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ABSTRACT: Lithium sulfide is a promising cathode material
for high-energy lithium ion batteries because, unlike elemental
sulfur, it obviates the need for metallic lithium anodes. Like
elemental sulfur, however, a successful lithium sulfide cathode
requires an inherent mechanism for preventing lithium
polysulfide dissolution and shuttling during electrochemical
cycling. A new scheme is proposed to create composites based
on lithium sulfide uniformly dispersed in a carbon host, which
serve to sequester polysulfides. The synthesis methodology
makes use of interactions between lithium ions in solution and
nitrile groups uniformly distributed along the chain backbone of a polymer precursor (e.g., polyacrylonitrile), to control the
distribution of lithium sulfide in the host material. The Li2S−carbon composites obtained by carbonizing the precursor are
evaluated as cathode materials in a half-cell lithium battery, and are shown to yield high galvanic charge/discharge capacities and
excellent Coulombic efficiency, demonstrating the effectiveness of the architecture in homogeneously distributing Li2S and in
sequestering lithium polysulfides.

■ INTRODUCTION

A rechargeable lithium−sulfur (Li−S) battery is based on the
reversible oxidization−reduction reaction between sulfur and
lithium. The Li−S battery platform is currently under intensive
investigation by research groups worldwide because of its
promise for low-cost, high-energy electrochemical storage.
Conventional Li−S batteries used elemental sulfur (with
conductive additives) as the cathode, an aprotic liquid
electrolyte, and lithium metal as the anode. Loss of active
materials and the shuttle reaction induced by lithium
polysulfide dissolution in the electrolyte presented significant
challenges. To sequester the lithium polysulfide, the most
frequently adopted current strategy is to incorporate sulfur into
carbon hosts with porous structure and/or high aspect ratio,
such as carbon nanotubes,1−5 graphene/graphene oxide
sheets,6−10 and mesoporous carbon structures.11−16

The ideal configuration for a sulfur−carbon cathode is to
have uniform and high sulfur dispersion, complete sulfur
enclosure in a confined, but accessible space, and strong sulfur−
host affinity to achieve high capacity (in-depth sulfur
utilization) and excellent capacity retention.17 Current synthesis
methods do not meet this goal for a variety of reasons: First, in
most cases, the carbon host materials are pre-existing or
preprepared. The ex situ infusion of sulfur into such a host is
limited by the host structure and surface chemistry, and, as a
result, generally cannot ensure uniform sulfur distribution in
the host. Second, despite the very small pore sizes (<5 nm) that
can be achieved in some carbon materials, the modest
Coulombic efficiencies of Li−S cells indicate that some lithium

polysulfides may still leach out (e.g., by an analogous process to
liquid sulfur infusion) or be extracted from the host by the
electrolyte. Therefore, the physical barriers to polysulfide loss
provided by carbon sequestration and adsorption can, at best,
only be expected to slow the dissolution. Finally, to date only
limited evidence has been reported on the role specific chemical
interactions between sulfur and the host materials might play in
ensuring uniform distribution and good sequestration. The
exceptions are a few studies that indicate an association
between sulfur and amorphous carbon and between sulfur and
graphene oxide might stabilize the sulfur.1,6 New sulfur
synthesis routes can provide multiple potential strategies for
overcoming these problems.
In this Article, we report a novel route toward lithium

sulfide−carbon composite cathodes. Lithium sulfide (Li2S), the
fully lithiated sulfur product, is already under active
investigation for its promise as a cathode.18−20 Because the
cathode is lithiated, it can be paired with high capacity anode
materials other than metallic lithium. Also, unlike sulfur that
sublimes at a modest temperature, Li2S has a high
decomposition temperature above 900 °C, which improves its
processing in carbon composites. The particular property of
Li2S we utilize in our synthesis is the capacity of the lithium
ions to strongly interact with electron-donating groups in
carbon-precursor polymers such as polyacrylonitrile (PAN).
Specifically, lone pair electrons in the nitrile group of PAN are
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capable of interacting with lithium through a coordination
bond-like interaction. Thus, when lithium sulfide is mixed with
PAN in a homogeneous solution, Li2S may function as a cross-
linking agent, which interconnects the PAN network via lithium
sulfide net-nodes. We hypothesize that, in addition to stiffening
the PAN framework, such linkages favor uniform dispersion of
Li2S in the PAN matrix. We show that the resultant lithium
sulfide−PAN cross-linked matrix can be carbonized at elevated
temperature in an inert environment to obtain an ideal Li2S−C
composite cathode material in which Li2S is uniformly and
completely dispersed in carbon.

■ RESULTS AND DISCUSSION
The specific synthesis route used in the study is shown in
Scheme 1 and detailed in the experimental section (see the

Supporting Information). The method takes advantage of the
easy conversion of Li2S to Li2Sx, to create a dimethylformamide
(DMF)-soluble Li2S3 salt. Because DMF is a good solvent for
PAN, codissolution of the Li2S3 salt and PAN promotes
uniform dispersion in a high-dielectric constant DMF medium,
which favors ion pair dissociation of Li2S3 and cross-linking of
the polymer in solution.
To prepare Li2S3−PAN composites, the cross-linked polymer

was first treated at 100 °C for 48 h under vacuum to remove
the DMF. The resultant solid material was pulverized by
mechanical ball milling to yield a fine powder, which was heated
in an argon-filled furnace at 300 °C for 2 h. As shown in
Scheme 1, two simultaneous reactions are thought to occur in
this step: The first is cyclization in which one of the triple
bonds in the nitrile group cleaves, and the nitrogen sequentially
bonds to the carbon in the neighboring nitrile group, thus
forming ring-like structures. This reaction is accompanied by
dehydrogenation in which Li2S3 decomposes to yield Li2S and
elemental sulfur, which is lost as H2S, by combining with the
hydrogen atoms in the PAN chain. Dehydrogenation and
cyclicization of PAN in the presence of sulfur has been reported
previously.21−23 After heat treatment at 300 °C, the material
was further maintained in an argon atmosphere at 600 °C for
30 min to carbonize the PAN. On the basis of the proposed
mechanism, the Li2S−C composite formation could result in N-
containing carbon (ring) structures encapsulating lithium
sulfide species. It is noteworthy that, although Li2S is
hygroscopic, Li2S3 is stable under ambient conditions, and

therefore the cross-linking reaction and the drying processes
can be performed in ambient air outside the glovebox.
After carbonization, the product in the form of a fine black

powder was characterized by X-ray diffraction (XRD, Scintag
Theta−Theta X-ray diffractometer) and compared to the
vacuum-dried cross-linked Li2S3−PAN composite, as well as
the material after dehydrogenation at 300 °C. The XRD results
for these three materials are shown in Figure 1. The Li2S3−

PAN composite is clearly seen to be in an amorphous state,
which is consistent with the fact that lithium polysulfides are
chemical compounds with stoichiometric lithium/sulfur ratios,
without crystalline structure. The XRD patterns in Figure 1b
and c can be unambiguously assigned to the Li2S phase (JCPDS
card no. 23-0369), clearly showing that Li2S is produced in the
composite after the dehydrogenation step. This is expected due
to Li2S3 decomposition, as shown in Figure 1b. The weight
fraction of Li2S can be determined from oxidative TGA, with
the TGA curve provided as Supporting Information, Figure S1.
Assuming complete oxidization of the carbon and complete
conversion from Li2S (molar mass 45.95 g mol−1) to Li2SO4
(molar mass 109.94 g mol−1), based on the final weight gain
percentage (124 wt %) of the Li2S−C after TGA, the Li2S
weight ratio in the Li2S−C composite is calculated to be 51.8
wt %. The XRD pattern of the material remaining after TGA
analysis is shown in Supporting Information Figure S2, which
can be assigned to Li2SO4 (JCPDS card no. 20-0640).
Infrared spectra of Li2S−C composites synthesized at 300

and 600 °C, PAN carbonized at 600 °C for 2 h, and bulk Li2S
are provided as Supporting Information, Figure S3. The nitrile
stretch (2240−2260 cm−1) is absent in all samples, which is
consistent with the fact that nitrile groups do not exist in heat-
treated PAN. The IR peak at 1560 cm−1 in the carbonized PAN
can be assigned to the CN stretch, which is a signature of
CN groups formed during the cyclization of PAN. This peak
is noticeably shifted to 1430 cm−1 with an emerging shoulder at
approximately 1500 cm−1 in the Li2S−C composites processed
at 300 and 600 °C. This shift is attributed to interactions
between the nitrogen atoms and the lithium salt. The IR peaks
in the range of 1150−1300 cm−1 are assigned to the stretching
modes of the C−N bond. These peaks also show different
patterns in the three materials (PAN carbon, Li2S−C 300 °C,
and Li2S−C 600 °C), which are also consistent with the

Scheme 1. Proposed Synthesis Route for Creating Li2S−
Carbon Cathode Materials

Figure 1. XRD patterns for (a) cross-linked Li2S3−PAN after vacuum
drying; (b) Li2S3−PAN after heat treatment (dehydrogenation and
cyclization) at 300 °C; and (c) Li2S−C after carbonization at 600 °C.
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presence of local interactions between nitrogen and the lithium
salts.
Raman spectra of the Li2S−C composites synthesized at 300

and 600 °C are reported in Supporting Information Figure S4a,
along with spectra for PAN carbonized at 600 °C for 2 h and
the glass holder used. Raman spectra for the Li2S−C
composites and carbonized PAN all contain bands correspond-
ing to graphite (G), disordered graphitic lattices (D1), and
amorphous carbon (D3),24,25 as seen in the deconvoluted
spectrum in Figure S4b and c. This indicates the partially
graphitic nature of PAN carbonized under the conditions used
in the study. The wavenumbers, band half widths, and relative
areas of the deconvoluted peaks are provided in Table S1. It is
seen that the Li2S composite has lower graphitic content, as
compared to pure PAN carbonized at the same temperature,
which we interpret to be a result of associations between
lithium sulfide and the carbon-chain backbone of PAN, which is
thought to hinder formation of graphitic lattices during
carbonization of the PAN.
Figure 2a shows a typical TEM image of the Li2S−C

composite carbonized at 600 °C, indicating the formation of
flake-like structures. Similar structures have been observed in

the literature for carbonized PAN.26,27 To determine the
distribution of lithium sulfide in the composite, elemental
identification is performed on the 600 °C Li2S−C composite.
Figure 2c and d shows the energy dispersive X-ray (EDX) maps
for carbon and sulfur based on the area shown in the annular
dark field (ADF) image (Figure 2b). The edge of carbon and
sulfur EDX maps in Figure 2c and d matches the result shown
in the ADF image, indicating that carbon and sulfur are
homogeneously distributed throughout the composite. Because
the K edge of lithium (55 eV) is not detectable using EDX,
electron energy loss spectroscopy (EELS) was performed on
the composite to investigate the presence of lithium. Figure 2e
reports a line scan of normalized EELS intensities, with respect
to position for Li−K edge, S-L2,3 edges, and C−K edge shown
in Figure 2f. The results demonstrate that, in addition to carbon
and sulfur, lithium is also uniformly dispersed in the composite
material (the EDX spectrum and original and power-law
background subtracted EELS data are found in Supporting
Information Figure S5). These observations support our
hypothesis that by making use of Li−N interactions, Li2S−C
composites in which lithium and sulfur are uniformly dispersed
in carbon can be obtained.
The electrochemical properties of the Li2S−C composites

were characterized in coin cells with the composite as the
cathode and lithium foil as the counter electrode. Figure 3

shows the first three cyclic voltammetry (CV) cycles of the
Li2S−C cathode vs Li/Li+ from 1.5 to 3.5 V at a scanning rate
of 0.05 mV s−1. Because the Li2S−C material is lithiated, the
CV measurements were started with a delithiation process
created by increasing the potential from the open circuit
potential. The first cathodic peak is seen to be broad and
centered at 3.1 V with a small shoulder at 2.75 V. The potential
of this cathodic peak is distinctly higher than the cathodic peaks
from conventional S−C cathode materials, which are typically
seen at approximately 2.5 V. The higher cathodic peak of the
Li2S−C composite indicates a delithiation reaction with higher
energy barrier than that seen in conventional S−C cathodes. It
could be reflective of the Li−N bonding from the nitrogen
containing groups in the carbon. After the delithiation, the first
anodic scan shows typical sulfur-oxidizing-Li CV peaks at 2.35,
2.1, and 1.9 V. The second cathodic scan shows a major
cathodic peak at 2.55 V, which is more consistent with the
conventional S−C cathodes. Also, the amplitude of the broad
cathodic peak at 3.1 V is greatly reduced. The third CV cycle
displays a more pronounced cathodic peak at 2.55 V and

Figure 2. TEM (a) and STEM (b) images of the Li2S−C composite;
(c and d) EDX carbon and sulfur maps based on the area shown in
(b); and (e) STEM image and (f) normalized EELS intensity along
the line in (e).

Figure 3. Cyclic voltammograms of the as-prepared Li2S−C composite
cathodes at a scan rate of 0.05 mV/s.
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absence of the 3.1 V cathodic peak. The anodic peaks remain
stable and consistent. The evolution of the CV curves at
different cycles is consistent with our hypothesis that the Li2S−
C cathode material is enabled by the Li−N bonding, which
produces the unusual high potential delithiation reaction in the
initial cycles. As illustrated in Figure S6, Supporting
Information, CV cycling started with lithiation (decreasing
potential from OCP vs Li/Li+) showed the same mechanism.
Galvanostatic charge/discharge measurements were also used

to characterize the Li2S−C composite cathodes. These
measurements reveal an unusual delithiation reaction in the
Li2S−C cathode as shown in Figure 4. To minimize the effect

of any transport barriers, leading to an overpotential, the Li2S−
C cathode was charged and discharged at a very low current
density at 10 mA g−1, based on the mass of active material Li2S
(51.8% of total mass). The first charging curve suggests that
there are three plateaus, that is, three delithiation steps in the
first charging process. The first plateau at 2.5 V and the second
at approximately 2.75 V are followed by a regime in which the
potential gradually increases to between 2.8 and 3.0 V. Because
the galvanostatic measurements were performed under a very
slow rate (∼110 h charging time vs ∼11 h charging time in
CV), the electrochemical reactions are considered to take place
under conditions that approach thermodynamic equilibrium.
Therefore, the higher delithiation potential in the first charge is
real and appears to be truly an indication of a higher energy
barrier induced by the Li−N bonding. The subsequent cycling
process demonstrated discharge/charge profiles consistent with
the conventional sulfur cathode, and a reversible capacity of
approximately 900 mAh g−1 (based on the active material mass
in the electrode) was achieved, which is close to the theoretical
capacity of Li2S (1166 mAh g−1). Figure 5 reports the stability
and Coulombic efficiency of the Li2S−C cathode under a
charge/discharge current of 200 mA g−1 based on Li2S. Stable
reversible capacities of 500 mA g−1 and Coulombic efficiencies
of nearly 100% were achieved, indicating the effectiveness of
the dispersed Li2S architecture in sequestering sulfur and
inhibiting shuttling reaction.

■ CONCLUSION
We have shown that interactions between lithium ions and
nitrile groups in a high-molar mass polyacrylonitrile (PAN) can
be used to create carbon−Li2S composites in which Li2S is
uniformly distributed in a carbon host. We believe that similar
approaches can be used to control the distribution of other
metal salts in polymer- or carbon-based composites. Prelimi-
nary results indicate that carbon−Li2S composites created using
the new approach offer superior potential, in comparison to
other reported methods, as cathode materials for high-energy
lithium ion batteries with great cycling stability and excellent
Coulombic efficiency. The improved performance of the new
composite cathodes can be attributed to the uniform dispersion
of Li2S in carbon and the ability of the structures to sequester
higher order polysulfides generated during electrochemical
cycling. Although more work is needed to fundamentally
understand the details of the bonding between lithium and
nitrile groups in PAN, the current study shows that Li2Sx is an
efficient cross-linker for PAN in solvents such as DMF with
high dielectric constants. This suggests that a coordination-like
interaction between Li+ ions in solution and nitrogen atoms
along the polymer backbone is responsible for the uniform
dispersion of Li2S achieved in the composites.
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Experimental Section 
Synthesis: 
All chemicals were purchased from Sigma-Aldrich unless otherwise specified and used 
without purification. In a typical synthesis, 0.46 g of Li2S was first reacted with 0.64 g of 
elemental sulfur (1:2 molar ratio) in 5 mL of DMF to form Li2S3 stoichiometrically by 
vigorous stirring at room temperature. The reaction can be followed colorimetrically. The 
initial Li2S and DMF mixture has a faint blue color, which quickly turns deep red upon 
sulfur addition. After stirring at room temperature for 1 h, the solid Li2S completely 
dissolved in DMF to produce a 2M solution of Li2S3 in DMF. Following preparation of 
Li2S3 solution, 0.53 g of PAN (MW = 150,000) was dissolved in 5 mL of DMF, which 
was then mixed with the Li2S3 solution. The molar ratio of Li to acrylonitrile units (nitrile 
groups) was maintained at 2:1. The resultant mixture of Li2S3 and PAN in DMF was 
vigorously stirred while heated at 80°C. After approximately 30 mins, the mixture 
became a deep-red, rigid solid, evidence that the individual PAN chains are strongly 
cross-linked by interaction with Li-ions. The cross-linked polymer was first treated at 100 
°C for 48 h under vacuum to remove the DMF. The resultant solid material was 
pulverized by mechanical ball milling to yield a fine powder, which was heated in an 
argon-filled furnace at 300 °C for 2 h. Subsequently the material was further maintained 
in an argon atmosphere at 600 °C for 30 min to carbonize the PAN to yield the final 
product. 

Characterization: 
The crystal structures of the products were characterized using Scintag Theta-theta 

PAD-X X-Ray Diffractometer (Cu Kα, λ=1.5406 Å). Their morphologies were studied 
using FEI Tecnai G2 T12 Spirit Transmission Electron Microscope (120kV) and 
elemental mapping (EDX and EELS) was performed using FEI Tecnai F20 Transmission 
Electron Microscope (200kV). Thermogravimetric analysis was performed using TA 
Instruments Q5000 IR Thermogravimetric Analyzer. Raman spectra were collected using 
a Renishaw InVia Confocal Raman Microscope (laser wavelength = 488nm) with 
samples containing Li2S sealed in a glass holder. Fourier Transform Infrared Spectra 
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were taken using a Bruker Optics Vertex80v Infrared Spectrometer with air-sensitive 
samples tested in a vacuum-evacuated chamber. 

 
Electrochemical characterization: 
Electrochemical characterization of the Li2S@C nanocomposites as cathode materials in 
rechargeable lithium batteries was performed at room temperature in 2032 coin-type 
cells. The working electrode consisted of 90 wt% of the active material, 5 wt% of carbon 
black (Super-P Li from TIMCAL) as a conductivity aid, and 5 wt% of polymer binder 
(PVDF, polyvinylidene fluoride, Aldrich). Aluminum foil (0.004in thick, Alfa Aesar) 
was used as the current collector. Casting of electrode film was performed in a glove box 
with moisture and oxygen concentrations below 0.1 ppm because Li2S is sensitive to 
moisture. Typical thickness of the active material film is ~0.03mm and mass per unit area 
is ~0.63 mg Li2S/cm2. Lithium foil (0.03in thick, Alfa Aesar) was used as the counter and 
reference electrode. 1M lithium bis(trifluoromethanesulfonyl)imide in a mixture of 1:1 
volume ratio of tetraethylene glycol dimethyl ether and n-methyl-(n-butyl) pyrrolidinium 
bis(trifluoromethanesulfonyl)imide was used as the electrolyte. 628,29 Celgard 2500 
polypropylene membranes are used as the separator. Assembly of cells was also 
performed in the glove box. The room-temperature electrode capacities were measured 
using Neware CT-3008 battery testers and cyclic voltammetry was performed with a 
Solartron Model 1470 Potentiostat/Galvanostat.  
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Figures 
 
 

 
Figure S1. TGA curve of the Li2S-C composite in dry air environment. The TGA was 
performed as follows: temperature was increased from room temperature at a rate of 5°C 
min-1; final temperature at 550°C was held for 1 h to ensure complete oxidization.  
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Figure S2. XRD pattern of remain the Li2S-C sample after the TGA test, and it is indexed 
as Li2SO4.  
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Figure S3. Infrared spectra of bulk Li2S, PAN carbonized at 600°C and Li2S-C 
composites synthesized at 300°C and 600°C. 
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Figure S4. (a) Raman spectra of glass holder, PAN carbonized at 600°C and Li2S-C 
composites synthesized at 300°C and 600°C; (b) and (c) Deconvolution of the spectra. 

 

Sample/Band Wavenumber 
(cm-1) 

Band FWHM 
(cm-1) 

Peak Area 
(% of Total) 

PAN 600°C    
D1 1366 158 71.8 
D3 1562 81 15.1 
G 1606 58 13.1 

Li2S-C 
600°C 

   

D1 1334 131 53.2 
D3 1513 166 38.4 
G 1585 71 8.4 

Table S1: Wavenumbers, band half widths and peak areas of the different bands in the 
Raman spectra of the samples. 

(a) 

(b) (c) 
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Figure S5. (a) EDX spectrum based on the area in Figure 4b; original and power-law 
background subtracted EELS data of (b) Li-K edge,(c) S-L2,3 edge, (d) C-K edge based 
on the line shown in Figure 4e. 

 

(a) 

Li-K edge 

(b) 

(d) 

C-K edge 

(c) 

S-L2,3 edge 
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Figure S6. CV cycling started with lithiation process (decreasing potential). Arrows 
indicate direction of scan during first cycle. 

 

 


