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Nanomaterials possess physical and chemical properties that may benefit 

medicine, catalysis, and environmental remediation. Apart from understanding the 

structure of nanomaterials, significant amount of research has focused on understanding 

the structural properties of nanoparticles that lead to their unique reactivity. Ferric 

hydroxides are important mineral components and the subject of much scientific research 

in environmental and soil sciences because of their ubiquity in soil, ground water and 

aquatic sediments. Iron oxide nanoparticles found in the environment exhibit size-

dependent behavior. Iron oxides also play an important role in environmental chemistry. 

Ferrihydrite is an important iron oxide mineral as they exist in most of the sediment 

environment and are necessary precursors for more stable iron oxides like hematite. Iron 

oxides are also important in many living organisms and stored as protein-encapsulated 

iron(III) oxyhydroxide nanoparticles. Because of the ubiquitous nature of ferrihydrite in 

soil and sediments, understanding correlation between the surface reactivity and the 
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structure, phase of ferrihydrite ie. homogeneous or heterogeneous phase dependent 

reaction is important from environmental point of view. Iron oxides also play an 

important role in atmospheric chemistry and size dependent surface catalytic properties 

towards atmospheric gases. Green house gases are frequently generated during the 

burning of fossil fuels in factories and power plants, or derived from natural processes 

such as volcanic eruptions. Both natural and engineered metal oxides have been utilized 

as catalysts or sorbents for removal or minimization of green house emissions. 

In an attempt to understand the structure and reactivity relationship, we have 

presented ferrihydrite dissolution under reducing conditions and in situ kinetic studies 

were performed on isolated individual single particles of ferrihydrite using AFM. Bulk 

batch studies are also presented, where particles exist as agglomerates. Interface 

dissolution reaction has been characterized with FTIR and results were confirmed with 

theoretical calculations. Normalized dissolution rate of individual ferrihydrite particle 

sheds light on the phase behavior of this material. This study indicates that the 

ferrihydrite is uniform in composition and supports the Michel et al model. The size-

dependent reactivity of ferrihydrite toward the environmentally important gas sulfur 

dioxide SO2 was also studied as atmospheric emission of SO2(g) affects the environment 

because it promotes the production of acid rain. In this investigation, nano-ferrihydrite 

particles were synthesized with a narrow size distribution. The surface chemistry and 

reactivity (SO2(g) sorption) was studied with attenuated total reflection Fourier transform 

infrared (ATR-FTIR) spectroscopy in combination with molecular orbital/density 

functional theory (MO/DFT) frequency calculations. Results showed that SO2(g) sorption 

may be a sensitive function of the structural properties and size of the nanoparticles. 
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Like Iron oxides, Manganese oxides also play a distinctive role in superficial soil 

or near surface environments. Birnessite is one of the most commonly occurring 

manganese oxides in the soils and sediments. Birnessite are known to provide a suitable 

surface for heterogeneous oxidation of As(III) to As(V), and thus contribute to the 

environmental fate of arsenic species in soil and sediments. In the present study we have 

made an effort to understand this fundamental geochemistry occurring at birnessite 

surface at the molecular scale using advanced surface sensitive tools like AFM and 

spectroscopic techniques like FTIR and XPS. Nano size manganese oxide was also 

prepared via biological routes. Nano-size manganese oxide was prepared using ferritin 

protein as the biological precursor. Solution phase arsenic oxidation studies were 

performed with Ferritin Manganese oxide. Ion chromatography is performed to 

investigate oxidation of As(III) and reduction of manganese, along with XPS analysis to 

monitor the oxidation states of arsenic and manganese species. Results were also verified 

with FTIR spectroscopy for interface speciation. 
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 1 

                                                          CHAPTER 1 
               
                                                      INTRODUCTION 
 
 
 Mineral interface geochemistry, the subject of this thesis, is one of the most 

important sub discipline within the general field of surface science because it affects 

many of the fundamental aspects of the way we live and the world around us. It plays 

critical roles in, for example, the quality of the world’s fresh water 1, 2, the development 

of soils and the distribution of plant nutrients within them 3, the integrity of underground 

waste repositories 4, 5 and in a more global sense, the geochemical cycling of the elements 

6-9. Interface Geochemistry is defined as the study of chemical reactions, which are 

important to geoscience. This includes the study of materials and processes at the 

nanoscale in their role in geologic processes on the earth. 

Modern Geochemistry holds a special place for mineral interface as interfacial 

reactions impact critical processes in the global environment. Anthropogenic introduction 

of contaminants resulting from the direct dumping of industrial waste derived from 

manufacturing and ore extraction processes 10, from the chemical weathering of landfills 

and mine tailings 11, 12, and from the atmospheric deposition of materials resulting from 

burning fossil fuels and smelting ore 13, 14, can severely overweigh natural introduction by 

dramatic proportions. 

There is considerable interest in remediation of highly toxic elements and 

compounds in natural systems. Most of these contaminants released by human activity 

are deposited on the continents where it enters various aquatic systems. Within aquatic 

systems, its transport and eventual distribution are critically influenced by interactions 

with minerals and particularly with soil particles, clay minerals, and hydroxides of iron
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and manganese 8, 15. The naturally existing common nanomaterials in the soil and 

subsurface environment offer great chemical reactivity at the surfaces and interfaces. 

Researchers have been studying extensively remediation processes using nanomaterials 

and nanotechnology. For example, photodetoxification16 using UV/Ozone systems, 

phytoremediation 17, 18, biodegradation 19, 20 and redox chemistry at the mineral interface 

21. Over the history of earth, in the chemical evolution of the atmosphere and oceans from 

the reducing conditions, minerals containing iron, manganese, sulfur etc. in the 

environment have reacted and mineral weathering and oxidation has contributed to the 

geochemical cycling 6, 7. Many of these geochemical processes are important natural 

pathways for the sequestration of harmful chemicals. Studying these naturally occurring 

phenomena on the mineral surfaces at molecular level is very important and could 

contribute in understanding the redox chemistry of the advanced nanomaterials towards 

environmental remediation processes.  

Over the period of past two decades, means have been developed to directly study 

mineral surfaces and interfaces. The scientific development in the field of mineral 

interface geochemistry has to a large degree depended on other areas relevant to the 

extremely diverse field of surface science. The growing nanogeoscience community 

needs access to specialized techniques for the study and analysis of surfaces that involves 

both physical and chemical analysis techniques. Modern physical analysis methods 

include scanning tunneling microscopy (STM) and atomic force microscopy (AFM). 

Other improved major facilities include Infrared Spectroscopy, Photoelectron 

spectroscopy and synchrotrons and neutron sources like EXAFS (Extended X-Ray 

Absorption Fine Structure), XANES (X-ray Absorption Near Edge Structure) etc. Some 
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of these techniques have been used extensively to characterize and study the interface 

chemistry in this thesis. 

 

The research carried out in this thesis presents the synthesis of naturally existing 

iron and manganese oxide minerals and studying the interface interaction of the metal 

oxide with toxic contaminants in the environment, understanding their surface interaction 

with organic compounds in soil and natural sediments, and their potential application for 

environmental friendly remediation. The studies presented, enables us to understand the 

important interface chemistry at the atomic scale using advanced analytical tools. 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 4 

1.1 Nanoscale Interface Chemistry: Environmental Implications. 

As stated earlier in the introduction section, interface chemistry at the surface of 

minerals is an important field of surface science in mineral-water interface geochemistry 

as well as atmospheric chemistry. The crust of planet earth can be thought of as a 

catalytic bed of enormous diversity 6 and mineral interface geochemistry mainly consists 

of two fundamental mechanisms, chemical species attachment to and detachment from 

mineral surfaces. Chemistry at the mineral interface has been investigated for many years 

by researchers studying mineral dissolution, adsorption and co precipitation phenomena 

21. But it has been in just the last twenty years, and mostly in the last ten, that means have 

been developed to directly study mineral surfaces, fluids near mineral surfaces, and the 

solid-fluid interface. This has lead to a tremendous resurgence in geochemical interface 

science and a reconsideration of the importance of mineral-water interface reactions 

within the global geochemical picture. 

There are several important natural and perturbed systems in which interface 

chemistry plays a key role. For example, metals are naturally introduced into aquatic 

systems from many sources including water-rock interaction 6, biodegradation, 

atmospheric deposition, and volcanic activity 22. However, anthropogenic addition of 

metals into surface waters is becoming more and more significant. Looking at all 

industrialized metals, it has been estimated that 7 to 70 Kmetric tons are released to the 

aquatic environment each year from milling and smelting operations alone 23. 

A site-specific example can be found in the Clark Fork River basin of western 

Montana, USA. Due to over 125 years of copper and related metal mining and smelting 

in this area, it is today one of the largest hazardous waste sites in the world with over 
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1600 km2 of contaminated land 23. As a result, massive amounts of tailings act as the 

primary source of metals, which are released to rivers and groundwater. These tailings 

contain hundreds to thousands of times natural levels of As, Cd, Cu, Pb and Zn. These 

metal contaminations are highly toxic to humans. The fine grain size of these tailings, and 

their exposure in dump sites, results in a metal desorption rate, which is faster than 

natural weathering. The problem is compounded as the metal sulfides in the tailings react 

with oxygen rich water. A series of oxidation-reduction reactions at the sulfide-water 

interface results in the introduction of hydrogen and metal ions, as well as sulfates to the 

solution24. This increases acidity and results in acid mine drainage. In the Clark Fork 

drainage basin, such processes are responsible for elevated concentrations of toxic 

metals25. Investigating the interface chemistry at the molecular level is important which 

could help us understand and implement novel suppression methods to inhibit the 

oxidation and release of toxic metals when these mine tailings are exposed to open 

atmosphere 26-29.   

Another example is the release of significant quantities of radionuclides as a 

consequence of nuclear weapons testing in the 1950 and 1960s and via accidental 

releases, the major burden of anthropogenic environmental radioactivity is from the 

controlled discharge of process effluents produced by the industrial activities allied to the 

generation of nuclear power 30. The release of radionuclides into the environment is a 

subject of intense public concern 31 as they contaminate ground water and they are 

recognized as potent chemical contaminants and serious threat to the human health 32. 

There are DOE sites in USA where soil is contaminated by huge amounts of uranium as 

result of metal extraction and purification processes. Uranium concentration ranging from 
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0.001 µg/L to 11.7 g/L in Oak Ridge Site (Tennessee) and Hanford Site (Central 

Washington) has been reported 33. 

Transport and fate of these contaminants and their chemical transformation in 

subsurface environment, is controlled by coupled physical, chemical and microbiological 

processes 21. Study of chemical processes at the mineral interface and understanding the 

molecular level phenomena is of particular interest for environmental remediation.  

 

 

1.2 Environmental Remediation Using Nano Scale Interface Chemistry: 

 The chemical legacy of industrialized nations presents a serious set of 

environmental problems.  The remediation of hazardous wastes emitted from industry, 

military installations, the civilian sector, and national laboratories into soils and waters is 

a difficult challenge 34.  It is not surprising that an intense scientific effort has gone into 

the development of chemical, biochemical, biological, and photochemical remediation 

schemes.  Common degradation techniques implemented to remediate wastewaters 

include zero valent iron chemistry, photodetoxification using UV/Ozone systems 16, 

biodegradation 19, 20, phytoremediation 17, 18, pump and treat methods, heat treatment, 

electroosmosis, injection of reactive material via hydrofracturing, and the in situ 

placement or reactive metal barriers 35-38. Most of these technologies are presently being 

assessed for usage at remediation sites or are being tested. Few examples of applications 

of nanoparticles and nanomaterials in water remediation processes are listed below in 

table 1.2 34. Nanotechnology has been identified as a technology that could play an 

important role in resolving or ameliorating many of the problems involving water 
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purification and quality 39. Nanotechnology encompasses the creation and utilization of 

materials, devices and systems at the level of atoms and molecules, cutting across such 

disciplines as chemistry, physics, biology and material science 40.  
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Table 1.1 Nanomaterials used for water treatment for remediation from contaminants. 

Nanoparticle/ Nanomaterial 
 

              Pollutant 

 
Nanocrystalline Zeolites 
Carbonaceous nanomaterials 
   Activated Carbon fibers (ACFs)  
   CeO2- carbon nanotubes (CNTs) 
   CNTs functionalized with polymenrs 
   CNTs functionalized with Fe 
   Single-walled carbon nanotubes 
    Multi-walled carbon nanotubes  
 
 
 
 
 Self-assembled monolayer on 
     mesoporous supports (SAMMS) 
 Anion-SAMMS 
 Thiol-SAMMS 
 HOPO-SAMMS 
 Biopolymers 
 Single-enzyme nanoparticles (SENs) 
 Zero-valent iron nanoparticles (nZVI) 
 
 
 
Bimetallic Nanoparticles Pd/Fe 
   Nanoparticles 
 
Ni/Fe nanoparticles Pd/Au nanoparticles 
 
 
 
 
 
 
TiO2 photocatalysts 
 Nanocrystalline TiO2 

 Nitrogen doped TiO2 

 Fe(III)-doped TiO2 

 Supported TiO2 nanoparticles 
 TiO2-based p-n junction nanotubes 
 

 
  Toluene, Nitrogen Dioxide 
 
  Benzene, toluene, xylene, ethylbenze 
  Heavy metal ions 
  p-nitrophenol Benzene, toluene, 
      dimethylbenzene Heavy metal ions 
  Trihalomethanes (THMs) 
  Heavy metal ions 
  THMs Chlorophenols 
  Herbicides 
  Microcystin toxins 
 
  Inorganic ions 
  Heavy metal ions 
  Actinides and Lanthanides 
 
 
   Heavy metal ions 
 *NT 
  Polychlorinated biphenyls (PCBs) 
  Inorganic ions Chlorinated organic 
     compounds Heavy metal ions 

 
   PCBs 
   Chlorinated ethane 
   Chlorinated methanes 
   TCE and PCBs 
   Dichlorophenol 
   Trichlorobenzene 
   Chlorinated ethane 
   Brominated organic compounds (BOCs) 
   TCE 
 
 
   Heavy metal ions 
   Azo dyes 
   Phenol 
   Aromatic pollutants 
   Toluene 

 



 9 

 During the past decade, interest in chemical reactions occurring at the metal 

oxide-aqueous solution interfaces has increased significantly because of their importance 

in a variety of fields, including geochemistry 41, 42, atmospheric chemistry, heterogeneous 

photo catalysis 43, 44, metallurgy and soil science 45, 46. Oxide surface reactivity is 

exploited in many industrial processes involving catalysis and photolysis and is 

fundamental to environmental chemistry and geochemistry 47-49. Hydrous oxides of Fe, 

Mn, Al and aluminosilicates such as clays are ubiquitous in the natural environment, and 

their surface chemical properties control such important phenomena as nutrient and 

contaminant element release and uptake, pH buffering, water quality and soil rheological 

properties 21. Polyvalent metal ions like Fe(III) and Mn(IV) in the metal (hydr)oxide-

aqueous solution interfacial region serve as terminal electron acceptors in common soil, 

aquatic and marine sediments and ground water, a process of central importance to the 

global biogeochemical cycling of C, N, P and other elements33, 50-52. Even though we 

know the importance of these metal oxide surfaces in these processes, little is known 

about their atomic scale structure and chemical reactivity. Understanding the mineral 

interface chemistry is very important as these natural phenomena decide the fate of 

contaminants in ground water and other natural water bodies, specially iron and 

manganese oxide materials, which are abundant and present in almost all sediment 

environment in natural systems.  

As stated above the importance of iron and manganese oxides in geochemistry 

and the sub surface environment, before we study Ferrihydrite (Iron oxide) and Birnessite 

(Manganese oxide) towards environmental surface chemistry in this thesis, it is important 

to discuss their structure, prior work and to address some of the underlying challenges. 
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1.3.1 Ferryhdrite (Iron Oxide) Nanomaterials 

Ferric hydroxides are important mineral components and the subject of much 

scientific research in environmental and soil sciences because of their ubiquity in soil, 

ground water and aquatic sediments 53-55. The oxidation and dissolution through 

weathering of Fe-bearing minerals associated with ore deposits and mining activities 

consequently results in the formation of secondary iron oxide including ferrihydrite 21, 56, 

57. Ferrihydrite is an important iron oxide mineral as they exist in most of the sediment 

environment, necessary precursors for more stable iron oxides like hematite 57, and are 

focus of research and debate due to their ubiquity and controversial composition 58. 

Ferrihydrite exist naturally in the nano scale and have huge surface area, strong 

adsorptive effects, high adsorption capacity and unique redox potential. Large surface 

area and high reactivity of ferrihydrite results in a large adsorptive capacity for toxic 

contaminants such as U, As, Cd, Pd, Cu, Ni, Zn and Cr(III) could be adsorbed on 

ferrihydrite surface at soil pH 59. Ferrihydrite also shows significant activity towards the 

transformation of phenolic compounds60-62 and can surface catalyze the hydrolysis of soil 

bound pesticides63-66. Ferrihydrite has also been important in metallurgical processing 

and used as an adsorbent to remove contaminants from ground waters 67.  

Ferrihydrite is commonly referred as amorphous iron hydroxide or hydrous ferric 

hydroxide, and has been described as poorly crystalline, disordered and X-ray 

amorphous68-70. Ferrihydrite has been shown to exist naturally as nano sized material 

using electron microscopy71 and scanning tunneling microscopy72. The number of 

broadened maxima in individual powder x-ray diffraction patterns obtained with 

conventional sources is used to designate the material as 2-line or 6-line ferrihydrite. 
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Despite the numerous studies of this material using a variety of techniques, the structure 

of ferrihydrite has not been resolved 59 and is considered as a poorly crystalline 

material73. Manceau73 had reported earlier that ferrihydrite is composed of small size 

coherent scattering domains. Based on their EXAFS data, it was reported that ferrihydrite 

is short-range ordered, consisting of Fe octahedral linked by corners, edges and faces. 

Based on Fe-Fe distances, ferrihydrite was described as mixture of phases and it was 

concluded that ferrihydrite is composed of common structural features similar to both 

hematite (αFe2O3) and α/β FeOOH, as indicated by the presence of face sharing similar to 

hematite. Ferrihydrite is a mixture of 3 components 74: (i) Defect free ferrihydrite, in 

which Fe atoms occupy only octahedral sites with 50% probability, (ii) Defective 

ferrihydrite in which structural fragments occur with equal probability and alternate 

completely at random, (iii) Ultra dispersed hematite with mean dimension of coherent 

scattering domains of 10-20 Aº. Figure 1.1 and Figure 1.2 shows the proposed structure 

of ferrihydrite  by Manceau et al. 
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Figure1.1: Structural model proposed for ferrihydrite with a 3D periodic anion packing. 

Projection along [110] vector. Open circles and solid circles represent atoms at different 

elevations. 

 

 

 

 

 

 

 

 



 13 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Figure1.2: Regular displacement of Fe atoms along c axis toward B and C planes in 

which oxygen atoms prevail over hydroxyls. Only Fe octahedra in the [001] Plane are 

shown.  
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Although, there has been a recent study using synchrotron based X-ray total 

scattering and pair distribution analysis (PDF) shows that ferrihydrite is a crystalline 

material containing both octahedrally and tetrahedrally coordinated iron in a single phase 

75. The recently proposed single-phase model is constructed from clusters comprised of a 

central tetrahedrally coordinated Fe connected by m4-oxo bridges to 12 peripheral 

octahedrally coordinated Fe atoms that exist as edge-sharing groups of three. Figure 1.3 

shows the proposed model by Michel et al75. 

Iron oxides are also important in many living organisms, and the evolutionary 

solution to the problem of storing and releasing iron, an essential element for cellular 

activity in humans and most animals, plants, and microbes, is through protein-

encapsulated iron(III) oxyhydroxide nanoparticles. The class of proteins known as 

ferritins has the remarkable ability to absorb soluble Fe2+ species into its hollow interior 

and store the iron as relatively insoluble, ferric oxyhydroxide particles. These nano-sized 

and generally spherical storage vessels (outer/inner diameter ~12.5/8.0 nm) catalyze the 

oxidation of Fe2+ to Fe3+ through ferroxidase activity 76. While the structure of the native 

horse-spleen ferritin (HoSF) protein is established 77, the nano-sized native core (<~7 nm) 

has most recently been described as a mixture of phases, including maghemite, hematite, 

and ferrihydrite 78. There is again a long-standing debate over the structure and phase of 

the iron oxide mineral inside the ferritin protein, but the structure has not been resolved 

yet.  
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Figure 1.3: Polyhedral representation of the hexagonal unit cell for ferrihydrite. Single-

phase model is constructed from clusters comprised of a central tetrahedrally coordinated 

Fe connected by m4-oxo bridges to 12 peripheral octahedrally coordinated Fe atoms that 

exist as edge-sharing groups of three. 
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1.3.1(a) Motivation 

Apart from being ubiquitous in nature and largely debated over the structure of 

ferrihydrite, there is very limited literature, which shows correlation between the surface 

reactivity and the structure, phase of ferrihydrite ie. homogeneous or heterogeneous 

phase dependent reaction. Earlier studies based on dissolution kinetics of ferrihydrite in 

the presence of ascorbic acid also suggests, that ferrihydrite consists of multiphases 

(crystalline and amorphous phases) as the reaction shows slower kinetics near terminal 

dissolution 79. The terminal slower dissolution is attributed to crystalline hematite phase 

in ferrihydrite 80. Although these dissolution studies were conducted in batch reactions, 

where the particles would be expected to exist as agglomerates. The agglomeration of 

particles under batch reaction conditions could affect the ratio of surface area to mass and 

grain size distribution during the course of dissolution, and these factors are reported to 

be important in calculating the dissolution rate of ferrihydrite79, 81. Detail studies needs to 

be performed on single ferrihydrite particles in order to correlate the dissolution or 

surface reactivity of ferrihydrite with the phase composition. 

Nanomaterials also possess physical and chemical properties that may benefit 

medicine 82, catalysis 83, and environmental remediation 84-86. Apart from understanding 

the structure of nanomaterials, significant amount of research has focused on 

understanding the structural properties of nanoparticles that lead to their unique 

reactivity. Iron oxide nanoparticles found in the environment exhibit size-dependent 

behavior, such as the role of hematite in the catalytic oxidation of Mn2+(aq) 87. Size 

dependent reactions are important to understand structure-property relationship. Although 

ferrihydrite exists naturally as a nanocrystalline material and the size of this material 
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cannot be varied using inorganic synthetic routes, a mammalian protein called ferritin is 

known to store iron oxide nano particles inside the protein cage, and the size of iron 

oxide core could be varied by known methods88, 89. This inorganic iron oxide core inside 

ferritin protein is also presumed to be structurally identical to ferrihydrite90-92. Ferritin 

protein could be used as the biological precursor to synthesize ferrihydrite nanoparticles, 

with the flexibility to change the particle size inside the protein shell by varying the 

number of iron atoms forming the inorganic core. 

Iron oxides also play an important role in atmospheric chemistry and size 

dependent surface catalytic properties towards atmospheric gases as reported earlier 93, 94.. 

Green house gases are frequently generated during the burning of fossil fuels in factories 

and power plants, or derived from natural processes such as volcanic eruptions. Both 

natural and engineered metal oxides have been utilized as catalysts or sorbents for 

removal or minimization of green house emissions 95. A probe molecule could be used to 

investigate the oxidation on the ferrihydrite surface and study size dependent catalytic 

activity. Inorganic 2-line ferrihydrite particles and biological ferrihydrite particles were 

compared towards the surface catalytic oxidation of sulfur dioxide.  

 

1.3.1(b) Objective: 

Understanding the structure of ferrihydrite contributes to understanding surface 

chemistry of ferrihydrite, which is important from geochemical processes point of view. 

In this thesis, studies with ferrihydrite dissolution in the presence of ascorbic acid is 

presented, which focuses on the structural properties of ferrihydrite as well as the surface 

reactivity of ferrihydrite under environmental relevant conditions. The surface properties 
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and reactivity of ferrihydrite under reducing conditions are discussed in chapter 3. In this 

study we have presented ferrihydrite dissolution under reducing conditions and in situ 

kinetic studies were performed on isolated individual single particles of ferrihydrite using 

AFM. Bulk batch studies are also presented, where particles exist as agglomerates. 

Interface dissolution reaction has been characterized with FTIR and results were 

confirmed with theoretical calculations. Normalized dissolution rate of individual 

ferrihydrite particle sheds light on the phase behavior of this material. This study 

indicates that the ferrihydrite is uniform in composition and supports the Michel et al 

model75. 

The size-dependent reactivity of ferrihydrite toward the environmentally 

important gas sulfur dioxide SO2 was also studied as atmospheric emission of SO2(g) 

affects the environment because it promotes the production of acid rain 96, and metal 

oxides could be utilized as catalysts or sorbents for removal or minimization of SO2(g) 

emissions. In this investigation, nano-ferrihydrite particles were synthesized with a 

narrow size distribution.  Specifically, a biomimetic process was utilized to form well-

dispersed supported monolayers of ferrihydrite90-92. This technique produced ferrihydrite 

particles with nominal sizes of 3 and 6 nm, which were characterized with transmission 

electron microscopy (TEM), atomic force microscopy (AFM), and scanning tunneling 

spectroscopy (STS). The surface chemistry and reactivity (SO2(g) sorption) was studied 

with attenuated total reflection Fourier transform infrared (ATR-FTIR) spectroscopy in 

combination with molecular orbital/density functional theory (MO/DFT) frequency 

calculations.  Results showed that SO2(g) sorption may be a sensitive function of the 
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structural properties and size of the nanoparticles. Detail synthesis, characterization and 

catalytic activity are discussed in chapter 4. 

 

1.3.2 Birnessite (Manganese Oxide) Nanomaterials 

Manganese oxides play a distinctive role in superficial soil or near surface 

environments. They are found in oxic soils, aquifers and oceanic and aquatic systems 97, 

98. They can be readily reductively dissolved by a variety of inorganic and organic 

compounds 99, 100. Prior studies have been conducted extensively studying the oxidative 

potential of manganese oxides in soils and sediments 101-106.  

Birnessite is one of the most commonly occurring manganese oxides in the soils 

and sediments 107, 108. Prior studies have been conducted with sodium and potassium 

substituted birnessite, which are phyllomanganate possessing layered sheet structures 

with edge sharing Mn octahedral 109, 110, as these are good representatives of naturally 

occurring manganese oxides. These minerals have been described as nearly vacancy free 

layers of Mn octahedral influenced by distortion when Mn(III) substitutes for Mn(IV) 111. 

An ordered distribution of Mn(III) rich rows, interlayer counter ions and octahedral 

vacancies completes the crystal structure109, 110. Figure 1.4 shows the structure of layered 

birnessite. 
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Figure 1.4: Structure of Birnessite. Figure shows incorporation of sodium, potassium ions 

and water molecules between the octahedral manganese oxide layers. Interatomic layer 

distance between two octahedral layers of birnessite is equal to 7°. 

 

 

 

 

 



 21 

1.3.2(a) Motivation: 

Arsenic is one of the toxic contaminants, which exists due to both natural and 

anthropogenic sources such as pesticides containing arsenic 112, 113, mine drainage 114, 

smelting115, burning coal for power generation 116 , 117, 118, and oxidative dissolution of 

As-bearing minerals119. The As(III) species is more toxic than As(V) and tends to bind to 

the soil more weakly which makes it more mobile in the environment120, 121. Long-term 

exposure to arsenic in drinking water can cause cancer in the lungs, kidney, bladder and 

skin and various other ill effects to human health 122, 123. Birnessite could provide a 

suitable surface for heterogeneous oxidation of As(III) to As(V), and thus contribute to 

the environmental fate of arsenic species in soil and sediments. Unlike iron oxides and 

aluminum oxides, which show good surface adsorption of As(V) 124, 125 but low oxidation 

potential, birnessite surface can serve as a potential electron acceptor for oxidation of 

As(III) 105, 106, 126. The reaction could lead to some decontamination of surface and 

drinking water bodies since the acute toxicity of As(V) species is lower than that of 

As(III) species and As(V) can be easily removed by adsorption and precipitation on 

mineral surfaces 127.  

Surface adsorption of arsenate oxy-anion species on mineral oxides is another 

proposed pathway for arsenate decontamination 128-132. Arsenic co-sorption with other 

metal contaminants have been reported earlier 133, 134. It is suspected that arsenic oxy-

anions and many di- and trivalent metal cations have affinity for surface sites of iron and 

aluminum oxides 135-138, which could potentially result in co precipitation and a useful 

technique for contaminated site remediation. 
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Arsenic oxidation on birnessite surface has been studied earlier. But there is lack 

of literature on arsenic oxidation with simultaneous co precipitation, as the reduced 

manganese(II) could facilitate the heterogeneous nucleation of arsenate-manganese co 

precipitate near the birnessite surface. Detail study needs to be performed to study the 

time dependent oxidation of arsenic at the birnessite surface and to investigate any 

evidence of surface precipitate. 

 

1.3.2(b) Objective: 

Understanding the surface oxidation phenomena of arsenite at the nanoscale is 

very important and there has been a tremendous effort since the last decade to understand 

the interfacial chemistry. In the present study we have made an effort to understand this 

fundamental geochemistry occurring at birnessite surface at the molecular scale using 

advanced surface sensitive tools like AFM and spectroscopic techniques like FTIR and 

XPS. Birnessite is prepared via inorganic synthesis. The detail preparation of birnessite 

and the current study is presented in chapter 5. The birnessite samples have been 

analyzed with AFM to observe any topological changes or any evidence for surface 

precipitate. Any surface topology changes in AFM imaging would indicate birnessite 

surface alteration. AFM study was performed in conjunction with XPS to understand the 

time dependent oxidation of As(III) and to correlate the manganese and arsenic oxidation 

states with possible surface precipitation.  

Nano size manganese oxide was also prepared via biological routes as the 

inorganic manganese oxide and birnessite particles obtained from conventional solution 

oxidation-precipitation reaction are in the range of hundreds of nanometers. Nano-size 
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manganese oxide was prepared using ferritin protein as the biological precursor 139-141. 

Ferritin is a mammalian protein cage with inside diameter of 80Aº 88. The manganese 

oxide nanoparticle size inside the protein cage could be varied by changing the solution 

concentration of Mn(II). Solution phase arsenic oxidation studies were performed with 

Ferritin Manganese oxide. Ion chromatography is performed to investigate oxidation of 

As(III) and reduction of manganese, along with XPS analysis to monitor the oxidation 

states of arsenic and manganese species. Results were also verified with FTIR 

spectroscopy for interface speciation. Detail synthesis of ferritin manganese oxide and 

redox chemistry of arsenic and manganese is presented in chapter 6.  
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CHAPTER 2 

EXPERIMENTAL PROTOCOLS AND INSTRUMENTATION 

 

2.1    Synthesis of Nanoparticles 

There are many methods for preparing nanoparticles.  The most common methods 

can be grouped into two main categories: liquid-phase synthesis and gas phase 

nucleation.  In our study, we have synthesized nanoparticles via liquid phase synthesis 

and bio-based ferritin pretein precursors. 

   

2.1.1    Liquid Phase Synthesis of Nanoparticles 

 In a recent review by Cushing et al. 
142 liquid-phase syntheses of nanoparticles by 

coprecipitation, sol-gel processing, microemulsion, hydrothermal/solvothermal methods, 

templated syntheses and bimimetic syntheses are discussed. Precipitation reactions often 

involve the simultaneous occurrence of nucleation, growth, Ostwald ripening and/or 

agglomeration. The precipitation of sparingly soluble products from aqueous solutions 

followed by thermal decomposition of those products to oxides results in the formation of 

nanoparticles. Precipitation of metal oxides from aqueous solutions by adjusting the 

solution pH is also a common form of precipitation for nanoparticles synthesis. We have 

synthesized inorganic iron oxide and manganese oxide nanomaterials using solution 

precipitation reaction. Detail preparation and characterization of iron oxide and 

manganese oxide are discussed in the experimental sections in chapter 3 and 5  

respectively. 
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2.1.2  Bio-based Nanomaterial Synthesis 

Biological systems offer exquisite chemistry designed to produce a plethora of 

nano-structures with differing size, shapes, and compositions 143, 144. Many organisms are 

known to produce inorganic materials either intra- or extra-cellularly.  Magnetotactic 

bacteria, for example, are known to reduce amorphic ferric oxide to ultra-grained 

magnetite under anaerobic conditions 145-147. Diatoms and radiolaria synthesize elaborate 

biomineral exoskeletons typically less than 1 µm.  In diatoms, biosilicization takes place 

at ambient temperatures and pressures and produces an amazing diversity of 

nanostructures like nanospheres and nanorods 148, 149. A recent research account has 

described the biosynthesis of metal nanoparticles using fungi and actinomycetes 150. 

Virus protein cages, or capsids, occur in a variety of shapes and sizes, and are known to 

act as containers for synthesis of nanomaterials 151-153. Our primary focus in this research 

is the protein ferritin, as a biological precursor for the synthesis of iron and manganese 

oxide nano particles.  

 

2.1.3 Protein Preparation- Demineralization and Re Mineralization of Horse Spleen 

Ferritin 

The horse spleen ferritin obtained from sigma Aldrich could be treated with a 

strong reductant under deoxygenated conditions to reduce all the Fe(III) to soluble Fe(II). 

This treatment leaves a hollow ferritin protein with out an inorganic core, which is the 

Apo ferritin. 

The demineralized empty (Apo) ferritin protein could be remineralized using iron 

and manganese divalent cations followed by air oxidation and formation of an inorganic 
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metal oxide core inside the protein cavity. Detail demineralization and synthesis of iron 

and manganese oxide core inside apo ferritin is discussed in chapter 4 and 6. 

 

  

2.2  The Bradford Assay. 

This method was used to determine the concentration of protein in a sample.  The 

procedure used was called the “Micro Test Tube” protocol, suggested by the 

manufacturer of the Coomassie® dye reagent.  The bovine serum albumin used as the 

protein standard was diluted to known concentrations. 0.05 mL of each standard or 

unknown sample was mixed with 1.5 mL of the Coomassie® Plus Reagent, and the 

absorbances of the resulting solutions were measured at 595 nm.  The reference solution 

was prepared by adding 0.05 mL water to 1.5 mL of the dye.  A standard curve was 

prepared by plotting the 595 nm reading for each BSA standard versus its concentration 

in µg/mL.  (See Figure 2.1) 
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Figure 2.1: Concentration versus absorbance data for determination of protein 

concentration using the Bradford assay. Protein concentration is measured as a function 

of UV absorbance at 595 nm after complexing with commassie dye. 
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2.3 Scanning Probe Microscopy 

2.3.1 Atomic Force Microscopy 

2.3.1.1 General concept of Atomic Force Microscopy  

Atomic Force Microscopy (AFM) is a technique based on the principle that when 

a sharp tip is brought within the interatomic separation of a surface, an interatomic 

potential develops between the atom of the tip and atoms of the surface.  The tip is 

usually integrated to the end of a spring cantilever, so as the tip rasters the surface, the 

interatomic potential force the cantilever to bounce up and down with the contours of the 

surface.  Hence, by measuring the deflection of the cantilever, the topographic features of 

the surface can be mapped out 154-156. The essential components of any atomic force 

microscope are the scanner, the electronics forming the feedback control loop and the 

detector.  A schematic representation of an atomic force microscope is depicted in Figure 

2.2. 

 

2.3.1.2 Imaging Modes 

There are two primary modes of operation, the contact mode and the dynamic 

mode.  In contact mode operation, a constant deflection is maintained by keeping the 

force between the tip and the surface constant during scanning.  The instrument keeps 

this constant deflection by comparing the actual deflection of the cantilever with a set 

deflection and restoring the desired value by applying voltage to the piezocrystal to raise 

or lower the sample relative to the cantilever.  The voltage that the feedback amplifier 

applies to the piezocrystal is a measure of the height features on the sample surface and is 

recorded as a topography image. 
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Figure 2.2:    A schematic showing the essential elements of a typical atomic force    

microscope. 
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In the dynamic mode, the tip only touches the sample intermittently on the 

downward swing of its oscillation so lateral forces are significantly reduced.  Hence this 

mode is often applied to soft samples like biological specimens but also to samples that 

are weakly held to the surface.   

The piezoelectric crystal is used to externally oscillate the cantilever close to its 

resonance frequency and with relatively high amplitude when the tip is not in contact 

with the surface.  As the tip rasters the surface, it alternately touches and lifts off the 

surface, but as it touches it, it inevitably transfers a small amount of energy and the 

cantilever oscillation is reduced.  When the tip encounters a high feature the oscillation 

amplitude is decreased and when it encounters a depression in the surface the oscillation 

amplitude is increased.  The changes in oscillation amplitude are measured by a detector 

and restored by the feedback amplifier.  Similar to contact mode, the voltage that the 

feedback amplifier applies to the piezocrystal is a measure of the surface features and is 

recorded as a topography image. 

 

2.3.1.3 AFM Probes  

An AFM probe consists of a substrate at the end of which there is a cantilever 

from which the tip is suspended.  The cantilever is a small micro-precision-machined 

rectangular or triangular lever about 100-200 µm long having a specific spring constant 

and resonant frequency.  The tip is typically on the order of a few Angstroms and has a 

tip radius less that 10 Å.  The tip can be conical or pyramidal in shape and its radius of 

curvature or tip sharpness, determines the lateral resolution and therefore determines in 

part the final quality of the image obtained.   
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The two most important properties of an AFM cantilever are the spring constant 

and resonant frequency.  The spring constant determines the force between the probe and 

the sample when they are in close proximity and is determined by both the material used 

to construct the cantilever, as well as the cantilever geometry.  Force is determined by 

measuring the deflection of a spring cantilever and is calculated using Hooke's Law:  

F = - kx 

where k is the spring constant and x is the displacement of the cantilever.  The resonant 

frequency is dependent on both the material and physical dimensions of the cantilever as 

well as the forces that act on the probe and is related to the spring constant by the 

following equation: 

Resonant frequency = 1/2π√(spring constant/mass) 

The various imaging modes often require the use of cantilevers with different 

spring constants and resonant frequencies.  In contact mode AFM, “soft” cantilevers 

made from silicon nitride are most often used since these give better imaging.  These 

probes have spring constants less than 0.5 N/m and resonant frequencies in the 5-50 kHz 

range.  “Stiff” cantilevers have higher spring constants (10 N/m) and resonates at higher 

frequencies (200-400 kHz) than soft cantilevers and are mostly used for dynamic mode 

imaging.   

 

2.3.1.4 Preparation of Samples for AFM Experiments 

Samples were prepared by dropping 20 µL of 0.10 mg/mL aqueous ferritin 

solutions on a 1cm2 silicon wafer.  The wafers were placed in a vacuum desiccator for 

approximately 10 min to evaporate the water and then UV-ozone treated (Novascan) for 

60 min at 373 K under oxygen (<5 psi). 
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2.3.1.5 Phase Imaging of Samples for AFM Experiments 

 With the invention of scanning probe microscopy, and atomic force microscopy in 

particular, several experiments have been conducted using this technique for mapping 

multiphase systems especially in polymer systems, with extremely high resolution and 

material contrast. The most important technique for this purpose is phase contrast 

imaging (PCI). In this technique, the phase lag of the cantilever oscillation, relative to the 

signal sent to the cantilever piezo driver, is monitored simultaneously together with the 

topographic response 157. This approach provides both amplitude and phase difference, 

and the mapping of that phase during the analysis allows one to go beyond simple 

topographical imaging and to detect variations in composition. Phase contrast imaging 

provides enhanced resolution (better than 10 nm) and is less likely to induce damage on 

soft surfaces, because it works in non-contact or intermittent contact, in contrast to the 

contact mode technique 157. 

 The contrast in the phase imaging is due to an offset in the zero phase ie. the 

reference phase which is set at the time of resonating tip engaging on to the surface. The 

phase offset is a function of material properties such as hardness of the material, their 

sticking coefficient 157 etc. compared to the zero phase of the substrate. When the tip 

comes across a feature that is soft compared to substrate, the phase offset is positive 

compared to the zero phase. When the tip comes across a feature is that soft or sticky 

compared to the substrate, the phase offset is negative compared to the zero phase. This 

phase offset and contrast in the phase imaging is a good indication of difference in 

material properties. The following figure 2.3 and 2.4 shows a schematic of the phase lag 

that takes place in the case of phase imaging. 
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Figure 2.3: Plot of amplitude vs resonant frequency of the vibrating tip of atomic force 

microscopy, and a derivative plot showing the minima as the zero phase at the point of tip 

engagement on substrate surface. 
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Figure 2.4: A plot showing a shift in the resonance tip amplitude and the corresponding 

shift in the phase of resonance with respect to the offset of the set point frequency.  
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In the above image, the response of the tip resonating in the tapping mode is 

plotted as a function of frequency of resonance against the amplitude of resonance in 

volts. The derivative of the frequency vs amplitude shows a ‘zero point’ or ‘zero phase’ 

at the resonant frequency. This ‘zero phase’ is taken as the reference phase in tapping 

mode AFM imaging at the point of engaging on the substrate surface. All phase changes 

or rather the dampening in the amplitude of resonance frequency is measured as the shifts 

or the phase lags in the sinusoidal behavior of the tip response in the tapping mode. For 

instance in the above diagram, the black curve indicates the tip resonating at the point of 

engagement on the black substrate. As the tip encounters a feature shown in red color, 

which has a more sticking coefficient than the black substrate, then there is a dampening 

in the amplitude of resonant frequency compared to the set resonant frequency, as a result 

there is a phase lag in the sinusoidal behavior of the tip. Like wise when the tip 

encounters a feature shown in green, which has less sticking coefficient that the black 

substrate then we observe a positive phase shift in the sinusoidal behavior of the tip 

response. This way depending on the material property, we can differentiate between 

different materials or the appearance or growth of a new material on a substrate by 

observing the contrast in the imaging as a result of shifts in the sinusoidal phase response 

of the resonating tip in tapping mode. 

 This technique of AFM imaging has been used in our study of nanomaterials 

interacting with contaminants in the soil and ground water environment and often the 

redox chemistry taking place on the nano mineral surface results in the formation or 

coprecipitation of a new mineral phase on the substrate mineral surface. The growth of 

this new mineral phase on the substrate mineral and a time dependent kinetic study could 
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give us valuable information regarding relevant mineral and environmental chemistry. A 

detail study of mineral redox chemistry using this AFM technique of phase imaging has 

been discussed in later sections.  

 

2.3.2 Scanning Tunneling Microscopy 

A scanning tunneling microscope (STM) is a tool that allows the investigation of 

electrically conducting surfaces down to the atomic scale.  The technique provides a three 

dimensional profile of the surface which is very useful for determining the size and 

conformation of molecules and aggregates on a surface, characterizing surface roughness 

and observing surface defects.158-163  The principle of scanning tunneling microscopy is 

based on a phenomenon called quantum mechanical tunneling.  A very sharp tip usually 

made from tungsten or platinum-iridium wire is mounted on a piezoelectric tube, and 

placed in very proximity to the sample.  The tip is held at zero voltage and a small bias 

voltage is placed on the sample.  When the tip is extremely close to the sample (on the 

order of Å), a bias voltage called the tunneling current (I), flows between the tip and the 

sample.  This very small tunneling current is formed as a result of the overlapping 

wavefunctions between the tip atom and the sample surface atom and is exponentially 

dependent on the gap distance (d).  The magnitude of I is also very sensitive to the local 

density of electronic states and the local tunneling barrier height (φ). 

I ∝ e-2kd   where k = √(2mφ)/ħ 

When a sharpened tip that terminates in a single atom is used, the resulting tunneling 

current is confined laterally to a radius of a few Angstroms.  Due to this lateral 

confinement of the current, STM images have remarkable spatial resolution.  The 
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electronics of the STM’s feedback control loop is used to keep the distance between the 

sample and the tip constant (constant current scanning mode) as the tip rasters a small 

region of the surface.  Corrugations in the electron density at the surface of the sample 

cause corresponding variations in I, which are detected, amplified, recorded and 

displayed as an image of surface topography.  A schematic of the process is depicted in 

Figure 2.5. 
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Figure 2.5: A schematic showing the essential elements of a typical scanning 

tunneling microscope. 
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2.3.2.1 STM Instrumentation 

The Picoscan LE (Molecular Imaging) equipped with an STM head was used to 

collect all the STM images presented in this work.  The scanner was operated in the 

constant current tunneling mode, with a sensitivity of 1-10 nA/V, a bandwidth of 300 Hz 

to 3 kHz, and noise RMS of ±10 nA to ±100 nA. 

 

2.3.2.2 Preparation of Samples for STM experiments. 

The ferritin samples were placed on a Au single crystal, dried in a vacuum 

desiccator and ozone treated at 120 oC for 60 min.  The Au crystal was obtained from 

Monocrystals Company (Ohio) and had dimensions of 6.4 mm diameter and 2 mm 

thickness, and a <111> orientation.  This crystal had to specially cleaned in a multi-step 

process, the first involving sonication in acetone for 30 minutes, followed by sonication 

in isopropanol for another 30 minutes, and then hydrogen flame annealing for 5-10 

minutes.  Finally, the crystal was rinsed in double distilled water and dried in an 

atmosphere of nitrogen. 
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2.4 X-ray Photoelectron spectroscopy 

X-ray photoelectron spectroscopy (XPS) is a surface characterization technique, 

which reveals chemical elements present at the surface and also about the chemical bond 

nature that exists between these elements.  It utilizes photo-ionization and energy-

dispersive analysis of the emitted photoelectrons to study the composition and electronic 

state of the surface region of a sample and requires working in ultra high vacuum (UHV).  

XPS also provides information about the environment of the atoms probed because 

changes in the electron density around atoms, such as from oxidation, cause 

complementary changes in electron binding energies and therefore shift the energy of the 

photoelectrons being emitted 164. 

XPS is based upon a single photon in/electron out process.  The photon is 

absorbed by an atom in the sample, leading to ionization and emission of a deep core 

electron.  Deep core electrons have binding energies corresponding to the energies of 

photons that lie in the X-ray region.  An appropriate electron energy analyzer measures 

the kinetic energy distribution of the emitted photoelectron and a photoelectron spectrum 

is recorded.  For each element, there is a characteristic binding energy associated with 

each core atomic orbital.  Therefore, each element will give rise to a characteristic set of 

peaks in the photoelectron spectrum at kinetic energies determined by the photon energy 

and the respective binding energies.  Typically, photoelectron spectroscopic data is 

plotted using the binding energy (EB) of the electrons, which is related to kinetic energy 

(Ekin) by the following equation as shown in figure 2.6 165. 

Ekin  =  hν – EB – φA 

where φA is the work function of the analyzer. 
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Figure 2.6: A schematic showing the working principle of photoelectron spectroscopy. 
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Surface analysis techniques such as XPS, generally require the sample to be 

placed in a high or ultra-high vacuum (UHV) chamber with pressures typically on the 

order of 10-7 to 10-9 Torr.  This is because the analytical signal is composed of electrons 

emanating from the sample being analyzed and in order for these electrons to travel 

successfully from the surface to the energy analyzer and get detected they should 

encounter as few gaseous molecules as possible.  If this were not the case, then at 

pressures greater than 10-6 Torr, there would be intense scattering and interactions 

between photo-emitted electrons and incident residual gases.  The kinetic theory of gases 

states that: 

 

F  =  NA 
MRT

P

π2
   =   3.51 x 10

22
 

TmolegM

torrP

)/(

)(
   =   F (atoms/cm

2
 · sec) 

where F is the flux of molecules, M is the mass of the molecule striking the surface of 

unit area at a given ambient pressure (P) and temperature (T).  Since the concentration of 

atoms on the surface of a solid is on the order of 1015 cm-2 and the sticking probability is 

equal to unity 166, then if each incident gas molecule stays on the surface, for P = 3 x 10-6 

Torr and M = 28 g/mole, with T at room temperature, F is approximately 1015 

molecules/cm2/sec.  Theoretically, at this pressure the surface would accumulate a 

monolayer of contaminant in 1 sec.  Practically though, it takes much longer for a 

contaminant monolayer to accumulate on a surface and at a working pressure of 1 x 10-9 

Torr for instance, assuming each incident molecule sticks to the surface which is never 

the case, the time frame for monolayer contamination is on the order of an hour. 

Dr. Alfred Miller analyzed the XPS samples at Lehigh University facility on the 

Scienta ESCA-300 instrument. 
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2.4.1 Vacuum Chamber 

XPS vacuum chambers are essentially a bakeable stainless steel UHV chamber 

with a base pressure of 1 x 10-9 Torr.  The lock-and-load chamber is usually pumped 

independently of the main chamber so high pressure experiments could be carried out 

before introduction of the sample into the main chamber for XPS analysis.  Usually the 

lock-and-load chamber is pumped from atmospheric pressure to 10-3 Torr using 

mechanical pump, and then pumped to 10-6 Torr using a turbomolecular. The main 

chamber is pumped simultaneously using turbomolecular and He cryogenic refrigeration 

pumps.  The pressure during the venting or rough pumping of the chamber is monitored 

with a thermocouple gauge. Figure 2.7 shows a schematic of the main chamber 

components.  

 

2.4.2 X-ray Sources 

The chambers use dual anode X-ray source for photoelectron spectroscopy. 

Monochromatic Al Kα x-rays generated from a rotating anode, which can operate at 

power levels of up to 7.5 kW, was used as x-ray source (1486.7 eV) with high resolution, 

300 mm mean radius hemispherical electrostatic analyzer. The source contained a 

tungsten filament that emitted electrons, which could accelerate to 15 keV when a voltage 

is applied.  These electrons accelerate to the anode, which possesses high enough energy 

to eject core level electrons from atoms in the sample.  Higher-level electrons from the 

same atoms in the sample then relaxed to fill the core holes and the change in energy was 

given off as photons, whose energies were subsequently detected. 
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2.4.3 Analyzers 

High resolution 300 mm mean radius hemispherical electrostatic analyzer 

designed for high throughput with small solid angle acceptance for enhanced angle 

resolved XPS capabilities.  

The hemispherical analyzer consists of two metal hemispherical shells, which are 

arranged such that their centers of curvature are coincident.  An electric field is created 

between the two hemispheres, by placing different voltages between them.  When 

electrons are injected into the gap between the hemispheres, the electrons that are 

traveling very fast impinge on the outer hemisphere and the ones that are traveling very 

slowly are attracted to the inner hemisphere.  For a given radius of curvature, only 

electrons presenting the right energy will pass through it and the others will collide with 

the analyzer walls.  In this way, only electrons in a narrow energy region succeed in 

getting all the way round the hemispheres to the detector.   

Sample preparation and the CASA-XPS peak fitting software details used to 

analyze the data including the entire peak fitting parameters are discussed in chapter 5. 
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Figure 2.7: A schematic showing the main components of vacuum chamber. 
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2.5 Attenuated Total Reflectance-Fourier Transform Infrared Spectroscopy 

                                                       (ATR-FTIR) 

Attenuated total reflectance Fourier-transform infrared spectroscopy (ATR-FTIR) 

is a surface technique that uses an IR beam to probe the sample surface 167-169. This 

technique allows both qualitative and quantitative analysis of samples and requires very 

little sample preparation, thereby saving considerable analysis time.  It is also extremely 

surface sensitive and this is due to a very small sampling path length or depth of 

penetration into the sample. FTIR spectroscopy uses a crystal made from a material 

having a relatively high refractive index, such as multi bounce zinc selenide (ZnSe) or 

germanium (Ge) or Diamond (single bounce), which results in near-total internal 

reflection of the beam.  A 80×10×4 mm, 45 degree ZnSe crystal has a transmission range 

of 20 000 to 450 cm-1, is hard and brittle, can be heated up to 300 oC, and can be easily 

cleaned with water, alcohol or acetone.  The properties of this crystal results in the 

formation of an evanescent wave, that has a depth of penetration of about a few microns 

into the sample. During penetration of the IR radiation, some of the energy of the 

evanescent wave is absorbed by the sample at wavelengths characteristic of its molecular 

structure before being reflected from the crystal to the detector.  Figure 2.8 is a schematic 

showing the path of the infrared beam through the crystal and the sample placed upon it. 

Figure 2.9 is a schematic showing single bounce diamond lens used as an ATR-FTIR 

accessory. The sample could be dried and pressed against the diamond lens for better 

sample contact with the surface, thus better signal to noise ratio. 
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Figure 2.8: A schematic showing the path of IR beam through the HATR-FTIR element 

and the sample on it. 
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Figure 2.9: A schematic showing the path of IR beam through the ATR-FTIR diamond lens 

and the sample on it. 
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2.6    Ion chromatography 

Ion chromatography was performed on a Dionex instrument to analyze 

manganese oxide samples exposed to arsenic(III) species and monitor the release of 

manganese(II) into the solution along with oxidation of As(III) to arsenate(V). Figure 

2.10 shows the schematic of an ion chromatography instrument. Samples were injected 

through the sample injector, was allowed to flow through the column along with standard 

eluent introduced by the pump. The sample and eluent flow through the guard column 

first to ensure removal of any small particulates to avoid the column from clogging. After 

passing through the guard column, the sample and eluent passes through the separation 

column. All the species are separated through the column at different retention time and 

enters the detector. The detector is an ion conductivity detector and it measures the 

conductance of the charged species. To obtain concentration of an unknown sample, 

standard solutions of that species are run through the column for calibration and a 

standard curve. Comparing unknown sample conductivity against the standard curve, 

concentration of the unknown sample could be calculated. Sodium carbonate and 

bicarbonate solution was used as an eluent for anion column and sulfonic acid was used 

for cation column. 
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Figure 2.10: A schematic showing the main components of an ion chromatogram. 
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                                                       CHAPTER 3 
 
   INTERACTION OF 2-LINE FERRIHYDRITE WITH ASCORBIC ACID AND   

                                       LIPID SOLUTION 

 

 The interaction of ascorbic acid with ferrihydrite nanoparticles with and without 

phospholipid adsorbate has been investigated with atomic force microscopy (AFM), 

attenuated total reflection Fourier Transform infrared spectroscopy (ATR-FTIR), and 

batch geochemical methods.  The interpretation of the vibrational data obtained using 

FTIR was complemented by theory. In situ AFM studies showed that 4-6 nm diameter 

ferrihydrite particles showed no dissolution at circum neutral pH in the absence of 

ascorbic acid, but in its presence the particles showed facile dissolution over a period of 

hours.  This dissolution process was suppressed if the particles were exposed to the 

organic lipid prior to or during exposure to ascorbic acid.  AFM analysis of the lipid layer 

showed that its thickness was close to 5 nm, which would be expected if the lipid 

assembled into a bilayer structure on the nanoparticles.  Results from attenuated total 

reflection (ATR) infrared spectroscopy interpreted in view of theoretical calculations 

suggested that exposure of ferrihydrite to ascorbic acid led to a stable monodentate 

ascorbate species. 

 

3.1  Introduction 

 Ferrihydrite, an iron oxyhydroxide, is a ubiquitous material in many aquatic and 

soil environments.  This mineral is often found as a product in acid mine drainage (AMD) 

170 environments, as well as in soils, aquatic systems, and in environments where 
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conditions are favorable for the rapid kinetically controlled precipitation of ferric from 

solution.  In general, the mineral is metastable and is often a precursor for the formation 

of the more stable goethite and hematite phases.  An interesting aspect of ferrihydrite is 

that it exists as an intrinsically nanocrystalline material and at least in part the high 

surface to volume ratio leads to a high surface reactivity toward a variety of 

environmentally relevant aqueous species.  For example, prior studies have shown that 

ferrihydrite interacts strongly with environmentally relevant species, such as arsenite171, 

172, chromate173, and phosphate174, 175.  Because of the high reactivity of this mineral 

phase it has been actively investigated with an eye towards using it as a sorbant to 

remove toxic species from the environment 176. Furthermore, its precipitation/dissolution 

properties are also important, since the precipitation of ferrihydrite can result in the 

sequestration of foreign species and in the case of dissolution, the release of species that 

may be detrimental to the surrounding environment.   Prior research has also shown that 

the dissolution of ferrihydrite is facilitated by the absorption of solar radiation and this 

most certainly is an important consideration when understanding the reactivity of the 

mineral in the environment 177. 

 Ferrihydrite typically comes in two varieties, commonly referred to as 2-line (2-4 

nm particles) or 6-line ferrihydrite (4-6 nm diameter); labels that refer to the number of 

broad x-ray diffraction maxima associated with the particular material. The structure of 

ferrihydrite has been a subject of debate for many years.  Recent research using a pair 

distribution function (PDF) analysis of the total scattering from 2 and 6-line ferrihydrite 

has suggested that the general structure of the different size particles is similar, and 

contains both octahedrally and tetrahedrally coordinated iron in a single phase 75.  The 
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recently proposed single-phase model is constructed from clusters comprised of a central 

tetrahedrally coordinated Fe connected by m4-oxo bridges to 12 peripheral octahedrally 

coordinated Fe atoms that exist as edge-sharing groups of three.  It is mentioned, 

however, that this recent single-phase model is in some disagreement with prior structural 

models that considered ferrihydrite as a multi-phasic material.  

In the current study presented here we present results associated with the 

dissolution of 2-line ferrihydrite in the presence of ascorbic acid.  Prior batch studies 

have shown that ascorbic acid facilitates the reductive dissolution of Fe(III)-bearing 

minerals, that include ferrihydrite, hematite, goethite, and lepidocrocite 178. Ascorbic acid 

has typically been used as a proxy for the various reductants in the environment that can 

lead to the dissolution of ferric-bearing iron oxides.  We add, however, that the 

interaction of ascorbic acid with ferrihydrite in particular has a biochemical connection, 

since the inorganic core of ferritin, natures Fe-sequestration protein common to 

mammalian species, is presumably ferrihydrite.  Hence, understanding the interaction of 

ascorbic acid (the L-enantiomer of which is Vitamin C) with ferrihydrite might have 

future relevance to understanding the interaction of ferritin with bio-relevant molecules.   

Appreciating that the interaction of ascorbic acid with ferrihydrite has been 

studied before, it is important to distinguish our study from those earlier studies.  First, 

prior studies of ascorbic acid/ferrihydrite have been concentrated on batch reaction 

results that have determined phenomenological kinetic equations for the reductive 

dissolution process.  Our study is focused on a more molecular level approach where 

atomic force microscopy results are presented that can resolve the dissolution kinetics of 

individual particles.  First, this approach allows us to address whether the nanoparticles, 
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or more specifically the ferrihydrite particles, exhibit similar reactivities.  Second, we 

have investigated the adsorbed layer on the ferrihydrite with attenuated total reflection 

Fourier transform infrared spectroscopy (ATR-FTIR) and with the aid of ab initio 

calculations we present a model for the structure of surface bound ascorbate.  Finally, 

results are presented that use AFM to investigate the reductive dissolution of ferrihydrite 

with adsorbed phospholipid and show that the dissolution kinetics of the ferrihydrite is 

strongly affected by the presence of this molecule. Phospholipids are important 

constituents of bacteria and they are present in natural aquatic systems and sediments as 

bacterial exudates and extra cellular polymeric materials. Adsorption of these on to 

mineral surface alters their surface functionality, charge and reactivity 179-181, self 

assembly of lipid bilayers on mineral surfaces has also been indicated to play a 

significant role in organizing prebiotic organic molecules into the essential 

macromolecules of life 182. Apart from this, iron oxides and other inorganic nanoparticles 

with special super paramagnetic properties draw much attention for their biocompatibilty 

and stability, coated with a lipid bilayer functionalized with protein ligands 183-185. The 

stability of iron oxide nanoparticles play an important role in natural sediments as well as 

in biological systems for drug delivery and cell targeting 186, 187. The implications drawn 

from this last experiment is that the dissolution kinetics of ferrihydrite will be strongly 

affected in natural environments and biological systems that include non-redox active 

species that can strongly adsorb to the ferrihydrite surface. 
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3.2          Experimental Methods 

3.2.1       Synthesis of 2-line Ferrihydrite Nano Particles 

   All the ferrihydrite used in this study were of the 2-line variety.  Briefly, using a 

synthetic route published elsewhere 59 ferrihydrite was synthesized by adding a 1 M 

solution of reagent-grade potassium hydroxide (Sigma-Aldrich) to a 0.2 M solution of 

reagent-grade ferric nitrate (Sigma-Aldrich) with constant stirring until the pH of the 

solution reached 7.5. The resulting ferrihydrite precipitate was repeatedly washed with 

deionized water and centrifuged to remove electrolytes associated with the initial 

solution.  The resulting particles were analyzed with TEM and exhibited diameters 

ranging from  2-3 nm, consistent with the AFM results reported on in this contribution. 

 

3.2.2    Batch Reactions 

  Batch measurements of the dissolution of ferrihydrite under the various 

experimental conditions used in our study were carried out by using the ferrozine test, 

which is based on the complex that forms between Fe(II) and ascorbic acid that leads to a 

strong absorbance at 562 nm. For all the batch reactions, an amount of ferrihydrite was 

used that would produce a solution concentration of 0.48 mM, upon complete dissolution 

of the mineral.  Samples were collected at regular intervals and then filtered through 

microcon centrifugal filter units. These membrane filters are made of Ultracel 

regenerated cellulose, which retains more than 95% of the solute. The aliquots collected 

after filtration were analyzed for Fe(II) using the ferrozine test. 
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3.2.3    Preparation of Ferrihydrite with Adsorbed Phospholipid 

 The phospholipid used in this study, 1,2-bis(10,12-tricosadiynoyl)-sn-Glycero-3-

Phosphocholine lipid (referred to as 23:2 Diyne PC) was prepared by adding 15 µmol of 

the material to 10 mL of a 0.10M NaCl solution at 298 K.  An initial stirring and a 

subsequent ultrasonic treatment was used to homogenize the lipid in solution, similar to a 

procedure that had been used in our laboratory before.  Preparation of the ferrihydrite in 

the lipid-based batch experiments was carried out by exposing the mineral to the lipid at a 

concentration of 10mM.  The exposure time was approximately 12 h at room 

temperature.  After this time the sample was rinsed three times with deionized water to 

remove any lipid not bound to the ferrihydrite.   

 

 

3.2.4 Preparation of Ferrihydrite for AFM Studies  

Ferrihydrite imaged in solution by AFM were partially embedded in a poly 

methyl methacrylate (PMMA) polymer film that was spin coated on a glass substrate.  

The direct drying of ferrihydrite on a glass slide with subsequent exposure to solution led 

to the displacement of the majority of the ferrihydrite from the substrate.  Furthermore, 

the particles still residing on the glass substrate were easily displaced from and/or along 

the surface by the AFM-tip. To circumvent this problem, PMMA was suspended in a 

chloroform solution and then spin coated on a glass slide.  AFM of the PMMA film 

showed a rather smooth surface.  Ferrihydrite in pH 7.5 DI water was spread on the 

polymer film and the sample was subsequently vacuum dried.  After drying, the sample 

was heated to 378 K, a temperature that was slightly greater than the glass transition 
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temperature (Tg) of bulk PMMA polymer for 20 min.  At this point a fraction of the 

ferrihydrite partially embedded itself into the softened polymer.  Residual ferrihydrite not 

bound to the polymer film was removed by rinsing in pH 7 DI water.  As will be evident 

from micrographs presented latter this process led to significant aggregation of the 

ferrihydrite particles, leaving a minority population of the particles physically isolated 

from one another. The schematic of this procedure is shown in figure 3.1. 

 

3.2.5 ATR-FTIR based Experiments 

 A Nicolet 580 research FTIR with a SpecacTM Golden gate ATR accessory 

(diamond lens) was used to obtain the vibrational data.  All FTIR data was recorded at 4 

cm-1 resolutions.  The ascorbic acid/ferrihydrite vibrational data was obtained from 

ferrihydrite that was exposed to a 10mM ascorbic acid solution for 10 min.  After 

exposure the solution was centrifuged and the collected ferrihydrite was rinsed with DI 

water.  This procedure was used to remove the possibility of any solution phase ascorbic 

acid contributing to the vibrational data.  The resulting ascorbic acid/ferrihydrite slurry 

was deposited directly on the diamond-ATR lens for analysis. 
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Figure 3.1:  A schematic of partially embedded nanoparticles in a thin polymer film. The 

polymer film is heated upto the glass transition temperature Tg. The ferrihydrite particles 

are partially embedded in the matrix when the polymer softens near the glass transition 

temperature. 
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3.2.6 Theoretical Calculations 

Theoretical calculations were performed using the electronic structure program 

Gaussian03, and normal modes were analyzed in GaussView 3.0 24. The unrestricted 

hybrid density functional method was employed using Becke’s three-parameter nonlocal-

exchange functional with the gradient-corrected correlation functional of Lee-Yang-Parr. 

The standard 6-31+G(d) all electron split valence basis set including polarization and 

diffuse functions was utilized. Minima on the potential energy surfaces were located from 

a geometry optimization calculation on the entire system where no symmetry or 

geometrical constraints were allowed. Frequency calculations were subsequently 

performed on the geometry optimized structures corresponding to stationary points on the 

potential energy surface to verify that a minimum was successfully located (ie. no 

imaginary frequencies) and to obtain predicted IR frequencies comparable to 

experimental FTIR spectra. All calculated values were scaled by a factor of 0.9613 to 

account for anharmonicity and incomplete electron correlation. H2O molecules were 

included to H-bond with the model surface to obtain results more comparable to 

experiment. 

 

3.3 Results  

3.3.1 Dissolution Study of Iron Oxide in Bulk Solution 

            Figure 3.2 represents the dissolution data of iron oxide nanoparticles in the 

presence of ascorbic acid at pH~3.4. Samples were prepared as described in the 

experimental section and the concentration of Fe(II) was monitored with the standard 

ferrozine test. Control experiments were conducted at pH 2.0 and pH 3.4. The control 
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experiments shown in figure 3.2 conducted in DI water at similar pH gives a dissolution 

rate value of 1.2×10-11 mol/m2.sec. In these data sets, we have also studied ferrihydrite 

dissolution with excess ascorbic acid and complete dissolution is observed. A plot of 

fraction of ferrihydrite mass left in solid phase as a function of time is shown in figure 

3.2. Figure 3.3 is obtained from figure 3.2 and it represents the kinetics of bulk 

dissolution rate normalized over initial mass as a function of mass fraction of iron left in 

solid phase. The dissolution rate of minerals could be calculated using the equation J/m0 

= K (m/ m0)
γ , where J is the overall rate of dissolution and K is the rate constant 79. 

Figure 3.3 shows a plot of Log(J/m0) vs Log(m/ m0). The intercept of the curve as shown 

in figure 3.3 gives us the value of rate constant equal to 2×10-4 sec-1, which is in good 

agreement with prior study 81. Also the slope of curve gives a value for γ, which is 

reported to be an important parameter in determining the rate of dissolution and it takes 

into consideration the surface heterogeneity, size variation, composition etc. The γ value 

obtained is equal to 2.1, which is reported in literature to vary from 1.1 to 2.5 79, 81. The 2-

line ferrihydrite used in our study yields a BET surface area close to 336 m2/gram 79. The 

rate of dissolution calculated from above equation and the BET surface area gives a value 

of 1.84×10-8 mol/m2.sec. Prior research 81 has indicated a variation in γ value at terminal 

dissolution suggests heterogeneity of ferrihydrite surface, although these results were 

obtained from batch reaction studies where the particles would be expected to exist in 

huge agglomerates and clusters, which could affect the value of γ during dissolution. Our 

data in figure 3.3 shows constant γ value, which in part suggests constant dissolution rate 

but it is not sufficient to conclusively comment on the homogeneity of the ferrihydrite 

surface. The homogeneity of ferrihydrite composition and homogenous dissolution is 



 60 

further verified with AFM experiments monitoring single particle dissolution over time 

as discussed in later sections.   
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Figure 3.2: Dissolution of ferrihydrite particles in the presence of ascorbic acid and low 

pH DI water. (a) Control experiment with pH 3.4 DI water, (b) Control experiment with 

pH 2.0 DI water (c) Dissolution in the presence of excess ascorbic acid at pH 3.4. 
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Figure 3.3: Bulk dissolution of ferrihydrite particles in the presence of ascorbic acid. 

Ferrihydrite dissolution rate normalized over initial mass (rate/m0) versus the fraction 

(m/m0) remaining in the solid phase. 
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3.3.2a.    AFM Study of Ferrihydrite Dissolution in pH 2.0 DI Water.  

            Figure 3.4 exhibits AFM micrographs of supported ferrihydrite particles in 

ascorbic free water over an extended time period. The initial image was obtained as 

neutral pH DI water was flowed at a flow rate of 20µl/min over the supported 

nanoparticles for 20 min. Additional experiments carried out in our laboratory showed 

that no dissolution of the particles were experimentally observed by AFM under these 

specific conditions for times ranging up to 48 hr. After a steady image of the particles in 

DI water was obtained, low pH (~2.0) DI water was flowed over the particles and 

simultaneously imaged through out. The images shown, indicates the changes in the size 

and morphology of the particles after low pH DI water were introduced over 8 hours of 

experiment. The particles in figure 3.4 shows very slow dissolution kinetics as indicated 

by a small decrease in the particle height, over a period of 8 hours. Also images collected 

after 24 hours show that there is no significant dissolution at low pH with in that time 

period yielding an average rate of 3×10-11 mol/m2/sec. But the particles undergo complete 

dissolution in the presence of ascorbic acid at similar pH, explained in the later section. 
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Figure 3.4   Dissolution of ferrihydrite nano-particles in the presence of pH 2.0 DI water.  

(a) Particle height at 0 time, (b) Particle height after 120 min, (c ) Particle height after 8 

hours. Scale bar 500nm. The cross sectional peaks have been shifted laterally for clarity. 
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3.3.2b.   AFM Study of Ferrihydrite Dissolution in the Presence of Ascorbic Acid  

         Figure 3.5 exhibits AFM micrographs of supported ferrihydrite particles in the 

presence of ascorbic acid over an extended time period.  Figure 3.5a shows the image 

obtained after ascorbic acid was flowed at a rate of 20µl/min over the supported 

nanoparticles for nearly 240 min. Figures 3.5b, c, and d were obtained periodically (see 

figure caption) after figure 3.5a in solution phase. Figure 3.5a shows a single particle 

cross section (see figure 3.5a). The particles existed as agglomerates initially and reduce 

down to 4nm single crystals in the presence of ascorbic acid flow. The kinetics of 

ferrihydrite dissolution was measured as a function of particle size starting with a 4nm 

particle as our TEM images indicate that individual ferrihydrite nanoparticles are in the 

range of 4-6nm 72. The sample was continuously scanned and only representative images 

are shown.  Also, included in the figure is a topographical analysis of the particle heights. 

The topography analysis, which shows the dissolution of a particular single particle, 

indicates that the height of the particle decreases from 4 nm to less than 1 nm after 35 

minutes. Further exposure to ascorbic acid results in the complete dissolution of the 

embedded ferrihydrite particles as evidenced by depressions (less than10 A˚) in the 

topographical analysis of the polymer support. The rate of dissolution is determined from 

the AFM analysis of a single 4nm particle as a function of time. Figure 3.6 shows a plot 

of particle mass as a function of time. Although single particles were obtained after 240 

minutes of ascorbic acid exposure to the agglomerates, for our single particle dissolution 

kinetics, the 4nm particle was considered as the initial particle size at zero time. This 

analysis gives the rate of dissolution on a microscopic level. The rate obtained is nearly 

2×10-8 mol/m2.sec, which agrees reasonably well with the values reported in literature 81.  
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Figure 3.7 indicates the normalized rate of dissolution for two isolated single particles 

and plotted against time. Normalized rate was calculated for 5 individual particles and 

error bars are indicated. The results show good linearity for normalized rate of dissolution 

suggesting homogeneity of the particles behavior. 

 The particles imaged in DI water prior to introduction of ascorbic acid shows big 

crystals ranging up to 22nm as shown in figure 3.8. We note that the individual 

ferrihydrite particles made by our synthetic route are typically in the 4-6 nm range 72. 

Hence, our observations of particles ranging up to 22 nm are due to agglomerated 

nanoparticles, as we do observe individual nano particles at later stages of dissolution as 

shown in figure 3.5. The complete dissolution of the agglomerated ferrihydrite particles 

over the ~5 hour in the ascorbic acid solution is consistent with macroscopic batch 

studies carried out in our laboratory. These data are shown in Figure 3.2 that plots the 

aqueous Fe(II) concentration as a function of time for a solution containing excess of 

ascorbic acid. The agglomerated particles ranging up to 22nm shows similar dissolution 

behavior over period of time as a single 4 nm particle, and could be approximated as a 

big spherical 22nm particle. Based on this approximation and treating this agglomerate as 

a sphere, the rate of dissolution could again be calculated starting with a 22nm particle. 

Figure 3.8 shows the topographical analysis of particles and figure 3.9 shows the 

normalized rate of dissolution for the agglomerate, which is identical to the individual 

single particles. This indicates that the agglomerated particles behave essentially as 

individual particles suggesting homogenous behavior. 
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Figure 3.5: Cross sectional data of a single ferrihydrite particle showing dissolution in the 

presence of ascorbic acid. (a) Particle at 0 time, (b) Particle after 20 min, (c ) Particle 

after 35 min,  (d) Complete dissolution of particle. 
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Figure 3.6: Microscopic dissolution of the particle as shown in figure 3.5, in the presence of 

ascorbic acid.  Mass of Fe+3 remaining as a function of time. 

 

 

 

 

 

 

 

Time, min
0 5 10 15 20 25 30 35

m
as

s 
(1

0-2
0 

gr
am

s)

0

2

4

6

8

10



 69 

 

 

 

 

 

 

 

 

 

 

 

 

Figure 3.7: Normalized rate of ferrihydrite particle dissolution. The rate of ferrihydrite 

dissolution is normalized with surface area as a function of time.  
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Figure 3.8: Ferrihydrite agglomerate dissolution in the presence of ascorbic acid. (a) 

Particle at 0 time, (b) Particle after 240 min. 
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Figure 3.9: Normalized rate of ferrihydrite agglomerate (see figure 3.8) dissolution. The 

rate of ferrihydrite dissolution is normalized with surface area as a function of time. 
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3.3.3         FTIR of ferrihydrite exposed to ascorbic acid 

 We have investigated the ascorbic acid/ferrihydite system with ATR-FTIR, and 

these data are shown in Figure 3.10. Spectra are associated with ferrihydrite, ferrihydrite 

that had been exposed to 10 mM ascorbic acid, and aqueous ascorbic acid. The ascorbic 

acid/ferrihydrite spectrum was referenced against ferrihydrite slurry to remove both water 

and ferrihydrite modes, thus isolating vibrations due to adsorbed species. 

 Aqueous ascorbate (no ferrihydrite present) exhibits bands at 1747 and 1680 cm-1 

that are attributed to the ν(C=O) mode associated with the C1 of ascorbate and a band 

associated with C=O/C=C vibrations respectively 188, 189. Upon complexation with 

ferrihydrite, the C=O stretching mode shifts to 1700 cm-1 and the 1680 cm-1 band shifts to 

1580 cm-1. There also is a loss of spectral intensity near 1420 cm-1, which we attribute to 

the deprotonation of the O(3)-H group (see Fig. 3.10). We suspect, based in large part on 

this last experimental observation, that ascorbate interacts with the ferrihydrite surface 

largely through the C(3)-O- atom. The presence of aqueous ascorbate is expected 

considering that the pKa of the C(3)-OH  group is 4.3.  Such an assertion is consistent 

with prior studies 190, but to better understand the bonding geometry of ascorbate on 

ferrihydrite, we have calculated the vibrational modes for two-model ascorbate binding 

geometries (monodentate and bidentate) on a ferric oxide surface (see Fig. 3.13 and fig. 

3.14).  Table 3.1 summarizes both our experimental data for ascorbate/ferrihydrite and 

the calculated vibrational modes for monodentate and bidentate bound ascorbate.  Figure 

3.11 and 3.12 compares our experimental data against the vibrational spectrum 

synthesized from the calculated modes (assuming a 20 cm-1 full-width-half-maximum). 

Comparison of the experimental data and calculated spectra within the 1450-1900 cm-1 
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window is particularly revealing with regard to the binding geometry of ascrobate.  In 

particular, the calculated positions for the C(1)=O and C=C/C=O bands associated with a 

monodentate bindng configuration are within 5 cm-1 of the experimental peak positions 

associated with ascorbate/ferrihydrite.  In contrast, a comparison of experimental data 

with the calculated bidentate spectrum (Fig. 3.12) shows a large discrepancy between the 

experimental and calculated position for the C=C/C=O band.  Based on this comparison, 

we argue that ascorbate likely adopts a monodendate binding geometry on ferrihydrite.  

Calculations also reveal that even though binding of ascorbate is largely through the 

C(3)-O atom, there is a marked shift in the C=O band associated with the C(1)=O group 

emphasizing the strong vibrational coupling of functional groups that are separated by 

fairly large atomic distances in the ascorbate structure. In essence, based on calculation 

the experimentally observed mode at 1580 cm-1 for ascorbate/ferrihydrite is band having 

contributions from C(1)=O, C(2)=C(3) and C(3)-O-Fe vibrations.  Prior research 191 that 

investigated the interaction of aqueous ascorbate with metal ions reported a similar shift 

of the 1670 cm-1 band for free aqueous ascorbate to 1595 cm-1 upon metal ion 

complexation.  The shift was interpreted as being due to binding of the metal ion to the 

C(1)=O group in addition to the C(3)-O moiety.  Based on our calculations this data 

could be reinterpreted to suggest only metal ion binding to the C(3)-O- group. 

  While agreement between the vibrational modes calculated for the mondentate 

binding geometry agrees well with experiment within the 1450-1900 cm-1 range, there 

appears to be less agreement between experiment and theory below 1450 cm-1.  

Experimental data shows a relatively intense mode at 1365 cm-1 when ascorbate is bound 

to ferrihydrite.  Prior research shows a similarly intense mode when ascrobate is 
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complexed to metal ions in solution and the mode had been primarily associated with the 

vibration of the C(3)-O- group.  Calculation largely bears this out and predicts a band at 

1380 cm-1, that has a strong contribution from C(3)-O-Fe vibrations.  Overall, however, 

the calculations in the lower wavenumber region is not particularly good between 1000 

and 1200 cm-1 where prior studies and calculations suggest there are large contributions 

from C-O and C-C stretching vibrations.  This disagreement may be due to deficiencies 

in the model binding geometries that may be exaggerated by the unknown structure of the 

ferrihydrite surface.  Furthermore, calculated spectra do not include combination bands, 

which may contribute to the experimental data. 
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Figure 3.10: ATR-FTIR spectra of (a) Concentrated Ascorbic acid solution, (b) 

Ferrihydrite exposed to Ascorbic acid,  (c ) Ferrihydrite. 
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Figure 3.11:  FTIR spectra of ferrihydrite exposed to ascorbic acid, forming a surface 

complex structure. Comparision of experimental data with calculated monodentate 

model. 
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Figure 3.12:    FTIR spectra of ferrihydrite exposed to ascorbic acid, forming a surface 

complex structure. Comparision of experimental data with calculated bidentate model. 
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Figure 3.13:  Structure of ascorbic acid.   

 

 

 

 

 

 

 

 

 

 

 

 

Figure 3.14:  Model surface structure of ascorbic acid on a ferrihydrite surface, forming 

monodentate and bidentate complexes. 
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Table 3.1: Comparison of experimental FTIR data with theoretical calculations. 

 

 

        Modes Monodentate 
 
 

Bidentate 
 
 

Experimental 
 
 

Combination bands 

C2= C3 , C1=O   

Water bending modes 

 

   Combination bands 

C2= C3 , C1=O 

C2-OH , C3-O-Fe 

 

C3-O-Fe , C2=C3 } 

C2-O-H-------H2O 

 

     C3-O-Fe , C5-C6 

C6-H , C6-OH 

 

       C2-OH------H2O , 

      C3-O-Fe , C1-C2 

      C3-C4 

 
1697 cm-1 
 
 
 
1658 cm-1 
 
 
 
 
1588 cm-1 
 

 

 

1425 cm-1 

 

1380 cm-1 

1288 cm-1 

 

 

1103 cm-1 

 
1695 cm-1 
 
 
 
1659 cm-1 
 
 
 
 
1529 cm-1 
 

 

 

1405 cm-1 

 

1326 cm-1 

1250 cm-1 

 

 

1113 cm-1 

 
1700 cm-1 
 
 
 
Subtracted in data 
 
 
 
 
1580 cm-1 
 

 

 

 

1365 cm-1 

 

 

 

 

1160 cm-1 



 80 

3.3.4 Dissolution study of iron oxide in bulk solution in the presence of lipid 

            Figure 3.15 plots aqueous iron as a function of time during the ascorbic induced 

dissolution of 2-line ferrihydrite (curve a) and the same mineral with adsorbed 

phospholipid (curve b).  Inspection of the figure shows over a time frame of 500 minutes, 

the amount of concentration of aqueous iron resulting from the dissolution of 

lipid/ferrihydrite is a factor of 2.5 less than what is associated with the lipid-free mineral.  

The lipid/ferrihydrite system also exhibits a reproducible induction period, where for the 

first 50 min there is no detectable dissolution.  We are not sure what this induction period 

is due to, but suspect it is due to some lipid-loss from the surface after the initial contact 

with the aqueous ascorbic acid solution (pH 3). An estimate of the dissolution rate was 

obtained by performing a simple linear regression over the data range and this yields a 

lipid free rate of 2.3×10-8 mol/m2.sec and a lipid/ferrihydrite dissolution rate (using data 

between 0 and 400 min) of 1.1x10-10 mol/m2.sec.  While the lipid-free ferrihydrite shows 

complete dissolution at these experimental conditions, the lipid/ferrihydrite dissolution 

largely stops at 400 min and at this point the ferrihydrite particles retain about 30% of 

their initial mass. Experiments conducted for an additional 24 hours showed no 

significant increase in aqueous iron.  Furthermore, analysis of these particles with FTIR 

(data shown below) after reaction showed significant lipid modes, no modes associated 

with ascorbate, consistent with the lack of dissolution and the inhibitory effect of 

adsorbed phospholipid. 
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Figure 3.15. Fe(II) concentration as a function of time in bulk dissolution. (a) Ferrihydrite 

dissolution in the absence of lipid.  (b) Ferrihydrite dissolution in the presence of lipid. 
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3.3.5 AFM study of ferrihydrite with adsorbed phopholipid 

AFM experiments were performed in-situ with phospho lipid adsorbed onto the 

ferrihydrite surface in solution. The ferrihydrite sample was prepared as described in the 

experimental section. The 2-line particles were imaged in neutral pH DI water and then 

lipid solution was flowed through the AFM flow cell. Lipid was allowed to settle and 

adsorb on the ferrihydrite surface. The excess lipid was pumped out of the flow cell by 

flowing DI water and then the particles were imaged under AFM to monitor physical 

adsorption on the ferrihydrite surface and topographical changes. Figure 3.16 and 3.17 

shows the AFM images and topography of particles before and after exposure to lipid in 

solution phase. The topography cross section indicates a height increase of the 

ferrihydrite particles after lipid exposure. This indicates that the lipid is adsorbing onto 

the surface in self-assembled layers. The difference in particle height after lipid exposure 

is nearly 5-7 nm, which is close to a bilayer of lipid. We suspect that the lipid is self-

assembling as bilayers on the ferrihydrite surface. The schematic of possible bilayer layer 

self-assembly and increase in particle diameter is shown in figure 3.18. 
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Figure 3.16: Ferrihydrite particle topography cross section before and after lipid exposure 

in solution phase. Cross sectional analysis after lipid exposure shows particle height 

increase ~7nm. 
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Figure 3.17: Ferrihydrite particle topography cross section before and after lipid exposure 

in solution phase. Cross sectional analysis after lipid exposure shows particle height 

increase ~7nm. 

 

 

 

1000nm 

Lateral D im ension
0 2000 4000 6000 8000 10000 12000

Pa
rt

ic
le

 h
ei

gh
t, 

an
gs

tr
om

500

600

700

800

900

1000

particle in D I,  34.1 nm
particle coated w ith lipid,  39.6 nm

39.6 nm

34.1 nm



 85 

 

 

 

 

 

 

 

                                                             

 

 

 

 

 

 

 

 

                                                              Iron Oxide  Surface 

 

 

Figure 3.18:   Schematic of lipid adsorption and self assembly to form bilayers (~7 nm) 

on the ferrihydrite surface. 
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 AFM experiments were also carried out to study the interference of adsorbed 

phospholipid with the ferrihydrite particles and to monitor the in situ imaging of the 

dissolution process when lipid is present.  Figure 3.19 exhibits four AFM micrographs 

associated with this experiment.   Figure 3.19a shows the initial ferrihydrite particles in 

DI-water, partially embedded in the polymer substrate. After the acquisition of this 

image, the DI water flow was replaced with a flowing 10 mM ascorbic acid solution.  

Figure 3.19b was acquired 20 min after the ascorbic acid was introduced and topography 

measurement shows that the particle heights have decreased.  For example, analysis of 

the particle denoted 1 (see figure notation) shows that the height has decreased from 40.1 

to 32.4 nm after the 20 min exposure to ascorbic acid.  Immediately after the acquisition 

of image b, the ascorbic acid solution was replaced with a lipid-bearing solution and after 

a 10 min exposure, the AFM micrograph in Figure 3.19c was obtained. In this case, 

particles originally observed in micrograph b, showed an increase in height after the 

lipid-exposure.  We attribute this increase in height to the adsorption of phosphocholine 

lipid. There is no evidence from our AFM observations that any lipid sorbed on to the 

polymer substrate and hence, the phospholipid exclusively adsorbed to the ferrihydrite. 

An analysis of particle 1 shows that the height of the particle increased from 32.4 to 39.1 

nm upon the introduction of the lipid. Further exposure to the lipid did not result in any 

further height change. Figure 3.19d was obtained 48 h after the reintroduction of ascorbic 

acid solution (no solution phase lipid present) and the image shows that the particles are 

still present, although they have undergone a reduction in size. The cross sectional 

analysis of particles is shown in figure 3.20.  An important point, however, is that while 

the lipid free particles show complete dissolution in ~5 h, particles with adsorbed lipid 
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show an enhanced stability in the presence of ascorbic acid and are present even after 48 

h. The single particle analysis in this experiment gives us dissolution rates which yields a 

value of ~ 10-10 mol/m2.sec that is two orders of magnitude lower than the dissolution rate 

without the adsorbed phospholipid. Cross sectional analysis of the particles after the lipid 

exposure shows a height difference of nearly 7 nm which is consistent with the formation 

of a bilayer structure on the particle surface as the theoretical single chain length of the 

particular lipid used in this study is 3.5 nm. 
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Figure 3.19:   Ferrihydrite dissolution in the presence of ascorbic acid and adsorbed lipid. 
(a) Particle at 0 time, (b) Particle after 20 min in the presence of ascorbic acid,                
(c ) Particle in the presence of adsorbed lipid, (d) Particle after 48 hours in the presence 
of ascorbic acid.      Scale bar 2000nm. 
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Figure 3.20: Cross sectional analysis of ferrihydrite particle 1 and 2 (see 3.19 figure 
caption) in the presence of ascorbic acid and adsorbed lipid. (a) Particle at 0 time, (b) 
Particle after 20 min in the presence of ascorbic acid, (c ) Particle in the presence of 
Adsorbed Lipid, (d) Particle after 48 hours in the presence of ascorbic acid. The paeticles 
show increased stability in the presence of lipid. The cross sectional data is shifted 
laterally for clarity. 
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3.3.6     FTIR of two-tail lipid on Iron Oxide surface 

            Further insight into the binding of the phospholipid with ferrihydrite has been 

derived from ATR-FTIR. Figure 3.21 exhibits vibrational data for the P-O stretching 

region associated with 23:2 diyne PC on ferrihydrite and for the neat lipid.  Assignments 

for modes in this spectral region are summarized in Table 3.2 28. Based on prior 

experimental and theoretical work that has investigated the adsorption of phospholipid on 

mineral surfaces, analysis of the P-O stretching region is informative with regard to the 

binding mode of the adsorbate.  With regard to theoretical calculations Omoike et al. has 

correlated the mondendate and bidentate binding modes of a phosphodiester group on 

goethite with the behavior of the υasym(P-O) and υsym(P-O) upon adsorption via the 

phosphate functional group 181.  Data presented in Figure 3.21 shows that there is a 

difference between the neat lipid and when the lipid is adsorbed on the ferrihydrite.  

Specifically, the υasym(P-O) stretch observed at 1250 cm-1 in the neat-state (denoted by a) 

shifts to 1238 cm-1 (denoted by a’) upon adsorption on the mineral surface.  The υsym (P-

O) mode observed at 1088 cm-1 in the neat lipid shows an insignificant change upon 

adsorption (<5 cm-1).  Comparison of these data to calculation suggests that the 

phospholipid adsorption on ferrihydrite adopts a monodentate binding configuration. 
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 Figure 3.21:  ATR-FTIR spectra of ferrihydrite exposed to lipid. The peak shift at 1250 

cm-1 indicates lipid binding to ferrihydrite surface through the phosphate group forming a 

monodentate complex structure with ferrihydrite surface. 
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       Frequency 

       (cm-1) 

  Group vibration 
 

  Assignment 
 
 

2956 

2935 

2920 

2894 

2871 

2851 

1726 

1468 

1238 

1174 

1088 

1061 

 965 

    Methylene 
 
    Methyl 
 
    Methylene 
 
    Methylene 
 
    Methylene 
 
    Methylene 
 
    Carbonyl 
 
    Methylene 
 
    Phosphate 
 
    Ester 
 
    Phosphate 
 
    Phosphate-ester 
 
    Choline 

    ν a(CH3) 
 
    CH3 fermi resonance 
 
    ν a(CH2) 
 
    CH2 fermi resonance 
 
    ν s(CH3) 
 
    ν s(CH3) 
 
    ν (C=O) 
 
    δ (CH2) scissoring 
 
    ν a(PO2

-) 
 
    ν a(C-O) 
 
    ν s(PO2) 
 
    ν (C-O-PO2

-) 
 
ν a(N+ -(CH3)3) 

 

 

Table 3.2:  FTIR vibrational modes of lipid solution. 
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3.4 Discussion 

The thin film polymer method for partially embedding nano particles on a 

substrate for stable solution phase AFM imaging demonstrates a successful technique for 

evaluation of reaction rates at the solid-liquid interface. Rate of particle dissolution were 

evaluated based on individual nano-size particle analysis, which shows similar behavior 

for all the particles. Figure 3.7 shows the dissolution rate normalized with the surface 

area of the nanoparticles. In our calculations, we have isolated single 4nm particles. 

Normalization of dissolution rate assuming individual spherical particles, indicate 

homogeneity of ferrihydrite particles. The particles exist as big agglomerates before 

exposure to ascorbic acid as shown in figure 3.8. This agglomerate is approximated as a 

single 22nm sphere and normalization of dissolution rate (figure 3.9) shows similar 

behavior. These results show that the ferrihydrite particles behave homogenously 

suggesting single phase, and the agglomerates intrinsically behave as individual 

nanoparticles. Although previous studies indicate a decrease in ferrihydrite dissolution 

rate as the reaction proceeds81. Prior studies have reported that ratio of surface area to 

mass and grain size distribution ie γ, plays an important role in particle dissolution 

kinetics 79, 81. It has been reported in earlier studies 74 that ferrihydrite is composed of 

distinct phases of defective ferrihydrite and nanocrystalline hematite. It is suspected that 

these distinct phases in ferrihydrite are responsible for a decrease in the dissolution rate 

of ferrihydrite, as the terminal dissolution rate of 2-line ferrihydrite has been found to be 

identical to the dissolution rate of well crystalline hematite 80. The decrease in γ at later 

stages of dissolution has been attributed to ferrihydrite phase heterogeneity. But we 

suspect the particles in agglomerated state in batch studies could affect the values of γ 

during dissolution, which could mislead to believe a heterogeneous phase of ferrihydrite. 
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In our AFM experimental data for monolayer ferrihydrite dissolution, the kinetics for 

4nm single particles is more homogenous and linear compared to the 22nm agglomerates 

(figure 3.7 and 3.8). When the particles are in agglomerated state as shown in figure 3.8, 

the normalized dissolution rate deviates from linearity although the agglomerate is 

approximated as a sphere. Even then we did not observe any decrease in dissolution rate, 

rather the normalized rate stays almost linear through the dissolution process. In general 

we can say that as the particles agglomerate to big micron size clusters, the 

agglomeration effect plays a major role in the variation of γ value or in other words 

results nonlinearity in dissolution, which is more likely in natural sediments and batch 

studies. But our study with single 4nm particles reveals that ferrihydrite behaves 

homogenously when isolated as single crystals. Also a recent study 75 has shown that the 

ferrihydrite contains both octahedrally and tetrahedrally coordinated iron in a single 

phase, which is in good agreement with the present study of dissolution kinetics showing 

a homogenous dissolution rate normalized with surface for individual nano-particulate. 

FTIR experimental data and theoretical calculations indicate that the predominant 

path way for dissolution is proton induced by ascorbic acid adopting a monodentate 

model through the C(3)-O binding. Ascorbic acid is known to exhibit one electron and 

two-electron transfer reducing ability 190. It has been reported in previous studies that 

ascorbic acid exposed to hydrous iron(III) oxides 192 and colloidal MnO2 
193 exhibits two 

electron transfer ability. Chromium(VI)-ascorbate forming a monodentate complex 

reducing Cr(VI) to Cr(III) via two electron transfer mechanism 194 has also been reported 

earlier. We believe that ascorbic acid induces dissolution by one electron transfer due to 

the fact that two-electron transfer oxidizes ascorbic acid to dehydroascorbic acid 193-195 
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resulting in strong IR carbonyl modes at ~1790 cm-1 195, 196, which are absent in our 

experimental data as shown in figure 3.10 and table1. We suspect that the ascorbate 

complex [HA-] could be a spectator, forming a stable species on the ferrihydrite surface. 

The monodentate complex formed on the surface results in ring distortion by vibrational 

coupling and the combination IR bands are all shifted 188 as indicated by figure 3.10.  

Iron oxides with high stability and biocompatibility are particularly suitable for 

surface modification and targeting specific cellular and subcellular structures 183-185 and 

stability of self-assembled lipid bilayers on inorganic nanoparticles play an important role 

in natural sediments as well as in biological systems. Our results indicate increased 

ferrihydrite stability in the presence of adsorbed lipid under reducing conditions. Self-

assembly of lipid as bilayers on inorganic iron oxide nanoparticles is expected 187, 197, 198, 

as confirmed by the in-situ AFM images reported in our study. These bilayers make the 

nanoparticles remarkably stable as indicated by lipid interference with ascorbic acid 

induced ferrihydrite dissolution (see figure 3.19). Nanoparticles coated with lipid bilayers 

show impermeability to ions similar to biological membranes 187. Although desorption of 

minerals from phospholipid monolayer triggered by negatively charged citric acid 

molecules has been shown earlier 199. The FTIR spectrum reveals the lipid adsorption 

through the phosphate head group. The hydrocarbon tail interactions results in the 

formation of bilayer which offer a hydrophobic interior 28, 29, 200 thus stabilizing 

ferrihydrite nanoparticles. Even though we observe increased stability of ferrihydrite in 

the presence of lipid bilayers, there is still a slow dissolution observed almost two orders 

of magnitude lower than ferrihydrite dissolution by itself, which could be a combination 
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of low permeability of ascorbic through the lipid bilayer and/or slow lipid displacement 

by the ascorbic in solution. 

Although based on our results, ferrihydrite under ascorbate inducing dissolution 

conditions are well studied indicating homogeneity of the nanoparticles, knowledge of 

ferrihydrite surface behavior in natural heterogeneous systems is limited. At low pH, the 

monodentate ascorbate complex is expected to dominate the surface and preferential 

adsorption of organic phospholipid. Geochemical processes occurring on these surfaces 

are of great importance in soils and natural waters. Certainly, more detailed study needs 

to be performed under wide pH range and reducing conditions to understand implications 

on ferrihydrite reactivity in natural environment. 

 

3.5.  Conclusion 

 Dissolution study of nano clusters of ferrihydrite under atomic force microscope 

indicates homogenous behavior of the particles, consistent with batch experiments. The 

FTIR analysis shows the ascorbate modes adsorbed on the ferrihydrite surface that is in 

good agreement with the theoretical calculations for the monodentate surface 

complexation. Lipid adsorption on the ferrihydrite surface inhibits the dissolution kinetics 

by two orders of magnitude as evidenced by atomic force microscope images.  FTIR 

analysis and prior calculations indicate the binding of lipid through the phosphate group 

forming monodentate surface complex. AFM analysis also shows bilayer formation of 

lipid on ferrihydrite surface, and possible hydrophobic chain interaction inhibits 

ascorbate interaction with the mineral surface. 
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CHAPTER 4 
 
 

      CHARACTERIZATION AND SURFACE REACTIVITY OF FERRIHYDRITE  

   NANOPARTICLES ASSEMBLED IN FERRITIN 

 
 
 

Abstract 
 

Ferrihydrite nanoparticles with nominal sizes of 3 and 6 nm were assembled 

within ferritin, an iron storage protein.  The crystallinity and structure of the 

nanoparticles (after removal of the protein shell) were evaluated using high-resolution 

transmission electron microscopy (HRTEM), atomic force microscopy (AFM), and 

scanning tunneling microscopy (STM).  HRTEM showed that amorphous and crystalline 

nanoparticles were copresent, and the degree of crystallinity improved with increasing 

size of the particles.  The dominant phase of the crystalline nanoparticles was 

ferrihydrite. Morphology and electronic structure of the nanoparticles were characterized 

using AFM and STM. Scanning tunneling spectroscopy (STS) measurements suggested 

that the band gap associated with the 6 nm particles was larger than the band gap 

associated with the 3 nm particles.  Interaction of SO2(g) with the nanoparticles was 

investigated using attenuated total reflectance Fourier transform infrared (ATR-FTIR) 

spectroscopy, and results were interpreted with the aid of molecular orbital/density 

functional theory (MO/DFT) frequency calculations.  Reaction of SO2(g) with the 

nanoparticles resulted primarily in SO3
2- surface species. The concentration of  SO3

2- 

appeared dependent on the ferrihydrite particle size (or differences in structural 

properties).     
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4.1. Introduction 

  In recent years, nanomaterials have received much attention due to their unique 

size- and crystallinity-dependent optical, electronic, magnetic, and chemical properties 

201.  Nanomaterials possess physical and chemical properties that may benefit electronic 

device development 202, medicine 82, catalysis 83, and environmental remediation 84-86. A 

significant amount of research has focused on understanding the structural properties of 

nanoparticles that lead to their unique reactivity.  The reactivity of a nano- versus macro-

sized material may be dramatically different.  In catalysis, the prototypical example is 

gold 203. Gold not only has interesting optical properties at the nanoscale, but it also 

exhibits markedly different reactivity.  Nanogold supported on titania catalyzes the 

oxidation of CO by O2, while at larger sizes it is inactive toward this reaction 204. There is 

also increasing awareness that nanoparticles are naturally present in the environment and 

influence atmospheric 205 and soil chemistry 206. In the environment, ferrihydrite is an 

ubiquitous material in aquatic systems and soils 59 and exhibits unique reactivity at the 

nanoscale 207. For example, ferrihydrite nanoparticles exhibit a size-dependent ability to 

oxidize hydroquinone 207. Other iron oxide nanoparticles found in the environment 

exhibit size-dependent behavior, such as the role of hematite in the catalytic oxidation of 

Mn2+(aq) 87. 

 In this investigation, the size-dependent reactivity of ferrihydrite toward the 

environmentally important gas sulfur dioxide (SO2(g)) was studied.  SO2(g) is frequently 

generated during the burning of fossil fuels in factories and power plants, or is derived 

from natural processes such as volcanic eruptions.  Atmospheric emission of SO2(g) 

affects the environment because it promotes the production of acid rain 96. Both natural 
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and engineered metal oxides have been utilized as catalysts or sorbents for removal or 

minimization of SO2(g) emissions 95. Previous studies examined the interaction of SO2(g) 

with various phases and sizes of synthetic iron hydroxides 93, 94. Matsumoto et al. 93 

reported for γ-FeOOH nanoparticles in the range of 7-17 nm that SO2(g) adsorption lead 

to formation of SO3
2- and SO4

2- species, and the amount of SO2(g) adsorption increased 

slightly with increasing particle size.  For SO2(g) adsorption on α-FeOOH nanoparticles 

in the range of 6-11 nm, only SO3
2- was detected 94.  

 The present study examines the interaction of SO2(g) with nano-ferrihydrite.  

Unlike other iron hydroxides that have been studied, the exact structure and chemical 

composition of ferrihydrite is still a matter of debate 59. The conventional classification of 

ferrihydrite is based on the number of X-ray diffraction (XRD) peaks. Normally a 

distinction is drawn between two types of ferrihydrite, referred to as 2-line and 6-line.  In 

a typical XRD pattern of these materials, the 2-line form displays two broad peaks at 0.15 

and 0.25 nm, while the more crystalline 6-line form displays six peaks at 0.15 (a doublet), 

0.17, 0.20, 0.22, and 0.25 nm 59. It has been proposed that the bulk structural unit for 

ferrihydrite is an Fe(O,OH)6 octahedron, while the surface structure is a mixture of 

octahedrally and tetrahedrally coordinated Fe 59, 208. The degree of crystallinity is 

determined by lengthening and polymerization of the dioctahedral chains to form a more 

coherent cross-linked structure208, 209. In addition, 6-line ferrihydrite may be comprised of 

small amounts of 2-line ferrihydrite210. The phase variations of ferrihydrite and the states 

of hydration and/or hydroxylation contribute to variable stoichiometries.  For example, 

bulk compositions of the 2-line form are reported either as Fe4(O,OH,H2O)12 or 

Fe6(O,OH,H2O)12, with a Fe:O ratio ranging from 0.33 to 0.5059. Recent research from 
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our laboratory using a pair distribution function (PDF) analysis of the total x-ray 

scattering from 2-line and 6-line ferrihydrite suggested that the coherent scattering 

domains share a common structure, albeit the average crystallite size and water content 

was different58. 

 In this investigation, nano-ferrihydrite particles were synthesized with a narrow 

size distribution.  Specifically, a biomimetic process was utilized to form well-dispersed 

supported monolayers of ferrihydrite90-92. Prior research has shown that ferritin (an iron 

storage protein), which is roughly a hollow sphere, can be used to assemble well-defined 

ferrihydrite nanoparticles within its interior88. In this contribution, mineralized ferritin 

was assembled on a support and the protein coat around the inorganic core was removed 

by exposing the system to reactive ozone, which oxidized the protein.  This technique 

produced ferrihydrite particles with nominal sizes of 3 and 6 nm, which were 

characterized with transmission electron microscopy (TEM), atomic force microscopy 

(AFM), and scanning tunneling spectroscopy (STS). Nano-ferrihydrite synthesized by 

traditional aqueous-based techniques (i.e., abiotic) was also investigated for comparative 

purposes.  The surface chemistry and reactivity (SO2(g) sorption) was studied with 

attenuated total reflection Fourier transform infrared (ATR-FTIR) spectroscopy in 

combination with molecular orbital/density functional theory (MO/DFT) frequency 

calculations.  Results showed that SO2(g) sorption may be a sensitive function of the 

structural properties and size of the nanoparticles.   
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4.2. Materials and Methods    

4.2.1 Synthesis and Sample Preparation   

Ferritin plays a central role in the sequestration and storage of iron in biological 

systems 211. There is a remarkable degree of structural conservation among ferritin 

proteins from different sources. Ferritin is a relatively large protein comprised of twenty-

four structurally similar polypeptide subunits, and includes two types of peptide chains, H 

(for heavy) and L (for light) chains, that self-assemble to form a protein cage structure.  

The outside diameter of the cage is 120 Å, and the cage surrounds a hollow cavity 

roughly 80 Å in diameter 88.  The structure of ferritin is highly symmetric, having two-, 

three- and four-fold symmetry axes, with channels occurring at the three- and four-fold 

axes 89, 212.  These channels allow access of small ions and molecules from the solution 

environment into the interior of the protein. 

 Ferritin is an iron-binding protein and up to 4500 Fe atoms are mineralized and 

stored within this protein cage as a nanoparticle of the ferric oxyhydroxide ferrihydrite 

(Fe(O)OH) 213. The reactions to form the mineral particle include the oxidation of Fe2+ 

and its subsequent hydrolytic polymerization to form ferrihydrite 214, 215. In ferritin, the 

protein catalyzes these reactions in two distinct ways.  An enzymatic active site in the 

protein catalyzes the oxidation of Fe2+ by the two-electron reduction of O2, which 

proceeds via a di-ferric-µ-peroxo species, which subsequently releases H2O2 
216. The Fe3+ 

rapidly forms a small mineral core within the protein shell.  This particle surface will 

itself catalyze the oxidation of Fe2+ via the four-electron reduction of O2 to H2O.  The 

kinetics of iron oxidation was investigated using electrode oximetry, and it was shown 

that horse spleen ferritin behaved as an enzyme, exhibiting saturation kinetics with 
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respect to Fe2+ and O2.  Although, the kinetic properties of ferritin were characteristic of a 

true enzyme, it was also shown that ferritin was unique in that the oxidation product was 

stored in the protein itself.  The constant, k2’, which is an indicator of the degree of 

saturation of the active site of a substrate, was determined to be 9.5 × 103 M-1s-1.  This 

value is 1-3 orders of magnitude greater than that of other Fe2+ chelates, and 

demonstrates the effectiveness of apoferritin in complexing Fe2+ to oxygen. By virtue of 

being encapsulated within the confines of the protein cage, this mineralization process is 

spatially constrained by the reaction volume of the cage and by diffusion of species 

through the 5 Å diameter channels of the protein shell.  Protein-free control experiments 

performed under near physiological conditions (pH ~6.5-7) yield precipitates of 

lepidocrocite in the bulk phase and not ferrihydrite, thus it is clear that the protein exerts 

considerable influence over all aspects of the mineral particle formation.   

Nucleation of the mineral particle inside the protein cage of ferritin occurs at 

symmetry- related clusters of glutamic acid residues, which create a protein surface of 

high charge density.  In the absence of the ferroxidase site this highly charged interface is 

sufficient to induce oxidative hydrolysis and mineral formation within the confines of the 

protein cage 92. The synthetic protocols for preparing homogeneous ferrihydrite particles 

(or other materials, vide infra) with diameters ranging from 20 to 80 Å within the protein 

cage are well documented in the literature.  Particles with diameters less than 80 Å are 

formed, by controlling the Fe2+ to protein concentration ratio 211. The protein cage is 

relatively porous, since it has roughly 5 Å diameter pores.  

 Horse spleen ferritin (HSF) was obtained from Sigma-Aldrich (85 mg/mL, 0.15 

M NaCl background electrolyte). HSF was demineralized to form apoferritin as described 
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elsewhere90-92. Individual apoferritin fractions were remineralized with loadings of 500 

and 2000 Fe atoms/protein. Briefly, 500-Fe loaded ferritin was prepared by addition of 

0.2 mL deoxygenated  ferrous ammonium sulfate solution ((NH4)2Fe(SO4)•6H2O, Sigma-

Aldrich) (10 mg/mL) to 5 mg of apoferritin (2.5×10-6 M, Sigma-Aldrich) in 20 mL of 

MES (0.1 M) at pH 6.5 followed by air oxidation. For the 2000-Fe loaded ferritin, four 

0.2 mL aliquots of ferrous ammonium sulfate were added to apoferritin with intervals of 

1 hour between each addition.  Remineralized ferritin was dialyzed in 0.1 M tris buffer at 

pH 8.5.  Apoferritin was mixed with the 500- and 2000-Fe loaded ferritin solutions at a 

4:1 ratio and the mixtures were subsequently dialyzed in deionized water.  Dilution of 

ferritin with apoferritin proved useful as a spacer to minimize aggregation of ferritin and 

ultimately the supported ferrihydrite particles.                                               

For AFM and STM experiments, a single crystal of Au(111) (thickness, 0.5 cm; 

diameter, 1.0 cm, Monocrystal) was used as a substrate for the deposited ferritin. 

Atomically flat Au is a suitable substrate on which adsorbates can be deposited and 

characterized by STM and AFM217. Prior to each use, the Au crystal was sequentially 

cleansed with acetone and ethanol, nitric acid, and thoroughly rinsed with deionized 

water and dried in an N2(g) jet. Immediately following cleaning, the Au crystal was 

annealed in a hydrogen flame. Both STM and AFM images showed an atomically smooth 

Au surface with terrace widths of 100-200 nm (obtained routinely). AFM and STM 

samples were prepared by spreading 30 µL of a 0.1 mg/mL mixture of 

apoferritin/remineralized ferritin on the Au substrate. Excess solution on the Au(111) 

surface was removed by absorption with filter paper. Various concentrations of 
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apoferritin/ remineralized ferritin mixtures ranging from 0.01 to 1 mg/mL were tested and 

0.1 mg/mL was optimal for AFM and STM measurements.  

TEM samples were prepared by spreading a drop of apoferritin/remineralized 

ferritin solution (0.1 mg/mL) onto an amorphous carbon film supported by a standard 

TEM grid.  Excess solution was removed with filter paper and the grid was dried in an 

N2(g) jet at room temperature.  ATR-FTIR samples were prepared by spreading 100 µL 

of 0.2 mg/mL apoferritin/remineralized ferritin onto a ZnSe ATR crystal, with 

subsequent drying in a N2(g) jet.  Finally, all the supported remineralized ferritin samples 

were exposed to a UV-Ozone (Novascan) cleaner for 60 min at 373 K, a temperature well 

below the phase transition of ferrihydrite to hematite59. This led to removal of the ferritin 

protein shell and left isolated nanoparticles on each surface91, 218. Apoferritin that was 

used as a spacer (to separate mineralized ferritin on each support) was removed during 

this cleaning step. 

To compare ferrihydrite nanoparticles assembled in ferritin with traditionally 

synthesized ferrihydrite nanoparticles, 2-line ferrihydrite was synthesized using a non-

biological route detailed elsewhere59. Briefly, 2-line ferrihydrite nanoparticles were 

synthesized by adding 1 M solution of reagent-grade potassium hydroxide (Sigma-

Aldrich) to a 0.2 M solution of reagent-grade ferric nitrate (Sigma-Aldrich) with constant 

stirring until the pH reached 7.5. The precipitate was repeatedly washed with deionized 

water and centrifuged to remove electrolytes. 
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4.2.2 Characterization   

 Tapping-mode AFM (TM-AFM) measurements were performed under ambient 

conditions using a PicoSPM II (Molecular Imaging, USA). The probes used in all 

measurements were NSC15 (µMasch) with a nominal spring constant of 40 N/m and a 

resonant frequency of 325 kHz.   

 STM measurements were also performed using a PicoSPM II (Molecular 

Imaging, USA) under constant current mode in an environmental chamber filled with dry 

N2(g). Probes were mechanically cut from 80% Pt/20% Ir wires.  The current-voltage (I-

V) curves of individual and isolated particles were obtained by positioning the STM tip 

over a selected particle while turning off the feedback loop of the microscope. Typically, 

recorded spectra were the sum of 80 individual curves.   

 Powder XRD data were collected at beamline 11-IDB (90 keV, λ = 0.1349(2) Å) 

219 of the Advanced Photon Source, Argonne National Laboratory.  2-line ferrihydrite 

nanoparticles (non-biological synthetic route) were loaded as semi-dry powders into 1 

mm (O.D.) polyimide (Kapton) capillaries.  Radiation scattered by the samples was 

collected with a MAR-345 image plate detector system and processed using Fit-2D220, 221. 

A polarization correction was applied during integration of the data. Data were also 

collected on a blank polyimide capillary (i.e., control) for background correction. The 

sample capillary was rotated during data collection.   

 TEM images and selected area electron diffraction (SAED) patterns were 

obtained using a JEOL-3000 F with the electron source operating at 300 keV.  An 

energy-dispersive X-ray spectrometer (EDS) was attached to the TEM. Chemical 
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composition of the nanoparticles was O and Fe, as confirmed by both EDS and X-ray 

spectroscopy (XPS) 91.  

 

4.2.3 SO2 Sorption 

 Infrared spectra were recorded using a Nicolet Magna 560 IR spectrometer, 

equipped with a N2(L)-cooled narrow bandwidth mercury-cadmium-telluride (MCT-A) 

detector.  Single-beam spectra were recorded by averaging 1500 scans at 4 cm-1 

resolution in the spectral range 650 to 4000 cm-1. A 45º horizontal ZnSe ATR crystal 

(thickness, 6 mm; dimension of the larger upper face, 10 × 70 mm; 5 internal reflections) 

was used.  All reported ATR-FTIR spectra were referenced to the ZnSe crystal coated 

with ferrihydrite nanoparticles.  A commercial N2(g) dryer was used to purge the FTIR 

spectrometer optics and internal compartment. Prior to the infrared measurements, the 

samples were further dried by exposure to dry N2(g) for approximately 10 min.  The 

dosing of high-purity sulfur dioxide (Matheson, 99.98 % wt. purity) was performed in a 

flow system at room temperature.  Samples were exposed to SO2(g) (~ 760 Torr) for 15 

min. After 15 min. exposure, the IR cell was sealed with SO2(g) inside.  SO2(g) was used 

as received from the manufacturer, without further purification.    

 Frequency calculations were performed using the electronic structure program 

Gaussian 03222. The unrestricted, hybrid density functional method was employed using 

Becke’s three-parameter nonlocal-exchange functional223, 224 with the gradient-corrected 

correlation functional of Lee, Yang, and Parr225 (UB3LYP).  The standard 6-31+G(d) all-

electron basis set was used. Minima on the potential energy surfaces were located from a 

geometry optimization on the entire system with no symmetry or geometrical constraints 
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being allowed.  Frequency calculations were subsequently performed on the geometry 

optimized structures to verify that a minimum was successfully located (i.e., no 

imaginary frequencies) and to obtain predicted IR frequencies comparable to 

experimental ATR-FTIR spectra.   For each calculation, the high spin state of Fe(III) 

(s=5/2) was specified.   

 

4.3.   Results 
 
4.3.1 TEM 

 A representative TEM image of the nanoparticles containing 2000 Fe atoms is 

displayed in Figure 4.1.  The nanoparticles were relatively uniform with regard to size 

and shape.  The lattice spacing was measured at 0.255 nm, in agreement with the lattice 

spacing of ferrihydrite measured by XRD and previous TEM results226. All nanoparticles 

examined with resolvable lattice fringes exhibited a single domain structure.  TEM 

images showed that most particles were lattice resolvable, indicating that the particles 

with 2000 Fe atoms had well-defined crystallinity.  The average diameter of the 

nanoparticles was 6.5 ± 0.9 nm, based on an analysis of 100 individual particles.  When 

imaging inorganic and mineral materials using high-resolution electron microscopy, it 

should be noted that structural transitions induced by electron irradiation could occur 

under certain circumstances227. In the present work, an area was examined and TEM 

images collected within a few minutes. No evidence of structural transformations, such as 

a crystalline to amorphous phase transition, was observed.  

Figure 4.1 also displays a representative TEM image of the nanoparticles 

containing 500 Fe atoms.  The image shows that most of the particles exhibited irregular 
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shapes and were relatively amorphous (lacking lattice structure), suggesting an early 

stage of particle growth.  This observation was in contrast to the nanoparticles consisting 

of approximately 2000 Fe atoms, which were more crystalline.  Analysis of the TEM 

micrographs indicated that most nanoparticles were amorphous, and the lack of 

diffraction spots in SAED patterns (not shown here) was consistent with the majority of 

the particles being highly disordered.  The particles did, however, have a narrow size 

distribution with an average diameter of 2.6 ± 0.8 nm, as evidenced by TEM analysis of 

100 particles. 
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Figure 4.1:  TEM image of ferrihydrite nanoparticles with (a) 2000, and (b) 500 Fe 

atoms/particle. The white circles highlight the nanoparticles. 
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4.3.2 Scanning Probe Microscopy 

4.3.2.1    AFM 

 Figure 4.2 displays AFM topographical and phase images of ferrihydrite 

nanoparticles (without the protein coat) composed of 500 Fe atoms/particle deposited on 

Au(111).  After drop casting followed by UV-Ozone treatment, a high density of roughly 

spherical ferrihydrite nanoparticles was observed on the surface.  Close inspection of the 

500-Fe atom/particle images, collected from different parts of the sample surface, showed 

an average particle diameter of 3 ± 0.5 nm (over 100 particles), consistent with the TEM 

measurements. AFM analysis was based on the z-dimension (or height) of an individual 

particle, since the lateral resolution of the particle determined by the radius of curvature 

and sidewall angles of the AFM-tip, exaggerates the true particle size228. 
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Figure 4.2: TM-AFM topographical (a) and phase (b) images (550×550 nm) of 

ferrihydrite nanoparticles (500 Fe atoms/particle) deposited on Au(111).  The cross-

sectional view corresponds to the line drawn in the image. 
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4.3.2.2 STM  

 Figure 4.3 shows a high resolution STM image of individual particles containing 

a mixture of 500 and 2000 Fe atoms deposited on Au(111).  In contrast to the lower 

lateral resolution images obtained using AFM, STM images showed that the particle 

morphology was quite rough on the atomic-scale.  STM images suggested that the 

particle surfaces were heterogeneous and may exhibit a high density of low-coordinated 

sites, such as edges and kinks.   

 To probe the electronic structure of individual particles, STS measurements were 

performed.  STS provides a spectroscopic tool for investigation of surface electronic 

structure, such as local density of states and band gaps of semiconductor materials229. 

Figure 4.3 shows STS data corresponding to an individual particle containing either 500 

or 2000 Fe atoms. A linear (Ohmic) I-V curve was always measured between the metallic 

STM tip and bare Au(111) substrate (data not shown).  In contrast, particle A (2000 Fe 

atoms) with a height of 6 nm exhibited a band gap of ~ 2.7 eV, while particle B (500 Fe 

atoms) with a height of 3 nm exhibited a band gap of ~ 1.5 eV.  These values were 

obtained from the voltage range in which there was zero tunneling current.  Similar 

results were reproduced on 50 individual particles, and the different band gaps are 

proposed to be associated with structural differences (perhaps at the surface, where STM 

is probing) between the 500 and 2000 Fe atom particles.  These differences are not totally 

unexpected considering that TEM results indicated the two different particle sizes had 

significantly different crystallinity.  Furthermore, differences in the concentration of 

structural or surface water of the ferrihydrite nanoparticles could influence the STS 

results 230. 
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Figure 4.3: Representative STM image (20×20 nm) (left) and STS spectra (right) of 

nanoparticles containing 2000 (A) and 500 (B) Fe atoms per particle. 
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4.3.3 XRD and TEM of 2-line Ferrihydrite 

 A limited amount of characterization was carried out on ferrihydrite nanoparticles 

synthesized by precipitation from solution without the aid of ferritin. Figure 4.4 exhibits 

an XRD pattern for this material consistent with 2-line ferrihydrite, where the diffraction 

pattern were characterized by two dominant peaks 231. The corresponding TEM image in 

Figure 4.4 shows that the particle diameter for this material ranged from 2 to 4 nm.  The 

inset SAED pattern in the figure displays two broad rings at 0.148 and 0.253 nm, 

consistent with 2-line ferrihydrite 232. In terms of morphology and size, synthetic 2-line 

ferrihydrite nanoparticles were more similar to ferrihydrite nanoparticles containing 500 

Fe atoms. 
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Figure 4.4: XRD and TEM characterization of ferrihydrite particles (a) Powder XRD 

pattern of synthetic 2-line ferrihydrite nanoparticles. (b) TEM image and SAED pattern 

of synthetic 2-line ferrihydrite nanoparticles. White circles indicate the ferrihydrite 

nanoparticles. Inset: electron diffraction pattern. 
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4.3.4 ATR-FTIR of SO2(g) Sorption 

 Reaction of SO2(g) with ferritin-assembled and reference ferrihydrite 

nanoparticles was investigated using ATR-FTIR spectroscopy.  Interpretation of the IR 

spectra was facilitated with MO/DFT frequency calculations.  Calculated frequencies for 

a variety of sulfur oxyanion species [(bi)sulfate 233 and (bi)sulfite] coordinated to a model 

Fe-(hydr)oxide cluster are listed in Table 4.1, and a selected group of corresponding 

geometry optimized structures are shown in Figure 4.5.  Note that not every conceivable 

adsorption complex was modeled, but IR frequencies were calculated for commonly 

observed coordination geometries of sulfur oxyanion species found in similar systems 93, 

94, 234, 235. Figure 4.6 shows IR spectra corresponding to SO2(g) exposure for 1 hour. IR 

spectra collected as a function of SO2(g) exposure time are shown in Figure 4.7.  Spectra 

were collected until no further changes in the intensity or position of the vibrational 

modes were experimentally observed (60 hours maximum).  Possible assignments for the 

experimentally observed frequencies, based upon calculated frequencies, are given in 

Table 4.2.   Consistent with prior experimental observations 234, 236, the calculations show 

in general that sulfite contributes mode intensity below 1100 cm-1, and sulfate exhibits 

modes above this energy.   

IR spectra shown in Figure 4.7 illustrate the degree of complexity associated with 

the reaction of SO2(g) and ferrihydrite nanoparticles.  The type of surface species 

observed on the nanoparticles was a function of SO2(g) exposure time.  SO2(g) was 

converted to SO3
2- surface complexes, a fraction of which may have subsequently 

oxidized to SO4
2- (minor surface complex).  After 60 hours, all three species were 

experimentally observed, although their respective surface concentrations varied on 
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different ferrihydrite nanoparticles.  Due to the complexity arising from a mixture of 

adsorbed complexes, tentative assignments of the major vibrational frequencies (high 

intensity) in the IR spectra were made with the aid of MO/DFT calculated frequencies 

(minor, low intensity frequencies possibly associated with SO3
2- oxidation to SO4

2- were 

also tentatively assigned).  Assignments listed in Table 4.2 suggest that observed sulfur 

oxyanion complexes were similar on the different nanoparticle surfaces, though their 

relative concentration varied.  The vibrational frequencies associated with a particular 

species on the ferrihydrite nanoparticles differed by less than 10 cm-1 (Table 4.2).  

However, the relative intensities of the vibrational frequencies were different implying 

that the distribution of sulfur oxyanion species was sensitive to the surface structure 

and/or hydration state of the nanoparticle.  

  The most intense bands at 1144 and 1330 cm-1 (Figure 4.6) were assigned to the 

symmetric (ν1) and asymmetric (ν3) stretching modes of adsorbed SO2(g), respectively. 

These particular bands were shifted from their corresponding gas phase values of 1154 

and 1360 cm-1 237. Additional experiments showed that upon evacuation of SO2(g) from 

the reaction cell these two bands remained, suggesting that they corresponded to a 

strongly chemisorbed species 234. Except for SO2, measured bands corresponding to 

sulfur oxyanion products grew with SO2(g) exposure time (Figure 4.7).   IR spectra 

(Figures 4.6 and 4.7) show several intense vibrational frequencies (1070, 1030, 1005, 

968, and 910 cm-1), which based on our calculations (Table 4.1) were assigned to 

monodentate and bidentate bridging SO3
2-.   

The bidentate bridging SO3
2- calculated vibrational mode at 1010 cm-1 closely 

approximated the intense experimental band at 1005 cm-1 (Tables 4.1 and 4.2, Figure 
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4.7).  The bidentate bridging SO3
2- frequency calculation also predicted two vibrational 

modes between 800-900 cm-1 (Table 4.1).  Two relatively weak experimental frequencies 

at approximately 820 and 875 cm-1 agreed well with the calculated frequencies at 818 and 

869 cm-1, respectively (Tables 4.1 and 4.2, Figure 4.7).  Monodentate SO3
2- appeared to 

be the dominant surface species present in each of the three systems investigated.  

Calculated monodentate SO3
2- asymmetric stretching modes at approximately 1070 and 

1030 cm-1 agreed well with measured bands at approximately 1075 and 1030 cm-1, 

respectively (Tables 4.1 and 4.2).  Interestingly, it was determined that the symmetric 

stretching mode of monodentate SO3
2- was quite sensitive to the local H-bonding 

environment, though the two asymmetric stretching modes were not (Table 4.1).  When 

monodentate SO3
2- H-bonded with a next nearest neighbor surface OH functional group, 

the calculated symmetric stretching mode was equal to 972 cm-1 (Table 4.1, Figure 4.5C).  

However, when monodentate SO3
2- H-bonded with the next nearest neighbor surface OH 

functional group and the bridging OH between the two Fe atoms, the symmetric 

stretching mode was significantly red shifted to 917 cm-1 (Table 4.1, Figure 4.5D).  

Frequency calculations involving either two or four H-bonding interactions with 

bidentate bridging SO3
2- revealed insignificant changes (data not shown), suggesting that 

this coordination complex was less sensitive to the local H-bonding environment (Figure 

4.5A, H-bonding with two waters).     

It is plausible that the heterogeneous surfaces of the ferrihydrite nanoparticles 

allow for variability in surface complexation, particularly for monodentate SO3
2- 

coordination.  If this variability indeed exists, monodentate SO3
2- complexes may be able 

to adopt slightly different geometries on a single nanoparticle (perhaps even a single 
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crystal face).  For example, the experimental bands measured at approximately 966 and 

910 cm-1 could both be assigned as monodentate SO3
2- symmetric stretching modes 

(Table 4.2), given the calculated range of this vibrational mode (Table 4.1).  

Alternatively, the bands measured at approximately 966 and 910 cm-1 may belong to two 

different surface species.  If this is the case, the exact nature of the unique surface 

complexes remains to be elucidated.   

Several low intensity bands were observed to grow as a function of SO2(g) 

exposure time.  Figure 4.7 shows that the largest amount of SO2(g) sorption occurred for 

the synthetic 2-line ferrihydrite nanoparticles (see inset intensity scales in each figure).  

Three bands at approximately 1113, 1045, and 942 cm-1 grew in intensity as a function of 

SO2(g) exposure time and were tentatively assigned to monodentate sulfate (Tables 4.1 

and 4.2).  It is possible that a small quantity of O2(g) impurity entered the reaction cell 

over time in these experiments and promoted SO3
2- oxidation to SO4

2- on the ferrihydrite 

nanoparticles.  It is difficult to imagine that Fe(III) was reduced to Fe(II) by SO3
2-, 

though this could not be experimentally determined.  Nevertheless, the concentration of 

SO4
2- surface complexes is quite low given its associated low intensity vibrational 

frequencies.  For all three types of nanoparticles, weak bands between 1150-1300 cm-1 

were observed, but were not assigned given the low signal to noise resolution in this 

region.   
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Figure 4.5:  Potential energy minimized (bi)sulfite adsorption complexes on Fe(III)-

(hydr)oxide clusters: (a) sulfite bidentate; (b) bisulfate bidentate; (c) sulfite monodentate 

H-bonded to next nearest neighbor OH functional group; (d) sulfite monodentate H-

bonded to next nearest neighbor OH functional group and bridging OH between Fe 

atoms.  Red, oxygen; white, hydrogen; yellow, sulfur; blue, iron. 
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Figure 4.6: Comparison of ATR-FTIR spectra (1400-800 cm-1) of nanoparticles: (a) 2000 

Fe atoms/particle; (b) 500 Fe atoms/particle assembled in ferritin, and (c) synthetic 2-line 

ferrihydrite nanoparticles, following exposure to gas-phase SO2 for 1 h. 
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Figure 4.7:  ATR-FTIR spectra (1400-800 cm-1) of nanoparticles assembled in ferritin: 

(a) 2000 Fe atoms/particle; (b) 500 Fe atoms/particle; and (c) synthetic 2-line ferrihydrite 

nanoparticles, following exposure to gas-phase SO2. 
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Table 4.1. Calculated vibrational frequencies (cm-1) of potential energy-minimized 

(bi)sulfate and (bi)sulfite surface complexes on Fe-(hydr)oxide clusters (UB3LYP/6-

31G+(d)).  Intensities listed in parentheses.  Values are reported for normal modes 

between 800 – 1300 cm-1. 

 
       Sulfate                                Sulfite   
  Monodentate  Bidentate  Monodentateα Monodentateβ Bidentate 

 
                                                                       
1139 (338)             1143 (468)    
   1070 (423)  1072 (176) 1076 (131) 
1029*   1003*   1036 (176) 1030 (290) 1010 (333) 
      972 (133)  
942 (171)  937 (45)    917 (237) 
          869 (467) 
          818 (334)                                                                         
                      

Bisulfate                                Bisulfite   
  Monodentate  Bidentate   Bidentate 

                                                                       
1222 (307)   1236 (347)    
1174 (282)  1152 (317) 
1105 (238)  1119 (243)   1119 (131) 
       1058 (392) 
1011 (294)  1012 (266)   1012 (185) 
 
 
*Intensity-weighted average of two identical normal modes.     
αMonodentate sulfite H-bonded to next nearest neighbor OH functional group.  
βMonodentate sulfite H-bonded to next nearest neighbor OH functional group and 
bridging OH between Fe atoms.   
 
 
 
 
 
 
 
 
 
 
 



 124 

 
Table 4.2. Potential assignment of experimental IR frequencies (cm-1) corresponding to 

SO2 sorption products on nanoparticles with 2000 Fe atoms/particle, 500 Fe 

atoms/particle and synthetic 2-line ferrihydrite.   

 

2000 Fe atoms/particle                500 Fe atoms/particle              Synthetic 2-line 

ferrihydrite                                 

 

 

1332 (SO2)    1332 (SO2)   1330 (SO2)                                                 
1144 (SO2)    1144 (SO2)   1144 (SO2) 
1113 (SO4

2-, m)   1112 (SO4
2-, m)  1116 (SO4

2-, m)                    
1074 (SO3

2−, m)   1082 (SO3
2−, m)  1072 (SO3

2−, m) 
1045 (SO4

2-, m)   1045 (SO4
2-, m)  1045 (SO4

2-, m) 
1028 (SO3

2-, m)   1028 (SO3
2-, m)  1030 (SO3

2-, m) 
1005 (SO3

2−, bb)   1005 (SO3
2−, bb)  1005 (SO3

2−, bb)    
966 (SO3

2−, m)   969 (SO3
2−, m)  967 (SO3

2−, m)                              
942 (SO4

2-, m)    942 (SO4
2-, m)   942 (SO4

2-, m) 
910 (SO3

2−, m)   910 (SO3
2−, m)  913 (SO3

2−, m) 
875 (SO3

2−, bb)   875 (SO3
2−, bb)  875 (SO3

2−, bb)    
820 (SO3

2−, bb)   820 (SO3
2−, bb)  820 (SO3

2−, bb)              

 

m and bb refer to monodentate and bidentate bridging respectively. 
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4.4. DISCUSSION 

 Using electron nanodiffraction, Cowley et al. 78 studied native ferritin cores with 

an average diameter of 8 nm. They reported that the majority of mineralized native 

ferritin displayed a crystalline structure similar to that of 6-line ferrihydrite, while a 

minor fraction exhibited a highly disordered structure.  Our results for remineralized 

ferritin were in reasonable agreement with prior work, since TEM showed a crystalline 

particle in the case of the larger 2000-Fe atoms/particle derived from ferritin (protein-

removed) that was analogous to 6-line ferrihydrite.  In contrast, the smaller particle (500-

Fe atoms/particle) showed a relatively amorphous structure that was more consistent with 

2-line ferrihydrite.  In contrast to prior investigations on ferritin, the present results were 

obtained for particles heated to 373 K in an oxidizing environment to remove the protein 

shell.  The conversion of powder ferrihydrite (not in aqueous solution) to other iron oxide 

phases such as hematite, however, is expected to require temperatures near 473 K 57. It is 

interesting that the crystallinity of 3 and 6 nm particles assembled in ferritin showed a 

marked difference. Prior research on the mineralization of ferrihydrite in ferritin 

suggested a stepwise growth mechanism: 1) initial growth of the seed particle controlled 

by interior catalytic sites of the protein and 2) subsequent growth of the particle on the 

seed particle not regulated by the protein structure 211, 215. The smaller amorphous 

particles may be more representative of the initial seeding process in ferritin and the 

larger crystalline particles may result from the protein-independent mineralization 

process. 

 STM/STS results were consistent with TEM results regarding the two different 

particle sizes investigated.  STS measurements showed that the band gap of the 3 nm 
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particles was less than 2 eV, while the larger, more crystalline particles, exhibited a band 

gap above 2.5 eV, similar to the optical band gap of bulk iron oxide phases 238. Using 

STM/STS and XPS, Preisinger et al. studied nano-sized iron oxides derived from native 

ferritin 239. Several different phases of iron oxide nanoparticles, such as γ-Fe2O3, α-Fe2O3, 

and mixed phases with γ-Fe2O3 and α-Fe2O3 were prepared by thermal treatment and 

subsequent oxidation and/or reduction. For 7-8 nm nanoparticles supported on graphite, 

STS measurements showed that the band gap could vary between 1.3  and 2 eV, from 

particle to particle, or even between different tunneling locations on an individual 

particle. The lower band gap, compared with bulk phases, was ascribed to defects at the 

surface, and we likewise attribute the lower band gap of the relatively amorphous 

particles (500 Fe atoms/particle) to a high population of defect sites. Indeed, the 

unusually high catalytic activity for low-temperature CO oxidation of supported Au 

nanoparticles is argued to be due to under-coordinated gold atoms in corner or edges sites 

240, 241. Similar structural changes are expected for oxide particles in the nano-regime, 

although compared to metal nanoparticles, oxide nanoparticles are perhaps more complex 

due to the presence of oxygen, hydroxyl, and aquo surface functional groups that lead to 

variation in particle stoichiometries 242.                   

 SO2(g) adsorption and transformation on mineral surfaces is a function of the 

mineral hydroxylation and hydration state, surface acidity and basicity, and surface 

structure (e.g. density of defect sites) 95. Goodman et al. studied the interaction of SO2(g) 

with hydroxylated α-A12O3 particle surfaces in the pressure range of 3-353 mTorr at 296 

K 234. They proposed that strongly chemisorbed sulfite and bisulfite formed when SO2(g) 

reacted with basic surface groups (O2- and OH-).  Matsumoto et al. 93 studied SO2(g) 
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adsorption on γ-FeOOH particles of various sizes (2-15 nm) and found that the amount of 

irreversible adsorption was weakly dependent on particle size, and that SO3
2- and SO4

2- 

species were the primary surface products.  

 These prior studies of SO2(g) adsorption on metal oxide surfaces are qualitatively 

consistent with our results for the SO2(g)/ferrihydrite nanoparticle system, although we 

show that the chemistry is a function of particle size. Based on the frequency calculations 

and IR experimental measurements, the predominant surface species on the ferrihydrite 

nanoparticles was SO3
2-, with a minor concentration of SO4

2-.  Assigning the majority of 

vibrational bands to SO3
2- was consistent with the absence of an oxidizing agent able to 

facilitate the conversion of SO2 to SO4
2-.   At present, there is no precedent to support a 

conceptual framework that would include the oxidation of SO2 to SO4
2- with the 

concomitant reduction of Fe(III) to Fe(II) on ferric-bearing oxide surfaces.  Other 

reducible metal oxides, however, such as Mn2O3 and MnO2 
243, SnO2 

244, and CeO2
245 

have been observed to generate SO4
2- when interacting only with SO2(g).  We postulate 

instead that SO3
2- was the dominant surface species resulting from the reaction of SO2(g) 

with the ferrihydrite nanoparticles.  While a mechanism for this reaction remains elusive, 

it is likely that SO3
2- results from the reaction of SO2(g) with either surface water and 

hydroxyl groups associated with the adsorbing ferrihydrite nanoparticle: 

SO2 + H2O(ad) → SO3
2-(ad) + 2H+                                                                                         (1) 

SO2 + OH-(ad) → SO3
2-(ad) + H+                                                                                            (2) 
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With regard to the SO3
2- species, frequency calculations suggest the existence of 

monodentate and bidentate bridging coordination geometries, presumably with the sulfite 

oxygen bound to a metal cation site.  

 The IR measurements suggested that the adsorption and reaction of SO2(g) on 

ferrihydrite was sensitive to the nanoparticle size.  After 1 hour SO2(g) exposure time, the 

IR spectra showed that the ratio of chemisorbed SO2 to sulfur oxyanion products was 

lowest on the 6 nm particle, implying that the larger particles lead to the most rapid 

conversion of SO2 to SO3
2-.  This trend continued throughout the time of the experiment. 

After 20 hours, ∼50% of the initial chemisorbed SO2 (1330 cm-1 mode) had been 

consumed on the 6 nm particle, in contrast to SO2 on the 3 nm ferritin-derived and 

reference ferrihydrite particles where there was only ∼10 % loss in SO2, relative to the 

initial SO2 concentration.  Losses in SO2 were reflected in concomitant gains in the sulfur 

oxyanion surface species.  SO3
2- formation could be approximately quantified by 

analyzing the changes in the 1330 and 1005 cm-1 vibrational bands shown in Figure 4.7, 

that are assigned to chemisorbed SO2 and SO3
2- species, respectively (for these purposes, 

any of the high intensity vibrational modes between 900 and 1050 cm-1 could have been 

chosen).  For example, after 20 hours the normalized FTIR intensity (I) ratio for sulfite, 

I1005/I1330, was 4.7 ± 1 for the 6 nm ferrihydrite particles, while it was 1.1 ± 0.5 for the 3 

nm and reference ferrihydrite particles.   This simple analysis shows that the loss in 

chemisorbed SO2 is reflected in a gain of sulfite product, and that the amount of this 

conversion was greatest for the larger 6 nm particle.  After 60 hours, chemisorbed SO2 

was nearly exhausted on the 6 nm particles.  In contrast, there was experimentally 

observable chemisorbed SO2 on the 3 nm particles after 60 hours.  Furthermore, the 
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experimental observations and our associated interpretations suggest that the ferritin-

derived 2-line ferrihydrite (∼3 nm particle) and reference 2-line material synthesized by 

standard solution chemistry exhibited similar chemistry.  This similarity is consistent 

with a unique electronic or structural property that is associated with the smaller 3 nm 

particle.  In other words, the 3 nm particle reactivity was independent of the synthetic 

route used for its manufacture.  A remaining question is what property of the 3 nm 

particles alters its reactivity compared with the 6 nm particle.   

 STS and TEM measurements suggested that there were structural differences 

between the 3 and 6 nm particles.  Measurement of the band gap corresponding to the 

smaller particles (1.5 eV) was significantly lower compared with the larger particles (2.5 

eV), the latter being similar to what would be expected for bulk iron oxyhydroxide. TEM 

showed that the smaller particles were much less crystalline (relatively amorphous).  

These experimental observations may be consistent with the smaller particles having 

more surface defects compared with the larger particles. Prior work has suggested this to 

be the case when considering the difference of surface energy as a function of size for 

nanoparticles 246. In general, however, the larger particles showed a more complete 

conversion of SO2(g) to SO3
2-. An increased availability of structural (or adsorbed) water 

on the larger ferrihydrite particles may be one reason for the more complete conversion 

(see reaction 1 above).  This possibility is offered with some caution, since recent 

ongoing synchrotron-based X-ray scattering research on inorganically synthesized 

ferrihydrite (non-ferritin based particles), suggests that the smaller 3 nm particles have 

more water associated with them than their larger and more crystalline 6 nm counterparts 

58. Hence, if the reaction of water with SO2 is a key reaction step in the production of 
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SO3
2-, then the specifics of how water is bonded in the different size particles may be 

more important than the total water content. Prior work 234 on less hydrous oxide 

surfaces, however, that have investigated the conversion of SO2(g) to SO3
2- have 

implicated the role of lattice O2- and/or OH-.  Differences in the energetics involved in the 

reaction between SO2 and lattice oxygen associated with the different nanoparticles may 

also be a factor in determining the production of sulfite.  While our experiments do not 

allow us to precisely explain the observation of slower conversion of SO2(g) to SO3
2- on 

the 3 nm particles, the experimental observations do show that the reaction of SO2(g) 

with ferrihydrite was sensitive to the particle size (directly or indirectly).  Future 

experiments in our laboratory that are investigating the structure of ferrihydrite 

(synthesized by both inorganic and biomimetic means) as a function of size should help 

better describe any surface reactions on this environmentally ubiquitous material.  

 

4.5. SUMMARY   

 Ferrihydrite nanoparticles with nominal sizes of 3 and 6 nm were synthesized 

using ferritin, with loadings of 500 and 2000 Fe atoms/protein, respectively. The protein 

shell surrounding ferrihydrite was subsequently removed at a temperature of 373 K.  

These protein-free nanoparticles were compared to synthetic 2-line ferrihydrite 

nanoparticles that prepared by traditional non-biomimetic techniques.  HRTEM analysis 

showed that the 6 nm ferritin-derived particles were significantly more crystalline than 

the 3 nm particles.  The 6 nm ferritin-derived particle structure was consistent with 6-line 

ferrihydrite, while the 3 nm ferritin-derived particles were consistent with 2-line 

ferrihydrite.  STS analysis showed that the band gap of the ferrihydrite nanoparticles was 
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a function of its size.  Larger particles exhibited a band gap consistent with bulk iron 

oxides, while the smaller particles had a smaller band gap, presumably attributed to a 

high surface defect density.  Adsorption and reaction of SO2(g) on each of the ferrihydrite 

nanoparticles led primarily to the formation of sulfite (with small contributions possibly 

arising from sulfate).  The amount of SO2(g) converted to sulfite complexes was greatest 

on the 6 nm particles.  The 3 nm ferritin-derived and reference ferrihydrite particles 

showed similar, but slower conversion of SO2(g), than was associated with the 6 nm 

particles. 
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                                                         CHAPTER 5 
 
                  REDUCTIVE DISSOLUTION OF BIRNESSITE BY ARSENITE:  
                                          EVIDENCE FROM AFM STUDY    
                                   
 

The interaction of arsenite with birnessite, a mineral existing in soil, has been 

investigated in arsenite containing aqueous solutions with X-ray photoelectron 

spectroscopy (XPS), atomic force microscopy (AFM), and batch geochemical methods. 

XPS results showed that at least a fraction of Mn(IV) at the birnessite surface was 

reduced to Mn(III) and Mn(II) in the presence of arsenite.  XPS also showed that at least 

a fraction of the oxidation product, arsenate, was present on the birnessite surface.  

Analysis of the solution phase with ion chromatogram showed that the majority of the 

arsenate resided the solution phase.   AFM showed that both the topology and 

composition of the birnessite surface changed during the reaction with arsenite.  While 

etching of the birnessite surface was evident at short exposure times, the formation of a 

secondary phase, observed by AFM in phase imaging mode, became evident at longer 

exposure times (>30 min).  The secondary phase showed a largely 2-d lateral growth on 

the birnessite and its appearance coincided with an increase of Mn(II) as experimentally 

observed with XPS.  Furthermore, the oxidation rate of arsenite to arsenate decreased 

rapidly with the growth of the phase. 

 

5.1       Introduction 
 

A high level of arsenic and other harmful contaminants compromises the quality 

of soil and water. Arsenic bearing compounds are introduced in soil and aquatic 

environments, often as a result of anthropogenic activities, that include the use of arsenic 
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containing pesticides 112, 113, mining that leads to acid mine drainage 114, smelting 115 and 

burning of coal 116-118. The release of arsenic into environmental settings that affect 

human health also occurs during natural processes, such as the oxidative dissolution of 

As-bearing minerals 119. The long-term exposure to arsenic in drinking water can cause 

cancer in the lungs, kidney, bladder and skin and various other ill effects to human health 

122, 123.  The predominant oxidation states of Arsenic is As(III) and As(V). Under 

oxidizing and aerobic conditions, the As(V) species predominates whereas As(III) 

predominates under reducing conditions in sediments, soil and ground water247. The 

As(III) species is more toxic than As(V) and tends to bind to the soil more weakly which 

makes it more mobile in the environment120, 121.  

Surface adsorption of arsenic oxy-anion species on iron oxides 128-130, aluminum 

(hydr)oxides 131, 132, 248 and other soil minerals have been studied extensively as a 

potential pathway for removal of arsenic from contaminated water. It has also been 

reported that arsenic commonly co exists with other metal contamination in many 

contaminated environments 249, 250. Arsenic co-sorption with other metal contaminants 

have been reported earlier 133, 134. It is suspected that arsenic oxy-anions and many di- and 

trivalent metal cations have affinity for surface sites of iron and aluminum oxides 135-138, 

which could potentially result in coprecipitation and a useful technique for contaminated 

site remediation. It has been reported that surface catalytic site could lower the Gibbs free 

energy of precipitation, there by facilitating heterogeneous nucleation below saturation 

limits 251-253. 

The surface chemistry of arsenite on soil mineral also plays an important role in 

deciding the environmental fate of Arsenic 126, 254, 255. Soil minerals such as manganese 
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oxides are extremely important as they oxidize many species such as As(III) 105, 106, 

Cr(III) 101, 102 and many organic molecules 103, 104. Prior studies have indicated iron oxides 

as important minerals for adsorption of both As(III) and As(V) 256, 257. Although 

oxidation of As(III) is very limited on iron oxide surfaces 124, 125. Oxidation of As(III) to 

As(V) on mineral surface is an important path way for sequestration and immobilization 

of arsenic in soil.  Manganese oxides play an important role in heterogeneous oxidation 

of As(III) and are commonly found in soil and aquatic systems as mineral coatings or as 

discrete particles 258. Many studies have been carried out investigating the adsorptive and 

oxidative capabilities of these minerals 101, 105, 106. The crystal structure of manganese 

oxide plays a vital role in adsorption and oxidation of reduced species 99, 111, 259. Prior 

studies have been conducted extensively with sodium and potassium substituted 

birnessite, which are phyllomanganate possessing layered sheet structures with edge 

sharing Mn octahedral 109, 110, as these are good representatives of naturally occurring 

manganese oxides. These minerals have been described as nearly vacancy free layers of 

Mn octahedral influenced by distortion when Mn(III) substitutes for Mn(IV) 111. An 

ordered distribution of Mn(III) rich rows, interlayer counter ions and octahedral 

vacancies completes the crystal structure109, 110. The structure of birnessite is shown in 

figure 5.1260, 261. 

Manganese oxides (such as birnessite, MnO2) in particular show an ability to 

facilitate the oxidation of As(III) to As(V) 105, 106, 126, which involves the concurrent 

reductive dissolution of the manganese oxide mineral 106, 111. The proposed composite 

reaction is as follows 111, 126 

MnO2 + AsO3
3- +2H+    =      Mn2+  +  AsO4

3- + H2O 
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EXAFS study of As(III) and As(V) with manganese oxide showed remarkable difference 

due to As(III) induced surface alteration during reductive dissolution 111. Prior research 

indicates dissolution of manganese oxide by As(III) making fresh adsorption sites for 

As(V) and further oxidation of As(III) 105, 106, 126. Although a barrier is suspected to be 

formed at or near the surface of manganese oxide that prevented further reduction of the 

structural Mn(IV) in the interior of crystallites 262.  Prior studies have suspected 

covalently bonded As(V) on the reacted manganese oxide surface 111 as well as the 

presence of a reduced manganese and arsenic complex precipitate 263. Oxidation states of 

manganese also play an important role in interaction with As(III). Prior dissolution 

studies with chromatogram and XPS have indicated a non stoichiometric relationship 

between the production of dissolved Mn(II) and oxidized As(III) 111, 126. This 

nonstoichiometric relation indicates the evidence for Mn(III) on the surface. Studies have 

shown that birnessite reduction and arsenic oxidation progresses via production of an 

intermediate Mn(III) on the surface 126. But there is lack of available literature, which 

studies simultaneous oxidation of As(III) and a real time dependent occurrence of a 

arsenic-manganese coprecipitate near the birnessite surface. Also good understanding of 

correlation between the oxidation states of manganese and the arsenic species adsorbed or 

precipitated on the surface is required.  

In the present contribution we use atomic force microscopy (AFM) to probe the 

structural changes occuring on birnessite during its interaction with arsenite.  We 

complement the AFM technique with X-ray photoelectron (XPS) and batch geochemical 

techniques.  The combination of these techniques, allow us to relate the structural 

changes observed by AFM to surface and solution compositional changes (XPS and ion 
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chromatography, respectively).  In short this contribution builds on prior studies and 

helps to shed light on the changes of the birnessite surface that result during its 

interaction with arsenite.   
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Figure 5.1: Structure of Birnessite. Figure shows the incorporation of sodium, potassium 

ions and water molecules between the octahedral manganese oxide layers. The distance 

between two octahedral manganese oxide layers is nearly equal to 7°. 
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5.2.      Experimental Procedures 

5.2.1 Synthesis of Manganese Oxide Nano Materials. 
  

Synthetic birnessite was prepared by precipitating MnCl2 solution with 

concentrated NaOH. Both the solutions were continuously purged with nitrogen and pre 

equilibrated to 273 K. After mixing MnCl2 and NaOH solution, the nitrogen flow was 

replaced with oxygen flow. Bubbling oxygen through the solution gives black 

precipitates of randomly stacked Na-birnessite. Oxygen was continuously bubbled for 5 

hours. The suspension was then aged between 313K and 373K for 48 hours in a shaker 

oven. This ageing would convert the randomly stacked Na-birnessite to well crystallized 

Na-bitnessite. 

After a period of 48 hours, the well-crystallized Na-birnessite suspension was 

centrifuged and washed repeatedly with DI water to remove all the excess unreacted ions.  

After washing, the suspension was collected and freeze-dried for storage. The birnessite 

samples were characterized with X- ray diffraction. Figure 5.2 shows the XRD data for 

the synthesized birnessite samples. 
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Figure 5.2: XRD data for the synthesized Na-birnessite samples. 
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5.2.2 Ex-situ AFM Imaging of Birnessite Particles in Batch Experiments 
 

The samples for ex-situ atomic force microscopy imaging were prepared by 

suspending 0.015 g birnessite particles in 100ml solution of deionized water and different 

concentrations of arsenite at pH 9. The particles were exposed to 200 µmolar and 100mM 

solutions of arsenite. The particles treated with arsenite solution at regular intervals were 

centrifuged and washed with DI water once to ensure the maximal removal of solution 

phase arsenic species. The centrifuged particles were re suspended in DI water and then 

spread on a clean freshly peeled mica surface for AFM imaging.  

In our study, we have used phase imaging mode in AFM. AFM phase imaging is 

a unique technique, which has a high potential to reveal differences in the material 

properties. It has been shown in previous studies that AFM phase imaging is potential 

method for morphology separation in polymer blends composed of polymers with 

stiffness contrast 157. The contrast in the phase imaging is due to an offset in the zero 

phase ie. the reference phase which is set at the time of resonating tip engaging on to the 

surface. The phase offset is a function of material properties such as hardness of the 

material, their sticking coefficient 157 etc. compared to the zero phase of the substrate. So, 

when the tip comes across a feature that is different in terms of sticking coefficient 

compared to the substrate, there is a phase offset. This phase offset and contrast in the 

phase imaging is a good indication of difference in material properties. 
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5.2.3    AFM Imaging of Birnessite Particles in Flow Experiments. 

For AFM imaging of birnessite particles in solution, the birnessite particles were 

partially embedded in PMMA (poly methyl methacrylate) polymer film. The monomer 

MMA was purchased from Fischer scientific and polymerized by free radical 

polymerization. The PMMA obtained was dissolved in chloroform to give a dilute 

solution of the polymer. 

A thin film of PMMA polymer solution was spin coated on a glass slide. A dilute 

aqueous solution of birnessite was spread on the polymer film and air dried to give 

monolayer of particles. After the particles were dried on the surface, the polymer film 

was heated to a glass transition temperature of 105 °C for 20 min and then it was allowed 

to cool. When heated to glass transition temperature, polymer softens and the particles 

partially sink onto the surface and cooling back to room temperature hardens the polymer 

but holds the particles onto the surface. Now the particles are stable enough for AFM 

imaging in solution phase. 

 The particles were imaged with pH 9 DI water flow first and then pH 9 arsenite 

solution was injected into the flow cell. The particles were imaged in solution phase as 

well as in dry condition after certain exposure time to arsenite solution. The flow cell was 

flushed with DI water before drying to avoid precipitation of any ions in the solution. 

 

5.2.4 Samples for X-ray Photoelectron Spectroscopy 
 

The samples were analyzed at Lehigh University facility on the Scienta ESCA-

300 instrument. Monochromatic Al Kα x-rays generated from a rotating anode was used 

as x-ray source (1486.7 eV) with high resolution, 300 mm mean radius hemispherical 
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electrostatic analyzer. Base pressure is maintained at 1×10-9 Torr inside the chamber. 

Survey scans were collected using fixed pass energy of 300 eV and narrow scans were 

collected using fixed pass energy of 150 eV. 

The samples for XPS were prepared by treating 0.015 g of birnessite with 100 ml 

solution of arsenite at pH 9. For low arsenic exposure, the particles were exposed to 

200µmolar arsenite solution and for high arsenic concentration the particles were exposed 

to 100mM arsenite. The blank samples for XPS were prepared by replacing arsenite 

solution with deionized water at pH 9. Arsenite treated birnessite samples were collected 

at regular interval and centrifuged and rinsed with deionized water once. The 

concentrated centrifuged sample was then dried on the carbon tape on the XPS sample 

holder and analyzed inside the vacuum chamber for characterization. The one time 

rinsing of the arsenite treated sample was carried out to ensure the removal of any 

unwanted aqueous phase arsenite species, which may stick to the birnessite surface when 

it is dried for analysis. We want to detect only those species that are adsorbed on the 

surface and not the ones that are dried on the surface from solution phase.   

The data collected for Mn(2p3/2) and arsenic (3d) were peak fitted with CASA 

XPS peak fitting software using a 70:30 Gaussian:Lorentzian peak shape. The 

interpretation of the Mn(2p) spectrum is complicated by multiplet peaks. Mn(IV), 

Mn(III) and Mn(II) ions of oxides are in high spin state as valence band 3d orbitals are 

occupied by unpaired electrons, which gives multiplet splitting of 2p photoemissions. 

Calculations have been conducted for the multiplet structure of Mn(IV), Mn(III) and 

Mn(II) free ions, which indicates that the 2p3/2 spectrum of each is composed of 5 peaks 

with each multiplet peak separated from the other by 0.7-1.2 eV264, 265. Detailed analysis 
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and interpretation of each multiplet set of synthetic birnessite has been discussed 266 and 

similar peak fitting parameters were obtained from prior research 126, 266. Arsenic 3d 

photopeaks are also studied in detail and peak fitting parameters were obtained from prior 

study 126, 267. The peak fitting parameters for Mn(2p3/2) and As(3d) peaks are listed in 

table 5.1 and 5.2. 
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Table 5.1: Mn(2p3/2) Peak parameters for Birnessite particles. 

Peak  B.E.(eV) FWHM 

(eV) 

Intensity Surface Species 

Mn+2(2p3/2) 

Mn+2 

Mn+2 

Mn+2 

Mn+2 

Mn+2 

 

639.688(A1) 

A1+1.2 

A1+1.85 

A1+2.88 

A1+3.9 

 

0.814(A2) 

A2*1 

A2*1 

A2*1 

A2*1 

 

A3 

A3*0.71 

A3*0.417 

A3*0.3 

A3*0.3 

 

Mn(II)-O Multiplet# 1 

Mn(II)-O Multiplet# 2 

Mn(II)-O Multiplet# 3 

Mn(II)-O Multiplet# 4 

Mn(II)-O Multiplet# 5 

Mn+3(2p3/2) 

Mn+3 

Mn+3   

Mn+3 

Mn+3 

Mn+3 

 

640.805(B1) 

B1+0.7 

B1+1.51 

B1+2.53 

B1+3.9 

 

1.2(B2) 

B2*1 

B2*1 

B2*1 

B2*1 

 

B3 

B3*1 

B3*1.16 

B3*0.72 

B3*0.2 

 

Mn(III)-O Multiplet# 1 

Mn(III)-O Multiplet# 2 

Mn(III)-O Multiplet# 3 

Mn(III)-O Multiplet# 4 

Mn(III)-O Multiplet# 5 

Mn+4(2p3/2) 

Mn+4 

Mn+4 

Mn+4 

Mn+4 

Mn+4 

 

642.18(C1) 

C1+1.02 

C1+1.85 

C1+2.88 

C1+3.9 

 

1.02(C2) 

C2*1 

C2*1 

C2*1 

C2*1 

 

C3 

C3*0.6 

C3*0.32 

C3*0.099 

C3*0.054 

 

Mn(IV)-O Multiplet# 1 

Mn(IV)-O Multiplet# 2 

Mn(IV)-O Multiplet# 3 

Mn(IV)-O Multiplet# 4 

Mn(IV)-O Multiplet# 5 
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Table 5.2: As(3d) Peak parameters for Birnessite particles. 

 

Peak B.E. (eV) FWHM (eV) Intensity Surface Species 

As+3(3d) 

As+3 

As+3 

 

43.64(D1) 

D1+0.7 

 

D2*1 

D2*1 

 

D3 

D3*1 

 

As+3(3d5/2) 

As+3(3d3/2) 

As+5(3d) 

As+5 

As+5 

 

D1+1 

D1+1.5 

 

D2*1 

D2*1 

 

E3 

E3*1 

 

As+5(3d5/2) 

As+5(3d3/2) 
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5.2.5 Samples for Ion Chromatogram 
 

The samples for IC were prepared by treating 0.03 g of birnessite with 500 ml of 

0.08mM arsenite at pH 9. The samples were collected at regular interval and filtered 

using a 0.2 µm filter twice. The aliquot collected was analyzed for arsenate anions to 

account for the oxidation of arsenite. As22 Dionex standard column was used in our 

study and this column used for the analysis could retain only arsenate species and the 

arsenite was eluted with out any retention time. So in our analysis we check for the 

retention time and conductivity of arsenate anions. The arsenite is oxidized to arsenate by 

addition of hydrogen peroxide and this helped us to account for the total arsenic in the 

aliquots. A standard curve for the arsenate was made using standard ICP grade 1000ppm 

H3AsO4 solution purchased from Fisher Scientific. Once the standard curve was obtained, 

the aliquots were analyzed at regular interval for arsenate conductivity and the 

corresponding concentration could be obtained from standard curve. 
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5.3.      Results  

5.3.1(a)    AFM Analysis of Batch Experiments with Birnessite 
 

AFM imaging was performed on the birnessite particles, which were exposed to 

DI water and pH 9.0 arsenite solution. The particles were imaged with AFM before and 

after treatment with arsenite to investigate any possible topographical or morphological 

changes on the surface post arsenite treatment. AFM imaging was performed on the 

particles, which were collected at regular intervals after arsenite treatment. Experiments 

were conducted with 200µmolar arsenic concentration. 

The particles treated with DI water are shown in figure 5.3. There is no evidence 

of any contrast in the phase image of these particles. Even though the particle 

morphology is rough and macro steps were present on the surface, the topographical 

changes did not show any considerable phase contrast in the imaging. Where as when the 

particles were exposed to pH 9 arsenite solution, we start seeing the appearance of some 

new features on the particle surface which shows a contrast in the phase imaging. 

The particles were treated with arsenite solution at pH 9 for 15 min and then 

centrifuged immediately followed by washing with DI water, sonicated and spread on 

freshly peeled mica surface for AFM imaging. Even after arsenic treatment for 15 min, 

particles did not show any new phase appearing on the surface with considerable phase 

contrast. Although there was evidence of etching on the surface as shown in figure 5.4. 

Topography analysis shows the dimensions of the etched pits are equal to inter atomic 

distance ie ~7Aº between octahedral manganese layers. This suggests atomic layer 

reductive dissolution of birnessite in the presence of As(III). 
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             Topography                                                  Phase 

  

                        Phase Contrast   :   5.2° 
 
 

Figure 5.3: Clean birnessite particle exposed to neutral DI water. Figure shows 

topography and phase image.  No observable contrast in the phase image.               
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       Vertical Distance   :   0.76 nm       
 
        
Figure 5.4: Birnessite particles exposed to pH 9 arsenite solutions for 15 minutes. The 

image shows etching pits nearly equal to 7° on the particle surface. (see the cross section 

analysis). 
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The particles were then treated with arsenite for 30 min, which show the 

appearance of small features on the surface with considerable phase contrast as indicated 

by arrows in figure 5.5, fig 5.6, fig 5.7 and fig 5.8. AFM images were also collected for 

particles exposed to arsenite for 45 minutes, which indicates similar features on the 

surface with subtle differences in the phase contrast as compared to the 30 minutes 

sample. Images collected after 45 minutes exposure time is shown in figure 5.9 and 5.10.  

The features that appear on the particles increase in z-dimension from 0.8nm in 30 

minutes sample to ~ 1.5 nm in 45 min sample. We observe a similar change in the phase 

offset in these samples. The phase offset in the 30 minutes sample is ~ 55° and it 

increases to ~ 70° in 45 min sample. The features in 30 minutes samples indicate the 

appearance or growth of an over layer on the particle surface as indicated in figure 5.5, 

fig 5.7 and fig 5.9, which is remarkably different than the particle surface itself in terms 

of material properties. As the exposure time is increased, there is a subtle increase in the 

height of these features and a corresponding increase in the phase as well. This indicates 

that an increase in the z-dimension is accompanied by a change in the tip interaction with 

these features. 

The material properties of the features that appear on the surface could be 

characterized as sticky, which induces dampening of the amplitude and a corresponding 

phase offset. So as the particles are exposed to arsenic(III) solution for more than 30 min, 

we see an increase in the height of these surface features as well as the corresponding 

phase contrast also increases. We did not observe any further changes on the particle 

surface as far as the phase offset is concerned. A sample was exposed to arsenic solution 

for 6 days and the features on the surface are similar to the ones that were exposed for 45 



 151 

min in terms of height and phase offset of the features. Figure 5.11 and fig 5.12 shows the 

details of the cross section and phase analysis of the 6 day sample. We didn’t observe any 

further significant growth in the features in Z dimension after 45 minutes of exposure, but 

we believe that the average surface covered by dark zones could be increasing from 10-

15% at 30 minutes to ~50% after 6 days of exposure time. 
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       Topography Analysis 
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                   Vertical Distance   :   1.1 nm 

 

Fig 5.5: Birnessite particles exposed to pH 9 arsenite solutions for 30 min. Cross sectional 

analysis of the features shows z-dimension nearly 1.1nm. (See the arrows in the image above) 
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Phase  Analysis  
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                Phase Contrast   :   59° 
 
Fig 5.6: Birnessite particles exposed to arsenite solution for 30 min. Cross sectional analysis 

shows phase contrast nearly 60°. The presence of secondary overlayer on birnessite surface is 

evidenced from the phase contrast. (See the arrows in the image above) 
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      Topography Analysis  
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                   Vertical Distance    :   1.4  nm 
 
Fig 5.7: Birnessite particles exposed to pH 9 arsenite solutions for 30 min. Cross sectional 

analysis of the features shows z-dimension nearly 1.4nm. (See the arrows in the image above) 
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 Phase  Analysis 
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                   Phase Contrast   :   56.7°       
                   
Figure 5.8: Birnessite particles exposed to arsenite solution for 30 min. Cross sectional analysis 

shows phase contrast nearly 57°. The presence of secondary overlayer on birnessite surface is 

evidenced from the phase contrast. 
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          Topography Analysis  
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                   Vertical Distance   :   1.5 nm       

               
Fig. 5.9: Birnessite particles exposed to pH 9 arsenite solutions for 45 min. Cross sectional 

analysis of the features shows z-dimension nearly 1.5nm. The height of the features in 45 min 

sample is similar to the 30 min sample. (See the arrows in the image above) 
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                Phase  Analysis 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
                 Topography                                                           Phase 
 
 
 
 
 
 
 
 
 
   
 
 
 
 
 
 
                 

                  Phase Contrast   :   75°       

                 
Fig. 5.10: Birnessite particles exposed to arsenite solution for 45 min. Cross sectional 

analysis shows phase contrast nearly 70°. The presence of secondary overlayer on 

birnessite surface is evidenced from the phase contrast. 
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                  Topography Analysis  
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

                Vertical Distance   :   1.6 nm 

Fig. 5.11: Birnessite particles exposed to pH 9 arsenite solutions for 6 days. Cross 

sectional analysis of the features shows z-dimension nearly 1.5nm. The heights of 

features are similar to 45 min sample indicating no significant changes in the z-dimension 

of these features. 
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             Phase Analysis  
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
               Phase Contrast   :     75.3°       

                      
Fig. 5.12:  Birnessite particles exposed to arsenite solution for 6 days. Cross sectional 

analysis shows phase contrast nearly 70°. The presence of secondary overlayer on 

birnessite surface is evidenced from the phase contrast. The images show an increase in 

the lateral coverage of the precipitate but no significant change in the phase of these 

features compared to 45 min samples.  
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5.3.1(b) AFM Analysis of Batch Experiments With High Arsenic Concentration  

 Experiments were also performed with high arsenic concentration. In these 

experiments the birnessite particles were exposed to 100mM sodium arsenite solution at 

pH 9. The samples were collected after 15 minutes of exposure and analyzed with AFM. 

The particles exposed for only 15 minutes shows the appearance of the phase contrasts 

similar to the previous experiments. Whereas in the low arsenite concentration 

experiments the appearance of the phase takes place at around 30 minutes of exposure. 

Figure 5.13 and 5.14 shows the details of cross section and phase analysis of the particles 

exposed to 100mM arsenite for 15 minutes. This indicates fast redox chemistry on the 

birnessite surface in the presence of high concentrations of arsenic.  
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 Topography Analysis 
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Vertical Distance:  1.5 nm 

 
 
Fig. 5.13:  Birnessite particles exposed to 100mM pH 9 arsenite solution for 20 min. 

Cross sectional analysis of the features show z-dimension nearly 1.5nm. 
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                Phase Analysis 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
                        Phase Contrast   :     64.4° 

 
Fig. 5.14: Birnessite particles exposed to 100 mM arsenite solution for 20 min. Cross 

sectional analysis shows phase contrast nearly 60°. Phase contrast after 20 min exposure 

time in the presence of 100 mM arsenite shows faster redox chemistry. 
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5.3.2 AFM Analysis of Flow Experiments with Birnessite. 

The samples for the flow experiments were prepared on polymer films as described  

in the experimental section. The particles were exposed to DI water first and then the 

solution of 10mM sodium arsenite at a pH of 9.0 was flowed continuously through the 

flow cell at a flow rate of 20 µl/min. The particles were imaged continuously and only 

few images are shown in figure 5.15. In these experiments, the AFM imaging does not 

show the appearance of any over layer features after arsenite treatment or any phase 

contrast, as arsenic solution is continuously flowed through the AFM flow cell. Although 

enhanced dissolution is observed on the edges of these particles. Figure 5.15 shows layer-

by-layer dissolution of birnessite as evidenced by macro layer dissolution indicated by 

the arrow. The topography analysis is also shown in figure 5.16, which shows the 

dissolution of a macro step from 16 nm to 7 nm. 
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Figure 5.15: In-situ Birnessite+ As(III) experiment. Arsenic (III) solution (10mM) was 
flown   continuously through the flow cell. Topography images were collected at regular 
intervals. No evidence of precipitate, but macro layer dissolution is observed in the 
images. 
Fig 5.15(a)  Topography image collected after 88 hours of arsenite flow. 
Fig 5.15(b)  Topography image collected after 93 hours of arsenite flow. 
Fig 5.15(c ) Topography image collected after 96 hours of arsenite flow. 
Fig 5.15(d)  Zoomed in topography image of Fig 5.15 (c ). 
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Figure 5.16: Cross sectional analysis of figure 5.15. Images indicate macro layer 

dissolution of birnessite in the presence of arsenic flow. 
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5.3.3 Control experiment with Birnessite and As(V) 

 The control experiments were conducted by exposing manganese oxide particles 

to the arsenate solution at a pH 9.0 similar to the previous experiments. The concentration 

of arsenate was adjusted to 200µmolar and the particles were exposed for 1 hour. The 

particles were centrifuged and washed with DI water and then imaged with AFM. The 

particles exposed for 1 hour did not show any relevant topographical features or any 

phase contrast. Figure 5.17 shows the topography and corresponding phase of the 

particles exposed to arsenate for 1hour. Lack of any surface precipitate indicates that 

As(V) alone cannot produce any over layer on the birnessite surface, which makes us 

believe that the small features result from a coprecipitation of arsenic and manganese. 
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                  Topography                                   Phase 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fig 5.17: Topography and phase of particles after arsenic exposure.  
(a) and (c) Topography of particles exposed to arsenate for 1 hour. 
(b) and (d) Phase image of particles exposed to arsenate for 1 hour. 
Birnessite AFM phase images collected in the presence of arsenate shows the lack of any 
secondary phase, which indicates that As+5 alone is incapable of forming any secondary 
precipitate on the birnessite surface. 
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5.3.4 X-ray Photoelectron Spectroscopy of Birnessite Exposed to Arsenite 

The samples for XPS were prepared as described in the experimental section. The  

birnessite samples are analyzed for the Mn(2p) multiplet peaks which reveals the near 

surface composition of Mn(IV), Mn(III) and Mn(II) oxidation states. The interpretation 

of the Mn(2p) spectrum is complicated by miltiplet peaks and all the oxidation states are 

in high spin state. The valence 3d orbitals are occupied by unpaired electrons which gives 

multiplet splitting of 2p photoemissions. Each multiplet peak binding energy was 

assigned the value as given by Nesbitt and Banerjee 126. Binding energy and FWHM were 

not adjusted during the fitting. 

 

5.3.4.1 Unreacted Birnessite Surface. 

The Mn(2p3/2) spectra of unreacted birnessite is shown in fig 5.18. The resulting 

fits reveal that the near surface of unreacted birneesite particles contains about 51.37% 

Mn(IV), about 45.17% Mn(III) and about 3.46% Mn(II). The 3d3/2 spectrum of Arsenic in 

the unreacted sample does not show any arsenic peak in that region. 

 

5.3.4.2    Birnessite Reacted with Low Concentration Sodium Arsenite 

The Mn(2p3/2) spectrum of birnessite reacted with low arsenic concentration for 

15 minutes is shown in figure 5.20. The generated fit has Mn(IV), Mn(III) and Mn(II) 

proportions as 34%, 58.7% and 7.3% respectively, which shows the reduction of Mn(IV) 

as indicated by a decrease in the percentage composition of Mn(IV) and a corresponding 
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increase in the reduced oxidation state of Mn(II) and Mn(III). The 3d spectrum of arsenic 

(figure 5.21) shows the distribution of As(III) and As(V) as 28% and 72% respectively. 

 Figures 5.22, 5.23, 5.24 and 5.25 shows the distribution of Mn and As after 30 

min and 1 hour of exposure time. From these figures we observe a gradual increase in the 

reduced oxidation states of manganese as well as an increase in the percentage arsenic(V) 

on the surface. 
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Fig 5.18: Mn(2p3/2) XPS spectrum of birnessite particles exposed to neutral pH DI water. 

The XPS peak fitting shows the relative distribution of manganese oxidation states. The 

surface is mostly composed of ~ 52% Mn(IV) oxidation state. 
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Figure 5.19. As(3d) XPS spectrum of birnessite particles exposed to DI water. 
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Figure 5.20: Mn(2p3/2) XPS spectrum of birnessite particles exposed to arsenite solution 

for 15 min. The XPS peak fitting shows the relative distribution of manganese oxidation 

states on birnessite surface after arsenic exposure. After arsenic treatment, the Mn(IV) 

concentration decreases followed by an increase in Mn(III) oxidation state. 
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Figure 5.21: As(3d) XPS spectrum of birnessite particles exposed to arsenite solution for 

15 min. The XPS peak fitting shows the relative distribution of arsenic oxidation states 

on birnessite surface after arsenic exposure. The arsenic present on the birnessite surface 

is mostly composed of As(V) oxidation state. 
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Figure 5.22: Mn(2p3/2) XPS spectrum of birnessite particles exposed to arsenite solution 

for 30 min. The XPS peak fitting shows the relative distribution of manganese oxidation 

states on birnessite surface after arsenic exposure. After 30 min of exposure, Mn(III) 

concentration is greater than Mn(IV) concentration. 
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Figure 5.23: As(3d) spectrum of birnessite particles exposed to arsenite solution for 30 

min. The XPS peak fitting shows the relative distribution of arsenic oxidation states on 

birnessite surface after arsenic exposure. The arsenic present on the birnessite surface is 

mostly composed of As(V) oxidation state. 

 

 

 

 

Binding Energy, eV

43444546

C
ou

nt
s

60

80

100

120

140
 



 176 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

 
 
 
 
 
 
 
 
 
Figure 5.24: Mn(2p3/2) XPS spectrum of birnessite particles exposed to arsenite solution 

for 1 hour. The XPS peak fitting shows the relative distribution of manganese oxidation 

states on birnessite surface after arsenic exposure. The intermediate Mn(III) oxidation 

state reaches a maximum followed by a decrease in the composition. A simultaneous 

Mn(II) concentration increase is observed. 
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Figure 5.25: As(3d) XPSspectrum of birnessite particles exposed to arsenite solution for 

1 hour. The XPS peak fitting shows the relative distribution of arsenic oxidation states on 

birnessite surface after arsenic exposure. The arsenic present on the birnessite surface is 

mostly composed of As(V) oxidation state. 
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5.3.4.3  Birnessite Reacted with High Concentration Sodium Arsenite 

The Mn(2p3/2) spectrum of birnessite reacted with 100mM arsenic solution for 15 

minutes is shown in figure 5.26. The generated fit has Mn(IV), Mn(III) and Mn(II) 

proportions as 27.33%, 66.79% and 5.9% respectively, which shows the reduction of 

Mn(IV) as indicated by a decrease in the percentage composition of Mn(IV) and a 

corresponding increase in the reduced oxidation state of Mn(II) and Mn(III). Figure 5.27 

also shows the percentage of arsenic(III) and arsenic(V) as 45.49% and 54.51%. Figure 

5.28 shows the oxidation states of manganese after exposure to 100mM arsenite for 

2hours, and the distribution of all the oxidation states is identical to the case where 

birnessite was exposed for only 20minutes. Increasing the exposure time from 20 minutes 

to 2hour in 100mM arsenite did not cause any significant change in the oxidation states 

on manganese. 

 All the time dependent XPS results for manganese and arsenic in the 

presence of low concentration and high concentration arsenite at pH 9.0 are compiled in 

table 5.3and 5.4. 
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Figure 5.26: Mn(2p3/2) XPS spectrum of birnessite particles exposed to 100 mM arsenite 

solution for 20 min. The XPS peak fitting shows the relative distribution of manganese 

oxidation states on birnessite surface after arsenic exposure. 
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Figure 5.27: As(3d) spectrum of birnessite particles exposed to 100mM arsenite solution 

for 20 min . The XPS peak fitting shows the relative distribution of arsenic oxidation 

states on birnessite surface after arsenic exposure. 
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Figure 5.28: Mn(2p3/2) XPS spectrum of birnessite particles exposed to 100 mM arsenite 

solution for 2 hour. The XPS peak fitting shows the relative distribution of manganese 

oxidation states on birnessite surface after arsenic exposure. 
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Table 5.3- Near Surface Composition of Birnessite After Low Concentration Arsenic 
Exposure.   
 
Condition: Low Arsenic Concentration (200 µmolar As+3), pH 9.0 
Species 0 min 15min 30 min 1 hour 
Mn (IV) 52 34 31 27 
Mn (III) 45 59 62 56 
Mn (II) 3.0 7.0 7 17 
As (III) 0 28 21.7 20.6 
As (V) 0 72 78.3 79.4 
 
 
 
 
 
 
Table 5.4- Near Surface Composition of Birnessite After High Concentration Arsenic 
Exposure. 
 
Condition: High Arsenic Concentration (100 mmolar As+3), pH 9.0 
Species 0 min 20 min         2 hour 
Mn (IV) 52 27.33          27.66 
Mn (III) 45 66.79          65.6 
Mn (II) 3.0 5.9          6.8 
As (III) 0 40 
As (V) 0 60 
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5.3.5 Ion Chromatography analysis of Birnessite exposed to arsenite 
 

The oxidation of arsenic(III) by birnessite and chromatogram solution analysis of arsenic 

species at pH 9.0 is shown in figure 5.29.  It is observed from the curve that there is an initial 

rapid oxidation of arsenic(III) by birnessite and the formation of both soluble and adsorbed 

arsenic(V). The drop in the total arsenic curve indicates retention of arsenic species on the 

particle surface. Around 20% of initial arsenic is unrecoverable.  
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Fig 5.29:  Ion chromatograph data showing As+3 and As+5 species concentration in 

solution phase after birnessite exposure to arsenite solution as a function of time. 
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5.4   Discussion 

The XPS data suggests a reductive dissolution scheme of birnessite surface when it 

is exposed to sodium arsenite, characterized by an intermediate reaction product. In our 

study with XPS, we observe a gradual increase in the percentage composition of Mn(III) 

on the surface, followed by an increase in Mn(II) composition126, 266. The XPS results are 

compiled in table 5.3 and 5.4.  Figure 5.30 shows the plot of XPS surface manganese 

composition as a function of time. First the concentration of Mn(III) increases from 45% 

to 62% in 30 minutes. During this period, the increase in Mn(II) composition is very 

subtle. But after a period of 30 minutes, we observe a decrease in the Mn(III) 

composition to 56% in 1 hour and a gradual increase in the Mn(II) composition to ~17%. 

This suggests that Mn(IV) is reduced by arsenic(III) to an intermediate Mn(III) by one 

electron transfer106, 126, which results in the accumulation of Mn(III) on the surface. 

Mn(III) accumulates to a maximum of 62% surface composition and thereafter decreases 

undergoing a  reductive dissolution to produce Mn(II).  

The increase in manganese (II) composition is a result of adsorption 138, 268, 269 

and/or precipitation on the mineral surface 263. The increase in Mn(II) composition after a 

30 minute time period could be explained with the AFM images as there is a good 

correlation between the XPS data and the AFM images. We did not observe any new 

features or overlayers on the particles surface till 30 minutes of exposure time. Although 

we observe dissolution and etching on the particle surface with dimensions close to inter 

atomic octahedral layer distances of ~7Aº in the structure after 15 minutes of exposure 

time. Also during this time period, we observe an increase in surface Mn(III). After 30 

minutes of exposure time, the XPS data shows that the Mn intermediate concentration on 
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surface is decreasing followed by an increase in Mn(II) and consequently the AFM 

images show new features with height about 15 Aº  appearing on the surface. The XPS 

peak fitting for the arsenic region also shows that arsenic is predominantly in the 

pentavalent state. The time dependent AFM and XPS data makes us believe that Mn(II) is 

being precipitated back on the surface along with arsenate forming a complex secondary 

phase, in addition to As(V), As(III) and Mn(II) being adsorbed on the surface.   

Control experiments conducted with As(V) solution alone did not show any  

precipitation on the surface for extended period of exposure. Arsenate is expected to bind 

via ligand exchange mechanism to surface hydroxyl groups on metal hydroxides forming 

inner sphere sorption complexes 138, 270-272.  Also metal cations have been shown to 

facilitate arsenate precipitation beyond surface saturation at the metal oxide interface. 

Studies show that arsenate adsorption on goethite surface was increased remarkably in 

the presence of zinc and vice versa 133, 134.  
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Figure 5.30: XPS data showing the change in relative percentage manganese composition 

at the birnessite surface after treatment with arsenite as a function of time. 
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In our experiments, the precipitate does not appear on the surface till the Mn 

intermediate accumulates to a maximum, but only when the intermediate is further 

reduced to Mn+2. Also the XPS data at the initial reaction times suggest that the majority 

of arsenic adsorbed is As(V) on the birnessite surface that is produced even when there is 

no precipitate as shown in the AFM images. The negatively charged adsorbed arsenate 133 

on the birnessite would form a complex with the Mn(II) cation in the solution, thereby 

increasing the surface concentration of reduced manganese as evidenced by XPS. This 

would facilitate a heterogeneous nucleation and growth of an over layer 253 as evidenced 

by the dark regions in the AFM images. Prior studies have indicated a heterogeneous 

nucleation of adamite like arsenate and divalent zinc cation coprecipitate facilitated near 

goethite surface 134. More over, in our study we did not observe any considerable growth 

of these features in the z-dimension, although longer exposure times result in an increase 

in the lateral coverage of the features. Studies have shown that koettitgite and adamite 

(zinc-arsenate) like co precipitates on goethite provide sufficient functional groups 

through O, OH or H2O ligands on zinc octahedral for additional zinc and arsenate 

adsorption. The arsenate-manganese(II) complex coprecipitate on birnessite surface could 

result in additional As(V) adsorption on the functional groups provided by the surface 

precipitates133, 134. We suspect that birnessite surface sites could lower the Gibbs free 

energy of precipitation by lowering the surface tension between the precipitate and the 

substrate surface, there by facilitating heterogeneous nucleation well below the solubility 

products of the ions in the solution 251-253. Prior studies have indicated the presence of 

coprecipitates on the mineral surface following adsorption and redox reactions. These 

precipitates have been shown to occur after 74 hours 263 and 24 hours of exposure time 
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133. Although it has also been reported in literature that the arsenic removal reaction in the 

presence of manganese oxide is almost complete in relatively short period of time 

compared to the occurrence of the precipitate on the mineral surface 133, 263, 273. More 

over, the adsorbed arsenate and the complex precipitates are believed to self inhibit by 

coating the oxide surface 106, 273. The reaction time for oxidation of arsenite to arsenate 

and occurrence of arsenate-metal complex precipitation do not correlate based on prior 

studies. Our AFM study is a real time dependent study, which shows the arsenate 

complex precipitate occurring under 30 minutes and is in good agreement with the 

surface manganese speciation according to XPS data.   

Prior research indicated the precipitation of Krautite (Mn/As=1.0) 274 like 

precipitate on the surface of birnessite during arsenic oxidation reaction 263. Although 1:1 

metal-arsenate precipitates are unlikely to form as equimolar metal-arsenate precipitates 

form from trivalent rather than divalent cations 133 like scorodite 275 (Fe+3AsO4.2H2O) or 

mansfieldite 276 (Al+3AsO4.2H2O). Thus it is more likely that the oxidative metal-arsenate 

precipitates exists with manganese to arsenate ratio greater than 1 like allactite 277 

[Mn2+
7(AsO4)2(OH)8] on the birnessite surface. Although the surface precipitate could 

provide sufficient functional groups through O, OH or H2O ligands for additional 

arsenate complexation, which could lower the Mn/As ratio to or less than 1, after longer 

exposure times 133. 

The AFM experiments conducted under continuous flow conditions also show 

dissolution of manganese oxide but no evidence of precipitate on the surface, which is 

due to the fact that arsenic(III) supply in the flow system is continuous, which replaces all 

the Mn(II) and As(V) ions produced thereby inhibiting formation of any precipitate on 
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the surface. This suggests that even when the surface is altered by dissolution, solution 

phase As(V) and Mn(II) ions are required for heterogeneous nucleation and growth of the 

precipitate134. This is contrary to the static conditions of the batch experiments. Therefore 

from the batch and flow experiments along with the As(V) control experiments, we 

propose that Mn(II) plays an important role in the coprecipitation and the phase contrast 

in AFM imaging is due to the heterogeneous nucleation and growth of a new secondary 

phase rather than only surface adsorption phenomena.  
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CHAPTER   6 
  
            ARSENITE INTERACTION WITH MANGANESE LOADED FERRITIN  
                                 BIOCOMPOSITE 
 
 
 Natural mammalian ferritin encapsulating an inorganic core of manganese oxide 

was studied in the presence of sodium arsenite solution and the interaction was studied 

with fourier transform infrared (FTIR) spectroscopy, Ion chromatography (IC), X-ray 

photoelectron spectroscopy (XPS) and X-ray absorption spectroscopy (XAS). The 

reductive dissolution of inorganic manganese oxide core was studied at alkaline pH ~9.0. 

Batch experiments were conducted with manganese oxide and arsenite and aliquots were 

analyzed at regular intervals with Ion chromatography to monitor the release of Mn(II) 

into the solution and oxidation of arsenic. FTIR results suggest the oxidation of As(III) 

and adsorption of As(V) on the protein surface. Furthermore XPS studies were also 

performed on the protein after arsenite interaction and the data suggests a reductive 

dissolution of the inorganic manganese core and oxidation of As(III). These results 

indicate that arsenite species could result in reductive dissolution of manganese ferritin 

resulting in As oxidation by electron transfer through the protein shell.  

 

6.1       Introduction 

Several epidemiological and clinical studies have indicated that arsenic is 

associated with an increased risk of human cancer 122. Arsenic causes cancer in human 

skin, lung, urinary bladder, liver, kidney 123 and remains a significant world- wide public 

health problem. Humans are directly exposed to inorganic arsenite(III) or arsenate(V) 

depending on the oxidation/reduction state of their water supply. Arsenate(V) is less 
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acutely toxic than reduced As(III) 278. Arsenate is reduced to arsenite in the tissues of 

rats, rabbits, mice and humans 279, 280. Although the metabolism of inorganic arsenic is 

fairly well understood, the precise mechanism of arsenic toxicity is not clearly known. It 

has been suggested that arsenic species results in release of iron from the cell within 

ferritin or heme, which in turn causes DNA damage and carcinogenesis 281.   There have 

been limited experimental studies at the cellular level to understand the action of different 

arsenic species with iron 281. 

Due to acute arsenic toxicity, environmental and human health impacts of 

elevated concentrations of As in ground water have received increased attention 282, 283, 

and many redox mechanisms have been proposed with inorganic and composite materials 

to treat contaminated water 34. Prior research indicates the environmentally relevant redox 

chemistry of bulk and nano-manganese (Mn) oxides, which are arguably among the most 

important and reactive minerals in the subsurface environment 284. These materials are 

the main redox catalyst in soil systems, and Mn-oxides have unique surface properties 

allowing them to be effective sorbents for a number of cations and anions, including both 

organic and inorganic species 284. Prior studies have shown Mn-oxides to be effective 

scavengers in the environment through several mechanisms including, adsorption, surface 

precipitation, and redox reactions 111, 120. The chemistry of Mn-oxide materials is driven 

in large part by the redox activity of the Mn at the surface.  Mn can occur in oxides as 

Mn(II), Mn(III) and Mn(IV) allowing for both oxidation and reduction of species and 

oxides show particularly high reactivity when Mn(III) is available 285. In terms of soil 

mineralogy and occurrence, the most widespread Mn-oxide phase in young soils is 

birnessite (MnO2), but the consideration of such phases as nano-scale MnOOH is 
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warranted based on prior research 286, 287 and should be considered to develop an overall 

picture of the role of this mineral in geo- and soil chemistry. We emphasize that particles 

having nano-particle dimensions in the environment may very well have a surface 

reactivity that is not exhibited by larger particles of the same material 288. This 

phenomenon has been attributed to an electronic effect where the ease of redox 

phenomena of the particle is a function of particle size. The implications derived are that 

nano-particulates, not unexpectedly, might exhibit redox properties that are not present in 

larger structures.  Hence, while nano Mn-oxide materials in soils may be of relatively low 

concentration, it is important to evaluate their potentially unique reactivity. 

As stated earlier, arsenic interaction with natural ferritin encapsulating inorganic 

iron oxide is important to understand the toxic and carcinogenic effects on human by 

release of free iron and DNA damage. Ferritin is a naturally existing mammalian protein, 

which plays a central role in the sequestration and storage of iron in biological systems, 

and are comprised of structurally similar polypeptide units that self-assemble to form a 

protein cage with an outside diameter of 120 Å. Apo-ferritin (without inorganic core) 

solutions can be treated with a divalent metal salt (Fe(II), Co(II), or Mn(II)) and oxidized 

under controlled pH conditions to form nano-particles of the respective metal oxide. The 

relative concentration of the cation and protein ultimately defines the size of the nano-

particle. In view of current research we have synthesized inorganic manganese oxide 

nano particles encapsulated in a ferritin protein cage, which gives us homogenous particle 

size distribution. These biological nano composites are further studied with arsenic 

species in solution to investigate the redox chemistry of these homogenous nano 
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particles, which may also give some valuable information on the arsenic toxicity in 

biological systems.  

 

6.2       Experimental Procedures 

6.2.1(a) Nanoparticle Synthesis Using Ferritin protein as constrained reaction vessel. 

 Ferritin plays a central role in the sequestration and storage of iron in biological 

systems 211. There is a remarkable degree of structural conservation among ferritin 

proteins from different sources. Ferritin is a relatively large protein comprised of twenty-

four structurally similar polypeptide subunits, and includes two types of peptide chains, H 

(for heavy) and L (for light) chains, that self-assemble to form a protein cage structure.  

The outside diameter of the cage is 120 Å, and the cage surrounds a hollow cavity 

roughly 80 Å in diameter 88 (Figure 6.1).  The structure of ferritin is highly symmetric, 

having two-, three- and four-fold symmetry axes, with channels occurring at the three- 

and four-fold axes 89, 212 (Figure 6.2).  These channels allow access of small ions and 

molecules from the solution environment into the interior of the protein. 

 Ferritin is an iron-binding protein and up to 4500 Fe atoms are mineralized and 

stored within this protein cage as a nanoparticle of the ferric oxyhydroxide ferrihydrite 

(Fe(O)OH) 213. The reactions to form the mineral particle include the oxidation of Fe2+ 

and its subsequent hydrolytic polymerization to form ferrihydrite 214, 215. In ferritin, the 

protein catalyzes these reactions in two distinct ways.  An enzymatic active site in the 

protein catalyzes the oxidation of Fe2+ by the two-electron reduction of O2, which 

proceeds via a di-ferric-µ-peroxo species, which subsequently releases H2O2 
216. The Fe3+ 

rapidly forms a small mineral core within the protein shell.  This particle surface will 

itself catalyze the oxidation of Fe2+ via the four-electron reduction of O2 to H2O.  The 
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kinetics of iron oxidation was investigated using electrode oximetry, and it was shown 

that horse spleen ferritin behaved as an enzyme, exhibiting saturation kinetics with 

respect to Fe2+ and O2.  Although, the kinetic properties of ferritin were characteristic of a 

true enzyme, it was also shown that ferritin was unique in that the oxidation product was 

stored in the protein itself.  The constant, k2’, which is an indicator of the degree of 

saturation of the active site of a substrate, was determined to be 9.5 × 103 M-1s-1.  This 

value is 1-3 orders of magnitude greater than that of other Fe2+ chelates, and 

demonstrates the effectiveness of apoferritin in complexing Fe2+ to oxygen. By virtue of 

being encapsulated within the confines of the protein cage, this mineralization process is 

spatially constrained by the reaction volume of the cage and by diffusion of species 

through the 5 Å diameter channels of the protein shell.  Protein-free control experiments 

performed under near physiological conditions (pH ~6.5-7) yield precipitates of 

lepidocrocite in the bulk phase and not ferrihydrite, thus it is clear that the protein exerts 

considerable influence over all aspects of the mineral particle formation.   

Nucleation of the mineral particle inside the protein cage of ferritin occurs at 

symmetry- related clusters of glutamic acid residues, which create a protein surface of 

high charge density.  In the absence of the ferroxidase site this highly charged interface is 

sufficient to induce oxidative hydrolysis and mineral formation within the confines of the 

protein cage 92. The synthetic protocols for preparing homogeneous ferrihydrite particles 

(or other materials, vide infra) with diameters ranging from 20 to 80 Å within the protein 

cage are well documented in the literature.  Particles with diameters less than 80 Å are 

formed, by controlling the Fe2+ to protein concentration ratio 211. The protein cage is 

relatively porous, since it has roughly 5 Å diameter pores.  
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 The inorganic interior component of the ferritin is not limited to ferrihydrite, but 

can be manipulated to produce a range of nano-materials.  For example magnetite (Fe3O4) 

can be synthesized within ferritin 89, 211, and investigations reported in the literature have 

shown that the reactions of ferritin with non-native substrates, such as Mn2+ and Co2+, 

also lead to the mineralization of both manganese 289 and cobalt oxyhydroxides 212 within 

the protein cavity.  The protein, however, does not catalyze these oxidation and 

mineralization reactions.  Furthermore, it has been shown that amorphous iron sulfide 

minerals containing either 500 or 3000 iron atoms in each cluster can be synthesized in 

situ within the nano-dimensional cavity of ferritin 290. Prior studies have also shown that 

nano particles of cadmium sulfide 291 and uranium oxide 141, 292 can be synthesized and 

encapsulated in the ferritin.   
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Apoferritin
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80  Å

Ferritin

 

Figure 6.1: Schematic of ferritin showing the outer and inner diameters to be 120 Å 

and 80 Å respectively.  The native inorganic core can be removed to form apoferritin so 

that other oxides can be assembled within the interior volume. 
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Figure 6.2: Schematic showing the folding of the H and L chains of ferritin to produce 

the 3- and 4- fold channels, which allow access of small ions and molecules into the 

interior of the protein. 
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6.2.1(b) Synthesis of Manganese Oxide Nanoparticles Encapsulated in Ferritin Protein.  

The demineralization of ferritin involves treating buffered solutions of protein 

with thioglycolic acid (TGA), which reduces Fe3+ to Fe2+ thereby making the mineral 

mobile, and then removing the dissolved iron through dialysis 214, 215. Specifically, 100 

mg (0.82 mL) of horse spleen ferritin obtained from Sigma–Aldrich was placed in 

dialysis tubing and diluted to 20 mL with pH 4.5 0.10 M sodium acetate buffer.  The 

dialysis tubing was placed in a beaker containing 1 L of pH 4.5 0.10 M sodium acetate 

buffer purged by bubbling a stream of nitrogen through it.  A 2.0 mL aliquot of TGA was 

added to the buffer and the tubing containing the ferritin solution was allowed to spin at 

room temperature for 1-2 h.  After two such TGA treatments, the dark brown color of the 

protein solution disappeared, and it was assumed that ferritin was completely 

demineralized. The demineralized ferritin was dialyzed into pH 4.5 sodium chloride (0.15 

M) to improve the clarity of the solution and then into pH 6.5, 0.1 M 2-[N-

Morphololino]ethanesulfonic acid (MES) buffer for 4 to 6 h. 

A 25 mM solution of Mn2+ were prepared by dissolving 0.05 g of manganese 

chloride (MnCl2·4H2O) in 10 mL of double distilled water deoxygenated by bubbling 

with nitrogen.  The apoferritin solutions were incubated on ice and stirred continuously in 

air during the course of the experiments.  For the 500 Mn loaded ferritin, 0.80 mL of a 

deaerated solution of Mn2+ was added to 20 mg apoferritin (5.0 × 10-7 M, Sigma) in 15 

mL of N-(1,1-Dimethyl-2-hydroxyethyl)-3-amino-2-hydroxypropanesulfonic acid 

(AMPSO) at pH 8.9 (0.1 M) followed by air oxidation.  For the 2000 Mn loaded ferritin, 

four 0.8 mL aliquots of the manganese chloride solution were added with a 2 h time 
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interval between additions.  The remineralized ferritin solution was dialyzed into purified 

water (18 MΩ resistivity) just prior to use in order to remove any salts. 

Research grade sodium arsenite and sodium arsenate was purchased from Sigma 

Aldrich and used with out further purification. H3AsO4 standard ICP grade solution was 

purchased from Fischer Scientific and used as standard solution for Ion Chromatography. 

Experiments with Manganese loaded ferritin and sodium arsenite were performed 

at pH 9, as lowering the pH to slightly alkaline or even neutral pH makes the inorganic 

manganese oxide core instable that results in leaching of manganese outside the ferritin 

core. 

 

6.2.2 Samples for Ion Chromatogram 
 
 Samples for IC were prepared by treating 100mg of 2000-loaded manganese 

ferritin in 500 ml solution with 0.2mM arsenite at pH9. The samples were taken out at 

regular interval and filtered using a 0.2 µm filter twice. The aliquot collected was 

analyzed for arsenate anions to account for the oxidation of arsenite. As22 Dionex anion 

standard column was used in our study and this column used for the analysis could retain 

only arsenate species and the arsenite was eluted with out any retention time. So in our 

analysis we check for the retention time and conductivity of arsenate anions. The arsenite 

is oxidized to arsenate by addition of hydrogen peroxide and this helped us to account for 

the total arsenic in the aliquots. A standard curve for the arsenate was made using 

standard ICP grade 1000ppm H3AsO4 solution purchased from Fisher Scientific. Once 

the standard curve was obtained, the aliquots were analyzed at regular interval for 

arsenate conductivity and the corresponding concentration could be obtained from 

standard curve. The Mn+2 released into the solution due to redox dissolution was 
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analyzed using CS12 cationic column. A standard curve for manganese (II) was prepared 

by analyzing standard ICP grade 1000pppm manganese acetate solution purchased from 

Fisher Scientific. 

 

6.2.3 Samples for X-ray Photoelectron Spectroscopy 
 

Samples for XPS were prepared by treating 100mg of 2000-loaded manganese 

ferritin in 500 ml solution with 0.2mM arsenite at pH 9. Blank sample for XPS were 

prepared by replacing arsenite solution with de-ionized water at pH 9 and analyzing the 

manganese loaded ferritin alone.  

 Arsenite treated ferritin samples were collected and dialyzed in DI water to filter 

out all the excess solution phase arsenite and buffer. In our XPS analysis, we are 

interested in analyzing the oxidation states of manganese core, relative intensities of 

oxidized and adsorbed As(V) and As(III). The ferritin samples were flash frozen and then 

freeze-dried after the dialysis was done. The freeze-dried samples were then mounted on 

a carbon tape on the XPS sample holder and analyzed for Mn and As oxidation states 

inside the ultra high vacuum chamber. The dialysis of the arsenite treated sample was 

carried out to ensure the removal of any unwanted aqueous phase arsenite species, which 

may stick to the ferritin surface when it is dried for analysis. We want to detect only those 

species that are adsorbed on the surface. 

 

 

 

 

 



 202 

6.2.4 Samples for FTIR Spectroscopy 

A Nicolet 580 research FTIR with a SpecacTM Golden gate ATR accessory 

(diamond lens) was used to obtain the vibrational data.  All FTIR data was recorded at 4 

cm-1 resolutions. Samples were prepared by treating 100mg of 2000-loaded manganese 

ferritin in 500 ml solution with 0.2mM arsenite at pH9.  After treatment with arsenite, 

samples were collected, centrifuged and filtered through microcon centrifugal filter units. 

These membrane filters are made of Ultracel regenerated cellulose, which retains more 

than 95% of the solute. After centrifugation the samples were re suspended in DI water 

and filtered again in centrifuge filter. This step was necessary to filter out all the solution 

phase As(III) so that only the adsorbed As(III) and As(V) species are detected in FTIR 

analysis. Once the ferritin samples were rinsed in DI water, they were dried on the FTIR 

diamond lens and then the spectrum was collected. For background subtraction, IR 

spectra of apo ferritin (empty protein) and 2000-loaded manganese ferritin with As 

treatment were also collected. Control experiments were also conducted with apo ferritin 

exposed to As(III) and As(V) solution at pH 9. 
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6.3     Results 

6.3.1 Ion Chromatography Analysis of Mn-Loaded Samples 

100 mg of 2000-loaded manganese ferritin were treated with 0.2mM sodium 

arsenite solution at pH 9 in a 500 ml batch. Aliquots were collected at regular interval 

and centrifuged to separate the protein. After protein separation, the aliquot were diluted 

with hydrogen peroxide and injected into the ion chromatogram column for the retention 

and detection of As(V) as described in the experimental section. The concentration was 

calculated by correlating the area under curve of time dependent sample and the standard 

curve. Figure 6.3 shows a plot of total arsenic concentration as a function of time. The 

difference in the initial concentration and the time dependent sample indicates the amount 

of arsenic lost from the solution as a result of combined oxidation and adsorption on the 

ferritin surface. Similar experiments were conducted to detect the concentration of 

manganese(II) released into the solution as a result of arsenite induced dissolution of 

manganese oxide core. Figure 6.4 shows a plot of manganese(II) concentration as 

function of time. 
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          Figure 6.3: Solution phase arsenic concentration vs time. 
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 Figure 6.4:   Plot of soluble manganese (II) concentration vs time. Manganese ferritin 

treated with arsenic results in the release of soluble Mn(II) into the solution. 
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From figure 6.3 we observe that nearly 0.06 mM of arsenic is lost from the 

solution as the reaction proceeds and around 0.08mM of manganese(II) is released into 

the solution as indicated by figure 6.4. This information is very valuable as we can 

comment on the stoichiometry of the reaction. 

 Control experiments were conducted similarly with same amount of apo (hollow 

ferritin) ferritin and ~0.1 mM arsenic solution at pH 9. Figure 6.5 shows the Ion 

Chromatography plot of control experiments were apo ferritin was treated with As(III) 

and As(V). 
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Figure 6.5:   Plot of Arsenic species concentration adsorbed on Apo-Ferritin vs time. 

As(III) adsorbed on the ferritin surface is neglible compared to the amount of As(V) 

adsorbed. As(V) adsorbed on the ferritin surface is equivalent to the amount of arsenic 

lost from the solution followed by manganese core reduction. 
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From the above figure we can see that there is very negligible amount of As(III) 

adsorbed on the ferritin surface where as ~0.05mM of As(V) is adsorbed on the surface. 

As the apo- ferritin does not have an inorganic metal oxide core inside the protein shell, 

all the arsenic species lost from the solution is attributed to the adsorption of arsenic on 

the surface rather than any redox chemistry. It is seen from the control experiment that 

apo ferritin can adsorb significant amounts of As(V) on the surface compared to As(III). 

In our experiments where manganese loaded ferritin were exposed to As(III) at pH 9, we 

observed that nearly 0.06 mM of arsenic is lost from the solution and figure 6.5 indicates 

that ~0.05 mM of As(V) is adsorbed on the surface. Due to the fact that there is very 

minimal amount of As(III) adsorbs on the protein surface, we believe that majority of the 

arsenic lost from solution as indicated in figure 6.3 is due to the oxidation and adsorption 

of As(V). The amount of As(V) formed due to oxidation of As(III) in solution is all 

adsorbed on the surface of the protein. There is lack of As(V) species in solution as 

evidenced by ion chromatography analysis. That is why we add peroxide into the time 

dependent sample to oxidize all the arsenic to As(V) and then analyze total arsenic loss 

from the solution.  

 

6.3.2 FTIR Analysis of Mn-Loaded Ferritin Exposed to Arsenic Species. 

The samples for FTIR analysis were prepared as described in the experimental 

section. Solution phase As(III) and As(V) were prepared by making a 1M concentrated 

solution of sodium arsenite and sodium arsenate at pH 9. 10 µl of the solution was 

dropped on the diamond lens and the FTIR spectra were collected. For background clear 

DI water spectra was collected and then subtracted from the sample spectra. Figure 6.6 
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shows the FTIR spectra of solution phase As(III) and As(V) indicating peaks at 790 cm-1 

and 850 cm-1 [νs(As-O)] respectively273. At pH 9, there is only one peak at 850 cm-1 for 

As(V) but shifting and splitting of As(V) peak occurs resulting from functional group 

protonation with decreasing pH273. The splitting occurs at ~905cm-1 [νas(As-O)] which is 

absent in our FTIR spectra as these experiments were conducted at pH 9. Solution phase 

arsenic(III) peaks are much smaller and often difficult to detect.  

FTIR analysis was also carried out for 2000-loaded manganese oxide ferritin 

treated with sodium arsenite at pH 9. For control experiments apo-ferritin was treated 

with As(III) and As(V) species. Figure 6.7 shows the respective spectra of ferritin treated 

with arsenic species. Apo-ferritin IR spectra was subtracted from all the spectra as 

background correction. For apo-ferritin treated with Arsenic(III), there is a peak at 790 

cm-1 but there is lack of any As(V) peak at 850 cm-1, which indicates there is no redox 

chemistry taking place on the protein surface. 2000-loaded manganese ferritin treated 

with As(III) indicates that As(III) is oxidized and As(V) adsorbs onto the surface of 

protein. There are two strong peaks appearing at 852 cm-1, 865 cm-1 [νs(As-O)] and 910 

cm-1 [νas(As-O)] 273, which are identical to the As(V) peaks adsorbed on the ferritin 

protein surface. As(V) remains bound to the protein surface at pH 9 following washing 

with DI water. 
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             Figure 6.6: Solution phase As(III) and As(V) FTIR spectra. 
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Figure 6.7: FTIR spectra of Mn-Ferritin and Apo-Ferritin exposed to arsenic species. The 

peaks at 910 and 850 cm-1 represents the asymmetric and symmetric stretch of As-O 

bond. 
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6.3.3 XPS Analysis of Mn-Loaded Ferritin Exposed to Arsenic Species. 

100mg of 2000-loaded manganese oxide ferritin was treated with 0.2mM sodium 

arsenite solution at pH 9. After arsenic treatment, the ferritin sample was dialyzed in DI 

water at pH 9 to filter out the buffer from the solution. After dialysis, the protein 

solutions were flash frozen and then freeze dried till the protein sample was dry. The 

dried protein sample was applied on a carbon tape for XPS analysis. For control 

experiment, 2000-loaded ferritin was prepared the same way with out arsenic treatment. 

Figure 6.8 shows the XPS analysis of 2000-loaded manganese ferritin indicating the 

relative intensities of all the oxidation states of manganese on the surface of the inorganic 

core. The XPS analysis shows that the inorganic core consists of 41% of manganese(IV), 

58.7% of manganese(III) and 0.3% of manganese(II). Majority of the inorganic core 

surface consists of manganese(III). 

The manganese ferritin was analyzed with XPS after treatment with sodium 

arsenite at pH 9, as shown in figure 6.9. The analysis indicates a composition of 68.56% 

of manganese(IV), 31.43% of manganese(III) and 0.0% of manganese(II). The same 

sample was also analyzed for the composition of arsenic species on the ferritin surface. 

Figure 6.10 indicates a percentage composition of 69% of As(V) and 31% of As(III). 
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Figure 6.8: Mn2p3/2 XPS peak analysis of 2000-loaded manganese oxide ferritin core. 

Percentage composition of manganese oxidation states. The manganese oxide core inside 

ferritin consists of nearly 70% Mn(III) and 30% Mn(II). 
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Figure 6.9: Mn(2p3/2) XPS peak analysis of 2000-loaded manganese oxide ferritin core 

treated with arsenite at pH 9. After arsenic treatment, the Mn(III) being an intermediate 

and less stable is reduced to soluble Mn(II), which results in an increase in the Mn(IV) 

composition. 
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Figure 6.10: As3d XPS peak analysis of 2000-loaded manganese oxide ferritin core 

treated with arsenite at pH 9. Percentage composition of arsenic oxidation states adsorbed 

on the ferritin surface. The arsenic present on the pretein surface is mostly composed of 

As(V) oxidation state. 
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6.4     Discussion 

The data presented in this study demonstrates oxidation of arsenic(III) in solution 

via reduction of manganese oxide nano-composite encapsulated inside biological 

mammalian ferritin protein. The knowledge of the phase of manganese oxide core inside 

the ferritin protein is limited. We suspect that the manganese exists in a mixed oxide state 

(MnOOH) inside the ferritin, which is confirmed with arsenic dissolution experiments 

and XPS characterization.  

Data shown in figure 6.3 shows rapid oxidation of As(III) in solution as indicated 

by a total arsenic loss from the solution. Similar experiments reveal the dissolution of 

manganese oxide releasing reduced manganese(II) into the solution as shown in figure 

6.4. Control experiments with out any arsenic(III) in solution reveals the lack of soluble 

manganese(II) in the solution. This indicates that the manganese dissolution and release 

from the reconstituted manganese oxide inside ferritin is due to the oxidation reduction of 

the arsenic manganese system, which is expected as arsenic is readily oxidized in the 

presence of manganese oxide 111, 126, although in our study, we have used manganese 

oxide encapsulated inside a biological protein ferritin. Knowledge of redox chemistry and 

electron transfer from solution phase As(III) to manganese core through the protein shell 

is limited. There is very limited literature on ferritin protein interacting with arsenic in 

solution. Prior research indicates the release of soluble iron(II) from natural ferritin 

containing iron(III) oxide core interacting with arsenic(III) in solution 281, but there is 

lack of information on the fate and characterization of oxidized arsenic in solution. To 

our knowledge, this is the first study to present oxidation of arsenic(III) via nano sized 

manganese oxide encapsulated in a biological precursor, characterizing the 
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oxidation/adsorption of the arsenic, and monitoring the changes in the surface oxidation 

states of manganese core during the redox chemistry. 

Ion chromatogram results suggest that arsenic(III) is oxidized to arsenate(V) via 

electron transfer reducing manganese core to soluble manganese(II) and subsequent 

release into the solution. Control experiments with apo ferritin and As(III) indicate 

virtually no adsorption of As(III) on the protein surface, indicating all the oxidized 

arsenic(V) is adsorbed on the protein surface following the redox mechanism. Results 

indicate that ~0.06mM arsenic is lost from the solution following oxidation/adsorption 

and ~ 0.08mM of soluble Mn(II) is released into the solution. Molar concentration ratio 

of reduced manganese and oxidized arsenic is ~1.5, indicating a mixed oxidation state for 

the manganese oxide core. For redox interaction between manganese(IV) oxide and 

As(III), the stoichoimetry  is 1:1 and for manganese(III) oxide and As(III), the 

stoichiometry is 2:1. The fact that in our experiment the stoichiometry is ~1.5, indicates 

that the manganese inside the core is a mixed oxide of +3 and +4.  

The control batch experiments were conducted with 100mg of apo ferritin and 

subsequently treated with sodium arsenate(V). Ion chromatography results reveal 

~0.06mM of arsenic(V) is lost from the solution, which is attributed to the adsorption of 

arsenic as discussed earlier. Assuming a density of 1.27g/cc for apo ferritin and protein 

diameter of 12nm, the number of As(V) ions adsorbed on a protein surface at equilibrium 

could be calculated. Based on our calculation, we predict that nearly 15-20 As(V) ions 

are adsorbed per protein molecule. This data could be used to speculate the active sites 

for arsenic adsorption and might have useful implications in future research. 
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Oxidation of arsenic(III) to arsenate(V) with manganese loaded ferritin was 

confirmed with FTIR spectroscopy. Figure 6.7 indicates the lack of arsenic oxidation in 

control experiment with apo ferritin and the presence of symmetric and asymmetric 

As(V)-O vibrational modes for manganese ferritin treated with solution As(III). Prior 

research has indicated the growth of As(V)-O IR vibrational modes on the surface of 

inorganic manganese oxide treated with solution arsenic 273, although based on our data it 

is not conclusive to comment if the oxidized As(V) is adsorbed on the manganese core 

inside the ferritin or adsorbed on the outside ferritin surface as natural mammalian ferritin 

is known to mineralize and incorporate anions along with iron inside the core 293-295. 

More surface analysis needs to be performed in future to resolve this issue if As(III) and 

As(V) oxy-anions could migrate inside through the protein shell.   

Figure 6.8 shows the XPS result for the surface analysis of pre treated ferritin 

manganese oxidation states. The surface is dominated by Mn(III) oxidation state followed 

by Mn(IV) and there is lack of any significant Mn(II). After treatment with sodium 

arsenite, XPS data (figure 6.9) indicates loss of Mn(III) from the surface and a significant 

increase in Mn(IV) oxidation state, and there is still no reduced Mn(II) present on the 

surface. This indicates that mineral is composed of mixed oxidation states of Mn(III) and 

Mn(IV), and as the surface majority is composed of Mn(III), the As(III) preferably 

reduces +3 oxidation state than +4. Prior research indicates that Mn(III) is an 

intermediate in As(III) oxidation 126, and since majority of the surface is composed of 

Mn(IV), As(III) reduces +4 oxidation state to +3 oxidation state and as the surface gets 

saturated with Mn(III), the +3 is further reduced to +2 state. Based on previous redox 

mechanisms, we suspect that as Mn(III) predominates the surface, and being an 
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intermediate oxidation state of manganese, As(III) preferably reduces Mn(III). As 

Mn(III) on the surface is reduced to soluble Mn(II), it is released into the solution and 

thus Mn(IV) becomes the major oxidation state in the later stages of the treatment. We 

believe that Mn(IV) is also being reduced by As(III) as ion chromatography results 

indicate the stoichiometry of Mn(II) released to As(III) oxidized being ~1.5, which is in 

between the stoichiometric value for +4 and +3 oxidation states. Our XPS data were 

collected after the Mn-ferritin was equilibrated with As(III), which indicates a significant 

loss of Mn(III), but based on this result we cannot rule out the possibility of Mn(IV) 

reduction, rather we suspect a preferential reduction of Mn(III) and extent of Mn(IV) 

reduction being significantly lower than Mn(III). 

XPS data were also collected to analyze the oxidation states/composition of 

arsenic oxidized/adsorbed on the ferritin surface as shown in figure 6.10. This indicates 

that most of the arsenic on the ferritin surface is oxidized with 69% As(V) and only 31% 

As(III), although our ion chromatography solution analysis indicates minimal adsorption 

of As(III) on the protein.  

Our results clearly indicate arsenic induced dissolution of Mn-ferritin resulting in 

total arsenic loss from solution due to oxidation/adsorption. XPS surface analysis of 

equilibrated samples show preferential reduction of Mn(III), although detail analysis 

needs to be performed on more frequent time dependent samples in the initial periods of 

the treatment to obtain a better understanding of the changes in the surface oxidation 

states of the manganese core. Also more advanced biochemical/analytical experiments 

should be performed to understand the electron transfer mechanism and the ability of 

arsenic oxy anion to be adsorbed inside the ferritin shell. 



 220 

                                                           CHAPTER 7 
   
           SUMMARY AND REMARKS 
 
 
 

Understanding chemical reactions occurring at the mineral-aqueous solution 

interfaces are important and significant because of their importance in a variety of fields, 

including geochemistry. Ferric hydroxides and Manganese oxides are important mineral 

components and the subject of much scientific research in environmental and soil 

sciences.  

Ferrihydrite is one of the most important iron oxide minerals as they exist in most 

of the sediment environment and are focus of research and debate due to their ubiquity 

and controversial composition. Recent study using synchrotron based X-ray total 

scattering and pair distribution analysis (PDF) shows that ferrihydrite is a crystalline 

material containing a single phase. Our study of single particle in-situ ferrihydrite 

dissolution complements this recent synchrotron based study. Our novel thin film 

polymer method for partially embedding nano particles on a substrate for stable solution 

phase AFM imaging demonstrates a successful technique for evaluation of solid-liquid 

interface molecular chemistry. Based on our AFM results we can argue that ferrihydrite 

nanoparticles behave intrinsically as single-phase particles rather than a heterogeneous 

phase as indicated by the constant normalized rate of dissolution. 

It has been shown that ferrihydrite interacts strongly with environmentally 

relevant species, such as arsenite, chromate, and phosphate.  Because of the high 

reactivity of this mineral phase it has been actively investigated with an eye towards 

using it as a sorbant to remove toxic species from the environment. Furthermore, its 



 221 

precipitation/dissolution properties are also important, since the precipitation of 

ferrihydrite can result in the sequestration of foreign species and in the case of 

dissolution, the release of species that may be detrimental to the surrounding 

environment. Also the dissolution of ferrihydrite is facilitated by the absorption of solar 

radiation and this most certainly is an important consideration when understanding the 

reactivity of the mineral in the environment. Understanding the dissolution of iron oxide 

minerals under relevant conditions is important from environmental point of view as 

these processes affect the geochemical cycling of elements on the global scale. 

Correlating surface reactivity with the structure of ferrihydrite is also important for 

similar reasons.  

 This dissertation work was instrumental in synthesis, characterizing and 

understanding the fundamental for organic material like ascorbic acid and lipid molecule 

interactions with ferrihydrite in environmental relevant conditions. AFM results confirm 

bilayer lipid assembly on the ferrihydrite surface, which impedes the ascorbic-induced 

dissolution by more than 2 orders of magnitude. FTIR spectra suggest the phosphate 

bonding of the lipid bilayers with the particle surface. Based on our data presented in this 

thesis, we have shed some light and contributed to the understanding of minerals 

behavior under reducing conditions in soil environment. In future similar studies could be 

performed under environmental relevant conditions to study the leaching of contaminants 

and heavy metals adsorbed on the ferrihydrite surface or incorporated inside the structure 

during the dissolution/reprecipitation processes taking place in soils and sediments. 

The capability of forming a number of different nanosized metal oxides inside the 

core of the apoferritin cage opens up new synthetic routes for a range of nanosized 
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materials. The composition of the cage could be manipulated to assemble different 

nanoparticles as well as vary their size. The biological ferric hydroxide nanoparticles 

were compared for size dependent reactivity with inorganic ferrihydrite. Nanoparticles of 

FeOOH were shown to have different reactivity depending on particle size.  The surface 

structure of the nanoparticles may play an important role in their reactivity, so further 

studies need to be carried in order to determine the nature of the surfaces, in terms of the 

presence of defect sites, such as corners, kinks and step edges. Scanning probe 

microscopy was a useful tool in the characterization of the nanoparticles, with respect to 

sizes and morphologies.  Scanning tunneling spectroscopy proved very useful in 

determining changes in the electronic structures as a function of size, and these 

experimental results confirmed that the differences in reactivities of SO2 with differently 

sized FeOOH particles were due to surface effects and not quantum confinement effects. 

Nanoscale iron oxides play important role in the atmosphere as they provide reactive sites 

for adsorption and oxidation of green house gases. Ferrihydrite could be further studied 

with other harmful gases like NOx, CO etc, which may have important implications in 

future research. Iron oxides along with other new nanomaterials could be synthesized and 

used as catalyst in smoke stacks for efficient removal of industrial waste gases. 

Manganese oxides are equally important natural minerals in soil and to a great 

extent manganese oxides paly a major role deciding the environmental fate of 

contaminants. Arsenic is one of the important contaminants in soil and ground water and 

directly affects human health after exposure. Birnessite is a commonly existing 

manganese oxide in soil and has been studied as an oxidizing agent for arsenic oxidation. 

Birnessite interaction with arsenite allows us to relate the structural changes observed by 
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AFM to the surface and solution compositional changes (XPS and ion chromatography, 

respectively). This contribution builds on prior studies and helps to shed light on the 

changes of the birnessite surface that result during its interaction with arsenite. The in situ 

and ex situ AFM, XPS and batch experimental study presented in this thesis helps us to 

understand the arsenite-induced birnessite dissolution at molecular scale as evidenced by 

atomic layer etching imaged with AFM. Also the time dependent AFM-Phase imaging 

and XPS surface speciation gives a good understanding of the molecular scale arsenite 

oxidation and the precipitation/ heterogeneous nucleation of a complex over layer on the 

particle surface. This study lays the foundation for future research. As evidenced by our 

research, we see that manganese has a reactive surface for the oxidation of arsenite. But 

most of the oxidized arsenic stays in solution phase. The co-precipitate on birnessite 

surface acts as a barrier for further oxidation of arsenic. In future it might be possible to 

synthesize mixed oxide materials, which can have both oxidation and adsorption 

capacity. Iron oxides have low oxidation potential but they have good As(V) adsorption 

capability. Presently we are working on synthesizing mixed oxides of manganese and 

iron oxide, with manganese as the core. These new materials could be more efficient in 

removal of arsenic and other contaminants from ground water and sediments. 

Assembling MnOOH nanoparticles and studying arsenite interaction with bio-

mimetic manganese oxide is fairly new and challenging research. 2000-loading 

manganese oxide nanoparticles were assembled inside hollow ferritin and studied with 

arsenic solution. This reaction was studied with Ion chromatography, XPS and FTIR to 

monitor solution as well as surface species. Our results indicate manganese dissolution 

and leaching into the solution phase outside the protein with simultaneous arsenic 
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oxidation. XPS and FTIR reveal that all the arsenic oxidized stays on the protein surface. 

Electron transfer and arsenite oxidation mechanism for this system are still unknown, 

more advanced biochemical/analytical experiments should be performed.  

This dissertation work investigates some of the underlying challenges that take 

place on mineral surfaces and are very important from environmental research point of 

view. There are obviously many issues still remain to be investigated. New experimental 

set ups need to be designed to perform more sophisticated research. For example, new 

metal oxide nano materials need to be synthesized, which are photo active in visible 

range also. Investigating the interaction of these photoactive nanomaterials with 

contaminants for photo detoxification, using surface sensitive analytical tools would have 

huge implications on our civilization. Further research investigating the behavior of these 

materials lays the foundation for future studies involving the use of these systems. 
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The present work investigates the structure of inorganic iron oxide 

core inside a ferritin protein. Dr. F. M. Michel prepared this manuscript. 

The biological protein samples were prepared at Temple University. 

Sudeep Debnath performed different loadings of iron oxide inside the 

protein, all the sample purification and bioanalytical experiments. The 

prepared samples were analyzed with X-ray scattering by F. Michel and 

Sudeep Debnath at the Advanced Photon Source, Chicago. The collected 

high-energy X-ray total scattering data were processed by Michel with the 

program Fit2d and PDFs were obtained using PDFgetX2 software.  PDFs 

were subsequently analyzed and fitted using PDFfit2 software and 

compared with model structures of ferrihydrite and other iron 

(hydr)oxides. The presented manuscript is in the process of being 

submitted to a journal for review. 
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Abstract 
 
 Iron storage proteins known as ferritins are essential for the regulation of iron in 

most living organisms.  This roughly spherical protein has evolved with the remarkable 

ability to absorb soluble Fe2+ species into its hollow interior and store the iron as a nano-

sized ferric oxyhydroxide particle.  While it is long recognized that the Fe3+ core 

resembles the mineral ferrihydrite, a quantitative structure model is lacking.  Analysis of 

high-energy X-ray total scattering data collected from native horse-spleen ferritin shows 

that the unperturbed inorganic core is a single phase and adopts a structure consistent 

with a recently-determined structure model for ferrihydrite.  Additionally, comparison to 

data collected on apoferritin reconstituted with iron shows that the heat treatment 

routinely done on commercially-available samples does not result in a structural 

transformation of the iron core. 

 

Introduction 

 The evolutionary solution to the problem of storing and releasing iron, an 

essential element for cellular activity in humans and most animals, plants, and microbes, 

is through protein-encapsulated iron(III) oxyhydroxide nanoparticles.  The class of 

proteins known as ferritins has the remarkable ability to absorb soluble Fe2+ species into 

its hollow interior and store the iron as relatively insoluble, ferric oxyhydroxide particles 

(see Fig. A1 for conceptual view). 
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Fig. A1. (a) Three-dimensional conceptual representation showing half a 
molecule of HoSF, an intracellular iron storage protein (blue-grey) 
roughly spherical in shape.  Iron is stored as one or more nano-sized 
ferrihydrite particles (orange) in its interior.  (b) Low-angle portion of 
the X-ray total scattering data for native HoSF (solid) shows the 
scattering of the entire sample (ferritin molecules, Fe core, and capillary 
holder).  The parasitic scattering of the empty protein (apoferritin) and 
capillary (long dashes) is subtracted directly from that of the sample 
resulting in the scattering of the nano-sized iron mineral core. 
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These nano-sized and generally spherical storage vessels (outer/inner diameter 

~12.5/8.0 nm) catalyze the oxidation of Fe2+ to Fe3+ through ferroxidase activity 1. While 

the structure of the native horse-spleen ferritin (HoSF) protein is established 2, the nano-

sized native core (<~7 nm) has most recently been described as a mixture of phases, 

including maghemite, hematite, and ferrihydrite 3 (Fig. A2).  Another group identified the 

coexistence of multiple phases during the reductive demineralization of ferritin but did 

not evaluate the unperturbed native core 4. The authors observed a variation in the 

proportions of these phases as the core was dissolved through the reduction of iron by 

thioglycolic acid. The experimental conditions of that study involve aggressive reductive 

demineralization and are substantially different from the methods employed here.  While 

that study is of interest in the context of ferrous iron toxicity and Alzheimer’s disease, it 

provides no information on the structure of the unperturbed native iron core (i.e., not 

treated by a reductant). 

Comparison of our experimental scattering data for the iron core to calculated 

diffraction patterns for these three phases indicates that the model for ferrihydrite 5 most 

closely matches the observed maxima (Fig. A2).  It is clear that distinctive features in the 

observed pattern (e.g., maxima at ~1.3 and 3.6 Å-1) do not match either hematite or 

maghemite and rule out the possibility that a combination of these would yield a similar 

diffraction pattern. Now that the elusive structure of synthetic, inorganically-derived 

ferrihydrite has been solved 5, similar methods can be applied to evaluate the structure of 

the ferric core of naturally occurring ferritin.   
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Fig. A2.  Comparison of the experimental scattering for the iron-core in 
HoSF to calculated diffraction patterns for three competing structure 
models. The pattern for ferrihydrite is calculated from the spacegroup 
and structural parameters for inorganically-derived ferrihydrite.  The 
patterns for maghemite and hematite are calculated from the structures 
reported in ICSD-87119 and 201100, respectively.  The wavelength used 
for calculating the patterns was 0.124 Å. 
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We believe that the nanocrystallinity of the core, presence of significant parasitic 

scattering from the organic protein shell, and an incorrect starting model for ferrihydrite 

all have impeded prior attempts to fully understanding the unperturbed native core 

structure. 

 

Experimental Methods: 

Protein Preparation: 

 A concentrated sample of HoSF was purchased from Calzyme Laboratories.  The 

as-obtained native ferritin had a concentration of 50 mg/ml in sodium chloride buffer 

solution, as stated by the manufacturer.  The HoSF solution was diluted to a 

concentration of 1 mg/ml and the protein concentration was checked using our Bradford 

Assay standard curve.  After dialysis of native ferritin for 48 h using deionized water 

(DI), the solution was flash frozen in liquid nitrogen and freeze dried (FD) until a dry 

powder of ferritin was obtained.  A small portion of FD ferritin sample was re-suspended 

in DI resulting in a dark brown suspension.  The protein concentration of the FD and re-

suspended ferritin was again checked with our standard curve and an identical protein 

concentration was obtained indicating that the protein stays intact with virtually no 

detectable fragmentation. 

 Apoferritin (APO) was obtained by performing demineralization on the native 

ferritin.  The iron(III) core was reduced to iron(II) by treating native ferritin with TGA 

(thioglycolic acid) under anoxic conditions.  The reduced iron(II) is leached out of the 

protein interior into the sodium acetate buffer solution at pH 4.5 until the protein 

becomes colorless.  The colorless ferritin indicates the loss of iron(III) from the core.  
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The APO was then dialyzed in sodium chloride buffer at pH 4.5, followed by dialysis in 

MES buffer at pH 6.5.  The concentration of APO was adjusted to 1 mg/ml and 

confirmed using by the Coomassie test.  The APO was dialyzed again in DI for 48 h to 

remove the buffer prior to FD.  A fraction of the APO (demineralized HoSF) was 

reconstituted in vitro with a loading of 3000 Fe atoms/protein (FeFn-3000).  The sample 

was prepared by addition of deoxygenated ferrous ammonium sulfate solution 

((NH4)2Fe(SO4)·6H2O, 10 mg/ml, Sigma-Aldrich) to 5 mg of APO in 20 mL of MES 

buffer (0.1 M) at pH 6.5 followed by air oxidation.  Six 0.2 ml aliquots of ferrous 

ammonium sulfate were added to APO with intervals of 2 h between each addition.  The 

reconstituted ferritin was dialyzed in 0.1 M tris buffer at pH 8.5 and subsequently 

dialyzed in DI prior to freeze-drying according to the method described above. 

 

SDS-PAGE analysis 6: 

 Gel electrophoresis measurements using the SDS-PAGE method provided an 

additional test of protein degredation.  The resolving gels used were 12% acrylamide and 

4-20% gradient gels purchased from Thermo Scientific Precise protein gels.  The samples 

were treated at 100˚C with a concentrated SDS-GEL loading buffer (7.0 mL 100mM Tris 

HCL pH 6.8, 1.0g SDS, 20 % v/v glycerol, 0.93 g of 6 M DTT and 1.2 mg of 0.175 mM 

bromophenol blue) before being loaded into the gel.  A Bio-RAD prestained SDS-PAGE 

broad range standard was also loaded unto the gel.  The concentrated electrophoresis 

buffer was made by adding 1 g SDS, 12.1 g Tris-HCL and 23.8 g HEPES in total 100ml 

solution. This buffer solution was diluted 10 times before using as electrophoresis buffer.  

Once the gel was run, the proteins were fixed and stained with a Coomassie brilliant blue 
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dye mixture consisting of 0.25 g Coomassie® brilliant blue R-250, 90 mL v/v 

methanol:water and 10 mL acetic acid.  The next step was destaining the gel, which 

involved agitating the gel in a mixture of methanol, acetic acid and water solution for 1-2 

h. After destaining, the gels were dried using a gel drying system (GIBCO-BRL GEL 

drying system) at 50˚C for 2 hours. 

 

High energy Scattering experiments: 

High energy X-ray total scattering data were collected at the 1-ID (~100 keV, λ = 

0.1240(6) Å) beamline at the Advanced Photon Source at Argonne National Laboratory.  

A CeO2 standard (NIST diffraction intensity standard set: 674a) was used to calibrate the 

sample-to-detector distance and the non-orthogonality of the detector relative to the 

incident beam path.  The radiation scattered by the calibrant and samples was collected 

on an amorphous Si detector system manufactured by General Electric.  Conversion of 

data from 2D to 1D was done using the program Fit-2D 7.  A polarization correction was 

applied during integration of the data. 

The total scattering structure function S(Q) and PDF G(r) were obtained using 

PDFgetX2 8 where standard corrections were applied as well as those unique to image-

plate geometry 9.  In order to evaluate the scattering from the core only, the parasitic 

scattering from the protein and sample holder was removed by independently measuring 

the scattering of apoferritin (APO), iron-free protein loaded into an identical container. 
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Fig. A3.  Gel electrophoresis using 12% and 20% poly-acrylamide gels 

on (a) apo-ferritin Calzyme (b) lab prepared and freeze-dried apo-ferritin 

(c) apo-bypyridol (d) freeze-dried reconstituted ferritin with 2000 Fe 

atoms/protein and (e) freeze-dried native HoSF.  Bands at 21 KD and 19 

KD correspond to H- (heavy) and L- (light) protein subunits, 

respectively.  Protein ladders show bands at 20 KD for each gel 

experiment.  The lack of any features below 19 KD in the 20% gel 

confirms the purity and intactness of the protein under a variety of 

experimental conditions. 
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Results and Discussion: 

After dialyzing a concentrated sample of HoSF for 48 h in deionized water, the 

sample was flash-frozen in liquid nitrogen and freeze-dried resulting in a fluffy 

precipitate with a reddish color. The dry sample of HoSF with the protein shell still intact 

was evaluated using high-energy X-ray total scattering and pair distribution function 

(PDF) analysis. The differential scattering pattern of the core shows broadened 

diffraction maxima in the low-angle region (< 8 Å-1), typical of nano-sized ferrihydrite 

(Fig. A1b) 5. 

Performing a quantitative evaluation of the atomic arrangement of the nanocrystalline 

iron core in HoSF is possible by fitting a structural model in real-space using the PDF 

method 10.  The PDF was calculated from the Fourier transform of the experimental 

reduced structure function truncated at ~26 Å-1. 

The new model for ferrihydrite 5 was fitted to the experimental PDF and the 

structural parameters of the model were refined using the program DiffPy 11. The new 

single-phase structure model for ferrihydrite 5 provides an excellent fit to the PDF of the 

native core in HoSF. The average coherent scattering domain size of the core estimated 

from PDF is ~50 Å. Hence, the mineral assembled within ferritin in living organisms is, 

within our experimental resolution, the same as the ubiquitous inorganically-derived 

material that controls chemistry in soils and aquatic environments. Despite a recent 

attempt to invalidate our proposed structural model for inorganically-derived ferrihydrite, 

we contend that the satisfactory fit of our model to the PDFs for ferrihydrite formed using 

inorganic and now also biogenic routes supports our conclusions.  Additionally, our 

evaluation of reconstituted ferritin shows no indication that the heat treatment of 
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commercially-available samples of native HoSF results in a structural transformation of 

the iron core (Fig. A4). 
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Fig. A4. Real-space experimental PDF or G(r) for the inorganic core in 

HoSF (grey x).  The PDF is calculated from the experimental structure 

function obtained from the scattering data shown in Figure 2.  The 

calculated fit using the structural model for inorganically-derived 

ferrihydrite is overlain (solid black).  The difference between the 

observed and calculated PDFs is included below. 
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Recon-FeFn sample was formed from apoferritin reconstituted with 3000 iron 

atoms/protein with no subsequent heat treatment.  The PDF of the nanocrystalline core 

formed in Recon-FeFn is virtually identical to that observed in native HoSF as well as to 

the PDF of inorganically-derived ferrihydrite with particles sizes of ~3-4 nm (Fig. A5).  

Commercially available samples of HoSF are concentrated mixtures from multiple equine 

sources and it is therefore expected that the inorganic cores will be in various stages of 

nucleation, growth, and even dissolution.  Further, single proteins can at one time contain 

multiple individual particles that may vary widely in size 12.  The results presented here 

show that the average structure of all the cores in HoSF is consistent with single-phase 

ferrihydrite.  This suggests strongly that even the particles in the very early stages of 

nucleation, perhaps as very small iron clusters, have an atomic arrangement consistent 

with that of ferrihydrite.  The validity of this conjecture will have to be tested in future 

studies. 
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Fig. A5.  The experimental PDFs for the iron core formed naturally in  

HoSF (grey solid) and reconstituted ferritin (black dashed) plotted to 20 

Å.  The experimental PDF for inorganically-derived 3nm ferrihydrite 

(Fhyd3) is also included for comparison (black solid).  Features occurring 

at distances <~2 Å in the three PDFs are a combination of termination 

artifacts and incomplete background subtraction (i.e., apo-ferritin). 
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