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Abstract  

Despite the widespread presence of hydrogen peroxide in surface water and groundwater 

systems, little is known about the impact of environmental levels of H2O2 on the redox activity 

of minerals. Here we demonstrate that environmental concentrations of H2O2 can alter the 

reactivity of birnessite-type manganese oxide, an earth-abundant functional material, and 

decrease its oxidative activity in natural systems across a wide range of pH values (4-8). The 

H2O2-induced reductive dissolution generates Mn(II) that will re-bind to MnO2 surfaces, 

thereby affecting the surface charge of MnO2. Competition of  Bisphenol A (BPA), used as a 

target compound here, and Mn(II) to interact with reactive surface sites may cause suppression 

of the oxidative ability of MnO2. This suppressive effect becomes more effective in presence 

of oxyanions such as phosphate or silicate at concentrations comparable to those encountered 

in natural waters. Unlike nitrate, adsorption of phosphate or silicate onto birnessite increased in 

presence of Mn(II) added or generated through H2O2-induced reduction of MnO2. This suggests 

that naturally occurring anions and H2O2 may have synergetic effects on the reactivity of 

birnessite-type manganese oxide at a range of environmentally relevant H2O2 amounts. As 

layered structure manganese oxides play a key role in the global carbon cycle as well as 

pollutant dynamics, the impact of environmental levels of hydrogen peroxide (H2O2/MnO2 

molar ratio ≤ 0.3) should be considered in environmental fate and transport models.  

 

 

Keywords: birnessite; redox; hydrogen peroxide; oxyanion.  
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Introduction  

Layered structure manganese oxides (e.g. birnessite) are ubiquitous in a wide range of 

aquatic and terrestrial environments.1 The presence of exchangeable hydrated cations within 

the interlayers combined with a high content of vacancy sites and variable oxidation states of 

manganese make them powerful sorbents and oxidants.2,3 As a result, birnessite-type 

manganese oxides play a significant role in controlling the cycles of several key nutrients as 

well as the fate and mobility of inorganic and organic contaminants.4-9 Acid birnessite has been 

widely investigated because it is structurally similar to biogenic “natural” manganese oxides.10-

13 The birnessite reactivity is mainly affected by solution pH, surface properties and 

composition of MnO2 and structural characteristics of redox-active contaminants.4-6,12 It can 

also be influenced by the presence of naturally occurring compounds, e.g. cations, anions, 

natural organic matter and other redox-active compounds. Among the latter, hydrogen peroxide 

(H2O2) has an ambivalent redox activity and is commonly found in aquatic environments at 

concentration ranging from nM to µM.14-26 

In environmental systems, photodependent reactions mediated by natural organic matter 

and biological-mediated processes dominate H2O2 production.26 Sunlight-induced 

photochemical reactions mediated by organic ligands and/or biochemical metabolic processes 

can result in amounts of H2O2 up to 20 µM.14-18 Input from rainwater can reach up to 40 μM 

20,21, while hydrogen peroxide production has been often observed in irradiated seawater.19-21 

Light-independent generation of H2O2 has been recently reported in river sediments and in 

groundwater of an alluvial aquifer, which is likely to occur in transitional redox environments 

where reduced elements react with oxygen.22,23 For example, natural hydroquinones or 

hydroquinone moieties ubiquitously present in reduced organic matter can donate electrons to 

O2 to generate H2O2.24,25  H2O2 production through microbial mechanism has also been shown 

to enhance iodide oxidation and organo-iodine formation in soils and sediments.27All these 



ACCEPTED MANUSCRIPT
5 

 

studies suggested that H2O2 can be formed not only in oceanic and atmospheric systems but 

also in the subsurface environment. Finally, higher concentrations (up to 1 mM) have been 

reported in nuclear waste repository scenarios when ionizing radiation of groundwater adjacent 

to spent nuclear fuel result in H2O2 production.28  

Despite the catalyzed decomposition of hydrogen peroxide by MnO2 has been well 

investigated 29-31, knowledge is very limited on the effect of H2O2 on the reactivity of birnessite 

at environmental levels of H2O2. In engineering applications, metal oxides such as MnO2 are 

generally investigated for catalytic decomposition of H2O2 and then formation of reactive 

transient species using very high concentrations of hydrogen peroxide (H2O2) (≥ 0.5 mM). 29-31 

While these remediation studies aimed to eliminate pollution in contaminated systems, they 

overlooked the influence of H2O2 on the electron transfer heterogeneous reaction and then the 

oxidative activity of birnessite. In addition, little is known about the influence of H2O2 on the 

birnessite composition and interactions of redox products (e.g. Mn(II)) with MnO2 surfaces.   

In this study, we examine how H2O2 affects the reactivity of birnessite under 

environmentally relevant conditions. To monitor H2O2-induced changes in birnessite reactivity, 

we used Bisphenol A (BPA) as a model compound because it has a strong reactivity with the 

birnessite (δ-MnO2), with a well-documented underlying redox mechanism.32-35 Acid birnessite, 

a well-established laboratory synthesized analog of layered birnessite mineral, was chosen as a 

representative manganese dioxide mineral. The removal kinetics of BPA have been assessed in 

presence of variable amounts of H2O2 under a wide range of pH (4, 6.5 and 8) under aerobic 

and anaerobic conditions. Alteration of birnessite structure and composition was monitored 

using XRD and titration experiments under different conditions (H2O2/MnO2 molar ratio, 

dissolved Mn(II) amount and pH value). To check whether the impact of H2O2 can persist in 

natural waters, changes in birnessite reactivity were investigated in presence of commonly 

found anionic ligands such as phosphate, nitrate and silicate. We notably demonstrated that at 
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H2O2 concentrations as low as 10 µM or with H2O2/MnO2 molar ratio as low as 0.03, the 

reactivity of acid birnessite can be affected, which could alter biogeochemical cycles as well as 

pollutant dynamics. 

 

 

2. Materials and Methods 

2.1. Chemicals 

KMnO4 , HCl, NaCl, NaOH, HEPES, H2C2O4, H2SO4,hydroxylamine hydrochloride, H2O2, 

BPA, HNO3, terephthalic acid, 2-hydroxyterephthalic acid, Na2SiO3, NaNO3, NaH2PO4 and 

MnCl2were purchased from Sigma-Aldrich and were all AR grade. All chemicals were used as 

received without further purification. All solutions were prepared in ultrapure water obtained 

from a water purification system (Millipore, resistivity 18.2 MΩ cm). 

 

2.2. Synthesis and characterization of acid birnessite 

Acid birnessite was prepared following the procedure of McKenzie36, and Mn(III)-rich 

MnO2 was synthesized according to previous published methods.37,38 More details are provided 

in the Supporting Information (SI). The solid was characterized using X-ray powder diffraction 

(XRD) using the Bruker AXS D8 Advance diffractometer (θ-2θ Bragg-Brentano geometry) 

using monochromatized CuKα1 (1.54Å)  radiation over the range of 10º-100º 2θ at a step size 

of 0.02º. X-ray diffraction (XRD) confirmed that the only product of the synthesis was poorly-

crystalline hexagonal birnessite. The Brunauer−Emmett−Teller (BET) specific surface area of 

the synthetic birnessite measured by multipoint N2 adsorption was 60 ± 2.5 (SD) m2 g−1. The 

Average Oxidation State (AOS= 3.98 (±0.02)) of synthetic birnessite and (AOS= 3.65 (±0.02)) 

of Mn(III)-rich MnO2 were measured using the oxalic acid-permanganate back-titration method 

(more details are provided in SI). Scanning Electron Microscope (SEM; JEOL JSM-7100F) and 
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High-resolution Transmission Electron Microscope (HRTEM; JEOL 2100 LaB6) images 

showed a nanoflower-shaped birnessite consisting of nanoflakes aggregations (see Figure S1).  

2.3. Kinetics experiments and analyses 

Reactivity changes assessment were investigated as following: 100 mL aqueous suspension 

of acid birnessite (AB) corresponding to an initial concentration of 345 μM was first prepared 

and then an appropriate amount of stock solutions of H2O2, BPA, and/or Mn(II) were added to 

start the reaction at room temperature. Since the involved reactions can consume protons (see 

below), the pH was adjusted to the desired value and then kept constant throughout the reaction 

using a pH meter (Cyberscan 510, Thermo Scientific) by adding 0.1 M NaOH or HCl. The 

suspension was stirred with a speed of 350 rpm. 1 mL of aqueous sample was withdrawn at 

different time interval, filtered through 0.22 μm PTFE filter, and then analyzed. The same batch 

experiments were carried out in the presence of silicate or phosphate to evaluate the combined 

effects of anions and H2O2 on BPA oxidation. 

Potential generation of hydroxyl radical was monitored through the fluorescence emission 

spectrum of 2-hydroxyterephthalic acid (λex 320 nm, λem 425 nm) using a spectrofluorometer 

(Shimadzu RF-5301PC) (more information is given in the SI).  

The BPA concentration was determined by a high-performance liquid chromatography 

system (HPLC, Waters Alliance) equipped with a diode array detector (DAD). 

Chromatographic separation was performed using a Nucleodur 100-5 C18 column (150 × 4.6 

mm, 5 μm of particle size, Macherey Nagel). The detection wavelength of BPA was set at 277 

nm and the column temperature was kept at 30 °C. Methanol and water were mixed as the 

mobile phase under a gradient eluent mode, and the percentage of methanol changed with time 

was as follows: from 0 to 7 min was increased from 70 to 90% and kept constant up to 9 min. 

The flow rate was set at 0.8 mL min-1. The byproducts of BPA oxidation were identified using 

Ultraperformance Liquid Chromatography-tandem Mass Spectrometry (UPLC-MS/MS) 
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system. An electrospray interface was used for the MS measurements in positive ionisation 

mode and full scan acquisition.  

H2O2 concentration was determined using a spectrofluorometric detection as described in 

our previous work.39 Briefly, samples containing H2O2 were mixed with 4-hydroxyphenylacetic 

acid to form the stable 4-hydroxyphenyl acetic acid dimer in the presence of peroxidase (POD, 

Sigma-Aldrich). The 4-hydroxyphenylacetic acid dimer was quantified using a Cary Eclipse 

fluorescence spectrophotometer. The excitation wavelength was set at 320 nm and emission 

wavelength maximum was determined at 420 nm. Concentration was calculated using 

calibration curve obtained using different concentrations of H2O2.40 

Dissolved Mn(II) concentration in aqueous solution was determined by Atomic Absorption 

Spectroscopy (AAS, PerkinElmer). All the samples were first filtered using a PTFE 0.22 μm 

filter and then mixed with 2% nitric acid (HNO3, 65%, Sigma- Aldrich) prior for analyses.  

Dissolved Mn(II) standard solution for AAS (TraceCERT®, 1000 mg L-1 Mn(II) in 2% nitric 

acid, Sigma-Aldrich) was used for the calibration curve. The detection wavelength was set at 

279 nm and the AAS detection limit lied at 0.02 μM. Mn(Ⅱ) removal was calculated as the 

difference between the initial and final Mn(Ⅱ) solution concentrations. 

The impact of anions on reactivity changes was investigated as mentioned above, but with 

addition of the chosen anion with BPA or Mn(II) to the AB suspension. Silicate concentration 

was determined by the molybdenum-blue colorimetric method41 while phosphate and nitrate 

concentrations by ion chromatography.42 XRD was performed to determine the possible 

transformation of solids upon Mn(Ⅱ) sorption.  

Since Mn(II) oxidation by molecular oxygen may take place, particularly at alkaline pH 

values, we compared the removal kinetics under aerobic (open atmosphere) vs anaerobic 

conditions (glove box N2:H2 98:2). Prior for anoxic experiments, all solutions were sparged 

with nitrogen to remove oxygen. These preliminary tests showed that there is no effect of oxic 
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conditions on the BPA removal in presence of H2O2 or Mn(II). Great attention has also been 

paid to the pH adjustment in all experiments, since the involved reactions are sensitive to pH 

value (see below). All experiments were conducted in triplicates and the standard deviation was 

calculated for all experimental series, and given in the caption of each figure.  

 

3. Results and Discussion 

3.1 Effect of H2O2 on the oxidative ability of birnessite 

BPA removal was monitored in the presence of acid birnessite (AB) at different H2O2 

concentrations at pH 6.5 (Fig. 1). In the absence of H2O2, almost complete removal of BPA was 

observed after 24h of reaction time. Mass balance showed that the oxidation reaction was 

mainly involved in the removal of BPA in presence of MnO2, while adsorption was very low 

under our experimental conditions (i.e. less than 5% of initial BPA), which is consistent with 

previous investigations.6,32,33 Indeed, BPA containing two hydroxyphenyl functionalities is 

known to weakly interact with mineral surfaces, resulting in lower adsorption affinity to metal-

oxides.32 As previously reported, 6,33,43 binding to birnessite is followed by an electron transfer 

process resulting in the concomitant oxidation of sorbed compound and reduction of surface-

bound Mn(IV) to yield Mn(III) that can be further reduced to give Mn(II). 

MnIVO2 + BPA + 4 H+ → MnII + BPAox + 2 H2O                                                                     (Eq.1)  

Electron exchange of BPA with MnO2 form a radical, followed by a series of reactions 

including radical coupling, fragmentation, substitution and elimination to form multiple 

byproducts. 6,32,33 LC/MS analysis identified one predominant species of mass-to-charge ratio 

of m/z = 135 as the most dominant byproduct of BPA over the first reaction time (90 min), 

which likely corresponds to 4-hydroxycumyl alcohol according to previous investigations. 44 

In the presence of hydrogen peroxide, the oxidative removal of BPA gradually decreased 

with increasing in H2O2 concentration, and completely suppressed at higher dose of H2O2 (200 
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µM equivalent to a H2O2/MnO2 molar ratio ~ 0.6). In these experiments, the H2O2 

decomposition is relatively fast whatever the investigated pH, since complete decomposition of 

H2O2 was achieved after 15 min of reaction, even for the highest H2O2 dose (See Fig. S2 and 

S3). Monitoring of fluorescence emission spectra of suspensions using a terephthalate as a 

chemical probe indicated that no hydroxyl radical was generated under the experimental 

conditions of this study. Additional experiments using 1-propanol (1 mM) or t-butanol (1 mM) 

as hydroxyl-radical scavengers confirmed that the BPA removal is a no radical-based oxidation 

process regardless of the presence or absence of H2O2.  

The suppressive effect of H2O2 on the removal rate of BPA was then confirmed at two other 

pH values (4 and 8). The removal kinetics could not be properly described by simple equations 

that include classical exponential functions (e.g., first- or second- order model), probably due 

to the complexity of involved reactions in the investigated system. Instead, we calculated the 

initial rate constant (k, h-1) by linear regression of ln [BPA] /[BPA]o versus time over the first 

stage of reaction (see example in Fig. S4). The initial rate constants for all investigated H2O2 

amounts exhibited the same order, pH 4 > pH 6.5 > pH 8 (Fig. 2). In the absence of H2O2, k was 

decreased almost 20-fold when pH increased from 4 to 8. This suggests that acidic conditions 

favored BPA removal, a trend also observed for other organic compounds reacting with MnO2. 

33,34,45 We attribute this to variability in two pH-dependent factors: 1) speciation of BPA that 

affects binding to MnO2 surfaces and then oxidation (Fig. S5), and 2) redox-potential of MnO2 

that decreases when the pH increased from 4 to 8. 46 At relatively low pH, favorable electrostatic 

interactions between neutral BPA molecules and the negatively charged surface of MnO2 (PZC 

of MnO2 is ~ 2.3-2.9) may exist. On the other hand, reductive conversion of MnO2 into Mn(Ⅱ) 

is dependent on the amount of protons, which would result in increase in BPA removal rate 

when the pH decreases (Eq.1). In the presence of H2O2, the removal rate constants of BPA 

sharply decreased with increasing in H2O2 amount whatever the investigated pH value (Fig. 2).  
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As for BPA, it is previously reported that hydrogen peroxide can also reduce Mn(IV) to Mn(III) 

and then Mn(II) as follows 47,48 :  

MnIVO2 + H2O2 + 2 H+ → MnII + O2 + 2 H2O                                                                     (Eq.2)  

To check this possibility under our experimental conditions, the reductive dissolution of MnO2 

in presence of various amounts of H2O2 was monitored at three pH values (Fig. 3). In both Eq.1 

and Eq.2, protons are directly involved in the oxidation of BPA as well as the reductive 

dissolution of MnO2. In the absence of H2O2, dissolved Mn(II) was only detected at pH 4, while 

it was below the detection limit at pH 6.5 or 8. Increasing H2O2 concentration from 50 µM to 

200 µM enhanced the amount of dissolved Mn(II), at the three investigated pH values. At each 

pH value, the amount of dissolved Mn(II) increased first, reached a maximum and then 

decreased. This two-step behavior is consistent with the H2O2 decomposition over time, where 

the complete decomposition of H2O2 observed after approximately 15 min of reaction time 

coincides with the peak observed for dissolved Mn(II) generation (Fig. S3). This behavior also 

suggests that the production of Mn(II) via H2O2-induced reduction of MnO2 is faster than the 

Mn(II) adsorption onto birnessite. Once the added H2O2 is fully decomposed, the generated 

dissolved Mn(II) will in turn sorb onto MnO2 surfaces.  

Because higher pH implies more Mn(Ⅱ) binding49-51, greater amounts of Mn(II) were observed 

at low pH values (Fig. 3). When a further addition of H2O2 is made after total decomposition of 

the initial amount (e.g. after 15 min at pH 4), the amount of generated Mn(II) increased again 

and reached almost twice the first measured amount within approximately 15 min. This suggests 

that the reductive dissolution of MnO2 by H2O2 is a fast process, as compared to the reaction 

between MnO2 and BPA.  

 

To check whether Eq.1 and Eq.2 may occur simultaneously during the heterogeneous 

reactions with MnO2, we compare the standard potential of involved reactions at the working 
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pH range. MnO2 has standard (reduction) potential varying from 0.99 to 0.76 V when the pH 

rises from 4 to 8 for MnO2 + 4 H+ + 2 e-  → MnII + 2 H2O. This value is higher than the standard 

oxidation potential of O2/H2O2 (O2 + 2 H+ + 2e- →H2O2  0.68 V vs. NHE) or of BPA which 

varies between 0.75 V and 0.52 V in the pH range 4-8.52-54 Since the latter redox couples have 

comparable oxidation potential, reactions (Eq.1) and (Eq.2) could simultaneously take place. 

Assuming that these reactions obey pseudo-first order kinetic equation because MnO2 is 

considered in excess, the reaction rate depends on the concentration of reactants (i.e. H2O2 or 

BPA). When the H2O2 amount increases, the reaction 2 should become much faster than the 

reaction 1. This was experimentally shown in Figures 1 and 3 and Figure S2, where both 

reactions Eq.1 and Eq.2 occurred simultaneously until complete inhibition of Eq.1 at the highest 

H2O2 amount (200 µM). Though H2O2 was full decomposed after 15 min of reaction time (Fig. 

S2), the suppressive effect on the birnessite reactivity was still observed over 24 h of reaction 

time (Fig. 1). This was confirmed by carrying out sequentially the reactions (Eq.2) and (Eq.1). 

Indeed, suppression of BPA removal capacity was also observed when MnO2 and H2O2 were 

allowed to react first (i.e. pre-equilibration step of 30 min) until total decomposition of H2O2 

before addition of BPA (Fig. S6). Therefore, the H2O2-mediated reduction of MnO2 (Eq.2) 

considerably affects the surface reactivity of birnessite and its ability to remove BPA. This 

reductive dissolution generates Mn(II) ions which will in turn bind to MnO2 surfaces and then 

be oxidized into higher valence Mn:   

MnII + MnO2 → MnII/MnIII - MnO2                         (Eq.3)  

This oxidation reaction may be made possible by the residual H2O2 and/or generated O2 

(through Eq.2), which is pH-dependent. The contribution of O2 from ambient air is excluded 

since reactivity assessment tests investigated under aerobic vs anaerobic conditions showed 

similar behavior in term of BPA removal. 

It is worth noting that strong aggregation of MnO2 particles and then fast sedimentation was 
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observed upon addition of H2O2. This phenomenon can be ascribed to charge neutralization (i.e. 

surface charge switch from negative to positive) upon Mn(II) ions binding to negatively charged 

MnO2 surfaces, as previously reported.55 Furthermore, disproportionation/comproportionation 

reaction (Eq.4) may occur within the MnO2, i.e. MnII exchanges electrons with Mn(IV) to form 

two Mn(III) centers and, conversely, two Mn(III) centers can disproportionate to form Mn(II) 

and Mn(IV) centers12,32,35,51,56: 

MnII + MnIV
   ↔    2MnIII                            (Eq.4)  

Since this reaction is pH-dependent, we have measured the average oxidation state (AOS) 

of birnessite over the whole investigated pH range (4-8). The AOS of samples reacted with BPA 

(25 µM) alone only slightly decreased from 3.98 to 3.90 (±0.02). However, partial reduction of 

MnO2 upon addition of 200 µM of H2O2 dropped down the AOS to 3.74 (±0.04) at pH 4 and 

6.5, and 3.61 (±0.04) at pH 8. This decrease suggests that percentages of Mn(III) or Mn(Ⅱ) or 

both are relatively higher at the end of reaction with respect to the initial sample. The formation 

of Mn(III) was further confirmed by the detection of Mn(III)-pyrophosphate complex at 480 

nm, Mn(III) being stabilized through ligand-binding complexes.57The effect of H2O2 on the 

structure of birnessite will be discussed in the following section.  

Collectively, these results suggest that the H2O2 induced reduction of MnO2 is an effective 

process, and the fast generation of Mn(II) is key for suppressed oxidative capacity of MnO2 

towards BPA. To confirm the impact of Mn(II) on the reactivity of MnO2, BPA removal kinetics 

were investigated in Mn(Ⅱ)-amended birnessite suspensions in the following section.   

 

3.2. Effects of Mn(Ⅱ) on the removal capacity of MnO2  

The initial rate constants of BPA removal sharply decreased with increasing in dissolved 

Mn(II) amount at pH 4 and 6.5, while at pH 8 it increased first between 0 and 10 µM but later 

decreased with increasing in initial Mn(Ⅱ) amount (Fig. 5). It is previously reported that the 
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adsorption of cations such as Ca(Ⅱ) or Mg(Ⅱ) may change the surface charge from negative to 

positive by exchange of H+ on the MnO2 surface.58,59 Similarly, the Mn(Ⅱ) adsorption should 

lead to a decrease in the negative surface charge, thereby altering the binding capacity of MnO2. 

When the Mn(II) amount further increases, we speculate a competition between BPA and Mn(Ⅱ) 

to bind at reactive sites of MnO2 during the first kinetic phase, as recently observed for 

quinolones.43 

As for H2O2, dissolved Mn(Ⅱ) displayed suppressive effects on the removal rate of BPA and 

the rate constants over the whole Mn(Ⅱ) concentration range (10 - 100µM) exhibited the same 

order, pH 4 > pH 6.5 > pH 8 (Fig. 5). In addition to the comproportionation reaction that is pH-

dependent, the decrease in the oxidative ability of MnO2 in the presence of dissolved Mn(Ⅱ) 

may result from competition of compound and Mn(Ⅱ) to interact with reactive surface sites. 

The strong binding of Mn(Ⅱ) to MnO2 surfaces suggests competition of  BPA and Mn(Ⅱ) for 

surface sites, which is pH dependent.33,45 Adsorption tests showed that 100 µM of Mn(Ⅱ) were 

completely removed at both pH 6.5 and 8 (i.e. dissolved Mn(II) was below the detection limit), 

while 70 % of the added Mn(II) was removed at pH 4. 

To check the affinity of birnessite for Mn(II) binding, sorption isotherms were 

determined at three pH values (4, 6.5 and 8) under aerobic conditions (Fig. S7). It should be 

noted that Mn(II) removal under oxic conditions is expected to be higher than under anoxic 

conditions, especially at alkaline pH values, which has been attributed to surface-catalyzed 

oxidation of Mn(II) by molecular oxygen.49,50 Here, only aerobic conditions were tested, since 

the aim of these sorption isotherms is to assess the Mn(II) affinity under oxidizing conditions 

imposed by the presence of H2O2. As expected, Mn(Ⅱ) binding to MnO2 surfaces increased with 

pH increasing. Sorption isotherms showed different shape depending on pH value across the 

Mn(Ⅱ) concentration range. At pH 4 a typical L-shape with a plateau was observed, while the 

removal amount continuously increased with Mn(Ⅱ) concentration at higher pH values. This 
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high binding of Mn(II) at high pH value could cause Mn(III) enrichment in MnO2 surfaces. 

49,50Some studies have shown that at high Mn(II)/Mn(IV) ratio and pH > 7.5, dissolved Mn(II) 

can interact with hexagonal birnessite and then transfer electron to lattice Mn(IV) producing 

Mn(III).49,50 The buildup of Mn(III) will induce changes in mineral structure and composition 

by converting birnessite into lower-valence Mn phases. XRD analysis conducted on samples 

reacted with 100 µM of dissolved Mn(II) (Mn(II)/MnO2 molar ratio = 0.3) showed no notable 

transformation of MnO2 over the investigated pH range (Fig. 4). However, titration experiments 

showed that addition of 100 µM of dissolved Mn(Ⅱ) dropped down the AOS of MnO2 from 

3.98 to 3.60 (±0.05) at pH 4 and 6.5, and 3.50 (±0.05) at pH 8, suggesting more Mn(III) or 

Mn(Ⅱ) at the end of reaction with respect to the initial sample. A recent work showed that 

birnessite transformation into triclinic birnessite and/or 4 × 4 tunneled Mn oxide may occur at 

low Mn(II)/MnO2 ratios (0.09 and 0.13), while secondary phases such as MnOOH and Mn3O4 

can be generated at high Mn(II)/MnO2 ratios (0.5 and 1). 60In our XRD patterns, broad bands 

(hump) have appeared between 12° and 22° and between 25° and 35° in the samples reacted 

with Mn(II) (Mn(II)/MnO2 molar ratio = 0.3) or H2O2 (H2O2/MnO2 molar ratio = 0.6), 

suggesting changes in the structure or ordering of the birnessite mineral sheets (Fig. 4). We also 

observed these broad bands in the XRD pattern of synthetic Mn(III)-rich birnessite sample (see 

Fig. 4). This is consistent with previous studies, which suggested that MnIII formation can be 

made in edge-sharing complexes on MnO2 edge sites or around vacancy sites in octahedral 

layers of MnO2.5 In addition, a small peak near 20° only present in the patterns of samples 

reacted at pH 8 would suggest the presence of feitknechtite (β-MnOOH), as previously 

reported.49  

 

3.3. Synergistic effects of anions and H2O2 on the oxidative activity of MnO2  

To check whether the suppression of reactivity at environmental relevant concentrations 
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of H2O2 can persist in presence of naturally occurring compounds, the initial rate constants k 

(h-1) of BPA removal were determined at pH 6.5 in presence of silicate, nitrate and phosphate, 

commonly found in natural systems (Fig. 6). At 0 µM of H2O2, the presence of 100 µM of 

anions did not significantly influence the removal rate of BPA, probably because of weaker 

interactions of these anionic ligands with MnO2 surfaces under the experimental conditions of 

this study (pH 6.5, 100 µM of anion, 345 µM of MnO2). However, significant decrease in kinetic 

rate constants was observed in presence of silicate and phosphate when H2O2 was added in the 

reaction medium (H2O2/MnO2 molar ratio between 0.03 and 0.3), while no impact on the 

reactivity was observed in presence of nitrate (Fig. 6). These results can be explained if the 

Mn(II) generated through H2O2-induced reduction of MnO2 renders the MnO2 surfaces more 

able to bind anionic ligands, thereby altering the surface reactivity towards BPA.   

It was previously reported that unlike nitrate, silicate or phosphate may interact with 

MnO2 through hydrogen bonding or formation of outer-sphere complexes with surface 

hydroxyl groups of MnO2.59-62  On the other hand, previous studies reported that the presence 

of dissolved silicate may decrease the oxidation rate constants of MnO2 toward chlorinated 

compounds.63,64 They have attributed the decrease in MnO2 reactivity to the surface-bound 

silicate but none of them have provided adsorption data of silicate onto MnO2. In the present 

work, we showed that silicate or phosphate has a very low affinity to the negatively charged 

MnO2 surfaces under our experimental conditions, but the presence of 100 µM of Mn(II) 

significantly enhanced their adsorption amounts onto MnO2 (Fig. S8). This increased 

adsorption might be due to the changes in both the surface charge of MnO2 and the solution 

speciation of anionic ligands in the presence of divalent cations such as Mn(II). Indeed, the 

ligand speciation may be modified, since different coordination modes of aqueous complexes 

of phosphate with Mn(Ⅱ) ions have been previously reported.65 However, no precipitation is 

possible under our experimental conditions due to the low degree of saturation, resulting from 
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the very low aqueous concentration of ligand and complete removal of dissolved Mn(II) by 

adsorption (log Ks Mn(Ⅱ)/phosphate = - 27.07).66 Furthermore, Mn(Ⅱ) binding should lead to 

a decrease in the negative surface charge, thereby enhancing ability to bind anions through 

electrostatic interactions.55,58,59  Therefore, the MnO2-bound Mn(II) system could adsorb more 

effectively anions such as phosphate or silicate through cation bridging, as recently reported for 

humic acid.55 This surface-Mn(Ⅱ)-ligand ternary complex may act as a barrier to electron 

transfer between BPA and Mn(IV) sites, thereby altering reactivity of MnO2 surfaces.  

It should be noted that the decomposition of H2O2 (200 µM) was found to be similar in 

presence or absence of silicate or phosphate (100 µM) (Fig. S9). Previous works have 

investigated the catalytic activity of manganese oxides for hydrogen peroxide decomposition 

and generation of reactive oxygen species in the context of environmental remediation 

studies.29-31 Despite silicate adsorption on MnO2 surfaces was found negligible, there was an 

inhibition effect on the H2O2 decomposition rate over the investigated silicate concentration 

range (0 to 1.5 mM).  30,67 Although these works have used different experimental conditions 

(e.g. much higher concentration of ligands or H2O2), and different MnO2 types, the present 

findings call for in-depth consideration of the combined/synergistic effects that the cations and 

anions co-presents in the reaction medium may have on the MnO2 reactivity. Overall, these 

findings suggest that Mn(II) generation through H2O2-mediated reduction may alter both 

adsorption and redox transformation of environmental compounds.  

 

4.  Conclusions 

Photochemical and dark production of H2O2 make it ubiquitous not only in oceanic and 

atmospheric systems but also in the subsurface environment. Here, we have notably 

demonstrated that environmental levels of hydrogen peroxide can induce reductive dissolution 

of MnO2 into Mn(II), thereby affecting the surface reactivity of MnO2. As the H2O2 
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decomposition is a fast process, the generated dissolved Mn(II) binds to MnO2 surfaces, altering 

further interactions with co-existing organic compounds. This may result from competition of 

organic compound and Mn(II) to interact with reactive surface sites and/or aqueous 

complexation with Mn(II). The presence of silicate or phosphate at concentrations comparable 

to those encountered in natural waters further decreased the reactivity of MnO2 in presence of 

H2O2. Birnessite-bound Mn(II) adsorbed more effectively anionic ligands such as phosphate or 

silicate and thus reducing interactions with  BPA at a range of environmentally relevant pH 

values. These findings suggest that naturally occurring anions and H2O2 may have synergetic 

effects on the reactivity of nanostructured birnessite-type manganese oxide. As manganese 

oxides can break down high molecular weight humic substances into lower molecular weight 

organic molecules and/or stabilize dissolved organic carbon, these findings call for in-depth 

consideration of the impacts of environmental levels of H2O2 and co-exiting anions on the 

global carbon cycle. Furthermore, the widespread presence of H2O2 in surface and ground water 

systems and associated impacts on the redox-active minerals should be considered in 

contaminant fate and transport assessment.  
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Figure 1. Effect of H2O2 concentration on the BPA removal at pH 6.5 at room temperature. 

Experimental conditions: [AB] = 345 µM, [BPA] = 25 µM. H2O2/MnO2 ratio = 0 - 0.6. The 

relative experimental error lied at 5 % for BPA. 
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Figure 2. Removal rate constants (h-1) of BPA as a function of H2O2 dose at three pH values (4, 

6.5 and 8). Experimental conditions: [AB] = 345 µM, [BPA] = 25 µM, [H2O2] = 0 - 200 µM. 

H2O2/MnO2 ratio = 0 - 0.6, room temperature. The relative experimental error lied at 5 %. 
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Figure 3. Mn(II) formation under different H2O2 concentrations and pH 4.0, 6.5 and 8.0. 

Experimental conditions: [AB] = 345 µM and [BPA] = 25 µM. H2O2/MnO2 ratio = 0 - 0.6, room 

temperature. The relative experimental error lied at 7 % for Mn(II).  
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Figure 4. XRD patterns of birnessite before and after reaction in the presence of H2O2 or Mn(Ⅱ) 

(two pH values, 24 h of reaction time), and of Mn(III) rich Birnessite. The black dashed lines 

indicate the peaks of acid birnessite, while the red dashed lines indicate broad bands appeared 

in reacted samples. Experimental conditions: [AB] = 345 µM and [BPA] = 25 µM. H2O2/MnO2 

ratio = 0.6. Mn(II)/MnO2 ratio = 0.3. The solid was characterized using X-ray powder 

diffraction (XRD) with a Bruker AXS D8 Advance diffractometer (θ−2θ Bragg−Brentano 

geometry) using monochromated Cu Kα1 (1.54Å) radiation. 
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Figure 5. Removal rate constants (h-1) of BPA as a function of Mn(II) concentration at three pH 

values (4, 6.5 and 8). Experimental conditions: [AB] = 345 µM, [BPA] = 25 µM, [Mn(II)] = 0 

- 100 µM, room temperature. The relative experimental error lied at 5 %. 
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Figure 6. Removal rate constants (h-1) of BPA as a function of H2O2 dose in absence or presence 

of silicate (Si), nitrate (N) or phosphate (P): Experimental conditions: pH 6.5, [AB] = 345 µM, 

[BPA] = 25 µM.; [Na2SiO3] = 100 μM; [NaNO3] = 100 μM; [NaH2PO4] = 100 μM. H2O2/MnO2 

ratio = 0 - 0.3, room temperature. The relative experimental error lied at 5 %. 

 

 




