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Abstract 

Halide ions are naturally abundant in oceans and estuaries. Large amounts of highly saline efflux 

are also generated and discharged to surface water from desalination processes and from 

unconventional oil and gas recovery. These highly concentrated halides can generate reactive 

halogen radicals. However, the redox reactions of halogen radicals with heavy metals or transition 

metals have received little attention. Here, we report an undiscovered fast oxidation of manganese 

ions (Mn2+) by reactive halogen radicals. Hydroxyl radicals (•OH) are produced by nitrate 

photolysis. While •OH play a limited role in the direct oxidation of Mn2+, they can react with halide 

ions to generate reactive halogen radicals to oxidize Mn2+. More Mn2+ was oxidized by bromide 

(Br) radicals generated from 1 mM Br− than by chloride (Cl) radicals generated from 500 mM Cl−. 

In the presence of Br radicals, the abiotic oxidation rate of Mn2+ to Mn(IV)O2 nanosheets is greatly 

promoted, showing a 62% increase in Mn2+(aq) oxidation within 6 hr of reaction. This study 

advances our understanding of natural Mn2+ oxidation processes and highlights unexpected 

impacts of reactive halogen radicals on redox activities with heavy metals and corresponding 

nanoscale solid mineral formation in brine. This work suggests a new, environmentally-friendly, 

and facile pathway for synthesizing MnO2 nanosheets.  
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1. Introduction 

Interdependent energy-water engineering systems inherently produce large volumes of briny water. 

To meet rapidly growing clean water demands, desalination processes are increasingly used, 

consistently generating highly concentrated brine efflux (1.5–2 times as salty as seawater) that are 

directly released into adjacent lakes, rivers, and near shore seawater.1, 2 In unconventional oil and 

gas recovery through hydraulic fracturing, large amounts of concentrated flowback brine (0.9–

4.17 M Cl−, and 9–20 mM Br−) can accumulate in the surface impoundment before further 

treatment.3 As examples, Marcellus and Fayetteville hydraulic fracturing flowback fluids contain 

about 160 g/L (4.5 M) of Cl− and 1.8 g/L (22.5 mM) of Br−.4 The contaminated surface water from 

the effluent disposal sites in Pennsylvania contain about 60 g/L (1.7 M) of Cl− and 40 mg/L (0.5 

mM) of Br−.4 These highly concentrated halides can be oxidized by the hydroxyl radicals (•OH) 

and triplet state dissolved organic matter to form abundant reactive halogen radicals (e.g., X•, X2
•−, 

XY•−, where X, Y= Cl, Br, or I).5 In seawater, which usually contains about 0.54 M Cl− and 0.8 

mM Br−, the concentrations of their corresponding halogen radicals, e.g., Br2
•− and ClBr•−, can be 

3–4 orders of magnitude higher than that of •OH.5, 6 

Studies thus far have focused on the effects of reactive halogen radicals on the degradation and 

transformation of organic pollutants, such as microcystins in estuarine water,7 and various 

pharmaceuticals and personal care products (PPCPs) in water treatment processes8. In particular, 

compared to fresh water, seawater increased the photodegradation kinetics of domoic acid (a 

cis−trans diene) because the generated reactive halogen radicals selectively targeted dienes.6 In 

addition, reactive halogen radicals can participate in natural oxidative reactions of mercury (Hg) 

in the atmosphere. A study conducted in Alaska reported that atmospheric elemental Hg was 

rapidly converted to reactive gaseous oxidized Hg species by reactive halogen radicals.9 However, 
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the roles of reactive halogen radicals in inorganic aqueous systems, such as redox reactions with 

heavy metal and transition metal ions, remain largely unknown.  

Manganese (Mn) oxidation by reactive halogen radicals under the environmental relevant 

conditions and the roles of reactive halogen radicals in the formation of Mn oxide minerals have 

never been reported. Mn oxide solids are excellent scavengers of redox-active species and heavy 

metals in nature, and they play significant roles in geochemical element redox cycling, carbon 

mineralization, and biological metabolisms.10-12 In nature, Mn oxide solids are known to be formed 

by oxidation of Mn2+(aq). In such processes, hitherto, O2
•− has been considered as the most 

effective radical accomplishing Mn oxidation in both biotic and abiotic systems.13-17 However, Mn 

oxidation by reactive halogen radicals in nature has not been considered fully. Laurence et. al 

(1973) suggested that Br2
•− and Cl2

•−, generated by short duration (< 0.1 second) flash photolysis 

of trihalide ions, oxidized Mn2+(aq) at an extremely low pH (~1), and Mn3+(aq) was proposed to 

form rather than Mn(IV) oxide solids.18 Nevertheless, Mn3+(aq) is not stable at circumneutral pH 

in the absence of a ligand,19 so it is unclear whether these reactions can occur under 

environmentally relevant pH conditions. Further, it is unknown whether reactive halogen radicals 

can facilitate the oxidation of Mn2+(aq) and form nanoscale Mn(IV) oxide solids as the final 

products for a longer light illumination time rather than within one second. 

Here, we show previously unknown effects of reactive halogen radicals on the oxidation of 

Mn2+(aq) and the fast kinetics of nanoscale Mn(IV) oxide solids formation. Reactive oxygen 

species (ROS), including O2
•− and •OH, were produced during the photolysis of solution containing 

nitrate.20  When halides were present in the solution, reactive halogen radicals can be generated by 

reactions between the halides and •OH, increasing the oxidation rate of Mn2+ and also increasing 

the rate and extent of Mn oxide nanosheets formation, compared with the rates of phenomena in 
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the absence of halides. More Mn2+ was oxidized by Br radicals (Br• and Br2
•−) generated from 1 

mM NaBr than by Cl radicals (Cl• and Cl2•−) generated from 500 mM NaCl. In addition, δ-MnO2 

nanosheets were formed by reactive halogen species. The crystallinity of the formed Mn oxide 

nanosheets was affected by the ionic strength. This newly discovered reaction mechanism between 

Mn2+(aq) and reactive halogen radicals under environmental relevant conditions can advance our 

understanding of nanoscale Mn oxide solids formation in the environment, and can help to predict 

its redox activities, such as scavenging and oxidation of heavy metals (As, Pb, and Cr) and 

geochemical elements (S, N, and P).  

2. Materials and methods 

2.1 Chemicals and materials 

All chemicals used in this study were at least American Chemical Society grade. Manganese 

chloride (MnCl2, 97%, anhydrous) was purchased from Beantown Chemical Co. (NH, USA). 

Crystal sodium nitrate (NaNO3, ≥ 99.0%) was obtained from Avantor Performance Materials, Inc. 

(PA, USA). Leucoberbelin blue I (LBB, 65%), potassium permanganate (KMnO4, > 99%), sodium 

sulfate (Na2SO4, ≥ 99%), Sodium bromide (NaBr, ≥ 99.99% ), superoxide dismutase bovine (SOD, 

> 90%), and 2-bromoacetophenone (BrAP, > 98%) were purchased from Sigma-Aldrich. Sodium 

hydroxide (NaOH, > 97%) and sodium chloride (NaCl, > 99%) were bought from VWR 

International LLC. Deionized (DI) water (resistivity ≥18.2 MΩ‧cm, Barnstead Ultrapure water 

systems) was used to prepare the solutions for all experiments. 0.2 μm polytetrafluoroethylene 

(PTFE) membrane was bought from VWR International, LLC.  
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2.2 Photo-oxidation experiments 

Photolytic experiments for Mn2+ oxidation were carried out in a 150 mL quartz reactor  under a 

450 W Xe-arc lamp (Newport 6279NS) equipped with a water optical filter to remove infrared 

light. The lamp provided stable light exposure with an irradiance intensity of ~3.7 kW/m2. The 

light spectrum of xenon arc lamp is shown in Fig. S1. Although the high irradiance intensity helped 

accelerate the reaction, the mechanism presented in this work is still representative of that under 

sunlight conditions. The effects of light intensity on the photolysis of nitrate and subsequent Mn2+ 

oxidation merit systematic future studies. Solutions of MnCl2, NaNO3, NaBr, NaCl, and SOD were 

exposed to the light for 6 hours. 

0.1 mM MnCl2 was used as the Mn source. The concentrations of dissolved Mn in natural 

waters can range from 10 μg/L to 10,000 μg/L (0.18 μM–0.18 mM).21-23 Mandernack et al. 

examined Mn oxide mineral formation under environmentally relevant Mn concentrations of 10 

μM–10 mM.24 The Mn2+ concentrations used in this study might be higher than those in natural 

surface waters, however, these results can be useful in understanding diverse geochemical 

situations. In addition, 1 mM NaNO3 was used in this study. According to a 2011 World Health 

Organization report on nitrate and nitrite in drinking water, in 1986, nitrate concentrations higher 

than 44 mg/L (0.71 mM) were detected in many surface water supplies.25 Nitrate concentration 

can reach high levels in industrial areas or from contamination by human or animal wastes. For 

example, nitrate concentration can easily come up to several hundred mg/L (several mM) due to 

agricultural activities.25 In addition, the ammonium in Marcellus and Fayetteville hydraulic 

fracturing flowback fluids can reach 420 mg/L (30 mM),4 and it can be further converted to nitrate. 

To study the effects of different reactive halogen radicals on Mn oxidation, 1 mM NaBr and 

500 mM NaCl were added either separately or together into a solution. These halide concentrations 
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represent a highly saline aqueous environment, including seawater and other water bodies with 

similar concentrations. Adding 500 mM NaCl into 1 mM NaBr greatly increased ionic strength 

(IS) of the solution. Thus, for better comparison the same IS was maintained between different 

experimental conditions. Although others have substituted sodium perchlorate (NaClO4) for NaCl 

to maintain the same IS and Na+ concentration in a solution,6 NaClO4 was not used in this study 

because it could oxidize Mn2+ during photolysis by forming O2
•−, even without nitrate (Fig. S2). 

Instead, Na2SO4 was used to control the IS. To scavenge O2
•−, 0.5 μM SOD was utilized. We did 

not consider another halide ion, such as iodine, in this study because of its low concentrations in 

seawater (450 to 500 nM)26 and in contaminated surface waters from the brine treatment disposal 

sites for hydraulic fracturing (e.g., in Pennsylvania hydraulic fracturing site, [I−] ≤ 7.9 μM, [Cl−] 

= 1.7 M, [Br−] = 0.5 mM )4.  

Based on the water quality criteria set by the U.S. Environmental Protection Agency (EPA), 

freshwater pH ranges from 6.5 to 9.27, 28 To mimic environmentally relevant conditions, in this 

study, the initial pH value was adjusted to 9.0 ± 0.1 using 10 mM NaOH and the pH decreased 

within 6 hours as the Mn oxide solids formed. To understand the pH of the reaction systems, the 

pH values were continuously monitored. No pH buffer was utilized to maintain the pH, because 

Mn3+(aq) forms strong complexation with pH buffers, such as pyrophosphate, EDTA, and citrate. 

29, 30 The presence of pyrophosphate also affected the crystalline structure, morphology, and 

oxidation kinetics of MnO2.29 In addition, carbonate ions were not used to control the pH because 

they can react with •OH and reactive halogen radicals to form carbonate radicals,31, 32 which would 

affect Mn2+(aq) oxidation processes. After 6 hr of reaction, the solution pH dropped to the range 

of 5–7, as shown in Fig. 2B and S2. As proved in our previous study, the pH drop was due mainly 

to the formation of Mn oxide solids rather than CO2 dissolution.17 As shown in Fig. 2A(5), during 
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the photolysis of 0.1 mM MnCl2, 1 mM NaNO3, and 0.5 μM SOD, O2
•− was scavenged by SOD, 

but •OH and dissolved CO2 from air were still present in the solution and could form carbonate 

radicals. However, no Mn oxidation was observed. Thus, we expect that the concentration of CO2 

from dissolution in air in 6 hr was not sufficient to play an important role in generating carbonate 

radicals to induce Mn oxidation. In addition, this CO2 dissolution process occurred under all 

experimental conditions and was offset when the results were compared. So the effect of carbonate 

radicals on Mn oxidation was not considered in this study. 

2.3 Quantification of formed nanoscale Mn oxide solids 

Concentrations of MnO2 were quantified by using 0.004 % (w/v) LBB as reported before.17, 33, 34 

LBB reduced the high oxidation states of Mn(IV) and (III) in Mn oxide solids to aqueous Mn2+, 

and then displayed a blue color (Fig. S3B). The intensity of oxidized LBB at 625 nm was 

proportional to the concentration of Mn oxide solids. For LBB analyses, different concentrations 

of KMnO4 solutions were used to obtain a linear calibration curve. In these measurements, LBB 

analyses cannot distinguish whether the detected oxidized Mn came from solid phase of Mn oxides 

or aqueous oxidized Mn. Thus, 0.2 μm PTFE membrane was used to filter out the formed Mn 

oxide solids and leave aqueous oxidized Mn in the solution. In this way, the existence of aqueous 

oxidized Mn can be quantified by measuring the solutions after membrane filtration. 

2.4 Phase characterization of Mn oxide solids 

Photochemically-assisted synthesized solid MnO2 products were collected by centrifugation at 

10,000 rpm for 30 min. To remove impurities from the liquid supernatant, the solid products were 

sequentially washed, resuspended in DI water, and centrifuged five times at 5,000 rpm for 5 min. 

The resulting solid products were dried at room temperature for further characterization.  
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To identify the mineral phase of Mn oxides samples, we used high-resolution X-ray diffraction 

(HRXRD, Bruker D8 Advance X-ray diffractometer with Cu Kα radiation (λ = 1.5418 Å)). 

Because of its low saturation index (SI) of -1.20 and solubility product constant (ksp) of 1.6×10-

13,35 Mn(OH)2 (s) was not expected to form under above experimental conditions. MINEQL+ 

Version 4.6 was used to calculate the saturation indices for typical Mn(III)/Mn(IV) oxides based 

on pH ranging from pH 9 to 6. Common Mn oxide minerals, for example, birnessite (δ-MnO2), 

pyrolusite (β-MnO2), hausmannite (Mn3O4), and manganite (MnOOH) have SI values of 9.48–

5.89, 11.54–7.95, 15.26–4.16, and 6.96–3.29, respectively, making them possible precipitates.  

Mn oxidation states in the Mn oxides samples were identified by X-ray photoelectron 

spectroscopy (XPS, PHI 5000 VersaProbe II, UlvacPHI with monochromatic Al Kα radiation 

(1486.6 eV)). The C 1s peak (284.8 eV) was employed as the reference peak. To determine the 

ratio of Mn(II), Mn(III) and Mn(IV), the Mn 2p3/2 spin orbit was fitted with Mn(II) (640.8eV), 

Mn(III) (641.8 eV) and Mn(IV) (642.2 eV) by the Gauss-Lorentz fitting method. Sources for the 

fitting reference values of Mn(II), Mn(III), and Mn(IV) are listed in Table S1. An environmental 

scanning electron microscope (ESEM, ThermoFisher Quattro S) with an energy dispersive X-ray 

spectrometer (EDX) was used to characterize the surface morphology and material composition. 

Mn oxides samples were placed on a silicon wafer and visualized at a 10 mm working distance 

with a 10 kV accelerating voltage.  

To characterize the crystalline phases and morphology of Mn oxide solids, high resolution 

transmission electron microscopy (HRTEM, JEOL-2100F) was used. The Mn oxide solids were 

well dispersed by sonication for about 15 min. Then a droplet of the suspension was placed on an 

ultrathin lacey carbon film coated-Cu grid (LC400-Cu-UL, Electron Microscopy Science, PA) for 

imaging. Lattice fringes and selective area electron diffraction images were obtained to identify 
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the phases of Mn oxide solids. To measure the height (thickness) of MnO2 nanosheets, tapping 

mode atomic force microscopy (AFM) using a Nanoscope V multimode scanning probe 

microscope (SPM, Veeco Inc., NY) in air was used. To measure the hydrodynamic diameter and 

zeta potential of Mn oxide nanosheets in solutions, a Zetasizer Nano (Malvern Nano ZS) was used. 

2.5  Alternative method to generate Br radicals 

Photolysis of BrAP was used in an alternative method to generate Br radicals using a solution of 

0.1 mM MnCl2, 1 mM BrAP, and 0.5 μM SOD under photolysis. Mn oxide concentration and pH 

were measured every minute. At least duplicate tests were conducted for each condition. 

3. Results and Discussion 

3.1 ROS Responsible for Mn2+ oxidation 

Fig. 1A shows the reaction pathways that generate nitrogen oxide radicals (NO• or NO2
•), oxide 

radical anion (O•−), O2
•−, and •OH during nitrate photolysis.20 Among these products, O2

•− and •OH 

are the most common and most strongly reactive oxidants. We recently proved that the production 

of ROS by nitrate photolysis can lead to fast oxidation of Mn2+ to nanoscale Mn oxide solids by 

O2
•−, even without organics or microorganisms.17 In the current study, we found that a solution 

containing 0.1 mM MnCl2 and 1 mM NaNO3
 at initial pH 9 changed solution color from 

transparent to yellowish (Fig. S3A). Using LBB analysis, about 13.4 ± 1.0 μM of Mn oxide solids 

(based on Mn(IV) oxidation state) were formed within 6 hr reaction, as shown in Fig. 2A(2). With 

0.5 μM of SOD, a O2
•− scavenger, no Mn oxidation was observed (Fig. 2A(5)), confirming that 

O2
•− radicals are majorly responsible for Mn oxidation, which is similar with biotic Mn oxidation 

by extracellular O2
•− radicals13-16. We have systematically proved •OH radicals have little 

contribution for Mn oxide formation in our previous study.33 An addition of tert-butyl alcohol, a 
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scavenger of •OH did not suppress Mn oxide formation and indeed increased the oxidation, 

supporting that Mn2+ is majorly oxidized by O2
•− rather than •OH.17, 33 While •OH radicals are 

powerful oxidants, they have a much shorter diffusion length and half-life (nanoseconds) 

compared with O2
•− (seconds).36, 37 These limitations may influence Mn2+ oxidation by •OH. When 

the pH became lower, slower Mn oxidation was observed. Mn oxidation was preferred at higher 

pH,38 and the decay of O2
•−  can be faster at lower pH values, inhibiting Mn oxidation.39   

3.2 Faster Mn2+ oxidation in the presence of bromide radicals 

Interestingly, in the presence of an additional 1 mM NaBr during nitrate photolysis, 62% more 

Mn2+(aq) was oxidized within 6 hr of reaction than that without NaBr (Fig. 2A(1)). Also, the pH 

of a solution of 0.1 mM MnCl2, 1 mM NaNO3, and 1 mM NaBr decreased to ~5.0 by 6 hr reaction 

(Fig. 2B), faster than that without NaBr (decreased to ~ pH 6.0), due to the facilitated generation 

of Mn oxide solids. Fig. 2A(3) shows that Mn oxide solids formed even in a solution of 0.1 mM 

MnCl2, 1 mM NaNO3, 1 mM NaBr, and 0.5 μM SOD, indicating that new oxidant species, rather 

than O2
•−, were oxidizing Mn2+(aq) to Mn oxide solids. We hypothesized that the additional Mn 

oxidation could be attributed to the Br radicals formed by the reactions between •OH and Br−. To 

test this hypothesis, Na2SO4 was substituted for NaBr. Mn oxidation was not detected in a solution 

of 0.1 mM MnCl2, 1 mM NaNO3, 1 mM Na2SO4, and 0.5 μM SOD (Fig. 2A(4)). Additionally, no 

Mn oxidation was observed in a solution of 0.1 mM MnCl2 and 1 mM NaBr during photolysis 

(Fig. S4A), indicating that NaBr cannot directly oxidize Mn2+ during photolysis. Thus, we 

concluded that the additional Mn oxide solids are formed by Br radicals generated from the series 

of reactions between NaBr and •OH (Fig. 1B). In the presence of Br radicals, 62% more Mn 

oxidation was observed than that without Br−, suggesting that abiotic Mn oxidation by reactive 

radicals makes a significant contribution in nature. Halogen radicals can transform to nonradical 
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halogen oxidants (e.g., hypohalous acid, HOX), as shown in Equations 1 and 2 below,5 which can 

then oxidize Mn2+ to Mn oxide solids.40  

X• + •OH →HOX                                                                                         (1) 

X2
•−  + •OH → HOX + X−                                                                                 (2) 

However, such nonradical oxidants are not the major loss pathways for halogen radicals.5 HOX 

can further react with O2
•− to form •OH and X−,41 and thus HOX is unlikely to be a major cause of 

Mn2+ oxidation.  

In addition to Mn oxide solid phase formation, we further explored whether reactive halogen 

radicals can oxidize Mn2+ to stable aqueous species, i.e., Mn(III)–halide complexation at 

circumneutral pH. Aqueous samples were taken every hour from a solution containing 0.1 mM 

MnCl2, 1 mM NaNO3, 1 mM NaBr, and 0.5 μM SOD. The samples were filtered through 0.2 μm 

polytetrafluoroethylene (PTFE) filters three times to remove all Mn oxide solids in the solution 

before measuring the Mn(III)–halide concentration. This filtration is necessary because the LBB 

method only detects the oxidized Mn concentration but cannot distinguish whether it is in the solid 

or aqueous phase. In the filtered solution (Fig. S4B), no oxidized aqueous Mn species was detected 

via the LBB method, which confirmed the absence of aqueous Mn(III) complex in the solution. 

The initial pH of the solution also affected the Mn oxidation rate (Fig. S5). Compared with an 

initial pH of 9, a slower Mn oxidation rate was observed at an initial pH of 6. 

3.3 Validation of Mn oxidation by Br radicals 

To further validate the finding that Mn2+ can be oxidized by reactive halogen radicals, BrAP was 

used to directly produce Br• by photolysis (Fig. 3),42 rather than generating it from the reaction 

between halides and •OH formed by nitrate photolysis. Because the generated Br• can rapidly react 

with OH− to form •OH, and further produce to O2
•− via chain reactions (Fig. 3A),6 the potentially 
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formed O2
•− was scavenged by adding SOD. Fig. 3B shows the results of 4 min of photolysis of a 

solution containing 0.1 mM MnCl2, 1 mM BrAP, and 0.5 μM SOD. About 3 μM Mn oxide solids 

(based on Mn(IV) oxidation state) were produced, and the solution pH dropped from 5.5 to 4.4, 

further proving that Mn2+ was indeed oxidized by reactive halogen radicals. Taken together, the 

above results clearly demonstrated that reactive halogen radicals can contribute significantly to the 

formation of Mn oxide solids from aqueous Mn2+.  

3.4 The different contributions of Cl and Br radicals to Mn2+ oxidation 

While •OH had little contribution to oxidizing Mn2+(aq) to Mn oxide solids, •OH can react with 

halide ions (Cl− or Br−) to form reactive halogen radicals that oxidize Mn2+(aq). As shown in Fig. 

1B, halide ions can be oxidized to monatomic radicals (Cl• or Br•) by •OH.43-45 In addition, diatomic 

radicals (Cl2
•−, Br2

•−, or ClBr•−) can be generated.43-45 To understand the effects of different halide 

ions contribution and different ion concentrations on Mn oxidation, we tested Mn oxidation using 

a solution containing 0.1 mM MnCl2, 1 mM NaNO3, 1 mM NaBr, or/and 500 mM NaCl. These 

NaBr and NaCl concentrations were chosen as a representative condition to study a highly saline 

aqueous environment. The IS of the solution was greatly changed in the solution containing 0.1 

mM MnCl2 and 1 mM NaNO3, and 500 mM of NaCl (IS ~500 mM), compared with that of a 

solution containing 0.1 mM MnCl2 and 1 mM NaNO3, and 1 mM NaBr (IS ~2 mM). As a result, 

Na2SO4 was added to maintain the same IS between different experimental conditions for better 

comparison. A high IS of 500 mM strongly hindered the Mn oxidation process. Only ~7 μM Mn2+ 

was oxidized by O2
•− after 6 hr reaction during the photolysis of a solution containing 0.1 mM 

MnCl2, 1 mM NaNO3, and 166.7 mM Na2SO4 (IS ~500 mM) (Fig. 4A(4)), which was only a half 

the Mn2+ oxidation amount in the solution without Na2SO4 at a lower IS (IS ~1 mM) (Fig. 2A(2)). 

Because the higher IS reduced the activity coefficient and the saturation index of precursors with 
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respect to forming Mn oxide solids, it provided a lower thermodynamic driving force for Mn oxide 

nucleation and could result in a slower formation kinetics.  

The contributions of Cl− and Br− to Mn oxidation differed due to their different concentrations 

in surface water and their efficacies in reactivity. Although NaBr had a 500-fold lower 

concentration than NaCl, at the same IS, more Mn2+ was oxidized by Br radicals generated from 

NaBr than by Cl radicals generated from NaCl, as seen in Fig. 4A (2 and 3). Most of the BrOH•−, 

the intermediate radical generated from the reaction between •OH and Br−, as shown in Fig. 1B, 

can further transform to other reactive halogen radicals, such as Br• and Br2
•−,5, 44, 46 oxidizing Mn2+. 

On the other hand, for Cl radicals, more than 99% of ClOH•− reverted to •OH and Cl− instead of 

forming Cl• and Cl2•−.5, 47-49 Thus, Cl radicals caused less Mn2+ oxidation.  

When 1 mM NaBr and 500 mM NaCl were dissolved together (Fig. 4A(1)), more Mn oxide 

formation was observed than that from adding 1 mM NaBr or 500 mM NaCl separately (Fig. 4A(2) 

or (3)) at the same IS. The higher oxidation of Mn2+ could result from the sum of Br and Cl radicals 

compared with single halide radicals. In addition, the promoted Mn oxide formation could result 

from the reaction product in the co-presence of Br− and Cl−. When Br− and Cl− co-existed, ClBr•− 

can be formed at a higher rate constant than the formation rates of Br• and Br2
•− from a Br− only 

system.5 Thus, we postulated that the coexistence of Br− and Cl− in our experimental system would 

generate ClBr•−, which can also oxidize Mn2+ to Mn oxide solids faster.  

3.5 Characterization of MnO2 solids formed by O2•− or/and Br radicals 

HRXRD was used to obtain the crystalline structure of Mn oxide formed by Br radicals, O2
•−, and 

Br radicals together with O2
•−, with the results shown in Fig. 5A. The 2θ XRD peaks at about 12.3°, 

24.7°, and 36.7° indicated that birnessite, δ-MnO2 (ICDD PDF-4 #00-043-1456), was formed in 

all three above conditions. δ-MnO2 produced by Br radicals was quite amorphous and less 
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crystalline than that formed by O2
•−. δ-MnO2 synthesized in the co-presence of Br radicals and 

O2
•− presented the highest crystallinity. HRTEM images (Fig. 5B) show a thin, nanosheet 

morphology, with the edge rolling up due to high surface tension. In Fig. 5C, crystalline lattices 

with d-spacings of 0.32 nm and 0.25 nm indicated the (002) and (110)/(200) planes of δ-MnO2, 

respectively. The (001) interlayer plane was observed with a 0.51 nm d-spacing, which was smaller 

than that calculated from XRD measurement (~0.7 nm), probably owing to the loss of interlayer 

water in the high vacuum environment of TEM.50 The selected area electron diffraction (SAED) 

patterns in the Fig. 5B inset were also consistent with the d-spacings of the (001), (002), and 

(110)/(200) planes, which further confirmed the formation of δ-MnO2. The AFM images shown 

in Fig. S6 were used to measure the height (thickness) of the MnO2 nanosheets. The lateral 

dimension of the MnO2 solids was about 1.5 μm and the thickness was 4–5 nm, values that 

confirmed its nanosheet morphology. Because a single layer of MnO2 is ∼0.7 nm thick in ambient 

pressure, a 4–5 nm thickness corresponds to 6–7 layers. The hydrodynamic diameters and zeta 

potential value of the Mn oxide solids were measured by electrophoretic mobility measurements 

to provide additional physicochemical information. The hydrodynamic diameter of MnO2 solids 

formed via 6 hr photolysis of a solution containing 0.1 mM MnCl2, 1 mM NaNO3, and 1 mM NaBr 

was 2540 ± 166 nm, which reflects the average lateral dimension sizes of MnO2 nanosheets. The 

formed MnO2 nanosheets had a negative zeta potential value of -18.9 ± 0.4 mV. The ESEM image 

shows a rough layered morphology, and EDX results suggest a slight percentage (0.2 %) of Na+ 

incorporation into the structure (Fig. S7). The XPS image in Fig. 5D suggested that formed Mn 

oxide solids mainly contained Mn(III) and Mn(IV), with a very small fraction of Mn(II). In general, 

Mn oxidation states did not show much practical difference between Mn oxide solids formed with 

and without NaBr. Slightly higher proportions of Mn(II) and Mn(III) were detected in δ-MnO2 
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produced in the presence of NaBr, resulting in a slightly lower Mn average oxidation state (3.67) 

in Fig. 5F than that in the absence of NaBr (3.73) in Fig. 5E. Please note that the Mn oxide solids 

generation results shown in Fig. 2A were calculated by the LBB method, which assumed that the 

Mn oxide solids consisted of only Mn(IV). Because the average oxidation state of Mn was lower 

than 4 in the XPS results, the actual concentrations of Mn oxide solids could be higher than the 

values in Fig. 2A.  

3.6 Effects of O2•− or/and reactive halogen radicals on Mn2+ oxidation and subsequent Mn 

oxide nanosheet formation 

To investigate the singular contributions of reactive halogen radicals (Cl and Br radicals) to Mn 

oxidation without O2
•−, SOD was added to scavenge O2

•− in the solution. As shown in Fig. 4A(6), 

without any halides, no Mn oxidation was observed during the photolysis of a solution containing 

0.1 mM MnCl2, 1 mM NaNO3, 166.7 mM Na2SO4, and 0.5 μM SOD, because neither reactive 

halogen radicals nor O2
•− were present to oxidize Mn2+. Substituting 1 mM NaBr and 500 mM 

NaCl for the 166.7 mM Na2SO4 caused the generation of reactive halogen radicals and Mn oxide 

solids formation (Fig. 4A(5)). Fig. 4B displays the Mn2+
 oxidation amounts after 6 hr reaction 

under different conditions at low or high IS: O2
•−, Br and/or Cl radicals, and O2

•− with Br and/or 

Cl radicals. At the same IS (the dashed box in Fig. 4B), the contribution of O2
•−, Br radicals, and 

Cl radicals to Mn oxide solids generation can be fairly compared. More Mn oxide nanosheets were 

formed during nitrate photolysis in the presence of additional halide ions. As seen in Fig. S8, for 

all experiments at about 500 mM IS, the solution pH changed with time, but all showed the same 

pH trend, decreasing from an initial pH 9.0 to pH 7.0–6.0 after 6 hr of photolysis. A slightly faster 

pH drop was observed with a larger amount of Mn oxide nanosheet formation.  
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In the coexistence of Cl and Br radicals, the HRXRD results in Fig. 6A(1) and (3) confirmed 

that Mn oxide had a higher crystallinity than that produced by Br radicals, as shown in Fig. 6A(2) 

and (4), respectively. This finding suggested that higher IS promoted the crystallization of Mn 

oxide, although slower kinetics for Mn2+ formation by Cl radicals together with Br radicals was 

observed than for Br radicals alone (navy blue vs. orange and black vs. blue in Fig. 4B). Based on 

XPS analysis, the average Mn oxidation states of Mn oxide produced by O2
•− and/or Br radicals 

was 3.68−3.73 (Fig. 5D–F) under low IS conditions (i.e., less than 2 mM), while they decreased 

to 3.57−3.63 (Fig. 6B) under high IS conditions (~500 mM) because of larger Mn(III) and smaller 

Mn(IV) portions. The insignificantly lower Mn oxidation states may result from charge 

compensation for more Na+ incorporation into the structure of Mn oxide nanosheets (3.4% of Na+, 

Fig. 6D) at high IS compared with that at low IS (0.2% of Na+, Fig. S7). The ESEM image in Fig. 

6C showed that Mn oxide samples presented rumpled and wrinkled surface morphology. Zhang et 

al. (2018) reported that intercalated Na+ tended to shift and coordinate with two unsaturated O 

from the MnO6 layer via strong electrostatic interactions rather than staying in between two MnO6 

layers to balance the interactions, resulting in unbalanced supporting interstitial distances between 

MnO6 layers and causing a rough surface.51   

4. Conclusions and environmental implications 

Here we show the hitherto unexplored oxidation of Mn2+ by reactive halogen radicals. Compared 

to the abiotic oxidation rate of Mn2+ without Br radicals, in the presence of Br radicals, the abiotic 

oxidation rate of Mn2+ to Mn oxide nanosheets was greatly facilitated, exhibiting a 62% increase 

within 6 hr. In the natural environment, NaBr had a much lower concentration than NaCl, however, 

at the same experimental IS, more Mn2+ was oxidized by Br radicals generated from 1 mM NaBr 

than by Cl radicals generated from 500 mM NaCl. δ-MnO2 nanosheets were formed by reactive 
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halogen species, and increasing the IS caused more highly crystalline Mn oxides to form. Although 

the pH, the concentrations of Mn2+, nitrate, and halides, and the intensity of light illumination 

obviously vary in different water bodies, this study provides a good starting point for 

understanding how halogen radicals are generated and affect Mn2+ oxidation processes. This work 

highlights the importance of underappreciated reactive halogen radicals in inorganic redox 

reactions in aqueous environmental systems. In nature, reactive halogen radicals can be produced 

via oxidation of halides by •OH, SO4
•−, or triplet state dissolved organic matter (3DOM*).5 The 

natural contribution of reactive halogen radicals to Mn2+ oxidation and MnO2 formation merit 

future systematic experiments. The redox reaction mechanism between reactive halogen radicals 

and Mn2+(aq) can be applicable to other redox-sensitive transition metal ions, such as Fe2+, As3+, 

and Cr3+. Furthermore, the results are also critically valuable to understanding aerosol reactions 

involving halides in the atmosphere. Halide ions are preferentially present at air-water interfaces 

rather than in bulk solution,52 where surface halide ions can actively react with •OH to generate 

halogen radicals.53 In the atmosphere, this behavior can amplify the effects of reactive halogen 

species on the oxidation of redox active metals, forming nanoscale mineral aerosols that can act as 

cloud condensation nuclei and affect the albedo. Moreover, compared with bulk MnO2 particles 

that do not have any nanoscale planes or structures, nanoscale MnO2 shows an improved catalytic 

performance for electrochemical oxygen reduction.54 This study suggests a novel, 

environmentally-friendly, and facile pathway for the synthesis of MnO2 nanosheets.  
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Figure 1. Schematics of the generation pathways of ROS and reactive halogen radicals, and Mn2+ 

oxidation pathways. (A) Chain reactions in the generation of O2
•− and •OH during nitrate photolysis. 

(B) Chain reactions in the generation of reactive halogen radicals. (C) Mn2+(aq) oxidation by O2
•− 

and reactive halogen radicals. 
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Figure 2. Oxidation of Mn2+(aq) to Mn oxide solids by O2
•− or/and Br radicals. (A) Oxidized Mn 

concentrations and (B) pH values during 6 hr of photolysis of solutions containing (1) 0.1 mM 

MnCl2, 1 mM NaNO3, and 1 mM NaBr; (2) 0.1 mM MnCl2 and 1 mM NaNO3; (3) 0.1 mM MnCl2, 

1 mM NaNO3, 1 mM NaBr, and 0.5 μM SOD; (4) 0.1 mM MnCl2, 1 mM NaNO3, 1 mM Na2SO4, 

and 0.5 μM SOD; and (5) 0.1 mM MnCl2, 1 mM NaNO3, and 0.5 μM SOD. Error bars represent 

standard errors of the data obtained from duplicate experiments.  
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Figure 3. Mn oxidation by Br radicals generated from photolysis of bromoacetophenone (BrAP). 

(A) Photolysis of BrAP can produce Br•, which can react with OH− to form •OH. O2
•− is potentially 

formed in the sequential reactions. (B) Oxidized Mn concentration and pH value during photolysis 

of solution containing 0.1 mM MnCl2, 1 mM BrAP, and 0.5 μM SOD. Error bars represent 

standard errors of the data obtained from duplicate experiments. 
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Figure 4. Comparison of the kinetics of Mn2+(aq) oxidation by O2
•− or/and reactive halogen 

radicals (Br or/and Cl radicals). (A) Mn oxide generation over 6 hr of photolysis reaction of 0.1 

mM MnCl2, 1 mM NaNO3 with different halide compositions at the same IS (~500 mM) 

without/with SOD. (1) 0.1 mM MnCl2, 1 mM NaNO3, 1 mM NaBr, and 500 mM NaCl; (2) 0.1 

mM MnCl2, 1 mM NaNO3, 1 mM NaBr, and 166.7 mM Na2SO4; (3) 0.1 mM MnCl2, 1 mM NaNO3, 

and 500 mM NaCl; (4) 0.1 mM MnCl2, 1 mM NaNO3, and 166.7 mM Na2SO4; (5) 0.1 mM MnCl2, 

1 mM NaNO3, 1 mM NaBr, 500 mM NaCl, and 0.5 μM SOD; and (6) 0.1 mM MnCl2, 1 mM 

NaNO3, 166.7 mM Na2SO4, and 0.5 μM SOD. (B) Summary of Mn2+ oxidation amounts of all 

conditions after 6 hr reaction. In the horizontal axis title, Br• stands for Br radicals (Br• and Br2
•−), 

Cl• stands for Cl radicals (Cl• and Cl2
•−), and Br• + Cl• stands for all Cl and Br radicals (Cl•, Br•, 

Cl2
•−, Br2

•−, and ClBr•−).  
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Figure 5. MnO2
 nanosheets formed by Br radicals. (A) δ-MnO2 formation measured by HRXRD 

under the conditions of 0.1 mM MnCl2, 1 mM NaNO3, and 1 mM NaBr (blue); 0.1 mM MnCl2 

and 1 mM NaNO3 (red); and 0.1 mM MnCl2, 1 mM NaNO3, 1 mM NaBr, and 0.5 μM SOD (black) 

after 6 hr of reaction. (B and C) HRTEM images of the synthesized Mn oxide nanosheets under 

the condition of 0.1 mM MnCl2, 1 mM NaNO3, and 1 mM NaBr. The SAED patterns in (B) 

confirmed the formation of δ-MnO2. (D-F) Average Mn oxidation states of the Mn 2p3/2 spectrum, 

calculated via Gaussian-Lorentzian fitting. Mn oxide solids were generated under the conditions 

listed in (A). At least duplicate tests were conducted for each condition. At least five different 

spots in the TEM grids were measured. 
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Figure 6. Comparison of O2
•− or/and reactive halogen radicals on the characteristics of newly 

formed Mn oxide solids. (A) Comparison of HRXRD spectra of Mn oxide solids formed under the 

conditions of (1) 0.1 mM MnCl2, 1 mM NaNO3, 1 mM NaBr, and 500 mM NaCl; (2) 0.1 mM 

MnCl2, 1 mM NaNO3, and 1 mM NaBr; (3) 0.1 mM MnCl2, 1 mM NaNO3, 1 mM NaBr, 500 mM 

NaCl, and 0.5 μM SOD; and (4) 0.1 mM MnCl2, 1 mM NaNO3, 1 mM NaBr and 0.5 μM SOD. (B) 

Average Mn oxidation state of Mn 2p3/2 spectrum calculated via Gaussian-Lorentzian fitting. Mn 

oxide solids were formed under the conditions of (1) and (3). (C and D) Images showing surface 

morphology and elemental composition of Mn oxide formed under the condition of (1). At least 

duplicate tests were conducted for each condition. At least five different spots were measured for 

SEM imaging. 


