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We have analyzed the stability of various oxides of K and find that K2O2 is the most stable one. The additional
stability is traced to the presence of oxygen dimers in K2O2 which interact to form molecular orbitals. Other
oxides such as KO2 and KO3 which also have dimers/trimers of oxygens are found to be less stable. This is traced
to the shorter O–O bonds that one finds in them which gives rise to a significant coulomb repulsion between the
electrons on the oxygen atoms making up the dimer/trimer, making them less stable.

I. INTRODUCTION

Various types of ordering of charge carriers have been
observed in transition metal oxides which is responsible for
the continued interest1 in these materials over several decades.
Among the p band materials, the alkali metal oxides could
have partially occupied p bands. This allows them to exhibit
magnetic order, an aspect which was realized in the past2 as
well as motivated recent work.3 We have recently shown that
the orbital degree of freedom could be active in some of the
oxides.4 Taking the example of KO2, we have shown that one
has interesting orbital ordering physics also. One would not
associate either magnetism or orbital ordering physics with p

band compounds as the usually expected valency of −2 with
oxygen results in completely filled p bands. On the other hand,
these are expected in transition metal compounds which are
known to exhibit variable valency. The natural question that
followed was which would be the stablest oxide. A knowledge
of high school chemistry associates a valency of +1 with K
and −2 with oxygen. So, one would expect K2O to be the
stablest oxide.

Here we choose the existing oxides of one of the elements
(K) in the alkali metal series. Considering all binary com-
pounds between K and O that exist in the literature, we have
examined their relative stability by calculating their formation
energy within first-principle electronic structure calculations.
The results of the present study were surprising. K2O2 was
found to be the most stable oxide, while K2O was found
to be less stable. This result did not change even when we
included correlation effects on the oxygens within a GGA +
U formalism. The other oxides KO2 and KO3 were found to
be less stable. We first examined if this was a consequence
of the magnetic ground state. By electron filling grounds,
we expected K2O2 to be magnetic. However, our calculations
revealed that it was not. This was related to the presence of
oxygen dimers which result in a set of molecular orbitals of π

and σ symmetry formed by the interaction between the oxygen
atoms comprising the dimer. The bonding and antibonding
levels of π symmetry are filled, while the antibonding levels of
σ symmetry are empty. This explains the nonmagnetic ground
state of K2O2. However, the filling of only the bonding state
with σ symmetry provides for a substantial contribution to the
structural stability of K2O2. The nature of bonding in K2O on
the other hand is ionic. As a result, K2O2 emerges as the most

stable oxide of K. We contrast this case with the most abundant
oxide, water and its peroxide counterpart, H2O2. A significant
contribution to the ground state energy in the case of water
comes from covalent interactions, and so despite the fact that
similar oxygen dimers exist in H2O2 also, H2O is more stable.
From the earlier arguments, one would expect KO2 to be more
stable than K2O2 as one will have an additional contribution to
the structural stability arising from its partially filled π levels
also. However, as the oxygen dimer distance is smaller in KO2

than K2O2, the electrostatic repulsion between the electrons
on the oxygens comprising the dimer is larger in KO2. This
positive contribution to the total energy makes KO2 less stable
than K2O2, which has a larger oxygen dimer distance.

II. METHODOLOGY

We have performed electronic structure calculations using
the plane-wave pseudopotential implementation of density
functional theory and projector-augmented wave potentials in
the VASP code.5 The GGA PW91 (Ref. 6) approximation
for the exchange-correlation functional was used. A similar
result was obtained using LDA potentials. Electron correlation
effects on oxygen were included within the GGA + U
method using the Dudarev et al. formalism7 and values of
4, 6, and 8 eV have been taken on the oxygen in these
calculations. To determine the formation energy, we have
calculated the total energy of each oxide in the theoretical
structure obtained by a full geometry optimization using
the experimental structure as a starting point (Table I). The
optimized parameters are given in Table II using GGA. For
the constituents, K and oxygen molecules, we have considered
their stablest forms. The lowest energy magnetic configuration
was also taken in each case. This was found to correspond to
an antiferromagnetic configuration in KO3,8 while for KO2

our earlier work4 had shown that all magnetic configurations
were within 1 meV of each other in energy. So, without
loss of accuracy, we have calculated the formation energy
for the ferromagnetic configuration. We have used α-oxygen9

in an antiferromagnetic configuration for the oxygen reference
energy and nonmagnetic K in body-centered cubic structure
for the K reference energy.10 Using oxygen molecule instead
as our reference energy did not change the qualitative trends.
An 8 × 8 × 8 Monkhorst-Pack k-point mesh was used for the
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TABLE I. Experimental structural parameters of different oxides of K.

Structural details K2O K2O2 KO2 KO3

Space group Fm-3m Cmce I4/mmm I4/mcm
a (Å) 6.4360 6.7330 4.030 8.6358
b (Å) 6.4360 6.9960 4.030 8.6358
c (Å) 6.4360 6.4740 6.697 7.1406
α = β = γ (deg) 90 90 90 90
K 0.25, 0.25, 0.25 0.25, 0.34094, 0.25 0.0, 0.0, 0.5 0.0, 0.0, 0.25

0.0, 0.5, 0.25
O 0.0, 0.0, 0.0 0.0, 0.08908, 0.06993 0.0, 0.0, 0.0975 0.2193, 0.7193, 0.0

0.2489, 0.0667, 0.0

integration over the whole Brillouin zone for the total energy
calculations of all the oxides. A 12 × 12 × 12 Monkhorst-Pack
k-point mesh was used for K and O2 for the total energy
calculations. A cutoff energy of 875 eV was used for the
plane-wave basis set. Spheres of radii 2.2 and 0.8 Å were
constructed around K and O, respectively, to calculate the
atom projected density of states (DOS).

III. RESULTS AND DISCUSSION

The experimental structural parameters are given in Table I.
Comparing the theoretically obtained structural parameters
(Table II) with experiment, we find that they are very similar for
K2O, K2O2, and KO3 except for the GGA overestimation of the
lattice constants by 0.5%–1.5%. KO2 which is a Jahn-Teller
active compound has additional symmetry lowering than its
high temperature experimental structure we provide in Table I.
There are reports of this symmetry lowering available in
the literature, though all the structures found were predicted
to have higher energies in our calculations. The relative
stabilities of the different oxides formed between K and oxygen
was computed by calculating their formation energies.11 The
formation energies were calculated by subtracting the total
energies of the individual constituents K and α-O2 from the
total energies of the compounds. Here we consider the general
oxidation reaction, xK + yO2 = KxO2y, and calculate the for-
mation energy as �H (KxO2y) = Etot(KxO2y) − xEtot(K) −
yEtot(O2). Here Etot are the total energies for the systems
specified in the parentheses. We have calculated the formation
energies of K2O, K2O2, KO2, and KO3. The results have been

computed with LDA, GGA as well as GGA + U potentials
with several values of U. These are given in Table III. We find
the nonmagnetic K2O2 is the most stable oxide compared to
other oxides. This is surprising as one would have expected
K2O to be the most stable based on the most favored valencies
of K and O. This is however consistent with experimental
thermochemical tables12 and the experimental values for K2O
and K2O2 are given in Table III for comparison. The qualitative
trends are similar to experiment.

We first examine the crystal structure of K2O2 (Ref. 13)
and K2O (Ref. 14) to see if there are obvious reasons which
could indicate why the former is more stable than the latter.
K2O is found in the cubic structure and has oxygen atoms
sitting at the fcc position of a cube, while the K atoms sit
at every tetrahedral center formed by the oxygens. The local
environment of an O atom consists of a cube formed by K
atoms with the oxygen atom at the center as shown in the
inset of Fig. 1(a). So each O atom has eight K atoms as its
nearest neighbors. K2O2 occurs in an orthorhombic structure.
An intrinsic feature of K2O2 is that it has oxygen dimers in
which the oxygen atoms are separated by a distance of 1.52 Å.
Structurally one finds strong similarities to K2O. Each oxygen
dimer is surrounded by eight K atoms here also as shown in the
inset of Fig. 1(b) with K–O distances equal to 2.7 Å. In contrast
to K2O, however, the K atoms surrounding the dimer form
rhombii. These dimers are rotated in the yz-plane about the x-
axis. Within the crystal, as one moves in the z-direction, while
all oxygen dimers in one layer are rotated in the clockwise
direction; in the next layer, they are rotated in the anticlockwise
direction. With these strong similarities in the structure of both

TABLE II. Optimized structural parameters of different oxides of K within GGA.

Structural details K2O K2O2 KO2 KO3

Space group Fm-3m Cmce C2/c I4/mcm
a (Å) 6.5047 6.8366 8.1769 8.7536
b (Å) 6.5047 7.0747 7.6320 8.7536
c (Å) 6.5047 6.5739 4.1396 7.1722
α (deg) 90 90 90 90
β (deg) 90 90 90 90
γ (deg) 90 90 62 90
K 0.25, 0.25, 0.25 0.25, 0.3399, 0.25 0.0, 0.25, 0.8175 0.0, 0.0, 0.25

0.0, 0.5, 0.25
O 0.0, 0.0, 0.0 0.0, 0.0863, 0.0690 0.6857, 0.4748, 0.1889 0.2197, 0.7197, 0.0

0.2496, 0.0671, 0.0



TABLE III. Formation energies per formula unit (f.u.) of different K–O oxides within LDA, GGA, GGA + U using theoretical structural
parameters. The experimental formation energies of K2O and K2O2 taken from Ref. 12 are also given for comparison.

Formation energies/f.u.(eV)

GGA + U GGA + U GGA + U
System LDA GGA (4 eV) (6 eV) (8 eV) Experimental

K2O −3.61 −3.10 −2.89 −2.78 −2.66 −3.76
K2O2 −4.82 −4.24 −4.02 −3.91 −3.78 −5.14
KO2 −2.79 −2.64 −2.48 −2.43 −2.37
KO3 −2.67 −2.60 −2.37 −2.24 −2.10

K2O and K2O2, the only factor that could lead to differences
in their stabilities could be the presence/absence of oxygen
dimers. In order to understand the role played by the dimers,
it is essential to understand the basic electronic structure of
K2O2.

The density of states for K2O2 calculated within GGA is
given in Fig. 2. The system is found to be nonmagnetic as well
as insulating. Apart from the total density of states, the K-s, K-p
contributions as well as O-p contributions in the energy interval
−5 to 7 eV are shown. In these figures, the zero of energy
corresponds to the fermi energy. As is evident, the contribution
from the K states below the fermi level is very small, indicating
that K behaves like a donor in these systems. The contribution
from the O-p states dominates in the energy window below
the fermi energy. As there is considerable structure in the
O-p partial density of states, we first examined the expected
energy level diagram for a single oxygen dimer. As pointed
out earlier, the oxygen dimers are an integral part of the K2O2

structure.
The expected energy level diagram for an oxygen dimer is

shown in the inset of Fig. 2(b). Considering two oxygen atoms
comprising a dimer separated in the z-direction as shown in
the inset of Fig. 2(a), one finds that electrostatic repulsions are
stronger for the pz orbitals. This lifts the degeneracy of the p

orbitals into doubly degenerate π orbitals (px , py) which lie
lower in energy and singly degenerate σ orbital (pz). This is
shown in the left and right panels in the inset of Fig. 2(b). The
levels with the same symmetry on different oxygens interact
with each other forming bonding and antibonding levels. The
ensuing energy level diagram is as shown in the central panel
in the inset of Fig. 2(b). The subscripts b and a have been used

FIG. 1. (Color online) The crystal structure of (a) K2O and (b)
K2O2 with the local environment around each oxygen shown in an
inset. The shaded area in panel (a) shows the tetrahedral center formed
by the oxygens.

to denote the bonding and antibonding levels. As the hopping
matrix elements for the σ symmetry levels are larger than that
for levels with π -symmetry, there is a level reversal in the
bonding channel. Switching on magnetism results in a spin
polarization of the levels. However, the ordering is the same
as in the absence of spin polarization. In oxygen solid, the π

antibonding levels in one spin channel are completely filled
which explains the antiferromagnetic ground state favored
in the low temperature phase of solid oxygen. That is why
we have taken the antiferromagnetic configuration of solid
α-O2 as the oxygen reference energy. Since in K2O2, K
acts as an electron donor, the extra electrons make the π

molecular levels of O2-dimer completely filled. This level
filling argument itself can explain that K2O2 is a nonmagnetic
insulator which we found in our calculation. Feature for
feature of the expected levels in the inset of Fig. 2(b) can be
associated with the structure found in the O-p partial density
of states, with solid state effects leading to a broadening of the
features. By electron counting, we find that the bonding and
antibonding π molecular orbitals are completely filled while
the σ antibonding level is empty. So, the system does not gain
any energy from the π levels but it does gain energy from a
partial occupancy of its σ level.

In contrast to K2O2, K2O does not have oxygen dimers.
Here again K acts as an electron donor. So, in K2O, oxygen

FIG. 2. (Color online) The (a) total, (b) K-s, K-p, and (c) O-p
projected partial density of states calculated for K2O2 with respect to
the Fermi energy. The schematic energy level diagram of an oxygen
dimer [inset of (a)] is shown in an inset of (c).
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FIG. 3. (Color online) The (a) total, (b) K-s, K-p, and (c) O-p
projected partial density of states calculated for K2O with respect to
the Fermi energy.

gains two electrons from K, which fill up oxygen p-level
completely and becomes a nonmagnetic band insulator. Figure
3 shows the DOS of K2O. The first panel shows the total DOS
while middle and last panel shows the K-s and K-p partial
DOS and O-p partial DOS, respectively, where zero is the
fermi level. From this picture, it is clear that the O-p levels
are completely filled. So, from an analysis of the electronic
structure of K2O2 and K2O, we find that the presence of the
oxygen dimers in K2O2 makes it microscopically different
from its K2O counterpart. This molecular orbital formation is
what gives K2O2 its additional stability over K2O.

In contrast to K- and O-based oxides one can find H
and O based most commonly known oxides, water (H2O)
and hydrogen peroxide (H2O2) similar to K2O and K2O2.
H2O2 decomposes exothermally into water and oxygen gas
spontaneously (2H2O2 = 2H2O + O2 + heat) which suggests
H2O is the most stable H- and O-based oxide. So the obvious
question one can ask why the observation for K–O oxides
do not hold for H–O-based materials. In searching the reason
behind such strange behavior in stability of K2O in contrast to
H2O stability, we have looked at the basic electronic structure
of H2O.15–17 In H2O molecule, two hydrogens share their
outermost one 1s electron with oxygen 2p valence electrons as

shown in the inset of Fig. 4(a) and form very strong covalent
bonds. Here we have assumed that oxygen 1s and 2s electrons
are less interactive compared to the valence 2p electrons. The
molecular orbitals of H2O is shown in Fig. 4(a) with their
relative energies. The theoretical value of the level energies are
taken from Refs. 15 and 16 while in the parentheses we have
provided the experimental level energies taken from Refs. 15
and 17 which are comparable with the theoretical values. One
can naively calculate the energy gain from the theoretical
energies of the molecular orbitals which is around 16.6 eV
which gives an extra stability to H2O. In contrast, K2O has no
such molecular orbitals present in its electronic structure. In
K2O, the covalency between K 4s and O 2p is negligible and
K is a perfect donor.

In H2O2, on the other hand, the basic electronic structure
[see Fig. 4(b)] is governed by the oxygen dimer with the O–H
covalency being much smaller. Naively the energy gain due
to molecular orbital formation can be estimated to be 13 eV,
much less than H2O.

Moving to the other oxides between K and O, one expects
to gain more from covalency effects in KO2 and KO3. KO2 has
one electron less than K2O2 and consequently has partially
occupied π antibonding levels. One therefore expects to have
a contribution from π levels also in addition to the σ levels
discussed earlier in the context of K2O2. KO3 again for similar
arguments should have larger gains from molecular orbitals
formed by the O3 molecule. This is not the case as we see
from Table I. A possible reason for this could be the shorter
O–O bonds of 1.38 and 1.36 Å one encounters in both KO2 and
KO3 which results in stronger repulsions between the O atoms.
K2O2, on the other hand, has oxygen dimers of length 1.52 Å,
and therefore the repulsion is less. These are consistent with
our earlier observations for KO2,4 where for a K–O distance
of 2.66 Å, one encountered a repulsion between electrons on
K and O which led to a rotation of the dimers as well as a
distortion of the K lattice, a process that resulted in longer
K–O bonds.

K2O2 is found to be the stablest compound between K
and O. This is traced to the presence of the oxygen dimers
in the structure which allow for molecular-orbital formation.
The partially occupied molecular-orbital levels give rise to
the additional stability. Making a comparison with H2O and
H2O2, one finds that H2O has a significant contribution from
the covalent interaction between H and O. This makes H2O
more stable than H2O2.
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FIG. 4. A schematic diagram of the (a)
molecular orbitals of H2O calculated (experi-
mental) using energies from Refs. 15– 17. (b)
The calculated density of states with respect
to the fermi energy of H2O2 within GGA
calculations.
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O. Christiansen, J. Chem. Phys. 124, 124503 (2006).
17C. G. Elles, C. A. Rivera, Y. Zhang, P. A. Pieniazek, and S. E.

Bradforth, J. Chem. Phys. 130, 084501 (2009).

http://dx.doi.org/10.1103/RevModPhys.70.1039
http://dx.doi.org/10.1103/RevModPhys.70.1039
http://dx.doi.org/10.1103/PhysRevLett.87.095502
http://dx.doi.org/10.1103/PhysRevLett.87.095502
http://dx.doi.org/10.1103/PhysRevLett.87.066404
http://dx.doi.org/10.1103/PhysRevLett.87.066404
http://dx.doi.org/10.1016/0079-6786(89)90006-X
http://dx.doi.org/10.1016/0079-6786(89)90006-X
http://dx.doi.org/10.1103/PhysRevLett.102.016401
http://dx.doi.org/10.1103/PhysRevLett.102.016401
http://dx.doi.org/10.1103/PhysRevB.80.140411
http://dx.doi.org/10.1103/PhysRevB.80.140411
http://dx.doi.org/10.1103/PhysRevB.81.180405
http://dx.doi.org/10.1103/PhysRevB.82.193102
http://dx.doi.org/10.1103/PhysRevB.82.193102
http://dx.doi.org/10.1103/PhysRevB.81.100409
http://dx.doi.org/10.1103/PhysRevB.81.100409
http://dx.doi.org/10.1103/PhysRevLett.105.056403
http://dx.doi.org/10.1103/PhysRevLett.105.056403
http://dx.doi.org/10.1103/PhysRevB.54.11169
http://dx.doi.org/10.1103/PhysRevB.57.1505
http://dx.doi.org/10.1021/ic900287h
http://dx.doi.org/10.1021/ic900287h
http://dx.doi.org/10.1103/PhysRevB.23.4714
http://dx.doi.org/10.1103/PhysRevB.50.12381
http://dx.doi.org/10.1103/PhysRevB.50.12381
http://dx.doi.org/10.1103/PhysRevB.68.075202
http://dx.doi.org/10.1002/zaac.19926100111
http://dx.doi.org/10.1139/v70-564
http://dx.doi.org/10.1016/j.cplett.2008.04.096
http://dx.doi.org/10.1063/1.2176615
http://dx.doi.org/10.1063/1.3078336

