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ABSTRACT: The electronic and structural properties of
monohafnium oxide clusters, HfOn

− and HfOn (n = 1−6), are
investigated using anion photoelectron spectroscopy and
density-functional theory at the B3LYP level. The observed
ground-state adiabatic detachment energy is low for HfO− (0.5
± 0.1 eV) and HfO2

− (2.125 ± 0.010 eV), roughly constant for
HfO3

− (3.6 ± 0.1 eV), HfO4
− (3.67 ± 0.05 eV), and HfO5

− (3.9 ± 0.1 eV), and substantially higher for HfO6
− (4.9 ± 0.1 eV).

Activated oxygen species, such as radical, superoxide, peroxide, diradical, and triradical, are identified in the HfOn
− and HfOn

clusters. The Hf center is shown to be flexible to accommodate the oxygen species. The sum of formal Hf−O bond orders
around the Hf center is equal to four for all of the neutral clusters studied, and five for all of the anions. The O-rich HfOn

− and
HfOn (n = 3−6) clusters provide well-defined molecular models to understand O2 adsorption and activation on an Hf center.

I. INTRODUCTION
How a metal center interacts with oxygen species is relevant to
the surface chemistry of transition metal oxides.1 Gas-phase
oxide clusters serve as well-defined molecular models for metal
oxide surfaces and can provide mechanistic insights to surface
chemical reactions.2−21 Among early transition metal oxides,
those of group IVB elements (Ti, Zr, and Hf) are involved in
numerous technological applications. For example, HfO2
embedded in a carbon matrix can catalyze the aromatization
of C6+ alkanes,

22 whereas TiO2 is a prototypical photocatalyst.
23

However, gas-phase spectroscopic data for these early transition
metal oxides have been relatively scarce.7,13,15,24 Furthermore,
Hf oxide clusters represent valuable molecular models pertinent
to the understanding of defect sites in HfO2 bulk oxides and
thin films, which are being considered as the leading candidate
for the next generation high-κ gate insulator to replace SiO2 in
field effect transistors due to their high dielectric constant.25

There have been a few previous studies on gas-phase Hf
oxide clusters. Early electron impact measurements yielded the
ionization potentials of 7.5 ± 0.1 and 9.3 ± 0.2 eV for HfO and
HfO2, respectively.

26 Matrix isolation infrared (IR) spectro-
scopic studies27 allowed the identification of the HfO, HfO2,
Hf2O2, and Hf2O4 species. A subsequent matrix IR study
characterized the O-rich species such as OHf(O2)(O3),
Hf(O2)3, and Hf(O2)4.

28 Rotational spectra of jet-cooled HfO
and HfO2 were reported recently,29 yielding a C2v ground state
for HfO2 with an Hf−O bond distance of 1.7764 ± 0.0004 Å
and ∠OHfO bond angle of 107.51 ± 0.01°, and a bond
distance of 1.7231481 Å for the diatomic HfO species.
Photoelectron spectroscopy (PES) was used to study HfO2

−

at a detachment energy of 355 nm, yielding the electron affinity
(EA) of HfO2 to be 2.14 ± 0.03 eV.30 Two comparative
theoretical studies on (MO2)n (M = Ti, Zr, Hf) clusters were
carried out at the density-functional theory (DFT) and

coupled-cluster [CCSD(T)] levels.31,32 In particular, the
extensive computational data at the CCSD(T) level were
used to calibrate the performance of the DFT methods on the
electronic and structural properties of the (HfO2)n clusters.

32

In the current contribution, we report a joint study on a
series of monohafnium oxide clusters, HfOn

− and HfOn (n =
1−6), using anion PES and DFT calculations at the B3LYP
level. The ground-state adiabatic detachment energy (ADE) is
shown to increase monotonically for HfO− (0.5 ± 0.1 eV),
HfO2

− (2.125 ± 0.010 eV), and HfO3
− (3.6 ± 0.1 eV); it

remains roughly constant for HfO3
−, HfO4

− (3.67 ± 0.05 eV),
and HfO5

− (3.9 ± 0.1 eV) and becomes substantially higher for
HfO6

− (4.9 ± 0.1 eV). The global minimum structures are
determined via comparison between experiment and theory,
and a variety of activated oxygen species such as radical,
superoxide, peroxide, diradical, and triradical are identified. The
Hf center appears to be highly flexible to accommodate oxygen
species, where the sum of the formal Hf−O bond orders
around the Hf center is equal to four and five, respectively, for
the neutral and anion clusters. The O-rich HfOn

− and HfOn (n
= 3−6) clusters serve as valuable molecular models for O2
adsorption and activation on the Hf center.

II. EXPERIMENTAL AND COMPUTATIONAL METHODS
A. Photoelectron Spectroscopy. The experiment was

carried out using a magnetic-bottle PES apparatus equipped
with a laser vaporization cluster source, details of which were
described previously.33 Briefly, HfmOn

− anion clusters were
produced by laser vaporization of a pure Hf disk target in the
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presence of a helium carrier gas seeded with 0.01−0.5% O2 and
analyzed using a time-of-flight mass spectrometer. The HfOn

−

(n = 1−6) clusters of interest were each mass-selected and
decelerated before being photodetached at 193 nm (6.424 eV)
from an ArF excimer laser. Additional higher resolution
experiment was performed for HfO2

− at 355 nm (3.496 eV)
from a Nd:YAG laser. Effort was made to control the cluster
temperatures and to choose colder clusters for the PES
experiment, which was shown previously to be critical for
obtaining high quality PES data.34 Photoelectrons were
collected at nearly 100% efficiency by the magnetic bottle
and analyzed in a 3.5 m long electron flight tube. The PES
spectra were calibrated using the known spectra of Au− and
Rh−. The energy resolution of the apparatus was ΔEk/Ek ≈
2.5%, that is, ∼25 meV for 1 eV electrons.
B. Computational Methods. The DFT calculations were

carried out using the B3LYP hybrid functional.35−37 Global
minimum searches were performed using analytical gradients
with the Stuttgart relativistic small core basis set and efficient
core potential38,39 augmented with two f-type and one g-type
polarization functions for Hf [ζ( f) = 0.163, 0.557; ζ(g) =
0.352] as recommended by Martin and Sundermann40 and the
aug-cc-pVTZ basis set for oxygen.41,42 Scalar relativistic effects,
that is, the mass velocity and Darwin effects, were taken into
account via the quasi-relativistic pseudopotentials. Vibrational
frequency calculations were done to verify the nature of the
stationary points, and all structures presented herein are true
minima on the potential energy surfaces. Vertical detachment
energies (VDEs) were calculated using the generalized
Koopmans’ theorem by adding a correction term to the
eigenvalues of the anion.43 The correction term was calculated
as δE = E1 − E2 − εHOMO, where E1 and E2 are the total
energies of the anion and neutral, respectively, in their ground
states at the anion equilibrium geometry and εHOMO
corresponds to the eigenvalue of the highest occupied
molecular orbital (HOMO) of the anion. All calculations
were performed using the Gaussian 03 package.44

III. EXPERIMENTAL RESULTS
The PES spectra of HfOn

− (n = 1−6) clusters taken at 193 nm
(6.424 eV) are shown in Figures 1−3. The 355 nm spectrum of

HfO2
− with rich vibrational structures is also obtained (Figure

2a). The observed spectral bands are labeled with letters (X,
A−J) and the measured ADEs and VDEs are summarized in
Tables 1 and 2, where the ground-state VDEs are compared
with those calculated from the lowest-energy and low-lying
anion structures at the B3LYP level.

A. HfO−. The 193 nm PES spectrum of HfO− (Figure 1a)
shows numerous detachment transitions, among which eleven
bands are identified (X, A−J). The ground-state VDE is
measured from the maximum of band X to be 0.60 eV (Table
1). The ground-state ADE, 0.5 ± 0.1 eV, is estimated by
drawing a straight line along the leading edge of band X and
then adding the instrumental resolution to the intersection with
the binding energy axis. The ground-state ADE also represents
the EA of neutral HfO. Bands A (1.8 eV), B (2.6 eV), and C
(2.8 eV) all show strong relative intensities. Between 3.1 and
4.5 eV, a series of closely spaced weak bands (D−I) are
observed, beyond which continuous spectral features are
observed. A band J is labeled at ∼5.2 eV for the sake of
discussion.

B. HfO2
−. The 193 nm PES spectrum of HfO2

− (Figure 2b)
reveals four well-separated bands. The ground-state transition
(X) is accessible at 355 nm, which yields a vibrationally
resolved spectrum with two vibrational progressions (Figure
2a). The frequencies of the two modes are measured to be 890
± 30 and 290 ± 30 cm−1. A hot band transition (HB) is also
partially resolved at the low binding energy side, yielding a
vibrational frequency of ∼250 cm−1 for the ground state of
HfO2

−. The 0−0 transition at 2.125 ± 0.010 eV defines both
the ground-state ADE and VDE for HfO2

−, which is also the
EA of neutral HfO2. A prior PES measurement at 355 nm gave
an EA of 2.14 ± 0.03 eV and vibrational frequency (887 ± 40
cm−1) for HfO2, but the low frequency mode was not
resolved.30 Our 193 nm spectrum reveals three more higher
energy bands with VDEs: A (3.68 eV), B (4.63 eV) and C (5.30
eV). The ADE for band A is evaluated as 3.44 ± 0.10 eV. The
ADE difference between bands X and A defines an excitation
energy of 1.3 eV, which also represents the HOMO−LUMO
gap for HfO2.

C. HfOn
− (n = 3−6). The PES spectrum of HfO3

− (Figure
3a) shows three bands with VDEs: X (3.82 eV), A (4.55 eV),
and B (5.44 eV). The VDEs of these bands are similar to those
of the A, B, C bands of HfO2

−, respectively. The PES spectrum

Figure 1. Photoelectron spectrum of HfO− at 193 nm (6.424 eV).

Figure 2. Photoelectron spectra of HfO2
− at (a) 355 nm (3.496 eV)

and (b) 193 nm. The vertical lines represent the resolved vibrational
structures for the ground-state transition. HB stands for a hot band
transition.
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for HfO4
− (Figure 3b) is relatively sharp, showing four well

resolved bands with VDEs: X (3.84 eV), A (4.61 eV), B (5.34
eV), and C (5.71 eV). The PES spectra for HfO5

− (Figure 3c)
and HfO6

− (Figure 3d) are broad and show overlapping bands.
Four bands (X, 4.43 eV; A, 5.14 eV; B, 5.30 eV; C, 6.00 eV) are
tentatively labeled for HfO5

−, whereas three bands (X, 5.32 eV;
A, 5.57 eV; B, 5.88 eV) are labeled for HfO6

−.
Note that many of the PES bands for the HfOn

− clusters are
quite broad, hinting significant geometry changes between the
anions and the neutral states or multiple electronic transitions.
In the latter cases, the VDEs reported in Table 2 should be
considered as the average of the multiple transitions. The
ground-state ADEs of HfOn

− (n = 3−6) are estimated from the
onset of the band X to be 3.6 ± 0.1, 3.67 ± 0.05, 3.9 ± 0.1, and
4.9 ± 0.1 eV, respectively (Table 2).

IV. THEORETICAL RESULTS
The optimized structures for the HfOn

− and HfOn (n = 2−6)
clusters are depicted in Figure 4. The HfO− anion possesses a
C∞v (2Δ) ground state with a bond distance of 1.780 Å,
whereas the HfO neutral adopts a C∞v (

1Σ+) ground state with
a slightly shortened bond distance of 1.729 Å, in close
agreement with that deduced from the rotational spectroscopy
(1.7231481 Å).29 These calculated distances should be assigned
as HfO double bonds, although that in the neutral in

Figure 3. Photoelectron spectra of HfOn
− (n = 3−6) clusters at 193

nm.

Table 1. Experimental Adiabatic (ADE) and Vertical (VDE)
Detachment Energies and Term Values (Te) from the
Photoelectron Spectrum of HfO−, Compared to the Term
Values of HfO from Prior High-Resolution Optical
Spectroscopy (ref 49)

feature
final
statea ADE (eV)b Te (eV) VDE (eV)b

Te (eV) (ref
49)

X 1Σ+ 0.5 (1)c 0.00 0.6 (1)d 0.000 (1Σ+)

1.144 (3Δ1)
A 3Δ 1.7 (1) 1.2 1.8 (1)e 1.303 (3Δ2)

2.020 (3Π0−)
B 3Π 2.6 (1) 2.1 2.6 (1) 2.056 (3Π0+)

C 3Π ∼2.2 2.8 (1) 2.173 (3Π1)

D f 3.24 (5) 2.7 3.24 (5)
E f 3.44 (5) 3.0 3.44 (5) 2.914 (1Π)
F f 3.60 (5)
G f 3.74 (5)
H g 4.05 (5) 3.60 4.05 (5) 3.585 (3Φ2)
I g ∼4.2 (5) 3.81 ∼4.3 3.892 (3Φ3)
J ∼5.2

aThe electron configuration for HfO is ...5σ22π46σ21δ0 (1Σ+) and that
for HfO− is ...5σ22π46σ21δ1 (2Δ). bNumber in the parentheses
represents experimental uncertainties in the last digit. cElectron affinity
for HfO. dCalculated VDE at the B3LYP level is 0.67 eV. eCalculated
VDE at the B3LYP level is 1.90 eV. fThese relatively weak features are
likely due to the singlet 1Δ and 1Π states. gTentatively assigned to the
shakeup transitions.

Table 2. Experimental Adiabatic (ADE) and Vertical (VDE)
Detachment Energies from the Photoelectron Spectra of
HfOn

− (n = 2−6), Compared to the Calculated VDEs at the
B3LYP Level from the Anion Ground-State and Low-Lying
Isomersa

species feature
ADE

(expt)b,c
VDE
(expt)b

state and
relative
energyd

VDE
(theo)d

HfO2
− X 2.125 (10)e 2.125 (10) C2v (

2A1) 0.00 2.24
A 3.68 (5)
B 4.63 (5)
C 5.30 (5)

HfO3
− X 3.6 (1) 3.82 (5) Cs (

2A″) 0.00 4.01
A 4.55 (5)
B 5.44 (5)

HfO4
− X 3.67 (5) 3.84 (5) C2v (

2A2) 0.00 3.64
A 4.61 (5) C2v (

2B1) 0.20 4.34
B 5.34 (5)
C 5.71 (5)

HfO5
− X 3.9 (1) 4.43 (10) Cs (

2A″) 0.00 4.12
A 5.14 (10)
B 5.30 (10)
C 6.00 (10)

HfO6
− X 4.9 (1) 5.32 (10) Cs (

4A″) 0.00 4.86
A 5.57 (10) C2 (

4A) 0.06 5.11
B 5.88 (10) C2 (

2A) 0.10 4.24
Cs (

2A″) 0.25 4.89
aThe calculated VDEs at the B3LYP level should be compared to the
experimental ground-state VDEs. All energies are in eV. bNumbers in
the parentheses represent experimental uncertainties in the last digits.
cGround-state ADE represents the electron affinity of the correspond-
ing neutral cluster. dThe assigned anion structures are shown in bold.
eTwo symmetric modes, 890 ± 30 and 290 ± 30 cm−1, are resolved for
the HfO2 neutral ground state (band X; Figure 2a).
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particular is shorter than typical HfO distances;45 see section
VI.A for additional discussion. Furthermore, the calculated
HfO stretching frequency is 976.6 cm−1 (unscaled), in
excellent agreement with recent gas-phase experimental data
(974.09 cm−1).29

A. HfO2
− and HfO2. The HfO2

− anion adopts a bent
structure, 1 (C2v,

2A1), with an Hf−O bond distance of 1.825 Å
and ∠OHfO bond angle of 111.7°. Both the bond distance and
bond angle decrease slightly in the HfO2 neutral, 2 (C2v,

1A1).
The above structural parameters are consistent with those from
prior theoretical calculations.31,32 Note that the current

structural parameters for 2 (Hf−O, 1.786 Å; ∠OHfO,
107.9°) are in excellent agreement with those deduced from
recent rotational spectral measurements (1.7764 Å; 107.51°),29

which serve as a useful benchmark of the B3LYP method used
in the current calculations. These calculated Hf−O distances
help define typical HfO double bonds.45

B. HfO3
− and HfO3. The global minimum for HfO3

− is 3
(Cs,

2A″), which possesses two HfO double bonds (1.864 Å)
and a third elongated Hf−O bond (2.027 Å); the latter is
assigned to an Hf−O• single bond between the Hf atom and an
O• radical. The HfO3

− anion structure 4 (Cs,
2A′) is a higher

Figure 4. Optimized global minima and low-lying isomers for HfOn
− and HfOn (n = 2−6) at the B3LYP level of theory. Symmetries, electronic state,

and relative energies for each structure are shown.
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energy isomer 1.29 eV above the ground state, which involves
an HfO double bond (1.809 Å) and an elongated O2 unit
(1.513 Å), which is a typical peroxide complex.46 The global
minimum 5 (Cs,

1A′) for neutral HfO3 turns out to closely
resemble 4 for the HfO3

− anion structurally, hinting that the
extra electron in 4 is essentially nonbonding and located on Hf.
Structure 5 for HfO3 is similar to that identified previously for
TiO3.

13 Structure 6 (Cs,
3A″) for HfO3 is slightly higher in

energy, which features two elongated Hf−O single bonds
(1.970 Å) and may be considered as a diradical (O• + O•).
C. HfO4

− and HfO4. The global minimum for HfO4
− is 7

(C2v,
2A2), closely followed in energy by 8 (C2v,

2B1). Structure
7 possesses two HfO double bonds (1.846 Å) and a
moderately elongated O2 unit (1.338 Å), typical for a
superoxide species.46 In contrast, structure 8 features a peroxide
unit (1.534 Å) and two moderately elongated Hf−O bonds
(1.922 Å), which lie between typical HfO double and Hf−O•

single bond distances. The global minimum for neutral HfO4 is
9 (Cs,

3A″), which possesses an HfO double bond (1.804 Å),
a superoxide unit (1.334 Å), and an elongated Hf−O• single
bond (1.913 Å). The low-lying structure 10 (Cs,

3A′) shows
only very minor differences from 9.
D. HfO5

− and HfO5. The global minimum for the HfO5
−

anion is 11 (Cs,
2A″), featuring an HfO double bond (1.823

Å), a superoxide unit (1.340 Å), and a peroxide unit (1.531 Å).
Breaking the O−O single bond in the peroxide unit in 11
formed a low-lying isomer 12 (Cs,

4A′), which shows two O•

radicals (2.034 Å) and one superoxide unit (1.339 Å). The
global minimum 13 (Cs,

3A″) for HfO5 neutral possesses two
superoxide units (1.334 Å), similar to that identified previously
for TiO5.

13 A quintet structure 14 (Cs,
5A′) for HfO5 is highly

distorted and located 1.82 eV higher in energy.
E. HfO6

− and HfO6. Four low-lying structures are found for
the HfO6

− anion (15−18) within ∼0.3 eV. The lowest-energy
structure 15 (Cs,

4A″) is quartet, showing two superoxide units
(1.338 Å), an elongated Hf−O• radical unit (2.033 Å), and a
HfO double bond (1.812 Å). Structure 16 (C2,

4A) is a more
symmetric version of 15, where the HfO and Hf−O• bonds
become even and the spin is equally shared by the two O
atoms. Structure 17 (C2,

2A) possesses one superoxide (1.343
Å) and two peroxide (1.523 Å) units. Structure 18 (Cs,

2A″)
features a superoxide unit (1.337 Å) and an O3 unit, and the
O−O distance in the latter (1.483 Å) is close to a single bond.
The global minimum for neutral HfO6 is 19 (C2,

3B), which
possesses one peroxide (1.511 Å) and two superoxide (1.338
Å) units. Located 0.42 eV above the global minimum, structure
20 (C1,

3A) differs substantially from 19. Structure 20 shows a
typical HfO bond (1.760 Å), a superoxide unit (1.333 Å),
and an O3 unit, where the latter can be assigned as an ozonide
radical. Both structures 19 and 20 were reported in a previous
matrix IR and DFT study.28 Structure 21 (Cs,

5A′) features two
Hf−O• radicals (1.967−1.968 Å) and two superoxide units
(1.327 Å), which is an unusual tetraradical species. However,
this structure is 0.86 eV above the global minimum and is not
viable for experimental detection.

V. COMPARISON BETWEEN EXPERIMENT AND
THEORY

The calculated ground-state VDEs from the lowest energy and
low-lying HfOn

− (n = 1−6) anion structures are compared with
experimental measurements in Tables 1 and 2. The agreement
between the B3LYP results and experimental data is very good.
In general, it appears B3LYP overestimates the VDEs for HfO−,

HfO2
−, and HfO3

− by 0.1−0.2 eV, whereas it underestimates
the VDEs for HfO4

−, HfO5
−, and HfO6

− by 0.1−0.4 eV.
A. HfO−. As shown in footnote d of Table 1, the calculated

ground-state VDE for HfO− is 0.67 eV, in good agreement with
the experimental measurement of 0.60 eV. The calculated VDE
for the first excited-state band (1.90 eV) is also in very good
agreement with the experimental result (1.8 eV). These
comparisons confirm the identified C∞v (2Δ) anion ground
state for HfO−. It should be noted that the calculated higher
VDEs deviate substantially from experiment, suggesting that the
diatomic species are of considerable challenge for the B3LYP
method. Thus, a simulation of the PES spectrum is not pursued
for HfO−.

B. HfOn
− (n = 2−5). For the larger HfOn

− species, we
simulated their PES spectra using the calculated VDEs. The
simulations were done by fitting the distribution of the
calculated VDEs with unit-area Gaussian functions of 0.1 eV
width, and the intensities for transitions originated from
photodetachment of an electron with β versus α spin are
assumed as three to one.47 Other than this assumption, the
relative intensity and width of the simulated bands are entirely
due to the overlapping of multiple transitions. The simulated
PES spectra of HfOn

− (n = 2−5) based on the lowest-energy
and low-lying isomers are presented in Figure 5. Each simulated
PES spectrum for an assigned structure (solid black curve) is
slightly shifted so that the first band maximum is aligned with
the experimental spectrum. The majority of the simulated PES
bands contain multiple electronic transitions that are closely
spaced. For HfOn

− (n = 2−5), the anion global minima (1, 3, 7,
and 11) are well separated energetically from the next higher
lying isomer, except for n = 4, which has an isomer 8 within
0.20 eV above the ground state (Figure 4). The simulated PES
spectra for the global minimum structures for HfOn

− (n = 2−5)
appear to reproduce the experimental data reasonably well
(Figure 5) except for n = 2. The B3LYP level of theory
underestimates the excitation energies for bands A−C of HfO2

−

by as much as 0.5−0.7 eV (Figure 5a), but the spectral pattern
is in good agreement with the experiment. This behavior of
DFT methods is known in the literature.48 Note that the
experimental PES spectrum of HfO4

− (Figure 3b) is relatively
sharp with no indication of presence of minor isomers. We see
that the simulated PES spectrum for the low-lying structure 8
of HfO4

− (Figure 5d) deviates substantially from the
experimental data and, thus, this isomeric species can be safely
ruled out, suggesting that the B3LYP energetics is probably
accurate up to ∼0.2 eV for the HfOn

− clusters. Overall, the
good agreement between experiment and theory lends
considerable credence to the identified anion ground-state
structures for HfOn

− (n = 2−5).
C. HfO6

−. The HfO6
− cluster is a more complicated case. As

shown in Figure 4, three low-lying structures (15−17) are
identified within ∼0.1 eV, which are practically degenerate and
energetically indistinguishable. Among their simulated PES
spectra, the top two, 15 (Cs,

4A″) (Figure 6a) and 16 (C2,
2A)

(Figure 6b), match the experimental data equally well, and both
structures are likely to contribute to the experimental PES
spectrum. This explains why the observed PES spectrum is so
congested. The simulated spectra for isomers 17 (C2,

2A)
(Figure 6c) and 18 (Cs,

2A″) (Figure 6d) disagree with the
observed PES data and can be ruled out.

The Journal of Physical Chemistry A Article

dx.doi.org/10.1021/jp302822p | J. Phys. Chem. A 2013, 117, 1042−10521046



VI. DISCUSSION
As shown in Figure 4, the Hf−O bond distances between Hf
and an isolated O atom center at ∼1.83 and ∼2.03 Å for the
anions and ∼1.77 and ∼1.91 Å for the neutrals, where the
shorter Hf−O bond can be assigned to an HfO double bond
and the longer distance to an Hf−O• single bond (associated
with an O• radical). The Hf−O distances between Hf and an
O2 unit center around ∼2.02 and ∼2.23 Å for the anions and
∼1.95 and ∼2.16 Å for the neutrals, where the shorter distances
are assigned to Hf−O single bonds associated with peroxo unit
(O−O distance: ∼1.52 Å) and the longer distances to Hf−O
half bonds associated with superoxo unit (O−O distance:

∼1.34 Å). These analyses45,46 led the well-defined valence bond
descriptions for the global minimum structures of HfOn

− and
HfOn, as depicted in Figure 7.

A. Electronic States of HfO. As mentioned in section V,
the diatomic HfO− and HfO species pose considerable
challenges for the B3LYP method. We thus intend to analyze
the electronic states of HfO only qualitatively with the aid of
B3LYP calculations. The HfO neutral cluster possesses the C∞v
(1Σ+) ground state with a closed-shell electron configuration of
...5σ22π46σ21δ0. The 5σ molecular orbital (MO) is a bonding
orbital composed of 48% O 2p and 41% Hf 5d/6s atomic
orbitals (AOs), whereas the degenerate 2π MOs are π bonding
in nature that are composed of predominant O 2p (73%) and
minor Hf 5d (23%) AOs. The 6σMO is essentially nonbonding
dominated by the Hf 6s AO (86%). The above analysis reveals
certain triple bond character in HfO, but the bond order may
be effectively viewed as two because the π MOs are relatively
weak (with partial O 2p lone pair character). It is noted that,
consistent with the above “triple bond” description, the
measured bond distance of HfO (1.7231481 Å)29 and that
calculated in the current study (1.729 Å) appear to be shorter

Figure 5. Simulated photoelectron spectra from the lowest-energy
isomers (solid black curves) for HfOn

− (n = 2−5), compared with the
193 nm experimental spectra (red curves) (a, b, c, e). Simulation from
a low-lying C2v (2B1, 0.20 eV) structure is also shown for HfO4

−

(dashed black curve) (d). The simulated solid black curves have been
slightly shifted so that the first band maximum is aligned with
experimental spectrum. The dashed curve represents a simulation that
deviates substantially from the experimental data.

Figure 6. Simulated photoelectron spectra of HfO6
− from the low-

lying anion structures, compared with the 193 nm experimental
spectrum (red curve). The simulated solid black curves (a, b) have
been slightly shifted so that the first band maximum is aligned with
experimental spectrum. The dashed curves represent simulations that
deviate substantially from the experimental data.
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than those calculated for the rest of clusters with typical HfO
double bonds (Figure 4).
In the C∞v (

2Δ) ground state of the HfO− anion, the extra
electron occupies the 1δ MO, which is completely nonbonding
with pure Hf 5d character (100%). Photodetachment from the
1δ MO of the HfO− anion generates the 1Σ+ neutral ground
state with a calculated VDE of 0.67 eV, which is in excellent
agreement with the experimental value of 0.60 eV (Figure 1 and
Table 1). Interestingly, the measured electron affinity of HfO
(0.5 eV) is markedly lower than that of TiO (1.30 eV).24 This
may be attributed to the strong relativistic effects of the 5d
elements, which destabilize the 1δ MO in the HfO− anion.
Thus, the HfO− and HfO species are expected to be more
reactive toward oxygen relative to TiO− and TiO.
The next detachment channel involves the removal of the β

electron from the 6σMO, which results in the triplet 3Δ neutral
state with a predicted VDE of 1.90 eV as compared to the
experimental value of 1.8 eV (band A). The spin−orbit
components of the 3Δ state (3Δ1,

3Δ2,
3Δ3) are expected to be

closely spaced due to the predominant Hf 6s nature of the MO

and thus are not resolved in Figure 1. The next major PES
bands B and C are tentatively assigned to the 3Π states (3Π0,
3Π1,

3Π2), which are associated with the removal of the β
electrons from the 2π MOs. The corresponding singlet 1Δ and
1Π states due to the removal of the α electrons from the 6σ and
2π MOs, respectively, are anticipated to be weaker in
intensities,47 and these are tentatively assigned to the observed
bands D−G. Shake-up transitions may also contribute to the
weak D−I bands. Finally, the broad band J at ∼5.2 may be due
to electron detachment from the 5σ bonding MO, which is
predicted at 5.00−5.03 eV at the B3LYP level. Extensive
vibrational excitation is expected due to the strong bonding
nature of the 5σ MO. The above assignments are in overall
agreement with the most recent analysis of the high-resolution
optical spectra of HfO, whose term scheme is still a topic of
discussion in the literature.49 In Table 1, we have listed the
term values for numerous electronic transitions based on the
current PES measurements, compared with the prior optical
spectroscopic data.

Figure 7. Valence bond descriptions for the global minima and selected low-lying structures of HfOn
− and HfOn (n = 2−6). The dashed line

represents a formal bond order of 0.5. The isomer numbering is the same as in Figure 4.

Figure 8. Spin densities (in |e|) for the global minima and selected low-lying structures of HfOn
− and HfOn (n = 2−6). The isomer numbering is the

same as in Figure 4.
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B. HfO2
− and HfO2. HfO2 is the smallest stoichiometric Hf

oxide cluster, in which both Hf and O assume their favorite 4+
and 2− formal oxidation states, respectively, and all Hf 6s/5d
electrons are transferred to O. In the HfO2

− anion, the extra
electron occupies the Hf 6s/5d based HOMO of the anion
(Figure 8), whose detachment produces the vibrationally
resolved neutral ground-state band X (Figure 2a) at a VDE
of 2.125 ± 0.010 eV (Table 2). A recent benchmarking
theoretical study by Li and Dixon32 yielded a ground-state VDE
of 2.23 eV for HfO2

− at the CCSD(T) level, in good agreement
with the experiment (and with the current B3LYP result: 2.24
eV). Of the two vibrational modes observed, the higher one
(890 ± 30 cm−1, compared to 883.4 cm−1 in matrix IR
measurements27) is assigned to the HfO stretch and the
lower one (290 ± 30 cm−1) to the O−Hf−O bending. Indeed,
upon electron detachment, the anion-to-neutral geometric
changes between HfO2

− (1) and HfO2 (2) involve the
shortening of the HfO bond distance by ∼0.04 Å and the
shrinking of ∠OHfO bond angle by ∼4° (Figure 4). Thus, both
the symmetric HfO stretching and O−Hf−O bending modes
are expected to be active accompanying the photodetachment.
Our B3LYP calculations predict the frequencies for the
symmetric stretching and bending modes to be 906.8 and
292.9 cm−1 (unscaled), respectively, in good agreement with
the experiment. A prior B3LYP/SBKJ calculation predicted the
corresponding stretching and bending modes to be 898 and
293 cm−1, respectively.30

Band A in the PES spectrum of HfO2
− (Figure 2)

corresponds to electron detachment from the O 2p based
HOMO−1. The binding energy difference between band X and

A is equivalent to the promotion of an electron from the
HOMO to the lowest unoccupied molecular orbital (LUMO)
in neutral HfO2. This gap is evaluated from the ADE difference
of the X and A bands as 1.3 eV. Li and Dixon predicted a value
of 1.51 eV for this energy gap at CCSD(T) level.32 As shown in
Figure 5a, the current B3LYP result significantly underestimates
this energy gap.
It is interesting to compare HfO2

− with its isovalent 3d
counterpart, TiO2

−. HfO2
− has a substantially higher ADE for

the Hf 6s/5d derived band X (2.125 eV) and lower ADE for the
O 2p derived band A (3.44 eV) relative to those of TiO2

− (1.59
and 3.81 eV),15 resulting in a reduced X−A energy gap in
HfO2

− (1.3 eV for HfO2
− versus 2.2 eV for TiO2

−). In contrast,
HfO2 bulk oxide possesses a significantly wider band gap (∼5.7
eV)25 than TiO2 (rutile: ∼3.0 eV; anatase: ∼3.2 eV).23 The
energy gap observed in the monomeric HfO2 is thus
surprisingly small, which represents only ∼23% of the bulk
band gap, whereas the energy gap in the monomeric TiO2 is
already ∼70% of the bulk band gap. The origin for this
difference may be partly attributed to the lower electro-
negativity for Hf (1.30 at the Pauling scale versus 1.54 for Ti),
which results in larger charge transfer from Hf to O.50,51 In
addition, MO analysis shows that the SOMO of HfO2

− (Figure
8) is a mixture of Hf 6s (43%) and 5d (37%) AOs, in which the
strong involvement of Hf 6s may help stabilize the SOMO due
to the relativistic effect, further reducing the energy gap in the
HfO2

− monomer.
C. Oxygen-Rich HfOn

− and HfOn (n = 3−6) Clusters:
Oxygen Radicals, Superoxides, Peroxides, Diradicals,
and Triradicals. Valence bond descriptions for the O-rich

Figure 9. Schematics describing O2 adsorption and activation on the Hf centers. A reaction may involve certain proposed intermediate states (shown
in dashed squares) and the overall adsorption energy from the initial to final states at the B3LYP level is shown.
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HfOn
− and HfOn (n = 3−6) clusters are presented in Figure 7,

where all anion clusters (3, 7, 11, 15, and 16) are observed
experimentally (Figures 5 and 6) and the neutral structures (5,
9, 13, and 19) are clearly the global minima on their potential
energy surfaces at the B3LYP level. A survey of these structures
reveals a variety of active oxygen species, such as the O• radicals
(3, 9, and 15), the O2

• superoxides (7, 9, 11, 13, 15, 16, and
19), and the peroxides (5, 11, and 19). The combinations of
O• radical and/or O2

• superoxide lead to the diradical
complexes for 9, 13, and 19. The O• and O2

• radical nature
of these clusters is further supported by the spin density
analyses, as depicted in Figure 8.
Interestingly, structures 15 and 16 of HfO6

− show triradical
characters, each possessing one O• radical and two O2

•

superoxide units. The subtle differences between them are
that the Hf−O• single and HfO double bonds in 15 are
localized, whereas these bonds are delocalized in 16 with a
formal bond order of 1.5 each and consequently the unpaired
spin is shared equally by the two O atoms. The triradical nature
of HfO6

− appears to have an observable stabilization effect.
Among the O-rich HfOn

− (n = 3−6) clusters, HfO3
−, HfO4

−,
and HfO5

− possess roughly the same ADEs (3.6−3.9 eV; Table
2), whereas the ADE shows an abrupt increase at HfO6

− (4.9
eV). This may lead to distinctly different surface and chemical
properties for each Hf center.
Oxygen radicals and superoxides are widely discussed in the

oxide surface chemistry1 and in transition metal oxide
clusters.3−9 Diradicals are relatively rare in oxide cluster
complexes,9−13,28 whereas the Ti4O10

−, Sc(O2)3, and Al(O2)3
clusters are probably the only triradical oxide species observed
so far.12,14,52 It is remarkable that in the HfOn

− and HfOn (n =
3−6) clusters all oxygen radicals, superoxides, peroxides,
diradicals, and triradicals are attached to a single Hf center.
These clusters appear to be structurally rather flexible to
accommodate the appropriate amount of oxygen. Effectively,
the sum of the formal Hf−O bond orders around the Hf center
is equal to four and five, respectively, for the neutral and anion
clusters (Figure 7). These values match the number of available
5d/6s valence electrons around the Hf center (four for Hf
versus five for Hf−), with the HfO2

− anion being the exception
due to a “residual” 5d/6s electron on the Hf center.
Interestingly, an Hf(O2)4 species was characterized recently in
matrix IR experiments,28 which may be viewed to contain four
superoxide units.
D. Molecular Models for O2 Activation on the Hf

Center. The HfOn
− and HfOn (n = 2−6) clusters offer

opportunities to model the interactions between the Hf center
and O2. Figure 9 depicts schematically the selected routes for
the interconversions between these clusters via O2 adsorption.
Most of these processes require intermediate states (shown in
dashed squares), which primarily involve the promotion of an
electron from O 2p to Hf 5d/6s orbitals. Once such an energy
barrier is overcome, the O2 adsorption takes place readily,
resulting in a substantial overall adsorption energy (final versus
initial states) for each adsorption process. The O2 adsorption
energy ranges from −1.20 to −2.94 eV at the current level of
theory, suggesting strong chemisorption interactions. As a
consequence, each adsorption reaction activates an O2 molecule
to a superoxide and concurrently generates additional activated
oxygen species, such as O• radical, superoxide, and peroxide.
Similar oxygen species may also be stabilized around Hf centers
on oxide surfaces, which may play critical roles in its surface
chemistry and photochemistry.

VII. CONCLUSIONS
We have investigated the electronic and geometric structures
and chemical bonding of a series of monohafnium oxide
clusters, HfOn

− and HfOn (n = 1−6), using anion photo-
electron spectroscopy and density-functional calculations at the
B3LYP level. Electron affinities are obtained for all the HfOn
species. Activated oxygen species such as radical, superoxide,
peroxide, diradical, and triradical are identified in these clusters.
The Hf center is shown to be highly flexible to accommodate
oxygen species, and the sum of the formal Hf−O bond orders
around the Hf center is equal to four and five for all of the
neutral and anion clusters, respectively. The O-rich HfOn

− and
HfOn (n = 3−6) clusters are used to model O2 adsorption and
activation at the Hf center. Both neutral and anion clusters are
shown to interact strongly with O2.

■ AUTHOR INFORMATION

Corresponding Author
*E-mail: X.H., xhuang@fzu.edu.cn; L.-S.W., Lai-Sheng_
Wang@brown.edu.

Notes
The authors declare no competing financial interest.

■ ACKNOWLEDGMENTS
This work was supported by the Chemical Sciences, Geo-
sciences and Biosciences Division, Office of Basic Energy
Sciences, U.S. Department of Energy, under grant No. DE-
FG02-03ER15481 (catalysis center program). X.H. gratefully
acknowledges supports from the Natural Science Foundation of
China (21071031 and 90922022).

■ ADDITIONAL NOTE
During the review of this manuscript, a related paper on the
photoelectron spectroscopy of the diatomic HfO− anion at a
lower photon energy appeared,53 which is in agreement with
the current work.

■ REFERENCES
(1) (a) Che, M.; Tench, A. J. Adv. Catal. 1982, 31, 77−133. (b) Che,
M.; Tench, A. J. Adv. Catal. 1983, 32, 1−148.
(2) (a) Bohme, D. K.; Schwarz, H. Angew. Chem. Int. Ed. 2005, 44,
2336−2354. (b) Asmis, K. R.; Sauer, J.Mass Spect. Rev. 2007, 26, 542−
562. (c) Johnson, G. E.; Mitric,́ R.; Bonacǐc-́Koutecky,́ V.; Castleman,
A. W., Jr. Chem. Phys. Lett. 2009, 475, 1−9. (d) Gong, Y.; Zhou, M. F.;
Andrews, L. Chem. Rev. 2009, 109, 6765−6808. (e) Zhai, H. J.; Wang,
L. S. Chem. Phys. Lett. 2010, 500, 185−195. (f) Zhao, Y. X.; Wu, X. N.;
Ma, J. B.; He, S. G.; Ding, X. L. Phys. Chem. Chem. Phys. 2011, 13,
1925−1938.
(3) Fielicke, A.; Meijer, G.; von Helden, G. J. Am. Chem. Soc. 2003,
125, 3659−3667.
(4) (a) Justes, D. R.; Mitric,́ R.; Moore, N. A.; Bonacǐc-́Koutecky,́ V.;
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