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Supplementary Note 1.  Thermodynamic analyses of Ce(III) in Ce3+-Ce4+-CH3COOH-H2O system 

The thermodynamic behaviour of aqueous Ce(III) and Ce(IV) species was studied in Ce3+-CH3COOH-

H2O, Ce4+-CH3COOH-H2O, and Ce3+-Ce4+-CH3COOH-H2O systems; the data are given in Figure 1.  

Thermodynamic analyses were done using MEDUSA, the associated database HYDRA (Hydrochemical 

Equilibrium Constant Database), and HSC software.  For most species, the Gibbs free energies in the 

HYDRA database were substituted by more recent values from Hayes et al.1, Chirkst et al.1,2, Channei 

et al.3, and Lange’s Chemistry Handbook4.  In the case of absent values, these were calculated by 

density functional theory (DFT) (simulation methodology in Supplementary Note 13).  The calculations 

were done according to standard-state conditions of T (temperature) = 298 K and P (pressure) = 1 atm.  

The initial concentration of both Ce(NO3)3·6H2O and Ca(CH3COOH)2 was selected to be 0.05 M 

according to the experimental conditions.  The associated speciation diagrams, which plot the 

concentrations of soluble species as a function of pH are shown in Figure 1(a-c) and the Pourbaix 

diagram mapping the predominant species, is shown in Figure 1(d).  Precipitated Ce(OH)3(pt), which 

forms at pH 7.8, has been omitted for simplification of the analysis.  Speciation and Pourbaix diagrams 

that include Ce(OH)3(pt) have been published elsewhere3.  In Figure 1(a), Ce3+ is the predominant Ce 

species at pH <4.6 owing to the intrinsic high dissociation constant of CH3COOH, which causes its 

concentration to decrease slowly and so release gradually the conjugate base of CH3COO– below the 

given pH.  This predominance competes with the rapid deprotonation of CH3COOH at higher pH values, 

which establishes Ce(CH3COO)2+ as the predominant Ce species up to pH ~9.1.  At greater pH values, 

the increasing influence of the field strength of Ce3+ results in the sequential predominance of 

Ce(OH)2
+ and then aqueous Ce(OH)3(aq).  Figure 1(b) shows the predominant species of aqueous Ce(IV), 

the high field strength of which favours hydroxylation rather than forming a conjugate pair with 

CH3COO–.  Figure 1(c) shows that the hydroxylation is limited to pH < ~1.5, above which the 

precipitation of Ce(OH)4(pt) suppresses the presence of aqueous Ce(OH)4(aq).  In the Pourbaix diagram 

of Figure 1(d), the solid black lines delineate the predominance regions for the Ce species.  The central 

light region enclosed by two dashed lines defines the conditions of reduction potential (E0 vs. HSE 

electrode) and pH, where water is stable and no oxygen or hydrogen evolution occurs.  At theoretical 

pH < 3.7, the formation of Ce(IV) species is suppressed by water oxidation, where oxygen bubbling on 

the substrate impedes the direct oxidation of Ce3+ cations.  At higher pH, the potential required for 

Ce(III) oxidation is within the water stability region. 

 

Thermodynamic studies of cerium in aqueous solution have been reported previously1,5,6.  In these, 

the Gibbs free energy of formation (ΔGf
0) for Ce(OH)4(aq) was considered to be the product of the 

oxidation of Ce(III) species.  Further, the effect of ionic concentration and strength in the calculations 
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of the theoretical redox potentials were not considered, which have led to misconceptions concerning 

the electrochemical characteristics of cerium in aqueous solutions.  Factoring these considerations 

into the present experimental work demonstrates that the oxidation of Ce(III) species causes the 

precipitation of Ce(OH)4(pt).  Since these species have received little attention, the only calculated data 

reported7 have been confirmed by DFT simulation of the ΔGf
0 (methodology in Supplementary Note 

13).  The Pourbaix diagram also differentiates between what are effectively the stability regions for 

Ce(OH)4(aq) (area for pH>2.8, which is enclosed with solid (predominance) and dotted (water stability) 

black lines) and Ce(OH)4(pt) (red); the relationship between these and CeO2·2H2O will be discussed 

subsequently. 

 

 

Supplementary Figure 1.  Speciation diagrams for relevant systems.  (a) Ce3+-CH3COOH-H2O, (b) Ce4+-CH3COOH-

H2O without Ce(OH)4 precipitate, (c) Ce4+-CH3COOH-H2O with Ce(OH)4 precipitate systems, and (d) Pourbaix 

diagram of Ce3+-Ce4+-CH3COOH-H2O (for simplification, Ce(OH)3(pt) is omitted). 

 

Since the Pourbaix diagram presents only the stability regions of predominant species, then extensive 

thermodynamic calculations were conducted in order to obtain theoretical redox potentials for all of 

the possible Ce(III) species.  The corresponding data are plotted against pH values, as shown in Figure 

2. 
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Supplementary Figure 2.  Potential variations for redox reactions of Ce-CH3COO-H2O system corresponding to 
aqueous (aq) and precipitate (pt) Ce(III) species. 

 

Supplementary Note 2.  Cyclic voltammetry analyses of Ce(III)/Ce(IV) species in Ce3+-Ce4+-

CH3COOH-H2O system 

The electrochemical behaviour of the Ce(III) ↔ Ce(IV) redox reactions was studied using cyclic 

voltammetry for the Ce3+-Ce4+-CH3COOH-H2O system at various scan rates (ʋ) and pH values, as shown 

in Figure 3.  Figure 3(a) shows the voltammograms obtained at pH = 3 for ʋ = 20-1000 mVs-1.  At slow 

ʋ = 20 mVs-1, where the electrolyte resistance is minimal, the anodic peak for oxidation of Ce(III) 

species occurs at Epa = 1175 mV, while the reverse cathodic peak for reduction occurs at Epc = 1003 

mV.  The redox potential (E1/2) was integrated to be +1089 mV, being close to the theoretical potential 

for the Ce3+ ↔ Ce(OH)4(aq) reaction (E1/2 = +1085 mV given in Table 1).  Comparison of the experimental 

and calculated E1/2 for 3 ≤ pH ≤ 7 are given in Table 1-4. 
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Supplementary Figure 3.  Cyclic voltammetry analyses of Ce-CH3COO-H2 system at ʋ = 20-1000 mVs-1 and 

different pH:  (a) 3 (b) 4, (c) 5, (d) 6.  Plot of peak current (𝐼𝑝) as a function of scan rate (ʋ) obtained from cyclic 

voltammetry analysis at pH:  (e) 3 (g) 4, (g) 5, (h) 6. 
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Considering the E1/2 at pH = 3, although the Pourbaix diagram of Figure 1(d) shows that Ce(OH)4(pt) is 

thermodynamically more stable (as reflected by the E) than Ce(OH)4(aq), the experimental data are 

contradictory in that Ce(OH)4(aq) forms rather than the precipitate.  This is due to that oxidation of the 

Ce3+ to Ce4+ involves generation of protons, which consequently decreases the local pH and make a 

significant shift of the composition towards the stability of Ce(OH)4(aq). 

 

The kinetics analysis of the redox reaction at pH = 3 was carried out by measuring the cathodic (ipc) 

and anodic peak currents (ipa) of the cyclic voltammograms (Figure 3a).  In order to determine the 

controlling mechanisms of redox processes, the relation of ipc and ipa with ʋx (0.5 ≤ x ≤ 1) is plotted in 

Figure 3(b).  The best linear fit with zero intercept was obtained at x = 0.95 for both oxidation and 

reduction reactions, confirming that the redox mechanism is controlled almost by surface confinement 

and negligible role of ionic species diffusion8.  Further on kinetics of the redox reaction, the peak 

potentials (ΔEp) were assessed in order to determine the degree of reversibility of the Ce3+ ↔ Ce(OH)4 

reaction.  As shown in Figure 3(a), raising the ʋ results in successive negative shifts in peak potentials, 

while the ΔEp values remain constant at 130 mV.  This indicates an independence nature of ΔEp from 

ʋ. 

 

Although the constant ΔEp value, as a function of ʋ, illustrates high reversibility degree of Ce3+ ↔ 

Ce(OH)4 reaction at acidic pH = 3, according to Bockris9 theory, where ΔEp should be ≤26 mV for a fully 

reversible reaction, such redox reaction is considered as thermodynamically irreversible. 

 

Figure 3(c) shows the voltammograms obtained at pH = 4 for ʋ = 20-1000 mVs-1.  The E1/2 = +825 mV 

is consistent with the theoretical E1/2 corresponding to Ce3+ ↔ Ce(OH)4(aq) and/or Ce(CH3COO)2+ ↔ 

Ce(OH)4(aq) (see Tables 1 and 2).  Similar to situation at pH = 3, Ce(OH)4(aq) formation occurs.  Increasing 

the pH from 3 to 4 further decreases reversibility degree of the redox reactions, as indicated by the 

increased ΔEp of 152 mV at ʋ = 20 mVs-1.  This effect is amplified since ΔEp increased to 196 mV upon 

increasing the ʋ to 1000 mVs-1.  The controlling mechanisms of redox processes was also measured by 

plotting the ipc and ipa against ʋx (0.5 ≤ x ≤ 1).  The best linear fit with zero intercept for the redox 

reactions at pH = 4 was obtained at x = 0.9 (Figure 3(d)), illustrating that the predominant mechanism 

is surface confinement, while its contribution is reduced by 5%. 

 

At pH = 5, the voltammograms shown in Figure 3(e) reveal a E1/2 of +455 mV at ʋ = 20 mVs-1, which is 

close to those calculated for Ce3+ ↔ Ce(OH)4(pt) and Ce(CH3COO)2+ ↔ Ce(OH)4(pt).  The increasing ΔEp 

values reach 340 mV, being greater than that obtained at pH = 4 (152 mV).  As shown in Figure 3(f), 
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linear fitting of the peak currents against log ʋx at zero intercept yields an exponent of x = 0.8, 

confirming that increasing pH is associated with increasing contribution from diffusion, although 

surface confinement still remains dominant.  Consequently, increasing the pH gradually reduces the 

degree of reversibility, thereby slowing the kinetics of the redox reaction. 

 

According to the Nernst equation10, E1/2 values for Ce(III)-involved reactions were calculated, the plot 

of which against pH is shown in Figure 2.  As can be seen, increasing the pH by 1 unit is expected to 

decrease the E1/2 by 236 mV.  This originates to the nature of cerium redox reaction that involves an 

electron and four protons (ignoring the minor effect of the species concentration).  The experimentally 

determined E1/2 matches those calculated except at 4 ≤ pH ≤ 5, over which range the decrease was 

significantly larger.  Such contradiction can be ascribed to two phenomenon:  1) variations in the types 

of Ce(III) species involved in the redox reactions, which is determined by the speciation diagrams, and 

2) shifting the redox reaction toward the precipitation or re-dissolution of Ce(OH)4(pt).  The nature of 

the redox reaction as a function of pH is determined by matching the experimental E1/2 with the 

calculated values, the plots of which are shown in Figure 2. 

 

At pH = 6, the voltammograms shown in Figure 3(g) indicates a E1/2 of +210 mV at ʋ = 20 mVs-1, which 

correspond to either Ce(CH3COO)2+ ↔ Ce(OH)4(pt) and Ce3+ ↔ Ce(OH)4(pt).  The continuing retardation 

of the kinetics is confirmed by increased ΔEp of 615 mV and decreased exponent of x = 0.75 for 

oxidation reaction, as shown in Figure 3(h).  However, the cathodic reaction shows superior kinetics 

of reactions, compared to the oxidation, with the exponent of x = 0.85. 

 

Supplementary Table 1.  Redox potentials (E1/2) for reaction of Ce3+ to form Ce(OH)4 or CeO2·2H2O (green font 

for agreement between experimental (red font) and calculated (black font) values). 

pH 

Experimental 

redox 

potential (V) 

Calculated E1/2 

for reaction between  

Ce3+ and Ce(OH)4(pt) 

Calculated E1/2 

for reaction between  

Ce3+ and Ce(OH)4(aq) 

Calculated E1/2 

for reaction between  

Ce3+ and CeO2·2H2O 

3 +1.089 +0.865 +1.085 +0.355 

4 +0.825 +0.629 +0.849 +0.119 

5 +0.455 +0.392 +0.612 –0.117 

6 +0.210 +0.157 +0.376 –0.354 

7 –0.019 –0.080 +0.139 –0.590 

 

Supplementary Table 2.  Redox potentials (E1/2) for reaction of Ce(CH3COO)2+ to form Ce(OH)4 or CeO2·2H2O 

(green font) for agreement between experimental (red font) and calculated (black font) values). 

pH 

Experimental 

redox potential 

(V) 

Calculated E1/2 

for reaction between 

Ce(CH3COO)2+ 

Calculated E1/2 

for reaction between 

Calculated E1/2 

for reaction between 
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and Ce(OH)4(pt) Ce(CH3COO)2+ and 

Ce(OH)4(aq) 

Ce(CH3COO)2+ and 

CeO2·2H2O 

3 +1.089 +0.815 +1.046 –0.314 

4 +0.825 +0.615 +0.845 +0.113 

5 +0.455 +0.385 +0.615 –0.116 

6 +0.210 +0.152 +0.381 –0.350 

7 –0.019 –0.085 +0.144 –0.587 

 

Supplementary Table 3.  Redox potentials (E1/2) for reaction of Ce(CH3COO)2
+ to form Ce(OH)4 or CeO2·2H2O. 

pH 

Experimental 

redox potential 

(V) 

Calculated E1/2 

for reaction between 

𝐂𝐞(𝐂𝐇𝟑𝐂𝐎𝐎)𝟐
+ and 

Ce(OH)4(pt) 

Calculated E1/2 

for reaction between 

𝐂𝐞(𝐂𝐇𝟑𝐂𝐎𝐎)𝟐
+ and 

Ce(OH)4(aq) 

Calculated E1/2 

for reaction between 

𝐂𝐞(𝐂𝐇𝟑𝐂𝐎𝐎)𝟐
+ and 

CeO2·2H2O 

3 +1.089 +0.552 +0.777 +0.052 

4 +0.825 +0.482 +0.707 –0.018 

5 +0.455 +0.304 +0.530 –0.195 

6 +0.210 +0.072 +0.297 –0.427 

7 –0.019 –0.162 +0.062 –0.662 

 

Supplementary Table 4.  Redox potentials (E1/2) for reaction of Ce(CH3COO)3 to form Ce(OH)4 or CeO2·2H2O. 

pH 

Experimental 

redox potential 

(V) 

Calculated E1/2 

for reaction between 

Ce(CH3COO)3 and 

Ce(OH)4(pt) 

Calculated E1/2 

for reaction between 

Ce(CH3COO)3 and 

Ce(OH)4(aq) 

Calculated E1/2 

for reaction between 

Ce(CH3COO)3 and 

CeO2·2H2O 

3 +1.089 +0.016 +0.204 –0.523 

4 +0.825 +0.136 +0.357 –0.370 

5 +0.455 +0.055 +0.276 –0.451 

6 +0.210 –0.156 +0.064 –0.663 

7 –0.019 –0.385 –0.164 –0.892 

 

In summary, the cyclic voltammetry analyses show that, under the present experimental conditions, 

the formation of Ce(OH)4(pt) rather than Ce(OH)4(aq) occurs at pH ≥ 5, which allows the physical 

deposition of films.  More importantly, although all of the ΔEp are significantly >26 mV and so the the 

redox reactions are thermodynamically irreversible9, the redox reactions can be made reversible 

through cathodic electrochemical reaction, resulting in reductive solubility of the as-deposited film to 

Ce3+ cations. 

 

Supplementary Note 3. Characterisation of ultrathin CeO2-x films 
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Supplementary Figure 4. SEM images of bare FTO substrate and CeO2-x ultrathin films (100 cycles) deposited at 

scan rates of 3000, 1000, 300, and 50 mVs-1 (left-to-right sequence of figures is based on increasing thickness). 

 

 
Supplementary Figure 5.  (a) HAADF image, (b) HRTEM image of polycrystalline CeO2-x film. 

 

 

Supplementary Figure 6.  EDS mapping of CeO2-x ultrathin film deposited at υ = 3000 mVs-1. 

 

Supplementary Note 4.  Quantitative XPS and EELS analyses 
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Quantitative XPS analysis:  The Ce 3d spectra are composed of two multiplets corresponding the spin-

orbit split for 3d5/2 (at lower binding energy) and 3d3/2 (at higher binding energy).  The areas (A) 

under the two doublets peaks ~800 and 805 eV indicate the relative amounts of Ce3+ cations in CeO2-

x; the other three doublet peaks correspond to Ce4+.  Hence, the amount of Ce3+ is calculated by: 

 

 
A[Ce3+]

A[Ce3+] +A[Ce4+]
 × 100 = Ce3+ at% (1) 

 

Similar calculations can be done using the O 1s spectra, although these must be deconvoluted to 

accommodate the contribution from physically adsorbed water. 

 

EELS analysis: 

 
Supplementary Figure 7.  HAADF images and corresponding EELS spectra form two representative areas of g 

(crystallite boundaries) and h (within crystallite). 

 

Supplementary Note 5.  Effect of pH on electrodeposition of CeO2-x 

The redox reactions were assessed further with cyclic voltammetry for 1-50 cycles at pH 4.0, 5.5, 6.0, 

as shown in Figure 8.  At pH = 4.0 (Figure 8(a,b)), both the peak potentials and the voltammogram 

areas remained nearly constant during cycling; the area is indicative of the scale of the electrical charge 

associated with the reaction.  This constancy indicates that no deposition occurred.  The slight increase 

in the voltammogram areas (only observed for cathodic reduction), is derived from the 

electrochemical reduction of oxygen gas generated from unavoidable water oxidation.  In contrast, at 

pH = 5.5 (Figure 8(c,d)), the voltammogram areas expanded asymmetrically up to cycle 30, where the 

area again reflects the charge storage associated with the volume of the deposition.  Such expansion 
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also can be attributed to the deposition of the Ce(IV) species on the substrate.  Further, the ΔEp 

decreased from 530 mV for cycle 1 to 350 mV for cycle 30, which is attributed to increased electrical 

conductivity, after which ΔEp becomes approximately constant.  At pH = 6.0 (Figure 8(e,f)), the 

symmetry of the voltammogram areas remained unchanged up to cycle 10.  Further cycling caused 

not only an expansion in the voltammogram areas but also the appearance of a pair of redox peaks at 

a lower E1/2 of –0.02 V vs. Ag/AgCl. 

 

 

Supplementary Figure 8.  Cyclic voltammetry analyses for Ce3+-Ce4+-CH3COO-H2O system for 1-50 cycles at 𝜐 = 

100 mVs-1 at different pH.  (a) 4.0, (c) 5.5, (e) 6.0; corresponding plots in (b), (d), and (f), respectively, of charge 

(Q) and overpotential (η) as a function of cycle number. 
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Supplementary Figure 9.  Ce 3d XPS spectra for CeO2-x ultrathin films electrodeposited at ʋ = 3000 mVs-1 with 

termination potentials:  (a) –0.6 V, (c) +0.8 V; corresponding O 1s spectra in (b) and (d), respectively. 

 

Supplementary Note 6.  Chemical identification and calculation of peak areas observed in cyclic 

voltammetry deposition of CeO2-x thin films 

In this Supplementary Note, the chemical reactions associated with the redox peaks observed in cyclic 

voltammetry deposition of CeO2-x thin films (Figure 2 in main text) are identified and discussed in 

details.  The oxidation of Ce3+ (Ox1) occurs at E = 0.47 V vs Ag/AgCl followed by reduction (Re1) at E = –

0.02 V vs Ag/AgCl.  The accuracy of the identified peaks was confirmed over a wide range of pH values, 

the results of which are discussed comprehensively in Supplementary Note 1.  Owing to the 

irreversibility of the redox reaction (Ox1 and Re1), as shown in Supplementary Note 1, some of the 

Ce(OH)4 redissolves as soluble Ce3+ during reduction (Re1), which is confirmed by the lower current 

density of Re1 relative to that of Ox1 ((anodic peak current)/(cathodic peak current) or Ipa/Ipc <1).  These 

reactions and corresponding calculations are given in Table 5. 

 

Supplementary Table 5.  Chemical reactions attributed to Ox1 − Re1 peaks and their corresponding energy and 

potential calculations. 

𝐎𝐱𝟏 − 𝐑𝐞𝟏  𝐂𝐚𝐥𝐜𝐮𝐥𝐚𝐭𝐞𝐝 𝚫𝐆𝟎(𝐤𝐉/𝐦𝐨𝐥) 𝚫𝐆𝟎(𝐤𝐉/𝐦𝐨𝐥) 

1 Ce4+ + e → Ce3+ − 168.20 
ΔGCe4+

0  =  − 503.80 

ΔGCe3+
0  =  − 672.00 

2 4H2O →   4H+  +  4OH− + 319.60 Log Kw
 = 14.00 

3   Ce(OH)4(pt) +  4H+ → Ce4+ + 4H2O − 0.02 ∆GCe(OH)4(pt)
0 = − 1450.25 
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The remaining Ce(OH)4 deposited on the substrate transforms rapidly to CeO2 (as indicated in the 

Pourbaix diagram in Figure 3(d)).  As given in Table 6, the reduction of as-prepared CeO2 occurs at E = 

–0.13 V vs Ag/AgCl.  This is followed by partial oxidation (annihilation of oxygen vacancies) by the 

following oxidation reaction (Ox2) occurring at E = +0.07 V vs Ag/AgCl.  This is further confirmed in 

Supplementary Note 7. 

 

Supplementary Table 6.  Chemical reactions attributed to Ox2 − Re2 peaks and their corresponding energy and 

potential calculations. 

 

Owing to the formation of oxygen vacancies within the bulk of the deposited CeO2-x, the 

insertion/disinsertion of protons commences during the reduction (Re3) and oxidation (Ox3) reactions, 

as given in Table 7.  Although these phenomena have not been observed previously for CeO2-based 

materials, they have been reported for a few metal oxides (e.g., WO3
11,12, RuO2

13,14, and MnO2
15). 

 

Supplementary Table 7.  Chemical reactions attributed to Ox3 − Re3 peaks and their corresponding potential 

calculations. 

 

The charge contributions of each pair of reactions were calculated using Gaussian fitting.  As can be 

seen from the corresponding values in Table 8, the contribution percentage of 𝑶𝒙𝟏 − 𝑹𝒆𝟏 decreases 

by increase the cycle number, while the actual values have insignificant decrease over cycling.  Such 

phenomenon can be ascribed to continuous growth of the ultrathin film over cycling.  Nonetheless, 

there are significant growth for both 𝑶𝒙𝟐 − 𝑹𝒆𝟐 and 𝑶𝒙𝟑 − 𝑹𝒆𝟑 by increase the cycle numbers.  The 

growth in the peak area of 𝑶𝒙𝟐 − 𝑹𝒆𝟐  can be ascribed to the total increase in oxygen vacancy 

concentration formed within bulk of the ultrathin film.  Consistent with thickening of the CeO2 film 

Total   Ce(OH)4(pt) + e
 

⇔ Ce3+
 
 
+ 4OH− 

E =  −1.56 + 0.24 p(OH) –  0.06 log
[Ce3+]

[Ce(OH)4(pt)]
 

E (pH = 6) = +0.16 V vs Ag/AgCl 

E1/2 = +0.22 V vs Ag/AgCl 

𝐎𝐱𝟐 − 𝐑𝐞𝟐 𝚫𝐆𝟎 (𝐤𝐉/𝐦𝐨𝐥) 

1 CeO2 + 2𝑥e− → CeO2−𝑥 + 𝑥O2− + 165.00 

2 O2− +  H+  →  OH− − 157.20 

3   CeO2 + 𝑥H+ + 2e− → CeO2−x + 𝑥OH− 

E =  +0.08 +  0.03 p(OH) −  0.03 pH –  0.03 log
[CeO2−x]

[CeO2]
 

E (pH = 6) = – 0.06  V vs Ag/AgCl 

E1/2 = – 0.03 V vs Ag/AgCl 

   𝐎𝐱𝟑 − 𝐑𝐞𝟑 (𝐇+ 𝐈𝐧𝐭𝐞𝐫𝐜𝐚𝐥𝐚𝐭𝐢𝐨𝐧/𝐃𝐢𝐬𝐢𝐧𝐭𝐞𝐫𝐜𝐚𝐥𝐚𝐭𝐢𝐨𝐧 ) 

Re3 Ce1−𝑥
4+ Ce𝑥

3+O2−y + 𝛼e− + 𝛽H+ → Ce1−(𝑥+𝛼)
4+ Ce𝑥+𝛼

3+ O2−(y+δ)OH(β+y) 

Ox3 Ce1−(𝑥+𝛼)
4+ Ce𝑥+𝛼

3+ O2−(y+δ)OH(β+y) → Ce1−𝑥
4+ Ce𝑥

3+O2−y + 𝛼e− + 𝛽H+ 
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and increasing the amount of oxygen vacancies, the volume of hydrogen insertion/disinsertion 

reactions increase, resulting in having the highest areal contribution in the cyclic voltammogram. 

 

Supplementary Table 8.  Charge contribution and area calculation for identified peaks. 

 

Supplementary Note 7.  Mechanism of electrodeposition of CeO2-x (calculation of Gibbs free energy 
required for 𝑽𝑶

•• formation (𝚫𝐆𝑽𝒐)) 

The Gibbs free energy of oxygen vacancy formation (ΔG𝑉𝑜) is calculated.  The previously reported 

ΔG𝑉𝑜 is in the range +1.20-2.30 eV10,16, depending on the grain size, exposed facets, and coordination 

number of the vacancy.  The calculation in Table 9 shows that, despite the relatively high value, the 

ΔG𝑉𝑜 can be reduced significantly by delivering proton at the adjacent regions of as-deposited CeO2 

during cathodic reaction within aqueous environment.  Thus the rapid interaction of protons and 

resultant O2–, which is generated from the electroreduction of the CeO2 film, facilitates the formation 

of VO
••even within the bulk17.  The required potential for ΔG𝑉𝑜 can be determined using the standard 

potential (E) given in Table 9.  Considering the size of crystallites (3-8 nm), the best theoretical ΔG𝑉𝑜 

was found to be 1.71 eV, which is the averaged ΔG𝑉𝑜 for surface, sub-surface, and bulk positions of 

VO
••11,18.  For the E1/2 in Figure 8(e) at pH = 6, ΔG𝑉𝑜 was measured to be –0.02 eV vs. Ag/AgCl, which is 

in good agreement with the calculated value of –0.06 eV vs. Ag/AgCl.  According to the proposed 

mechanism, the formation of VO
•• is dependent on the pH of the aqueous solution, while increasing 

the pH reduce the required ΔG𝑉𝑜. 

 

Supplementary Table 9.  Individual standard free energies of reaction (ΔG0), overall standard potential equation 

(E), and Gibbs free energy of 𝑉𝑂
•• formation (ΔGVo). 

 

 Cycle 1 Cycle 25 Cycle 50 

Redox reaction 𝑶𝒙𝟏 − 𝑹𝒆𝟏 & 𝑹𝒆𝟐 
𝑶𝒙𝟏 − 𝑹𝒆𝟏, 𝑶𝒙𝟐 − 𝑹𝒆𝟐, 

𝑶𝒙𝟑 − 𝑹𝒆𝟑 

𝑶𝒙𝟏 − 𝑹𝒆𝟏, 𝑶𝒙𝟐 − 𝑹𝒆𝟐, 

𝑶𝒙𝟑 − 𝑹𝒆𝟑 

Shared peak area for 
Ox1/Re1 (%) 

29.4 x 10-5 C 
(77%) 

26 x 10-5 C 
(25%) 

20.9 x 10-5 C 
(16%) 

Shared peak area for 
Ox2/Re2 (%) 

8.6 x 10-5 C 

(23%) (only 𝐑𝐞𝟐) 

38 x 10-5 C 
(37%) 

44.9 x 10-5 C 
(36%) 

Shared peak area for 
Ox3/Re3 (%) 

0 x 10-5 C 
(0%) 

37 x 10-5 C 
(38%) 

55.8 x 10-5 C 
(48%) 

Total peak area 38 x 10-5 C 101 x 10-5 C 122 x 10-5 C 

No. Reaction 𝚫𝐆𝟎(𝐞𝐕) 

1 CeO2 + 2𝑥e− → CeO2−𝑥 + 𝑥O2− +1.71 (~1.20 to ~2.30) 

2 𝑥O2− +   𝑥H+  →  𝑥OH− –1.63 

3   CeO2 + 𝑥H+ + 2e− → CeO2−x + 𝑥OH− E =  +0.08 +  0.03 p(OH) −  0.03 pH –  0.03 log
[CeO2−x]

[CeO2]
 

Gibbs Free Energy of 𝐕𝐎
•• Formation 𝚫𝐆𝐕𝐨 (𝐩𝐇 = 𝟔) = – 𝟎. 𝟎𝟔 𝐞𝐕 vs. Ag/AgCl 
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Since the formation of OH– in an acidic environment might seem counter-intuitive, we have conducted 

further thermodynamic calculation.  As shown in Table 10, oxygen vacancy formation in a relatively 

strong acidic environment (e.g., pH ≤ 5.5) rich in hydrogen ions leads to the local formation of water17.  

In such a condition, the thermodynamic calculations (Table 10) show that the required Gibbs free 

energies (and corresponding E1/2) for oxygen vacancy formation shift to values less than –1.26 eV vs. 

Ag/AgCl for pH ≤ 5.5.  Such a high energy requirement for an aqueous system falls within the hydrogen-

evolution region (2H+ + 2e → H2), as confirmed by the corresponding Pourbaix diagram1,3.  This is 

consistent with the cyclic voltammetry results (Figure 8c), where CeO2 film deposition occurred at pH 

= 5.5 but there was no cyclic voltammetry peak from oxygen vacancy formation at values of 

approximately –0.02 eV vs. Ag/AgCl.  Cycling at higher acidic pH values of 4.5 and 5.0 also showed the 

absence of an oxygen vacancy formation peak. 

 

Supplementary Table 10.  Thermodynamic calculation of oxygen vacancy formation reaction at different pH (5.0-

5.8). 

 

In contrast, as shown in Table 11, oxygen vacancy formation in a weakly acidic environment (e.g., pH 

≥ 6) less rich in hydrogen ions leads to the formation of OH– ions, thus making the local environment 

essentially basic.  In the presence of CeO2-x, the amount of H+ in basic solutions is much lower than 

acidic solutions, so the extent of reaction between as-produced O2– with two H+, leading to H2O 

formation, is reduced significantly.  Therefore, the formation of OH– is favoured over that of H2O17, as 

confirmed by the calculations given in Table 11.  This is consistent with the cyclic voltammetry results 

shown in Figure 8 (Supplementary) and Figure 2 (main text), where CeO2 film deposition occurred at 

pH = 6.0 and was followed by the oxygen vacancy formation peak at E1/2 = ~– 0.03 eV vs. Ag/AgCl.  

Cycling at less acidic (i.e., more basic) pH values of 6.5 and 7.0 also showed the presence of an oxygen 

vacancy formation peak.  In effect, a minimal pH of 6.0 is required in order to form an oxygen vacancy 

at accessible energies of approximately – 0.1 eV vs. Ag/AgCl, depending on pH of the environment. 

 

Supplementary Table 11.  Thermodynamic calculation of oxygen vacancy formation reaction at different pH (6.0-

7.0). 

No. Reaction 𝚫𝐆𝟎(𝐞𝐕) 

1 CeO2 + 2𝑥e− → CeO2−𝑥 + 𝑥O2− +1.71 (~1.20 to ~2.30) 

2 𝑥O2− +  2𝑥H+  →    𝑥H2O –2.45 

3   CeO2 + 2𝑥H+ + 2𝑥e− → CeO2−x +   𝑥H2O E = – 0.74 − 0.06 pH − 0.06 log
[CeO2−x]

[CeO2]
 

Gibbs Free Energy of 𝐕𝐎
•• Formation through H2O 

Formation 

pH = 4.5 ΔGVo
 = – 1.20 eV 

pH = 5 ΔGVo
 = – 1.23 eV 

pH = 5.5 ΔGVo
 = – 1.26 eV 

No. Reaction 𝚫𝐆𝟎(𝐞𝐕) 
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Supplementary Figure 10.  Ce 3d XPS spectra for a single CeO2-x ultrathin film electrodeposited at ʋ = 3000 mVs-

1.  (a) untested, (b) after 1000 application cycles. 

 

Supplementary Note 8.  Energy storage applications 

Charge Storage Analysis: 

The volumetric and areal capacitances (C) are calculated using the following equation4: 

 

 C =  
∫ i (E) dE

E2
E1

 

2 (E2−E1)Aν
    (2) 

 

E1 and E2 = Cut-off potentials (V) 

𝑖(𝐸) = Instantaneous current (A) 

∫ 𝑖(𝐸) 𝑑𝐸
𝐸2

𝐸1
 = Total voltametric charge (integrated voltammagram area; C) 

A = Electrode dimensions (length x width; cm2) 

V = Electrode dimensions (length x width x thickness, measured by TEM, AFM, TOFSIMS; 

cm3) 

Ν = Scan rate (VS-1) 

 

4 CeO2 + 2𝑥e− → CeO2−𝑥 + 𝑥O2− +1.71 (~1.20 to ~2.30) 

5 𝑥O2− +  𝑥H+  →  𝑥OH− –1.63 

6   CeO2 + 𝑥H+ + 2e− → CeO2−x + 𝑥OH− E =  +0.08 +  0.03 p(OH) − 0.03 pH − 0.03 log
[CeO2−x]

[CeO2]
 

Gibbs Free Energy of 𝐕𝐎
•• Formation through 

OH− Formation 

pH = 6.0 ΔGVo
 = – 0.06 eV 

pH = 6.5 ΔGVo
 = – 0.09 eV 

pH = 7.0 ΔGVo
 = – 0.12 eV 
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Supplementary Figure 11.  Thin film deposited at different scan rates 50-3000 mVs-1.  (a,b) HAADF images of 

ultrathin films deposited at 3000 mVs-1 and 1000 mVs-1, respectively.  (c,d) HRTEM images, and (e,f) SAED 

patterns of ultrathin film deposited at 300 mVs-1 and 50 mVs-1, respectively. 

 

Supplementary Note 9.  Effect of crystallite size on calculated band gap energies 

It is possible that there may be nano-size effects on the estimation of the Eg in ceria, as suggested by 

atomic packing considerations of Ce-O bond lengths of nanoparticles19.  However, such size effects 

cannot be simulated directly by DFT since the electronic band structure of a system requires periodicity 

in at least one dimension for the Bloch theorem to be valid and nanoparticles are zero-dimensional 

and hence lack periodicity.  However, potential size effects on the Eg have been examined by the DFT 

calculations by considering 2% expansion or 2% contraction of the Ce-O bond lengths that correspond 

to analogous calculations based on the presence and absence of ligands in the growth environment19.  

The resultant DFT calculations for stoichiometric CeO2 (Figure 12) reveal that 2% expansion or 

contraction in the Ce-O bond lengths leads to an almost negligible 2% reduction or 3% increase in the 

Eg, respectively.  For non-stoichiometric CeO2-x, 2% expansion or contraction results in only a 3% 

decrease or 2% increase in the Eg, respectively.  In effect, if there is any size effect on the Eg 

corresponding to the preceding conditions19, it is not significant. 
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Supplementary Figure 12.  Influence of potential nano-size effects on calculated energy band gap of 

stoichiometric and non-stoichiometric bulk ceria.  Calculated spin-polarised total density of states showing spin-

up (positive) and spin-down (negative) components; the Fermi energy level has been shifted to zero in all the 

cases. 

 

Supplementary Note 10.  Effect of scan rate on pseudocapacitive behaviour 

 
Supplementary Figure 13.  XRD patterns for CeO2-x ultrathin films and FTO substrate for [Ce3+] = 18, 26, 34, 44 

at% ((hkl) = CeO2-x, # = FTO). 
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Supplementary Figure 14.  Laser Raman microspectra for CeO2-x ultrathin films and FTO substrate for [Ce3+] = 

18, 26, 34, 44 at% (F2g = Stretching vibration of cerium coordinated with 8 oxygen atoms, A1g = defect-induced 

vibrational mode (O2-)20. 

 



Page 21 of 29 

 
Supplementary Figure 15.  Cross al TEM images of CeO2-x ultrathin films electrodeposited for 100 cycles at 

different ʋ.  (a) 50 mVs-1, (b) 300 mVs-1, (c) 1000 mVs-1, (d) 3000 mVs-1. 

 

 
Supplementary Figure 16.  Thicknesses of CeO2-x ultrathin films synthesised at constant cycle number 100 and 

different scan rates:  (a) 50, (d) 300 (g) 1000, (j) 3000 mVs-1:  (a, d, g, j) AFM images at cross sectional regions 

between ultrathin film and FTO substrate; (b,e,h,k) height profile plots of corresponding AFM images; (c,f,i,l) 2D 

and 3D SIMS elemental images indicating thicknesses of CeO2-x ultrathin films. 
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Supplementary Figure 17.  Voltammograms and plots (insets) of log peak current (mA) vs. log ʋ (mVs-1) for 

CeO2-x ultrathin films for different [Ce3+].  (a) 18, (b) 26, (c) 34, (d) 44 at%. 

 

Photoluminescence spectroscopy (PL), which is used commonly to evaluate relative charge carrier 

concentrations (Ce4+ → Ce3+ redox, O vacancy formation, and electron/hole pair generation)21,22, also 

was conducted in the present work in order to confirm that cyclic voltammetry deposition can be used 

to control defect concentrations in CeO2-x.  The emission intensity in the PL spectra derives from 

charge-carrier (electron/hole) recombination, thereby suggesting reduction in the concentrations of 

mobile defects21,22 as the peak intensities increase. 

 

 

Supplementary Figure 18.  PL spectra of ultrathin films prepared at different scan rates (100 cycles at 50-3000 

mVs-1) and cycle numbers (50-500 at 3000 mVs-1). 
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Supplementary Note 11.  Effect of cycle number on redox pseudocapacitive behaviour 

 
Supplementary Figure 19.  Ce 3d XPS spectra for CeO2-x ultrathin films electrodeposited at ʋ = 3000 mVs-1 for 

different cycle numbers.  (a) 50, (b) 100, (c) 200, (d) 500. 
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Supplementary Figure 20.  Cross sectional TEM images for CeO2-x ultrathin films electrodeposited at ʋ = 3000 

mVs-1 for different cycle numbers.  (a) 50, (b) 100 (c) 200, (d) 500. 

 

 

Supplementary Figure 21.  Thicknesses of CeO2-x ultrathin films synthesised at constant scan rate 3000 mVs-1 

and different cycle numbers:  (a) 50, (d) 100 (g) 200, (j) 500:  (a, d, g, j) AFM images at cross sectional regions 

between ultrathin film and FTO substrate; (b,e,h,k) height profile plots of corresponding AFM images; (c,f,i,l) 2D 

and 3D SIMS elemental images indicating thicknesses of CeO2-x ultrathin films. 
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Supplementary Figure 22.  Cyclic voltammograms and plots (insets) of log peak current (mA) vs. log ʋ (mVs-1) 

for CeO2-x ultrathin films electrodeposited at ʋ = 3000 mVs-1 for different cycle numbers.  (a) 50, (b) 100, (c) 

200, (d) 500.  The corresponding Thicknesses (t) are shown in top right of the Figures. 

 

 
Supplementary Figure 23.  Three-dimensional plot showing volumetric capacitances, scan rates, thicknesses, 

and [Ce3+] for CeO2-x ultrathin films. 
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Supplementary Note 12.  Comparison with other work 

Supplementary Table 12.  Comparison of data for highly reported ultrathin-film pseudocapacitors. 
 

Ultrathin Films Volumetric Capacitance (Fcm-3) 
Areal Capacitance 

(mFcm-2) 
Thickness 

(nm) 
Ref 

CeO2-x 1873 4.56 24 This work 

MnO2/Au 1160 - 50 23 

VOPO4 929 8.36 90 24 

Ni(OH)2 661 3.30 50 25 

VS2 317 4.70 150 26 

MnO2/Graphene 250 400 ? 27 

MnO2/MWNT 246 - 240 28 

MoO3  0.06 500 29 

RuO2/PEDOT 190 1.2 35-100 30 

 

Supplementary Note 13.  Computational methodology for calculation of Ce(OH)4 Gibbs free energy 

All geometry optimizations and vibrational analyses were performed with the Gaussian03 code31 for a 

Ce(OH)4 cluster to determine proximity of energies compared to the linear free energy relationship 

approach. For consistency, optimised structures and force fields were calculated at the CAM-B3LYP 

level of theory32 with a Pople-style 6-31+g* basis set33-35 for O-H species whilst for Ce, relativistic MWB 

ECPs (MWB48) were employed36. To overcome challenge of convergence, the extremely efficient 

quadratically convergent (QC) SCF procedure37 was applied. All solution phase vibrational data were 

calculated from solution phase optimized structures using gas-phase geometries as a starting point 

incorporating the SCRF continuum solvation method38. The default dielectric constant for water, ε = 

78.39, was used for all calculations. All energies include zero-point energy and an enthalpy correction 

(from 0 to 298.15 K). Calculated and experimental thermal energies were obtained from the work of 

Pourbaix39 whereas free energies for O-H species and Ce species at 298 K were extracted from JANEF 

tables40 and that of the reference of Lange's Handbook of Chemistry41. 
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