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Abstract

Anion exchange membrane fuel cells and electrolyzers offer a unique opportunity of using non-
noble metal electrocatalysts for catalyzing the sluggish oxygen reduction and oxygen evolution
reactions (ORR, OER). In recent years, various Mn-based oxides were identified as promising
catalysts for both reactions. While electrocatalytic activity of such oxides is well addressed,
their stability is still to be proven. Herein, we investigate the stability of four main manganese
oxide allotropes by following their Mn dissolution rate in operando ORR and OER conditions.
Using an electrochemical on-line inductively coupled plasma mass spectrometer (on-line
ICP-MS), we uncover unexpected instability of this class of catalysts, with different degradation
mechanisms identified under OER and ORR conditions. The reason for their degradation is
shown to be related to the production of hydrogen peroxide species on manganese oxides
during ORR. Furthermore, we discuss how limits in thermodynamically stable windows of each
Mn oxidation state leads to increased dissolution during applications with high potential
perturbations, i.e. change in load, start/stop conditions and especially bifunctional application.
Therefore we recommend clear guidelines for future development of platinum group metal free
electrocatalysts for affordable alkaline energy conversion technologies.



1 Introduction

Electrochemical energy conversion devices such as water electrolyzers (EL) and hydrogen fuel
cells (FC) hold the promise for a closed electrocatalytic water cycle with high round-trip
efficiency, allowing the storage of renewable energy and electricity generation, respectively.
The state of the art in R&D and commercialization are proton exchange membrane fuel cells
(PEM-FC) and electrolyzers (PEM-EL)."® In both of these technologies, the electrochemical
reactions at the positive electrode have been identified as the most challenging ones for

7-10

electrocatalysis.” ™ In PEM-FCs, the oxygen reduction reaction (ORR) is the main limiting factor,

both in overcoming ORR kinetic restrictions of the four electron process, as well as upscaling

the technology due to the high price of Pt.”” "™

To overcome the latter, anion exchange
membrane fuel cells (AEM-FCs) have been investigated with increasing attention in the last
years, as they offer a more favorable environment for platinum group metal (PGM) free
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catalysts, both in terms of thermodynamic stability and ORR activity. Several recent

research papers have also reported promising replacement of PGM- by PGM-free cathodes
reaching peak powers >1W cm2'® Furthermore, continuous progress in membrane
development has drastically increased the initial power performance of AEM-FC, now at par or
even higher than that reached with PEM-FCs, at a comparable total PGM loading in the entire

membrane-electrode-assemblies.'’ %

This advantage could lead to a significant reduction in the
cost of FC technology if PGM loading at the anode of AEM-FC can be significantly reduced or
zeroed in the future. For electrolyzers, state of the art PEM-EL faces the same challenges as
encountered at the positive electrode of PEM-FC, namely high overpotential to drive the OER,
even on the best PGM-based catalysts, and significant cost associated with the use of Ir oxide
(IrOy4) and IrRuOy catalysts as well as titanium bipolar plates. Here the price of the desired H,
production is mainly governed by the scarcity of relatively stable and active IrO, catalysts,

needed to drive the anodic side reaction.'®?°

Similar to the FC, switching to alkaline or high pH
environment opens a broader selection of catalysts for the oxygen evolution reaction (OER),
including numerous PGM-free and Earth-abundant metal oxides. While alkaline electrolyzers
are already commercialized and compete for the market of low-temperature electrolyzers with
PEM-EL, they suffer from higher internal cell resistance, less pure H, produced and difficulty to
electrochemically pressurize the hydrogen. For those reasons, AEM-EL are perceived as a
promising technology that could unify the technical advantages of PEM-EL with the cost

advantages of AEM-EL.

While the catalyst cost seems to not be an issue for AEM technology, the
aforementioned sluggishness of the 4-e” ORR and OER processes still needs urgent optimization
to compete with PEM technology. To achieve this, research efforts are focused on a better
understanding of electrocatalysis during ORR and OER on PGM-free catalysts in alkaline media.



Numerous PGM-free catalysts have been investigated for catalyzing the ORR or OER in alkaline

22 all the way to

electrolytes. Ranging from metal oxides to perovskites for OER and ORR,
advanced single atom M-N-C catalysts for ORR.?* Manganese is considered as an interesting
candidate since in aqueous media at pH 13, thermodynamically stable oxidation states of the
solid phase in equilibrium include 0, +II, +lI/+lll, +lll, +IV. In solution, stable ions reaching

13 2% These thermodynamic considerations,

oxidation states of +VI and +VII are present.
however, neglect adsorbates and intermediates during electrocatalysis, as well as transient
changes of the surface during potential cycling. Nevertheless, due to its abundance and
associated low cost, rich redox chemistry and inspired by the key role of this element in
Nature’s photocatalytic water splitting systems, Mn-based materials have attracted a special

20,2528 gy ch materials have also been considered for bifunctional application, i.e. as a
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attention.
single device capable of both FC and EL operation, and for rechargeable metal-air batteries.

Surprisingly, while Mn-oxides have been investigated in numerous studies for their
activity in alkaline electrolyte toward ORR, OER, bifunctional ORR/OER,31'32

hydrogen peroxide reduction or decomposition (e.g as tandem ORR catalysts with N-C or Fe-N-C
33-34

as well as toward
catalysts)™ ", their stability has been hitherto relatively poorly investigated. While there are
few reports, investigations on dissolution stability of Mn are rare, with bulk dissolution typically
measured ex situ.>> For OER in acidic environment, a stable potential window for MnO, was
recently derived from UV-vis spectroscopy measurements,*® with faradaic efficiencies for OER
measured to be near unity in that potential window, pointing towards minimal corrosion
current.?® In contrast, intense Mn dissolution starting at ca. 1.20 Vrye was observed for OER in
alkaline electrolyte, and the onset of dissolution was related to the thermodynamic potential of

3" Adverse studies reported the stabilization of Mn in

MnOj (aq) formation from MnO..
perovskite materials by optimizing lattice parameters and excluded the possibility of Mn
dissolution in alkaline electrolyte during OER in rotating ring disk electrode (RRDE)

2038 However, most stability investigations usually rely on long term activity

experiments.
assessments and ex-situ physical methods. As J. Kibsgaard and I. Chorkendorff recently
commented, apparent stable OER activity of metal-oxides is not a proof of material stability,
since the continuous leaching of metal cations from an oxide surface may lead to a constantly
changing oxide surface or even increased surface area, the leached metal ions exposing a new
surface.® Therefore, before moving towards application of Mn electrocatalysts in FC and EL, we
find it crucial to gain improved understanding about the thermodynamic implications of Mn
redox reactions in operando, as well as the effect of the catalysis reaction itself, which happens
outside of thermodynamic equilibrium and can involve intermediate species such as HO, not

accounted for in classical thermodynamic considerations.

Herein, to uncover possible degradation mechanisms of Mn oxides in AEM-FC, AEM-EL
and bifunctional FC/EL applications, we synthesized four manganese oxide allotropes



commonly used in the literature, viz. a-Mn,03, a-Mn0O,, B-MnO,, and 6-MnO,, deposited them
on carbon support, and investigated their dissolution rates during accelerated stress tests
(ASTs) designed either for FC or EL operation modes in an alkaline medium. We also specifically
investigated the effect of O, or hydrogen peroxide present in the electrolyte on Mn dissolution
rates and compared it to the dissolution rates acquired in an inert-gas saturated electrolyte.
During ORR, we reveal that the in operando formation of HO,” on MnOy is the main driver of
Mn dissolution, while during OER, the main driver is the MnO,/MnO, (oq) thermodynamic redox
potential stability limitation. Lastly, apparent differences in the dissolution behavior between
the four allotropes were ruled out by normalizing to the catalysts’ specific surface areas. We
conclude that none of the MnO, allotropes is satisfactorily stable, neither in ORR nor in OER
operation modes in alkaline media and that strict guidelines to verify material stability should
be especially followed for PGM free materials.

2 Methods

2.1 Catalyst Synthesis and Preparation

The preparation of four different, phase-pure, manganese oxides was targeted, namely the a-,
B—, 6-MnO0O, and a—Mn,03 phases. Their synthesis was performed according to the literature. In
short, a—MnO, was obtained by reducing KMnO,4 (3.16 g) in a mixture of water (200 mL) and
fumaric acid (0.78 g), kept under stirring at room temperature for 30 minutes. The resultant gel
is settled for 1 h and then filtered, washed with ultrapure water and dried to yield a-Mn0,.*
The reduction of KMnO,4 (0.395 g) to 6—MnO, was carried out under stirring over 3h in a
mixture of water (80 mL), H,SO4 (96%, 70.2 pL) and ethanol (3 mL).*> The dried powder was
calcined at 450 °C to yield B—Mn02.41 o—Mn,03; was obtained by calcining y-MnOOH at
550 °C.* The latter was obtained via KMnO, (0.2 g) reduction together with Mn(CH;C00),-4H,0
(1.2g) in water (150 mL) over 12h, keeping the mixture under stirring and refluxed.*
Subsequently, the four manganese oxides were dispersed on carbon black (CABOT, Vulcan®
XC72R), with a ratio of 1:5, placed in zirconia jars with 100 balls (0.4 g per ball) and mixed at low
energy ball milling (Fritsch, Pulverisette 7) for 10 minutes at 200 rpm.

For scanning flow cell (SFC) measurements, the catalyst materials were dropcast onto a
glassy cacrrbon (GC) plate (HTW, Sigradur®). Therefore 5 mg of catalyst were dispersed firstly in
water (Merck, Milli-1Q® 1Q 7000, 18.2 MQ, 1176 ul) using a sonication horn (Branson, SFX 150)
for 10 minutes at 4 second intervals of 40% amplitude while cooling in an ice bath. Afterwards,
Nafion® perfluorinated resin solution (Sigma Aldrich, 5 wt.%, 28.6 uL) with isopropanol (294 uL
Merck, Emsure®) was added and sonicated again. This concentrated ink was further diluted by
half using equal parts of the ink and water and subsequently the pH was adjusted to 11 using
NaOH (Merck, Suprapur®, 0.05 M). After a final sonication step, catalyst spots were dropcast
onto a GC plate from 0.2 pL of the ink (c=3.34 g L_l, Meat/ Mion = 4) yielded spots with a radius of
0.65 mm * 0.03 mm (= 50 pug cm2), which was measured for each spot using a laser scanning
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microscope (Keyence, VK-X250) and used for normalization of all electrochemical and
dissolution data towards geometric surface area.

2.2 On-line ICP-MS

For all stability investigations we used an inductively coupled plasma mass spectrometer
(ICP-MS) (Perkin EImer, NexION 350x) for the in situ detection of dissolved manganese species,
by coupling it to the electrolyte outlet of a custom made polycarbonate SFC. On the electrolyte
inlet (angled 60 ° to the outlet) the SFC was connected to a graphite counter electrode
(Sigma Aldrich, 99.995% trace metal basis). A third capillary channel connected the reference
electrode (Metrohm, Ag/AgCl) closely to the working electrode surface. Contact with the
working electrode was made with a translation stage (Physik Instrumente, M-403). A
Potentiostat (Gamry, Reference 600) was used to employ all electrochemical protocols during
dissolution measurements. The purged electrolytes flow rate was controlled and regularly
calibrated by the peristaltic pump of the ICP-MS (Elemental Scientific, MP2 Pump). The
sensitivity of the ICP-MS towards dissolved Mn ions was calibrated daily from Mn calibration
standards (Merck, Centripur®) and dissolution rates are normalized to the geometric surface
area of each catalyst spot. For further information on the experimental SFC ICP-MS setup,
please refer to our previous reports.*

As an electrolyte NaOH (Merck, Suprapur) was dissolved in water to 0.05 M. For
individual experiments, an addition of small amounts of 30wt.% H,0, (Merck) was achieved by
multiple dilution steps. The pH was controlled (Mettler Toledo, SevenExcellence) and used to
convert the potentials of the Ag/AgCl to the reversible hydrogen electrode (RHE) using
equation (Eq. 1).

Erne =Eapplied + Eag/agal + 0.0591 x pH (Eq. 1)
2.3 RRDE Experiments
Rotating ring disk electrode (RRDE) analysis was performed in 0.05 M NaOH employing a
conventional three-electrode setup, where all electrodes were connected to a Potentiostat
(BioLogic, SP-300). Using a RHE, based on a Pt-wire immersed in H,-satured electrolyte inside a
fritted glass, as the reference electrode and a graphite rod as the counter electrode.

The ink is prepared by mixing 5 mg of the catalyst with 54 uL of Nafion®, 744 pL ethanol
and 92 puL ultrapure water and subsequent sonication for 1 h in an ice bath. Drop casting of
8.8 pL dispersion onto the glassy carbon RRDE yielded a catalyst loading of 0.25 mg cm ™2, after
drying the droplet at room temperature. The active surface area is determined applying cyclic
voltammograms (CVs) in N,-saturated electrolyte in a range potential of 1 —0.45V (Figure S5),
with a scan rate of 5mV s and a rotation rate of 1600 rpm (identical for all the experiments).
Afterwards, activity is evaluated in O,-saturated electrolyte in a potential range of 1 -0V, at a



scan rate of 5mVs . Lastly, by applying 1.2 Vi to the Pt ring, the amount of HO, produced
during the oxygen reduction reaction (ORR) could be obtained.

2.4 Physical Analysis

X-ray Photoelectron Spectroscopy (XPS) was conducted using a PHI Quantera Il scanning X-ray
microprobe. Spectra of catalyst spots (90 ug cm™?) on GC were acquired using Al-Ka irradiation
of a 200 um diameter spot at 50 W and 15 kV. Survey scans at a step size of 1 eV and 280 eV
pass energy as well as high resolution narrow scans in 0.125 eV steps at 140 eV pass energy
were collected for 500 ms dwell time per step. Data was analyzed in CasaXPS (V.2.3.18) using
instrument specific relative sensitivity factors, Shirley type backgrounds and a binding energy
scale calibrated to the adventitious carbon peak at 284.8 eV.

X-ray Diffraction (XRD) patterns were measured on a PANAlytical X'pert diffractometer
in Bragg-Brentano configuration, using CuK, source (A = 1.5406 A) in a 26 range of 5—-80° in a
step size of 0.035 °. The most intense reflexes are compared in PANalytical X'Pert Highscore
Plus (version 3.0e) to literature data taken from a-Mn0,,* B-Mn0,,* §-Mn0,,*® Mn,05*". The
same literature data was also taken to simulate the ideal XRD patterns (FWHM = 0.1 °26) in
Figure 2a, using Mercury 4.0.0. Crystallite sizes D were estimated using the transformed
Scherrer Equation (Eg. 2) using a shape factor K=0.9.

_ K2 (Ea. 2)
"~ A20py iy €OSO
Here, A28rwum is the main reflex’” width at 0.5 normalized intensity in radiants and © its

position.
A Hitachi S4800 SEM was used to acquire images of the materials morphology.

The catalysts porosity was determined from N, sorption isotherms at 77 K using the BET
Method. Isotherms were recorded on all catalysts using a Micromeritics ASAP 2020 instrument.



3 Results

3.1 Catalyst characterization

The synthesized MnO, materials were investigated using X-ray diffraction (XRD) and X-ray
photoelectron spectroscopy (XPS) to confirm their crystal structure and oxidation state.
Figure 1 shows a summary of the physical catalyst analysis.
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Figure 1. Structural and compositional analysis of the MnO, materials. (a) XRD patterns of the
as synthesized a—-Mn,03;, a—Mn0O,, B—-MnO, and 6—-MnO, materials compared to calculated
positions of the reflexes for the targeted allotropes, using Mercury (4.0.0). (the assigned
reflexes can be found in Figure S1) (b) XPS analysis of the dropcasted inks, containing Vulcan®
Carbon and Nafion® is shown in form of the Mn 3s, Mn 2p regions as well as partial C 1s and
O 1s regions, selected to highlight C-F and O-Mn interactions, respectively.

For the studied MnO, materials, the position of the main XRD reflexes in the recorded

patterns (Figure 1a) is in line with literature data,***> %

confirming successful synthesis of the
targeted phases. As can be seen in Fig. 1a, some minor reflexes in the XRD pattern of the
sample labelled as a-Mn,03 can be assigned to a-MnO,. Using MAUD software, we quantified
that 5% a-MnO, co-exists within the sample labelled as a-Mn,0s. Further, the crystallinity,
estimated from the broadness at full width half maximum (FWHM) of the most intense
diffraction reflexes, decreases in the order a-Mn;03 > a-MnO, > -MnO, >> §-MnO,. Using the

Scherrer equation we estimate crystal sizes (D) of 34.9 >31.3 > 20.1 >> 1.4 nm.



XPS survey scans of the MnO,/C catalyst ink deposited on glassy carbon (GC), presented
in Figure S2, show the presence of C, F, O, Mn and S at the catalyst surface while only C and O
are detected at the GC reference surface. The F and S signals seen on the catalyst surface
originate from the Nafion® ionomer in the dried ink while the C signal originates from the
Vulcan® (XC72R) support as well as from the underlying GC plate. Therefore, Figure 1b focuses
on narrow, high resolution scans of the Mn2p, Mn3s as well as partial C1s and O1s regions to
identify the surface composition and oxidation state of MnO,. Both Mn regions of the Mn,03
sample clearly show a higher Mn atomic concentration. Further, a more defined peak in the
O1s signal at 529.8 eV compared to the other three MnO, materials, is assigned to O—Mn
interaction as a feature next to the adventitious O1s peak that is also observed on the pure GC
background spectra (GC bg)*°. Most indicative of the lower average surface oxidation state of
Mn for the Mn,03 sample is the increased multiplet splitting (5.49 eV) of the Mn3s scan and the
shift of the Mn2p;/, and Mn2p5/, peaks to lower binding energies (641.7 eV and 653.3 eV,
respectively) compared to the Mn'VO,. Supporting the XRD findings (co-existence of 5% a-MnO,
with 95% Mn,03 in the material labelled Mn,0s3), we find 25% Mn" and 75% Mn" on the
catalyst surface, using CasaXPS peak fitting capabilities employing instrument specific relative
sensitivity factors. This increased Mn" content as compared to XRD is to be expected if the
higher oxidation state occurs mainly at the surface due to post synthesis effects, since XRD only
gives us the bulk composition. In contrast, the three Mn'Y—oxide materials show superimposed
Mn3s and 2p regions, with a 3s multiplet splitting of 4.96 eV and Mn2ps,, peak at 642.3 ev.”
The O1s peak of each Mn"-oxide at 529.8 eV appears only as a shoulder to the adventitious O1s
peak. The Cls region displays a specific feature at 291.3 eV in all catalyst spots, which
corresponds to Nafion® (i.e. F—C)* carbon which is not present on the pure GC scan.

The morphology of the catalysts was investigated using scanning electron microscope
(SEM) analysis, shown in Figure S3. The various synthesis routes selected to prepare the
phase-pure MnO, materials resulted in different morphologies. All materials seem to consist of
sintered particles, however, the surface roughness increases from compact material (a-Mn,053)
to more platelet looking sheets (6-MnQ,) which correlates with the crystal size estimated by
XRD. Using the Brunauer Emmett Teller (BET) equation applied to N, sorption isotherms
gathered of the unsupported MnO, materials, we confirm that the surface area is inversely
correlated with the average crystal size estimated from the XRD patterns. (a-Mn,O3; 14 m? g
> a-Mn0; 98 m? g ™' > B-Mn05; 136 m? g 1 > §-Mn0,; 214 m% g %), see Figure S4. Since the BET
area is not necessarily a direct descriptor of the electrochemical surface area (ECSA), cyclic
voltammetry (CV) in N,-saturated electrolyte was performed on the MnO,/C materials, with a
RRDE setup, with data presented in Figures S5 and S6. Most notably, Figure S5 shows the initial
changes occurring during the first six CVs performed after immersion in the electrolyte. Since
the cathodic current is usually larger than the anodic one in the scanned potential range, we

in/n

anticipate that the surface of all polymorphs slowly converts to the mixed Mn™"" valence state
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during potential cycling. Furthermore, the intensity of the redox couple centered at around
0.75 Vgye in the first CV follows the same trend as the BET area measured for unsupported
MnOx materials, or as D™*. As directly compared in Figure S5, the charge passed could therefore
reflect the trend of ECSA and therefore confirms good correlation with the BET area. Lastly
Figure S6 provides linear sweep voltammograms (LSV) in O, purged environment to compare
ORR activity with the HO,™ yields of the various MnO, catalysts. The LSVs in Figure S6b show
similar apparent activity for all Mn"-oxides, while the least porous Mn"-oxide exhibits a higher
overpotential towards ORR. All MnO, catalysts supported on carbon, however, produce
significant amounts of HO, as detected by the ring current, starting at 0.71 Vgye, and reaching
yields of up to 16% at lower potential.

3.2 Degradation during the oxygen reduction reaction
To understand the degradation of Mn oxide-based catalysts during FC operation, dissolution of
Mn is studied first in the ORR potential region. As a representative example, the dissolution of
Mn from the 6-MnO; catalyst is shown in Figure 2. The on-line dissolution rate of Mn, ORR
current density and HO, production yield during negative-going LSV are presented in Figure 2a,
2b and 2c, respectively, as a function of potential.

062 §
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dMn dt’' S/ ng s’ cm?
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Figure 2. Dissolution rate (a) and current density (b) in the SFC as well as HO,™ yields in a RRDE
setup (c) measured for 6—MnO, in argon- (blue) and oxygen-purged (red) 0.05M NaOH



electrolyte. LSV was performed by scanning from 1 to 0 Ve, at a scan rate of 5 mV s™. The flow
rate in the SFC was 3.65 plL s

Starting at 1.0 — 0.9 Vyyg, neither dissolution (Figure 2a) nor any significant current
(Figure 2b) are detected in SFC, both in Ar and O, purged electrolytes. While the negligible ring
currents suggest that no HO,™ is being produced at the disk (Figure 2c). At a slightly lower
potential, the onset of Mn dissolution is detected at 0.88 Vrue, independent of the nature of the
purging gas. The onset of dissolution is defined as the potential at which the ICP-MS signal is
three times higher than the standard deviation of the baseline signal. This dissolution onset
potential value corresponds well to the theoretical (th) potential of Mn" reduction to
Mn"(Ex, = 0.95 V). We correlate the onset potential of Mn dissolution to thermodynamic
limits of stability, since a change in surface oxidation state usually corresponds to
rearrangement of the structure leading to increased dissolution.>*>>

Interestingly, additional to dissolution triggered by Mn'"" reduction, online ICP-MS data
reveals an increasing Mn dissolution rate in O,- vs Ar-purged environment at potentials at
which the ORR proceeds at significant rate at 0.68 Vgye. A more detailed inspection of the
results in Figure 2 shows that the additional Mn dissolution at low potential is closely related to
the HO2™ species detected at the ring than with the ORR current density itself. In particular, in
the restricted potential range of 0.7-0.8 Vgye, significant ORR current is measured but without
production of peroxide and without higher Mn dissolution rate than what was measured in Ar-
saturated electrolyte (Figure 2a). As soon as peroxide is detected at the ring, however, the Mn
dissolution rate becomes higher than what was measured in Ar-purged electrolyte (Figure 2a).
In the range 0.7 to 0.0 Vgue, a correlation between %HO, and Mn dissolution rate in O, is
observed, suggesting that peroxide products play an active role in enhancing the Mn dissolution
rate.

To confirm the detrimental effect of ORR (HO, produced during ORR) on the stability of
other MnO, polymorphs, we applied CVs in O,-purged electrolyte with three different potential
ranges that have been typically used in the FC literature as accelerated stress tests (ASTs), to
the four MnOx allotropes previously described.>® These three different CV ranges are herein
labelled as load, high load and start/stop cycles with corresponding potential ranges of 1.0 —
0.6, 1.0—-0 and 1.0 — 1.5 Vgyg, respectively. Figure 3a compares the Mn dissolution rates of all
four catalysts in O, (red) and Ar (blue) saturated electrolyte. The nature of the purging gas does
not change the position of the Mn'" oxide dissolution at 0.88 Ve This dissolution onset is

assigned to Mn" to Mn"' surface reduction and reconstruction, and is expected to be the same

for all MnO,; oxides since oxides and metal ions in electrolyte follow the same thermodynamic

" oxide (Mn,03), the onset of Mn dissolution is shifted to lower

1/

standard potentials. For the Mn

potential (0.63 Vrye) and corresponds to the reduction to a mixed valence Mn oxide
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(0.69 Vth).13 As reported above for 6-MnQO,, the presence of oxygen in the electrolyte, has also a
strong impact on the Mn dissolution rate (compare red and blue curves in Figure 3a).

T : T i T . T T y T

= g I . - - ' I . -
1'2 load high loed load high lcad
05} stat/stop? J | L start/ stopd
0of 1k ]

1 L 1 L 1 L 1 L | L | L | L 1

E/V vs. RHE

dMn dt' S*'/ ng s cm2
|3
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Figure 3. Mn dissolution rate from four MnO, within commonly used potential ranges at
5mVs*t (load cycles: 1 — 0.6 Vgye, high load cycles: 1 — 0 Vgye, start/stop cycles: 1 — 1.5 Vgye). (a)
Data gathered in both oxygen (red) and argon (blue) purged 0.05 M NaOH. The data shown
here is smoothed using a 20 point FFT Filter, while the raw data is shown as a pale grey line. (b)
Catalyst dissolution in Ar purged 0.05 M NaOH for various H,0, concentrations (0, 1, 5, 10 uM).

Similar to the results in Figure 2, one can clearly see that the ORR induces significantly
increased Mn dissolution on all studied materials in the load cycles. On the other hand, during
start/stop cycles (no ORR taking place, even in O,-purged electrolyte), the Mn dissolution rates
are similar for a given MnO, structure in Ar- and O,-purged electrolyte. This independently
confirms that ORR plays a role (direct or indirect) in enhanced Mn dissolution.

As extrapolated from the RRDE results in Figure 2 for 6~MnO,, reactive oxygen species
(ROS) formed during the ORR are expected to also trigger enhanced Mn dissolution of the other
MnO, allotropes (Figure S6a). Therefore, experiments in Ar-purged electrolyte but with various
amounts of intentionally added H,0, were performed. Figure 3b shows the impact of HO,"
concentration on Mn dissolution during the different LSV protocols. The figure reveals that Mn
dissolution increases with increased H,O, concentration in the electrolyte. In contrast to
Figure 3a, where increased Mn dissolution is observed only at potentials at which the ORR
occurs (i.e. potentials at which peroxide is formed in situ), in Figure 3b increased Mn dissolution
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is observed at any potential when comparing peroxide-containing solution to peroxide-free
solution. This unambiguously demonstrates that it is peroxide, and not ORR or presence of O,,
which triggers the enhanced Mn dissolution.

To obtain quantitative information on the absolute amount of dissolved Mn, the
dissolution profiles were integrated over the time scale. Figure 4a shows the total dissolved
amount (TDA) of Mn during the first two load cycles, for all studied materials. In Ar-purged
electrolyte, the TDA trend is as follows, 6—Mn0O; = B-Mn0O,;= a-MnO; >>a-Mn,0s. In
O,-purged electrolyte, the TDA trend is 6—~MnO, > B—MnO; = a—Mn0O, >> a—Mn,03. To quantify
the impact of purge gas, the TDA in oxygen was divided by the TDA in argon with results
presented on the right y-axis in Figure 4a. Here, a—Mn;,03 a—MnO, and B-MnO, dissolve twice
as much in oxygen, while still following the same stability trend. As for 6—Mn0Q,, it dissolves
three times as much in O,-purged electrolyte. The total loss of Mn during load and high load
cycles in varying H,0, concentrations is shown in Figure 4b, revealing the same stability trends
as observed in Figure 4a between crystal structure and TDA, where 6—MnQ; is the least stable
structure, followed by B—MnO; = a—MnO, and a—Mn,0;3 is apparently more stable, in the
presence of H,0,. Also, the increase of TDA with increasing peroxide concentration is quite
restricted for a—Mn,03 vs. the others (compare TDA at 0 and 10 uM for each MnQ,).

TDA / ng cm™2
® 8 o B

o

8 8

TDA / ng cm2
g8

Figure 4. (a) The integral of Mn online dissolution (left y-axis, Mny;ss) during two load cycles in
Ar (blue) and Oy(red) saturated electrolyte. The factor of dissolution increase during ORR is
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shown on the right y-axis (green). (b) Dependence of Mn dissolution on H,O, concentration
during load and high load cycle experiments in argon purged 0.05 M NaOH.

In previous dissolution studies we recognized that there are typically two main
dissolution processes, namely transient and steady state dissolution, characterized by short
lived dissolution during potentiodynamic scans and constant dissolution during potentials
holds, respectively.'® >>°® Therefore, we explored the effect of oxygen on Mn stability further
by performing chronoamperometric (CA) ORR experiments at 0.6 Vrye in oxygenated electrolyte
to measure the steady state dissolution. Figures 5a shows current vs. time profiles of ORR on
the MnO, and Figure 5b the corresponding steady state Mn dissolution rate vs. time curves. At
0.6 VRrug, Mn" is reduced to Mn'”, as follows from Figure S5 and additionally confirmed by XPS
spectra presented in Figure 5c. When we compare the photoelectron spectra of the Mn3s
region before ORR (Figure 1b) with the ones presented here after the experiment (Figure 5c), it
becomes clear that the surface of all catalysts fully assimilated the thermodynamically
favorable oxidation state at the imposed potential of 0.6 Vgrye, Which is the Mn"" oxide. This is
most obvious in the Mn 3s region, where the multiplet splitting parameters of all Mn"-oxides
shift from 4.96 to 5.49 eV (compare Figure 2b and Figure 5c). In contrast, the Mn 3s spectrum
of Mn,03; remains almost unchanged after 10 minutes of ORR, coherent with thermodynamic
expectations.

. . . .
e 04 CA@06V a)
5 ] ]
< -14 -
£ ]

~ _27 -
- AL L L 1

a9

E T T

o 08t i b) -
‘0

2 06 @

S04l B

- c

o2 8

5 ool

2 ; : : |

s 0 200 400 600 800

=]

3-MnoO, (a8) c)

intensity / a.u.

binding energy / eV

13



Figure 5. Chronoamperometric (CA) curves recorded on all catalysts over 10 min at 0.6 Vgye in
O, purged 0.05 M NaOH (a) and Mn dissolution rate vs time (b). XPS Mn 3s region of the same
catalysts after the CA experiment with indicated peak splitting (c).

3.3 Degradation during the oxygen evolution reaction

To fully understand the degradation of MnO, catalysts and to probe their applicability for OER,
we also investigate Mn oxides stability at higher anodic potentials. For this, we use a previously
reported method of correlating the dissolved amount of active species with the anodic current
passed.19 Figure 6 shows the dissolution rate during a LSV from 1 Vgye to a potential which
corresponds to current density of 1 mA cm™, from which the stability numbers (S-numbers)
were calculated.” While all catalysts show a similar onset potential of OER, the extent of
dissolution varies between oxides. Most noticeably it is seen in case of 6-MnO,, which also
exhibits much slower OER kinetics. Nevertheless, it produces the highest amount of oxygen per
atom dissolved with an S-number of 160. Other structures a-Mn,03 (90), a-MnO, (140) and
B-MnO, (60) are within the same order of magnitude. Considering that state of the art
commercial IrOy catalyst reach S-numbers of 5x10° in acidic media, this is a grim outcome even
for cheap, earth abundant materials. Seemingly, the OER stability of Mn might be more

promising in the PEM environment,*>

where stability was even improved by the addition of
Mn/TiO, surface Iayers.57 This advantage in acid is also due to the pH dependent character of
the Mn0O2/MnOy (g couple on the RHE scale allowing higher overpotentials to the H,0/0,

. .. 1
couple in acidic electrolytes.”
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Figure 6. Dissolution of the MnO, in the potential range corresponding to oxygen evolution
reaction. (a) LSV recorded from 1V to a potential corresponding to 1 mA cm™. Scan rate
10 mV's*. (b) Corresponding Mn dissolution profiles. (c) Comparison of S-numbers for Mn
oxides with literature values for Ir-based oxide in acid.

4 Discussion

Generally, electrocatalyst degradation has been shown to be influenced by various factors. The
most studied example is carbon supported platinum for which degradation is typically
narrowed down to mechanisms like Ostwald ripening, agglomeration and particle detachment,
as factors of morphology and synthesis method, as well as support and finally catalyst corrosion
as an intrinsic consequence of the materials thermodynamic tendency.56’ *839 As this study
shows, in the experiments conducted during ORR, an additional cause of corrosion can be the
catalytic reaction itself by forming unfavorable side products due to slow kinetics on non-noble
metals and in this case Mn oxides. In the following we differentiate between transient-, ORR-,
and OER-dissolution.

As a basis for discussion we first focus on the thermodynamics of Mn in aqueous
solutions without the influence of oxygen and its possible reduction side products during ORR.
Therefore, Table 1 summarizes reported thermodynamic potentials13 of redox reactions that
can play a role in Mn dissolution during potentiodynamic operation. These transitions are the
major reason for transient-dissolution on MnQ, in an argon purged environment as seen in
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Figure 2a. While the reactions in Table 1 are more complex and plentiful as in a comparable
table for state of the art PEM Pt catalysts, intensively investigated over the last years,55 we still
observe similar behavior of MnO,. Thus, some parallels can be drawn. In essence, if at a given
potential the thermodynamically stable Mn oxidation state is not the one of the bulk oxide,
surface oxides start to change their oxidation state and therefore their coordination by
neighboring atoms. During this transition, some of the Mn"" cations can be hydrated by the
aqueous electrolyte and diffuse through the electrochemical double layer into the bulk
solution. These Mn ions in the bulk electrolyte then represent transient dissolution in the
on-line ICP-MS measurement.
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Table 1. Redox transitions of Mn and H,0 relevant to the surface processes at p 12.7.

# Redox Transitions® Eo (V vs. SHE)
Manganese
Ligss) Mn +2 OH = Mn(OH), +2e” -0.727 - 0.0591 x pH
2(55) 3Mn(OH), +20H = Mn3;0,+4H,0+2¢e” 0.462 - 0.0591 x pH
3(s/s) 2Mn304+20H =3 Mn;03+H,0+2e 0.689 - 0.0591 x pH
4is/s) Mn,03;+20H =2 MnO,+H,0+2¢e 1.014 - 0.0591 x pH
5(s/aq) MnO, +4 OH = MnO4 +2H,0+3e” 1.692 - 0.0788 x pH + 0.0197 log(MnOQ,")

Hydrogen Peroxide

6(ag/aq) 30H =HO; +H,0+2¢e 2.119 - 0.0886 x pH + 0.0295 log(HO;,")
7(aq/e) OH +HO, = 0,+H,0+2¢e" 0.338-0.0295 x pH + 0.0295 log(p0,/HO,")
8(aq/g) 2 HOZ_ = 02 +2 OH_

s: solid; aq: aqueous; g: gaseous; *Adapted from Ref."* to show the more likely alkaline reaction

Obviously however, Figure 2a shows a significant increase in dissolution when the
electrolyte is oxygen purged. Interestingly, the potential range of increased dissolution
coincides with the increased current density during ORR (Figure 2b) as well as with the
detection of HO, in RRDE experiments (Figure 2c). As it is numerously reported that the
production of ROS during ORR can be traced back to poor kinetics on PGM-free
eIectrocataIysts,ZG' 3435 degradation of MnO, electrocatalysts proceeds to a large extent through
surface redox processes initiated by ROS. Therefore, we will further refer to this degradation
mechanism as ORR-dissolution.

To show that the extent of ORR-dissolution is a function of the ORR, four MnO, with
various LSV characteristics (Figure S6b) underwent identical ORR stability tests in Ar and O,
purged conditions. On-line dissolution rates in Figure 3a demonstrate that the ORR-dissolution
is unavoidable on all investigated MnO, catalysts. The apparently most stable oxide is the one

""it’s reduction according to reaction #3 leads to dissolution at 0.63 Vgye

comprised of Mn
(0.69 V) starting at lower potentials than for the other Mn" oxides. All Mn" oxides dissolve
transiently at a potential of 0.88 Vgrue upon their reduction following reaction #4 (1.01 Vy,). As a
more representative characteristic of ORR dissolution Figure 4a summarizes the TDA of Mn
during the load cycle experiments normalized to the geometric surface area. Here, the extent of
Mn transient-dissolution follows a-Mn;03 << a-MnO; = B-MnO, < 6-MnO,. However, keeping

the results from XRD, SEM, BET and N,-purged CVs in mind, it is obvious that there are
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important morphological differences between the different oxides. Therefore, we normalize
the same data from Figure 4a to the BET surface area in Figure 7.

a-Mn,0, a-MnO, B-MnO, 6-MnO,

Figure 7. The TDA of Mn on-line dissolution from Figure 4a normalized to the BET surface area,
in Ar (blue) and O,(red) saturated electrolyte.

Here, no significant impact of crystal structure on the dissolution rate in Ar is observed
which relates to the fact that the apparently less stable 6-MnO, simply had a much higher
surface area from which it can dissolve. More importantly, however, the increased
ORR-dissolution is still obvious with a ratio of ORR-dissolution to transient-dissolution of ca. 2
(a-Mn;03, a-Mn0O,, B-MnO;) and even up to 3 for 6-MnQO,. The scaling of O, to Ar dissolution
ratio could suggest, that the leaching of Mn™ during transient-dissolution is increased by the
presence of HO, . To strengthen this hypothesis, we further investigated the effect of an
intentional addition of H,0, to the alkaline electrolyte, in which it undergoes a transition to
HO, which leads to a slight acidification. However, the measured pH only changed marginally
from 12.7 to 12.5 after the highest H,0, addition of 10 uM, ruling out a pH effect. In Figure 3b
the influence of HO, concentration on Mn dissolution is shown for all catalysts during the same
potentiodynamic protocol. Here the increase of transient-dissolution with higher HO, addition,
better observed in Figure 4b, supports the above statement that ROS increase degradation of
the catalyst during ORR. To explain this, one has to address the thermodynamics of H,0, first.
HO, can be considered as redox amphoteric, since it can react as both reducing agent at
potentials according to reaction #7 and oxidizing agent according to reaction #6. There is only a
small window between #6 and #7 were it simply disproportionates into O, and H,0 (Reaction
#8) without involving other species for electron transfers. In ORR conditions however, where it
can be formed according to reaction #7, it mostly acts as an oxidizing agent towards
manganese. This oxidized Mn"™ species in return is thermodynamically not favored at ORR
potentials as discussed earlier (transient-dissolution) and is prone to dissolution. Thereby HO,~
can force stable MnO, into an oxidation state where it dissolves. Secondly, ORR-dissolution can
also depend on transient radical species formed during the partial reduction of O,, which
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recombine with the manganese oxide to an unstable Mn surface state. Lastly, the Mn "V
transition can be induced by the ORR catalytic cycle itself as suggested by Ryabova et al.™ It is
likely that such a catalytic process will cause additional dissolution observed only in oxygen
containing electrolyte. To fully grasp the mechanism of surface dissolution during ORR, one
would need to identify the charge and coordination environment of the dissolved ion at
similarly low detection limits as the ICP-MS, which is currently impossible with state of the art
spectroscopic methods. Independent on the operative mechanism however, we demonstrate
that ORR and accompanied HO, production can be harmful for catalyst. Therefore, we urge the
PGM-free FC research community to use oxygen in all AST protocols to fully account for all
possible degradation mechanisms.

Next to transient- and ORR-dissolution, we detect Mn leaching during start stop cycles
with an onset at 1.41 Vrye Which can be correlated to reaction #5 and the oxidation of surface
Mn"" oxides following reaction #4. Presumably, as presented in section 3.2, during ORR cycling
all MnO, form a reduced oxide surface film. This condition leads us to discussing a third
degradation pathway, labelled OER-dissolution which becomes important when we move on to
EL or even possible bifunctional applications. Regardless of which oxidation state the original
catalyst is in, the surface will always adopt the thermodynamically favored oxidation state.
Therefore, when switching the mode of a bifunctional assembly, MnO, will always need to cross
at least one redox reaction (Tablel) leading to transient-dissolution (similar results were
recently shown by da Silva et al. for acidic bifunctional ORR/OER Pt/IrO, catalysts).*
Furthermore, ORR- and OER-dissolution need to be accounted for since they occur intrinsically
during an applied potential relevant to OER and ORR as an outcome of intermediate species. In
case of OER Mn dissolution can come from the thermodynamically favored soluble MnO 4>
species or from constant surface oxidation state changes during a single catalytic cycIe.13' 19, 37-
3% 51 1n case of ORR we contend that the often observed ROS formation during a favored 2-e”
reduction step on PGM-free electrocatalysts significantly increase transient-dissolution.
Therefore, we currently cannot confirm long term stability of any investigated crystal structure
during ORR, OER let alone bifunctional application. Nevertheless, equilibrium conditions might
play an important role in for example metal air batteries, where the dissolved material cannot
be diluted by an electrolyte flow, and an equilibrium between dissolution and redeposition can
be reached.

5 Conclusion

In an effort to understand the stability of Mn-oxides for both the ORR as well as OER, we
uncovered an imperative drawback of their highly versatile redox chemistry. First of all, similar
to transient dissolution during red/ox transitions in noble metals, we observed the same for Mn

oxides in alkaline environment. Three Mn" and one Mn" oxides showed good correlation

between dissolution onset potentials and thermodynamic potentials of a transition in oxidation
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state. Especially in a bifunctional device, this can lead to constant degradation, since the
catalysts’ surface will always rearrange to the thermodynamically favored oxidation state in
combination with transient dissolution. The surface transition of four MnO, was shown during a
CA ORR on-line SFC-ICP-MS experiment, showing constant dissolution while XPS before and
after revealed the full transition of the surface to the reduced state. Additionally, to these
established degradation mechanisms we observe an increase of up to 300% TDAy, during ORR.
By the means of SFC-ICP-MS and RRDE experiments, we find a good correlation between
dissolution rate, ORR currents and HO, vyields suggesting ROS as the main destructive
participator. This hypothesis was confirmed by intentional H,0, addition revealing a clear
dependence of transient dissolution on the H,0, concentration. Under OER conditions all
investigated MnO, revealed comparable stability. Furthermore, with S-Numbers orders of
magnitude lower than state of the art PEM electrocatalysts,19 MnO, do not represent a stable
catalyst. This is attributed to their thermodynamic transition to MnOj (5q (according to
reaction #5, Table 1). Lastly our results were discussed in regard to bifunctional ORR/OER
applications with the pivotal observation, that such potentiodynamic applications lead to
constant surface changes and accompanied dissolution. Especially Mn with such a highly
versatile redox chemistry cannot be fully stable in a broad potential window. In short, the three
most noticeable degradation mechanisms in such a device would include:

. Transient dissolution during oxidation state transitions of the surface.

Il Degradation during ORR due to ROS.

M. Dissolution during OER due to constant surface oxidation state changes and a
thermodynamic window of corrosion for Mn.

Therefore, we suggest a critical reassessment of bifunctional devices with materials
exhibiting transitions in the designated potential operation range. Further we urge researchers
to redefine testing procedures, e.g. AST protocols should include O, so that in operando
degradation mechanisms can occur and physical analysis before and after testing can give
insights on degradation mechanisms, even without on-line analysis methods.

Associated Content

XRD peak assignments (Figure S1), XPS Survey spectra of the supported catalysts (Figure S2); SEM
analysis if the as prepared MnO, (Figure S3); comparison of BET surface area and crystallite size from
XRD (Figure S4); additional RRDE analysis of all catalysts (Figure S5 and S6).
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