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ABSTRACT 1 

MnO2 nanoparticles, similar to those found in soils and sediments, have been 2 

characterized via their UV-visible and Raman spectra, combined with dynamic light scattering 3 

and reactivity measurements. Synthetic colloids were prepared by thiosulphate reduction of 4 

permanganate, their sizes controlled with adsorbates acting as capping agents: bicarbonate, 5 

phosphate, and pyrophosphate. Biogenic colloids, products of the manganese oxidase, Mnx, were 6 

similarly characterized. The bandgap energies of the colloids were found to increase with 7 

decreasing hydrodynamic diameter, Dh, and were proportional to 1/Dh
2, as predicted from 8 

quantum confinement theory. The intensity ratio of the two prominent Mn−O stretching Raman 9 

bands also varied with particle size, consistent with the ratio of edge to bulk Mn atoms. 10 

Reactivity of the synthetic colloids toward reduction by Mn2+, in the presence of pyrophosphate 11 

to trap the Mn3+ product, was proportional to the surface to volume ratio, but showed surprising 12 

complexity. There was also a remnant unreactive fraction, likely attributable to Mn(III)-induced 13 

surface passivation. The bandgap was similar for biogenic and synthetic colloids of similar size, 14 

but decreased when the enzyme solution contained pyrophosphate, which traps the intermediate 15 

Mn(III) and slows MnO2 growth. The bandgap/size correlation was used to analyze the growth of 16 

the enzymatically produced MnO2 oxides. 17 

INTRODUCTION 18 

Redox cycling of manganese is a key geochemical process in the environment.1 Under 19 

aerobic conditions, Mn(IV) is the stable form and, in nature, occurs in a variety of Mn oxide 20 

minerals, which are typically composed of Mn(IV) with small amounts of Mn(III). Such 21 

Mn(III,IV) oxides are ubiquitous in soils and sediments.2 In the absence of oxygen, anaerobic 22 

bacteria are capable of using MnO2 as an electron sink to support their metabolism,3-7 producing 23 
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aquo-Mn2+, which is stable. Mn(II) can be oxidized to insoluble Mn(III,IV) oxides through both 24 

abiotic and biotic processes in the environment. However, abiotic manganese oxidation is much 25 

slower than biological oxidation, which is carried out by a variety of different bacteria and 26 

fungi.8-18 Some bacteria oxidize Mn(II) indirectly through the production of superoxide radical 27 

(O2
-), which oxidizes Mn(II) to Mn(III), subsequently forming MnO2 by an as yet unknown 28 

mechanism.19-22 Other bacteria use peroxides to oxidize Mn(II) via calcium-binding animal heme 29 

peroxidases (AHP),23,24 but many others utilize O2 directly via multicopper oxidases 30 

(MCOs).25,26 Microbial oxidation of Mn2+ is the likely origin of most MnO2 in the environment.14 31 

Consequently, the mechanisms of biogenic MnO2 formation and maturation are of considerable 32 

interest. Previous studies have involved whole organisms or fragments that support the reaction, 33 

and interpretation has been uncertain because of the complexity of the molecular interactions in 34 

these systems. Isolation of the responsible enzymes has proven difficult, although genomic 35 

analyses implicate MCOs in a number of bacteria.25-33 One of these, MnxG, has now been 36 

expressed recombinantly, together with accessory proteins MnxE and MnxF as a multimeric 37 

complex.34,35 The mechanism of this enzyme has been shown to exploit the polynuclear 38 

chemistry of manganese, in the oxidation states II, III, and IV, in order to overcome barriers to 39 

electron transfer, and to nucleate MnO2 nanoparticles.36,37 40 

Biogenic MnO2, similar to birnessite-like minerals—layered manganese oxides prevalent 41 

in nature—is nanoparticulate (20−100 nm) and contains thin (3−5 nm) stacks of sheets composed 42 

of edge-sharing MnO6 octahedra, albeit with many Mn vacancies.17,38-44 Upon ageing, these 43 

particles undergo structural and redox transformation into more crystalline Mn oxides of various 44 

mineral phases depending on conditions such as dissolved Mn(II) concentration, pH, temperature 45 

and medium: a 10 Å phyllomanganate at low Mn(II) concentrations;41 feitknechtite at high 46 
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Mn(II) concentrations;41 triclinic birnessite in seawater (high Ca2+ concentrations);42 and 47 

todorokite in uranium-rich solutions.45 Other studies have observed evolution of the Mn oxide 48 

from poorly crystalline initial products to more crystalline phyllomanganate or triclinic 49 

birnessite.20,46,47  50 

Their disordered structure, nanoscale morphology, and high surface area make biogenic 51 

MnO2 nanoparticles particularly reactive toward sorption or oxidation of transition metals and 52 

other elements.13,48 The high abundance of vacancies and structural defects contributes to their 53 

oxidative capacity,49,50 giving them the ability to oxidize a variety of organic compounds, 54 

including humic substances.51 Consequently, biogenic oxides are good candidates for clean water 55 

technologies for treating organic and inorganic pollutants. Additionally, there is interest in 56 

exploiting them as catalysts in photoelectrochemical water splitting52-59 and in energy storage 57 

systems.60-65 As with many metal oxides, the properties and potential applications of MnO2, 58 

including bacterial MnO2—from water oxidation to toxic metal sequestration—are influenced 59 

strongly by the particle size, which, in turn, determines the surface area and the density of highly 60 

reactive surface and edge sites.66-70 61 

In this study, we use UV-visible (UV-vis) absorption spectroscopy, dynamic light 62 

scattering (DLS), Raman spectroscopy, and reduction kinetics to characterize synthetic MnO2 63 

preparations of varying particle size, and compare them with the Mnx-produced MnO2 64 

nanoparticles. The established database of spectroscopic information from the synthetic analogs 65 

can be used to evaluate the mechanism of biogenic manganese oxide growth and predict their 66 

potential environmental impact.  67 

  68 
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METHODS 69 

MnO2 synthesis. All chemicals were purchased from Sigma-Aldrich and were used without 70 

further purification. Solutions were prepared using Milli-Q deionized water. Manganese(II,III) 71 

oxide (Mn3O4) and manganese(III) oxide (Mn2O3) were purchased from Sigma-Aldrich. Solid 72 

phase birnessite was synthesized following the McKenzie method, by reduction of boiling 73 

KMnO4 with 2 mole equivalent of concentrated HCl.71 MnO2 colloids were synthesized by the 74 

stoichiometric reduction of KMnO4 with sodium thiosulfate (Na2S2O3), following the method of 75 

Perez-Benito.72,73 0.5 mL of 0.1 M KMnO4 was added to ~40 mL of water. Under gentle stirring, 76 

0.5 mL of 39 mM Na2S2O3 solution was added dropwise. The reaction proceeded according to 77 

the stoichiometry:72 78 

8MnO4¯ + 3S2O3
2¯ +2H+ → 8MnO2 + 6SO4

2¯ + H2O. 79 

Color change from purple to deep dark-brown was observed, indicating the formation of 80 

colloidal MnO2. Water was added to dilute the solution to 50 mL, giving a final Mn 81 

concentration of 1 mM.  The capping agents sodium phosphate (Na3PO4), sodium bicarbonate 82 

(NaHCO3), or sodium pyrophosphate (Na4P2O7, abbreviated thereafter as PP) were added as 5 83 

mM solutions. The pH values of the resulting samples were 6.8, 7.4 and 7.2, respectively, and 84 

was 6.5 in the absence of capping agents. The brown transparent MnO2 stock solutions were 85 

stored in the dark and were found to be stable for several months; no coagulation and settling 86 

occurred. Two sets of colloids were synthesized at different times. Both sets were characterized 87 

by UV-vis and DLS. One set, denoted as (1), was used to record Raman data. The other set (2) 88 

was used for reactivity measurements. The Mn(III) content of the colloids was less than 2.5% of 89 

the total Mn, as estimated69 by incubation in the dark with 25 mM PP, and measurement of the 90 

254 nm absorbance, characteristic of Mn(III) pyrophosphate complexes (ε = 6562 M-1cm-1). 91 
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For reactivity measurements, MnO2 colloids were centrifuged at 8000 rpm for 5 min 92 

using Amicon Ultra 0.5 mL centrifugal filters (MWCO=30 kDa), then washed with deionized 93 

water, and centrifuged again, repeating these steps three times to remove reagents and capping 94 

ligands left from the synthesis. These steps did not alter the colloidal nature of MnO2 95 

preparations, resulting in essentially the same UV-vis absorption spectra (compare the spectrum 96 

of MnO2 prepared without capping ligands in Figure 1A and Figure 5A). Biogenic MnO2 was 97 

prepared using the Mn oxidase complex, Mnx, from Bacillus sp. strain PL-12, expressed and 98 

purified as described previously.34,74 Mnx enzyme (50 nM Mnx in 10 mM HEPES buffer, 99 

pH=7.8) catalyzed oxidation of 1 mM manganese(II) chloride tetrahydrate (MnCl2·4H2O) in the 100 

presence of 0.5 mM PP, added to stabilize the MnO2 colloidal product from coagulation and 101 

precipitation. To obtain stable colloids of bio-oxides at higher concentrations for Raman studies 102 

without pyrophosphate, a higher concentration of Mnx enzyme (~20 μM) was required to 103 

catalyze the oxidation reaction.  104 

Spectroscopic measurements. UV-vis absorption spectra and reactivity assays (190−1000 nm 105 

spectral range) were monitored with an Agilent (Santa Clara, CA, USA) 8453 UV-vis 106 

spectrophotometer, using a thermostatable multicell configuration with automated kinetic scan 107 

capability and 10 mm path length cuvettes. The samples were stirred continuously with a 108 

Spinette magnetic stirrer (Starna Cells, Atascadero, CA, USA). For reactivity measurements, the 109 

washed colloids were resuspended in 10 mM sodium phosphate buffer (NaPi), pH=7.8, to yield a 110 

concentration of ~50 μM in a 1 mL assay. 400 μM PP was added, and the reaction was initiated 111 

by addition of 50 μM manganese sulfate (MnSO4), see Supporting Information (SI).  112 

Raman spectra were obtained with excitation between 407–752 nm from an Ar+ laser 113 

(Stabilite 2017, Spectra-Physics) and a Kr+ laser (2080-RS, Spectra-Physics). Scattered light was 114 
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collected and focused onto a triple spectrograph (Spex 1877) equipped with a liquid nitrogen-115 

cooled CCD detector (model 7375-0001, Roper Scientific) operating at −110 °C. The laser 116 

power measured at the sample was 15 mW. With this power, no photodecomposition or phase 117 

transformation of the samples was observed. Spectral acquisition times were typically 10 min. 118 

Raman spectra of colloids were obtained via backscattering geometry at room temperature in 119 

spinning NMR tubes, while spectra of solid oxides were collected from pressed pellets mounted 120 

on a copper multiple sample holder. For normalization of solid samples, the 982 cm–1 band from 121 

an MnSO4 pellet was used as an external standard. Spectra of the standard were collected by a 122 

horizontal translation of the sample holder to ensure experimental conditions were unchanged. 123 

Spectra were calibrated with dimethyl formamide, and vibrational bands were fit with a mixed 124 

Gaussian-Lorentzian line shape using the GRAMS/AI software (version 7.0) from Galactic 125 

Industries.  126 

The hydrodynamic particle sizes of MnO2 colloids were evaluated by DLS with a 127 

Zetasizer Nano Series instrument (Malvern Instruments, Westborough, MA, USA), equipped 128 

with a He-Ne laser (λ=633 nm) and operated at a scattering angle of 173°. Samples were 129 

examined after filtering 1 mM MnO2 solutions through a 0.2 μm acetate filter into 1 cm 130 

disposable plastic cuvettes. Measurements were carried out at 22°C. A medium viscosity of 131 

0.954 mPa⋅s and a medium refractive index of 1.330 were set. The real and imaginary parts of 132 

the refractive index for MnO2 were set to 2.475 and 0.0176, respectively. Details of the DLS 133 

experiment to measure growth of enzymatically produced MnO2 are given in the SI. 134 

  135 
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RESULTS AND DISCUSSION 136 

1. Synthetic MnO2 Nanoparticles: Size−Band Gap Energy Correlation. 137 

Stable MnO2 colloids were prepared by reducing 1 mM KMnO4 with Na2S2O3.72,73 Consistent 138 

with previous reports,77-80 the MnO2 colloids have broad UV-vis absorption bands between 250 139 

and 700 nm, and a subsidiary peak at 210 nm (Figure 1A). The bands arise from ligand-to-metal 140 

charge transfer (LMCT) transitions, with some Mn-3d→Mn-3d character: Density Functional 141 

Theory (DFT) calculations on MnO2
81,82 identified spin-dependent mixing between Mn-3d and 142 

O-2p states, though the valence band has a dominant O-2p contribution, while Mn-3d states are 143 

dominant in the conduction band.  144 

1.1. Preparation of MnO2 of different sizes. The main absorption band of MnO2 shifts to higher 145 

energy when anionic adsorbents are present during colloid preparation (Figure 1A, and Figures 146 

S1 and S2A). MnO2 has an isoelectric pH of 2.8,83,84 so its surface charge is negative at near 147 

neutral pH. While the oxyanions are also negatively charged, they are capable of adsorbing via 148 

H-bonding to surface hydroxyl groups,85 capping the particle surface and thereby limiting further 149 

growth of the nanoparticles.86 The magnitude of the energy shift is in the order 150 

bicarbonate<phosphate<pyrophosphate. This is the order of expected adsorption strength: 151 

bicarbonate is a weaker base than phosphate, which is in turn weaker than pyrophosphate. The 152 

extent of shift also increases with increasing adsorbent concentration, consistent with a previous 153 

observation of MnO2 synthesis in the presence of phosphate.86 As the shift increases, the 154 

absorptivity decreases; its value in the absence of capping agents is 104 M-1cm-1 (Table S1 and 155 

Figure S3). These spectroscopic changes are as expected from the quantum confinement effect in 156 

nanoparticles,87-92 and have been noted before for various MnO2 preparations,77,86,93-95 though 157 

without any systematic quantification. In our MnO2 set, particle sizes, estimated by DLS as 158 
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volume profiles of hydrodynamic diameters (Figures 1B and S2B), reveal that the diameters 159 

increase with increasing wavelength of the absorption bands (Table S1), consistent with quantum 160 

confinement as the determinant of the electronic energy. Because the oxyanion capping agents 161 

interact indirectly with MnO2, via H-bonds,85 they are unlikely themselves to perturb the 162 

electronic energies, and indeed the quantum confinement model adequately describes the size 163 

dependence of the spectra (section 1.3). 164 

 165 
Figure 1. (A) UV-vis absorption spectra of 1 mM colloidal MnO2 in water, prepared by reduction of 166 
KMnO4 with Na2S2O3 at room temperature, with indicated amounts of capping agents: bicarbonate, 167 
phosphate, pyrophosphate, or no additive (black line). Inset: Estimation of direct band gap energies from 168 
Tauc plot analysis for selected colloidal preparations. (B) DLS-measured hydrodynamic diameter of 169 
MnO2 colloids. 170 

1.2. Estimation of MnO2 band gap energies. The UV-vis absorption spectra were used to 171 

estimate optical band gaps, Eg, using Tauc’s method,96 in which the absorption coefficient, α, 172 

(obtained from α = 2.3A/d, where A is the measured absorbance and d is the path length of the 173 

cuvette) is plotted as a function of photon energy, hν, according to: 174 

αhν ~ (hν – Eg)n,              (1) 175 

where n is the transition coefficient, which takes values ½ or 2, for direct and indirect allowed 176 

transitions. Vacancy-free hexagonal birnessite would have an indirect bandgap (the minimum 177 

energy of the conduction band and the maximum energy of the valence band occurring at 178 
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different values of the electron wavevector).81 However, defect sites—vacancies and edge sites, 179 

which are numerous in all synthetic and natural birnessites investigated experimentally to date—180 

distort the lattice and introduce a direct band gap, leading to more efficient light absorption.81,97 181 

Colloids are rich in defects, and the large molar absorptivity (~104) is consistent with a direct 182 

bandgap. We therefore used n=½ in the Tauc plots. The graph (αhν)2 versus the photon energy 183 

has a linear region, which can be extrapolated to the abscissa to yield the bandgap energy (Figure 184 

1A, inset). (The deviation from linearity at energies below the band gap, termed the “Urbach 185 

Tail”, is due to localized states from material defects.98) The energies obtained this way are 186 

collected in Table S1. We also explored simpler ways to derive band gap energies from the UV-187 

vis absorption spectra (Figure S4), and found that the energy at which the absorbance is half the 188 

maximum absorbance (λhalf) corresponds closely to the Tauc-derived band gap energy (Table S2 189 

and Figure S5). 190 

1.3. Quantum confinement in MnO2 particles. When examined quantitatively, the band-gap 191 

energies were found to increase linearly with 1/Dh
2, where Dh is the hydrodynamic diameter 192 

from DLS (Figure 2A). The inverse square dependence is as predicted for quantum confinement 193 

in nanoparticles and observed in many different systems,88 including colloidal gold 194 

nanoparticles,99 CdS,100 Cu2O,101 ZnO,102 and α-FeOOH103. Quantum confinement describes the 195 

optical band-gap size dependence of MnO2 even though its light absorption is mainly due to 196 

distortions of the sheet structure coming from vacancies and surface sites81,97. Following Brus,104 197 

𝐸g = 𝐸gbulk + ℏ2𝜋2

2𝑅2
� 1
𝑚e
∗ + 1

𝑚h
∗ � − 1.8𝑒2

4𝜋𝜀𝜀0𝑅
                (2) 198 

Eg is the band-gap energy of a nanoparticle with radius R, 𝐸gbulk is the band-gap energy of the 199 

bulk semiconductor, 𝑚e
∗  and 𝑚h

∗  are the electron and hole effective masses, ε is the dielectric 200 

constant of the semiconductor, and ε0 is the vacuum permittivity. The + term represents the 201 
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quantum confinement energies for the electron-hole pair, while the – term represents the 202 

electron-hole Coulomb interaction, which, for small particles, is small relative to the quantum 203 

confinement term. From the intercept, 𝐸gbulk = 2.73 eV, in excellent agreement with the values 204 

reported for birnessite-type MnO2 thin films.105,106 The slope of the 1/Dh
2 plot yields μeff~1.1mo, 205 

(mo is the free electron mass) for the reduced effective mass of the exciton in MnO2. This value 206 

is comparable to those reported for other transition metal oxide semiconductors.107,108 With the 207 

established linear correlation, the UV-vis absorption spectroscopy provides a convenient way to 208 

estimate the size of MnO2 particles. 209 

 210 
Figure 2. (A) Dependence of the band gap energy of MnO2 colloids on nanoparticle size in the form of 211 
Brus equation (red line is a linear fit; the Mnx-MnO2+PP point in red was excluded from the fit, vide 212 
infra).109 (B) Dependence of the intensity ratios of Mn–O stretching Raman bands, ν1 and ν2, of colloids 213 
of different sizes (from subset (1) in Table S1) on nanoparticle sheet length (red line is a linear fit). 214 

2. Synthetic MnO2 Nanoparticles: Size-Dependent Raman Spectra. 215 

We investigated Raman spectroscopy as a means of characterizing MnO2 colloids (Figure S6). A 216 

number of Raman spectra have been reported for MnO2, with somewhat inconsistent results. 217 

Solid MnO2 is a black material that efficiently absorbs light and yields weak Raman signals. 218 

Turning up the laser power to overcome this difficulty can lead to photo-reduction to a variety of 219 

lower-valent Mn oxides, with different Raman spectra.110-113 Using low laser power, we were 220 
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able to obtain powder spectra without photoproduct interference (Figure 3), which agree with 221 

previously published Raman spectra of layered birnessite-type materials.114-116 Colloid solutions 222 

gave the same spectrum, albeit with altered relative intensities. 223 

 224 
Figure 3. 568 nm-excited Raman spectra of solid-phase layered birnessite MnO2, and Mn3O4 and Mn2O3 225 
oxides, possible decomposition products of layered MnO2 under the laser light. Top lines are Raman 226 
spectra of colloidal MnO2 samples at 1 mM concentrations in H2O (black) and D2O (red). Inset shows two 227 
MnO6 octahedral sheets, with ν1 and ν2 vibration stretching frequencies of layered-type hexagonal 228 
birnessite. The birnessite structure was visualized with VESTA 3,117 using synthetic potassium birnessite 229 
crystal structure from Gaillot et al.118 230 

Julien et al.114 assigned the pair of strong bands at 575  and 650 cm-1 to Mn−O stretching 231 

vibrations within sheets of the MnO6 octahedra (ν2), and perpendicular to the sheets, along the 232 



 

11 
 

interlayer direction (ν1) (Figure 3, inset); ν1 can also be described as the totally symmetric stretch 233 

of the linked MnO6 octahedra.115 The frequency of the ν1 band is sensitive to the interlayer 234 

distance, resulting from hydrated cation substitutions between the layers.114,115 The position of 235 

the ν2 band was also found to be sensitive to the size of interlayer cation, shifting to the opposite 236 

direction relative to the ν1 band.114,115 We observed a 3 cm-1 downshift of ν1, while the ν2 band 237 

remained unchanged, when the colloid was prepared in D2O (Figure 3), an effect we attribute to 238 

H/D substitution at protonated O atoms bound terminally at sheet edges (see below).  239 

When we recorded the spectra of MnO2 colloids with different capping agents (Figure 240 

4A), a systematic variation in the relative intensities of ν1 and ν2 became apparent. The ν1/ν2 241 

intensity ratio increased for stronger capping agents, correlating with smaller particle size.  242 

 243 
Figure 4. (A) Raman spectra of the synthetic MnO2 colloids measured at 527 nm with 20 mW laser 244 
power at the sample and averaged for 20 min. The raw spectra were ν2-normalized and smoothed (11 245 
points). (B) ν2-normalized Raman spectra of synthetic colloidal MnO2 in water prepared without capping 246 
ligand (black line; the same as in (A)) and colloidal bio-MnO2 produced by 50 nM Mnx in the assay 247 
without capping ligand (blue line) and in the presence of pyrophosphate (green line). 248 

Since MnO2 particles have sheet geometries,119,120 the DLS-derived hydrodynamic diameter is 249 

approximated as the diameter of a hypothetical sphere represented by the nanosheets. Lotya et 250 

al.121 demonstrated that the mean sheet length for such particles is given by: 251 

𝐿 = (0.07 ± 0.03)𝐷𝐼
(1.5±0.15)                (3) 252 
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where DI is the DLS-measured peak position of intensity size distribution (Table S1). 253 

Intriguingly, the ν1/ν2 intensity ratio correlates linearly with 1/L (Figure 2B). A particle size 254 

dependence is unexpected for assignment to vibrational modes intrinsic to the MnO2 sheets.114 255 

Moreover, the D2O/H2O shift observed for the ν1 band requires exchangeable protons, which 256 

occur on the terminal OH groups of edge sites. We propose that the Mn−OH stretching mode 257 

associated with edge sites happens to be coincident with the out-of-plane sheet mode, ν1, whose 258 

apparent relative intensity therefore increases with decreasing particle size.  259 

A 1/L dependence is expected for the particle edge-to-volume ratio. For a stack of c 260 

square sheets of length L, there are 4 edges per sheet, of total extent 4Lc, while the volume is 261 

L2c. The ratio is then 4/L.  If “ν1” is a composite band, the Raman intensity should be the sum of 262 

the superposed edge mode, νe, and the out-of-plane sheet mode, ν1. The former should be 263 

proportional to the number of edge Mn atoms, e, while the latter, being intrinsic to the bulk of 264 

the particle, should be proportional to the total number of Mn atoms, n. For the in-plane sheet 265 

mode, ν2, the intensity should also be proportional to n. The intensity ratio should then be: 266 

I1/I2 = (j1n + jee)/j2n = j1/j2 +( je/j2)(e/n) ; (e/n) = 4/L            (4) 267 

where the j1, j2, and je are molar scattering factors for ν1, ν2, and νe. The 1/L plot (Figure 2B) 268 

gives j1/j2 as the intercept (0.72), and 4je/j2 as the slope (0.82). If the sheets are indeed square, 269 

then je/j2 = 0.2, a plausible value. All the modes involve Mn−O bond stretching and should have 270 

comparable polarizabilities, with allowance for some cancellation or reinforcement, depending 271 

on the eigenvectors of the modes. Thus, the Raman intensity ratio of the two prominent Mn−O 272 

stretching bands varies with particle size in a manner consistent with a superposition of internal 273 

sheet and edge site scattering. We note that a similar trend in the two main Raman band 274 
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intensities was observed as a function of size of a cation incorporated between the layers under 275 

low potential in thin-film MnO2 electrodes in different electrolytes.115 276 

3. Size-Dependent Reactivity of Synthetic MnO2 Nanoparticles. 277 

We assessed the size-dependent reactivity of the synthetic MnO2 colloids with Mn(II), which 278 

reduces Mn(IV) to Mn(III).41,73,122,123 In the presence of PP as a trapping agent for Mn(III),124 the 279 

reaction can be monitored via the decrease in MnO2 absorbance, and the concomitant rise of the 280 

260 nm band due to Mn(III)PP (Figure 5A and Figure S7). Colloidal MnO2 does not precipitate 281 

during the reaction: no visible precipitates and no significant absorbance increase above 700 nm 282 

from nanoparticle scattering could be seen. 283 

284 
Figure 5. (A) Evolution of the UV-vis absorption spectra after addition of 50 μM MnSO4 to ~50 μM 285 
synthetic MnO2 colloids (λmax = 355 nm) in 10 mM NaPi buffer, pH 7.8, in the presence of 400 μM PP, 286 
added to trap Mn(III) product (260 nm band). Inset shows concentration time profiles for Mn(III)PP 287 
(black points) and MnO2 (blue points), obtained after absorption spectral data were converted to 288 
concentrations (see Method and SI for details), and fitted to a double-exponential function (red lines). The 289 
optimized parameters from the fit are indicated, together with the residual from the fit (green line). (B) 290 
1/Dh dependence of τ1 (blue points) and τ2 (red points) obtained from fitting the MnO2 reactivity data with 291 
a double-exponential function in Figure 5A and Figures S8 and expressed as rates. 292 
 293 
The clear isosbestic point, maintained during the reaction, reveals a simple two-component 294 

mixture. Despite this evidence for a clean conversion of the reactants, Mn(II) and MnO2, to the 295 

product, Mn(III)PP (Figure 5A), the kinetics are unexpectedly complex, with a fast phase,  <30 s 296 
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(the mixing time), followed by two slower phases, ~0.1 h, ~0.5 h, and a substantial amount of 297 

unreactive phase (~50% of the initial MnO2). Adsorption of Mn(II) on MnO2 is rapid at pH 5 (<1 298 

sec),125 and would be even faster at pH 7.8 because a proton is released in the process. (Although 299 

the capping agents could in principle retard Mn(II) adsorption, displacement of these ionically 300 

held oxyanions should be rapid, and, in any event, they were largely removed by washing and 301 

centrifugation, prior to the reactivity measurements.) Thus, Mn(II) adsorption is not rate-limiting 302 

on our time scale. After the initial phase, the time course of MnO2 reduction, and of Mn(III)PP 303 

growth, can be fit to two successive exponentials (Figure 5A, inset). However, even at 2.5 h, 304 

about half of the MnO2 remains unreacted, indicating a large refractory fraction. Reaction rates 305 

were determined for the colloids prepared with capping agents (Figure S8), and also for different 306 

concentrations of Mn(II) and of MnO2 (Figure S9). The obtained rates show a clear correlation 307 

with MnO2 particle size (Figure 5B) for both of the measured phases, following a 1/Dh 308 

dependence. Thus, reactivity is dependent on the surface/volume ratio. Recent studies of metal 309 

ion adsorption on birnessite have demonstrated the dominance of surface (edge) sites,67,126-129 310 

and previous dissolution kinetics of manganese oxides indicated largely oxide surface 311 

processes.130 Nevertheless, the intercepts (rates for infinite size) are non-zero, suggesting that 312 

interlayer sites also contribute to reactivity. No doubt the change in bandgap with particle size 313 

also contributes to reactivity, since the Mn(IV) reduction potential should increase with 314 

increasing band gap. This effect would contribute to the slope of the 1/Dh dependence. 315 

The unreactive phase is likely due to some Mn(III) escaping the PP trapping agent and 316 

remaining in the particles. It might migrate to vacancy sites and transform the lattice to a less 317 

reactive structure, like the hexagonal-orthogonal transformation observed by Zhao et al.131 for δ-318 

MnO2 upon reaction with Mn(II). Lowered MnO2 reactivity was also noted during continued 319 
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oxidation of fulvic acid as the accumulating Mn(III) entered interlayer and vacancy sites.132 320 

Alternatively, the Mn(III) might form a surface precipitate of MnOOH or Mn3O4, inhibiting 321 

further reaction, similar to the FeOOH and MnFe2O4 phases formed during  reaction of MnO2 322 

with Fe(II) that also slows with time,133 or to the Zn(II)-Mn(III) phases when Zn(II) sorption on 323 

birnessite was investigated in the presence of Mn(II).134 Likewise Wang et al.128 observed a loss 324 

in reactivity with time of δ-MnO2 samples toward Co(II) oxidation, perhaps due to Co(III) and 325 

Mn(III) oxides. MnO2 surface passivation due to formed Mn(II)/Mn(III) phases was also invoked 326 

to account for loss in MnO2 reactivity during arsenic oxidation.135,136 Surface passivation seems 327 

the likelier explanation for our results, since the fraction of Mn(III) remaining in the particles 328 

must be small, in view of the nearly stoichiometric ratio of Mn(III)PP accumulating in solution 329 

to the MnO2 consumed. Even though the detailed mechanism of the reaction and the nature of 330 

the unreactive phase warrant further investigation (see SI for further elaboration on the 331 

mechanism), the findings clearly demonstrate that while particle size determines reactivity, a 332 

substantial fraction of the MnO2 becomes unreactive as Mn(III) accumulates. 333 

4. Characterization of Enzymatically Produced MnO2. In the environment, manganese oxides 334 

are thought to be primarily derived through microbial processes. These biogenic Mn oxides are 335 

mainly nanocrystalline phyllomanganates with hexagonal sheet symmetry, similar to synthetic δ-336 

MnO2 or hexagonal birnessite, with an Mn oxidation state between 3.7 and 4.0.17,20,38-42,137 Thus, 337 

the established correlation for synthetic MnO2 particles might be used to characterize the 338 

enzymatically produced MnO2 particles.  339 

4.1 Band gap energy and Raman spectra of Mnx-produced MnO2. In our previous studies 340 

during Mn(II) oxidation by the bacterial enzyme complex Mnx to form MnO2 nanoparticles,36  341 

we found that as the MnO2 absorption band grows, it shifts steadily to longer wavelengths (red-342 
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shift), consistent with increasing nanoparticle size as well as particle concentration. At the end of 343 

the enzymatic reaction, the MnO2 band position was essentially the same as that of synthetic 344 

colloid prepared without a capping agent (Figure 6A).  345 

 346 

Figure 6. (A) Normalized UV-vis absorption spectra of synthetic colloidal MnO2 in water prepared 347 
without capping ligand (gray line) and colloidal bio-MnO2 produced by 50 nM Mnx in the assay without 348 
(blue line) and in the presence of pyrophosphate (green line). (B) Evolution of MnO2 nanoparticle sizes 349 
formed during oxidation of 100 μM MnSO4 catalyzed by 50 nM Mnx in HEPES buffer (pH=7.8) as 350 
measured by DLS at specified times. 351 

DLS profiles, taken as a function of time during Mnx-catalyzed oxidation of Mn(II), capture the 352 

continuous growth of the MnO2 particles (Figure 6B). This growth coincides with MnO2 353 

accumulation36 (Figure 7), confirming that the nanoparticles increase in size as well as number as 354 

the reaction proceeds. At the end of the reaction, the Mnx-produced colloids had a 50% larger 355 

average diameter than the uncapped synthetic one (~54 nm vs 32 nm), despite having nearly the 356 

same band gap (Table S1 and Figure S11). 357 

When pyrophosphate is present in the Mnx assay (to trap Mn(III) intermediate in the 358 

enzymatic studies37), the resulting MnO2 has a red-shifted absorption maximum (370 nm, Figure 359 

6A) and a still larger average diameter (~60 nm) with a broadened distribution—an effect that 360 

was also observed when birnessite-like material was obtained via photochemically assisted 361 
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superoxide oxidation of Mn(II) in the presence of increasing amount of PP.95 The band-gap 362 

energy is anomalously low for the biogenic MnO2 when PP is present, falling off the quantum 363 

confinement plot in Figure 2A. We speculate that the biogenic colloid has a higher defect density 364 

than the synthetic colloids, the resulting sheet distortion lowering the excitation energy.  365 

Raman spectra of Mnx-produced MnO2 have bands similar to those of birnessite and 366 

synthetic MnO2, confirming earlier findings that Mnx produces birnessite-like layered MnO2 367 

minerals (Figure 4B). The ν2 band due to Mn−O vibrations along the chains of the MnO6 368 

octahedra is the same as in the synthetic colloids. However, the biogenic colloids show narrowed 369 

ν1 peaks, which have higher wavenumber than the synthetic colloids (646 cm-1 vs 640 cm-1). 370 

Because the final particles are large, 50−60 nm, the 640 cm-1 edge mode, νe, is expected to be 371 

relatively weak, and we infer that the out-of-plane sheet mode, ν1, is shifted away from it, 372 

narrowing as a result. Nevertheless, the ν1/ν2 intensity ratios fall on the size correlation 373 

determined for the synthetic colloids (Figure 2B and Table S1). 374 

4.2. Particle growth of Mnx-produced MnO2. The evolution of the MnO2 absorption band 375 

during Mnx-catalyzed Mn(II) oxidation has been deconvoluted via multivariate analysis into 376 

enzyme reaction and nanoparticle production time courses.36 The latter showed a sigmoidal 377 

increase in MnO2 concentration, characteristic of nanoparticle nucleation followed by growth. 378 

The present DLS measurements show that the average size of the particle grows linearly, 379 

slowing down as the reaction nears completion (Figure 7). (Though a more complex growth 380 

mechanism for these platy minerals is envisioned, its resolution by the time-resolved imaging 381 

techniques being awaited). The linear increase in Dh is consistent with the sigmoidal increase in 382 

MnO2 concentration, if we consider that the volume of the particles is proportional to 383 

concentration and also to the cube of the diameter. The sigmoidal growth curve in fact yields a 384 
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straight line over most of the time course when the cube root of the concentration is plotted 385 

against time (Figure S12).  386 

The DLS measurements also yield a polydispersity index, PdI, a dimensionless measure 387 

of the breadth of the size distribution. The PdI values can range from 0 (monodisperse) to 1 (all 388 

sizes). Usually samples have PdI between 0.1 and 0.7. The PdI parameter of the Mnx-produced 389 

particle steadily decreased as the average size increased (Figure S12, inset), consistent with a 390 

nucleation/growth model (and inconsistent with Ostwald ripening,138,139 which increases 391 

polydispersity with time140-142). Following Clark,141 we plot log(PdI/PdI0)-versus-R/R0 (Figure 7, 392 

inset), where R0 is the zero-time extrapolated value of Dh/2, 4.3 nm, and PdI0 ~0.425 is the zero-393 

time polydispersity index. The plot approaches the optimal limit for size focusing (PdI/PdI0→1/8 394 

at R/R0→8), indicating that the growth of Mnx-produced MnO2 is controlled by the continuous 395 

enzymatic supply of pre-nucleus particles on the time scale of nanoparticle growth, leading to 396 

narrowing of the size distribution. 397 

 398 
Figure 7. Time course of MnO2 concentration increase (black points) from the UV-vis experiment 399 
obtained during oxidation of 100 μM MnSO4 catalyzed by 50 nM Mnx in HEPES buffer (pH=7.8), with 400 
the superimposed time evolution of the hydrodynamic diameter of the MnO2 particles (blue points) from 401 
the DLS measurements. The blue dotted line is a linear fit of the nanoparticle diameter increase, which 402 
could be extrapolated to time zero to give the diameter of nucleus of 8.6 nm. Inset: MnO2 size-focusing 403 
plot obtained during Mnx-catalyzed oxidation of Mn(II), as measured by DLS. R=Dh/2 and R0 404 
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corresponds to the zero-time radius (4.3 nm) of the particles, and PdI is the polydispersity index, whose 405 
zero time value (PdI0) was estimated to be 0.425 (see Figure S12, inset). 406 

The early product of the enzyme reaction36 has an absorption maximum at ~280 nm, suggestive 407 

of a 7.5±0.7 nm nanoparticle (see Figure S11). This is close to the extrapolated Dh at zero time 408 

(8.6 nm, Figure 7) and is likely the size of the nucleus from which the nanoparticle then grows. 409 

The enzyme mechanism, inferred from kinetic analysis, suggests a dinuclear [Mn(IV)O]2 410 

complex as the initial product of Mn(II) oxidation.37 A large number of these would be required 411 

to assemble the nucleus (the number is hard to estimate because of uncertainty in the size of the 412 

hydration layer, which can extend up to 5 nm for metal oxides143). Subsequently, growth would 413 

occur by accretion of the product complexes, likely via oriented attachment.144-147  414 

5. Environmental Implications. Characterizing the nanoparticulate nature of MnO2 deposits or 415 

preparations is of fundamental importance to predicting their reactivity. This work demonstrates 416 

direct correlations among MnO2 particle size, edge site populations, and reactivity, which are 417 

conveniently monitored by UV-vis absorption and Raman spectroscopies and DLS.  418 

The reactivity time course is complex for MnO2 nanoparticles, and a substantial fraction 419 

can remain unreacted, likely due to surface passivation by accumulating Mn(III). This 420 

phenomenon is a constraint on evaluating the role of MnO2 in environmental oxidation and 421 

sequestration processes. For example, arsenic in ground water is a serious health problem of 422 

global proportions,148,149 and there is great interest in the potential of MnO2 to remediate arsenic 423 

in situ, or in drinking water filters.150-152 Arsenate (AsV) is strongly adsorbed on MnO2, as well as 424 

Fe oxides surfaces, and arsenite (AsIII) can be oxidized by MnO2.151,153-155 This is important as 425 

AsIII is the more toxic form of arsenic, and is also more mobile.156,157 Thus, MnO2 oxidation of 426 

AsIII to the strongly adsorbed AsV is an important determinant of groundwater arsenic 427 
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contamination, and of remediation strategies. Surface passivation limits the oxidation 428 

capacity,135,136,158 and further mechanistic studies may open routes to circumventing passivation. 429 

Biogenic MnO2 nanoparticles are of particular interest because their smaller size and high 430 

density of reactive sites increase their reactivity toward organic substrates and metal 431 

sequestration. This work elucidates the formation of MnO2 nanoparticles from the Mnx MCO 432 

complex. This enzyme is produced by several Mn-oxidizing Bacillus sp., and is found in the 433 

exosporium—a complex structure of carbohydrates and proteins that surrounds the spore coats of 434 

some bacterial spores. No doubt these organic molecules interact with the bio-MnO2 435 

nanoparticles, en route to the particles’ deposition around the spores. For example, an early X-436 

ray study of Mn(II) oxidation by exosporium159 found evidence for locally abundant Mn(III) 437 

within the spore clumps, probably formed as a result of spore-mediated chelation of Mn(III) 438 

intermediates. Abundance of organic Mn(III) chelators in the exosporium may also trigger 439 

radical reactions with ultimate production of peroxide species, capable of additional oxidation of 440 

Mn(II) to form MnO2, thereby modifying the pure enzymatic MnO2 product. Moreover, cell 441 

surfaces can template emerging MnO2, resulting in uni-directional nanoparticle growth. To 442 

delineate these processes and evaluate modifications of the nanoparticles produced by whole 443 

bacterial cells, an unobstructed view of enzymatic MnO2 production, in the absence of additional 444 

organic matter, is needed. Since MCOs are implicated in phylogenetically diverse groups of Mn-445 

oxidizing bacteria, studies with the purified Mnx protein provide a foundation for understanding 446 

manganese mineralization across the microbial world.  447 

The Mnx product itself may provide guidance toward improving the preparation of MnO2 448 

nanoparticles for potential uses. For example, our finding indicates that the nanoparticulate 449 

nature of biogenic MnO2 results from efficient enzymatic Mn(II) oxidation, which exceeds the 450 
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Ostwald ripening rate, leading to a narrow nanoparticle distribution. It is thus possible to 451 

influence the MnO2 enzymatic production rate to control the final MnO2 particle size distribution 452 

and optimize reactivity for technological applications.  453 
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