential (∼3.5 V) probably due to the high conductivity
of the defective Li2O2 products.48 These experimental
observations indicate that the superoxide-like phase, which is
also supported by our current results, probably exists as
defective Li2O2 phase rather than thermodynamically unstable
bulk LiO2.

49 However, more studies are needed to determine
the surface defects and conductivity. After exposure to air for 15
min, this shoulder disappeared as shown by the green curve,
and instead a small Li2CO3 peak appeared at 1089 cm−1,
probably caused by reaction with CO2 present in air. In
addition, this observation proves that the shoulder observed in
the Raman spectra represents a reactive surface of discharge
products formed upon discharge rather than the residual
electrolyte and air-stable side products, e.g., organic Li
compounds and surface groups of carbon.
To further investigate the surface superoxide-like species, the

Li−O2 cells were discharged at different current densities
followed by charging at a constant current density of 0.1 mA
cm−2. Both the discharge and charge capacities were kept at
2500 mAh g−1 for all cells. When the discharge current density
was increased from 0.1 to 0.2 mA cm−2, the discharge voltage
decreased from 2.7 to 2.65 V due to the polarization effect, as
shown in Figure 8. More interesting, it shortened the charge

plateau of Li2O2 bulk oxidation at around 4 V compensated
with a plateau-like charge behavior below 3.5 V. At a discharge
current density of 0.5 mA cm−2, the discharge voltage was
further decreased to 2.5 V. The low-voltage charge plateau
appears again as the one observed in Figure 4. Here, it indicates
that the formation of superoxide-like phase is likely potential
dependent rather than capacity dependent (here always 2500
mAh g−1) consistent with the CV results in Figure 6. When the
discharge potential is lower than 2.65 V, the formation of O-
rich (0001) facets of Li2O2 with superoxide-like character is
thermodynamically preferred to other (non)stoichiometric
facets due to its lower surface energy as calculated by
Hummelshøj.50 Therefore, controlling the discharge over-
potential to avoid the formation of defective facets with high

Figure 7. Raman spectrum of the pristine cathode (black) and fully
discharged cathodes with (green) and without (red) exposure to air
measured at −190 °C.

Figure 8. Influence of different discharge currents on the discharge
and charge profiles of Li−O2 cells with a constant capacity of 2500
mAh g−1. (a) 0.1 mA cm−2 (b) 0.2 mA cm−2, and (c) 0.5 mA cm−2.
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chemical reactivity in Li2O2 products is an alternative way to
improve the cycling performance of Li−O2 cells.
Hypothesis on the Growth Mechanisms of Core−Shell

Li2O2 Particles during Discharge. According to the
experimental results presented in this work, we hypothesize a
growth mechanism of Li2O2 particles during discharge as
depicted in Figure 9. At low discharge capacity below 1300

mAh g−1 (region I), Li2O2 deposits on the surface of carbon
forming Li2O2 cores as marked in yellow. These disc-shaped
Li2O2 nanocores present insulating bulk properties causing a
high charge potential above 4 V. Upon further discharge to
4000 mAh g−1 (region II), more Li2O2 nucleates on the
nucleation sites of Li2O2 nanocores leading to the increase of
disc sizes and formation of crystalline Li2O2 shells. These
crystalline Li2O2 shells (as marked in blue) are electrically
conductive exhibiting a slope-like charge behavior below 4.1 V.
When the discharge capacity is higher than 4000 mAh g−1

(discharge voltage decreases below 2.65 V), a defective
superoxide-like phase is formed on the rims of Li2O2 nanodiscs
as marked in red (region III). The contained defects (as
marked as black dots) may act as the preferred nucleation sites
for particle growth controlling the morphological development
of Li2O2 from disc- to toroid-shaped particles. Meanwhile, the
defective phase probably has high conductivity giving a charge
plateau below 3.4 V, whereas its high chemical reactivity
degrades the stability of cells rapidly. Further studies are needed
to examine this hypothesis in detail.

■ CONCLUSIONS
In this work, the evolution of Li2O2 growth during discharge
was investigated to reveal its effect on the kinetics of Li−O2
batteries. The physical and chemical properties of the Li2O2
deposits depend strongly on the discharge depth and
overpotentials. Within the initial discharge stage, the formed
Li2O2 cores with disc-like shapes mainly show insulating bulk
conductivity giving a high charge voltage at 4.1 V. With the
nucleation and growth of Li2O2 crystallites at higher discharge
capacity, the electrically conducting Li2O2 shells are formed
covering the cores leading to a sloping charge behavior at a
lower voltage range of 3.3 to 4.1 V. When the voltage was
decreased below 2.65 V in a deep discharge step, the Li2O2
discs evolved to the characteristic Li2O2 toroids, while the
defective superoxide-structured phase with high conductivity
was formed on the rims of Li2O2 toroids causing a comparably

low charge plateau below 3.4 V. Both Li2O2 and the superoxide-
like phase appear to be unstable in ether-based electrolytes
resulting in the degradation of cells. However, this study also
points out that the reversibility of Li−O2 batteries can be
enhanced by controlling the growth of Li2O2 to tune its
chemical reactivity.
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