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ABSTRACT: While control over crystal structure is one of the
primary objectives in crystal growth, the present lack of predictive
understanding of the mechanisms driving structure selection precludes
the predictive synthesis of polymorphic materials. We address the
formation of off-stoichiometric intermediates as one such handle
driving polymorph selection in the diverse class of MnO2-framework
structures. Specifically, we build on the recent benchmark of the
SCAN functional for the ab initio modeling of MnO2 to examine the
effect of alkali-insertion, protonation, and hydration to derive the
thermodynamic conditions favoring the formation of the most
common MnO2 phasesβ, γ, R, α, δ, and λfrom aqueous solution.
We explain the phase selection trends through the geometric and
chemical compatibility of the alkali cations and the available phases, the interaction of water with the system, and the critical role
of protons. Our results offer both a quantitative synthesis roadmap for this important class of functional oxides, and a description
of the various structural phase transformations that may occur in this system.

■ INTRODUCTION

As the ab initio design of materials with a set of prescribed
properties is making significant advances,1 the synthesis of such
novel compounds is often a practical and time-consuming
obstacle to their realization. This is particularly true for phases
that are metastable for which high-temperature solid-state
synthesis routes cannot be used. Understanding better how
specific synthesis conditions lead to a particular phase is a first
step to the ultimate goal of inverting this relation and designing
synthesis routes that target a specific polymorph. In this paper
we use MnO2 as a prototype system with a high degree of
polymorphism to understand the chemical handles that lead to
the formation of a specific solid phase. The diverse
modifications of MnO2, formed through a variety of off-
stoichiometric intermediates, have been widely studied as Li-ion
battery cathodes,2,3 photocatalysts,4,5 molecular sieves,6 super-
capacitors,7 and pigments,8 where each application requires a
specific MnO2 structural polymorph9 or structural motif in the
case of nanocrystalline manganese oxides.4 Despite an
abundance of literature reporting synthesis recipes for each
MnO2 polymorph and documenting the transformations
between them, the understanding of the underlying driving
forces is sparse. This gap in the present knowledge of the
manganese oxide system makes it difficult to separate kinetic
effects from thermodynamics in any mechanistic analysis of
MnO2 formation, or to make quantitative predictions regarding
phase transformations, which limit both the scientific under-

standing of manganese dioxide chemistry and the design of
functional MnO2-based materials.
The most common structures accessible by aqueous

synthesis in the manganese dioxide system are the rutile-type
β phase, hollandite-type α, ramsdellite-type R, birnessite-type δ,
spinel-type λ, and γ, which is an intergrowth of β and R with
various fractions of β/R domains and twinning.10,12 These six
structures are shown in Figure 1, which illustrates their overall
framework, as well as their approximate low temperature
magnetic configuration and predicted interstitial sites. Im-
portantly, we consider a single prototypical γ structure that is a
50% mixture of β and R domains, as a model of the general
class of such intergrowth phases.12,13 All of these structures
consist of corner- and edge-sharing MnO6 octahedra which
pack to form a hexagonal-close-packed (HCP) oxygen
sublattice in the case of β, α, R, γ, and O1-stacked δ,11 or a
face-centered-cubic (FCC) oxygen sublattice in the case of λ
and O3-stacked δ.11 In terms of their magnetic structure, all
MnO2 polymorphs are well-represented as relatively simple
antiferromagnets,10,14−16 although the true magnetic structure
of certain polymorphs is more complex.17,18 The packings of
MnO6 octahedra create a variety of voids that form sublattices
of structurally equivalent interstitial sites, which allow the
intercalation of cations and water into the MnO2 frameworks.
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Given the diverse applications of MnO2 polymorphs, there
are a number of established synthesis methods that yield phase-
pure forms of each structure.9,19−24 The β, α, R, λ, and δ forms
can be made hydrothermally from an aqueous solution
containing Mn2+ or MnO4

−, as well as some alkali or alkali-
earth cations. The γ phase, also known as “electrolytic
manganese oxide” (EMD), is a common product in high-rate
electrochemical deposition, typically from an aqueous solution
of MnSO4 and H2SO4, although this phase can also be made
hydrothermally as “chemical manganese oxide” (CMD).12,25,26

While the synthesized products often contain significant
amounts of intercalated alkali or alkali-earth cations, protons,
and/or water, mild postprocessing of the as-synthesized
product can yield stoichiometrically pure forms of the various
MnO2 polymorphs without any intercalated ions.19,21,22,27 In
other cases, however, the extraction of intercalants from the
MnO2 framework induces phase transformations, suggesting
that the cations play a key role in kinetically or thermodynami-
cally stabilizing the polymorphs during initial phase selec-
tion,22,28 consistent with the results of several in situ
studies.29,30 These results motivate our work on establishing a
thermodynamic baseline for the stability of off-stoichiometric
intercalated MnO2-type phases, both for distinguishing
thermodynamic and kinetics effects, and for guiding the
targeted synthesis of MnO2 structures through off-stoichio-
metric intermediates.
Previous work on characterizing the thermodynamics of the

alkali-containing manganese oxides has yielded partial data on
the nature of the driving forces governing phase selection.
Calorimetry on several naturally occurring MnO2-framework
type minerals31,32 gave an early indication of the critical

importance of alkali cations in the thermodynamic stabilization
of a number of MnO2 frameworks. Subsequent computational
work has reproduced several of these pathways. For example,
based on a density functional theory (DFT) analysis, Reed et al.
report the destabilization of δ-MnO2 with respect to λ under
Li+ intercalation,33 Balachandran et al. identify the importance
of structural water in stabilizing R over β,34 Cockayne et al. and
Wei et al. study the stabilization of α and δ with respect to β by
dilute K+ intercalation and hydration,35,36 Tompsett et al. and
Wang et al. model the destabilization of the α and β
frameworks respectively under Li+ intercalation,37,38 while
Ling et al. calculate the conversion α to λ on Mg2+ insertion.39

In a recent work, Li et al. computationally hypothesize a
number of possible mechanisms for the transformation from δ
to the β, R, α, and related tunnel structures. In all cases,
computational work has been limited to a subset of MnO2
phases and alkali-ions, typically focusing on fixed-composition
or single-phase (topotactic) reactions. While these data give
insight into a subset of possible reactions in the manganese
dioxide system, an analysis of MnO2 synthesis pathways
requires a grand-potential approach that considers all possible
phases and compositions. Previously, such an analysis was not
possible as existing ab initio methods failed to give accurate
results for the relative energetics of MnO2 polymorphs.

10 The
recent resolution of these methodological difficulties through
the SCAN exchange-correlation functional10,40 enables us to
establish a consistent model of alkali−MnO2 thermodynamics
across all phases and compositions.
In this work, we construct a comprehensive thermodynamic

baseline for the common polymorphs of MnO2 in an aqueous
environment, accounting for the effect of water, as well as H+,
Li+, Na+, K+, Mg2+, and Ca2+ ions. Importantly, we consider all
MnO2-derived phases across all dry and hydrated ternary
compositions to offer a reliable energetic ranking of MnO2
polymorphs across a variety of stoichiometries. In addition to
establishing thermodynamic boundary conditions for the
aqueous synthesis of MnO2 structures, our data yield a full
set of potential “energetically downhill” phase transformations
in the system, which are critical data for the prediction of
transformation pathways between the polymorphs under
nonequilibrium conditions, the evaluation of classical and
nonclassical nucleation pathways,41 and the interpretation of in
situ data. Finally, our analysis reveals the evolution of the
driving force for phase transformation upon the extraction or
insertion of cations, which is of interest for estimating the
feasibility of topotactic reactions in this space.
More generally, the MnO2 system, whose diverse poly-

morphism arises from an array of intercalation redox reactions
that allow each phase to accommodate significant off-
stoichiometry, is an ideal model system to analyze the coupling
between redox activity in transition metal ceramics and the
diversity of their structures. As we discuss here, the types of
intercalation sites created by each transition-metal framework
determine which structures can be synthesized in the presence
of alkali and alkali-earth ions of varying size and valency, as well
as water. As such, we establish alkali intercalation as a predictive
synthesis handle analogous to prior work on structure selection
by surface stability,42−44 advancing the field of predictive
synthesis and materials design.

■ METHODOLOGY
To approach the problem of accessing the thermodynamics of the β, γ,
R, α, δ, and λ-MnO2 phases in the presence of alkali intercalation and

Figure 1. Common polymorphs of MnO2 and predicted sites for alkali
intercalation. The purple and yellow spheres and surrounding
octahedra denote spin-up and spin-down Mn atoms and MnO6
octahedra,10 while the black spheres and surrounding gray polyhedra
denote potential intercalation sites for alkali and alkali-earth ions in the
structure. Each site shown defines a distinct sublatticewhile a single
site of each type is shown, all equivalent sites are included in the
structural enumeration. Note that for the birnessite (δ) phase we
consider the monoclinic O1-stacked (P3 ̅m1) and O3-stacked (R3̅m)
(shown) configurations as competing configurations of the same
phase.11 Furthermore, while the γ phase generally refers to a range of
intergrowth structures with a varying fraction of β-like and R-like
domains, we choose a representative structure with 50% β-type tunnels
for the purposes of all calculations.
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hydration, we must define a chemical space of interest, determine the
structure of all phases across the chemical space, and compare their
energetics to that of all competing phases within a grand potential that
is representative of the aqueous solutions used in synthesis.
The chemical space we consider are the compounds with the

formula AxMnO2·yH2O for A = H, Li, Na, K, Mg, Ca, 0 ≤ x ≤ 1, 0 ≤ y
≤ 1, based on the range of intercalation and hydration reported
experimentally.31,45 Within this range, we determine the structure of
each of the β, γ, R, α, δ, and λ phases by placing the intercalant cations
and/or water in the interstitial sites available in each phase, and
choosing the lowest energy structure, as described in the Supporting
Information. Furthermore, we map all AxMnO2·yH2O phases reported
in the Inorganic Crystal Structure Database (ICSD)45 and the
Materials Project46 to the β, γ, R, α, δ, and λ polymorphs through a
distortion-tolerant affine map,47 or consider them as a competing
phase in cases where the underlying MnO2 framework does not
correspond to any of the six polymorphs in question. Through this
procedure, we capture all experimentally reported structures, and
predict likely low-energy structures within each MnO2 phase, giving a
reliable sample of the configuration space of AxMnO2·yH2O
compounds.
To obtain accurate energetics for each AxMnO2·yH2O structure, we

follow the methodology recently established to yield accurate
energetics for MnO2 polymorphs.

10 We perform all DFT calculations
within the Vienna Ab Initio Simulation Package (VASP)48 with
projector-augmented wave (PAW) pseudopotentials,49 a reciprocal
space discretization of at least 25 Å−1, and the recently introduced
SCAN meta-GGA exchange-correlation functional.40 To balance
computational efficiency with accuracy, we prerelax all structures
using a Γ-point-only calculation, followed by a pair of full k-point
relaxations converged to 2 × 10−7 eV/atom on the electronic structure,
and a maximum force of 0.02 eV/Å on all atoms. As the magnetic
structure of the Mn sublattice plays a significant role in determining
the relative stabilities of MnO2 polymorphs, we initialize all magnetic
configurations using the ground state antiferromagnetic (AFM)

orderings given by Kitchaev et al.10 for structures topotactic to the
MnO2 polymorphs given, or a pair of representative AFM and
ferromagnetic (FM) orderings in other cases. To allow for symmetry-
breaking relaxations, we do not enforce any symmetry constraints in
our calculations. This calculation scheme provides an acceptable
balance between accuracy and computational efficiency, although it
must be noted that more detailed enumeration and specialized
functionals may be needed to reproduce the complex magnetic and
charge orderings that arise in some of these phases.50

For all structures with alkali and alkali-earth inserted cations, the
presence of relatively strong orderings in unhydrated AxMnO2
structures limits the contribution of configurational entropy as
compared to the enthalpy differences between competing structures.
As a result, we can approximate the relative Gibbs free energies of the
AxMnO2 structures by their DFT-derived T = 0 K enthalpies. In the
case of proton insertion, this assumption is not necessarily valid, as the
interactions between protons in the structure may be insufficient to
limit their configurational entropy, and we find that the enthalpy
differences between HxMnO2 structures are small enough to be
competitive with entropic effects. Similarly, the phonon modes
associated with the vibrationally active O−H bonds may significantly
contribute to the free energies of protonated MnO2 structures at room
temperature. To account for these effects, we bound the contribution
of protons to the configurational entropy by that of an ideal lattice
solution, based on the lattice defined by protons in the relatively well-
ordered MnOOH structures. Furthermore, we calculate the zero-point
energy and phonon entropy of all low-enthalpy HxMnO2 structures.

51

Put together, the DFT-derived enthalpy, phonon zero-point energy,
configurational entropy, and vibrational free energy yield the relative
Gibbs free energies of HxMnO2 phases. Finally, in the case of hydrated
structures, the DFT-calculated formation energy of AxMnO2·yH2O
from bulk water and AxMnO2 formally corresponds to the enthalpy of
hydration. While the entropy of the hydration reaction is difficult to
calculate exactly, we place a bound on its magnitude by assuming that
the intercalated water has an entropy that is no higher than that of

Figure 2. Computed formation free energies of the β, α, R, γ, λ and δ MnO2 polymorphs intercalated with (a) Li
+, (b) Na+, (c) K+, (d) Mg2+, or (e)

Ca2+ cations. The energy is given with respect to a linear combination of β-MnO2 and the most stable AMnO2. The solid markers correspond to the
ground state structures for a given MnO2 framework as a function of composition. The dotted line illustrates the global thermodynamic equilibrium
along this same composition line, without the restriction that the MnO2 framework remain topotactic. Finally, the shaded regions depict the range of
free energies of each phase that could be expected from hydration, with the lower bound corresponding to equilibrium with pure water at 298 K,
assuming that the intercalated water has bulk-like entropy. While all phases were hydrated, only the α and δ phases admitted stable hydrated
configurations. Note that the AMnO2 phases for A = Mg, Ca favor the δ phase among the MnO2 frameworks considered here, but are globally
unstable with respect to phase separation into MnO and AO rocksalts.
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bulk water. While a significant simplification, this bound is sufficient to
establish the key effects of hydration on MnO2 thermodynamics.
On the basis of the calculated energetics, we derive the intercalation

phase diagram of each MnO2 polymorph by constructing the convex
hull of all topotactically related structures. Combining these convex
hulls, we construct the open-system phase diagrams, which map the
equilibrium phases as a function of pH and alkali chemical potential. In
the case of phase diagrams given as a function of composition, we
calculate formation energies with respect to pure β-MnO2, the ground
state AMnO2 structure, and liquid water at 298 K. In the case of open
systems, the zero of alkali chemical potential is chosen as that of the
ion at a 1 molal concentration in water at 298 K and pH = 0 at zero
applied potential, which we calculate as the DFT energy of the
elemental reference plus the experimentally measured formation
energy of the alkali ion in water.52 To partially counteract the effect of
electron self-interaction in the Mn d-states, we apply a constant
potential shift equal to 0.337 V to all calculated structures so as to
reproduce the experimental formation energy of β-MnO2 with respect
to Mn and O2 gas in the open-system phase diagrams. Finally, we use
experimentally reported equilibria to set the energy of the hausmannite
Mn3O4 structure.53,54 While we must introduce a trade-off between
redox potential accuracy and structure prediction accuracy in choosing
to use SCAN instead of the more common Hubbard-U approach,52,55

we find our aqueous stability results to be accurate within 2 pH units,53

which is acceptable for evaluating the structure selection trends we are
interested in.

■ RESULTS

We begin by evaluating the thermodynamics of alkali and alkali-
earth intercalation into MnO2 structures in a dry environment
in order to establish the baseline effect of cation type and
concentration on the stability of β, α, R, γ, δ, and λ MnO2
phases. For each of A = Li, Na, K, Mg, and Ca, the formation
energy of each polymorph at concentration AxMnO2 with
respect to phase separation between β-MnO2 and the ground
state AMnO2 structure is given in Figure 2 (this choice of
reference state is arbitrary and only serves to clearly present the
data here). The solid squares and lines denote the ground states
within a constrained MnO2 framework, i.e., the behavior for the
topotactic insertion of A. The gray dashed line denotes the
energy of the global equilibrium ground state configuration of
AxMnO2, without any constraints on the MnO2 sublattice. As
such, the curves in Figure 2 give not only the equilibrium
configuration of AxMnO2 polymorphs at each composition, but
also the driving force for phase transformation between each

pair of polymorphs, or other phases non explicitly considered.
For example, in the case of NaxMnO2, all ground state
configurations are commensurate with the MnO2 polymorphs
we consider, while in the case of CaxMnO2, other ICSD-
reported structures arise as the ground state across a limited
composition range, even along the AxMnO2 composition line.
Detailed information on the thermodynamic ground states of
each polymorph, as well as that of each AxMnO2 system as a
whole is available as an explorable data set online (https://
materialsproject.org/mpcontribs/MnO2_phase_selection/), as
a contribution to the Materials Project, as well as in the
Supporting Information. With alkali insertion, the lowest
energy polymorph changes frequently, and different inserting
ions can stabilize different polymorphs, creating a clear
opportunity for polymorph selection through the controlled
addition of group I or II elements during synthesis.
We proceed from the baseline energetics of the dry AxMnO2

structures to consider the effect of hydration on the formation
energy of each MnO2 polymorph. The shaded regions below
the equilibrium lines of the α and δ phases in Figure 2 denote
the likely range of formation energies for hydrated AxMnO2·
yH2O structures, with the uncertainty in the exact value arising
from the fact that we are unable to reliably calculate the entropy
of intercalated water, and instead simply bound the entropy by
that of bulk water. Note that while we calculate the hydration
energy of all polymorphs, only the α and δ phases yield
hydrated configurations energetically favorable with respect to
the dry AxMnO2 structure and bulk water at 298 K. As a result,
we do not plot the hydration energies of the β, R, γ or λ
structures.
Finally, we evaluate the effect of proton incorporation, where

we classify protons by whether or not they lead to the reduction
of Mn from 4+ to 3+. Following previous work by Ruetschi et
al.,56 we term protons which intercalate into the structure and
reduce Mn as Coleman protons,57 and those which compensate
Mn vacancies and are not involved in redox reactions as
Ruetschi protons.56,58

The formation energy of Coleman protons, whose
thermodynamics are shown in Figure 3a, can be represented
analogously to the larger alkali ions as their formation is a type
of intercalation reaction. However, as protonated structures
form vibrationally active O−H bonds, we also consider the
effects of zero-point energy and phonon free energy.

Figure 3. Thermodynamics of proton incorporation into MnO2 polymorphs, as (a) reducing (Coleman) protons, and (b) nonreducing (Ruetschi)
protons. In (a) and (b), the solid lines indicate the formation free energy at each proton concentration with respect to the β-type pyrolusite-
manganite equilibrium line (a) or β-MnO2 and water (b). All formation energies are given at 298 K, accounting for the effect of DFT-derived
formation enthalpy, phonon zero-point energy, vibrational free energy, and configurational entropy. (c) The combined effect of Coleman and
Ruetschi protons on stabilizing R- and γ-MnO2 with respect to β, assuming that their effect on the free energy of MnH4x+yO2+2x is independent.

Journal of the American Chemical Society Article

DOI: 10.1021/jacs.6b11301
J. Am. Chem. Soc. 2017, 139, 2672−2681

2675

https://materialsproject.org/mpcontribs/MnO2_phase_selection/
https://materialsproject.org/mpcontribs/MnO2_phase_selection/
http://pubs.acs.org/doi/suppl/10.1021/jacs.6b11301/suppl_file/ja6b11301_si_001.pdf
http://dx.doi.org/10.1021/jacs.6b11301


Furthermore, as this type of proton is highly mobile,58 we must
account for the contribution of configurational entropy to the
formation energy. Thus, in Figure 3a, the solid lines correspond
to the Gibbs free energy of formation along the HxMnO2
composition line at 298 K, estimated from the sum of the DFT-
derived enthalpy of formation, the phonon zero point energy,
vibrational free energy, and configurational entropy. More
detailed free energy curves of MnO2 and MnOOH structures
are available in the Supporting Information. Interestingly, we
find the contribution of zero-point energy and vibrational free
energy to the relative stability of MnO2 polymorphs is minimal.
This result is likely due to the fact that the local bonding
environment in all phases is very similar, making finite
temperature vibrational effects a weak handle for polymorph
selection.
In contrast to Coleman protons, which can be thermody-

namically stabilized by controlling the external chemical
potential of H+, Ruetschi protons are equivalent to structural
water and are independent of pH, at least at equilibrium. Thus,
the formation energies of Ruetschi protons, shown in Figure 3b
for each polymorph with respect to β-MnO2 and bulk water at
298 K, follow the thermodynamics of isolated point defects.
Ruetschi protons exist as localized clusters of four OH− groups
at the site of a Mn4+ vacancy, and as such are electrostatically
neutral away from the immediate environment of the Ruetschi
defect and largely immobile at lower temperatures.58 As a
result, we assume their configurational entropy to be given by
the formation entropy of the initial Mn4+ vacancy, and the

defects to be noninteracting within the 0−10% concentration
range shown in Figure 3b. Furthermore, we assume that the
effect of O−H vibration within the Ruetschi defects is largely
independent of the surrounding structure, affecting their
stability versus water but not their relative stability within the
various MnO2 polymorphs. Put together, we find Ruetschi
defect formation to be unfavorable at any significant
concentration in all MnO2 structures, but less so in the R
and γ phases than β.
In real protonated manganese dioxide structures, both

Coleman and Ruetschi protons are reported to be present,56,59

such that their effect on the formation energy must be
considered in tandem. Assuming that the effects of Coleman
and Ruetschi protons are approximately independent, we
calculate the stability of MnO2 frameworks across
MnH4x+yO2+2x compositions, where x denotes the concen-
tration of Ruetschi defects and y denotes the concentration of
Coleman protons. The resulting stability map, given in Figure
3c, reveals that the balance between overall proton content, and
the degree to which protons reduce Mn4+ determines the
relative stability of the β, R, and γ MnO2 frameworks. While
Ruetschi defects, requiring a high activity of H2O, stabilize the γ
phase, the combination of high water content and high acidity,
leading to Coleman protons, should help the formation of
ramsdellite. Indeed, both the γ and ramsdellite phases are
typically grown by plating out of aqueous solution with high
acidity.25

Figure 4. Constrained equilibrium thermodynamics driving phase selection between MnO2 polymorphs as a function of solution conditions at 298 K
and zero applied potential, for solutions containing (a) Li+, (b) Na+, (c) K+, (d) Mg2+, or (e) Ca2+ cations. The zero of the alkali-ion chemical
potential corresponds to the chemical potential of the ion in an aqueous solution at a 1 molal concentration. The bixbyite Mn2O3 phase does not
appear here as we find it to be unstable with respect to MnOOH up to 231 °C, in close agreement with TGA experiments60 and recent DFT
results,55 but in conflict with older results.61 Hydrated configurations from Figure 2 are included as lightly shaded regions demonstrating the relative
stability of hydrated phases but not the precise hydrated composition, which we do not resolve in this study. The set of reactions considered in these
phase diagrams are available in the Supporting Information. In particular, we do not include the AxMnO2+y manganate phases which would appear
under oxidizing conditions as they fall outside the scope of our analysis, or the alkali oxides and hydroxides which would appear at high alkali
potential. †The hydrated α and δ regions align almost exactly with the nonhydrated regions and are not shown for clarity. ‡The AMnO2 phases for A
= Mg, Ca favor the δ phase among the MnO2 frameworks considered here, but are unstable with respect to phase separation into MnO and AO
rocksalts.
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Finally, as our primary goal is the control over MnO2
framework structure during aqueous synthesis, we evaluate
the stability of all AxMnO2 ground states across a range of
solution conditions. Combining the thermodynamic equilibria
data given in Figure 2 and Figure 3a, we construct the open-
system aqueous phase diagrams for each AxMnO2 system,
shown in Figure 4. A list of all reactions we consider in this
stability map is available in the Supporting Information. To
illustrate the effect of hydration on these phase diagrams, we
separate the stability regions of unhydrated AxMnO2 phases
and those of the hydrated α and δ phases. Since we find
Ruetschi defects to be unstable with respect to dehydration, we
do not include them in these grand-potential equilibrium phase
diagrams. Finally, we do not include cointercalated structures,
or alkali-rich structures such as the alkali manganates with the
formula AxMnO2+y as they fall outside the scope of the
structural and chemical space we are considering, although
outside of mild aqueous conditions, in particular at high alkali
potentials and in oxidizing environments, these structures do
become stable. The aqueous phase diagrams shown in Figure 4
show both the equilibrium compositions of AxMnO2 that could
be expected to form under various conditions of pH and alkali
chemical potential, and the underlying MnO2 framework,
offering a direct comparison to aqueous precipitation experi-
ments reported as synthesis routes for MnO2 polymorphs.
Similarly, these data elucidate the effect of changing solution
pH and chemical potential on alkali stability within MnO2
frameworks, giving a quantitative map for the acid-induced
chemical extraction of alkali ions from MnO2 frameworks, and
the corresponding phase transformations.24

■ DISCUSSION
Alkali-Stabilized Phases: α, λ, and δ. The first conclusion

we are able to draw from our analysis is that the α, λ, and δ
frameworks, while not the ground states for the MnO2
composition, are thermodynamically stabilized by alkali
intercalation, meaning that control over the product MnO2
framework can be achieved by controlling the chemical
potential of alkali cations in the precursor solution. Specifically,
Li+ and Mg2+ favor the spinel (λ) phase, Na+, Ca2+, and
especially K+ favor the hollandite (α) phase, and all cations
except Li+ favor the layered (δ) phase in some composition
range. During hydrothermal growth, these cations are typically
present in the growth solution either from a MnO4

− precursor
salt, or as a deliberate additive (typically, as an alkali hydroxide
salt). As a result, the primary handle over alkali chemical
potential is the initial salt concentration, leading to β, α, λ, or δ-
type AxMnO2 growth. This result is consistent with a number
of reported transitions between MnO2 frameworks. For
example, several experimental studies report a transition from
β to α to δ on increasing the K+ content in the precursor
solution, and the reverse transformation with decreasing
pH.23,24,62−64 These observations are in qualitative agreement
with the phase diagram shown in Figure 4c, although it is
difficult to compare the results quantitatively as the authors do
not maintain a consistent K+ concentration in the solution
throughout the synthesis, or consistently report the pH for their
reactions.
We can further validate our results indirectly based on

reported phase transformations during the electrochemical
cycling of alkali-containing MnO2 structures. For example, the
decomposition of the orthorhombic LiMnO2 structure to the λ-
type LiMn2O4 spinel on Li+ removal which can be seen in

Figure 4a is well documented in the literature.65,66 Similarly,
Sun et al. have recently reported that Mg2+ intercalation into δ-
MnO2 in the absence of water results in irreversible
decomposition of the δ structure, while in the presence of
water, quasireversible conversion between hydrated δ-
Mg0.15MnO2·0.9H2O and dry λ-MnO2 is possible.

28 This result
is in agreement with the stabilization of δ-Mg0.25MnO2 by
hydration seen in Figure 2d with respect to the anhydrous β-
MnO2−λ-Mg0.5MnO2 equilibrium line. As the anhydrous δ
phase is never stable for MgxMnO2, 0 ≤ x ≤ 0.5, we would
expect that after initial decomposition on Mg insertion, there
would never be a driving force for the δ phase to reform on Mg
extraction, while in the hydrated case, reformation of the δ
structure is thermodynamically plausible. The coupling between
intercalation and structure selection seen in our data, and
illustrated in these experiments, enables electrochemical
processing to function as an effective structure-sensitive
synthesis tool in the case of redox-active systems such as MnO2.
The mechanism by which various alkali cations stabilize a

particular polymorph is related to two primary characteristics of
a MnO2 frameworkthe compatibility between available
interstitial sites and the preferred coordination environment
of the alkali ion, and the ability of the framework structure to
accommodate changes in electronic configuration, both due the
electrostatic repulsion of intercalated cations, and the change in
Mn redox state upon intercalation. To derive these character-
istics, we examine the effect of cation size and cation valence,
noting that Li+ and Mg2+ have very similar ionic radii, as do Na+

and Ca2+, which allows us to examine the effects of size and
valency independently of each other. Furthermore, we relate
the stabilization of certain AxMnO2 structures by water to the
ability of water to increase the coordination of cations in
otherwise unstable sites, creating a partial solvation shell around
around the cation. Importantly, structure stabilization by water
is specifically not a consequence of the interaction of water with
the MnO2 framework directly, but rather of the ability of water
to stabilize intercalated cations in the structure.
The first relationship between cation type and phase

selection is that of the compatibility between available
interstitial sites in the structure and the preferred coordination
of the alkali ion. For example, the hollandite α phase contains
four potential intercalation sitesthe 8-fold coordinated 2b
and 4-fold coordinated 2a tunnel-centered sites, and the
asymmetrically 4-fold and 5-fold coordinated off-center 8h′
and 8h sites, respectively. The only cation large enough to
occupy the 2b site is K+, creating a highly stable, well-
coordinated alkali-oxygen environment that results in the wide
window of stability for α-MnO2 across K

+ chemical potentials
consistent with experimental results.23,24,62−64 The slightly
smaller Na+ and Ca2+ are not stable in the 2b site, instead
occupying the lower-coordinated 2a and 8h sites. Nonetheless,
the bonding afforded by these sites, while less strong than in
the case of K+, provides sufficient alkali-oxygen coordination to
stabilize α within a limited range of Na+ and Ca2+ chemical
potentials. Finally, in the case of Li+ and Mg2+, the ionic radius
of the cation is only compatible with the asymmetric and low-
coordinated 8h and 8h′ sites, failing to provide any reasonable
coordination geometry for the intercalated cations. Thus, Li+

and Mg2+ do not stabilize the α framework in agreement with
reported decomposition of the α phase on Li+ and Mg2+

insertion.3,39

The opposite trend can be observed in the stability of the λ
phase, which only has relatively small tetrahedral and
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octahedral sites. The small alkali-oxygen bond lengths of the
tetrahedral site allow it to form a highly stable coordination
environment in the presence of Li+ or Mg2+, while failing to
accommodate the larger Na+, Ca2+, or especially K+ ions, as can
be seen by the destabilization of the tetrahedrally occupied
spinel-type λ-AMn2O4 with increasing cation size. However, the
most extreme example of coordination preference is that of
proton-incorporated structures. While intercalated protons
tightly bind to oxygen to form OH− groups, stable proton
sites are those where the proton bridges two oxygens, in
agreement with previous FTIR results.67 The [1 × 1] and [2 ×
1] tunnels in β, R and γ, as well as the layer stacking
arrangement in δ, create numerous environments where such a
O−H−O bridge is possible, while the [2 × 2] tunnel structure
of α does not allow for any such environments to form.
Correspondingly, the α phase is rapidly destabilized by proton
intercalation, as can be seen in Figure 3a. Thus, compatibility of
cation size and coordination preference with the MnO2
framework is a key parameter determining the feasibility of
structural stabilization by alkali intercalation.
A second characteristic of alkali-to-polymorph compatibility

is the ability of the transition metal structure to accommodate
the valency of the alkali, manifested both in reduction of the
transition metal, and the electrostatic repulsion between the
intercalants. A clear example of this effect is the difference in
the stabilization of α by the similarly sized Na+ and Ca2+, seen
in Figures 2b and 2e. While both cations occupy similar 2a and
8h sites, the maximum stable concentration of Ca2+ in the α
tunnels is lower than that of Na+ due to the stronger
electrostatic repulsion between Ca2+ ions in the same α tunnel.
As a result, the composition window over which Na+ stabilizes
α is much wider, as can be seen in Figure 2.
The effect of transition metal redox can be most clearly seen

in the differences in phase selection between Li+ and Mg2+. At
the fully intercalated AMnO2 composition, all low energy
structures place the alkali ion into an octahedral site, with the
key difference that in the Li case, the Mn is in the Jahn−Teller
active Mn3+ redox state, while in the Mg case, the Mn is in the
Jahn−Teller inactive Mn2+ state. As a result, the structure of
MgMnO2 is the highly symmetric O3-δ phase, with the
similarly symmetric octahedrally occupied λ only slightly
unstable, while the LiMnO2 structure strongly favors the low-
symmetry o-LiMnO2 geometry, which is able to accommodate
Jahn−Teller distortions much better than the δ or λ phases. A
similar effect can be seen in the Na+ and Ca2+ cases at the
AMn2O4 composition. In the CaMn2O4 case, the Mn is fully in
the Jahn−Teller active 3+ state, while in the NaMn2O4 case,
half of the Mn remains in the Jahn−Teller inactive 4+ state.
Correspondingly, Ca2+ stabilizes the highly distorted marokite-
type structure, while NaMn2O4 exists in the more symmetric
postspinel phase. A detailed illustration of the Jahn−Teller
distortions in Mn3+-containing structures as compared to Mn2+

and Mn4+ phases, which we calculate in close agreement with
recent EXAFS results,68 is available in Supplementary Figure
S3. While neither of these structures correspond to the six
canonical MnO2 polymorphs, they provide further evidence to
the relationship between redox-state-controlled coordination-
environment distortions and phase selection. Put together, the
need for the transition-metal framework to accommodate both
the change in the transition-metal redox state, and minimize
electrostatic repulsion between intercalants introduces a further
degree of selectivity between intercalant and the polymorphs it
is able to stabilize.

The last important characteristic of alkali-mediated phase
stabilization is the interaction of intercalated phases and water,
analogous to recently reported results in MgV2O5.

69 In pure
MnO2 structures, the only phase that we predict to hydrate
exothermically is the layered δ phase, with even the fairly open
α phase preferring to dehydrate. These results are consistent
with the relaxed structure of the hydrated phases−while the
hydrated structures are initialized with many water molecules
oriented so as to create proton bridges with the oxygens in the
MnO2 framework, relaxed hydrated structures always minimize
bonding between MnO2 and water, creating clusters of water
molecules that appear to be repelled from the MnO2 structure
itself. Similar structural changes occur in δ also, but it is likely
that the medium-range van-der-Waals interactions with the
water layer are stronger than between MnO2 layers, stabilizing
hydration even in the absence of direct bonding between MnO2
and water.
In the presence of alkali cations, the behavior of water in the

structures changes dramatically, as water is now able to bind to
the highly soluble alkali cations. As discussed earlier, the Li+ and
Mg2+-intercalated α phase is unstable due to the low
coordination of the alkali cations. When these structures are
hydrated up to 0.25 mol H2O/mol MnO2, however, the water
coordinates the cations so as to increase their coordination
from 4- and 5-fold for Li+ and Mg2+ to 6-fold and 7-fold,
respectively. As the water compensates the undercoordination
with a partial solvation shell, hydration helps to stabilize the
intercalated α phase, as can be seen in Figures 2a and 2d.
Conversely, in the relatively well-coordinated Na+ and Ca2+ α
phases, hydration has a negligible effect on phase stability, while
in the well-coordinated K-intercalated α, hydration is
endothermic even at dilute K content. Thus, we may conclude
that the most important effect of water is to stabilize alkali
cations in otherwise unstable, undercoordinated environments,
helping stabilize less dense MnO2 frameworks. While we did
not consider larger tunnel structures in this work, it is possible
that this stabilization of undercoordinated alkali intercalants by
water may explain the success of synthesis recipes for the larger
[2 × 3], [2 × 4] and [3 × 3] tunnel analogues of the α phase by
the cointercalation of significant quantities of Na+ and
water.70−73 Similarly, the energetic balance of alkali coordina-
tion by the MnO2 framework and cointercalated water explains
the diversity of birnessite and buserite minerals, all variants of
the layered δ phase with varying degrees of alkali solvation.74,75

Proton-Stabilized Phases: γ and R. While alkali
intercalation explains the stability of α, δ, and λ-MnO2, the
two remaining frameworks, R and γ, are never ground states for
any level of alkali incorporation. In the case of Li+ and Mg2+,
the formation energy of R and γ with respect to the true
thermodynamic ground state is small, as can be seen in Figures
2a and 2d, which is consistent with experimental reports of
metastable R- and γ-type LixMnO2.

22 Nonetheless, it does not
appear that any level of lithiation can truly thermodynamically
stabilize the R or γ type framework.
We may speculate that one possible mechanism explaining

the formation of ramsdellite is based on the effect of Coleman
protons and the contribution of their configurational entropy to
free energy at relatively high temperatures. On the basis of the
stability map shown in Figure 3c, one route by which R-MnO2
could form is through the entropically stabilized R-type
H0.5MnO2. Indeed, a R-type phase at this composition has
been previously observed as a transient state in ramsdellite
growth, as well as proton insertion into ramsdellite.12,76 In both
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cases, this phase has been termed “groutellite” by analogy to the
metastable R-type groutite MnOOH phase. Single-crystal
ramsdellite can be synthesized through hydrothermal process-
ing of a LixMnO2 precursor in strong acid,9,22 which further
suggests that acid-mediated delithiation may lead to the
formation of a protonated intermediate, which at high
temperatures would favor the R-MnO2 framework. The
incorporation of protons into MnO2 frameworks during acid-
induced ion extraction may be key to the formation of the
relatively dense R-MnO2 structure, which much like β, is too
dense to be stabilized by the intercalation of significant
quantities of any cation larger than H+.
One alternate mechanism for the formation of the R and γ

phases involves the formation of Ruetschi defects. While these
defects are metastable, and have been shown to irreversibly
anneal out of the structure,56 Ruetschi defects are typically
present in electrolytic manganese oxide (EMD), which
predominantly consists of the γ phase.12 The typical
concentration of Ruetschi defects found in EMD is 5−9 mol
%,56,59 at which composition we indeed find γ or R to be the
stable form of MnO2 based on the stability map in Figure 3c.
We may speculate that the origin of the trapped protons is two-
fold. First, as EMD is typically grown by electrodeposition at
high rates from an acidic solution of MnSO4 and H2SO4,

25 the
deposition of MnO2 solid from Mn2+ ions involves the
deprotonation of H2O.77 At high deposition rates, any
incomplete deprotonation would lead to a fraction of hydroxyl
groups in the deposited structure, which would lead to the
formation of Ruetschi defects, or metastable Coleman protons.
After they are formed, however, it is very difficult for Ruetschi
defects to anneal out of the structure. To do so, they must
reform a water molecule, which then must be transported
through the EMD bulk. However, the [2 × 1] and [1 × 1]
tunnels making up the γ-MnO2 structure are small, such that
the activation barrier for water to diffuse through the structure
is very high, based on the energy required to place a water
molecule in a R or γ-phase tunnel. Consequently, after their
initial formation, Ruetschi defects likely remain trapped in the
EMD structure, thereby stabilizing it against transformation to
the β ground state phase.
Put together, the Ruetschi defects and Coleman protons may

both stabilize R and γ, as can be seen in Figure 3c. Thus, while
the two mechanisms are distinct and are likely to arise in
differing synthesis environments, both can lead to the
formation of R or γ, suggesting that the careful characterization
of proton content in MnO2 may reveal the formation
mechanisms for these two phases.
Circumstantial evidence of the importance of protons in the

formation of R and γ can be found in existing in situ data. Shen
et al.29 observe a series of transformations from Na-birnessite
precursors to other MnO2 phases by in situ diffraction. The first
observed pathway, which forms β from the birnessite precursor
at high temperature and in highly acidic media, involves initial
layer collapse due to chemical desodiation and/or dehydration,
followed by a transformation from δ to R/γ and eventually β. It
is likely that the acid-induced chemical desodiation of the
structure simultaneously destabilizes the δ-MnO2 framework, as
can be seen in Figure 2b, and leads to the incorporation of
protons into the MnO2 structure. The proton incorporation
leads to the formation of R/γ-MnO2 at high temperature, which
transforms to the β ground state as the protons are slowly
annealed out. Consistent with this interpretation, the authors
observe a change of the end point phase from β to α and a

disappearance of the R/γ intermediate when the reaction is
done in a more basic environment and at a higher external
sodium chemical potential. While alternate explanations of
these observed pathways are certainly possible, we hypothesize
that this quasiequilibrium thermodynamic interpretation of the
generally slow transformation process provides a compelling
energetic foundation for phase transformations such as that
reported by Shen et al. in this system.

■ CONCLUSION
The predictive design of synthesis recipes targeting specific
polymorphs of compounds is a key challenge for materials
design.78 We have investigated the coupling between
intercalation reactions and structure selection during MnO2
synthesis, focusing in particular on the β, α, R, γ, δ, and λ
polymorphs of MnO2, synthesized from alkali and alkali-earth
containing aqueous solutions. We have identified the
compositions and solution conditions that could be expected
to stabilize each of the common MnO2 frameworks, and
identified likely mechanisms leading to the formation of these
polymorphs. Specifically, the α phase is stabilized by Na+, Ca2+,
K+ and hydration due to its ability to highly coordinate cations
with framework oxygens or inserted H2O. The λ phase is
stabilized by Li+ and Mg2+, which prefer the small, low
coordination sites in this structure. The δ phase is stabilized by
hydration and in particular Na+. To explain these results, we
have highlighted the key importance of (1) the compatibility
between available interstitial sites and cation bonding
preference, (2) the ability of the transition metal framework
to accommodate the valency of the intercalant, and (3) the
ability of water to form a partial solvation shell around the
intercalated alkali, on the stabilization of MnO2 frameworks by
alkali intercalation. Finally, we identified (4) the key
importance of protons in the formation of the R and γ forms
of MnO2, both during hydrothermal processing and electro-
chemical deposition. Our work establishes a self-consistent
thermodynamic baseline for the stability of MnO2 polymorphs
that will facilitate the quantitative prediction of synthesis
outcomes in this system and the interpretation of phase
transformation data, and contribute to the development of
functional manganese oxide materials. More generally, our open
system ab initio approach is directly applicable to understanding
synthesis in other chemical spaces.
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