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Materials and Methods  

Solution preparation for experiments. Experiments were conducted at room temperature with 

100 μM Mn(NO3)2 (Alfa Aesar) for up to 6 hrs. To mimic an environmentally relevant pH 

condition, the initial pH was adjusted to 8.9 ± 0.1 using 0.01 M NaOH (J. T. Baker), and 1 mM 

NaNO3 (14 ppm (NO3
-–N); J. T. Baker) was added as the source of nitrate. The nitrate 

concentration is environmentally relevant based on the USEPA drinking water limit of 0.714 mM 

(10 ppm (NO3
-–N)). To avoid any effect from a buffering chemical, we did not use any buffer 

solution in this study. Thus, pH decreased from 8.9 to 5.3 over 6 hrs (Fig. S10). Because we took 

samples before Mn oxide aggregation occurred (after 6 hrs, we found that aggregation did occur), 

we did not conduct experiments for longer than 6 hrs. To analyze the mechanism of manganese 

oxidation, 0.1 M tert-BuOH (Sigma Aldrich) and 0.5 μM superoxide dismutase (SOD) (Sigma 

Aldrich) were used to scavenge hydroxyl radicals and superoxide radicals, respectively. To 

examine the one-electron transfer mechanism, we used 0.5 mM pyrophosphate (Na4P2O7, referred 

as PP) (Sigma Aldrich). The concentration of δ-MnO2 was quantified using 0.004 % (w/v) 

leucoberbelin blue (referred as LBB) (Sigma Aldrich). For leucoberbelin blue (LBB) analyses, we 

used 79% Mn(IV) (2.5 conversion factor) and 21% Mn(III) (5.0 conversion factor) based on our 

oxidation state value of 3.79+, derived from XPS.1-3 We used a 1:5 ratio of reacted solution (0.3 

ml) and LBB solution (1.5 ml). Therefore, for the background we also used a 1:5 ratio of DI water 

and LBB.  

Photo-oxidation analysis. A 450 W Xe-arc lamp (Oriel) was used as a reliable, controllable light 

source for the systematic study. The light passed through a 10 cm long IR water filter. The reactor 

was cylindrical, with a vertical quartz window facing the light source. The reaction solutions were 
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mixed with a magnetic stirrer. Outdoor natural sunlight exposure tests were also conducted, using 

opened test tubes placed on the balcony of Whitaker Hall at Washington University (St. Louis, 

MO, USA, 38.9 °N latitude). The reaction was conducted between 10:30 am and 3:30 pm on July 

24th, 2015, in a temperature range from 30 °C to 33 °C.     

Solid Phase Characterization. All samples were prepared after the formed particles were washed 

and centrifuged at 5000 rpm three times. For characterization, we used high-resolution X-ray 

diffraction, (HRXRD, Bruker D8 ADVANCE X-ray diffractometer with Cu-K radiation (λ = 

1.5418 Å)) and X-ray absorption spectroscopy (XAS). X-ray photoelectron spectroscopy (XPS, 

PHI 5000 VersaProbe II, Ulvac-PHI with monochromatic Al Kα radiation (1486.6 eV)) was used 

to identify the oxidation state of the formed Mn oxide. The C 1s peak (284.8 eV) was taken as the 

energy reference. We analyzed the shift of the Mn 2p3/2 spin orbit, the energy gap between Mn 

2p1/2 and the satellite, and the Mn 3s multiplet splitting. For XAS, the Mn K-edge was measured 

in transmission mode on beamline 13-BM-D at the Advanced Photon Source at Argonne National 

Laboratory. A Si(111) monochromator, giving a focused beam size of 10 m by 30 m and a 

resolution of 1  10-4 E/E, was used to create monochromatic X-rays. The energy flux was 1  

109 at 10 keV, and the energy range for this station was 4.5–70 keV. Energy calibration was 

monitored by using the pre-edge feature of Mn metal foil (6539.0 eV). We used MnO, Mn2O3, and 

δ-MnO2 provided by beamline 13-BM-D, as the references of Mn(II), Mn(III), and Mn(IV), 

respectively. In addition, to provide hk bands in high resolution, synchrotron-based wide angle X-

ray diffraction (WAXD) of the formed particles was performed with an energy of 58.650 keV (λ 

= 0.2114 Å) on beamline 11-ID-B at the Advanced Photon Source at Argonne National Laboratory. 

The sample was exposed for 1 s and the measurement was repeated 180 times. The Kapton 
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background data was also obtained with the same beam exposure time for background subtraction. 

1D intensity as a function of d-spacing was obtained by converting the 2D image using Fit2D.4 An 

high resolution transmission electron microscope (HRTEM, JEOL 2100F) with a 200 kV 

accelerating voltage revealed the thickness of the formed Mn oxide. The diluted samples of Mn 

oxide were placed on a lacey carbon support Cu grid (Ted Pella Inc.). A scanning electron 

microscope (SEM, FEI Nova NanoSEM 2300) visualized the layered morphology of the formed 

Mn oxide at a 10kV accelerating voltage. Substrates were coated with Au to increase the 

conductivity. The working distance was 5−6 mm. The amount of intercalated Na+ was measured 

using inductively coupled plasma-mass spectrometer (ICP-MS, Perkin Elmer ELAN DRC II). 

After the end of the reaction time, to fully remove salt in the solutions, the solutions were 

centrifuged six times at 5000 rpm. After each centrifugation, the supernatant was pipetted off and 

discarded, and the precipitate was re-suspended in DI water. The salt-removed samples were 

dissolved in 10 mM ascorbic acid (Sigma Aldrich), and acidified using 5 ml of 2 % HNO3 before 

ICP-MS measurements. NO2
- concentrations were measured by a Dionex ICS-1600 (Dionex 

IonPac As22 (4 × 250 mm) column). The surface area and pore size of particles were measured by 

a NOVA 2200e analyzer (Quantachrome Inc.) after degassing the particles at 110 °C for 24 hrs 

under vacuum. 

Testing the mechanism of fast Mn oxidation and electron transfer. To test the roles of specific 

ROS on manganese oxidation, we used ROS scavengers and analyzed the subsequent MnO2 

formation colorimetrically with UV-Vis. Leucoberbelin blue (LBB) (λ = 625 nm, ɛ = 180,000 M-1) 

reduces manganese, which has a higher oxidation state than Mn2+.2 The oxidized LBB in turn 

displays a blue color, whose intensity is proportional to the concentration of oxidized Mn created 

by sunlight exposure. Also, to elucidate the electron transfer mechanism, pyrophosphate (PP), 
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which complexes with Mn(III), was used. The concentration of the Mn(III)-PP complex was 

analyzed at 258 nm using UV-Vis. 

Supplementary Discussions 

1) Confirmation of nitrate photo-excitation by UV light 

Photochemically-assisted oxidation of Mn and subsequent formation of δ-MnO2 from Mn2+ (aq) 

occurred through nitrate photolysis. The formation of δ-MnO2 can be qualitatively observed from 

the absorption peak of UV-Vis measurement at λ ~ 400 nm.5 For this test, to reveal an obvious 

increase or suppression of the absorption spectrum resulting from the faster formation of δ-MnO2 

at higher nitrate concentration, 100 mM nitrate at initial pH of 8.9 and with 100 μM Mn2+ (aq), 

was used instead of 1 mM nitrate. To confirm the role of UV light in the reaction, a UV filter was 

installed on the Xe-arc lamp to block UV light (λ < 400 nm). The UV-Vis absorption spectra of 

samples with the UV filter (λ > 400 nm) were the same as for the dark condition (Fig. S4). There 

was no obvious absorption peak in the UV-Vis spectra under light exposure with the UV filter. On 

the other hand, obvious absorption peaks in UV-Vis spectra at 400 nm were observed for light 

exposure without the UV filter, suggesting that the reaction results from UV light, which triggers 

photolysis of nitrate at a wavelength of ~305 nm.6, 7 In this study, we tested the effect of hydroxyl 

radicals and superoxides, which are the most reactive ROS in aqueous systems. We found that 

superoxide, which is generated from the photolysis of nitrate, is the biggest contributor. We did 

not test nitrogen oxide radicals because they are known as isolable radicals.8  
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2) Oxidation state and morphology of the synthesized δ-MnO2 in outdoor natural sunlight 

The effect of outdoor sunlight exposure on Mn oxidation and subsequent formation of δ-MnO2 

was investigated. The reaction was conducted between 10:30 am and 3:30 pm on July 24th, 2015, 

in a temperature range from 30 °C to 33 °C, on the balcony of Whitaker Hall at Washington 

University (St. Louis, MO, USA, 38.9 °N latitude). Figure S8A shows the sunlight spectrum. The 

concentration of δ-MnO2 increased with elapsed time. In the 1 mM nitrate condition, an 

approximately four times lower concentration was observed in the outdoor sunlight test than in the 

artificial sunlight experiments (Fig. S8B). The lower intensity of outdoor sunlight at ~305 nm 

resulted in the lower concentration of δ-MnO2. However, even in 1 mM nitrate solution, the δ-

MnO2 formation rate is still comparable with that of biotic process. Also, 100 mM nitrate solution 

promotes fast formation of δ-MnO2, and can be employed in applications to synthesize δ-MnO2 in 

an environmental friendly way. The oxidation state and morphology of the synthesized Mn oxide 

using outdoor sunlight indicated the formation of δ-MnO2 as well (Fig. S1).  

3) Comparison of the abiotic manganese oxidation rate found in this work with those in biotic 

processes 

Mn oxidation in nature is kinetically-controlled. Without high pH, autocatalysis, and Mn-oxidizing 

bacteria, the oxidation of Mn2+ (aq) takes a very long time.9, 10 For example, in Diem and Stumm’s 

study, Mn2+ (aq) concentration remained at the same level over years in 10 mM nitrate and  20 μM 

Mn(NO3)2 at pH 8.4 in the presence of O2 (PO2 = 0.2 atm).9 High pH and autocatalysis promote 

faster oxidation of manganese.10-13 However, the high pH and autocatalytic conditions showed the 

oxidation from Mn2+ (aq) to Mn(III) only, not to Mn(IV).10, 11, 13, 14 Photochemical processes are 

also important for triggering redox reactions in the cycling among Mn(II), Mn(III), and Mn(IV) in 
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surface water environments.15-17 A few studies have showed photochemically-induced oxidation 

with organics.3, 18 Nico et al. showed the fast oxidation of Mn2+ (aq) to Mn(III), and mentioned 

that Mn(III) was the most dominant oxidation state in their system.18 Recently, Learman et al. 

showed the photochemically assisted oxidation of Mn2+ (aq) to Mn(IV) with organics in K-medium 

(2 g/L peptone, 0.5 g/L yeast extract, and 20 mM HEPES buffer) (0.35–0.77 μM/hr).3 While these 

studies showed photooxidation with organics, most previous studies focused on the role of light in 

the reduction of MnO2.16, 17, 19-22 The comproportionation-disproportionation process between 

Mn2+ (aq) and initial δ-MnO2 could change the mineral phase from the initial δ-MnO2 to 

Mn(III)OOH or to orthogonal birnessite having up to 33 % Mn(III) in layers.23-26 Recent studies 

clarified that it depends on the ratio of Mn2+ (aq) to initial δ-MnO2 and on the pH.23-25 In any event, 

the results showed mainly the oxidation of Mn2+ (aq) to Mn(III), not to Mn(IV). While 

comproportionation-disproportionation between Mn2+ (aq) and δ-MnO2 showed a possibility of 

oxidation to Mn(IV), it was equal exchange between oxidation of Mn2+ (aq) to Mn(IV) and 

reduction of Mn(IV) to Mn2+ (aq), not a direct, additional conversion of Mn2+ (aq) to Mn(IV).3, 24 

Thus, the comproportionation-disproportionation process between Mn2+ (aq) and hexagonal 

birnessite (δ-MnO2) is considered an important reductive pathway of Mn redox cycling.23, 24, 27 On 

the other hand, because the biotic process showed relatively faster oxidation of Mn2+ (aq) to 

Mn(IV), bacteria-mediated Mn oxidation is believed to be the biggest contributor to the Mn redox 

reaction, as the oxidative pathway from Mn2+ (aq) to Mn(IV) in natural systems. Fast oxidation 

and the formation of MnO2 have been observed in the studies of microbial effects on Mn oxidation 

(e.g., Bacillus sp. Strain SG-1,28 Leptothrix discophora strain SS-129, Pseudomonas putida strains 

MnB1 and GB-1,30, 31 marine alphaproteobacterium Roseobacter sp. AzwK-3b2, 32). The 

bacterially-mediated formation rates of MnO2 obtained at the end of reaction or reported values 
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from previous results are compared in Fig. S9. With the marine alphaproteobacterium, the average 

of previous formation rates was 0.71 ± 0.35 μM hr-1.2, 3, 32, 33 Red columns in Fig. S9 are the 

formation rates of MnO2 obtained from this study in 1 mM nitrate with sunlight exposure. There 

is a caveat in this comparison that the approximated δ-MnO2 formation rates of biotic Mn oxidation 

were obtained by linearization from zero to the final concentrations at the final times indicated in 

the previous studies. Because the total reaction times are different due to differences in reaction 

systems, we compared formation rate, not total yields. Also, because the kinetics of biotic 

oxidation of Mn(II) are controlled by diverse factors, such as pH, initial Mn(II) concentration, 

dissolved oxygen, temperature, and the ionic strength of reaction solution, the Mn oxide formation 

rates in Fig. S9 are good only for relative comparisons, and more systematic studies are required. 

Contemporary analyses of the kinetics of biotic oxidation under diverse factors were recently done 

regarding Bacillus sp. Strain SG-1.34 While there are significant changes in the formation rate of 

MnO2, most results were between ~0.1 μM hr-1 and ~1.4 μM hr-1 (spore concentration: 0.7 to 11 × 

109 spores/L; a pH range: 5.8 to 8.1; temperature: 4 to 58 ºC; dissolved oxygen: 2 to 270 µM; 

initial Mn(II) concentration: 1 to 200 µM; ionic strength: 0.05 to 0.68).34 Thus, though different 

bacteria have different formation rates, the comparable formation rates of our results indicate that 

photochemically-induced Mn oxidation in nitrate solutions can be a highly possible scenario 

contributing to δ-MnO2 formation in the environment, which has not been reported previously. To 

the best of our knowledge, for the first time, our result shows the fastest oxidation from Mn2+ (aq) 

to Mn(IV) (s), as well as the formation of δ-MnO2 nanosheets, in an abiotic inorganic system. 



S10 
 

Supplementary Figures 

 

Fig. S1 Characterization of the outdoor sunlight synthesized layered birnessite using Mn2p X-ray 

photoelectron spectroscopy (XPS) and scanning electron microscopy (SEM). (A) The position of 

Mn2p3/2, and the energy gap between Mn2p1/2 and the satellite peak in 1 mM nitrate. (B) The 

position of Mn2p3/2, and the energy gap between Mn2p1/2 and the satellite peak in 100 mM nitrate. 

(C) Layered morphology of the synthesized δ-MnO2 in 1mM nitrate. (D) Layered morphology of 

the synthesized δ-MnO2 in 100 mM nitrate.  
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Fig. S2 The determination of oxidation state of the synthesized δ-MnO2 via XPS specta of Mn 3s 

and O 1s. (A) Mn 3s photolines of Mn(II) (Mn(NO3)2, Alpha Aesar), Mn(III) (γ-MnOOH, 

Mineralogical Research Co.), and Mn(IV) (β-MnO2, Sigma Aldrich) reference samples indicated 

Mn 3s multiplet splitting (ΔEMn 3s). (B) Linear fitting of the obtained ΔEMn 3s indicates that the 

oxidation state of the synthesized δ-MnO2 (ΔEMn 3s = 4.6 eV (Fig. 2B)) is 3.80+.3, 4 (C) The areas 

of the deconvoluted O 1s peaks respectively fit the Mn–O–Mn bond for tetravalent oxide (529.8 

eV), the Mn–O–H bond for hydrated trivalent oxide (531.5 eV), and the H–O–H bond for residual 

water (533.3 eV).1, 2 The fitting of the O 1s spectrum was conducted based on Gaussian-Lorentzian 

curve-fitting. The obtained areas of the Mn–O–Mn peak and the Mn–O–H peak indicated the 

oxidation state of the synthesized δ-MnO2 was 3.77+, valence = {IV(areaMn–O–Mn - areaMn–O–H) + 

III(areaMn–O–H)} / areaMn–O–Mn.3 The oxidation states obtained from Mn 3s (3.80+) and O 1s (3.77+) 

spectra were very similar, so we used an averaged value of 3.79+. 
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Fig. S3. (20, 11) and (31, 02) bands of the formed particles measured by synchrotron X-ray 

diffraction. Because c-disordered birnessite has randomly stacked nanosheet structures, (20, 11) 

and (31, 02) reflections occur as broad hk bands, which come from same hk reflections and 

different l reflections. c-disordered hexagonal and orthogonal birnessites show differences in peak 

separation. Peaks at red lines occur from hexagonal birnessite, and peaks at blue lines occur from 

orthogonal birnessite.25, 39 The particles show the peaks of hexagonal birnessite without any 

separation of the peaks. The results confirm that the formed particles are c-disordered hexagonal 

birnessite (δ-MnO2), and support the findings of EXAFS.  
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Fig. S4 The amount of water in the synthesized δ-MnO2 and formation of H+-birnessite without 

Na+ between layers. (A) TGA revealed an ~10 % decrease in the total mass of synthesized δ-MnO2 

below 200 °C, caused by the loss of water. (B) X-ray photoelectron spectroscopy (XPS) spectra 

did not show a discernible intensity increase at the value of Na 1s binding energy (~ 1072 eV). (C) 

Energy dispersive spectrometry (EDS) also did not show Na+.  
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Fig. S5 (A) The nitrogen adsorption/desorption isotherm of δ-MnO2 nanosheets confirms a surface 

area of 61 m2/g. (B) Barett-Joyner-Halenda (BJH) pore size distribution curve shows a peak 

centered at 1.8 nm.    
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Fig. S6 The effect of light wavelength on manganese oxidation. With a UV filter installed, the 

filtered light does not promote manganese oxidation and subsequent formation of δ-MnO2.  

300 400 500 600 700 800
0.00

0.05

0.10

 Dark condition 2 hr
 Dark condition 4 hr
 Light exposure w/ UV filter 2hr
 Light exposure w/ UV filter 4hr
 Light exposure w/o UV filter 2hr
 Light exposure w/o UV filter 2hr

 

A
bs

. (
a.

 u
.)

Wavelength (nm)



S16 
 

 

Fig. S7 Photochemically-assisted synthesis of δ-MnO2 in 100 mM nitrate solution showed faster 

formation of δ-MnO2. (A) In situ measurements of MnO2 concentrations under varied nitrate 

concentrations. (B) Layered morphology of the synthesized δ-MnO2. (C) Mn 2p XPS spectrum 

indicating the binding energy of Mn 2p3/2, 642.1 eV, and the energy gap between Mn 2p1/2 and the 

satellite peak, 11.7 eV. Those results indicate the formation of δ-MnO2.   
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Fig. S8 The formation of δ-MnO2 in outdoor sunlight. (A) Sunlight spectrum on July 24th of 2015. 

(B) In situ measurement of the δ-MnO2 concentrations with 1 mM and 100 mM nitrate. 
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Fig. S9 Comparison of formation rates of MnO2 in bacteria-mediated systems and in an organic-

mediated photooxidation system with that in this work. The bacterially-mediated formation rates 

of MnO2 obtained at the end of reaction or reported values from previous results are compared 

with the formation rates in this study in 1 mM nitrate with sunlight exposure. The comparable 

formation rates in our preliminary results indicate that photochemically-induced Mn oxidation in 

nitrate solutions can be a highly possible scenario contributing to δ-MnO2 formation in the 

environment.  
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Fig. S10 pH measurement over 6 hrs in photochemically-assisted oxidation of Mn2+ (aq) to Mn(IV). 

The pH decreases without light show the effect of CO2 absorption over 6 hrs, and are very similar 

regardless of the existence of Mn2+ (aq). Also, the faster decrease of pH under light exposure 

without Mn2+ (aq) shows the effect of nitrate photolysis. Thus, the pH decrease with light and Mn 

shows the fastest decrease of pH from the effects of Mn2+ (aq) oxidation, nitrate photolysis, and 

CO2 absorption over 6 hrs.   
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Fig. S11 The formation of δ-MnO2 nanosheets at 50 °C temperature and 10 mM initial Mn2+ (aq) 

concentration one variable at a time. (A) The morphology of nanosheets formed via the 

photochemically-assisted pathway at 50 °C. (B) The morphology of nanosheets formed via the 

photochemically-assisted pathway at 10 mM initial Mn2+ (aq). (C) X-ray diffraction patterns 

identifying the phase of δ-MnO2 nanosheets synthesized at 50 °C temperature and 10 mM initial 

Mn2+ (aq) concentration one variable at a time.  
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Supplementary Tables 

Table S1. Summary of XPS references for Mn(II), Mn(III), and Mn(IV).  

Oxidation 
state 

Mn oxide 

Mn 2p3/2 
Binding 
energy 
(eV) 

ΔE3s ΔE2p1/2 References 

Mn(II) 

MnO 640.8 5.8  Junta and Hochella (1994)11 

MnO 641.0 6.1  Di Castro and Polzonetti (1989)40 

MnO  5.4 6.0 Matsumoto and Sato (1986)41 

MnO  6.0 6.0 Gorlin and Jaramillo (2010)42 

Mn(III) 

Mn2O3 641.9 5.2  Di Castro and Polzonetti (1989)40 

Mn2O3 641.8 5.0  Ramesh et al. (2008)43 

Mn2O3   10.3 Jia Wei et al. (2013)44 

Mn2O3  5.1 10.0 Gorlin and Jaramillo (2010)42 

Mn(IV) 

MnO2 642.2 4.7  Oku et al. (1975)45 

MnO2 642.3 4.5  Ramesh et al. (2008)43 

MnO2  4.5 11.8 Gorlin and Jaramillo (2010)42 

MnO2  4.5 11.8 Pinaud et al. (2011)46 
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Table S2. Chemical compositions of the δ-MnO2 nanosheets. Thermogravimetric analysis (TGA) 

indicated an approximate 10 wt% decrease by water evaporation at around 200°C, and based on 

the remaining 90 wt%, the composition was determined as Mn0.92□0.08O2 (Fig. S3), where □ is 

vacant sites in the layers, as occurs in δ-MnO2.  

Na/Mn (mol %) Water percentage (mass %) Chemical compositions 

0.0052 ± 0.0004 10 Mn0.92□0.08O2·0.6H2O 
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Table S3. Subsequent reactions during UV photolysis of NO3
-, adapted from Kim et al. (2014).7 

UV photolysis of NO2
- and NO3

- and 
production of reactive intermediates 

 
Ref. 

NO• + NO2
• + H2O → 2NO2

- + 2H+ (1) Fischer and Warneck (1996)47 

NO• + NO3
- →NO2

• + NO2
- (2) Fischer and Warneck (1996)47 

NO2
• + NO2

• + H2O → NO3
- + NO2

- +2H+ (3) Fischer and Warneck (1996)47 

NO2
- + hv → NO2

-* (4) Mack and Bolton (1999)48 

NO2
-*→ NO• + O•- (5) Mack and Bolton (1999)48 

NO2
-* → NO2

• + eaq
- (6) Fischer and Warneck (1996)47 

HNO2 + hv → NO• + •OH (7) Fischer and Warneck (1996)47 

NO3
- + hv → NO3

-* (8) Mack and Bolton (1999)48 

NO3
-* → NO2

• + O•- (9) Mack and Bolton (1999)48 

NO2
-* → NO2

- + O(3P) (10) Mack and Bolton (1999)48 

O•- + H2O ↔ •OH + OH- (11) Mack and Bolton (1999)48 

eaq
- + O2 → O2

•- (12) Buxton et al. (1988)49 

2NO• + O2 → 2NO2
• (13) Fischer and Warneck (1996)47 

•OH + NO2
- → OH- + NO2

• (14) Fischer and Warneck (1996)47 

•OH + HNO2 → H2O + NO2
• (15) Fischer and Warneck (1996)47 

* indicates photo-excited species, and • indicates radical species. 
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