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Rechargeable Li-O2 and Li-air batteries require electrode and 

electrolyte materials that synergistcally promote long-term cell 

operation. In this study, we investigate the role of noble metals Pt 

and Pd as catalysts for the Li-O2 oxidation process and their 

compatibility with a dimethyl sulfoxide (DMSO) based electrolyte. 

We identify a basis for low potential Li2O2 evolution followed by 

oxidative decomposition of the electrolyte to form carbonate side 

products.

Lithium-oxygen batteries show great potential as the next-

generation of electrochemical energy storage,
1,2

yet obstacles 

remain to their practical use. Oxygen evolution reactions are a 

major source of voltage inefficiency in these systems, yielding 

losses of 30% or more during cycling. Significant research 

efforts have been devoted to synthesizing electrodes, selecting 

electrolytes and designing cell architectures to address this 

challenge. Catalytic electrodes, in particular, can reduce charge 

voltages and promote cell recharge. Pt, Pd, Ru and Au metal 

particles
3–5

  as well as oxides of Ru, Co, Mo, Mn and Cr
6–8

have 

proven effective. Nevertheless, the parameters influencing 

oxygen evolution in Li-O2 batteries are still poorly understood.

During operation of a typical non-aqueous Li-O2 cell, Li
+

and 

O2 combine to form solid lithium peroxide (overall: 2Li
+

+ O2 + 

2e
-
→ Li2O2).

9
The oxygen reduction reaction proceeds through 

a superoxide (O2
-
/LiO2) intermediate before Li2O2 crystallizes 

onto a porous oxygen electrode.
10

With the deposition of 

electrically insulating Li2O2, the electrode surface becomes 

progressively deactivated. The oxygen evolution reaction, 

originally thought to proceed directly (Li2O2 → 2Li
+

+ O2 + 2e
-

),
10

is instead influenced by factors including product 

chemistry, morphology, and position relative to the electrode 

surface. For example, less coordinated species (i.e. those with 

lower than 1:1 Li:O stoichiometry) are more easily 

oxidized,11,12 as are species closer to the electrode surface.13 A 

recent study has also argued for an oxidation pathway 

involving a peroxide to superoxide transition in the solid 

state.14

The influence of catalysts on the mechanism of Li2O2

oxidation may be explained in several ways. First, catalyst sites 

may bias the chemistry of discharge products adjacent to the 

surface, yielding species that are easier to oxidize.
15

Second, 

catalysts may destabilize the oxidizing species, lowering the 

kinetic barrier to reaction.
6,7

Third, catalytic dopants may 

facilitate charge transport from oxidized reactants to the 

electrode, reducing ohmic losses.
16

Given these theories and 

the large number of species under study, there is little clarity 

in understanding the role of catalysts in Li-O2 systems. 

Electrolyte instability is particularly important in Li-O2

processes. Decomposition of carbonates
17

, ethers
18,19

, 

sulfones
20

, ionic liquids
21–23

, acetonitrile
24

and dimethyl 

sulfoxide (DMSO)
25,26

solvents as well as salt anions
27,28

have 

all been documented under various conditions. DMSO, for 

example, may decompose in the presence of intermediate 

superoxide species, forming LiOH, dimethyl sulfone (DMSO2) 

and Li2SO4.
25,26,29

Such side products, however, have not been 

Figure 1. Schematic of charge processes on Pt and Pd electrodes with a DMSO-based 

electrolyte.
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Figure 2 Ex situ Raman spectra of (a) Pt-Ni foam and (b) Pd-Ni foam electrodes at 

various states of charge. Symbolsdenote features related to Li2O2 (▼), Li2CO3 (◊) and 

the Ni-foam substrate (●).

observed in practical cycled cells and their relevance remains 

in doubt.
30

The influence of oxidation processes on electrolyte 

stability clearly requires further study.

To reliably investigate the role of catalysts in Li-O2 systems,

eliminating carbon components in favor of all-metal and/or 

carbon-free surfaces is desirable. Porous carbon electrodes are 

common in Li-O2 reports due to their high conductivity and 

large surface areas, yet carbon is known to degrade upon 

contact with Li2O2 discharge products.
31

Fundamental studies 

on oxidation have previously been conducted with nanoporous 

Au electrodes and in situ surface enhanced Raman 

spectroscopy (SERS),
13,32,33

but other catalytic materials require 

distinct methods. Physical characterization of carbon-free Pt 

and Pd catalytic surfaces by Raman and X-ray photoelectron 

spectroscopy (XPS) allows a better understanding of Li2O2

oxidation and electrolyte decomposition at various charging 

potentials (Fig. 1).

In this work, we investigate the evolution of Li-O2 products 

during cell charging and identify lithium carbonate as a major

side product resulting from oxidative decomposition of the 

electrolyte. Pt and Pd porous electrodes were generated by 

electrodeposition on flattened Ni foam substrates. SEM images 

(Fig. S1a,b) show complete coverage of the catalytic species 

and X-ray diffraction patterns (Fig. S1c) indicate peaks which 

are consistent with Pt (111) or Pd (111) surfaces (JCPDF Cards 

#04-0802 and #46-1043). Catalytic oxygen electrodes were 

assembled in Li-O2 cells with a 0.1 M LiClO4/DMSO electrolyte 

and Li metal counter electrode. After purging with dry O2, 

sealed cells were galvanostatically discharged at 40 

μA/cm
2

geometric. Both Pt and Pd electrodes exhibited discharge 

capacities of ~910 μAh/cm
2

geometric (Fig. S1d). After discharging, 

cells were held at a series of potentials every 0.1 V from 3.0-

4.0 V for 15 min each. Electrodes were recovered after 

charging to 3.3, 3.6 or 4.0 V and dried under vacuum before 

spectroscopic characterization.

Cyclic voltammetry of Pt and Pd containing cells (Fig. S2) 

distinguishes two separate oxidation process occurring at <3.4 

V and >3.5 V. This division is supported by in situ Raman 

spectra which show increases in the intensity of DMSO 

electrolyte features at similar potentials (Fig. S3). While the 

electrochemical products are not directly detectable in situ,

fluctuations in the DMSO intensity are a reasonable proxy to 

indicate electrochemical processes where the electrolyte is 

nearer to the electrode surface (i.e. oxidation of solid products 

or electrolyte decomposition).

Electrode surfaces were inspected by Raman spectroscopy 

(Fig. 2) and XPS (Figs. 3, 4) following discharge and charge. 

From Fig. 2, Pt and Pd electrodes exhibit Raman features 

related to Li2O2 products (791 cm
-1

) following discharge, 

consistent with the accepted two electron oxygen reduction 

mechanism. A Li2O2 feature is also evident in the O 1s XPS 

spectra (531.4 eV) of discharged Pt and Pd electrodes (Fig. 3, 

4). In the case of Pt electrodes, Li2O2 features in both Raman 

and XPS data are quite small, which may be due to the 

thinness of the product layer. We see no Raman feature 

related to intermediate LiO2 (~1140 cm
-1

) on Pt or Pd 

discharged electrodes.
32

Since LiO2 has most often been 

observed with the improved sensitivity of SERS on Au surfaces, 

we cannot exclude its presence in residual amounts on any of 

our electrodes.

Following charging to 3.3 V, Li2O2 features disappear from 

the Pt and Pd electrode spectra, indicating Li2O2 evolution at 

low overpotentials. This finding is consistent with previous

reports on Au and carbon electrodes.13,34–36 Bulk oxidation 

processes have been shown to occur at potentials >3.3 V with 

or without catalysts.
7,11

After charging to 3.6 or 4.0 V, we see 

little evidence of Li2O2, but products may remain in low 

concentrations that are not easily detectable. A solitary Li2O2

Raman feature observed after charging a Pt electrode to 4.0 V 

(Fig. 2a), suggests that residues can indeed be found in 

isolated locations.

After charging Pt and Pd electrodes above 3.6 V, we 

observe Raman features related to Li2CO3 (1090 cm
-1

). These 

features, which manifest as a shoulder to the broad Ni foam 

feature at ~1066 cm
-1

, are complemented by XPS data showing 

the presence of C=O bonding (532 eV) in the O 1s and CO3
2-

(290 eV) in the C 1s spectra. The growth of Li 1s features 

alongside these C 1s features strongly suggests the product 

Li2CO3 (Fig. S4). Carbonate species have previously been 

observed following cycling with DMSO-based electrolytes,
37–39

but have not been highlighted as direct evidence of DMSO 

decomposition. In many cases, this species is attributed to 

contamination by CO2 or by decomposition of a carbon-

containing electrode. By employing all-metal electrodes (Pt 
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and Pd on Ni foam), inorganic salt species (LiClO4) and 

ultrahigh purity O2 (≤1 ppm CO2 and CO) we can directly 

attribute Li2CO3 formation to DMSO oxidative decomposition.

The previously reported mechanism for DMSO 

decomposition in Li-O2 systems suggests that DMSO2, LiOH and 

Li2SO4 form by superoxide attack on the solvent molecule, but 

this neglects all evidence of carbonate species. In our 

experiments, we observe no evidence of DMSO2 or Li2SO4

which should manifest Raman features at ~1120 cm
-1

among 

others.
32

We also observe no features related to LiOH (531.0 

eV) in the XPS O 1s spectra. A recent study by Schroeder et al. 

provides a rationale that peroxide and superoxide terminated 

Li2O2 surfaces do not facilitate appreciable DMSO 

decomposition.
30

In fact, evidence supporting the previous 

decomposition pathway
25,26,29

has only been observed with 

dissolved superoxide species at significantly longer time scales 

(500 h vs. ~26 h) or at higher potentials (>4.0 V) than in our 

study. Since the molecular structure of DMSO implies that 

Li2CO3 could only form alongside hydrogen and sulfur 

containing compounds (e.g. LiOH and Li2SO4), we must accept 

that such products are present in the cell, even if they are not 

found on the oxygen electrode surface. Though formation of 

Li2CO3 from DMSO may involve a complex cascade of chemical 

and electrochemical reactions, simple stoichiometry dictates 

that an excess of oxygen is a critical factor.

Our Raman and XPS results clarify that the catalyzed Li-O2

charging process involves carbonate deposition on Pt and Pd 

surfaces. XPS data indicate that Pd surfaces yield bulk 

carbonates at higher potentials (3.6-4.0 V) than Pt surfaces 

(<3.6 V), although a quantitative comparison would not be 

reliable. The recovery of Pd 3d features by charging to 4.0 V 

(Fig. 3) suggests that at least some portion of the solid Li2O2 or 

Li2CO3 products are evolved from the Pd electrode. This finding 

is consistent with a recent study employing differential 

electrochemical mass spectroscopy and showing CO2 evolution 

from a Pd/carbon nanotube electrode beginning at ~3.8 V.
40

In 

contrast to Pd, Pt 4f features are not recovered after charging 

to 4.0 V, suggesting severe catalyst deactivation. Where our 

previous work with carbon supported Pt and Pd electrodes and 

DMSO electrolytes demonstrated the improved reversibility of 

Pd vs. Pt,
3

here we show evidence that catalytic “efficacy” is 

likely related to differences in deactivation by Li2CO3. 

Also notable is a +2.2 eV shift in the position of Pd 3d 

features between 3.6 and 4.0 V, designating a change in the 

state of Pd to PdO (Fig. 4). The standard potential of this 

reaction (2Pd + O2 → 2PdO) in an aqueous environment is 3.48 

V vs. Li/Li
+
,
41

but a practical oxidation potential above 3.6 V is 

reasonable considering the cell overpotentials. Recently 

detailed changes in the oxidation state of Mo and Cr catalysts 

during Li-O2 charging,
42

provide an interesting parallel with this 

Pd catalyzed system. The in situ oxidation states of catalyst 

species are an important topic for further study in Li-O2

systems. 

In summary, we have isolated the effect of Pt and Pd 

catalysis on Li-O2 charge processes. Pt and Pd encourage Li2O2

oxidation at low potentials, but further oxidation of the DMSO 

electrolyte produces significant amounts of Li2CO3. This 

carbonate product deactivates the electrode surface (to a 

greater extent with Pt than Pd), demonstrating that catalyst-

Figure 3 Ex situ X-ray photoelectron spectra of Pt-Ni foam electrodes at various states 

of charge.

Figure 4 Ex situ X-ray photoelectron spectra of Pd-Ni foam electrodes at various states 

of charge.
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electrolyte pairs of Pt or Pd and DMSO are not appropriate for 

long-term cell operation.
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