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ABSTRACT: TiO2, in the rutile phase with a high concentration of self-
doped Ti3+, has been synthesized via a facile, all inorganic-based, and
scalable method of oxidizing TiH2 in H2O2 followed by calcinations in Ar
gas. The material was shown to be photoactive in the visible-region of the
electromagnetic spectrum. Powdered X-ray diffraction (PXRD), trans-
mission electron microscopy (TEM), ultraviolet−visible-near-infrared
(UV−vis-NIR), diffuse reflectance spectroscopy (DRS), and Brunauer−
Emmett−Teller (BET) methods were used to characterize the crystalline,
structural, and optical properties and specific surface area of the as-
synthesized Ti3+-doped rutile, respectively. The concentration of Ti3+ was
quantitatively studied by electron paramagnetic resonance (EPR) to be as
high as one Ti3+ per ∼4300 Ti4+. Furthermore, methylene blue (MB) solution and an industry wastewater sample were used to
examine the photocatalytic activity of the Ti3+-doped TiO2 which was analyzed by UV−vis absorption, Fourier transform infrared
spectroscopy (FT-IR), and electrospray ionization mass spectrometry (ESI-MS). In comparison to pristine anatase TiO2, our
Ti3+ self-doped rutile sample exhibited remarkably enhanced visible-light photocatalytic degradation on organic pollutants in
water.

■ INTRODUCTION

Titanium dioxide (TiO2) is one of the most promising
photocatalysts due to its light, thermal, and electrochemical
stabilities.1−3 However, the large band gap of pure TiO2 (∼3.2
eV) renders it only active in the ultraviolet (UV) region. Thus,
only UV light (<5% of total solar energy) can be utilized to
generate electron−hole pairs for the desired photoelectrochem-
ical (PEC) processes.4−9 To significantly improve the photo-
catalytic efficiency, it is therefore crucial to enhance the light
harvesting of TiO2 in the visible spectrum, which accounts for
∼43% of the total solar energy. One of the current strategies to
tackle this challenge is through band gap reduction engineering
via doping various metal cations, such as Ag, Nd, Sb, Ru, V, Cr,
Mn, and Fe,10,11 or nonmetal elements, such as S, I, C, etc.,12,13

in TiO2. Such processes introduce impurity states into the TiO2
band gap to enhance visible-light harvesting. However, issues
such as the environmental hazards from dopant leaching, lower
efficiency from dopant-induced charge recombination and/or
traps, and dopant-induced thermal instability pose some
significant limitations.14

Recently, incorporating Ti3+ and/or oxygen vancancies in
TiO2 has emerged as an effective approach to introduce visible
photoactivity with a reduced environmental impact.15−19

However, theoretical work has suggested that, in order to
achieve an efficient activity in the visible spectrum, the
concentration of Ti3+ must be sufficiently high to induce a
continuous vacancy band of electronic states just below the

conduction band edge of TiO2.
20 Otherwise, a low Ti3+ doping

concentration only creates localized oxygen vacancy states that
deteriorate the electron mobility and exhibit a negligible visible
photoactivity. This is due to the fact that the energy of the
scattered doping states is largely (0.75−1.18 eV) below the
conduction band edge of TiO2 and the occupying photo-
electrons are not adequately reactive and/or mobile for desired
electrochemical reactions.21,22 Therefore, doping a high
concentration of Ti3+ in TiO2 is essential to enhance the
photocatalytic activity in the visible region.
To date, however, only a handful of methods are capable to

produce Ti3+ and/or oxygen vacancy doped TiO2. These
methods all start from pure TiO2, from which a fraction of the
Ti4+ ions is reduced to Ti3+ under harsh, costly, and often
complicated conditions, such as thermal reduction at high
pressure (>20 bar) in reducing gases (H2 or CO)15,16,18 or
bombardment with a high energy laser, electron, or Ar+ beams.3

These methods are generally considered impractical for a large
scale commercial production. Furthermore, since the reduction
occurs mainly on the surface of TiO2, the oxygen vacancies are
usually not adequately thermally stable, even when in air. The
Ti3+ ions could also be easily oxidized over a short period of
time by dissolving oxygen found in water.23,24 Thus, there is a
pressing need to develop a facile synthetic strategy to achieve a
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high-concentration of Ti3+ doping throughout the bulk TiO2
matrix with improved thermal and chemical stabilities.
We report herein a transformative method of preparing a

highly active, yet stable TiO2 containing a high concentration of
Ti3+ embedded inside a rutile matrix. In contrast to current
solid-state reduction-based methods, we applied a solution-
based, oxidative approach to generate Ti3+ species that are
uniformly distributed throughout the bulk of the resulting TiO2
matrix. The first key to this innovative chemistry is to choose
TiH2 as the starting material. TiH2 is a widely used industrial
commodity in the powder metallurgy industry.25

Because the oxidation state of the titanium species in TiH2 is
+2, a controllable oxidative agent is needed to convert part of
the Ti2+ species to Ti3+ species. This oxidative conversion of
Ti2+ → Ti3+ is fundamentally different from the reported
reductive conversion of Ti4+ → Ti3+. To control the oxidation
process and to avoid any unnecessary contaminations, the
second key to this innovation is to choose H2O2 as the
oxidation agent. Consequently, the only byproduct that needs
to be removed is H2O and/or H2. At ambient temperatures,
TiH2 is highly stable in air and water but very reactive with
peroxides.26 Such a solution-based oxidative method could lead
to a scalable and low cost production of highly efficient Ti3+

self-doped TiO2 photocatalyst within the existing industrial
infrastructure.
As shown in Scheme 1, by reacting gray TiH2 powders with a

30% aqueous solution of H2O2, the TiH2 powder was gradually

converted to a yellow or green gel-like product, presumably
forming a cross-linked [−O−Ti−O−]n−Ti−(OH)x·mH2O
matrix, but with substantial oxygen vacancies. This gel was
then desiccated followed by calcination in Ar under an optimal
temperature in order to remove moisture and form a TiO2
lattice with substantial Ti3+. In this way, dopants can be
obtained throughout the bulk of the TiO2 matrix.

■ EXPERIMENTAL DETAILS
Experimental Synthesis of Ti3+-Self-doped TiO2. Titanium(II)

hydride (TiH2, 99.0%) and hydrogen peroxide (H2O2, 30.0%) were
both purchased from Aldrich without further purification. A typical
procedure for preparing the Ti3+ self-doped TiO2 powder sample is
described as follows: First, 10 mL of distilled water was added to 0.96
g of TiH2 and sonicated for 10 min to form a suspension. Then, 15 mL
of H2O2 was added to the mixture and continuously stirred for 3 h at
room temperature. At this point, the solution began to coagulate and
became a miscible gel-like slurry. Then, 12 mL H2O2 was added and
the mixture was stirred for 4 h followed by adding another 15 mL of
H2O2 and stirring for 16 h. A yellow gel was thus obtained. However, if
the starting TiH2 had been exposed to air for some time, the gel turned
to a greenish color. The gel was then vacuum-desiccated overnight to
remove most of the moisture. The sample was then placed in an oven
at 100 °C for 12−20 h, until the gel sample was converted into a
yellow powder. The yellow powder sample was then calcinated at 630

°C for 3 h in Ar, which led to the production of a very black Ti3+ self-
doped TiO2 powder. The overall synthesis is depicted in Scheme 1.
The as-synthesized Ti3+ self-doped TiO2 black powder was then ball-
milled (SPEX 8000 M Mixer/Mill) with dried yttria-stabilized zirconia
beads (2.0 mm) and NaCl powder (400 mesh) for 1 h at 10 min
intervals. Upon completion, the sample was then rinsed with distilled
water and filtered. Filterization was performed until the filtrate, with
flame colored test, no longer indicated to have a yellow−orange color,
in order to ensure the removal of NaCl.

Structural Characterization. Powder X-ray diffraction (PXRD)
patterns of the final products were obtained on a Rigaku D/max-
2500VPC with a Ni-filtered Cu Kα radiation at a scan rate of 0.02° s−1

from 20° to 60°. X-band continuous wave electron-paramagnetic
resonance (EPR) experiments were carried out using a Bruker
ELEXSYS E580 spectrometer operating in the X-band (9.4 GHz) and
equipped with an Oxford CF935 helium flow cryostat with an ITC-
5025 temperature controller. The g factors were calibrated by
comparison to a coal standard, g = 2.00285(±0.00005). The first-
derivative EPR spectra were recorded at 5 K in the dark. The surface
area and pore size distribution data were obtained by measuring
nitrogen sorption isotherms at 77 K on a Micromeritics ASAP 2020
surface area and pore size analyzer. Pore size distribution was
calculated using a nonlinear density functional theory (NLDFT)
model, which is available in the Micromeritics ASAP 2020 software
package (assuming slit pore geometry). Before the measurements,
samples were degassed at 180 °C overnight. Ultrahigh purity N2 was
used for all measurements. Transmission electron microscope (TEM)
was conducted with a FEI Tecnai F20ST TEM/STEM using an
accelerating voltage of 200 kV. Thermogravimetric analysis (TGA)
was performed on a Perkin-Elmer, model Pyris 1 system in open air.
Ultraviolet−visible-near-infrared (UV−vis-NIR) diffuse reflectance
spectra (DRS) were recorded on a Perkins Elmer Lambda 950
spectrophotometer.

Analysis of Photocatalytic Activity. A methylene blue solution
was first prepared to model the organic wastewater for the surface
adsorption and for a photoactivity evaluation. The concentration of
the methylene blue was determined by monitoring the changes in the
maximal absorbance at approximately λ = 650 nm characterized by a
UV−vis spectrometer (Ocean Optics Inc.). In each test, approximately
0.05 g of catalyst was added to ∼30 mL of a methylene blue solution
and sonicated for 5 min. Then, the suspension was magnetically stirred
for 30 min until an adsorption−desorption equilibrium was
established. The degradation process was performed under illumina-
tion at 1 sun 1.5 a.m. G provided by a solar simulator (Photo Emission
Inc. CA, model SS50B). For the UV−vis analysis of the MB solution
and wastewater, during photocatalytic reaction, 3 mL aliquots were
collected at selected time intervals. In order to separate the catalyst
from the solution, the mixture was centrifuged for three 20 min
intervals. The mass spectra (MS) were taken on an electrospray
ionization mass spectrometer (ESI-MS) using a Bruker ESQUIRE
3000. Fourier transform-infrared (FT-IR) spectra were recorded on a
MAGNA 550 FT infrared spectrometer on samples embedded into
KBr pellets.

■ RESULTS AND DISCUSSION

The powder X-ray diffraction (PXRD) analysis was used to
investigate the crystal structure of the raw materials (TiH2),
intermediate (gel after desiccation but before calcination), and
the samples after calcination in Ar under 530 and 630 °C
(Figure 1). The commercial TiH2 is typically in the fcc TiH1.971
crystal phase (δ phase). Prior to calcination, the gel was vacuum
desiccated and oven-dried at 100 °C to yield a yellowish
powder. The XRD pattern indicated that the intermediate
powder was a fairly amorphous blend of both anatase and rutile.
Upon calcinations under 530 °C in Ar, the sample structure
became rutile-dominated as seen in spectrum c of Figure 1. The
diffraction peaks associated with TiH2 were also completely
removed after calcination. A further temperature increase to

Scheme 1. a

aImages of gray TiH2 powder, which was converted to yellowish gel
after reaction with H2O2. The gel was further heated to yield the black
TiO2 powder.
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630 °C led to the formation of pure rutile in spectrum d of
Figure 1. The strong diffraction peaks at 2θ = 27.6°, 36.1°,
41.1°, and 54.4° can be indexed to the (110), (101), (111), and
(211) crystal planes of rutile TiO2, respectively (PDF card 75-
1755, JCPDS). Recent work suggests that the coexistence of
both (110) and (111) crystal faces in rutile TiO2 promotes the
photogenerated electron transfer from (111) to (110) face.
Thus, the (110) face of rutile TiO2 acts as reductive sites, while
the (111) face serves as oxidative sites.27 Although anatase
TiO2 typically is more photoactive than rutile, recent studies
have indicated, in the case of Ti3+self-doped TiO2, that the
rutile structure is more photoactive than anatase.28

Low temperature electron paramagnetic resonance (EPR)
was conducted to identify and quantify the presence of Ti3+.
Figure 2a shows the EPR spectrum at 4.2 K of the sample
obtained after H2O2 oxidation and annealing in Ar at 630 °C.
Two major features in this spectrum, both belonging to Ti3+,
are in an axially symmetric environment. The g values of these
features are consistent with the perpendicular and parallel
components of the axially symmetric lattice Ti3+ centers in the
rutile environment with g⊥ = 1.975 and g∥ = 1.943,
respectively.29,30 This finding suggests that the Ti3+ centers
obtained via our method are located in the bulk lattice of the
resulting rutile crystal. The amount of Ti3+ centers obtained by
annealing for 3 h is quite large, 5.7 × 1017 spins/g (4.6 × 1019

spins/mol), indicating that one in every 4.3 × 103 Ti atoms was
converted to Ti3+. When the same sample was annealed in air,
all Ti3+ centers were oxidized to Ti4+. No paramagnetic species
in the region of g < 2 was observed (see Figure 2b), confirming
disappearance of the reducing species of Ti3+ upon heating in
oxygen. Instead, a signal characteristic of superoxide radical
species obtained by interaction of H2O2 with TiO2 or by
reaction with molecular oxygen was detected.31,32 Interestingly,
when citric acid instead of H2O2 was used to mix with TiH2
followed by annealing in Ar at 630 °C, the resulting sample
exhibits a broad signal for Ti3+ species. This broad peak is an
indication of the surface centered radicals that are experiencing
distribution of coordination environments. Therefore, a range
of g values averaging at 1.999, 1.965, and 1.948 that were
previously attributed to Ti3+ surface species in rutile are
present.33 The annealing also resulted in incomplete oxidation
of organic (citric acid) to carbonaceous material with carbon
centered radicals with g = 2.0028 (the same g value as coal

samples), suggesting that oxidation of organics in inert
atmosphere proceeds via reactions involving electron transfer
to rutile surfaces. These electrons are significantly less stable
than lattice trapped electrons and react easily with electron
scavengers such as oxygen or N2O. Here the number of Ti3+

centers is much smaller as only 3.8 × 1015 spins/g were
observed, suggesting that one in every 6.6 × 105 Ti atoms is
reduced. We believed our oxidative method incorporates Ti3+ in
the inner lattice of TiO2, whereas the reduction method is
mainly on the surface where oxygen can escape. Hence, EPR
unambiguously verified the presence and amount of Ti3+ within
our self-doped samples.
The thermal stability of the sample annealed at 630 °C was

further studied by TGA in open air, as is shown in Figure 3.
The sample was thermally stable up to 180 °C in open air with
a negligible weight variation. This also suggests that the Ti3+

species are located in the bulk of the crystal instead of on the
crystal surface, in agreement with the EPR results. Above 180
°C, the sample weight increases, indicating the oxygen uptake
by the Ti3+ species.
Transmission electron microscope (TEM) was used to

further examine the particle size, crystallinity, and morphology

Figure 1. XRD patterns of (a)TiH2; (b) desiccated gel (a yellow
powder) prior to calcination; (c) Ti3+−TiO2 calcinated at 530 °C in
Ar; and (d) Ti3+−TiO2 calcinated at 630 °C in Ar (A = anatase; R =
rutile).

Figure 2. EPR spectra of (a) Ti3+-doped TiO2 calcinated in Ar at 630
°C, (b) Ti4+ presence when calcinated in open air at 630 °C, and (c)
calcination in Ar at 630 °C with use of citric acid.
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of the samples. TEM images of Ti3+-self-doped TiO2
nanopowders calcinated at 530 and 630 °C are shown in
Figure 4. Figure 4a shows that the particle sizes of the sample

treated at 530 °C are typically around 200 nm. As the
calcination temperature was raised to 630 °C, the average
particle size increased to 400 nm as shown in Figure 4b. This is

presumably due to the sintering of the particles at higher
temperature. Figure 4c and d is the high-resolution TEM
(HRTEM) images of the sample calcinated at 530 and 630 °C,
respectively, of which the lattices were clearly observed,
indicating these particles were highly crystallized. The samples
calcinated at 530 °C shows the lattice spacings of d = 0.352 and
0.325 nm which could be attributed to the (101) plane of the
anatase phase and the (110) plane of the rutile phase,
respectively, suggesting that the sample is a mixture of both
phases.34,35 In addition, the samples calcinated at 630 °C shows
the lattice spacing of d = 0.324 nm, in agreement with the
(110) atomic plane of the rutile TiO2.
For photocatalysts, increasing porosity and specific surface

area have been shown to improve photocatalysis efficiency.36,37

The porosities of the ball-milled (BM) and nonball-milled
(NBM) Ti3+-doped TiO2 sample (calcinated at 630 °C) were
measured using BET method at 77 K. A type-II hybrid isotherm
was found in both samples, as indicated in Figure 5a, which
represents a standard isotherm for a nonporous or macro-
porous adsorbent. Furthermore, the loop around 1.0P/P0 for
both samples was determined to be a type-H3 loop. This type
of loop is observed with an agglomeration of platelike particles
resulting in slit-shaped pores, concurring with the HRTEM
images in Figure 4d. The apparent pore width distributions of
the samples are also evident in Figure 5b based on NLDFT
calculation. A distinct difference between the BM and NBM
sample is found. The NBM, with a BET surface area of 2.33 m2

g−1, has a pore width distribution from mesopore to macropore
with the range of 20−120 nm. On the other hand, the BM
sample quadrupled the BET surface area up to 8.16 m2 g−1.
Furthermore, Figure 5b shows the pore size distributed in both
meso/macroporous (>20 nm) and micro/mesoporous regions
(<3 nm). We should also point out that the sample became
noticeably darker indicating an increase of pore volume and
surface area after ball-milling.
The optical property of the Ti3+-self-doped TiO2 powder

sample was analyzed by UV−vis-NIR, as is shown in Figure 6.
A commercial pristine anatase was also analyzed for
comparison. The absorption region of the Ti3+-self-doped
TiO2 sample exhibits a significant redshift (from 330 to 370
nm) of the peak in the UV region when compared with the
commercial anatase (see Figure 6 inset). Most importantly, the
Ti3+-self-doped TiO2 sample also displays a broad absorbance
in the visible region between 400 and 800 nm. Furthermore,
the absorption band of the sample extends into the near-IR
region. This agrees with the assumption that there is a subband
located just below the conduction band edge of pure TiO2 due
to the high-concentration of Ti3+.15,18,20

Figure 3. TGA curve in open air for Ti3+-self-doped TiO2 sample that
was calcinated at 630 °C in Ar.

Figure 4. (a and b) TEM image of the obtained samples with heat
treatment at 530 and 630 °C for 3 h under argon atmosphere,
respectively. (c and d) HRTEM images for sample a and b,
respectively.

Figure 5. Porosity analysis of photocatalyst. (a) N2 sorption isotherms at 77 K (solid, desorption; dashed, adsorption). (b) NLDFT pore size
distribution for ball-milled (BM) of Ti3+-self-doped TiO2 samples and nonball-milled (non-BM) Ti3+ self-doped TiO2 samples after being calcinated
in Ar at 630 °C for 3 h.
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The photocatalytic activity of the Ti3+-self-doped rutile
sample was evaluated by the decomposition of an organic dye
molecule under the simulated sun light. Figure 7 shows the

UV−vis study of the photocatalytic degradation of 30 mL of a
methylene blue aqueous solution (10−5 M) using 50 mg of the
as-synthesized TiO2 powders under 1 sun illumination. Within
20 min, the methylene blue molecules were nearly decom-
posed, evident by the diminishing of the main absorption peak
of MB at ∼650 nm. To investigate the degree of the
photodegradation of MB by our Ti3+-self-doped TiO2, we
conducted an ESI-MS study before and after photodegradation.
Figure 8 suggests, during the course of photocatalysis, the MB
molecules in water undergo a significant structural degradation
with a significant decrease in detectable fragments. The cyclic
stability test under the same conditions (Figure 9) showed no
significant loss in the photocatalytic activity after six cycles.
To verify that the dye was photodegradated instead of being

absorbed on the Ti3+-doped TiO2 powder, the sample was
characterized by FTIR before and after photocatalytic
degradation. As is shown in Figure 10, no characteristic IR
peaks due to MB is observed on the Ti3+-doped TiO2 powders

after photodegradation. The IR features of the Ti3+-doped TiO2
powder before and after photocatalytic reaction remains nearly
identical. To exclude the possibility that the degradation of MB
is due to adsorption on the TiO2 powder, the photocatalyst was
soaked in MB solution for 30 min in the dark followed by the
FTIR analysis. The spectrum of the resulting MB shows no
identifiable variation when compared to pure MB, indicating
there is no degradation of MB in the presence of the
photocatalyst in the absence of light.
To test the feasibility of our Ti3+-self-doped rutile in

mitigating organic species in an actual wastewater, we conduct
the solar photocatalytic degradation of a colorless industrial
wastewater that contains a wide range of unknown organic
pollutants (sample obtained from Siemens Water Technology,
Rockford, Illinois). Figure 11a and b shows the ESI-MS of the
wastewater before and after photocatalytic degradation under 1

Figure 6. UV−vis-NIR diffuse reflectance spectra of commercial
anatase TiO2 and Ti

3+ self-doped TiO2 samples (calcinated at 630 °C).
The fringes around 860 nm are due to the change of monochromators.
The inset shows the detailed spectrum from 200 to 400 nm.

Figure 7. UV−vis absorption spectra of the pure methylene blue
(MB) solution before (black line) and after 10 min (red line) and after
20 min (blue line) of solar irradiation in the presence of Ti3+-self-
doped TiO2 calcinated at 630 °C.

Figure 8. ESI-MS of (a) untreated pure MB solution without
photocatalyst present. (b) Treated MB solution after 1 h solar
radiation in the presence of Ti3+-doped TiO2.

Figure 9. Recycling test results of the Ti3+-self-doped TiO2 sample
being calcinated at 630 °C for 3 h.
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sun radiation with a tiny addition of hydrogen peroxide as the
source of oxygen (60 mL wastewater + 0.03 g Ti3+-doped TiO2,

and 0.5 mL 30% H2O2). After 1 h of solar radiation, the organic
pollutants underwent a significant degradation, which is evident
by the diminishing of most of the peaks in the mass spectrum of
the treated wastewater.

■ CONCLUSIONS
In conclusion, we have developed an economical, scalable, and
inorganic chemistry-based method to introduce high-concen-
tration Ti3+ (one per ∼4300 Ti4+) in the bulk of rutile TiO2 via
a solution-based oxidation of TiH2 in H2O2, followed by
calcinations in Ar. The resulting Ti3+-self-doped TiO2 showed a
high stability in air up to 180 °C. The as-synthesized Ti3+-self-
doped TiO2 also exhibits strong visible-light photocatalytic
activity in degradation of organic species in water.
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