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ABSTRACT: Ammonia is the most abundant reduced nitrogen species in the
atmosphere and an important precursor in the industrial-scale production of
nitric acid. A coated-wall flow tube coupled to a chemiluminescence NOx
analyzer was used to study the kinetics of NH3 uptake and NOx formation
from photochemistry initiated on irradiated (λ > 290 nm) TiO2 surfaces under
atmospherically relevant conditions. The speciation of NH3 on TiO2 surfaces
in the presence of surface-adsorbed water was determined using diffuse
reflection infrared Fourier transform spectroscopy. The uptake kinetics exhibit
an inverse dependence on NH3 concentration as expected for reactions proceeding via a Langmuir−Hinshelwood mechanism.
The mechanism of NOx formation is shown to be humidity dependent: Water-catalyzed reactions promote NOx formation up to
a relative humidity of 50%. Less NOx is formed above 50%, where increasing amounts of adsorbed water may hinder access to
reactive sites, promote formation of unreactive NH4

+, and reduce oxidant levels due to higher OH radical recombination rates. A
theoretical study of the reaction between the NH2 photoproduct and O2 in the presence of H2O supports the experimental
conclusion that NOx formation is catalyzed by water. Calculations at the MP2 and CCSD(T) level on the bare NH2 + O2
reaction and the reaction of NH2 + O2 in small water clusters were carried out. Solvation of NH2OO and NHOOH intermediates
likely facilitates isomerization via proton transfer along water wires, such that the steps leading ultimately to NO are exothermic.
These results show that photooxidation of low levels of NH3 on TiO2 surfaces represents a source of atmospheric NOx, which is
a precursor to ozone. The proposed mechanism may be broadly applicable to dissociative chemisorption of NH3 on other metal
oxide surfaces encountered in rural and urban environments and employed in pollution control applications (selective catalytic
oxidation/reduction) and during some industrial processes.

■ INTRODUCTION

Ammonia released to the atmosphere by agriculture,1 natural
terrestrial and marine sources,2 and by three-way catalysts on
automobiles3 is an ubiquitous component of air, with
concentrations ranging from <50 ppt in remote areas to 0.2−
60 ppb in urban and agricultural areas.4,5 The reaction of NH3
with OH radical in the gas phase is slow,6 rendering this an
ineffective removal pathway. Deposition of NH3 onto surfaces
or reaction with H2SO4 and HNO3 is commonly regarded as
the primary atmospheric fate of ammonia.7,8 However, we show
here that atmospherically relevant levels of NH3 are photo-
chemically oxidized to NOx (NOx ≡ NO + NO2) on TiO2,
which is included in paints, glass, and ceramics formulations for
its favorable physical-chemical and photocatalytic proper-
ties.9−11 Titanium dioxide is also used in remediation
processes12 and is being considered as a geoengineering
material to be injected into the upper atmosphere in efforts
to mitigate the effects of climate change.13 In rural areas there
has been interest in using TiO2-based photocatalytic devices to
mitigate air emissions of odorous volatile organic compounds,
hydrogen sulfide, and NH3 from concentrated animal feed
operations.14 Likewise, there is interest in devising “self-
cleaning” coatings for reducing both indoor and outdoor air

pollution.11,15 We show that uptake of atmospheric NH3 onto
surfaces containing TiO2 is not a permanent removal process,
as previously thought, but rather a photochemical route for
generating reactive oxides of nitrogen that play a role in air
pollution and are associated with significant health effects.16,17

Nitrogen oxides, such as NO and NO2, are byproducts of
combustion and precursors of ozone, nitric acid, and secondary
organic aerosol.5 Studies have shown that heterogeneous
photochemistry on metal oxides and soil surfaces can
regenerate gas-phase NOx in a process termed “renoxifica-
tion”.18−23 These previous studies focused on photochemical
reduction of nitrate to NOx and the conversion of NO2 to NO
and HONO using photocatalysts, such as TiO2 and organic
chromophores present in humic acid and soot. Due to the
abundance of ammonia in the lower atmosphere, a mechanism
of NH3 oxidation could be a potentially important source of
NOx to consider, especially in the vicinity of buildings or urban
infrastructure with TiO2-coated surfaces.
Titanium dioxide band gap excitation (3.2 eV) generates

excited-state conduction-band electrons (ecb
−) and valence-
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band holes (hvb
+) that undergo electron-transfer reactions with

adsorbed electron donors or acceptors. In the presence of
atmospheric O2 and adsorbed water, oxidants, such as
superoxide and hydroxyl radicals, are also generated:11,12

ν λ+ < → +− +h e hTiO ( 400 nm)2 cb vb (1)

+ →− −e O Ocb 2 2 (2)

+ → ++ +h H O OH Hvb 2 (3)

Driven by more stringent emissions standards, TiO2 photo-
catalysts have been studied for use in removing NH3 from
industrial exhaust streams via photolytic selective catalytic
oxidation (photo-SCO).24−29 Flow reactors containing a bed of
TiO2 powder over which gaseous NH3 is reacted have been
used to monitor photochemical product formation. These
studies show that photochemistry initiates the catalytic
oxidation of ammonia to molecular nitrogen and N2O.

27

Experiments carried out on these systems use high concen-
trations of NH3, often in the parts-per-thousand (ppth) range,
making it difficult to extrapolate the observed chemistry to
atmospheric conditions. In addition, this previous work on
photo-SCO has focused on the efficiency of N2 or N2O
production instead of on products, such as NOx. In a related
technology, selective catalytic reduction (SCR) has been
employed as a flue gas or diesel emissions treatment and
shares with photo-SCO common intermediate reaction steps
that reduce NOx to N2 via reactions involving NH3.

30,31 There
has been much interest in developing TiO2 photocatalysts that
could be used for SCR at near ambient temperatures.26,32 It is
important to understand under which conditions these
emerging technologies are effective and whether there are any
drawbacks associated with their use (e.g., the formation of
harmful byproducts).
Here we use a chemiluminescence NOx analyzer coupled to a

coated-wall flow tube and diffuse reflection infrared Fourier
transform spectroscopy (DRIFTS) to study the photochemistry
of NH3 initiated on TiO2 surfaces. To our knowledge this is the
first study of NH3 oxidation on TiO2 surfaces under conditions
of relative humidity (RH, 0−90%) and NH3 concentrations
(0−332 ppb) that are typical of the lower atmosphere.
Combined with theoretical calculations that provide a
molecular-level understanding of the catalytic role of water
on the NH2 + O2 reaction and support the experiments, this
work advances our understanding of the mechanism of
ammonia oxidation on surfaces and provides important insights
into the role of water in this chemistry. This work also
improves our understanding of the mechanism of photo-SCO
(and SCR) processes under atmospherically relevant conditions
and is important for assessing the importance of a previously
unrecognized source of nitrogen oxides from TiO2-containing
surface coatings.

■ METHODS
Preparation and Characterization of TiO2 Surfaces. Anatase

powder (99.8%) and Evonik (Degussa) Aeroxide P25 were purchased
from Sigma-Aldrich, while rutile was obtained from Inframat Advanced
Materials. All experiments were carried out using anatase powder
except for comparative trials that used P25 and rutile photocatalysts.
Powder X-ray diffraction (XRD, PANalytical Empyrean) data were
used to confirm the crystalline phase of the photocatalyst powders.
The surface area of the anatase powder is 8.6 m2 g−1, as determined by
Brunauer−Emmett−Teller (BET) analysis of N2 adsorption isotherms
that were obtained with a Micrometrics ASAP 2020 physisorption

analyzer; Barrett−Joyner−Halenda analysis was used to determine the
pore size distribution of the sample. The anatase sample has an average
particle size of 0.6 μm, and 90% of the particles have a diameter of <1
μm, according to manufacturer specifications. Samples used for flow
tube experiments were heated to 475 °C overnight in air to remove
organic contaminants. Analyses of the sample before and after heating
with XRD show that this procedure does not change the crystalline
phase of the sample. For flow tube experiments, the inner surface of a
1.54 cm i.d. glass tube was coated with a slurry of TiO2 in water using a
radial brush. The coated tubes were then dried by heating in an oven
(120 °C) overnight and stored in a desiccator prior to use. This
method consistently yielded an even coating weighing 44 ± 1 mg (dry
weight). The total surface area of anatase coatings irradiated with UV−
vis radiation during the experiments is 0.35 ± 0.1 m2 (the indicated
error represents 95% confidence intervals of the mean of 45 samples).
A newly coated surface was used for each experiment.

Coated-Wall Flow Tube Experiments. Photochemical experi-
ments were carried out in a jacketed (296 ± 0.02 K) Pyrex horizontal
flow tube (100 × 2 cm i.d.) that is operated in a similar fashion to
other well-documented systems.20,33−35 Ammonia from a permeation
device (420 ng min−1, VICI Metronics) is mixed with the RH-
stabilized diluent air at 1 atm and exited the flow tube through a
conical port at the opposite end. The RH of the diluent air is adjusted
by mixing dry and humid air (from a water bubbler) in a 4 L mixing
bulb equipped with a RH and temperature probe (Vaisala, HMT130).
The total flow of gas exiting the flow tube is 2570 cm3 min−1. The
smaller glass tube containing the TiO2 coating is positioned inside the
flow tube. All glass surfaces with the exception of the TiO2-coated tube
are coated with a hydrophobic and inert perflourinated polymer
(Fluoropel PFC 801A, Cytonix Corp.) and Teflon tubing, and fittings
are used throughout to minimize gas−wall interactions. The Reynolds
number of the reactor under these conditions is 181, indicating that
experiments were conducted under laminar flow conditions. The NO
and NO2 concentrations are measured by subsampling (470 cm3

min−1) the reaction effluent with a chemiluminescence NOx analyzer
(Teledyne Model 200E) that has a detection limit of 0.2 ppb for both
NO and NO2. The accuracy of the NOx analyzer was verified via
comparisons to concentrations measured by a long-path FTIR (Bruker
Optics, Vertex 70 FTIR, 22.4 m path length); agreement between
FTIR and the NOx analyzer is within 3% for both NO and NO2.

Two Xe−Hg arc lamps (200 W, Spectra Physics) mounted on the
outside of the flow tube are used to uniformly irradiate the 8 cm length
of TiO2 coating. The lamps are equipped with a dichroic mirror placed
between the lamp and a 290 nm cutoff filter to minimize heating of the
sample by infrared radiation from the lamp. The spectrum of the
photolysis light source consists of wavelengths >290 nm, with several
intense Hg lines between 350 and 450 nm. Photolysis of NO2 was
used as an actinometer to determine the lamp intensity and to correct
for secondary photolysis of NO2 during the NH3 oxidation
experiments. A continuous stream of NO2 (19 ppb in 1 atm of air)
was passed through the flow tube under conditions that were identical
to the photochemical experiments described above. The concentration
of NO and NO2 was determined before and after the lamps were
turned on. The first-order rate constant, J(NO2), is calculated from36

= Δ
J

t
(NO )

1 [NO]
[NO ]2

2 0 (4)

where Δ[NO] is the amount of NO formed during the experiment,
[NO2]0 is the concentration of NO2 before photolysis, and t is the
residence time of gas in the irradiated section of the flow tube. The
value of J(NO2) was determined to be 0.065 s−1. Accounting for the
spectrum of the lamps and the known absorption cross sections and
quantum yields for NO2 photolysis,

5 we calculated the light intensity
of the lamps (300−420 nm) to be 9.0 × 1016 photons s−1 cm−2. At this
intensity, NO2 loss was 2.5%. While the observed NO/NO2 ratio is
affected by secondary photolysis of NO2, the total NOx values and the
calculated uptake coefficients are insensitive since photolysis of NO2
will yield NO quantitatively.
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Derivation of Reactive Uptake Coefficients. The reactive
uptake coefficient (γ) is the fraction of collisions of NH3 with the TiO2
surface that remove NH3 from the gas phase due to chemical reactions
yielding NOx.

37 The uptake coefficient can be expressed as

γ
ω

=
rk2 obs

(5)

where r is the radius of the TiO2-coated tube, and the average
molecular speed of NH3 is given by ω = (8RT/πM)1/2, where R, T,
and M are the gas constant, absolute temperature, and the molecular
weight of NH3, respectively. Using a previously reported approach, the
first-order rate coefficient kobs for the reaction of NH3 → NOx, is
calculated from38

= −
−⎛

⎝⎜
⎞
⎠⎟k

t
1

ln
[NH ] [NO ]

[NH ]
x

obs
3 0 ss

3 0 (6)

where t is the residence time of NH3 in contact with the TiO2 surface
in the flow reactor and [NOx]ss is the steady-state concentration of
NOx reached during a photolysis experiment. The γ-values reported
here have been corrected for axial and radial diffusion using the
Cooney−Kim−Davis method,39,40 using a diffusion coefficient of 0.28
cm2 s−1 for NH3 in 1 atm of air at 296 K.41 Note that all uptake
coefficients reported here are based on the geometric surface area of
the TiO2 coating. The TiO2 coating is porous and diffusion to and
reaction within interstitial spaces likely contributes to NH3 uptake.

9,42

To take into account the total substrate surface area accessible to NH3,
a mass-independent uptake coefficient can be derived from the BET-
derived surface area by multiplying the γ-values reported here by 1.8 ×
10−2.
DRIFTS. The adsorption of gaseous ammonia onto TiO2 particles

was studied with DRIFTS. A powder sample of TiO2 (0.15 g) was
packed into the sample holder (geometric surface area of 0.32 cm2) of
a stainless steel diffuse reflection reaction chamber (Harrick Scientific,
HVC-DRP-4) that is mounted in the sample compartment of the
Fourier transform infrared spectrometer (Bruker Optics, Vertex 70
FTIR). The chamber cover contains two IR-transmissive KBr windows
and one quartz window. A set of mirrors located in the FTIR sample
compartment transfers light from the IR source to the sample and
efficiently collects diffusely reflected IR light (minus the specular
component) for detection by the spectrometer’s liquid nitrogen-cooled
Hg−Cd−Te detector. Due to the short path length (2 cm) of the IR
beam through the headspace of the chamber, ppb levels of species
present in the gas-phase above the substrate are undetectable. Each
spectrum is derived by averaging 512 spectra collected at a resolution
of 8 cm−1.
Air containing NH3 in air was flowed through the TiO2 substrate at

a rate of 85 cm3 min−1 to study the adsorption of NH3 onto the
surface. Experiments were conducted at 0, 4, and 27% RH at 298 K
and 1 atm total pressure, while the NH3 concentration was held
constant at 740 ppb. Before the dry experiment the TiO2 powder was
heated in the DRIFTS sample holder at 475 °C for 1 h, cooled to
room temperature, and then left overnight under a constant flow of
dry air. The next day, ammonia was added to the flow while spectra
were collected. Before introducing RH stabilized air the TiO2 powder
was packed into the sample holder and heated in situ at 475 °C for 5 h,
cooled to room temperature, and then exposed to humid air at a flow
rate of 85 cm3 min−1. After 1 h, the sample was exposed to ammonia
while spectra were collected.
Computational Details. To investigate the influence of water on

NH2 oxidation, small water clusters were used as a surrogate to model
the interactions of intermediates with the thin water films present on
experimental surfaces. We have successfully used this approach in the
past to investigate the role of water in catalyzing surface reactions.43

Reactants, intermediates, and products of the NH2 + O2 + (H2O)n (n
= 0−5) reaction were optimized using second-order Møller−Plesset
perturbation theory (MP2)44 with an unrestricted Hartree−Fock
(UHF) reference and the aug-cc-pVTZ basis set.45,46 The doublet
NH2 and triplet O2 reactants yield doublet intermediates. The
expectation values of the S2 operator fell between 0.75 and 0.78 for the

intermediates indicating some, but not severe, spin contamination.47

Harmonic frequencies were calculated to obtain the zero-point energy
(ZPE) correction, and natural population analyses were carried out to
determine the partial charges.48 For the unsolvated reaction and for
the reaction of NH2 and O2 with (H2O)2, the energies were also
calculated at the coupled cluster singles and doubles level with a
perturbative triples correction (CCSD(T))49 to estimate the effect of
additional electronic correlation. In all calculations the core electrons
were excluded from correlation, and auxiliary basis sets50 were used in
conjunction with the resolution-of-identity approximation to reduce
computational cost. Optimizations, harmonic frequency calculations,
and single-point energy determinations were performed with the
TURBOMOLE program package.51

■ RESULTS AND DISCUSSION
Photochemical Uptake of NH3 on TiO2 Surfaces. We

initially studied the photocatalytic conversion of NH3 to NOx
on TiO2 coating the wall of the flow reactor operated at 40%
RH. Figure 1a shows that a TiO2 film exposed to a continuous

flow of 9 ppb NH3 in humidified air is unreactive in the dark
but generates NOx when irradiated with UV−vis light. During
irradiation, the NOx concentration stabilizes to a steady-state
concentration of ∼3 ppb between 40−50 min. This amounts to
a 33% yield of NOx, relative to the initial gas-phase
concentration of NH3 entering the flow tube, [NH3]0. The
NOx signal returns to baseline when the lamps are turned off. A
similar experiment was carried out by exposing TiO2 to a
continuous flow of NH3 in nitrogen (Figure 1b). In this case,
irradiation of the surface with UV−vis light generated a
negligible amount of NOx. This demonstrates that O2 is a
reactant in the mechanism that forms NOx. Control experi-
ments were carried out before each experiment to determine
the amount of background NOx emitted from the TiO2
substrate in the absence of added NH3. Nitric oxide was
always below the detection limit of the instrument, while the
amount of background NO2 emitted was consistently below 1
ppb. The control experiments were used to correct the NO2
concentrations measured when NH3 was photooxidized.
The most common TiO2-based photocatalysts used in

commercial applications are anatase or mixtures of anatase
and rutile phases [e.g., Evonik (Degussa) Aeroxide P25, a 70:30
mixture of anatase and rutile].52−55 We compared the

Figure 1. Increase in NOx concentration as TiO2 is irradiated (λ > 290
nm) in the presence of 9 ppb of NH3 at 40% RH in 1 atm of (a) air or
(b) nitrogen at 296 K.
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photoreactivity of the anatase photocatalyst described above to
rutile and P25 under identical experimental conditions. A
stream of air containing 22 ppb of NH3 was flowed over the
photocatalyst (at 48% RH and 296 K), and the amount of NOx

formed was monitored. Relative to anatase, the P25 photo-
catalyst produced twice as much NOx, while the reactivity of
rutile was <10% that of anatase. The differences in activity are
ascribed to well-known differences in band gap energies,
adsorptive capacities, and electron−hole recombination effi-
ciencies of the various catalysts.56 For example, the P25 sample
has the highest surface area (53 m2 g−1) and the lowest
electron−hole recombination rate, while rutile has the lower
surface area (8 m2 g−1) and is expected to have the highest
electron−hole recombination rate. Experiments described
below were carried out on the pure anatase photocatalyst to
limit our interpretation to reactions occurring on a homoge-
neous crystalline phase.
The conversion of NH3 to NOx on irradiated TiO2 surfaces

was investigated at initial NH3 concentrations ranging between
0−332 ppb in air. The humidity of the carrier gas was
maintained at 48 ± 2% to reflect typical atmospheric
conditions. Figure 2a shows that the amount of NOx formed
increases as [NH3]0 increases. At NH3 concentrations above
150 ppb the steady-state NOx concentration remains constant

at ∼25 ppb. To examine the efficiency of the reaction, we plot
the reactive uptake coefficient of NH3 on irradiated TiO2
surfaces as a function of NH3 concentration in Figure 2b.
The inverse dependence of the reactive uptake coefficients on
the NH3 concentration is consistent with a Langmuir−
Hinshelwood mechanism, whereby NH3 reversibly adsorbs to
irradiated TiO2 surface sites before undergoing a reaction that
generates NOx. In this mechanism, the decrease in γ at higher
[NH3]0 is explained if the available reactive sites on the TiO2
surface become saturated with adsorbed NH3 molecules,
preventing further collisions with reactive sites. Similar uptake
behavior is observed for a number of atmospherically relevant
heterogeneous reactions, including the reaction of NO2 on
irradiated surfaces comprised of TiO2 or mineral dust.

18,57 As
discussed below, it is also possible that SCR of NOx to N2 at
higher [NH3]0 also contributes to the decrease in the uptake
coefficient.
The sensitivity of NH3 photooxidation toward adsorbed

water was investigated by varying the RH of the air between 0
and 90% while maintaining the [NH3]0 at 67 ppb. Figure 3a

shows that the amount of NOx formed increases as the RH is
raised from 0 to 50%. Between 40 and 50% RH, the
concentration of NOx in the flow tube reaches a maximum of
15 ppb, but it decreases if the humidity is increased to above
50%. The uptake coefficients shown in Figure 3b reflect this
and show that conversion of NH3 to NOx is most efficient at

Figure 2. (a) Steady-state concentration of NOx, NO, and NO2
achieved during UV−vis irradiation of TiO2 surfaces depends on the
initial concentration of NH3. (b) Dependence of the uptake coefficient
(γ) of NH3 on TiO2 coatings as a function of initial NH3
concentration. Data were collected at a RH of 48% in 1 atm of air
at 296 K. Error bars are 95% confidence intervals of replicate
experiments. Fitted lines are guides for the eye.

Figure 3. Plots of (a) the steady-state concentration of NO, NO2, and
NOx formed and (b) the reactive uptake coefficient as a function of
percent RH. Data were collected using an initial NH3 concentration of
67 ppb in 1 atm of air at 296 K. Error bars are 95% confidence
intervals of replicate experiments. Fitted lines are guides for the eye.
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between 40−50% RH. This suggests that the mechanisms
leading to NOx is water catalyzed. However, at high RH it
appears that another mechanism becomes important, whereby
additional surface-adsorbed water hinders the formation of
NOx. The relative yields of NO and NO2 are also highly
dependent on the humidity of the air. As shown in Figure 3a, at
between 0 and 50% RH the amount of NO2 formed is higher
than that of NO. However, if the RH is >60%, NO is the
dominant species detected.
Ammonia Speciation on TiO2. Infrared spectroscopy was

used to understand the speciation of NH3 on the TiO2 surface
under the conditions of our flow tube experiments. A diffuse
reflection infrared spectrum of TiO2 powder in equilibrium
with a flow of 740 ppb of NH3 in dry air at 1 atm is shown in
Figure 4a. The peaks at 3408, 3368, and 3265 cm−1 are N−H

stretching vibrations, while the bands at 1600 and 1180 cm−1

are due to the asymmetric and symmetric deformation modes
of NH3 coordinated to TiO2.

58 Adsorption of NH3 to the
surface coincides with the appearance of a negative peak
centered at ∼3670 cm−1, corresponding to the loss of free
surface O−H groups upon NH3 adsorption. When the
experiment is repeated at 4 and 27% RH, the bands due to
adsorbed NH3 are undetectable (Figure 4b,c). Instead, a broad
peak centered at 2780 cm−1 and an intense peak at 1457 cm−1

appear in the spectra.58 These are due to the N−H stretching
and deformation vibrations of NH4

+, respectively.59 Ammonia
is converted to NH4

+ on the TiO2 surface according to60,61

+ ⇌ ++ −NH H O NH OH3 2 4 (7)

The FTIR results suggest this reaction occurs readily on TiO2
even at low RH. A broad negative peak appears at 3600 cm−1 in
Figure 4b,c due to changes on the surface as Ti−OH groups,
which are hydrogen bonded to water, become involved with
interactions with NH4

+ as ammonia is added. The OH− formed
in eq 7 is not discernible at the expected position of ∼3600
cm−1;62 the peak would be significantly broadened by
interactions with solvating water, and its position overlaps

with the negative peak occurring at the same position in the
spectra.63,64

Mechanism of NH3 Oxidation. The initial step of
ammonia oxidation stems from the collision of NH3 with a
valence band hole on the TiO2 surface:

+ → ++ +hNH NH H3 vb 2 (8)

This hole-transfer reaction would result in formation of the
amino radical, NH2, which has been observed in previous
studies of NH3 oxidation on TiO2 by electron paramagnetic
resonance spectroscopy.28 It is also possible that OH radicals
generated on the TiO2 surface from eq 3 react with NH3 by
abstracting a hydrogen atom to form the amino radical:

+ → +NH OH NH H O3 2 2 (9)

The second-order rate coefficient for this reaction in the gas
phase is 1.6 × 10−13 cm3 molecule−1 s−1.6 At high OH levels,
recombination to H2O2 is expected to moderate the
concentration of OH available to react with NH3.

12 Although
a significant amount of adsorbed NH4

+ is observed in the FTIR
spectra when TiO2 is exposed to NH3 in the presence of water,
the reactive precursor responsible for the NOx in the flow tube
experiments is most likely NH3. Previous work suggests that
NH4

+ is unreactive toward OH radical in aqueous solutions.65,66

Ammonium is not easily oxidized photochemically by TiO2, as
its oxidation potential lies above the conduction band edge of
TiO2. For example, it is known that electrochemical oxidation
of NH4

+ is only possible in solutions with a pH above 9, where
NH3 is the dominant species.

67,68 Thus, formation of NH4
+ on

thin water films at high RH is a terminal sink for ammonia that
competes with eqs 8 and 9.
Although several routes to NOx may be proposed, a

mechanism that describes the fate of NH2 and considers the
role of O2 and H2O in the reaction is as follows:69

+ + → ·NH O H O (NH OO) (H O)2 2 2 2 2 (10)

· → ·(NH OO) (H O) (NHOOH) (H O)2 2 2 (11)

· → +(NHOOH) (H O) NO 2H O2 2 (12)

+ → +net reaction: NH O NO H O2 2 2 (13)

Consistent with the observation that the reaction depends on
O2, we propose that the next step is the addition of O2 to NH2
to form an aminoperoxy radical (NH2OO).

69 In the gas phase,
NH2 reacts slowly with O2, with a second-order rate constant of
≤6 × 10−21 cm3 molecule−1 s−1.5 However, the reaction is rapid
in the aqueous phase, with a second-order rate constant of
∼109 L mol−1 s−1 (i.e., ∼2 × 10−12 cm3 molecule−1 s−1).69

Nitric oxide is formed when the resulting NH2OO species
undergoes water-catalyzed isomerization followed by decom-
position.69 As indicated by eqs 10−12, water is not only
required in the mechanism leading to NO but also generated as
a product in the mechanism. Thus, surface-adsorbed water acts
as a catalyst in the mechanism. Once formed, NO is oxidized to
NO2 on the TiO2 surface via its reaction with trapped holes
(i.e., oxygen anion radicals covalently bonded to titanium) on
the irradiated TiO2 surface:

23,70,71

− + → − → ++ − + − +Ti O NO Ti ONO Ti NO4 4 3
2 (14)

Surface morphology of the photocatalyst likely plays an
important role in the observed reactivity. Nitrogen adsorption
and desorption isotherms were measured to determine the

Figure 4. Diffuse reflection IR spectra of TiO2 exposed to 740 ppb of
NH3 in air (1 atm) at (a) 0%, (b) 4%, and (c) 27% RH. The y-axis is
log10(S0/S), where S0 is the background spectrum of pure TiO2
powder and S is the spectrum of TiO2 after 120 min exposure to
the NH3/air mixture. All experiments were done at 298 K.
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surface area and pore size distribution of the anatase substrate
used in the NH3 photooxidation measurements. The
adsorption branch of the isotherm is type II according to the
IUPAC classification, which is typical of macroporous
adsorbents.72 A weak hysteresis observed at p/p0 > 0.8 suggests
capillary condensation of N2 in the sample occurs.72 The pore
size distribution plotted in Figure 5 shows the sample consists

of macropores with diameters from 50 to >100 nm. Mesopores
having diameters between 2 and 50 nm are also present, with a
peak at 2.5 nm. A total pore volume of 0.024 cm3/g was
determined from the absorption isotherm at p/p0 = 0.99. The
cumulative surface area plotted in Figure 5 (inset) shows that
∼80% of the total surface area available for reaction is present
in mesopores that are <15 nm in diameter.
Interaction of H2O with TiO2 in the mesopores likely leads

to capillary condensation of water at vapor pressures below
what is expected for equilibrium vapor pressure of H2O with a
planar surface.73,74 The RH at which mesopores fill up with
water is estimated from the Kelvin equation:

σ
= − +

⎡
⎣⎢⎢

⎛
⎝⎜

⎞
⎠⎟
⎤
⎦⎥⎥

p
p

V
RT r r

exp
1 1

sat

m

1 2 (15)

where p/psat is RH, σ is the surface tension of water, Vm is the
molar volume of water, and r1 and r2 are the two principle radii
of curvature of the meniscus. According to eq 15 a pore with a
2.5 nm diameter will fill up at either 43 or 66% RH, depending
on whether a hemispherical (r1 = r2 = 1.25 nm) or cylindrical
(r1 = 1.25 nm; r2 =∞) pore geometry is assumed. Interestingly,
this encompasses the RH range in which NH3 → NOx
conversion appears to be most efficient in Figure 3. It is
therefore possible that mesopores, which contribute signifi-
cantly to the total surface area, play an important role in
providing sites for both water adsorption and surface reactions.
Once filled with water, diffusion of precursors into the
mesopores is limited, and photooxidation occurs mainly in
macropores and the external surface, which provide lower
surface area for reactions to occur on; not only would this result
in fewer sites for NH3 to react on at high RH but also would
limit NO → NO2 conversion and explain why NO2 transitions
from being the major product at RH < 60% to being the minor
product at RH > 60%. The presence of multilayers of water in
mesopores would also explain the FTIR results showing that
NH3 is converted to NH4

+ even at low RH. It is therefore likely
that the reduced NOx yield observed in Figure 3a at high RH is
due to filling of mesopores with water, formation of unreactive
NH4

+, and reduced oxidant levels due OH radical recombina-
tion.

Role of Water in Catalyzing NH3 Oxidation. A
theoretical investigation was carried out to further elucidate
the role of water in catalyzing the proposed reaction of NH2
with O2. Beginning with structures for the NH2OO and
NHOOH intermediates previously studied by Sumathi and
Peyerimhoff,75 NH2OO·(H2O)n and NHOOH·(H2O)n (n =
1−5) clusters were constructed and optimized at the MP2/aug-
cc-pVTZ level. Preliminary calculations indicated that (H2O)2,
but not a single H2O, can form a hydrogen-bonding network
that solvates one side of the NH2OO intermediate and that
(H2O)5 forms a hydrogen-bonding network solvating both
sides of the NH2OO intermediate. For n = 6, clusters similar to
those found for n = 5 were obtained, but with minor structural
or energetic differences. These results will not be included here.

Figure 5. Pore size distribution derived from the nitrogen adsorption
isotherm of anatase powder. A plot of the cumulative surface area for
pores with diameters between 1.9 and 173 nm is shown in the inset.

Figure 6. Intermediate structures determined at the MP2/aug-cc-pVTZ level of theory for (a) NH2OO, (b) NHOOH, (c) NH2OO·(H2O)2, (d)
NHOOH·(H2O)2, (e) NH2OO·(H2O)5, and (f) NHOOH·(H2O)5 with the N−O bond distance indicated.
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Minimum energy structures for the bare intermediates and the
NH2OO·(H2O)n and NHOOH·(H2O)n (n = 2, 5) clusters are
presented in Figure 6. Upon solvation of NH2OO, the N−O
bond distance remains largely unchanged for (H2O)2 but
decreases significantly from 1.45 to 1.33 Å for (H2O)5,
approaching the value for the HNOOH intermediate (rNO =
1.32−1.33 Å). This decrease in the N−O bond distance is
associated with an increase in the partial charge on the NH2
and O2 fragments of NH2OO in the n = 5 cluster [δ(NH2) =
+0.5; δ(O2) = −0.5] compared to that of unsolvated NH2OO
and in the n = 2 cluster [δ(NH2) = +0.2; δ(O2) = −0.2].
Solvation in both the NH2OO·(H2O)2 and NH2OO·(H2O)5

clusters is accompanied by a rotation about the NO bond to
form a nearly planar OONH structure, similar to that of the
HNOOH intermediate. The water network surrounding the
NH2OO intermediate supports or induces conformational
changes to reduce the structural differences between NH2OO
and NHOOH intermediates. All that remains for the
conversion of NH2OO to NHOOH is transfer of a proton
from the NH2 group to the terminal oxygen of NH2OO. The
hydrogen-bonded network of the surrounding waters is
conveniently at hand and may provide a low-energy path for
this process through proton transfer along a water wire. For
conversion of NHOOH to NO + H2O we must look to the
NHOOH·(H2O)5 cluster which has a hydrogen-bonded
network in place to transfer the remaining NH proton to the
terminal O of NHOOH. Again, the solvating waters may allow
for proton transfer along a water wire, thus avoiding the high
barriers for conversion between NO + H2O and NHOOH that
makes this reaction unlikely in the gas phase.75

The above observations concerning structural features
suggest that the primary role of water in the NH2 + O2
reaction to NO + H2O is to lower reaction barriers. By looking
at the energies of the intermediate clusters relative to the
reactants, it is also clear that when solvated by two or five water
molecules the NH2OO and NHOOH intermediates form stable
clusters. The relative energies of the NH2OO·(H2O)n and
NHOOH·(H2O)n (n = 0, 2, 5) intermediates at the MP2 and
CCSD(T) levels are collected in Table 1. At the MP2/aug-cc-

pVTZ level the unsolvated intermediates are nearly isoenergetic
to the reactants. The higher-level CCSD(T) calculations
indicate that these intermediates are very weakly bound relative
to the reactants and that this additional correlation makes a
more significant contribution to the relative stability of NH2OO
(−4.6 kcal/mol) versus NHOOH (−2.2 kcal/mol). The
CCSD(T) calculations also indicate that the NH2OO-to-

NHOOH isomerization in the bare system is slightly
endothermic, as was noted previously.75 Formation of the
solvated intermediates NH2OO·(H2O)2 and NHOOH·(H2O)2
from O2 + NH2 + (H2O)2 is energetically favorable at the MP2
level, and the additional correlation contributions to the
NH2OO cluster (−4.0 kcal/mol) and the NHOOH cluster
(−2.0 kcal/mol) are very similar to the contributions for the
bare species. Upon solvation the second intermediate,
NHOOH, becomes more stable than the first intermediate,
NH2OO, yielding an exothermic isomerization.
The smaller magnitude of the relative energies of the

NH2OO·(H2O)n and NHOOH·(H2O)n clusters for n = 5
compared to those for n = 2 can be attributed to the energy
required to insert a solute into the hydrogen-bonding structure
of water. In the n = 2 clusters, the water dimer is only slightly
distorted from preferred geometry, whereas for the water
pentamer, two hydrogen bonds must be broken to solvate both
sides of the NH2OO and NHOOH intermediates. However,
formation of the NH2OO·(H2O)5 and NHOOH·(H2O)5
clusters is still energetically favorable. Formation of the NO +
(H2O)(n+1) products from O2 + NH2 + (H2O)n (n = 0, 2, 5) is
very exothermic with reaction energies from −80 to −90 kcal/
mol at the MP2 level and −75 to −85 kcal/mol at the
CCSD(T) level. The question is not whether formation of the
final products is favorable but whether the intermediates are
stable, which this work supports. The primary remaining
question to be investigated is the presumed lowering of the
barrier heights. Additionally, the role of the TiO2 surface in the
oxidation of NH2 remains unaddressed in this computational
study. In previous work by Laszlo et al., a rapid reaction of NH2
with O2 was observed in aqueous solution without TiO2
present.69 As the same mechanism for oxidation of the amino
radical was assumed in both our work and the previous study,
the TiO2 surface was not included in our computational model.
The influence of the TiO2 surface on the structure of the
water74 surrounding the intermediates and the likelihood of
proton transfer, as well as the direct interaction between the
intermediates and the TiO2 surface, would be desirable topics
for future study.

Comparison to Previous Work. The results here
demonstrate that there are differences in the distribution of
products stemming from ammonia photooxidation under
atmospheric conditions and previous studies employing high
concentrations of NH3.

24−28 For example, at ∼1 ppth, Yamazoe
et al. found that N2 (∼30% yield) followed by N2O (∼5%
yield) are the main products of NH3 photooxidation on TiO2,
where the indicated product yields are relative to the initial
concentration of NH3 used;27,28 nitric oxide was nearly
undetectable in their study. At higher concentrations of NH3
selective catalytic reduction of NOx proceeds according to the
following net reactions:30

+ + → +4NH 4NO O 4N 6H O3 2 2 2 (16)

+ + → +4NH 2NO O 3N 6H O3 2 2 2 2 (17)

Intermediate steps to these reactions may also include
dimerization of NH2 radicals to form hydrazine (N2H4) or
the reaction of NH2 with NO to form NH2NO, which at high
concentrations would render the NH2 + O2 channel (eq 10)
insignificant. Surface-adsorbed N2H4 and NH2NO may in turn
play a role in the formation of N2 and N2O observed in
previous studies.27,30 In our system, eqs 16 and 17 are expected
to become more important at higher [NH3]0 and could

Table 1. Energies of NH2OO·(H2O)n and NHOOH·(H2O)n
Intermediates Relative to NH2 + O2 + (H2O)n [n = 0, 2, 5]

species
MP2/aTZa

(kcal/mol)
MP2/aTZ//CCSD(T)/aTZb

(kcal/mol)

NH2OO 0.2 −4.4
NHOOH −1.3 −3.5
NH2OO·(H2O)2 −7.7 −11.7
NHOOH·(H2O)2 −13.6 −15.6
NH2OO·(H2O)5 −4.7 −
NHOOH·(H2O)5 −8.8 −

aStructures, zero-point corrections, and energies determined at the
MP2/aug-cc-pVTZ level. bStructures and zero-point corrections
determined at the MP2/aug-cc-pVTZ level; energies determined at
the CCSD(T)/aug-cc-pVTZ level.
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contribute to the decreased NH3 → NOx conversion efficiency
observed in Figure 2b. It is therefore possible that N2 could be a
significant product in our experiments, although we are unable
to confirm this due to analytical limitations that preclude us
from measuring N2. We employed long-path FTIR to
determine whether N2O was formed during experiments
where TiO2 was photolyzed in the presence of 330 and 615
ppb of NH3 in air at 48% RH and 296 K. In both cases, N2O
was below our detection limit of 9 ppb. This is not surprising
since previous studies of SCR processes over V2O5 catalysts
showed that H2O suppresses formation of N2O in favor of
N2.

76,77

■ CONCLUSIONS
Our results show that incomplete conversion of NH3 to N2
over TiO2 under atmospherically relevant conditions leads to
higher relative yields of NOx (up to 33%) than what has been
observed in concentrated NH3 streams. Theoretical inves-
tigations support a mechanism by which O2 addition to NH2
generates an aminoperoxy radical that undergoes water-assisted
proton transfer and isomerization to ultimately yield NO and
H2O. Reaction intermediates form stable clusters with (H2O)n
(n = 2, 5) with a hydrogen-bonded network suited for the
necessary proton transfer. Further oxidation of NO on the TiO2
surface yields NO2. Above ∼50% RH adsorbed water appears
to hinder the reaction. Under these conditions, mesopores are
likely filled with water due to capillary condensation, which
promotes the formation of unreactive NH4

+ and increases OH
recombination kinetics. Reduced access to active sites within
mesopores in turn leads to decreased NH3→NO and NO→
NO2 conversion efficiency.
Formation of NOx on TiO2 surfaces is likely also associated

with the formation of adsorbed species, such as NO3
− and

NO2
−, and potentially nitrous acid (HONO). It is well-known

that coadsorption of NO and O2 on TiO2 (irradiated with UV−
vis light and in the dark) efficiently yields adsorbed nitrate.23,70

Using FTIR spectroscopy Yamazoe et al. observed nitrate,
nitrite, and nitro species formed during the photooxidation of
NH3 over irradiated TiO2 surfaces when high concentrations of
NH3 (∼1 ppth) were employed.27 It is reasonable to assume
that nitrate will be deposited on the surface at the low NH3
levels used in our study as well. Nitrogen dioxide and NO3

− are
efficiently reduced to nitrous acid (HONO) on TiO2 surfaces
when irradiated with UV−vis light.18,20,21 Nitrous acid is an
important photochemical source of atmospheric OH and NO,
which play a role in initiating air pollution chemistry.5 In
addition, it has been suggested that HONO may be an
important intermediate during SCR processes that remove
NO2.

29 For example, it is thought that NO2 hydrolysis in these
systems could lead to HONO, which subsequently reacts with
NH3 to form N2:

+ → → +NH HONO NH NO N 2H O3 4 2 2 2 (18)

Studies are underway to probe whether secondary reactions
stemming from NH3 photooxidation on TiO2 under atmos-
pheric conditions generate HONO and what role it may play in
subsequent surface reactions of NH3.
We note that this chemistry is likely not limited to occurring

on irradiated TiO2 surfaces. The water catalyzed NH2 + O2
chemistry observed here likely occurs on other metal oxide
surfaces that promote NH2 formation via the dissociative
chemisorption of NH3 in several industrial applications. For
example, ammonia activation and formation of NH2 have been

observed during thermal SCR of NOx over vanadium- and
tungsten-based oxide catalysts.78,79 In addition, NH2 is formed
upon coadsorption of NH3 and O2 on RuO2,

80 Pt,81 and
zeolite82 surfaces, some of which have been investigated for
oxidizing NH3 to NO for use in industrial scale nitric acid
production. The Ostwald process currently achieves this by
oxidizing NH3 in air over a Pt/Rh catalyst.83,84 In the presence
of O2 and adsorbed water, chemisorption of NH3 may also
yield NO via the chemical pathways discussed here. In the
environment other semiconducting metal oxides commonly
found in urban areas (e.g., Fe2O3, Cr2O3, and ZnO) may also
be capable of oxidizing NH3 under certain conditions.9,11,85

However, further research is needed to fully understand the
role of water-catalyzed NH2 + O2 chemistry in other catalytic
systems.
In urban environments NH3 photooxidation will most likely

occur on infrastructure with TiO2 coatings (e.g., “self-cleaning”
paint, glass, and concrete) that is exposed to vehicle emissions.
To assess the atmospheric importance of this chemistry, we
estimate the lifetime of NH3 with respect to uptake on TiO2

surfaces and compare this to the atmospheric lifetime of NH3

due to gaseous dry deposition, which is one of the most
important removal pathways of NH3 from the tropo-
sphere.86−88 The deposition velocity (υd) describing the loss
of NH3 to a TiO2 surface may be estimated from υd = γω/4.89

We assume the uptake coefficient (γ) for this process is ∼3 ×
10−5, based on an ambient NH3 concentration of 5 ppb at 48%
RH (see Figure 2). To correct for differences in light intensity
under experimental and outdoor conditions, we scale γ by the
ratio of the actinic flux to the light intensity of our lamps. At an
actinic flux5 typical for the sun at a solar zenith angle of 0°, the
uptake coefficient becomes 1.2 × 10−5. Using this approach the
υd is estimated to be 0.18 cm s−1; this falls in the range of
measured gaseous dry deposition velocities reported for NH3

(i.e., 0.03−4 cm s−1).87,88 The lifetime (τ) with respect to NH3

uptake on TiO2 surfaces is calculated from τ = Z/υd, where Z is
the boundary layer height. Assuming a 1 km high well-mixed
boundary layer during the day, the lifetime of NH3 with respect
to loss on TiO2 surfaces is 6 days. For comparison, reported dry
deposition velocities87,88 for NH3 correspond to atmospheric
lifetimes of between 7 h and 40 days. This suggests that
photooxidation of ambient NH3 on self-cleaning surfaces in
urban areas is as effective as gaseous dry deposition in removing
ammonia from ambient air.
Unlike dry deposition to nonreactive surfaces, our work

shows that removal of NH3 on irradiated TiO2 surfaces is
associated with the release of NOx to air. The question remains
how the proposed source of NOx from NH3 photooxidation
compares to other urban sources of NOx? Following the
assumptions made above, the flux of NOx from a TiO2-coated
surface is calculated from Flux = υd[NH3]air to be 2.2 × 1010

molecules cm2 s−1. The flux of NOx from other urban surfaces
is estimated by assuming steady-state conditions apply where
the rate of NOx production and loss are equal. The flux of NOx

from other sources is estimated from Flux = Z[NOx]/τNOx
,

where τNOx
is the lifetime of NOx in ambient air (i.e., 4 h at

noon).90 Assuming a noontime NOx concentration of 1 ppb5

and Z = 1 km, we estimate that a typical flux of NOx is 1.7 ×
1011 molecules cm2 s−1. Thus, the flux of NOx from NH3

photooxidation on TiO2-coated surfaces is ∼13% that of typical
daytime sources of NOx. This suggests that NH3 photo-
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oxidation could be important source of NOx (and an indirect
source of O3) to air in the vicinity of TiO2-coated structures.
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