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Abstract 

Electrocatalytic reduction of CO2 into liquid fuels using electricity from renewable 

sources has been attracting considerable interest because of the present energy and 

environmental crisis. However, current electrocatalysts for this reaction generally 

suffer from either high cost for noble metal based catalysts or low energetic efficiency 

and poor product selectivity for other transition metal or carbon based materials. In this 

paper, we report a catalyst based on two–dimensional SnS2 nanosheets supported on 

reduced graphene oxide (SnS2/rGO) synthesized by a “one–pot” hydrothermal reaction 

for electrocatalytic reduction of CO2 into formate with high activity, selectivity and 

durability. The catalyst is capable of producing formate at an overpotential as low as 

0.23 V and reaches a maximum faradaic efficiency of 84.5% and the current density of 

13.9 mA cm–2 at an overpotential of 0.68 V in aqueous bicarbonate medium. 

Microscopic, spectroscopic and electrochemical characterizations reveal that the 

electrocatalytic activity towards CO2 reduction arises from the presence of reduced 

metallic tin formed from SnS2 under cathodic electrolysis conditions; the enhanced 

performance is attributed to the residual SnS2. This sulfide–derived metal catalyst with 

enhanced performance may open a perspective on a new promising class of materials 

for electrocatalytic reduction of CO2. 

Keywords: electrocatalysis, CO2 reduction, formate, two–dimensional materials, 

SnS2 nanosheets 
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Research Highlights 

• A novel non–noble metal catalyst has been synthesized for electrochemical CO2 

reduction reaction. 

• The active site of the catalyst is uncovered to be the metallic state of the precursor 

SnS2 nanosheets. 

• The residual SnS2 is found to enhance the CO2 reduction performance. 

• This sulfide–derived metal catalyst could be a new promising class of materials for 

electrocatalytic reduction of CO2. 

  



1. Introduction 

The fifth climate change assessment report by Intergovernmental Panel on Climate 

Change (IPCC) indicates that anthropogenic greenhouse gas (GHG) emissions are 

leading to atmospheric concentrations of CO2 that are unprecedented in at least the last 

800,000 years. Emissions of CO2 from fossil fuel combustion and industrial processes 

have contributed about 78% of total GHG emissions, which are extremely likely to be 

the dominant cause of the observed global warming since the mid–20th century.[1] In 

this regard, recycling of captured CO2 via chemical, biochemical, photochemical or 

electrochemical conversion into fuels or value–added chemical feedstock is highly 

desirable.[2] Among these approaches, electrocatalytic reduction of CO2 has been 

attracting intense interest from both academic and industrial fields since it provides an 

effective method for storage of intermittent energy from renewable sources in the form 

of chemical energy.[3] The as–produced fuels can be directly used through currently 

well–established distribution infrastructure. The stored energy can be released for end–

use, such as fuel cells, conventional fuel–burning engines or other industrial processes.  

Of the various products available from the reduction of CO2, formic acid or formate 

(depending on pH, “formate” is used hereafter to represent both forms) can act as a 

useful hydrogen carrier for fuel cell applications. Formate has a higher recoverable 

energy density than conventional energy storage technologies, such as the nickel–metal 

hydride, or Li–ion batteries.[4] Moreover, the commercialization of a CO2–to–formate 

process is considered to be the most feasible and the most likely profitable route, 

compared to processes that produce methanol, CO or long–chain hydrocarbons.[5] 

Electrocatalytic reduction of CO2 into formate is a two–electron transfer process 

(CO2(aq) + 2H+ + 2e– → HCOOH(aq)) with a standard reduction potential of –0.16 V 

vs. NHE.[6] Despite the fact that the overall process is thermodynamically reasonable, 



the rate of this reaction is often limited by one–electron reduction of CO2 to form the 

CO2·– radical anion, which occurs at –1.9 V vs. NHE, rendering the whole reduction 

reaction highly energy inefficient.[7] Hence a catalyst is required to decrease the 

overpotential for this reaction. At present, most reported catalysts that selectively 

generate formate from CO2 are metal–based, such as Sn, In, Pb and Cd, and some 

nitrogen–doped carbon materials.[5b,7-8] One of the main issues with these catalysts is 

that they require high overpotentials to selectively produce formate at relatively high 

faradaic efficiency (FE).[4]  

Recently, Kanan’s group has shown that oxide–derived metals, such as Au, Cu, Pd 

and Sn exhibit higher selectivity, lower overpotentials and longer durability for 

electrocatalytic CO2 reduction compared to the pure metal.[9] In particular, a thin–film 

of electrochemically co–deposited Sn0 and SnOx on a Ti electrode exhibits much higher 

partial current density and FE for CO and formate than a pure Sn electrode or a Sn 

electrode with a native SnOx layer.[9a] Meyer’s group reported that nanostructured tin 

supported on graphene demonstrated considerable reactivity toward CO2 reduction due 

to its nanostructure and the electronic interaction between graphene and tin.[8b] 

Bocarsly’s group[10] studied the electroreduction of CO2 on a tin cathode with a native 

SnOx layer by in situ attenuated total reflectance infrared spectroscopy and concluded 

that a metastable oxide layer is present on tin cathodes even under reducing potentials 

and the catalytic species is the Sn(II) oxyhydroxide surface. In a broader context, Hsieh 

et al.[11] found that the presence of chloride anions on an Ag catalyst surface played a 

crucial role in the activity towards electroreduction of CO2 to CO by enhancing the 

intrinsic activity for CO2 reduction, and suppressing the competing hydrogen evolution 

reaction (HER). These findings point out that the local environment of metal electrode, 

such as morphologies, crystal defects, elemental dopants (such as O, Cl) and electronic 



structure, during cathodic electrolysis, can play a key role in the activity and selectivity 

of the catalysts. Although oxide derived metals have been relatively extensively 

investigated, metals derived from other sources (e.g. sulfide, which represents a very 

common kind of mineral in Nature) have not been studied for catalyzing CO2 reduction. 

In our previous research, we have demonstrated that sulfide (namely, amorphous 

molybdenum sulfide) can effectively catalyze CO2 reduction to CO by the synergetic 

effect of polyethylenimine.[12] Here, for the first time, we report that SnS2, a two–

dimensional semiconductor, supported on reduced graphene oxide (rGO), can be a 

superior catalyst for electrocatalytic reduction of CO2 into formate with high activity 

and selectivity in aqueous bicarbonate medium. 

2. Experimental 

2.1 Materials and Apparatus 

NaHCO3 (ACS grade), NaOH, L–cysteine, dimethylsulfoxide (DMSO), ethanol 

(absolute GR, 99.7%) and Nafion (5 wt%) were purchased from Merck; natural graphite 

(crystalline, 300 mesh) was purchased from Alfa Aesar; SnCl4 was purchased from 

Sigma–Aldrich. All the chemicals were used without further purification. All the 

aqueous solutions were prepared with Milli Q water (18.2 MΩ cm). 

Raman spectra was obtained using a Renishaw inVia Microscope with a 514 nm 

laser source and X–ray Diffraction (XRD) data were collected with a Bruker D2 

PHASER powder diffractometer (Cu Kα radiation, λ = 0.15406 nm). X–ray 

photoelectron spectroscopy (XPS) measurements were carried out on a Kratos Axis 

Ultra with a monochromatized Al Kα X–ray source. The core level binding energies 

were corrected with the C1s binding energy of 284.8 eV. Thermogravimetric analysis 

(TGA) was conducted on TGA/DSC 3+ (METTLER TOLEDO) in air at a heating rate 



of 10 °C min−1 from 100 to 800 °C. Transmission electron microscopic (TEM) images 

and selected area electron diffraction (SAED) patterns were collected on a FEI Tecnai 

G2 T20 TWIN TEM. Scanning electron microscopic (SEM) images and energy 

dispersive spectrum (EDS) were recorded on a FEI Nova NanoSEM 450 FEG SEM 

equipped with Bruker Quantax 400 X–ray analysis system. 1H NMR experiments were 

undertaken with a Bruker DRX400 spectrometer at frequencies of 400.2 MHz. Gas 

chromatography (GC) was performed with an Agilent 7820 A gas chromatography 

system equipped with a HP–plot molesieve (5A) column and a thermal conductivity 

detector (TCD). The carrier gas was helium (99.99%) for CO analysis while nitrogen 

(99.99%) was used as carrier gas for H2 analysis. The retention times were compared 

with known compounds. All the electrochemical experiments were conducted on a CHI 

760D electrochemical workstation (CH Instruments, Austin, Texas, USA) at room 

temperature (22 ± 2 °C). 

2.2 Synthesis of SnS2/rGO 

Graphene oxide (GO) was synthesized from natural graphite using the method 

described elsewhere.[12] To prepare SnS2 supported on rGO (SnS2/rGO), GO powder 

(10 mg) was dispersed in water (10 mL) and pH was adjusted to around 9.0 by adding 

an appropriate amount of aqueous NaOH solution (5.0 M) dropwise. After sonication 

for at least 2 h, L–cysteine (0.037 g) and SnCl4 (7 μL) were added successively with 

stirring for 10 min. The mixture was then transferred to a 15 mL Teflon–lined stainless 

steel autoclave, sealed tightly, and heated at 180 °C for 12 h. After cooling to room 

temperature naturally, the black precipitate was collected by centrifugation, washed 

with water and ethanol for at least 5 times, and then dried in the oven at 80 °C overnight. 

Other SnS2/rGO with different SnS2 loading content and pure SnS2 was also prepared 

by the same procedure with different SnCl4 and GO ratios. 



2.3 Electrochemical Measurements 

Cyclic voltammetric (CV) measurements were carried out in aqueous NaHCO3 solution 

(0.5 M) saturated with N2 or CO2 by bubbling N2 or CO2 for at least 30 minutes in a 

conventional three–electrode cell comprising a platinum wire counter electrode, an 

Ag/AgCl (3 M KCl) reference electrode and a glassy carbon electrode (GCE, 3 mm in 

diameter) as the working electrode. To prepare the working electrode, the catalyst (2 

mg) and Nafion solution (30 μL) were dispersed in water–ethanol (1 mL) with a volume 

ratio of 3:1 by sonicating for 1 h to form a homogeneous ink. Then the dispersion (5 

μL) was pipetted onto a pre–polished GCE and dried under an infrared lamp. In order 

to convert the potentials (E) to the reversible hydrogen electrode (RHE) reference scale, 

the following formula was used. 

E (vs. RHE) = E (vs. Ag/AgCl) + 0.210 V + 0.059 V × pH. 

2.4 CO2 Reduction Electrolysis and Product Analysis 

Electrolysis was performed in a gas–tight two–compartment electrochemical cell with 

a glass frit as the separator. Each compartment contained 10 mL electrolyte and 

approximately 22.5 mL headspace. A piece of carbon cloth (1cm×1.5 cm) was generally 

used as the counter electrode, an Ag/AgCl (3 M KCl) as reference electrode and a 

modified glassy carbon plate (0.3 cm×1.4 cm, 30 µL catalyst ink was loaded) as 

working electrode. A piece of Pt plate was used as the counter electrode in some 

experiments. Before electrolysis, the cell was degassed by bubbling CO2 gas for at least 

30 min. The solutions in both compartment were stirred during electrolysis. After the 

electrolysis, a small fraction of the cell's head space products (200 µL) was sampled by 

gas–tight syringe and analyzed by GC. Afterwards, 0.6 mL electrolyte was taken out 

and mixed with 0.1 mL D2O and 0.1 mL DMSO (diluted to 100 ppm (v/v) by water 



prior to use) added as an internal standard. The samples were quantitatively analysed 

by 1H NMR. 

3. Results and Discussion 

3.1. Synthesis and Characterizations of SnS2/rGO 

A simple “one–pot” hydrothermal route was employed to synthesize SnS2/rGO 

composite. Due to the abundant functional groups on the surface of GO, such as 

carboxyl and hydroxyl, Sn4+ can adsorb onto the GO surface via electrostatic 

interactions.[13] L–cysteine plays a role of reducing agent for GO and sulfur donor for 

the formation of SnS2 in the following hydrothermal reactions (Equation (1) and (2)),[13]  

HSCH2CHNH2COOH + H2O → CH3COCOOH + NH3 + H2S                          (1) 

Sn4+ + 2H2S + 4NH3 → SnS2 + 4NH4
+                                                         (2) 

 

Fig. 1. Morphology characterizations of SnS2/rGO. (a, b) SEM and (c, d) TEM images. Insert 

in (c) is the corresponding SAED pattern. 



Fig. 1 shows the morphology and structure of as–prepared SnS2/rGO composite 

revealed by scanning electron microscopy (SEM) and transmission electron 

microscopy (TEM). As observed from the SEM images (Fig. 1a, b), the composite 

presents a disordered 3D network structure composed of SnS2 nanosheets and flexible 

rGO nanosheets. SnS2 nanosheets, around 200 nm in size, are grown on the graphene 

nanosheets and distribute uniformly in the whole network. This compact arrangement, 

which promotes the electron transfer between semiconductive SnS2 and the electrode 

and exposes more accessible active sites to the electrolyte, is highly desirable for 

heterogeneous electrocatalysis.[12,14] Additionally, energy dispersive spectroscopy 

(EDS, Fig. S1) shows that only C, O, Sn and S were present in the composite. The ratio 

between S and Sn is 2.04, which is in accordance with the stoichiometry of SnS2. TEM 

measurement conforms the uniform distribution of relatively rigid SnS2 and “soft” rGO 

(Fig. 1c). The corresponding selective–area electron diffraction (SAED) pattern shows 

(001) (100) (101) (110) crystal planes, suggesting the polycrystalline nature of SnS2 

nanosheets.[15] The high–resolution TEM (HRTEM) image (Fig. 1d) indicates that the 

SnS2 nanosheets are formed by SnS2 layers stacked along the [001] direction with an 

interlayer distance of 0.59 nm. The lattice fringes with a distance of 0.32 and 0.34 nm 

are also clearly observed, which can be assigned to the (100) crystal plane of hexagonal 

SnS2 and (002) plane of a few–layer graphene, respectively.[16] It should be noted that 

without GO present in the hydrothermal process, the resulting product tends to 

aggregate into flower–like structures with much larger size (ca. 1 μm) compared to that 

in SnS2/rGO composite (Fig. S2), which confirms the crucial role of layered GO in the 

formation of well–dispersed SnS2 nanosheets. 



 

Fig. 2. Crystal structure characterization and chemical analysis of SnS2/rGO. (a) XRD pattern 

and (b) Raman spectra. C 1s (c) and S 3d (d) XPS spectra. 

The crystal structure was further characterized by X–ray diffraction (XRD), which 

shows clear and sharp diffraction peaks at 15.1°, 28.4°, 32.3°, 42.1°, 50.2°, 52.6° and 

60.8° (Fig. 2a). These peaks correspond to crystal indexes of (001), (100), (101), (102), 

(110), (111) and (201), respectively, which are in consistent with the TEM results and 

can be indexed to the hexagonal phase SnS2 (JCPDS card No. 23–0677). The chemical 

structure was also investigated by Raman spectra (Fig. 2b). The three prominent peaks 

at 311, 1355, 1596 cm–1 are attributed to the A1g mode of SnS2,[16b] the disordered (D) 

band and graphitic (G) band of rGO.[12,17] The intensity ratio (ID/IG) of D band and G 

band is 1.11, which is large than that of the pristine GO[12] due to the presence of 

unrepaired defects that remain after the removal of large amounts of oxygen–containing 

functional groups, indicating the successful reduction of GO into rGO. In addition, X–



ray photoelectron spectroscopy (XPS) measurements were conducted to further 

investigate the chemical composition of SnS2/rGO. In the C1s XPS spectrum (Fig. 2c), 

the main peak at 284.8 eV is related to the graphitic carbon (sp2 carbon) while the other 

two peaks at 286.6 and 288.7 eV are carbon in C–O bonds and carbonyl carbon, 

respectively.[18] The reduced content of the components associated with oxygenated 

functional groups reveals that GO was significantly reduced to rGO during the 

hydrothermal progress, which is in agreement with the Raman spectra. The binding 

energies of Sn 3d5/2 and Sn 3d3/2 can be observed at about 486.6 eV and 495.0 eV (Fig. 

2d), which is associated to Sn4+ and no peaks related to Sn2+ (486.0, 494.3 eV) or Sn0 

(485.2, 493.7 eV) are observed.[19] Although it is difficult to distinguish SnS2 and SnO2 

by XPS, the XRD and Raman spectra data reveal that no SnO2 was detected in the 

SnS2/rGO composite. The SnS2 loading content in the as–synthesized material is 61.6 

wt% determined by thermogravimetric analysis (TGA, Fig. S3). 

3.2. Electrochemical Behavior of SnS2/rGO 

Cyclic voltammetric (CV) measurements were carried out in CO2 saturated 0.5 M 

aqueous NaHCO3 solution at a scan rate of 50 mV s–1 to study the electrochemical 

properties of the SnS2/rGO composite. As depicted in Fig. 3a, a reduction peak at ca. –

1.1 V vs. Ag/AgCl (3 M KCl) (all potentials hereafter are with respect to this reference 

unless otherwise noted) is present in the second voltammetric cycle (this process is 

poorly defined in the first voltammetric cycle), which is attributed to the reduction of 

SnS2 to form metallic Sn based on the XRD and XPS data (vide infra) and at the same 

time S2– is released into the solution. On the reverse cycle, an oxidation process with 

peak potential of ca. –0.8 V appears due to the oxidation of Sn to form SnS2. This redox 

reaction can be written as Equation (3) 

SnS2 + 2H2O + 4e− ↔ Sn + 2HS− + 2OH−                               (3) 



 

Fig. 3. Electrochemical properties of SnS2/rGO. CVs of SnS2/rGO modified GCE in CO2 

saturated 0.5 M NaHCO3 solution (a, b) and 0.5 M NaHCO3 + 0.05 M Na2S solution (c, d). 

Scan rate 50 mV s–1. 

Due to the diffusion of S2– into bulk solution, the SnS2/Sn process decreases upon 

cycling of potential (see Fig. S4 for the 5th cycle) and eventually disappears after 15 

cycles. In the meantime, a new redox process with reduction and oxidation peak 

potentials of ca. –0.77 V and –0.67 V, respectively, emerges. This new process is 

attributed to the SnO2/Sn process based on literature reports.[8b,20] It is worth noting that 

currents in negative potential region (–1.2 V ~ –1.4 V) decrease notably and become 

stable after 15 cycles. If an initial potential of –0.85 V is chosen to avoid 

electrochemical oxidation of Sn to either SnS2 or SnO2, only a reduction peak at around 

–1.05 V (about 50 mV positive shift compared to Fig. 3a) appears and decreases with 

continuous scanning (Fig. 3b). However, the current at negative potential region (–1.2 

V ~ –1.4 V) remains essentially unchanged, which implies that there is no loss in 

catalytic activity. 



Voltammetric studies were also undertaken in the presence of 0.05 M Na2S in the 

electrolyte solution. When the initial potential is –0.6 V, the SnS2/Sn process remains 

stable (Fig. 3c). No transformation of this process to the SnO2/Sn process was observed, 

as expected since SnS2 is far more stable than SnO2 judging from their Ksp values (Fig. 

S5). Furthermore, the results suggest that the catalytic reduction current in the potential 

region of –1.2 and –1.4 V remains essentially unchanged during the course of 

voltammetric experiments, regardless of the initial potential chosen (either –0.6 or –

0.85 V) as revealed in Fig. 3c and d; this is in drastic contrast with observations in the 

absence of S2– (Fig. 3a).  This result implies SnS2 derived Sn is apparently more active 

than SnO2 derived Sn. More conclusive evidence will be shown later. 

3.3. CO2 Reduction Activity of SnS2/rGO 

In order to assess the possibility of using SnS2/rGO for electrocatalytic reduction of 

CO2, linear sweep voltammetry (LSV) studies were firstly conducted in N2–saturated 

and CO2–saturated 0.5 M aqueous NaHCO3 solutions (pH values 8.5 and 7.2, 

respectively) at a scan rate of 50 mV s–1 in a typical three–electrode system (Fig. 4a). 

All the dada were recorded after cycling 50 times in a potential range from –0.85 to –

1.4V at a scan rate of 50 mV s–1 without iR compensation. Under a CO2 atmosphere, 

GCE shows negligible current. An increase of current starts at ca. –1.35 V with a SnS2 

modified GCE; however, the current density is much lower than that on SnS2/rGO 

modified GCE. The lower electrochemical response of semiconductive or 

nonconductive materials is a common phenomenon in electrolytic reactions (e.g. water 

splitting reaction and oxygen reduction reaction)[21] and in this case is attributed to the 

poor conductivity of SnS2. The electron transport is sped up by compositing the SnS2 

with conducting rGO due to an increase in three–phase junctions.[21] Under both N2 and 

CO2 atmospheres, the current density shows a rapid increase from around –1.05 V and 



–0.95 V, respectively. As the equilibrium potentials for H2 and CO2 reduction are pH 

dependent, the LSV data is replotted with respect to the reversible hydrogen electrode 

(RHE) scale to take into account the difference in pH (insert of Fig. 4a). The current 

starts increasing from –0.32 V vs. RHE and reaches ~13.7 mA cm–2 at –0.75 V vs. RHE 

under a CO2 atmosphere. In comparison, the current density at –0.75 V vs. RHE is 9.7 

mA cm–2 under N2 atmosphere. The dependence of catalytic current and SnS2 content 

in the material was investigated by LSV and the optimum loading content of SnS2 in 

SnS2/rGO was 61.6 wt% (Fig. S6). Therefore, all the following tests were carried out 

using this material.  

 

Fig. 4. CO2 reduction activities of SnS2/rGO. (a) Linear sweep voltammetric curves of GCE 

(black) and SnS2/rGO modified GCE (red) in CO2–saturated 0.5 M aqueous NaHCO3 solution, 

and SnS2 (green) and SnS2/rGO (blue) modified GCE in N2–saturated 0.5 M aqueous NaHCO3 

solution. (b) Faradaic efficiency for formate (red), CO (blue) and H2 (green) at different applied 

potentials. (c) Comparison of overpotentials (η) and partial current density of formate (obtained 

by multiplying the total current density by the corresponding faradaic efficiency of formate) in 

this work (star) with other electrocatalysts reported in recent literatures: cobalt oxide based 

nanosheets (square24a, diamond24b), Sn and SnOx (circle4, up8e, down8b, left9a and right8d 



triangles) and N–doped carbon materials (pentagon.5b and hexagon8c). (d) Chronoamperometric 

response of a SnS2/rGO modified electrode at –1.4 V; during the operation, the applied potential 

was periodically switched to –0.9 V for 20 minutes. 

Since both water and CO2 can be reduced under such conditions, LSV cannot 

provide conclusive evidence about the nature of the cathodic processes. Therefore, 

potentiostatic electrolysis was conducted in the range of –0.95 V to –1.8 V in CO2–

saturated 0.5 M NaHCO3 solution and products were analyzed by both 1H NMR (for 

the liquid phase products) and gas chromatography (GC) (for the headspace gaseous 

products). The current densities range from 0.2 to ~40 mA cm–2 (Fig. S7) at different 

applied potentials and show no notable decrease during a 2 h electrolysis, except those 

at –1.6 V and –1.8 V, which retain about 65% of the initial current densities. The decay 

of current density may be attributed to the formation of alkali metal intermetallic 

compounds at large overpotentials during long periods of electrolysis.[22] The FE of the 

products is plotted as a function of the applied potential in Fig. 4b, which indicates 

formate, H2 and CO are the products with a combined FE of around 100% over the 

whole potential range and no other products were detected by NMR or GC. The 

selectivity towards formate and H2 is strongly dependent on the applied potential while 

FE for CO does not vary significantly with applied potential (~2% – 5%). At an applied 

potential of –0.95 V (corresponding to an overpotential of 0.23 V for formate), formate 

with a FE of ~22% was detected while H2 is the dominant product. This onset potential 

is superior compared to most state–of–the–art Sn or N–doped carbon based catalysts. 

Both current density and FE increase rapidly with increasingly negative potentials and 

FE reaches a maximum of 84.5 ± 2.7% at –1.4 V (overpotential of 0.68 V for formate) 

and delivers a current density of 13.9 mA cm–2, after which it drops quickly. The 

decrease in FE is probably due to the enhanced driving force for HER and the large 



proton availability in water, even if the CO2 reduction process is not eventually mass–

transport controlled.[7,12,23] Therefore, HER dominates in the potential region more 

negative than –1.4 V. Moreover, in the N2–saturated bicarbonate medium, bubbles are 

rapidly evolved from the surface of SnS2/rGO, whereas the rate of gas formation was 

much slower at the same applied potential in CO2–saturated bicarbonate medium 

(Supplemental Video), providing intuitive evidence of the products under different 

atmospheres. No formate was detected by NMR in this electrolyte, which rules out 

HCO3
– being the direct source of carbon (Fig. S8). The partial current density (PCD) 

of formate at the maximum FE of our catalyst and other state–of–the–art catalysts are 

compared in Fig. 4c, where the better catalysts are located at the top right region. Other 

relevant information is given in Table 1. It should be noted that the literature 

overpotential values in Table 1 and Fig. 4c have been recalculated since the original 

values were estimated based on erroneous Eo' values. The Eo' values used for 

calculations are provided in Supporting Information. Our SnS2/rGO outperforms most 

of the catalysts except the partially oxidized cobalt nanosheets for electrochemical 

reduction of CO2 into formate.[24]  

Table 1. Comparison of the performances of our electrocatalyst with other state–of–the–art 

formate formation electrocatalysts in aqueous media. 

Catalyst 
a)Loading 
[µg cm–2] Electrolyte b)FEmax 

c)ηmax FE 
[V] 

d)jformate 
[mA cm–2] Ref. 

Partially oxidized Co atomic layer 265.4 0.1 M Na2SO4 90.1% 0.16 9.54 24a 

Ultrathin Co3O4 layer 398.1 0.1 M KHCO3 64.3% 0.15 0.44 24b 

Electrodeposited Sn ~2.4 0.1 M KHCO3 91.7% 0.67 0.92 4 

Graphene supported SnO2 nanocrystals 49.2 0.1 M NaHCO3 93.6% 1.07 9.55 8b 

Electrodeposited Sn/SnO2 –– 0.5 M NaHCO3 ~40% 0.61 0.72 9a 

Rolling Sn gas diffusion electrode –– 0.5 M KHCO3 78.6% 1.07 13.68 8e 

Sn gas diffusion electrode  
by rolling–press method –– 0.5 M KHCO3 73.0% 1.07 9.82 8d 

Nitrogen–Doped Graphene ~5000 0.5 M KHCO3 73% 0.75 5.48 5b 



Polyethylenimine–Enhanced  
N–Doped CNT  212 0.1 M KHCO3 87% 1.07 8.27 8c 

SnS2
 
derived Sn on rGO 87.2 0.5 M NaHCO3 84.5% 0.68 11.75 This 

work 
a)Calculated from the corresponding references, “––” indicates that data were not available; 
b)The maximum faradaic efficiency for the formation of formate; c)Overpotential at FEmax, 
calculated with respect to the formal potentials provided in Fig. S9. Some original values given 
in the literature were estimated based on erroneous Eo' values and therefore have been 
recalculated; d)Partial current density for formate at FEmax. 

 
In addition, the durability of SnS2/rGO was also studied by chronoamperometry at 

–1.4 V. As shown in Fig. 4d, the current remains stable in the time scale of at least 14 

hours. This current is totally recovered when the electrode was left at –0.9 V for 20 

minutes before applying the same potential, suggesting long–term durability of the 

catalyst. 

3.4. Mechanism of CO2 Reduction Catalyzed by SnS2/rGO 

In order to reveal the active forms of our catalyst, the morphology and chemical 

composition of the SnS2/rGO electrode after electrolysis at –1.4 V for 4 h were 

examined by TEM, XRD and XPS. As marked in the TEM image in Fig. 5a, two lattice 

spaces of 0.29 and 0.33 nm, corresponding to the crystal plane of (200) for metallic Sn 

and (110) for SnO2, are evident, whereas the remaining area is sheet–like SnS2 

suggested by the fast Fourier transformation (FFT) image. This result suggests that 

during the electrolysis, SnS2 has partially transformed into other forms of tin. The molar 

ratio between Sn and SnS2 is estimated to be 7.3 in the electrode material after 

electrolysis (see details in Note 1 in Supporting Information). The composition is also 

confirmed by XRD and XPS results. In the XRD pattern (Fig. 5b), besides the peaks at 

15.0° and 28.4° for SnS2 (JCPDS card No. 23–0677), peaks at 26.5° and 33.9° can be 

assigned to the (110) and (101) planes of SnO2 (JCPDS card No. 41–1445) and the 

peaks at 30.6°, 32.0°, 44.9° arise from the (200), (101) and (211) planes of metallic Sn 

(JCPDS card No. 04–0673). The XPS spectra are consistent with XRD characterization, 



where the Sn 3d XPS spectra (Fig. 5c) can be deconvoluted into speaks at 486.6, 495.0 

(Sn4+), 486.0, 494.3 (Sn2+), 485.2 and 493.7 eV (Sn0). The Sn2+ may arise from the 

oxidation of Sn to SnO.[25] Although oxide was found in our samples, it more likely 

formed after electrolysis upon exposure to air given the high reactivity of Sn for three 

reasons: (1) The applied potential is negative enough to maintain metallic Sn after SnS2 

was electrochemically reduced; (2) the content of oxygen required for the oxidation of 

Sn in the electrolyte solution is very low under a CO2 atmosphere and (3) the formation 

of Sn(OH)4 directly from SnS2 is unlikely since the latter is thermodynamically more 

stable based their Ksp values (detailed explanation is given in the Supporting 

Information). Therefore, Sn and residual SnS2 may be involved in the electrocatalytic 

reduction of CO2. 

 

Fig. 5. Mechanism study of SnS2/rGO towards CO2 reduction. TEM (a) image of SnS2/rGO 

after potentiostatic electrolysis at –1.4 V for 4 h. Insert is the FFT image of the blue square 

region, showing a fuzzy circle of the (100) plane; white ellipse indicates metallic Sn and black 

ellipses for SnO2 nano–fragments. XRD pattern (b) and S 3d XPS spectra (c) of SnS2/rGO after 



potentiostatic electrolysis at –1.4 V for 4 h. (d) Partial current density of formate vs. 

overpotential on SnS2/rGO. The Tafel slope is 83 mV dec–1. 

Tafel plots for the formate production, in which overpotential is plotted versus the log 

of PCD of formate (both current density and FE are taken from potentiostatic 

electrolysis data) provides an evident to support this argument. Tafel slopes around 120 

mV dec–1 have often been reported in the previous studies in aqueous media at metallic 

tin electrodes since the one–electron reduction of CO2 to form CO2·– is the rate 

determining step.[7] By contrast, a much smaller value of 83 mV dec–1 was obtained on 

SnS2/rGO (Fig. 5d). Considering the presence of a competing HER and the fact that iR 

effect is not compensated, this value is close to the theoretical value of 59 mV dec–1 

predicted for the pathways where a reversible CO2/CO2·– process occurs prior to a rate 

determining chemical step. These results suggest the residual sulphide could facilitate 

CO2 reduction, most likely by stabilizing the CO2·– intermediate. To verify this 

hypothesis, electrolysis at –1.4 V was conducted in NaHCO3 solution saturated by CO2 

(Fig. S10). After the first 0.5 h electrolysis (at a stable current density of ~13.5 mA cm–

2), the electrode was pulled out, rinsed quickly and immersed into a new 0.5 M NaHCO3 

solution. The solution was bubbled with CO2 for 30 min, during which a potential of –

0.9 V vs. Ag/AgCl was applied to avoid Sn (0) on the surface being oxidized. 

Electrolysis was then conducted for another 0.5 h. The same procedure was repeated 

once. An obvious decrease in current was observed and the current decreased further in 

the subsequent electrolysis. When a fresh CO2 saturated NaHCO3 solution was used, 

the residual SnS2 on the electrode is further reduced to metallic Sn releasing HS– into 

solution in order to reach (electro)chemical reaction equilibrium. Consequently, the 

procedure used is expected to lower the S2– content in the Sn/SnS2 and finally turns it 

into pure Sn. On the contrary, when 0.1 mM Na2S (the concentrations of S species is 

~0.02 mM if all the SnS2 on the working electrode is released into the solution) was 

added into the same electrolysis cell, the current recovered slowly towards the original 

value and remains essentially constant, which confirms the important role of S2– in 

electrocatalytic reduction of CO2 by Sn. It was found previously that sulfide ions 

adsorbed on the surface of metals weaken the interaction between CO and the electrodes, 

favoring the formation of formate.[26] This could also explain why the FE of CO is low 

and independent on applied potential in our study. The adsorbed sulfide ions are also 



expected to suppress HER on these metal electrodes.[26] More recently, density 

functional theory (DFT) calculations have shown that when CO2·– intermediate binds 

to p–block elements, S in particular, a singly occupied p orbital can stabilize the 

electron localized in the 2pz orbital of C associated with CO2·–.[27] Hwang et al.[28] also 

showed that S–containing  cysteamine anchored on the surface of Ag nanoparticles can 

provide more covalent character to the Ag–C bond, which effectively stabilizes the 

CO2·– intermediate. Hence, similar enhancement effects may also apply to our catalyst. 

CO2 reduction is presumably occurring at the interfaces of SnS2 and Sn (Equation (4) 

and (5)): 

𝐶𝐶𝑂𝑂2 (𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠) → 𝐶𝐶𝑂𝑂2 (𝑎𝑎𝑎𝑎𝑠𝑠)                                                       (4) 

𝐶𝐶𝑂𝑂2 (𝑎𝑎𝑎𝑎𝑠𝑠) + 𝑒𝑒− → 𝐶𝐶𝑂𝑂2 ·− (𝑎𝑎𝑎𝑎𝑠𝑠)                                                  (5) 

CO2 molecule is adsorbed on metallic tin and the CO2·– is stabilized on the surface of 

SnS2. An evidence to prove it is that a significant decrease in the partial current density 

of formate was observed if the as–formed Sn/SnS2/rGO electrode was exposed to air 

for 5 minutes and subsequently used in electrolysis. SnOx layers were expected to form 

rapidly on metallic tin in the presence of O2,[9a] which destroyed the previous interfaces 

of SnS2 and Sn. 

4. Conclusions 

In summary, we have synthesized a SnS2 nanosheets supported on reduced graphene 

oxide (SnS2/rGO) composite and used it as a heterogeneous catalyst for electrocatalytic 

reduction of CO2 to formate in aqueous bicarbonate medium with high activity, 

selectivity and durability. The catalyst is able to reduce CO2 into formate at an 

overpotential as low as 0.23 V and a maximum faradaic efficiency of 84.5% was 

achieved at an overpotential of 0.68 V. Detailed investigations reveal that the reduced 

metallic tin forming from the SnS2 under cathodic condition operates as the catalytic 

sites for CO2 reduction. The enhanced performance is attributed to the residual SnS2, 

which presumably stabilizes the intermediate CO2·–; this is supported by a Tafel slop 



of 83 mV dec–1. This sulfide–derived metal catalyst may open a perspective on a new 

promising class of materials for electrocatalytic reduction of CO2. 
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Fig. S1. EDS spectra of SnS2/rGO. 

  



  

Fig. S2. SEM (a) and TEM (b) images of SnS2. 

  



 

Fig. S3. TGA curve of SnS2/rGO. The weight loss of the sample during the 

measurement can be divided into two regions. The weight loss (10.8%) between 180 

and 440 °C is mainly due to the phase transformation of SnS2 to SnO2, while the weight 

loss (38.4%) between 440 and 740 °C is caused by the removal of rGO by oxidation 

process. The SnS2 and rGO content in the final product are calculated to be 61.6% and 

38.4%, respectively. 

  



  

Fig. S4. The 5th cycle of the CV for SnS2/rGO modified GCE in CO2 saturated 0.5 M 

NaHCO3 solution. 

  



 

Fig. S5. Speciation diagrams for the carbonic acid and hydrogen sulfide systems as a 

function of pH at 25 °C.   

There exist the following equilibria in the electrolyte solution when CO2 and Na2S 

dissolve in 0.5 M aqueous NaHCO3 solution.[1] 

CO2(aq) + H2O(l)
𝐾𝐾1C�� H+(aq) + HCO3

−(aq)
𝐾𝐾2C�� 2H+(aq) + CO3

2−(aq)               (S1) 

H2S(aq) + H2O(l)
𝐾𝐾1S↔ H+(aq) + HS−(aq)

𝐾𝐾2S↔ 2H+(aq) + S2−(aq)                         (S2) 

In which K1
C, K2

C, K1
S and K2

S are the equilibrium constants and given as 

𝐾𝐾1C = [H+][HCO3−]
[CO2(aq)]

≈ [H+][HCO3−]
[H2CO3∗]                                                                                  (S3) 

𝐾𝐾2C = [H+][CO32−]
[HCO3−]

                                                                                                        (S4) 

𝐾𝐾1S = [H+][HS−]
[H2S(aq)]

                                                                                                           (S5) 

𝐾𝐾2S = [H+]�S2−�
[HS−]                                                                                                             (S6) 

where pK1
C = 6.35, pK2

C = 10.33, pK1
S = 7.05 and pK2

S = 19 at 25 °C. H2CO3
* represents 

H2CO3 and dissolved CO2 (CO2(aq), whose concentration is much larger than that of 



H2CO3) in the solution. The total concentrations of dissolved carbon and sulphur 

species are 

𝑐𝑐totalC = [H2CO3
∗] + [HCO3

−] + [CO3
2−]                                                                 (S7) 

𝑐𝑐totalS = [H2S(aq)] + [HS−] + [S2−]                                                                         (S8) 

Then the concentrations of each species can be derived from the above equations and 

the fraction of each species can be obtained divided by the total concentrations of 

carbonaceous or sulphureous species and plotted against pH. 

�CO3
2−� = 𝐾𝐾1C𝐾𝐾2C𝑐𝑐total

C

[H+]2+𝐾𝐾1
C[H+]+𝐾𝐾1

C𝐾𝐾2
C                                                                                   (S9) 

[HCO3
−] = 𝐾𝐾1C[H+]𝑐𝑐total

C

[H+]2+𝐾𝐾1
C[H+]+𝐾𝐾1

C𝐾𝐾2
C                                                                                (S10) 

[H2CO3
∗] = 𝑐𝑐totalC − �CO3

2−� − [HCO3
−]                                                               (S11) 

[S2−] = 𝐾𝐾1S𝐾𝐾2S𝑐𝑐total
S

[H+]2+𝐾𝐾1
S[H+]+𝐾𝐾1

S𝐾𝐾2
S                                                                                      (S12) 

[HS−] = 𝐾𝐾1S[H+]𝑐𝑐total
S

[H+]2+𝐾𝐾1
S[H+]+𝐾𝐾1

S𝐾𝐾2
S                                                                                     (S13) 

[H2S] = 𝑐𝑐totalS − [S2−] − [HS−]                                                                              (S14) 

In an electrolyte containing 0.05 M Na2S and 0.5 M NaHCO3, the concentration of 

S2– and OH– are calculated to be 8.7×10–14 mol L–1 and 2.5×10–7 mol L–1 (pH = 7.4), 

respectively. Therefore, formation of SnS2 is thermodynamically more favourable than 

Sn(OH)4 based on their Ksp values (1×10–56 for Sn(OH)4 and 1×10–70 for SnS2). 

  



 

Fig. S6. Linear sweep voltammetric curves of SnS2/rGO modified GCE with different 

SnS2 mass loading in CO2–saturated 0.5 M aqueous NaHCO3 solution. The mass 

loading of SnS2 was determined by TGA of the hydrothermal reaction products with 

different SnCl4: GO precursor ratios.  



 

Fig. S7. (a) Total current density vs. time curve during electrolysis at different applied 

potentials. (b) The zoom–in figure of (a) for the data obtained at lower applied 

potentials. 

  



 

Fig. S8. Representative NMR spectra of the electrolyte after electrolysis at −1.4 V (vs. 

Ag/AgCl) for SnS2/rGO material in CO2 (red) and N2 (blue) saturated 0.5 M NaHCO3 

electrolyte. DMSO is used as an internal standard to quantify HCOO–. 

  



 

Fig. S9. Pourbaix diagram of CO2, its related substances, formic acid and formate. 

The standard Gibbs energy of reaction, ΔG° (25 °C), for CO2 reduction reaction into 

formic acid with respect to the H2/H+ process is calculated using the data in ref. [2]: 

CO2(aq) + 2H+ + 2e− ↔ HCOOH(aq)                    Δ𝐺𝐺o = 30.2 KJ mol−1             (S15) 

The standard electrode potential (Eo) of –0.16 V vs. NHE can be obtained based on 

∆𝐺𝐺o = −𝑛𝑛𝑛𝑛𝐸𝐸o, where n is the moles of involved electrons, F is Faraday constant.  

Based on the equilibria described in equation S1, the form of carbonaceous species 

is pH dependent in aqueous medium (Fig. S5). Moreover, the form of formate species 

is also pH dependent (pKa = 3.75) Therefore, the formal potential (Eo') associated with 

the process described in equation S15 is also pH–dependent. The Eo' values used to 

estimate the overpotential values in the main text are listed below with more 

comprehensive data provided in Fig. S9. 

Electrolyte pH Eo' (Vvs. NHE) Eo' (V vs. RHE) 

0.1 M Na2SO4 ~6 –0.45 –0.10 

0.1 M KHCO3 6.8 –0.49 –0.09 

0.1 M NaHCO3 6.8 –0.49 –0.09 

0.5 M NaHCO3 7.2 –0.51 –0.09 

0.5 M KHCO3 7.5 –0.53 –0.09 



 
Fig. S10. i–t curves of SnS2/rGO modified glassy carbon plate electrode in CO2–

saturated 0.5 M NaHCO3 solution. After the first 0.5 h electrolysis (red trace), the 

electrode was pulled out, rinsed quickly and immersed into a new 0.5 M NaHCO3 

solution. The solution was bubbled with CO2 for 30 min, during which a potential of –

0.9 V vs. Ag/AgCl was applied to avoid Sn (0) on the surface being oxidized. 

Electrolysis was then conducted for another 0.5 h (blue trace). The same procedure was 

repeated once (green trace). Finally, electrolysis was carried out for 1 h (orange and 

purple traces) immediately after addition of 0.1 mM Na2S to the electrolyte solution. 

  



Note 1 

The amount of Sn (0) is quantified through measuring the elemental S and Sn molar 

ratio using EDS and XPS of the sample after electrolysis. The ratio between S and Sn 

are 1: 4.25 from EDS data and 1: 4.15 calculated from the XPS spectrum, showing 

excellent consistency. We take 1: 4.2 as the ratio. Knowing that SnS2 and Sn are the 

dominate tin species under catalytic turnover conditions, a Sn (0) to SnS2 molar ratio 

of 7.3 can be obtained from a simple calculation. 
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