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Abstract

Pourbaix diagrams show solid-aqueous phase stability as a function of pH and redox potential and can be 
a valuable tool to guide the hydrothermal synthesis of transition metal oxides. However, the Pourbaix 
diagram is based on thermodynamics, and nucleation kinetics are not readily apparent in this framework. 
Here, we conduct a combined experimental and theoretical study to measure the onset of MnO2 precipitation 
from an MnO4

-(aq) solution at various pH conditions, which we then compare against Pourbaix diagram 
phase boundaries. Using a combination of in situ X-ray absorption spectroscopy and X-ray wide-angle 
scattering, we directly observe the transformation kinetics from tetrahedral MnO4

-(aq) ion to octahedrally 
coordinated Mn pre-nuclei, as well as its initiation into crystalline δ’-MnO2 at various pH. The kinetics of 
octahedral-Mn precursor availability is observed to govern induction times of crystalline MnO2 nucleation, 
which results in a Metastable Zone Width in the Mn-H2O Pourbaix diagram. These results suggest that 
synthesis conditions often need to be prepared far beyond the phase boundaries in a Pourbaix diagram to 
initiate crystallization within a reasonable timescale. 
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■ Introduction

Hydrothermal synthesis is an effective method to produce high-quality crystals with controllable size, shape, 
phase, and composition1–3. Because hydrothermal synthesis proceeds at lower reaction temperatures (< 200 
°C) than solid-state synthesis (~1000 °C), it is an appealing and energy-efficient synthesis route for a variety 
of functional materials, such as metal oxides4–6,  semiconductors2, zeolites7, and metal-organic frameworks8. 
Similar to how temperature-composition phase diagrams are used to help guide solid-state synthesis, 
Pourbaix (E-pH) diagrams could, in principle, be used to guide hydrothermal synthesis. The Pourbaix 
diagram shows solid-aqueous phase stability as a function of pH and redox potential, E, which could help 
to inform a solid-state chemist which aqueous conditions would be most likely to yield the successful 
hydrothermal synthesis of a desired phase. 

However, because hydrothermal synthesis is a low-temperature synthesis route, reactions often exhibit slow 
transformation kinetics, which can result in the formation of long-lived metastable phases9,10. When 
hydrothermal synthesis yields products that differ from the predictions of a Pourbaix diagram, it can be 
difficult to ascertain the thermodynamic or kinetic origins of this disagreement. In other words, it is 
challenging to confirm if the Pourbaix diagrams are inaccurate, and in need of revised thermochemical 
data11–14, or if there are slow reaction kinetics that result in the nucleation and persistence of non-equilibrium 
reaction products10. Further confounding the issue is the fact that hydrothermal synthesis is typically 
performed in a closed ‘black-box’ reactor15,16 with the consequence that the reaction mechanisms17–19 and 
kinetics20–22 are difficult to track. As a result, the cause-and-effect of synthesis parameters is often 
interpreted ex situ, in which the evolution from the starting precursors to ending products are not observed.  

In this work, we conduct careful in situ measurements on the kinetics of phase transformation and use the 
results to infer the phase boundaries on a Pourbaix diagram. Specifically, we investigate the transformation 
kinetics of an MnO4

-(aq) precursor to MnO2(s) at a variety of E and pH conditions within the MnO2 stability 
region, which we compare against the MnO4

-(aq)/MnO2(s) phase boundary on a Pourbaix diagram. To 
observe the nucleation processes in real-time, we utilize a combination of in situ synchrotron X-ray 
scattering (WAXS) with X-ray absorption spectroscopy (XAS) to monitor the transformation reaction23,24. 
The WAXS captures the onset of the crystalline MnO2 phases (crystalline size >~ 5nm), and XAS reveals 
the hydrolysis and change in molecular conformation of the precursors 25–28, which is invisible to WAXS. 

Our results reveal that within the MnO2 stability region on the Pourbaix diagram, there exist two 
qualitatively distinct regions of precipitation kinetics. For pH < 2, we find that the induction time to MnO2 
precipitation is in the range of 5 to 35 min, with decreasing induction times with more acidic solution. 
Surprisingly, we observe a sharp boundary at pH > 2, where even though MnO4

-(aq) remains supersaturated 
with respect to MnO2, the solution can persist for over 9 hr without WAXS-observable MnO2 crystallization. 
The observation that the thermodynamically-preferred phase does not form is consistent with the concept 
of the Metastable Zone Width (MZW)29,30, where a precursor has too low of a steady-state nucleation rate, 
Jst, to initiate precipitation. There is a kinetic and a thermodynamic term in Jst, with the kinetic term 
proportional to the rate of precursor availability, and the thermodynamic term depending on the competition 
between the surface energy and bulk driving force in the nucleation barrier. Here we argue that the MZW 
in the manganese oxide system originates from kinetic limitations, rather than thermodynamic limitations. 
Specifically, we argue that the transformation of tetrahedrally-coordinated Mn in MnO4

-(aq) to 
octahedrally-coordinated Mn in MnO2 is a kinetically rate-limiting process, which governs the nearly 
discontinuous induction time of MnO2 as a function of pH. 

Although MZWs have been routinely investigated in the precipitation of inorganic sparingly-soluble salts 
and organic molecular crystals 29–31, there has not been a rigorous investigation of the MZW in redox-active 
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transition metal oxides. Our observation and interpretation of the MZW in a Pourbaix diagram provides 
fundamental insights into the induction times, driving forces, and non-equilibrium crystallization pathways 
of redox-active metal oxides in water. Recently, there have been many efforts to achieve more accurate 
Pourbaix diagrams, both from first-principles DFT and from experimental calorimetry11–14. Oftentimes, 
these studies are motivated by statements that the experimental synthesis results deviate from the 
expectation set by the thermodynamic Pourbaix diagram. Our results here suggest that important kinetic 
considerations should be taken into account when evaluating inconsistencies between the thermodynamic 
Pourbaix diagram and an actual crystallization experiment. 

■ Induction Times and the Metastable Zone Width

The Pourbaix diagram is a thermodynamic phase diagram, which shows solid-aqueous equilibria as a 
function of pH and redox potential, E. When a precursor (such as MnO4

-(aq)) is placed under E and pH 
conditions where another phase is stable (such as MnO2(s)), there will be a thermodynamic driving force to 
drive the transformation from the metastable precursor to the equilibrium product32,33.  However, even when 
the precursor is metastable with respect to transformation to a product phase, slow reaction kinetics may 
result in the precursor persisting in a metastable state. On a phase diagram, the region where a 
transformation is thermodynamically preferred but kinetically obstructed is referred to as the “Metastable 
Zone Width (MZW).” 

In classical nucleation theory, there are two possible origins for the MZW34,35, as summarized in Figure 
1(a). The steady-state nucleation rate in a redox-active system can be expressed as Jst = A exp (–ΔΨc / kBT). 
In this expression, we use the Pourbaix free energy (Ψ) instead of the Gibbs free energy (G) that is 
conventionally used. Here, Ψ is the appropriate thermodynamic potential for the Pourbaix diagram32,33. The 
term A represents a kinetic pre-factor, whose physical origins are governed by solute availability to form 
the nucleus and the monomer attachment frequency36. The ΔΨc, is referred to as the “thermodynamic” 
nucleation barrier, which is expressed as ΔΨc ~ γ3/(ΔΨbulk)2. The physical meaning of equation is the ratio 
between two thermodynamic quantities: the surface energy (γ), and the thermodynamic driving force 
(ΔΨBulk). The units of Jst is nuclei∙time-1∙volume-1, and its inverse, τ = 1 / (Jst∙V), is the characteristic 
induction time before the first nucleation event for a given reactor volume (V). The MZW can therefore 
originate kinetically from the lack of precursor solute, or thermodynamically, due to the height of the 
nucleation barrier. 

To evaluate the induction time and MZW on a Pourbaix diagram, here we measure the transformation of 
the MnO4

-(aq) precursor into an δ’-MnO2(s) product (K0.33MnO2·0.66H2O), at varying pH and redox 
potential E (see Figure 1(b) for the atomic structures). The δ’-MnO2 is a subset of a large family of layered 
δ-MnO2 (birnessite-like) phases, where the layer spacing is determined by hydration and ion intercalation 
in between the layers33. In order to measure the induction times and MZW of this phase transformation, we 
performed in situ WAXS and XAS to monitor the transformation process from MnO4

- to δ’-MnO2 at pH 
values ranging from 0.5 to 2.6. 
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Figure 1. Schematics showing the factors controlling the steady-state nucleation rate and atomic 
structures of the Mn-species discussed in this work. (a) The two major factors, precursor availability 
and nucleation barrier, controlling the kinetic and thermodynamic aspects of steady-state nucleation rate 
(Jst), respectively34,35. (left) The precursor availability can be interpreted as the abundance of solute 
supply for nucleation to happen. The LaMer nucleation model describes the correlation between 
precursor concentration (represented by the gray balls) as a function of time. (right) The nucleation 
barrier (ΔΨc), defines the minimum radius that allows a nuclei to be stable. ΔΨc originates from the 
competition between bulk free energy (ΔΨvolume) and surface energy (ΔΨsurface) of the nuclei. (b) Atomic 
structures of permanganate ion (MnO4

-) and δ’-MnO2 (K0.33MnO2·0.66H2O) discussed in this paper. 
More discussion about the δ’-MnO2 phase can be found in our previous work33.

■  Experimental 

Sample Preparation. The experimental conditions in this report were adapted from our previous 
publication33. In this experiment, 1 mmol KMnO4 (Sigma-Aldrich, 99.0%) was dissolved in 5 mL of HNO3 

solution. The concentration of Mn in the solution was 0.2 M. The pH value in the solution was adjusted by 
varying the concentration of HNO3. The pH and oxidation reduction potential (ORP) values were measured 
immediately after the solution was completely mixed (see Supporting Information 1). The prepared KMnO4 
solution was loaded into a glass capillary tube, which is used as the hydrothermal reaction vessel. In the 
WAXS experiments, the capillary tube has 0.1 mm wall thickness, 1 mm diameter, and 75mm length 
(Kimble 2502). The filling volume in the capillary was approximately 75 %. Then, both ends of the glass 
capillary were flame-sealed. For the XAS experiment, the procedures were the same as described above, 
except that capillary vessels with a thinner wall thickness were used (Charles Supper, 0.01 mm wall 
thickness, 0.7 mm diameter, and 80 mm length) to increase the X-ray transmission at the Mn K edge. 

In situ X-ray Measurements. The in situ WAXS and XAS experiments were carried out at beamline 11-3 
and 4-1, respectively, at the Stanford Synchrotron Radiation Lightsource (SSRL). During the hydrothermal 
reaction, the solution was heated to 120 °C or 160 °C until crystallization was observed. The heating profiles 
are consistent for all samples heated at 120 °C and 160 °C, respectively. To hold the hydrothermal capillary 
reactor at the beamline, we have designed a sample holder/heater (see Supporting Information 2 for further 
details). In the WAXS experiments, the incident wavelength used was 0.9744 Å (12.7 keV). During the 
reaction, time-resolved 2D scattering patterns were collected consecutively using a Rayonix 225 detector, 
with each image exposed for 1 min. Data reduction and integration were completed using the GSAS-II 
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software package37. To gain a better signal to noise ratio while determining the onset of MnO2 
crystallization, every three scattering profiles were averaged. However, for the pH 0.5 and pH 1.1 data sets 
at 160 °C, the crystallization occurs quickly at the first few minutes. Therefore, the scattering profiles for 
these two conditions were not averaged to gain better time resolution. 

The XAS experiments were carried out at Mn K edge (6539 eV). The capillary reactor and heating profile 
were the same as those used in the WAXS experiments. The XAS reaction was carried out at 120 °C. The 
XAS data were collected in fluorescence mode using a Lytle-type fluorescence-yield ion chamber detector. 
Data processing and linear combination fitting were completed using the ATHENA and ARTEMIS 
software packages38. For further information about the setup, please see Supporting Information 2. Two Mn 
reference samples, dry δ’-MnO2 powder and 0.2M KMnO4 aqueous solution, were used in the XAS 
measurements. To make the dry δ’-MnO2 powder, 3 mmol KMnO4 was dissolved in 15 mL 0.2 M HNO3 
(aq), then reacted in a Parr autoclave (model 4749) for 24 hr. This procedure follows the [K+] = 0.33M 
reaction pathway reported in our previous publication33. 

■ Results

MnO2 Crystallization Onset Analyzed by WAXS. From the WAXS measurements, we define the onset 
time of the δ’-MnO2 phase by the appearance of the (200) diffraction peak at q = 0.85 Å-1. Figure 2 
selectively summarizes the evolution of δ’-MnO2 (200) peaks and the integrated intensity as a function of 
reaction time and pH in the solution. The δ’-MnO2 (200) peaks were fitted by a Lorentzian function, and 
the onset of δ’-MnO2 is defined as the time point that the peak shape can be meaningfully fitted. The onset 
times at different solution conditions for all of the reaction conditions are listed in Table S2 of Supporting 
Information 3. An example of full diffraction profiles evolving over time can be found in Figure S3 in 
Supporting Information 4. 

When pH < 2, the integrated intensity of the (200) peak appreciably increases with reaction time after the 
δ’-MnO2 nucleation onset. For the 160 °C reactions, the δ’-MnO2 (200) onset at pH 0.5 and 1.1 are both 
around 5–6 min. Due to the time resolution of the X-ray data acquisition (1 min/frame), these two onset 
points are indistinguishable. As the pH increases to 1.3, the onset time is delayed to about 20 min, and then 
further delayed to 29 min at pH 1.8. For the 120 °C reactions, the crystallization onset is generally slower 
than that of 160 °C due to the slower kinetics. The increasing trend of the onset time is also less pronounced. 
Across pH 0.5 to pH 1.7, the onset time slowly increases from 26 min to 35 min. 

In contrast, the behavior of the samples when pH ≥ 2 is significantly different from that of pH < 2. At pH 
2.6, the (200) peak is not observable by in situ WAXS even after ~9 hr (539 min) and ~15 hr (908 min) of 
reaction at 120 and 160 °C, respectively. In a parallel ex situ hydrothermal reaction at pH 2.6 and 120 °C, 
no visually observable precipitation is found even after 5400 min (3.75 days). At pH 2, although there is a 
very weak peak observed around q = 0.85 Å-1 after 83 min (120 °C) and 300 min (160 °C) of the reaction, 
the intensity of this peak does not show any trend of significant or consistent growth up to ~9.6 hr (576 
min) (see Table S2 and Figure S2 in Supporting Information 3). Thus, we conclude that the pH ≥ 2 samples 
do not have a WAXS-observable onset point. This remarkable difference between the onset for lower and 
higher than pH 2 will be discussed below.  
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Figure 2. Evolution of the δ’-MnO2 (200) peak and onset of crystallization.  The δ’-MnO2 (200) peak 
evolution at representative pH and time points at 160 oC (a-c) and 120 oC (e-g), showing the onset point 
and intensity growth after. The experimental data and the fits are shown by the open circles and solid 
lines, respectively. The onset of δ’-MnO2 is defined as the time point that the (200) peak shape can be 
meaningfully fitted by a Lorentzian function. The integrated intensity of the (200) scattering peak in the 
first 40 min of the hydrothermal reaction at 160 °C(d) and 120 °C(h). For the data after 40 min and not 
presented here in the manuscript, please see Figure S2 in Supporting Information 3. 

Reaction Sequence from MnO4
- to MnO2 Analyzed by XAS. To further investigate the reaction before 

the crystallization of δ’-MnO2 in the solution, the X-ray absorption near edge structure (XANES) region of 
the XAS was measured. The XANES region is sensitive to the chemical state of Mn reducing from Mn7+ 
(MnO4

-) to Mn4+ (MnO2). Together with reference spectra and the features in the extended X-ray absorption 
fine structure (EXAFS) region, the chemical state of Mn can be further correlated to the local coordination 
of Mn. This correlation allows a detailed study of the transition from tetrahedrally-coordinated MnO4

- (Mntet) 
to octahedrally-coordinated MnO2 (Mnoct) independent of the formation of extended nuclei, especially for 
conditions that have similar onset times (e.g., pH 0.5 and 1.1 at 120 oC) or lack of a WAXS-onset within 
the time scale of our observation (e.g., pH 2.6 at 120 oC).  

Following the discussion above, we focus on using Mn XANES to analyze the transition trend of pH 0.5, 
1.1, and 2.6 samples at 120 °C. As shown in Figure 3(a-c), the oxidation state of Mn changes during the 
crystallization, as revealed by the shape change of the spectra. The reference spectra of 0.2 M KMnO4 (aq) 
and dry δ’-MnO2 powder are shown in Figure 3(d), representing Mn in tetrahedral (Mntet) and octahedral 
coordination (Mnoct), respectively. At room temperature (RT), the initial spectra (t=0)  for all three pH 
values are characterized by a single, strong pre-edge peak around 6542 eV, which is the primary feature of 
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Mn7+ in tetrahedrally coordinated MnO4
- ions39–42. As the solution is heated and after the hydrothermal 

reaction starts, this pre-edge peak gradually loses intensity, indicating a gradual increase in the averaged 
Mn coordination number41. In the cases of pH 0.5 and pH 1.1, the single peak pre-edge eventually 
transforms into a doublet, representing the octahedrally coordinated MnO6 in the δ’-MnO2 structure40,43. 
The shapes of the endpoint spectrum for pH 0.5 (70 min) and pH 1.1 (85 min) are very similar to that of the 
dry δ’-MnO2 reference spectrum in Figure 3(d), with subtle differences attributed the solvation environment 
in the solution44,45. To further confirm that the XAS features observed in the endpoint spectrum for pH 0.5 
and pH 1.1 are the δ’-MnO2 structure, we analyzed the extended X-ray absorption fine structure (EXAFS) 
region of the XAS spectrum and compared the results with the dry δ’-MnO2 reference (Supporting 
Information 5). The EXAFS data show that the structural features of the δ’-MnO2 phase were developed at 
both endpoint spectra. Two peaks representing the Mn–O (~1.9 Å) and Mn–Mn (~ 2.8 Å) nearest-neighbor 
bonds in the δ’-MnO2 phase are clearly seen, confirming the formation of the δ’-MnO2. To further 
investigate the Mn coordination environment change during the reaction, the in situ EXAFS data of the pH 
1.1 sample are presented in Supporting Information 6. The EXAFS data, after comparison to the references, 
show a continuous and gradual transition from Mntet in MnO4

-(aq) to Mnoct in δ’-MnO2(s). This observation 
is also consistent with the XANES and WAXS results.  

In the case of pH 2.6, although the single pre-edge peak decreases over time, it does not transform into the 
double peak as in the low pH cases over the course of 900 min reaction time. This result is consistent with 
the WAXS data showing that no visible diffraction peak for δ’-MnO2 was observed up to 908 min.  

Figure 3. Mn K edge spectra evolution at varying pH. (a-c) The Mn K edge of (a) pH 0.5 (b) pH 1.1, 
and (c) pH 2.6 at 120 oC as a function of reaction time. The data labeled 0 min represent the spectra 
acquired at room temperature before starting the hydrothermal reaction. (d) Reference spectra of 0.2 M 
KMnO4 water solution (Mntet) and dry δ’-MnO2 powder (Mnoct). 
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Given that Mn species in different oxidation states result in Mn K edge shapes that are distinctive from 
MnO4

- and MnO2
46, and that the transition in Figure 3 is gradual and smooth from Mn7+ (MnO4

-) to Mn4+ 
(MnO2), we conclude that the concentrations of other Mn species (e.g. Mn2+, Mn3+….), if any, are dilute. 
Therefore, the atomic fraction (F) of Mntet and Mnoct during the transition process can be obtained from 
linear combination analysis by assuming a)  1 and b) the Mn7+ measured are Mntet and 𝐹𝑀𝑛𝑡𝑒𝑡 + 𝐹𝑀𝑛𝑜𝑐𝑡 =
Mn4+ are Mnoct. The two end member components used in the fitting are the initial room temperature spectra 
of the reaction solutions at a given pH and the dry δ’-MnO2 powder. In order to take the solvation 
environment into account, the endpoint spectra of pH 0.5 (70 min) and pH 1.1 (85 min) were also used in 
the fitting and compared against to the results using the dry δ’-MnO2. Representative data points for the 
two fitting results are compared in Figure 4 and show a good agreement with the data and each other. A 
complete fitting dataset can be found in Supporting Information 7. 

Figure 4. Linear combination fitting results of the Mn K edge spectra. Representative fitting results 
for (a) pH 0.5, (b) pH 1.1, and (c) pH 2.6, showing the experimental data (open circles), fit with the 
refence dry δ’-MnO2 power (red line), and fit with endpoint scans of each of the reactions (blue line). 
For pH 2.6, due to the fact that the edge did not reach the δ’-MnO2 endpoint, the 85 min spectrum in pH 
1.1 was used as an endpoint instead. 

The results of the linear combination analysis are presented in Figure 5. The fraction of Mntet decreases 
linearly over time, and the consumption rate decreases with higher pH, especially for pH 2.6. For pH 0.5 
and pH 1.1, although the WAXS results do not have the resolution to distinguish the onset time, the linear 
combination fitting shows that Mntet decreases faster for pH 0.5. The XAS data do not provide information 
on δ’-MnO2 onset directly. In order to compare the transition trend obtained using XAS together with the 
trend obtained using WAXS, we define the half-life of the atomic fraction of Mntet as a proxy for the onset 
time. The half-life of Mntet for solutions with different pH is summarized in Table S3 in Supporting 
Information 8.
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Figure 5. Atomic fraction Mntet along with reaction time.  Atomic fraction as a function of reaction 
time is obtained from linear combination fitting of the Mn K edge spectra. Filled and open symbols 
represent results obtained by using dry δ’-MnO2 power and endpoint scans, respectively. 

■ Discussion 

Metastable Zone Width in the redox active Mn-O-H system. So far, we have measured the trend of δ’-
MnO2 crystallization using WAXS and XANES at different pH values. The δ’-MnO2 onset time from 
WAXS and XAS as a function of solution pH is summarized altogether in Figure 6(a). Here, an important 
discovery is that in the pH ≥ 2 region, there is no in situ WAXS observable δ’-MnO2 onset for at least 9 hrs 
of reaction time. As the pH decreases below pH 2, nucleation can initiate within ~35 minutes. The pH 
values investigated here are all much lower than the equilibrium phase boundary between MnO4

- and MnO2 
on the Pourbaix diagram32,33, which occurs near pH ~ 5 –7  and  E ~ +1.3 – +1.1V (see Figure S7 in 
Supporting Information 9) for the Mn concentration in our experiment (0.2 M). To better illustrate the 
concept of the MZW, we mark down the reaction conditions in this study onto a conventional Pourbaix 
diagram, as shown in Figure 6(b). The green dots show the experimental conditions where crystallization 
is observed, and the red dots represent conditions where nucleation is not observed even after 9 hours. The 
boundary of the MZW is located in between the green and red dots, marked by the white dashed line. For 
further visualization, we add a Ψ axis in Figure 6(c) to show the projection of the conventional Pourbaix 
diagram as well as the reaction conditions from the Pourbaix free-energy space32,33 (see Supporting 
Information 11 for related description of Ψ). Notice that the “electrochemical saturation” caused by pH 
reduction needs to be significantly far beyond the equilibrium boundary between the MnO4

- and δ’-MnO2 

to result in crystallization, as shown by the green arrow in Figure 6(b). The fact that the MnO4
- precursor 

can persist in a metastable aqueous state, even in a region of the Pourbaix diagram where MnO2 is stable, 
is a demonstration of the Metastable Zone Width (MZW)29,30. The boundary of the MZW is observed in our 
experiment around pH 2, as shown in the white dashed line in Figure 6(b) and (c). 

Page 9 of 19 Journal of Materials Chemistry A



10

Figure 6. Trend of MnO2 onset time and the metastable zone width. (a) A summary of the δ’-MnO2 
onset time and Mntet half-life as a function of pH and reaction temperature, measured using WAXS and 
XANES, respectively. The datapoints with upward arrows represent the absence of δ’-MnO2 onset when 
the in situ WAXS observation ended. (b) The boundary of metastable zone width (white dashed line) 
marked on a section of the Mn Pourbaix diagram including the MnO4

-(aq) and δ’-MnO2 phases (see 
Figure S7 in Supporting Information 9 for the full diagram). The Pourbaix diagram is shown at the 
experimental Mn concentration of 0.2 M. A comparison of the phase boundary at [Mn] = 10-6 M is shown 
in black dashed lines. The green dots show the experimental conditions where crystallization is observed, 
and the red dots represent conditions where nucleation is not observed even after 9 hours. (c) Diagram 
showing the Pourbaix free-energy landscape above Figure 6(b), illustrating the electrochemical 
supersaturation (ΔΨ) of MnO4

-(aq) relative to δ’-MnO2. The thermodynamic driving force (ΔΨ) does not 
change significantly in the vicinity of pH 2, implying that the thermodynamic effect is not the main cause 
of the induction time difference. 
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From a kinetics perspective, our in situ XANES observations in Figure 5 directly demonstrate that the 
kinetics of steric conversion from tetrahedral MnO4

- to the octahedral MnO2 environment is dependent on 
the pH. Figure 5 shows that lower pH leads to a faster conversion rate, qualitatively consistent with a Le 
Chatelier-type effect in the reaction: 

4MnO4
−(aq) + 4H+ → 4MnO2(s) + 2H2O + 3O2 (g)…Eq. (1)

This effect suggests that the mechanistic origin of the MZW may be the slow kinetic availability of 
tetrahedral-Mn precursor transforming into octahedral-Mn. Moreover, by comparing the XANES and the 
WAXS measurements, the Mntet to Mnoct conversion begins immediately at the beginning of the experiment 
even before a signal appears for the crystalline δ’-MnO2 phase. At 120 °C, the onset of MnO2 crystallinity 
in the WAXS measurements is when the fraction of tetrahedral MnO4

-(aq) has decreased to approximately 
54% (pH 0.5) and 66% (pH 1.1) of its starting concentration (see Supporting Information 10 for the 
interpolation). This Mntet range, from 50 to 70 %, is likely to be a critical conversion threshold for MnO2 
crystallization to begin. The fact that higher temperatures (160°C vs 120°C) reduced the induction time also 
points to the role of kinetics in driving this Mn-coordination conversion. 

Based on the XANES results, we propose a plausible mechanism in Figure 7(a) to hypothetically describe 
the nucleation process of MnO2, even though the detailed atomic structure change of this conversion could 
not be definitively resolved with the current data due to the coarse time and energy resolution. Following 
an initial agglomeration of MnO4

- ions, some of the Mntet may convert to Mnoct, either by linking 
neighboring oxygen atoms with another MnO4

- or by hydrolysis. As the Mntet-Mnoct assembly is reduced, 
this process leads to the formation of edge-sharing MnO6 octahedra. These steps eventually result in the 
condensation of a δ’-MnO2 crystal observable through WAXS. To construct a more robust model for the 
cluster formation process, as well as to quantitatively measure the relative concentrations between the 
precursors and products, in situ techniques with higher time and structural resolution will be valuable, such 
as quick-EXAFS or pair distribution function (PDF)28,47. These techniques could also be used to investigate 
the potential influence of anion on the reaction kinetics. Previous ex situ works on MnO2 hydrothermal 
synthesis suggest that replacing HNO3 with HCl or H2SO4 does not change the end product of the reaction 
pathway48, but the Cl-(aq) or SO4

2-(aq) counterions in the solution might change the oxidation-reduction 
potential of the solution, and therefore change the reaction kinetics. 

During the three-step MnO2 nucleation process shown in Figure 7(a), the solute availability of Mnoct needed 
to initiate MnO2 crystallization is limited by the transformation rate of Mntet into Mnoct. This concept of a 
precursor-limited intermediate is reminiscent of concepts from “non-classical nucleation theory”, where a 
“dense liquid” pre-nucleation precursor precedes the formation of the crystalline product49–52. The 
mechanism in the MnO2 system here is different than other non-classical nucleation mechanisms explored 
in the field, which have focused on ionic aggregation or liquid-liquid separation of sparingly-soluble 
salts50,53. In these simple salts, the ions do not change oxidation states between their solvated aqueous state 
and their crystalline coordination environment. However, in the MnO2 system, the availability of Mnoct 
requires the electrochemical reduction and coordination change of the tetrahedral MnO4

-(aq) ion. This 
redox-mediated kinetic limitation in Mnoct solute availability is a new mechanism for the origins of an MZW, 
and is special to redox-active metal oxide systems.

To further support our argument that the MZW originates from kinetic limitations, rather than 
thermodynamic limitations, we compute the thermodynamic driving force (ΔΨ) between MnO4

-(aq) to δ’-
MnO2 at the measured E and pH conditions in the very beginning of the reaction (See Supporting 
Information 11 for more details about ΔΨ and related calculations). We visualize this ΔΨ in Figure 6(c), 
where the Pourbaix free energy of MnO4

-(aq) relative to that of δ’-MnO2 is shown for the various E and pH 
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conditions investigated experimentally. The water-oxidation line is nearly parallel with the MnO4
-/MnO2 

phase boundary. At the various pH/E conditions we tested, the ΔΨ does not change significantly between 
pH > 2 and pH < 2. In short, the magnitude of ΔΨ does not explain our observation that pH influences the 
MnO4

- consumption rate and crystallization onset. Nonetheless, this would not detract from the kinetic 
arguments above, which provide a suitable rationalization of the observed MZW phenomenon. 

Figure 7. Hypothetical mechanism of δ’-MnO2 formation at the early stages. (a) Individual MnO4
- 

ions in the solution agglomerate, forming a pre-nucleation assembly consisting of Mntet and Mnoct. Upon 
further reduction, edge-sharing MnO6 octahedra form, eventually transforming to solid δ’-MnO2. (b) A 
schematic of the development of δ’-MnO2 along with the atomic fraction of MnO4

- (Mntet) and MnO6 
(Mnoct) during the hydrothermal synthesis. The linearly decreased Mntet/oct fraction in the solution is 
corresponding to the XANES data shown in Figure 5. As the concentration of the Mntet-Mnoct pre-
nucleation assembly passes the critical conversion threshold, the nucleation of MnO2 solid begins. In the 
case of pH > 2, the conversion of Mntet to Mnoct is too slow, therefore the critical conversion threshold 
cannot be reached within an observable time frame. This schematic demonstration is adapted from 
previous works of Smeets et al.50 and Gebauer et al.51.
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Reaction order of MnO4
- reduction. An understanding of the reaction order of Mntet to Mnoct conversion 

can serve as a quantitative foundation to anticipate induction times in the MZW of the manganese Pourbaix 
diagram. During the hydrothermal reaction, the fraction of Mntet decreases linearly, as shown in Figure 5. 
To determine whether this linear decrease may be interpreted as a signature of zero-order reaction kinetics, 
we briefly review the decomposition mechanisms of MnO4

- reported in the literature and compare these 
results to ours. 

In acidic conditions, the thermal decomposition of MnO4
-(aq) into MnO2(s) is conventionally understood 

to proceed via the Guyard reaction54–57:

2MnO4
- + 3Mn2+ + 2H2O → 5MnO2(s) + 4H+…Eq. (2)

where Mn2+
 ions are produced  by the equilibrium:

4MnO4
- + 12H+ ↔ 4Mn2+ + 6H2O + 5O2 … Eq. (3)

While the equilibrium concentration of Mn2+ is small, its production is considered to be rapid55. Therefore, 
the reaction between Mn2+ and MnO4

- is the rate limiting step. This reaction is initially exceedingly slow, 
but is known to be autocatalytic, with MnO2(s) surfaces substantially increasing the reaction rate54,57,58. The 
maximum rate of this reaction has been measured to scale as54

vmax = k1 [MnO4
-] ([Mn2+] – k2) ([MnO2] + k3) (1 + k4[H+])-1… Eq. (4)

The inverse of this rate is proportional to the induction time to initial MnO2(s) formation. In our experiment, 
Mn2+ is produced by equilibrium in Eq. (3) rather than being deliberately added to the solution. Assuming 
that equilibrium (3) is established rapidly, [Mn2+] ~ [MnO4

-][H+]3[O2]-5/4 and the induction time scales 
approximately as

1/t induction ~ [MnO4
-]2 [H+]2 ([MnO2] + k) [O2]-5/4… Eq. (5)

The strong dependence of the induction time on [H+] is qualitatively consistent with the dramatic sensitivity 
to pH we observe experimentally. However, the autocatalytic nature of this reaction implies that the 
concentration of [MnO4

-] vs. time should be sigmoidal57,58, which is not consistent with the linear decrease 
in [MnO4

-] that we observe. 

One possible reason for this apparent inconsistency in the evolution of [MnO4
-] with time is that in the in 

situ experiment, MnO4
-
 may decompose photochemically by the known pathway:

MnO4
- + hv → MnO2

- + O2 … Eq. (6)

where MnO2
- persists in the solution for some time until finally precipitating as MnO2(s)59,60. In acidic 

conditions, the reaction in Eq. (6) has been reported to be zero-order59, analogous to our observations shown 
in Figure 5. However, the final reaction outcome is unchanged whether the reaction pathway is 
photochemically-active or thermally driven: in parallel ex-situ hydrothermal reactions where stainless-steel 
autoclaves are used, the same δ’-MnO2 product was formed at pH 1.133 and no visually observable 
precipitation was found at pH 2.6. This agreement between the non-equilibrium reaction products obtained 
in-situ and ex-situ indicates that even if the initial decomposition of the MnO4

- precursor is photochemically 
induced during the WAXS measurements, the formation of the solid product proceeds by the same 
mechanism in both cases. 

Finally, it is possible that the linear decrease in [MnO4
-] arises from a convolution of multiple intermediates 

and thus does not represent a true zero-th order elementary reaction step. As discussed in Figure 7, the 

Page 13 of 19 Journal of Materials Chemistry A



14

nucleation of MnO2 may be a multi-step reaction. Some Mntet may exist simultaneously in the solution, pre-
nucleation clusters, and other reaction intermediates. The Mntet fraction obtained from the XAS data in 
Figure 5 is the summation of all Mntet in the abovementioned configurations, and could not be decoupled 
from the current data. Therefore, the linear decrease in Mntet concentration may arise from a convolution of 
multiple reaction steps instead of signifying a truly zero-order elementary reaction step. Future work should 
aim to ascertain insights on the chemical conversion kinetics of these transition metal complexes, as they 
play an important role in governing the induction times and transformation rates of metal oxide precipitation 
in an aqueous system.  

 ■ Conclusions

The key conceptual breakthrough needed to achieve a theory of predictive synthesis is an ability to 
deconvolute the competing factors between the thermodynamics and kinetics of phase transformations. In 
this work, we investigated how experimentally observed precipitation conditions deviate from expectations 
for a thermodynamic Pourbaix diagram. Specifically, we investigated the induction of δ’-MnO2 during 
hydrothermal synthesis at pH = 0.5–2.6. In situ WAXS and XAS were performed to monitor the 
crystallization process from MnO4

−  to δ’-MnO2, in terms of onset time and the atomic fraction of 
tetrahedrally (or octahedrally) coordinated Mn. We observed two distinct kinetic regimes above and below 
pH 2, where the conversion kinetics of tetrahedrally-coordinated MnO4

- to octahedrally-coordinated δ’-
MnO2 are distinctive. At lower pH, the reduction reaction is faster, which produces more Mntet-Mnoct 
assemblies for the nucleation of the crystalline phase. This pH region corresponds to the boundary of a 
Metastable Zone Width in the Pourbaix diagram, which we measured to be near pH 2 in this experiment. 
Our kinetic analysis provides an important feature to consider when comparing experimental synthesis 
results with the calculated thermodynamic phase diagram, especially when anticipating the relative timeline 
for harvesting metastable or intermediate phases.
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