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Abstract 
 Li-ion batteries are playing a key role within the field of electrical mobility, grid applications and 
related objects owing to their high energy densities and long lifetime, but their sustainability remains to be 
improved. Pushing in this direction, there is a rising interest towards rechargeable aqueous batteries. 
Great efforts are devoted to turn the primary alkaline zinc-manganese dioxide batteries that have 
dominated the primary battery applications into rechargeable systems. This turns out to be a colossal task 
owing to the complexity of the Zn-MnO2 chemistry that is not yet fully rationalized, thus causing delay in 
practical deployment. In this work we revisit this chemistry by combining fundamental solution chemistry 
considerations and complementary analytical techniques (TEM, Raman spectroscopy and EQCM) 
together with the assembly of cells using either MnO2 or MnO2-free initial positive electrodes. We confirm 
the key role of the electrolyte together with the inseparable link between its pH and the system’s 
electrochemical response. Moreover, during discharge and charge, we provide experimental evidence for 
the occurrence of MnO2 electrodissolution and back electrodeposition conjointly with the formation of 
soluble zinc hydroxides up to chemical precipitation and back dissolution of a Zn4SO4(OH)6.xH2O phase. 
We show that this phase is essential in the buffering of the system’s pH and demonstrate the beneficial 
role of its initial presence in the positive electrode composite. Further pushing the idea of buffering the pH 
of the electrolyte, we propose the use of additives such as ZnO, Mg(OH)2 or La(OH)3 that enhance the 
capacity retention upon cycling, while slightly penalize the cell capacity. These insights provide missing 
links regarding the interplay between the conjoint electrochemical-chemical reactions ruling the 
functioning of rechargeable Zn-MnO2 batteries, hence providing a step forward towards their 
development. 
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1. Introduction 

Great hope is placed in the use of renewable energies to limit the depletion of fossil-fuel resources. 

However, to make good use of wind or sun intermittent energies, we need grid-scale energy storage 

systems for peak shaving and load shifting. To this end, the Li-ion battery technology offers the greatest 

number of merits if its sustainability and safety are increased and its cost keeps decreasing below 100$ 

per kWh stored, as foreseen for 2025.[1] These concerns are presently driving research towards 

alternative systems, namely Na-ion, Li-S, Li-air, with extensive recent efforts devoted to aqueous systems 

such as Li(Na)-ion, Zn-air, Zn-MnO2.[2]–[4] 

However, none of these water-based technologies can presently rival the 100 $/kWh of Li-ion, as the 

threefold voltage penalty is associated to the thermodynamic stability range of water, limited to 1.23 V. 

Great hopes have recently been placed in the use of super-concentrated electrolytes (Water In Salt 

Electrolyte, WISE) which broaden the operational water potential range to 2-3 V.[5] However, although 

quite elegant, the practical aspect of such an approach for Li-aqueous system is uncertain because of 

poor capacity retention as well self-discharge at 55°C due mainly to the reduction of H2O at the negative 

electrode.[6] Another option towards more sustainable batteries and departing from Li(Na) based aqueous 

systems is provided by the resurge of interest in reversible aqueous Zn-MnO2 batteries (denoted as Zn 

insertion batteries, ZIB) based on the controversial belief that Zn2+ acts as a guest ion alike Li+ in MnO2-

type insertion host.[7], [8] The large abundance of both Mn and Zn together with the high volumetric 

capacity of Zn anodes (5851 mAh/cm3) render this sustainable aqueous system highly appealing for large-

scale applications. 

Zinc has always been a fascinating element for electrochemists since it was the inherent anode part 

of the Volta’s pile in 1800 and of the Daniel’s pile in 1836. It was equally adopted later on by Leclanché 

(1868) in its first Zn-MnO2 pile based on a saline electrolyte, which enjoyed through the years of various 

chemical and engineering modifications to become the alkaline Zn-MnO2 primary batteries (1950) used 

for decades to power toys, flash-lights, home electronic devices and medical units to name only a few 

applications. They deliver energy densities ranging from 80 to 190 Wh.kg-1.[9] It is not for lack trying that 

such batteries could not be made rechargeable but because of huge difficulties encountered in mastering 

issues such as formation of Zn dendrites and corrosion, precipitation of by-products, irreversible phase 

transition…[10]–[12] These trials were not vain since rechargeable aqueous cells relying on the use of 

KOH-based gel electrolyte plus specific additives were commercialized by Rayovac under the brand name 

of Renewal (1992).[13] However, their cycle life was strongly dependent upon their depth of discharge 

and limited to around 25 cycles for depth of discharge greater than 50 %, hence the sale speech of a 

primary battery with extra capacity. 

Moreover, surveying a variety of electrolytes Yamamoto et al. report back in 1986,[14] the benefits of 

ZnSO4-based aqueous electrolyte for improving the reversibility, but this finding was not followed till 2012 

where Xu et al.[15] demonstrated the feasibility to reach a sustained reversibility up to 100 cycles by using 

a slightly acidic (ZnSO4, Zn(NO3)2) electrolyte. This finding has received worldwide attention and led to a 

blossoming of research activities centered on mastering the reversibility of the Zn-MnO2 aqueous system. 

Great advances were made with the identification of an optimized mild acid electrolyte (2 M ZnSO4 + 0.2 

M MnSO4) that enables to reach more than 5000 cycles for Zn-MnO2 coin cells cycled at high rates (> 5 

C) for weakly loaded electrodes (< 1 mg/cm2).[16]–[19] Such a finding was followed with numerous studies 

aiming towards a full understanding of the chemical-electrochemical reaction mechanism underlying the 

performance of the Zn-MnO2 system at the component and cell level. This has yielded a prolific literature 



3 
 

with numerous proposed scenarios: (i) reversible Zn2+ insertion into the host MnO2 structure to produce 

either layered Zn-birnessite, Zn-buserite, or spinel ZnMn2O4,[8], [15], [20]–[27] (ii) reversible insertion of 

protons to form hausmannite (Mn3O4)[28] or manganese oxyhydroxide (MnOOH) according to a solid-

solution[29], [30] or a conversion type reaction[16], [31] (iii) co-insertion of H+ and Zn2+ into MnO2 

according to different thermodynamic paths and chemical reactions, [19], [32]–[36] and (iv) reversible 

proton-coupled electrodissolution-electrodeposition of MnO2.[37]–[45] Moreover, in all mechanisms 

involving protons (ii to iv), precipitation of Zn- or Zn-Mn layered double hydroxides has been observed 

during cell discharge, and attributed to a local pH increase due to proton consumption. 

Such a variety of mechanisms is all the more intriguing as most of the systems studied present 

common electrochemical features, with the charge-discharge voltage traces exhibiting, beyond the first 

cycle, a smooth two-plateau staircase on charge and a sloping discharge disrupted by a voltage hint. It is 

worth noting that there is currently no consensus nor clear explanation for the voltage hint observed in 

the discharge curve and how it relates to the two plateaus during the charge. The field is thus still waiting 

further insights for mastering the Zn-MnO2 system’s complexity. 

In the present work, we revisited the Zn-MnO2 electrochemistry starting with the inspiring work of 

Yamamoto et al.[14], [28] prior to check some of the previous findings and proposed a reaction mechanism 

to reconcile most of the experimental facts. Based on a comprehensive analysis of pH–variation through 

cycling, we propose an approach to buffer the system by cathode additives, hence enabling a sustained 

reversibility even at low rates. 

 

2. Experimental 

2.1. Materials  

ZnSO4.7H2O (99%,), MnSO4.4H2O (99%, Alfa Aesar), acetic acid (99%+), MnCl2. H2O, Carbon black 

Super P conductive ( 62M2/g), Zn disk (98% 0.75 mm thick), KOH (99.98%), 1-Methyl-2-pyrrolidinone 

(Biograde 99.5 %) were purchased from Alfa Aesar. Sodium acetate (99%), Na2S2O8,(98%), H2O2 30% 

(w/w) (analytical grade), HNO3 65% Suprapur, 10% PTFE (prepared from Polytetrafluoroethylene, 60 wt 

% dispersion in water) was acquired from Sigma aldrich. Deionized water was generated by MilliQ system 

and had a resistivity of 18 Ω. Membrane filters (mixed cellulose ester, 0.2µm porosity) and Glass 

microfiber separator were purchased from Whatman tm. PVDF-HFP (Kinar), EMD-ɣ-MnO2 (Tekkosha), 

β-MnO2 (Prolabo). All reagents were used as received without any further treatment. 

CMD-γ-MnO2 was synthetized by adding 50ml of 0.6 M of Na2S2O8 into a round bottom flask 

containing 125ml of 0.2M MnSO4 under heating and magnetic stirring. The resulting precipitate was 

washed several times with MilliQ water, filtered through a cellulose ester filter and dried at 100°C under 

vacuum (büchi vacuum pump) for 20 hours. ZHS was synthetized by mixing 2M KOH and 2M ZnSO4 

solutions in stoichiometric amounts and stirred for 20 minutes in air. The white powder was then filtered 

and washed several times with water. The remaining product was dried at 70°C in air. 

2.2. Methods  

TEM analysis (Electron diffraction (ED) patterns, (HAADF-STEM) images, energy-dispersive X-ray 

(EDX) spectra, STEM-EDX compositional maps, and electron energy loss (EELS) spectra) were acquired 

on a probe aberration-corrected FEI Titan Themis Z electron microscope at 200 kV, equipped with a 

Super-X system for energy-dispersive X-ray (EDX) analysis and Gatan Quantum ER965 spectrometer. 

The energy resolution, measured from the full width at half maximum of the zero-loss peak, was 0.9 eV. 

pH titrations were done using a HQ430D (HACH)Single Input Lab Multimeter coupled to a classical 
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analogue pH meter. The Quantification of dissolved O2 were done using Hach LDO101 Standard with 

a digital, luminescent/optical probe coupled to HQ430D (HACH) Single Input Lab Multimeter. X-Ray 

Diffraction (XRD) was carried out on a D8 ADVANCE diffractometer (Bruker) using a Cu Kα X-ray source 

(1.5406Å). Peaks were attributed using the PDF-2 /release 2013 RDB database.The Galvanostatic 

cycling was performed using a VMP3 or VMP-300 potentiostat from BioLogic (the cycling protocols are 

detailed in Supplementary information). In situ Raman analyses were carried out using a Renishaw 

RA100 spectrometer coupled to a (CCD) camera. The spectra were collected using a 50x objective, a 

514nm laser (at 10% power), and an exposure time of 300s. The quantification of Mn2+ either from the 

material or from the electrolyte was achieved on a Nexion 2000B inductively coupled plasma atomic Mass 

spectrometer (Perkin-Elmer) using the Syngistix™ software. Scanning Electron Microscopy (SEM) 

images were acquired on a SU-70 Hitachi FEGSEM (accelerating voltage: 5 kV). EQCM measurements 

were performed on a commercial SEIKO QCM922A microbalance using AT-cut 9 MHz quartz resonators 

patterned with gold. 

 
3. Results and discussion 

3.1. Inspiration from early work – a journey with the Yamamoto cell 

Initial evidence of sustained reversibility was first reported by Yamamoto et al.[14] in laboratory cells 

using a Zn disc as negative electrode, a composite positive electrode prepared of 40 mg of 

electrochemically-made (EMD) γ-MnO2 and 10 mg of Super P carbon (Csp), both being separated by a 

glass fiber separator hosting 200 µL of an aqueous solution of ZnSO4 (2 M, pH = 3.7). A cell made under 

similar conditions confirms the published results (SI-0, supplementary information), with a reversible 

capacity of ca. 3 mAh. Interestingly, alike in Yamamoto’s papers, beyond the first cycle, the charge-

discharge voltage traces exhibit a smooth two-plateau staircase on charge and a sloping discharge 

disrupted by a voltage hint. (Figure 1A-right panel). This feature is commonly observed in the hundreds 

of published papers on that topic, independently of the exact composition of the electrolyte or the type of 

MnO2 used [46], that suggests a unique charge storage mechanism. Noteworthy, the precipitation of Zn-

based layered double hydroxides during the cell discharge associated to a proton-consuming discharge 

process was already evidenced in Yamamoto’s early work, assuming Mn3O4 as the main reduction 

product.[28]  

To get more insights into the reaction process, and notably on the first discharge which is rarely 

discussed in the literature, despite of its unique profile, we carried out an ICP quantitative analysis of the 

Mn content in the cathode during cycling for various Zn/MnO2 cells containing initially either EMD-γ-MnO2 

(electrochemically-made), CMD-γ-MnO2 (chemically-made) or β-MnO2 (Figure 1B, Figure S1). The cells 

were cycled between 0.85 and 1.75V at a current of +/- 1 mA and stopped once either the first discharge 

or the first full discharge/charge cycle was completed, prior recovering and quantifying the remaining 

MnO2 from the cathode mixture. From the collected elemental contents we deduced that 2.6 mg, 2.9 mg 

and 10.6 mg of MnO2 are dissolved during the first discharge of the EMD, β-MnO2 and CMD cells, 

respectively, which correspond to dissolution of 19%, 26% and 65% of the initial amount of MnO2 (SI-1, 

Figure S2, supplementary information). With respect to the discharge capacity, such mass loss 

indicates that between 1.85 and 2 e- are exchanged per dissolved Mn atom. These results reveal an 

electrochemical mechanism driven by the 2-electron/4-proton reductive dissolution of MnO2 into Mn2+ (eq. 

1), independently of the starting MnO2 phase. The highest capacity (i.e., highest mass dissolved) is 

obtained for CMD-γ-MnO2, which is made of smaller particles as deduced by SEM (Figure 1B). However, 
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the obtained capacities remained low owing to our inability to fully use our starting MnO2 materials. 

Interestingly, the addition of a redox mediator into the electrolyte, alike what has been recently done with 

Li-air systems, was shown to unlock the capacity from the non-electroactive MnO2.[47] 

 

(1) MnO2 (s) + 2e- + 4 H+  Mn2+ 
(aq) + 2 H2O 

 

The origin of the proton in this mechanism of electro-dissolution of MnO2 is a key question, 

unfortunately often overlooked. Contrary to a general belief, water is not the proton source since MnO2 

shows a purely capacitive behaviour in aqueous electrolytes containing only an inert salt.[38] It is worth 

noting that the 2 M ZnSO4 electrolyte consists mainly of Zn2+ ions solvated by six water molecules. The 

solvated zinc aqua complex [Zn(H2O)6]2+ is a well-known weak Brønsted di-acid characterized by two 

close pKa values (i.e., 8.96 and 8.86 for the first and second deprotonation reaction, respectively).[48] 

Accordingly, it can behave as a proton donor at the MnO2/electrolyte interface,[38] leading after a first 

deprotonation step to the intermediate amphoteric [Zn(H2O)5(OH)]+ complex (eq. 2), which itself can 

further deprotonate to lead to the neutral double hydroxide Zn(H2O)4(OH)2 species (eq. 3). Owing to the 

very low solubility of Zn(H2O)4(OH)2, it precipitates as Zn-layered double hydroxides, which in the 

presence of co-precipitated SO4
2- can slowly convert into the crystalline form of Zn4SO4(OH)6.5H2O (or 

ZHS).[16], [29], [35], [39], [41], [49] 

 

(2) MnO2 (s) + 2 e- + 4 [Zn(H2O)6]2+  Mn2+ 
(aq) + 4 [Zn(H2O)5(OH)]+ + 2 H2O 

(3) MnO2 (s) + 2 e- + 4 [Zn(H2O)5(OH)]+  Mn2+ 
(aq) + 4 [Zn(H2O)4(OH)2] + 2 H2O 

 

It is therefore difficult to specify the exact protonation state of the zinc complexes involved in the 

reductive electro-dissolution of MnO2 and, for sake of simplicity, the best is to propose the overall reaction 

ascribed in eq. 4: 

 

(4) MnO2 (s) + 2 e- + 2 [Zn(H2O)6]2+
  Mn2+ 

(aq) + 2 Zn(OH)2 (s) + 10 H2O 

 
where Zn(OH)2 (s) is the precursor for the local formation of ZHS. It is important to note that, similarly to 

Zn2+ (aq), the Mn2+ 
(aq) ions have a weak Bronsted di-acidity (pKa)[50] and they also can participate as 

proton donors to assist the electrodissolution of MnO2, as evidenced on model electrodes,[38] and then 

precipitate as a double hydroxide, to finally lead into the formation of a Zn-Mn-layered double hydroxide 

or MnxZny(OH)zSO4·5H2O, (ZnMnLDH) as recently reported by Wilkinson et al.[42] 

Although reductive electrodissolution applies to all three MnO2 phases, important differences on the 

first discharge voltage profile have been observed (Figure 1B left-column). Indeed, β-MnO2 is marked 

by a well-defined discharging plateau at 1.2 V, that is not present in the case of CMD- or EMD-γ-MnO2 

for which the cell voltage shows progressive decrease from a much higher potential value. We 

hypothesize these differences to be nested in a varying initial pH of the electrolyte arising from the surface 

states of the pristine materials. To test this hypothesis, we placed 50 mg of each MnO2 into 50 mL of 

distilled water and note that the pH of the supernatant raised by two units for β-MnO2, and by 0.5 for EMD-

γ-MnO2 and CMD-γ-MnO2. This is in line with the mismatch observed in the β-MnO2 cells, and the lower 

value of the discharge potential which we attribute to a higher initial pH. Indeed, according to the Nernst 

law of eq. 1, the discharge potential for the electrodissolution of MnO2 is expected to vary by 120 mV per 

pH unit,[38] most likely allowing early precipitation of ZHS (Figure 1B, bottom left). 
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Figure 1. (A) Galvanostatic profiles at +/- 2 mA of the (left) 1st and (right) 10th cycle of an EMD-γ-MnO2/Zn cell. 
Cell started on discharge. Yamamoto’s conditions.[14], [51] Cathode: 40 mg of EMD-γ-MnO2 mixed with 10 mg 
of Super P carbon powder. Electrolyte: 200 µL of 2 M ZnSO4. Anode: Zn foil. Temperature: 25°C. (B) 
Comparison between the 1st (black plain lines) and 10th (dashed red lines) galvanostatic cycling profiles at +/- 1 
mA of CMD-γ-MnO2/Zn (top row), EMD-γ-MnO2/Zn (middle row) and β-MnO2/Zn (bottom row) cells. Cells started 
on discharge. Yamamoto’s conditions.[14], [51] Cathode: 20 mg of MnO2 mixed with 5 mg of Super P carbon 
powder. Electrolyte: 100 µL 2 M ZnSO4. Anode: Zn foil. Temperature: 25°C. SEM images of the pristine cathode 
materials are given as insets in the left column. Right column: number of electrons exchanged per 
dissolved/deposited Mn determined using ICP quantification and Faraday’s law. 
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In the following charging step, ICP results show that the cathode regains its initial mass in Mn 

whatever the cell considered, which indicates back electrodeposition of manganese oxide by re-oxidation 

of Mn2+ produced on discharge. Moreover, the slight capacity decrease upon the following charge, 

independently of the pristine MnO2 type (Figure 1B, right column), suggesting that the redox state of 

the newly electrodeposited Mn-oxide is significantly lower than that of pristine MnO2. The number of 

electrons exchanged per Mn atom deduced from ICP is indeed equal to 1.6 in all cells, which indicates 

that the same oxidation product is formed independently of the MnO2 we started with. Afterwards, all cells 

could be reversibly cycled (see 10th cycle plotted in Figure 1B), with the galvanostatic curves exhibiting 

two plateaus at charge and a voltage hint at 1.3 V at discharge.  

Overall, the above results show the sustained reversibility of the Zn-MnO2 system in a Mn2+-free 

electrolyte, while recent studies stated that a Mn2+ additive is mandatory for good cyclability.[20], [52] We 

thus added 0.2 M MnSO4 to the electrolyte of the cells assembled as above but no modifications were 

observed in the degree of dissolution (Figure S3, Supplementary information).This confirms that the 

Mn2+ additive does not impede the reductive dissolution of MnO2 but simply prevents Mn2+ depletion at 

the electrode/electrolyte interface during the back electrodeposition process.[38] Besides, it also allows 

for over-deposition of MnO2 during the charge, leading finally to an artificial increase of the cathode 

gravimetric capacity. 

To interrogate the way the partial dissolution-precipitation occurs, we conducted SAED, HAADF-

STEM, EDX, and EELS measurements on ex-situ samples recovered from cells based on Csp-EMD-γ-

MnO2 composites (see Supplementary information SI-2 for the experimental details) that were (1) 

discharged, (2) discharged-charged once, and (3) discharged-charged ten times between 0.85 and 1.75V 

(Yamamoto’s conditions, Figure 2). STEM-EDX maps of the sample 1 (after first discharge, Figure 2A, 

left panel) reveal two phases, identified as ZHS and γ-MnO2. The ZHS phase lacks crystallinity and can 

only be recognized in STEM-EDX compositional maps as particles enriched with jointly Zn and S (Figure 

2A left-panel), while SAED patterns of γ-MnO2 can be confidently indexed to a C2/m monoclinic structure 

with a ≈ 13.7 Å, b ≈ 2.9 Å, c ≈ 4.5 Å, β ≈ 90.5° (Figure 2A right -panel). HAADF-STEM images 

demonstrate a typical rutile-ramsdellite intergrowth structure (mixing of the 1x1 and 1x2 tunnels formed 

by edge-sharing MnO6 octahedra) consisting of nanosized [130]/[010] twinned domains. Such structure 

is ascribed to our remaining pristine γ-MnO2 (compare to Figure S4, Supplementary information), thus 

confirming a discharge mechanism based on electrodissolution of MnO2 and local precipitation of ZHS. 

The sample morphology drastically changes at the end of the following charge (sample 2) with namely a 

significant decrease in the size of ZHS agglomerates (Figure 2B). Besides, we identified the presence of 

two Mn-based phases with different Zn:Mn ratios. The first phase has a Zn:Mn atomic ratio of 8:92 with a 

monoclinic γ-MnO2 structure as the one identified in sample 1 (Figure 2B, right panel 1), which 

corresponds to the pristine material. The second phase contains both Zn and Mn and forms intertwined 

fibres with poor crystallinity. The SAED pattern indicates that this phase adopts the structure of hexagonal 

ε-MnO2 akhtenskite (sp. gr. P63/mmc). However, the presence of the broad prominent diffraction ring at 

~3.55 Å suggests an additional Mn-Zn ordering since this ring cannot be indexed with the referenced 

akhtenskite structure.[53] STEM-EDX elemental maps show Zn: Mn atomic ratio of 25:75 in the ε-

(Zn,Mn)O2 akhtenskite. In addition, the Mn valence state in this phase was calculated as +3.3 by EELS, 

which implies with great certainty that Zn is an intrinsic part of the charged phase. Hence, we attributed 

this second phase to Zn0.33MnO2 (Figure 2B left). This finding is not specific to cells based on EMD-γ-

MnO2 since HAADF-STEM images and SAED patterns of CMD-γ-MnO2 and β-MnO2 also reveal some 

Zn0.33MnO2 phase upon the first charge (Figures S5 – S9, Supplementary information). Furthermore,  
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Figure 2. (A) (left) HAADF-STEM image and EDX maps for Zn, Mn, S and O in the sample 1 (after 1st discharge) 
containing γ-MnO2 and Zn4SO4(OH)6·xH2O. (A) (right) HAADF-STEM image and corresponding SAED pattern 
of γ-MnO2. White arrowheads in the SAED pattern indicate diffuse reflections from the overlapping [130]- and 
[010]-oriented domains. White rectangles ("1" and "2") indicate the [130] and [010] domains of the γ-MnO2 
structure (shown enlarged at the right with the Mn atoms overlaid as purple spheres). (B) (left) HAADF-STEM 
image and EDX maps for Zn, Mn and S in the sample 2 (after 1st charge) (B) (right) SAED patterns of the two 
phases observed in the sample 2: ε-(Zn,Mn)O2(1) and γ-MnO2 (2) along with their representative Mn-L2,3 EELS 

edges. (C) (left) HAADF-STEM image and EDX compositional maps for Zn, Mn, O and S in the sample 3 (after 
10th charge). (C) (right) SAED patterns of the two phases observed in the sample 3: ε-(Zn,Mn)O2 (1) and γ-

MnO2 (2), Mn:Zn similar to the sample 2 
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this Zn0.33MnO2 phase has also been clearly identified in the sample 3 (10th charge) in high amounts 

(Figure 2C), signing its accumulation over cycling. The formation of Zn0.33MnO2 during the 

electrodeposition of MnO2 implies a lower number of electrons exchanged per Mn atom than for the 

pristine MnO2. However, the e-/Mn2+ ratio of 1.6 deduced from ICP (see above) is significantly higher than 

the value of 1.3 associated to the formation of Zn0.33MnO2, so we assume MnO2 to be also formed during 

the charge. 

Lastly, it is worth mentioning that no spinel-structured phases were ever detected in the samples 1-

3. Thus, the presence of the Zn0.33MnO2 after the first charge and its growth upon subsequent charges 

(Figures S10-S13, Supplementary information) testifies that the growth-nucleation of this phase results 

from an electrochemical triggering of chemical reactions upon oxidation, rather than any type of Zn2+ 

insertion process.[43], [44], [54] Although our observations indicate a major path involving Mn-oxide 

growth and dissolution, subtle process variations can be observed depending on the nature of the pristine 

material. Indeed, ZnMn2O4 tetragonally distorted spinel phase has been detected in β-MnO2 and CMD-γ-

MnO2 after 10th cycle in contrast to EMD-γ-MnO2 for reasons we cannot explain, but their contribution is 

minimal. Moreover we should recall that such a spinel phase was already reported and its growth 

explained from a MnxZny(OH)2SO4.5H2O.[42] (Figures S14- S17, Supplementary information). 

In any case, such early journey through the Zn-MnO2 system teaches us that from the beginning its 

cyclability in a mild acidic 2 M ZnSO4 aqueous electrolyte is associated to a reversible 

electrodissolution/electrodeposition reaction, coupled to a complex precipitation/dissolution process. 

However, at that time, owing to the lack of quantitative analysis together with the system’s complexity, 

reaching a final conclusion regarding the mechanism was difficult. As always in such a situation, there is 

a need to simplify the system. So from now on, our cells will be initially MnO2-free, if not otherwise 

specified, and thus be started on charge to promote the electrodeposition of Mn-oxides in situ. 

3.2. From MnO2 electrodes to electrodeposited MnO2 electrodes  

Since the electrodeposition of MnO2 requires a Mn2+-containing electrolyte, we selected the 2 M 

ZnSO4 + 0.2 M MnSO4 composition (pH 3.7) in reference to previous works.[19] Mn-oxide was 

electrodeposited on carbon black Csp (super P® from Alfa Aesar) (62 m2/g) in a Swagelok cell containing 

700 µL of electrolyte with Zn foils as counter and reference electrodes. The electrodeposition performed 

at a constant current of 60 μA shows a single plateau at ~1.9 V (vs. Zn2+/Zn) in Figure 3A. The 

electrodeposited material was next characterized ex-situ by Raman spectroscopy, XRD and SAED. The 

Raman spectrum exhibits bands in the 500-700 cm-1 range specific of MnO2 compounds[55] (Figure 

S18A, Supplementary information), while XRD, and SAED reveal the presence of a hexagonal ε-MnO2 

phase with an akhtenskite-type structure (Figures S18B and S18C, Supplementary information) with 

the particles showing a very small Zn:Mn atomic ratio (6:94) as deduced from EDX analysis. The minute 

amount of detected Zn corresponds most likely to electrolyte residuals (Figure S19, Supplementary 

information) since the SAED ring at 3.55 Å characteristic of the Zn/Mn ordering in Zn0.33MnO2 is absent 

in such pattern.  

The amount of MnO2 electrodeposited was quantified by ICP (see Supplementary information SI-4 

for the experimental details). Interestingly, it is inferior to the theoretical weight (close to 50%) deduced 

from Faraday’s law considering the 2-electron oxidation of Mn2+ into MnO2. The departure from 100% is 

likely rooted in the oxygen evolution reaction (OER)[56] as a consequence of the strong acidification of 

the electrolyte resulting from the release of 4 H+ per MnO2 electrodeposited (eq. 5), spawning thus the 

voltage plateau at almost 1.9 V. This has been confirmed by an in situ monitoring of the dissolved oxygen 
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concentration (measured with a digital luminescent/optical probe (see Supplementary information SI-5 

for the experimental details). 

(5) Mn2+ 
(aq) + 2 H2O  ε-MnO2 (s) + 2 e- + 4 H+ 

(aq) 

 

Figure 3. (A) Galvanostatic profile recorded at +/- 60 µA of a C/Zn cell (made of a self-standing carbon powder-

based cathode, i.e. a mixture of 10 %(w) PTFE and 90 %(w) Csp, and a Zn foil anode) in 700 µL of 2 M ZnSO4 

+ 0.2 M MnSO4 electrolyte. The cell cycling was started by a charge to induce MnO2 electrodeposition at the 

carbon powder-based electrode (electrodeposition time: 44 hours). Temperature: 25°C. (B) Same as in A but 

starting the cell cycling by a discharge. (C) XRD patterns (black) of the self-standing carbon powder-based 

electrode after a galvanostatic discharge in a 2 M ZnSO4 + 0.2 M MnSO4 electrolyte. The reference patterns are 

given in red and blue. (D) First charge capacity as a function of the first discharge capacity for a set of C/Zn cells 

started by a discharge at different currents (ranging from 10 to 60 µA) and at different voltage cut-offs (between 

1 V to 0.65 V) in 700 µL electrolyte (2 M ZnSO4 + 0.2 M MnSO4). 
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After being deposited, ε-MnO2 has been discharged at 60 µA (in the same cell, Figure 3A), showing 

the characteristic voltage profile with a voltage hint at 1.3V, delimiting region 1 over which ZHS and 

probably some ZnMnLDH precipitate as deduced by HAADF-STEM and STEM-EDX (Figure S21, 

Supplementary information). The subsequent charge first shows two stair-case-like plateaus at 1.5V 

and 1.55V (region 2 in Figure 3A), followed by a long plateau at 1.9 V which mirrors the process of the 

initial charge (identified as ε-MnO2 electrodeposition and OER). Ex situ STEM-EDX and HAADF-STEM 

studies of the cells stopped at the end of region 2 indicate formation of Zn0.33MnO2 (Figures S22 and 

S23, Supplementary information). Interestingly, the capacity in region 2 corresponds roughly to the 

discharge capacity of region 1 (± 10%), thus suggesting that the charge capacity of the electrode below 

1.8 V is correlated to the amount of ZHS precipitated over the electrode surface during the first discharge. 

To check this point, several C/Zn cells using (2 M ZnSO4 + 0.2 M MnSO4) electrolytes were assembled 

and started on discharge in order to produce zinc hydroxides in-situ, since in absence of MnO2 the 

reaction on discharge at the carbon black cathode is expected to be the reduction of either dissolved 

oxygen (i.e., ORR) or protons (i.e., HER). Experimentally, we observe a sloping plateau at 1 V in Figure 

3B. The cathodic process is proton-consuming, just as the MnO2 reduction, and similarly triggers the 

precipitation of ZHS at the cathode surface, as evidenced by XRD (Figure 3C). Thereafter, the cell is next 

charged in a voltage window corresponding to region 2 and we note that the freshly formed ZHS leads to 

the two stair-case-like plateaus. Additionally, by playing with both the current (10 – 60 μA) and cut-off 

voltage (1.0 – 0.65 V), we could easily modulate the capacity of the first discharge (mAh) and it turned 

out that it linearly drives the capacity of the subsequent charge (Figure 3D). Altogether, these results 

evidence that the presence of ZHS – introduced either by starting a C/Zn cell on discharge or through the 

first discharge of a cell containing MnO2 – induces the electrodeposition of Mn-oxides at 1.5 V/1.55 V 

rather than 1.9 V accompanied by the dissolution of ZHS. 

Although we proved that the ZHS basic species steer the electrochemical process on charge, it is 

interesting to determine how a decrease of electrolyte pH can influence the voltage profile of the cell. To 

change the electrolyte acidity without changing its nature, we have taken advantage of the MnO2 

electrodeposition process to in-situ generate protons (eq. 5) in two C/Zn cells charged up to an identical 

charge of 0.24 mAh but in very different volumes (2 mL vs. 300 µL) of the 2 M ZnSO4 + 0.2 M MnSO4 

electrolyte. While nearly alike upon charge, the cells behave drastically differently on the following 

discharge (Figure 4). Namely, the cell with a limited amount of electrolyte (300 μL) shows a smooth and 

continuous voltage decrease (blue curve), indicative of a slow increase of the pH, while the one containing 

2 mL of electrolyte exhibits a more conventional profile (green curve), with a fast potential decrease and 

voltage hint at 1.3 V on discharge, attributed to ZHS precipitation (vide infra). Such a behaviour can be 

explained by higher concentration of H+ accumulated in the cell of 300 µL at the end of charge (i.e., the 

pH is lower) compared to the cell of 2 mL (see Figure 4 caption). As a result, during discharge these 

accumulated protons can be more effectively exploited for MnO2 electrodissolution, leading also to a 

slower rate of pH decrease. Hence, the voltage hint signing the ZHS precipitation is not observed in the 

small electrolyte volume. Consistently, when we replace, in a charged cell, the 300 μL of electrolyte by 

the same amount of fresh electrolyte (removing the H+ produced during the initial charge), the voltage hint 

at 1.3 V is recovered (black curve in Figure 4). Such observation highlights a strong dependence of the 

Zn-MnO2 system on electrolyte volume and composition, especially regarding the source of protons.  
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Figure 4. Galvanostatic charge and discharge profile at +/- 30 µA recorded at a C/Zn cell in (blue) 300 µL or 

(green line) 2 mL of a 2 M ZnSO4 + 0.2 M MnSO4 electrolyte. The black curve is the same experiment as blue 

curve except that the cell is discharged in fresh 300µl electrolyte. Note that during the galvanostatic charge 

(performed here at a sufficiently slow rate to be close to the thermodynamic equilibrium) the potential increases 

less rapidly in the large volume cell (green line), which is indicative of a slower rate of acidification of the bulk 

electrolyte (the voltage of the cell is indeed directly linked to the pH of the bulk electrolyte through the Nernst 

equation associated to eq. 5).[38] 

3.3. Prospecting the reaction mechanism in Zn-MnO2 via operando techniques 

Operando Raman spectroscopy has been selected to follow the evolution of the Mn-oxides upon 

cycling since it provides good temporal resolution as well as structural information of poorly crystallized 

materials.[57] The Raman spectra collected on a carbon PTFE substrate in 2 mL of the 2 M ZnSO4 + 0.2 

M MnSO4 electrolyte and their corresponding electrochemical curve are shown in Figure 5A (SI-7 for 

details). Initially, the spectrum is nearly flat and with increasing state of charge, the peaks corresponding 

to ε-MnO2 appear reaching a maximum intensity at 2 mAh and remain constant afterwards upon further 

electrodeposition because the effective Raman penetration depth is exceeded (Figure 5B). Next, to follow 

the ε-MnO2 dissolution and ZHS precipitation, we refreshed the electrolyte solution and observed two 

different behaviors during the discharge. First, a progressive decrease of the Raman intensity without any 

frequency shift which denotes the simple dissolution of ε-MnO2. Once the potential reaches 1.3 V, the ε-

MnO2 signal widens and abruptly decreases in intensity, likely partially masked by the ZHS precipitate 

(Figure S25).[54] Noteworthy, the second charge is marked by the appearance of ε-MnO2 peaks together 

with the emergence of a new peak at 650 cm-1 indicative of a change in the symmetry of the Mn sites 

(Figure 5B) [55], [58] This suggests, as it has been proposed by TEM study, the growth of an isostructural 

phase formed upon the second charge (Figure S26, Supplementary Information). This does not come 

as a surprise since the presence of Zn2+ into Zn0.33MnO2 induces a Mn3+/Mn4+ distribution that changes 

the symmetry of the MnO6 octahedra.[59] 

In parallel, the reactivity of ZHS has been monitored via in situ XRD. An XRD cell was assembled by 

directly adding ZHS (chemically synthetized beforehand)[60] into the carbon mixture in a 80%(w)/20%(w) 

ratio (see SI-8 for experimental details). Upon charge in a 400 µL of 2 M ZnSO4 + 0.2 M MnSO4 electrolyte 

the cell shows the classical two plateaus at 1.5 V and 1.55 V, while the subsequent discharge curve 

presents the typical voltage hint attributed to ZHS precipitation. Concomitantly, at an early state of charge,  
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Figure 5. (A) Galvanostatic charge at +/- 60 µAof a C/Zn cell composed of a self-standing electrode (PTFE-Csp) 

as cathode and a Zn foil as reference and counter electrode in 2 mL of electrolyte (2 mol.L-1 ZnSO4 + 0.2 mol.L-

1 MnSO4), and its subsequent galvanostatic discharge and charge in 2mL of fresh electrolyte at -/+ 60 µA. (B) 

Evolution of the in situ Raman spectra acquired using a laser of 514 nm wavelength with collecting times of 802 

s for the spectra which represents 0.57 mAh of interval capacity (see Supplementary Information SI-7 for 

experimental details). Noteworthy, we could not trace ZHS evolution by Raman in situ, due to its very low 

Raman cross section, (Figure S24, Supplementary Information). (C) Galvanostatic charge and discharge 

profile and its in-situ XRD monitoring of a ZHS-Csp/Zn cell cycled at 10 µA in 2 M ZnSO4 + 0.2 M MnSO4 

electrolyte. Attributions: • ZnSO4 3Zn(OH)2 . H2O (PDF 00-039-0690), * ZnSO4 3Zn(OH)2 . 4H2O (PDF 00-044-

0673), ‡ ZnSO4 3Zn(OH)2 . 5H2O ( PDF 00-039-0688), ¤ Poly(vinylidene fluoride) PDF 00-057-1927). Synthetic 

ZHS was synthetized following the protocol Moezzi et al[60] (see Materials and methods). (D) First cycle (black 

line) and Charge voltage cut-off (blue line) of a C/Zn cell wherein the cathode is made of a mixture of 2.4 mg 

ZHS and 3.6 mg Csp. The cell was cycled (rate: 60 µA) in 2 M ZnSO4 + 0.2 M MnSO4 electrolyte. (E) First cycle 

(black line) and discharge voltage cut-off (green line) recorded under the same experimental conditions than B 

(except for the cut-off potential). 
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we identify 4 diffraction peaks corresponding to the synthetic ZHS of the cathodic composite (identified 

as a mixture of ZnSO4 3Zn(OH)2 . 4H2O and ZnSO4 3Zn(OH)2 . H2O Figure 5C). The intensity of the ZHS 

peaks decreases upon the first charging plateau and the transition to the second charging plateau is 

marked by a complete intensity loss. Hence, we associate the 1.5 V charging plateau as the main step of 

ZHS dissolution. During the following discharge process, XRD tracks the appearance of a new ZHS phase 

(identified as Osakaite, Zn4(OH)6SO4.5H2O) where the voltage hint occurs, thus confirming its attribution 

to a phase nucleation and growth process.[39], [40], [61] 

By limiting the charge to the first plateau so that some synthetic ZHS remains at the cathode (Figure 

5D), we do no longer observe the voltage hint in the following discharge curve, implying that the inflexion 

point observed on charge (delimiting the 1.5 V and 1.55 V plateaus) governs the appearance of the voltage 

hint on discharge. Similarly, we can avoid the voltage hint associated to ZHS precipitation (Figure 5E) by 

first full charge of the electrode and then limiting the following discharge before the voltage hint, hence 

implying that the first discharge plateau is related to the charge process at 1.55 V. This demonstrates that 

there are two equilibriums of different nature in the system, likely resulting from the ZHS dissolution 

mechanism. 

At this stage, to grasp for further insights into the interfacial processes, we performed in situ 

electrochemical quartz crystal microbalance (EQCM) experiments using a laboratory-designed EQCM 

hardware with Au-patterned quartz crystals acting as the working electrode (SI-9 for details). First, we 

examined the microbalance frequency profiles induced by the electrochemical deposition of MnO2 in the 

presence of an aqueous buffered electrolyte made of 1 M sodium acetate + 0.1 M MnCl2 (pH 5), which 

acts as a proton source while keeping the pH constant.[37], [38] During the electrochemical deposition of 

MnO2 at 12 µA for 34 min in 4 mL acetate buffer, there is, in line with previous reports,[62], [63] a linear 

increase of the electrode mass up to 24.6 µg throughout a 1.56 V plateau (vs. Zn2+/Zn) (Figure S29). The 

mass per electron was calculated as 140 g.mol-1 by combining the Sauerbrey equation and the Faraday 

law (
𝑀

𝑧
= 𝐹

𝛥𝑚

𝛥𝑄
= −𝐹𝐶𝑓

𝛥𝑓

𝛥𝑄
), assuming a 1.7-electron oxidation process.[62] It was attributed to 

MnO2·nH2O, where here n = 3 (considering the molar mass of MnO2 equals to 87 g.mol-1). Note that such 

charging protocol was used for all the EQCM experiments hereafter. 

Upon the subsequent discharge at a current of -3 µA, the frequency linearly increases along the well-

defined plateau at 1.5 V, thus reflecting a steady loss of mass as expected for an electrodissolution 

process at a constant rate (Figure 6A). Such process is accompanied by little changes in the motional 

resistance (ΔRm of ~15 Ω, Figure S30, Supplementary Information), indicating that electrodissolution 

induces small variations of the viscosity and density at the MnO2 film/electrolyte interface and/or of the 

viscoelastic properties of the MnO2 film itself. Pushing the reduction further, the frequency still increases 

at the same constant rate while the galvanostatic curve goes through a second short plateau at 1.35 V, 

which might be indicative of a fraction of MnO2 that is more resistive against dissolution. Finally, we 

recover 88% of the charge capacity by the electrodissolution process.  

For sake of completion, the electrodissolution process has also been studied in a sulphate-based 

electrolyte by EQCM (Figure 6B). At the early state of discharge (Region I), the electrochemical 

dissolution of MnO2 is accompanied by an unexpected slight frequency decrease (increase in mass) which 

occurs with very low changes in motional resistance, Rm (less than 10 Ω in Region I Figure S31, 

Supplementary Information), and a small ΔRm/Δf ratio, hence suggesting that no precipitate is formed 

in Region I. This led us to assume that the mass loss associated to MnO2 electrodissolution is here 

counterbalanced by some physical phenomenon that could be related to locally generated deprotonated 
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Zn2+ complexes (as proposed in eq. 2). Indeed, such complexes are prone to condensation,[64], [65] 

leading to the formation of soluble polynuclear entities of higher molecular sizes and lower mobility,[66] 

which might accumulate at the electrode/electrolyte interface as a result of an imbalance between their 

production rate and loss by mass transport (i.e., by diffusion into the bulk electrolyte). Note that the 

penetration depth of the acoustic wave in our EQCM measurements (9 MHz, fundamental frequency) is 

189 nm,[67]–[69] thus allowing to detect the accumulation of such soluble species at the vicinity of the 

electrode. Subsequently, zero-charged mono- or polynuclear precursors will nucleate into a solid phase 

once their solubility limit is reached, leading to the precipitation of hydroxides such as ZHS. A similar 

process of nucleation/growth has been proposed for LiS composite in lithium sulphur batteries.[70] 

Turning to Region II (Figure 6B), there is a huge frequency decrease that occurs conjointly with 

substantial changes in the motional resistance, Rm (Figure S31, Supplementary Information), that can 

be assuredly ascribed to the precipitation of ZHS since it appears synchronously with the voltage hint at 

1.3 V. Moreover, the change in Rm is indicative of an increase of the interface’s density and viscosity so 

that the acoustic wave has more difficulty crossing it. In such cases, the Sauerbrey equation is invalid, 

but the Rm can be used as a qualitative indicator of ZHS formation.[61], [67], [68] Such a formation was 

straightforwardly confirmed by FEG-SEM images (Figure S32, Supplementary Information) that show 

a dramatic change in morphology with particles appearing on the surface after the potential bend with a 

compositional Zn:S ratio close to 3:1 (likely corresponding to a Zn-layered double hydroxide phase with 

entrapped SO4
2-ions). Altogether, these results indicate that the mechanistic pertaining to the functioning 

of the Zn-MnO2 cells is strongly influenced by the nature of the electrolyte with the buffer acetate being 

somewhat the model media to eliminate pH gradients.  

Next, to better understand the nucleation-growth process of ZHS in sulfate-based electrolytes in Zn-

MnO2 cells, we explore the role of cycling either at a varying or constant C rate. Figure 6C shows the 

discharge at different rates (0.2 C, 0.4 C and 1.6 C) of three cells loaded with freshly deposited 24.6 µg 

MnO2. The cells show nearly the same discharge capacity and an abrupt frequency decrease when the 

voltage hint appears. Note that the frequency response (in Region I) is negative for high/medium C-rates 

indicating mass gains (Figure 6D) while the frequency response is positive (mass losses) for low C-rates 

(Figure 6E). This suggests a larger accumulation of soluble basic species at the interface when high rates 

are used, in agreement with our assumption that slow discharge generates less mobile polynuclear 

species through condensation. Moreover, we note that the voltage hint associated to hydroxide 

precipitation appears earlier as the current increases (Figure 6C), further confirming that an increase in 

current density promotes accumulation of such species and hence the earlier precipitation of ZHS. 

Lastly, we fix the C-rate at 0.4C for three cells with different MnO2 loading (i.e., 18.45 µg, 24.6 µg 

and 36.9 µg), in order to establish the flux of basic soluble species produced at the MnO2/electrolyte 

interface and thus snapshot the time when the precipitation of ZHS starts. Figure 6F shows that the 

voltage hint occurs at the same time in the three cases which corresponds to a gravimetric capacity of 

136 mAh/g. Moreover, the three cells show similar frequency decreases in Region I, indicating that the 

ZHS precipitation dynamics is the same Figure 6G-H. However, there is some limit to this trend when the 

current becomes very low (small loadings at same C-rate) so that the frequency in Region I increases 

(Figure S33, Supplementary Information). This is indicative of a regime with less interfacial 

accumulation of basic soluble species that induces a delay in the precipitation of ZHS occurring at 175 

mAh/g. Finally, the length of the second discharge plateau (Region II) decreases with the MnO2 loading 

(Figure 6F) suggesting that the faster the precipitation of ZHS, the greater the chance of blocking the 

discharge process as suggested by the difference in the slope of the frequency plot (calculated at the  
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Figure 6. (A) (blue curve) Galvanostatic discharge profile at -3 µA recorded at a carbon-coated Au-quartz 
resonator over which was electrodeposited 24.6 µg MnO2 and (red curve) the corresponding frequency variation 
during MnO2 electrodissolution in a 4mL acetate buffer (1 M acetate buffer + 0.2 M MnCl2) of pH 5. A Pt and 
Hg/Hg2SO4 were used as counter and reference electrodes, respectively. (B) (black curve) Same as in A but in 
a 4 mL of 2 M ZnSO4 + 0.2 M MnSO4 electrolyte and (red curve) the corresponding frequency response. (C) 
Galvanostatic discharge of 24.6µg MnO2 at -1.5µA (orange curve), -3µA (black curve) and -12µA (green curve) 
corresponding to 0.2C, 0.4C and 1.6C, respectively. The C-rates were calculated following the equation: C= I/Qc 
where I corresponds to the applied current (in µA) and Qc to the capacity (in µAh) used to electrodeposit 24.6 
µg MnO2. (D) Galvanostatic discharge/charge (green curve) and frequency variation (red curve) of 24.6µg MnO2 
cell at ±12µA / 1.6 C. (E) Galvanostatic discharge/charge (orange curve) and frequency variation (red curve) of 
24.6µg MnO2 cell at ±1.5µA / 0.4 C. (F) Galvanostatic discharge vs time of 18.45 µg MnO2 (gray curve), 24.6 
µg (black curve) and 36.9 µg MnO2 (pink curve) at 0.4 C (0.12 µA/µg MnO2). (G) Galvanostatic discharge vs 
gravimetric capacity (gray curve) and frequency variation (red curve) of 18.45 µg MnO2. (H) Galvanostatic 
discharge/charge (pink curve) and frequency variation (red curve) of 36.9 µg MnO2 cell. Note the irregular 
behaviour of the frequency at the end of the discharge, which sometimes starts to increase (6G and 6H). This 
behaviour could reflect a limited mechanical stability of the ZHS bulk deposit, but without a clear trend being 
discernible. 
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beginning of the nucleation process Figure S34, Supplementary Information).Such conclusion is in line 

with literature reports showing limited capacities at high C rates.[16], [35] 

Regarding the subsequent charges, all the voltage profiles commonly exhibit the typical two plateaus 

while the frequency curves follow the same trend. The sharp increase of frequency is associated to the 

dissolution of ZHS forced by the electrochemical process. Moreover, we note a high ΔRm/Δf ratio all along 

the first plateau signing the presence of ZHS (in agreement with in situ XRD measurements in Figure 

5C). The transition to the second charging plateau is marked by a drastic decrease of the motional 

resistance, which returns to its initial value (Figure S31, Supplementary Information), thus confirming 

that the ZHS layer is almost inexistent at this point. Surprisingly, the frequency remains almost constant 

all over the second plateau while MnO2 is deposited. This suggests again the formation of soluble basic 

species from the partial dissolution/hydrolysis of ZHS during the MnO2 electrodeposition, which due to 

their poor mobility remain close to the electrode surface and thereby provide an extra buffering effect. 

Altogether, the results that are observed upon cycling provide the irrevocable proof that the voltage 

hint is associated to the precipitation of ZHS with the evidence of two reversible processes dealing with 

either solid ZHS or soluble basic species, with the former already detected by XRD (Figure 5C). Next, we 

take benefit from such a fundamental insight to improve aqueous Zn-MnO2 cells via the selection of 

electrode composites based on specific additives. 

3.4. Improving the energy density of Zn-MnO2 through cathodic composites 

Knowing that most of the side reactions involved in the system (such as water oxidation and zinc 

corrosion) become predominant when the pH is not controlled during cycling, we focused our attention 

on the equilibrium of ZHS, which, through its buffering properties, significantly reduces pH changes. 

Thus, we studied the effect of ZHS on the cycling performances of Zn-MnO2 batteries by adding solid 

ZHS chemically synthetized (identified in Figure 5C) to the carbon cathode mixture in place of MnO2 

as has been adopted in previous works.[24], [54] The cell was charged against a Zn foil in 300 µL of 2 

M ZnSO4 + 0.2 M MnSO4 electrolyte, at a potential of 1.75 V to avoid OER, reporting a columbic 

efficiency of 1.6 electrons per Mn2+ ion according to ICP quantification (see Supplementary 

Information SI-10 for experimental details). Interestingly, by increasing the amount of ZHS, we 

succeeded in scaling up the capacity of the system (Figure 7A), echoing our previous experiments 

with in-situ formation of ZHS (Figure 3D). Both charge and discharge show that the amplitudes of the 

two plateaus increase with the initial mass of solid ZHS, and by the same magnitude, hence, the 

galvanostatic profiles stay almost unchanged (Figure 7B). Finally, the cathode delivers a specific 

discharge capacity of 103 mAh/gZHS that is relatively lower than the gravimetric capacity reported by 

Zhao et al. (123 mAh/gZHS).[24] Such differences find its ground in the hydration of the initial ZHS 

additive. However, the benefit of adding ZHS in lowering the electrodeposition voltage of MnO2 and by 

the same token avoiding OER, is negated by its penalty imposed on the energy density of “ZHS-C/Zn 

cells” with respect to conventional MnO2/Zn cells due to its low weight content in OH- (around 22% in 

Zn4(OH)6SO4). This has prompted us to replace ZHS by other poorly soluble metal ions-based 

hydroxides/oxides, with lower molecular mass. Along that line, we selected three compounds: ZnO, 

La(OH)3 and Mg(OH)2, which could also be hydrolyzed by the protons released during the MnO2 

electrodeposition (see reactions below), thus ensuring a buffering effect. According to their weight 

content in OH-, the gravimetric buffering efficiency is expected to decrease by a factor 2.2 from Mg(OH)2 

(59%) to La(OH)3 (27%) (see table S5, Supplementary information). Furthermore, depending on the 

Brønsted acidity of their aquo soluble metal ions complexes (see reactions below), they can also act  
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Figure 7. (A) Galvanostatic charge and discharge profiles at a constant current of +/- 60 µA of C-ZHS/Zn cells 

containing different amounts of ZHS (0.6 to 2.4 mg). (B) Plateau capacity (extracted from A) as a function of the 

added ZHS mass in the cathode mixture.  

 

as proton donor during the following discharge, and thus be part of the basic species that 

accumulate/precipitate at the electrode.[50], [71], [72] 

(6) ZnO (s) + 2 H+
(aq) + 5 H2O ⇄ [Zn(H2O)6]2+    pKs = 17 (in water) 

(7) [Zn(H2O)6]2+ ⇄ [Zn(OH)(H2O)5]+ + H+
(aq)     pKa1 = 9  

      

(8) La(OH)3 (s) + 3 H+
(aq) + 3 H2O ⇄ [La(H2O)6]3+    pKs = 18.9 (in water) 

(9) [La(H2O)6]3+ ⇄ [La(OH)(H2O)5]2+ + H+
(aq)     pKa1 = 8.5  

 

(10) Mg(OH)2 (s) + 2 H+
(aq) + 4 H2O ⇄ [Mg(H2O)6]2+    pKs = 11 (in water) 

(11) [Mg(H2O)6]2+ ⇄ [Mg(OH)(H2O)5]+ + H+
(aq)    pKa1 =11.4  

 

To confirm the feasibility of ZnO, La(OH)3 and Mg(OH)2 to be employed as buffer species, we first 

characterized their dissolution/precipitations kinetics by performing acid-base titrations in 2 M ZnSO4 

(Figure S35, Supplementary Information). As expected, the solids are dissolved easily by the addition 

of an acidic solution (similar behavior observed for ZHS), at a quite stable pH ranging from 5.5 to 6. They 

are thus all suitable to successfully replace ZHS. Subsequently, the electrochemical performances of 

ZnO, La(OH)3 and Mg(OH)2 were tested in 2-electrode Swagelok cells. For this study, the mass of the 

positive electrode was set at 6 mg with an additive mass ratio of 20% ZnO, 20% La(OH)3 and 10% 

Mg(OH)2 (see Supplementary Information SI-11 for experimental details). The cells were cycled against 

Zn in 200 µL of electrolyte (2 M ZnSO4 + 0.2 M MnSO4) in a potential range of 0.75 V-1.75 V and the 

current density was normalized at 0.55 A/gOH (Figure 8). Note that this electrolyte contains 40 µmol of 

Mn2+, and therefore allows a maximum charge capacity of 1.8 mAh (assuming a 1.7-electron per Mn2+ 

oxidation process). 

Interestingly, in the cells containing ZnO and Mg(OH)2, the electrodeposition mirrors the 

electrochemical profile spotted in ZHS-containing cells, with two well-defined plateaus implying that the 

electrochemical proton-coupled process occurs without significant electrolyte pH change. The similarity 

with ZHS is not so surprising and confirms that it is not necessary for the basic additive to initially contain 

Zn2+ ions to allow for the cell to be charged at low potentials. Moreover, almost 98% of the charge capacity 
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is recovered on discharge, indicating a highly reversible process. Concerning the La(OH)3-C/Zn cell, the 

typical staircase charging plateaus morph into a sloping plateau (Figure 8C), which reflects a less 

effective buffering effect. Nevertheless, the system recovers the typical profile in the subsequent 

charge/discharge cycle. In the following discharge, the three additives show a nucleation peak at 1.3 V 

from the first discharge. The peak cannot be related to the re-crystallization of ZnO, La(OH)3 or Mg(OH)2 

since it would not occur at the same potential (different pH ranges of existence), hence, the additive buffer 

effect exclusively intervenes during the first charge. 

Thereafter, we proceed to assemble several cells with different masses of ZnO, La(OH)3 and Mg(OH)2 

(as we did for ZHS), by varying the carbon/additive ratio in the 6 mg positive electrode and keeping the 

cycling current at 60 µA. The galvanostatic profiles are shown in Figure S36-S38, Supplementary 

Information. As expected, the increase of the additive mass in the cathode mixture leads to an increase 

of the overall capacity. However, to compare the buffer capabilities between the different compounds, 

only the equivalent amounts of OH- were considered instead of the amount of additive (since the 

stoichiometry of the additives are different, see eqs 5-7). Thus, by plotting the number of electrons 

exchanged during the first charge as a function of the equivalent number of OH- ions in the additive, we 

obtained a linear relationship with an average slope of 0.42 e-/OH- for all basic additives. Such observation 

is close to the 0.5 value expected for Mn2+ oxidation (i.e., 2 H+ for each 1 e- exchanged). This fact greatly 

supports our ICP quantification and highlights the efficient and similar in-situ buffering effect of the tested 

additives. 

Assuming that the buffer capabilities are equivalent for the three additives, we proceed to compare 

them in terms of specific capacity and long cycling performances (Figure 8D). Unfortunately, the only 

additive able to increase the energy density with respect to Zn-MnO2 cell (cell cycled under similar 

conditions, Figure S39, Supplementary information) is Mg(OH)2, which delivers a gravimetric capacity 

of 412 mAh/g.  

On the other hand, looking at the long cycling performances of these additives (Figure 8D), we can 

observe that the stability is sensibly higher when Mg(OH)2 and La(OH)3 are used. At this stage, one could 

wonder what is so specific about them when they are placed in the 2 M ZnSO4 + 0.2 M MnSO4 electrolyte. 

One explanation could rely in the acidity of [Zn(H2O)6]2+ (initially present in the electrolyte) that  implies its 

partial deprotonation in the presence of basic additives such as La(OH)3 and Mg(OH)2, inducing the in-

situ formation of zinc-based hydroxides species.[73]. Another could be nested in the specific role of solid 

additives such as La(OH)3 and Mg(OH)2) during the first electrodeposition process that could lower the 

contribution of Zn0.33MnO2, hence by changing the nature of the electrodeposited film, we could  change 

the electrochemical performances of the system. The latter is supported by the fact that ZHS-C/Zn cells 

cycled in electrolytes containing a small concentration of 0.07 M La2(SO4)3 or 0.07 M MgSO4 do not exhibit 

improvement of their cyclability as opposed to those assembled with solid additives as part of the 

electrodes (Figure S40, Supplementary information). 

Although offering positive attributes, we must state that the use of additive does not simplify the 

system as all the processes still strongly depend on the experimental cycling conditions. For instance, by 

simply changing the additive/ Csp mass ratio or the amount of electrolyte, we could observe that the cycling 

performances differ considerably (Figure S36-S38, Supplementary Information). Hence, the need to 

optimize the operational conditions for these additives (as we have done here Figure 8D), for which we 

obtained a significantly improved cyclability as compared to literature while using low C-rate.[54] 

Accordingly, caution has to be exercised when comparing the performances of cathodic additives.  
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Figure 8. (left) Galvanostatic profiles vs time of (A) 20% ZnO-C/Zn cell, (B) 10% Mg(OH)2-C/Zn cell and (C) 
20% La(OH)3-C/Zn cell, in 200µL of electrolyte (2 M ZnSO4 + 0.2 M MnSO4) at a current density of 0.55 A/gOH-. 
(right) Amounts of hydroxides added as a function of electrons (µmol) extracted from the 1st charge capacity 
(each point represents a cell with a different additive mass). The current density of 0.55 A/gOH- were established 

by using the following equation: gOH- = n additive  MOH- R, where nadditive corresponds to the amount of additive 
(mol), M is the molecular mass of the additive (g/mol) and R the number of OH- contained in the chemical formula 
of each additive. (D) Cycle performance of Mg(OH)2-C/Zn cell, La(OH)3-C/Zn cell and ZnO-C/Zn cell, in 200µL 
of electrolyte (2 M ZnSO4 + 0.2 M MnSO4) at a current density of 0.55 A/gOH-. 
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4. Discussion-Conclusions 

We have focused on studying the underlying science beyond the rechargeability of Zn-MnO2 batteries 

via combining solution chemistry considerations and experimental methods, including structural and 

electrochemical analyses, while bearing in mind early reports and recent advances. A survey of various 

parameters enlisting the (i) nature, composition of the C-MnO2 positive electrode; (ii) composition and 

volume of the electrolyte, and (iii) presence of solid basic additives and their effects on the 

electrochemistry of Zn-MnO2 cells have been studied for different sweeping voltages and cycling currents.  

Independently of the presence or absence of MnO2 in the pristine positive electrode, we found that 

the voltage-composition profiles, once the first cycle achieved, always show the same electrochemical 

fingerprint response, namely two voltage plateaus on charge and a voltage hint on discharge. We 

unambiguously demonstrate the latter to be linked to the sudden precipitation of ZHS that conjointly 

occurs with the electrodissolution of MnO2. 

From ex-situ SAED, HAADF-STEM, EDX, and EELS analysis of the charged and discharged cathode, 

we confirmed the presence of ZHS at the end of the discharge step, and evidenced the accumulation of 

a new Zn0.33MnO2 phase upon cycling. Which could nucleate from an amorphous one. By adding ZHS 

(either in-situ or ex-situ) to the initial composite electrode, we demonstrated its key role in lowering the 

MnO2 deposit voltage at near 1.5 V on charge, rather than >1.8 V in absence of ZHS, hence directly acting 

on the pH of the cell and the competitive OER (only observed under strongly acidic conditions). This lead 

us to the selections of cathodic basic additives such as Mg(OH)2 or La(OH)3 that result in an enhanced 

capacity retention of Zn-MnO2. 

From in-situ Raman, XRD as well as EQCM measurements, we confirmed the precipitation of ZHS 

concomitant to the voltage hint during the galvanostatic discharge, and that its presence as a precipitate 

is associated to the first plateau at 1.5 V observed upon charge. All along this first plateau, the local 

heterogeneous ZHS/Zn2+ electrolyte buffers the pH at a highly stable value of 5.2, resulting into a highly 

stable electrodeposition voltage. We also showed that the transition from the first to the second charge 

plateau is related to the disappearance of solid ZHS at the electrode interface. Still, the quite stable 

potential of the second plateau signs a stable local pH and thus, indirectly, the presence of some basic 

species to neutralize the protons released during the charge and avoid significant acidification of the 

electrolyte (which is only observed at the end of the charge, once the voltage shows a sudden rise up to 

1.8-1.9 V). The presence of basic soluble species in the vicinity of the electrode during the early stage of 

the discharge (i,e,. before the voltage hint) was confirmed by EQCM, suggesting that the complex sol-gel 

chemistry of metal cations is likely at work prior/after ZHS precipitation/dissolution. 

Although our study provides greater insights on the fundamental correlations between ZHS 

precipitation, MnO2 electro-dissolution, and local interfacial pH, there are still remaining unclarified 

questions. A first one, regards the absence of a clear voltage hint during the first discharge whatever type 

of MnO2 is used, while ZHS is detected from ex-situ electrode characterization, and the voltage hint 

omnipresent in all data from the second cycle onward. A possible explanation can be rooted in pH variation 

triggered by the pristine material. Indeed, since the mechanism relies on 

electrodissolution/electrodeposition; one could anticipate the dispersion of the active material within the 

composite electrode to differ prior and after the first cycle, leading to different space-time distribution of 

soluble basic species production and thus ZHS precipitation.  

Secondly, according to literature reports, the need to add MnSO4 is mandatory for achieving good 

cycling performances. We challenge this statement since we observed good cycling performance for Zn-
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MnO2 cells using 40 mg of MnO2 and 200µl of Mn-free ZnSO4 electrolyte. Noteworthy; with this weight 

to volume ratio, the amount of Mn2+ produced during the reduction leads to an electrolyte having a 

concentration in Mn2+ of 0.37 M that far exceeds the 0.2 M threshold reported in the literature, hence 

highlighting further the importance of the electrolyte volume relative to the weight of active material and 

the risk of issuing general rules.   

Finally, we have spotted as many other groups in the past, the presence of some amount of Zn in the 

charged and discharged samples, with a systematically lower amount for the latter. Although its presence 

is well established, its role has been quite controversial. Initially it was wrongly believed that Zn2+ 

reversibly insert into MnO2 leading to the hastily denomination of Zn-ion batteries. Obviously, the greater 

amount of Zn in the charged sample revokes this assumption as Zn2+ ion should intercalate on reduction. 

In contrast, the feasibility of stabilizing metal-ion doped MnO2 is quite classical in the field of 

electrodepostion,[74] and this happens if the compound to be formed, herein Zn0.33MnO2 has a free 

energy of formation lower than that of its separate components that is ZnO and MnO2 if the deposition 

takes place under conditions close to thermodynamic equilibrium. Once formed such a phase will go 

through an electrodissolution process upon discharge while reforming on the subsequent charge, with its 

observed accumulation after 10 cycles suggesting only partial reversibility, hence explaining somewhat 

the capacity decay.  

In conclusion these observations and unanswered questions further highlight the complexity of the 

rechargeable Zn-MnO2 chemistry and put somewhat in perspective the few decades of research that went 

in moving from saline to primary alkaline batteries. Such a complexity is intrinsic to battery systems having 

the electrolyte being an active part of the cell redox chemistry, alike Pb-acid batteries whose chemistry 

after nearly 200 years of research is less understood than that of the 30 years old Li-ion chemistry. Let’s 

hope that the reverse journey of going from primary alkaline to rechargeable saline batteries using a mild 

acidic electrolyte will be shorter. We hope that the additional knowledge and findings provided by this 

work will contribute in shortening the practical development of such rechargeable Zn-MnO2 chemistry. 
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