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ABSTRACT

FERRITIN: MECHANISTIC STUDIES AND ELECTRON TRANSFER PROPERTIES

Bo Zhang
Department of Chemistry and Biochemistry
Doctor of Philosophy

Ferritins are ubiquitous iron storage proteins in living systems. Although much is
known about the iron deposition process in ferritin and a mechanism has been developed,
several important issues still remain unknown. One lingering question is the less than
stoichiometric quantities of hydrogen peroxide detected in previous studies on animal
ferritins. Extensive experimental data on identifying the species in competition for
peroxide equivalents point to a surprising conclusion that H2O2 generated in the
ferroxidase reaction is consumed by amine buffers that are commonly employed in in
vitro ferritin studies, while non-nitrogen containing buffers, such as acetate, phosphate,
and carbonate, do not react with H2O2. The effects of amine buffer oxidation on the
Fe2+/O2 stoichiometry, the kinetics and the molecular mechanism of iron deposition are
discussed.

iv

The ~2 nm ferritin shell surrounding the ~4000 Fe(O)OH mineral core was
originally thought to isolate the core from the environment. However, synthesized Coand Mn(O)OH cores in horse spleen and bacteria ferritins are shown to be rapidly
reduced by ascorbic acid and horse spleen ferritin containing a reduced Fe(II) core
(Fe(II)-HoSF) presumably without direct contact. Further experiments demonstrate that
both Fe(II)-HoSF and Co-/Mn-ferritins bind to gold electrodes and exchange electrons
through the metallic conductor. These results provide the first direct evidence for electron
transfer (ET) through the ferritin shell. The nature of the ET pathway is further
investigated by loading iron into native and recombinant ferritins using large oxidants
that are too big to enter the ferritin interior and must accept electrons from Fe2+ through
this pathway. Experimental results suggest that the endogenous redox center in
heteropolymeric animal ferritins and the heme groups in bacteria ferritins mediate ET
through the protein shell.
Finally, the diffusion properties of ferritin pores are examined toward iron (2+
and 3+) and anion transfer. Iron transfer is studied by the formation of Prussian blue
([FeIIFeIII(CN)6]-) encapsulated in the ferritin cavity, and is consistent with a bindingdissociation model proposed previously for iron transfer through the three-fold channels.
When native HoSF is reduced by methyl viologen in saline solutions, small anions such
as F-, Cl-, and Br-, accumulate in the ferritin interior while phosphate is released. No
anion transfer is observed during the reduction of reconstituted HoSF with no phosphate
in the core. The possibility of ferritin as an anion pump in vivo is proposed.
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Chapter 1: Introduction to Ferritin

Ferritin, the enzyme responsible for storage of cellular iron, plays a pivotal role in
iron homeostasis (1). Understanding how ferritin functions in the body to maintain iron
balance will provide insights into not only the cause of iron-related disease but also their
prevention and treatment. This overview outlines the iron chemistry in living systems,
ferritin structure and function, and some existing problems in ferritin research. A brief
introduction to the composition of the dissertation then follows.

IRON ABSORPTION AND STORAGE
Iron, the second most abundant metal in the earth’s crust (after aluminum), is
essential to living systems. Virtually all organisms from Archae to human are dependent
on iron for survival. As a protein cofactor, iron participates in respiration (hemoglobin),
photosynthesis (ferredoxins), nitrogen fixation (nitrogenase), and DNA synthesis
(ribonucleotide reductase).

However, despite its abundance, usable iron is in short

supply. At physiological pH and under oxidizing conditions, iron is extremely insoluble.
In addition, free ferrous ion, Fe(II), is toxic especially in the presence of dioxygen.
Uncomplexed iron together with superoxide and hydrogen peroxide undergo “Fenton
Chemistry” to form lethal hydroxyl radicals, which can cause lipid peroxidation, DNA
strand breaks, and degradation of other biomolecules. This reaction is also known as the
Haber-Weiss reaction:
2O2- + 2H+ → H2O2 + O2

O2- + Fe3+ → Fe3+-O2- → Fe2+-O2 → Fe2+ + O2
Fe2+ + H2O2 → Fe3+ + OH- + .OH
Consequently, free iron concentrations in living organisms are kept low: less than
10-18 M Fe(III) and about 10-8 M Fe(II) (2). Cellular iron deficiency is known to cause
cell death. Organisms have therefore evolved highly sophisticated mechanisms to acquire
iron from their environments to provide sufficient iron to support life, and at the same
time minimize its toxic effects. Bacteria and fungi acquire iron by siderophores (3, 4),
small organic molecules with very high affinity for Fe(III).

Plants adopt several

strategies for iron accumulation (5). They exploit siderophores produced by symbiotic
micro-organisms, synthesize and release their own iron-chelating molecules, release
protons or organic acids to lower the soil pH, or synthesize reductants that convert soilbound Fe(III) to the more soluble Fe(II).
Animals, including humans, acquire iron from foodstuffs. A normal human body
contains 35 and 45 mg of iron/ kg body weight in adult female and male, respectively (6,
7). While a typical daily diet contains 10-20 mg of iron, only 10% (1-2 mg) is absorbed.
Meat is an excellent source of iron because 50% of iron in meat is of the heme form,
which is more readily absorbed than non-heme iron. Vegetarians are thus at a higher risk
for iron deficiency (8). In humans, iron is mainly absorbed in the proximal small intestine
and delivered to tissues by transferrin in the bloodstream. Transferrin is a plasma protein
that binds ferric iron (2Fe3+/molecule) with high affinity, solubilizes it, and transports it
to cells. Tissue cells then uptake iron through transferrin receptor (TfR)−mediated
endocytosis. At physiological pH, TfR binds holo-transferrin (transferrin with 2Fe3+) with
high affinity and apo-transferrin with low affinity. Upon binding, the holo-
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transferrin−TfR complex internalizes through clathrin-coated pits into endosomes, which
then pumps H+ and acidifies itself to pH 5.5. At this pH the binding between Fe3+ and
transferrin weakens, leading to iron release. The free Fe3+ is reduced to Fe2+ and
transported out of the endosome via divalent metal transporter 1 (DMT1). Once in the
cytosol, Fe2+ is either stored in ferritin or utilized by the cell. Following release of iron,
apo-transferrin and TfR return to the cell surface, where they dissociate due to the low
affinity of TfR toward apo-transferrin at neutral pH. Both proteins are recylcled. Besides
the transferrin cycle, cells also take up iron using other mechanisms (6, 7).
The greatest portion, ~70% of absorbed iron, is found in hemoglobin in red blood
cells for erythropoiesis. About 10-20% of absorbed iron goes into a storage pool − ferritin
and hemosiderin, 8% in muscle myoglobin, and the remainder in cytochromes and other
iron containing enzymes (Figure 1-1) (6, 7). Once absorbed, there is no regulated
pathway for excretion of excess iron from the body other than blood loss, e.g. pregnancy,
menstruation or other bleeding. The majority of iron is recycled. Consequently,
perturbations in the balance between iron storage and loss can cause distinct pathological
disorders (9, 10). Iron-deficiency anemia is the most common nutritional anemia. Iron
overload contributes to disease by depressing the immune system, while fostering
infections. In addition, excess iron has been linked to liver fibrosis and cirrhosis, heart
disease, diabetes, and several neurological disorders.

3

Figure 1-1. Iron absorption, transport, and storage in the human. Adapted from ref (7).

PROPERTIES OF FERRITIN
As free iron would aggregate into toxic precipitates, it is stored and protected by
ferritins at concentrations ~1014 higher than aqueous ferric ion concentration (11, 12).
Ferritins are ubiquitously distributed and highly conserved proteins found in mammals,
birds, fish, insects, plants, fungi and bacteria (13). A number of different forms exist,
including cytosolic ferritin, mitochondrial ferritin, and serum ferritin. As the sole solution
to the problem of concentrating iron to physiological levels in nature, ferritins are central
to life as exemplified by the lethality of ferritin gene deletion in mouse (14) and liver or
the central nervous system dysfunction due to ferritin gene mutation (15, 16).
Due to the extensive and still increasing interest and efforts, especially in the last
decade, much is presently known about ferritin regulation, structure, and function (17,
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18). Meanwhile, some details remain unresolved, such as information for protein folding
and assembly, gene regulation, iron redox reactions in ferritin, and detailed mechanisms
of biomineralization, which have general significance in biology, chemistry and
medicine. Following are described recent progress in ferritin structure and function, some
remaining issues to be resolved, and finally, the perspectives for future development.
Structure. Most ferritins (Mr ~450 kDa) are composed of 24 subunits
symmetrically arranged in a rhombic dodecahedral structure with an average outside and
inside diameter of ~12 nm and ~8 nm, respectively (Figure 1-2). Theoretically, up to
4500 iron atoms can be accommodated in ferritin central cavity as an electron dense and
chemically inert Fe(O)OH inorganic core. Ferritins from some bacteria and archae have
only 12 subunits (~230 kDa), and are proposed to use iron to detoxify dioxygen or
peroxide and protect DNA from damage (19, 20). Thus they are also called Dps proteins
(DNA protection during starvation). 1
Each of ferritin’s 24 subunits is coiled in four stretches of helix to form a long
bundle, with a short fifth helix at the C terminus, partially capping the bundle at one end
(60o to the bundle axis). The large number of intra- and intersubunit salt bridges and
hydrogen bonds contribute to the stability of the ferritin shell to heat (up to 80 oC), pH (2
~10), and treatments with 6 M urea and guanidine-HCl (21). Ferritin subunits align to
form eight three-fold and six four-fold intersubunit channels (0.3-0.4 nm). The three-fold
channels, lined by six carboxyl side chains from Asp and Glu, are hydrophilic and
constitute the main transfer pathway of Fe(II), Fe(III) and other small molecules into and

1

Since all the research in this dissertation was carried out with mammalian and bacteria ferritins with 24
subunits, the Dps proteins will not be discussed further. For more information about this protein refer to ref
(19, 20).
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out of the ferritin interior (22). Pores at the junctions of four subunits are lined by
leucines and are hydrophobic, and thus basically impermeant to ions.
Mammalian ferritins (MF) consist of two different types of subunits, known as H
and L (heavy and light), which were once thought to reflect the mass differences rather
than the more general property of ferroxidase activity. H and L chains in humans are 55%
homologous, while the L-chains from humans, horse, pig, and rat are 85% homologous
and H-chains in man, rat and chicken are 90% homologous. MF subunit compositions
and iron content vary with tissues. The iron core is a crystalline solid called ferrihydrite,
[FeO(OH)]8[FeO(H2PO4)], with 90% of Fe(III) ions coordinating to six oxygen and 10%
coordinating to five oxygen and one phosphate group, which lies on the outside of the
crystal structure. In general, L-rich ferritin is found in the liver and spleen, while H-rich
ferritin is found in the heart and brain. To date, no H-chain homopolymers have been
isolated in vivo, but L-chain homopolymers have been purified from human serum and
horse spleen (1, 23). H-chain rich proteins take up iron faster than L-chain rich proteins
in vitro, which is attributed to the ferroxidase center (FC), a groove on the inside of the
H-subunit containing water molecules and two Fe(II) binding sites (Figure 1-3). L-chains
lack these binding sites, but they may be better for ferrihydrite nucleation because they
have more carboxylate residues on their inner surfaces than those of the H-chain. Thus it
is advantageous for ferritin molecules to contain both H and L chains.

6

Figure 1-2. Ferritin structure showing the subunits, channels and the cavity.

Figure 1-3. Ferritin ferroxidase center in H-subunit. Adapted from ref (1).
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Although bacterial and mammalian ferritins share a high degree of structural
homology, there exist little protein and DNA sequences identity (as low as 15%) (1).
Unlike MF, bacterioferritins (BFs) have all H-chains and no L-chain. Instead, BF
contains 12 heme groups, the protoporphyrin IX, ligated with bis-methionine at the
hydrophobic interface of two antiparallel subunits (24). Two carboxylate groups from the
heme extend into the interior cavity providing iron nucleation sites. Heme has been
shown to mediate the reduction of the ferritin core iron by accepting electrons and then
passing them irreversibly to the core.
Function. The biochemical functions of ferritins can be divided into two types of
reactions: (1) iron entry and mineralization, and (2) iron exit or release. Iron oxidation is
believed to occur at the ferroxidase center (FC, Figure 1-3). The FC is a modified di-iron
oxygenase site embedded within the H-subunit 0.7-0.8 nm from the inner surface and 1.21.3 nm from the outer surface of the protein shell. This center has been characterized by
X-ray crystallography of human H-chain homopolymers and protein chimeras with
catalytically inactive L ferritin to be composed of two coordinated iron binding sites: site
A and site B (13, 25, 26). Site A is composed of E23, E58 and H61, which are conserved
throughout all H-ferritins. Site B consists of E103, Q137 and D140, which binds iron less
tightly than site A. It is generally accepted that the presence of FC increases the rate of
iron deposition, but how it does this is still under debate. Are all irons deposited into
ferritin oxidized at these sites? Or, is the FC responsible for the oxidation of the first few
irons, after which the autocatalytic character of the developing core itself oxidizes
additional iron directly? Currently, answers to these questioins are being explored using
mineral core reconstitution studies starting with apo ferritins.
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Ferritin can by reconstituted from apo ferritin in vitro by addition of Fe(II) in the
presence of an oxidant. Iron deposition into ferritin requires that Fe(II) must first bind to
ferritin, traverse the protein shell and undergo oxidation, followed by the resulting Fe(III)
undergoing hydrolysis, migration and nucleation to form the mineral core. Currently, iron
deposition into ferritin using oxygen as oxidant is being investigated following two
distinct hypotheses: the FC model summarized in reaction 1 and the mineral surface
model represented by reaction 2.
2Fe2+ + O2 + 6H2O → 2Fe(OH)3 + H2O2 + 4H+

(1)

4Fe2+ + O2 + 10H2O → 4Fe(OH)3 + 8H+

(2)

The first is a protein-catalyzed reaction, originally proposed by Crichton and
Roman (27), which occurs at the FC and dominates the iron deposition reaction under
low iron loading conditions (<10 Fe/H-subunit). According to this model, the first few
irons traverse the outer half of the protein cage to reach the ferroxidase site, react with
oxygen in a 2:1 ratio, and form a diferric-peroxo intermediate (28-32). This intermediate
then rapidly decays to H2O2 and a diferric-oxy mineral precursor. The decay products are
released from the FC, with the mineral precursor being directed to the cavity and H2O2
being released into external solution (33, 34). However, how iron moves to the ferritin
cavity after entering the protein pores is largely unknown and remains the subject of
active research. The destination of H2O2 after its formation is also not clear.
The second process is less clearly defined, but is proposed to occur by catalytic
oxidation of Fe2+ by O2 in a 4:1 stoichiometry or possibly by H2O2 on the developing
mineral core surface (35-37). This proposed reaction dominates at high iron loading
conditions (>200 Fe/ferritin, reaction 2). It may not be as physiologically relevant as the
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ferroxidase model because it is unlikely that the cell experiences these high Fe2+ levels,
but attempts to confirm this process have been ongoing.
The other major purpose of ferritin is the release of stored iron from the mineral
core for iron-requiring metabolic processes. Two models have been proposed for
recovering stored iron from ferritin. The first is a ferritin-degradation model, in which
cytoplasmic ferritins incorporate into the lysosome and are degraded to release the
mineral core, which then dissolves and the resulting Fe(III) is exported to the cytoplasm
(38). Model 2 occurs by reducing the Fe(III) mineral core to Fe(II) and removing Fe(II)
through the ferritin pores by iron chelating agents (39). Experiments using horse spleen
ferritin (HoSF) and Azotobacter vinelandii bacterioferritin (AvBF) indicate that
penetration of the ferritin shell by reducing agents is not necessary for iron mobilization
(40). Under anaerobic conditions, flavoprotein that is larger than the channels entering
the protein interior rapidly reduces a significant fraction of the iron in the core. This
probably results from long-range electron transfer mediated by some amino acid residues
in the protein shell. The reduced Fe(II) in the mineral core is then readily chelated and
removed. The presence of an electron transfer (ET) pathway and the involvement of
amino acid residues are major topics in ferritin research and are discussed more fully in
Chapters 4 and 5.

PROGRESS & PERSPECTIVES
Continued Efforts in the Mechanistic Study of Iron Deposition and Release from
Ferritins. The process of in vitro iron deposition into ferritin has been studied most
extensively using O2 as oxidant, and the two-step mechanism discussed above is
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proposed (28-32). Iron release has been studied mostly by the iron reduction/chelation
method, but not as extensively as iron deposition (39). Since most work was performed in
vitro, the in vivo mechanisms for both processes are not available. Even for the in vitro
processes, some issues are still in doubt, especially the involvement of core surface
catalysis (reaction 2) during iron deposition process (41), and the fate of H2O2 after its
formation (42-44). If the biological function of ferritin is to protect cell from reactive
oxygen species, then why would it produce H2O2 during its reconstitution? What if O2 is
not the in vivo oxidant? Then is the ferroxidase activity of ferritin physiological relevant?
Are there any other intermediates involved during iron loading? What are the molecular
details of the iron path, such as what amino acid residues guide the iron and oxygen to the
FC from outside the protein and what amino acid residues translocate diferric-oxy
precursors to the protein cavity for mineralization? These questions may hold answers to
a better understanding of iron homeostasis and the causes and possible cures to ironrelated disease. Attempts to answer these questioins form a significant part of this
dissertation.
Synthesis of Nanoparticles within the Ferritin Interior and Application of Ferritin
as a Nanoreactor. Aside from the importance in biochemistry, the uniqueness of the
ferritin structure holds the promise of creating technologically useful materials. Since the
first synthesis of inorganic nanophase materials in the supramolecular protein cage of
ferritin, there has been great interest in the fabrication of nanoparticles by taking
advantage of the “nano-reactor” activity of ferritin for biomineralization. These new
mineral cores range from Co (45), Mn (46, 47), magnetite (48), Ni, and Cr nanoparticles
(49), all resembling native ferritin cores, to mineral cores containing technologically
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interesting materials such as CdS (50), and Prussian Blue (51). On one hand, more
synthetic protocols need to be developed to construct more complex and varied mineral
cores; but on the other hand, how can we exploit these novel ferritin-based materials for
molecular imaging, drug delivery, and optical and electrochemical devices?
Electron Transfer Properties of Ferritin Protein Shell. MFs and BFs have been
successfully reconstituted under anaerobic conditions with large oxidants, such as
ferricyanide, cytochrome c, and indophenol (52). Because these oxidants cannot diffuse
into ferritin and make direct contact with Fe(II) ions, iron deposition by large oxidants
occurs by oxidation of Fe(II) at a distance. Also, large, strongly reducing reagents (E’ >300 mV) not capable of entering the ferritin interior readily change the redox status of the
iron mineral core (40). These results, together with other evidences (53, 54), suggest that
the 2 nm protein shell, which would normally be insulating, is endowed with electrical
conducting properties. The 12 heme groups in BF are believed to mediate ET through the
protein shell. Our laboratory has proposed an endogenous redox center (RC) at the
interface of H- and L-subunit to mediate ET through MF protein shell in which Trp93 is
involved (55). If this proposal is correct, then what is the nature of this RC, what amino
acid residues are involved, and is the electron transfer pathway in ferritin physiological
relevant?
Molecular Diffusion through the Ferritin Pores. Molecules or ions, especially
iron, diffusing through the ferritin pores is closely related to iron loading and release
from ferritin, and thus to the solutions of iron overload or iron-deficiency diseases. Theil
et al. have shown that the ferritin pores undergo dynamic fluctuation and can be opened
by low concentration of urea or guanidine (1-10 mM), increasing temperature and
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mutation of amino acid residues in the pore itself (56, 57). However, much of the
pathway of iron into the protein remains unknown, along with the kinetics and detailed
mechanism of iron transfer through the channels. Another interesting question is if
ferritins also store and release anions, such as Cl- in addition to phosphate which occurs
naturally. This question has recently been examined by preparing new mineral cores
containing a variety of oxy anions (58).

OVERVIEW OF THE DISSERTATION
Although we have a much deeper understanding of ferritin than what existed
twenty years ago, some unknowns and conflicts still remain for the ferritin community as
described above. The objective of my work is to elucidate some of these issues,
especially the mechanism of ferritin mineralization, and use our knowledge about ferritin
for practical applications. In the following few pages is given a brief summary of the
detailed results presented in Chapters 2-7.
It is long believed that during Fe(II) oxidation and deposition into ferritin using
O2 as oxidant, two Fe(II) ions are oxidized per dioxygen predicting formation of H2O2
(reaction 1). However, extensive measurements in this and others laboratories failed to
detect stoichiometric amounts of H2O2 (42, 59). It is important to determine the fate of
H2O2 after its formation because of its potential reactivity toward Fe(II), the ferritin
protein shell, or other system components, and the implications of these reactions on the
mechanism of ferritin mineralization. I investigated the site of the H2O2 reaction, and
surprisingly discovered that the amine buffers, such as MOPS, Tris, and MES, reacted
with H2O2 to form N-oxide species (60). Nonnitrogen–containing buffers, such as acetate,
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phosphate, and bicarbonate do not undergo oxidation by H2O2. Note the latter are
physiological buffers that do not contain the amine functional group. The results of this
research are included in Chapter 2.
From the beginning of my graduate research, I have participated in a NASA
project for fabricating a ferritin-based bionanobattery. Ferritin is ideal for electron or
energy storage because it naturally contains up to 4500 redox active iron atoms within its
hollow cavity, which can exchange 4500 electrons with external redox reagents (61, 62).
However, several important types of information are required to fully evaluate the utility
of the “ferritin battery”. I worked on this ferritin nanobattery project throughout my Ph. D
program. This research has resulted in demonstrating that a ferritin nanobattery could be
built. The detailed information about the feasibility and fabrication of the ferritin battery
are included in Chapters 3 and 4.
The nanobattery studies demonstrate unequivocally that electron transfer (ET)
readily occurs through the ferritin protein shell. The 2-nm distance, the thickness of the
ferritin shell, is too far for electron tunneling, so there must be a mediator or an electron
transfer pathway that facilitates ET through the protein shell. Chapter 5 further
characterizes the ET pathway by oxidizing and depositing iron using large oxidants under
anaerobic conditions. These oxidants were previously shown to successfully deposit iron,
but the kinetic details and a molecular mechanism of how this process occurs have not
been available until now. The possibility of an oxidizing protein as the in vivo oxidant for
ferritin mineralization is also discussed in Chapter 5.
Chapters 6 and 7 deal with another important feature of ferritin: molecular
diffusion through the ferritin channels, which has biochemical significance for better
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understanding ferritin’s role in nature. The rates of iron (2+ and 3+) transfer through
ferritin shell were measured by formation of Prussian blue from Fe(II) and [Fe(CN)6]3- or
Fe(III) and [Fe(CN)6]4- in the ferritin interior (63).
Preliminary results have shown that anions, such as F-, Cl-, and Br-, accumulate in
the ferritin interior during mineral core reduction by reduced methyl viologen (MVr),
which changes the formula and reduction potential of the reduced Fe(II) cores. This study
(Chapter 7) provides new thoughts in making mineral cores with more favorable
reduction potentials, and might be related to the function of ferritin as an anion pump for
bacteria survival in ancient oceans.
In summary, the results of my studies have made significant contributions to
ferritin research in both the fundamental studies and the potential applications. First, I
solved the long-existing problem of H2O2 reactivity during iron deposition. Other models
of ferritin reactivity have not included this important aspect and thus are incomplete. The
rate of iron diffusion through the ferritin shell is also essential for a complete
understanding of ferritin mineralization. Second, I synthesized and characterized several
different mineral cores in the ferritin interior, and then elucidated the electron transfer
properties of ferritin and demonstrated the feasibility of a ferritin-based nanobattery.
Although there is still a long way ahead to build a functional commercial battery, this
study gives a good example of how basic research can be connected to practical
application, which is most rewarding. Finally, by showing that small anions enter and
leave the ferritin interior, I raised the possibilities of additional biological functions of
ferritin other than just storing iron.

15

16

Chapter 2: Ferritin-Catalyzed Consumption of Hydrogen
Peroxide by Amine Buffers Causes the Variable Fe2+ to O2
Stoichiometry of Iron Deposition in Horse Spleen Ferritin
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ABSTRACT
Ferritin catalyzes the oxidation of Fe2+ by O2 to a reconstituted Fe3+ oxyhydroxide mineral core but extensive studies have shown that the Fe2+ to O2
stoichiometry changes with experimental conditions. At Fe2+ to HoSF ratios greater than
200, an upper limit of Fe2+/O2 of 4 is typically measured, indicating O2 is reduced to
2H2O. In contrast, a lower limit of Fe2+/O2 ~2 is measured at low Fe2+/HoSF ratios,
implicating H2O2 as a product of Fe2+ oxidation. Stoichiometric amounts of H2O2 have
not been measured, and H2O2 is proposed to react with an unknown component.
Evidence is presented that identifies this component as amine buffers, including MOPS,
which is widely used in ferritin studies. In the presence of non-amine buffers the Fe2+/O2
stoichiometry was ~4.0, but at high concentrations of amine buffers (0.10 M) the Fe2+/O2
stoichiometry is ~2.5 for iron loadings of 8-30 Fe2+/HoSF. Decreasing the concentration
of amine buffer to zero resulted in an Fe2+/O2 stoichiometry of ~4. Direct evidence for
amine buffer modification during Fe2+ deposition was obtained by comparing authentic
and modified buffers using mass spectrometry, NMR, and thin layer chromatography.
Tris, MOPS and NMM (a MOPS analog) were all rapidly chemically modified during
Fe2+ deposition to form N-oxides. Under identical conditions, no modification was
detected when amine buffer, H2O2 and O2 were combined with Fe2+ or ferritin separately.
Thus, a short-lived ferritin intermediate is required for buffer modification by H2O2.
Variation of the Fe2+/O2 stoichiometry versus the Fe2+/HoSF ratio and the amine buffer
concentration are consistent with buffer modification.
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INTRODUCTION
Ferritin is ubiquitous in nature, playing key roles in iron storage and homeostasis
in living systems. Eukaryotic ferritins contain 24 subunits of two types, H and L, that
arrange in a rhombic dodecahedral structure with a hollow interior. The average outside
and inside diameters of the ferritin shell are 12.0 and 8.0 nm, respectively (1, 12, 13, 64,
65). Ferritin stores up to 4500 Fe atoms in its central cavity as an inorganic, electrondense, and chemically inert ferric oxy-hydroxide core, Fe(O)OH. The arrangement of the
subunits forms three- and four-fold channels of ~0.40 nm in diameter that connect the
interior protein cavity with the exterior solution. The eight hydrophilic three-fold
channels per ferritin are proposed to facilitate ion transit through the 2.0 nm protein shell.
During reconstitution of the mineral core with Fe2+ and O2, the Fe2+/O2
stoichiometry varies with experimental conditions because Fe2+ oxidation is proposed to
occur at either the surface of the ferritin mineral core (core reaction) or at the ferroxidase
centers (FCs) located in H-chains (32, 35, 66, 67). The proposed core reaction proceeds
according to the crystal growth model (37, 66, 68) with Fe2+/O2 = 4 that begins above
~200 Fe2+/ferritin as shown by reaction 1:
4Fe2+ + O2 + 6H2O → 4Fe(O)OH + 8H+

(1)

The protein catalysis model, originally proposed by Crichton and Roman (27),
predicts a constant Fe2+/O2 stoichiometry of 2.0 with H2O2 formation occurring in the Hsubunit by reaction 2 (35). A peroxodiiron(III) intermediate associated with the FC is
well established, and is proposed to be a precursor for H2O2 formation in animal ferritins
(28-31, 33, 34, 69, 70). Once oxidized, Fe3+ undergoes hydrolysis as outlined by reaction
3 (35, 71). Fe2+/O2 values near 2.0 have been confirmed but measurement of H2O2 as
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predicted from reaction 2 at low Fe2+/ferritin ratios is significantly less than
stoichiometric (32, 35, 66-68, 72-74). Further support for H2O2 formation was reported
using catalase, which increases the Fe2+/O2 ratio to ~4.0, as H2O2 is recycled to O2 to
oxidize more Fe2+ (32, 35, 67).
2Fe2+ + O2 + 3H2O → [Fe2O(OH)2]2+ + H2O2 + 2H+

(2)

[Fe2O(OH)2]2+ + H2O → 2FeOOHcore + 2H+

(3)

Recombinant human light ferritin (rLF) does not have a FC and only slowly
conducts the iron deposition reaction (1, 12, 13, 64, 65). A reported Fe2+/O2
stoichiometry of 2.7 suggests that H2O2 forms during rLF core formation (44, 75), but
little H2O2 was directly measured (43). H2O2 is much more reactive than O2 at oxidizing
Fe2+ (44), and its formation should increase the rate of Fe2+ deposition into rLF and
produce a Fe2+/O2 stoichiometry near 4.0, as shown by summing reactions 2 and 4 (44).
That H2O2 was not observed but a Fe2+/O2 ratio of 2.7 was measured for rLF suggested
that H2O2 had reacted other than by reaction 4. Fe2+/O2 stoichiometries of 2.0-2.5 with
various ferritins and the complete absence or only partial detection of H2O2 is now
attributed to H2O2 reacting with an unknown system component, X, by reaction 5 (43,
44).
2Fe2+ + H2O2 + 2H2O → 2Fe(O)OH + 4H+

(4)

X + H2O2 → X-O + H2O or 2X + H2O2 → 2XOH

(5)

This reactivity adds complexity to the iron deposition reaction because
competition can occur between reactions 4 and 5 for consumption of H2O2. Discovering
the identity of X has been the subject of extensive research, but its identity up to now has
remained unknown.
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Bacterial ferritins with similar FCs catalyze reaction 1 with an Fe2+/O2 of 4 (71,
76, 77). The small differences between the FCs of bacteria and animal ferritins must alter
the kinetics of competing reactions 4 and 5 to determine whether O2 is reduced to H2O in
bacterioferritins2 or whether a secondary reaction occurs with X and H2O2 to give an
Fe2+/O2 of 2, as is more pronounced in animal ferritins. Component X was initially
proposed to be the mineral core or the protein shell in animal ferritins (59), but support
for this proposal was not found because exogenous H2O2 does not react with either the
core or the protein shell (42-44, 59). Furthermore, kinetic simulations were not consistent
with H2O2 reacting with the shells of either bacterial or animal ferritins (43, 44).
Here, we considered the possibility that X is the reaction buffer. H2O2 is normally
very un-reactive towards organic amines, such as the amine buffer MOPS used in ferritin
studies. However, given an appropriate catalyst (78, 79) or given sufficient time (80),
H2O2 oxidizes amines to N-oxides. The possibility that ferritin catalyzes H2O2 formation
and its subsequent reaction with amine buffers is the focus of this work. Oxidation of
certain buffers but not others by H2O2 and the consequence on the Fe2+/O2 stoichiometry
during the ferritin iron deposition reaction are reported and discussed.

2

During iron deposition process, E. coli bacterioferritin initially generates H2O2 at the FC, which then
reacts rapidly with Fe2+ to form water, whereas A. vinelandii bacterioferritin generates water directly. In
both cases, an Fe2+/O2 stoichiometry of 4 is observed.
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MATERIALS AND METHODS
Protein and Reagents.

The apo form of HoSF was prepared from several

independent holo-HoSF samples (Sigma) using the thioglycollic acid procedure (81).
Apo-HoSF was further reacted with dithionite and bipyridine to remove Fe to less than
one Fe/HoSF. Protein concentrations were determined by the Lowry method and
confirmed by the absorbance at 280 nm (ε = 472,000 M–1 cm–1). Anaerobic Fe2+ solutions
(10 and 17 mM in 0.001 N HCl) were stored in sealed vials inside a nitrogen-filled
vacuum atmospheres glove box (<0.5 ppm O2, Nyad O2-monitor). All experiments were
conducted at room temperature, ~23 oC. Sodium bicarbonate and sodium acetate (EM
Science), sodium phosphate (J. T. Baker), imidazole (Eastman), HEPES (Calbiochem),
Tris (Fisher), NMM, NMO, MOPS, TES and citric acid (Sigma) were reagent grade, and
solutions were prepared in Milli-Q water.
Fe2+/O2 Measurements. O2 consumption during iron deposition was measured
with a YSI model 53 oxygen monitor with a Clark-type membrane-covered polarographic
electrode (Yellow Springs Instrument Co., OH) as described in (44). Fe2+/O2 values were
calculated for a set of experiments with the variable parameters (1) 0.5-10 M HoSF, (2)
7.6-100 Fe2+/HoSF, (3) with or without 50 mM NaCl, (4) buffer type (Table 2-1), and (5)
0.5-200 mM MOPS or Tris concentration. Multiple Fe2+ additions to the reaction cell
were made for any given set of conditions and the Fe2+ was allowed to react completely
before subsequent additions.
Since buffer concentration was a variable, there was some concern that the pH
could change significantly with multiple Fe2+ additions. In an aerobic control, the pH
was checked after each Fe2+ addition. For dilute buffer concentrations (1 mM), two
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additions of Fe2+ could be made before the cumulative pH change exceeded 0.02.
Corresponding data in O2-monitoring experiments for additions that exceeded this pH
change were discarded.
Kinetic Measurements. The kinetics of Fe2+ deposition at different MOPS
concentrations were measured at constant air saturation using an optical flow-cell (41). A
buffer of given concentration was placed in the cell to blank the HP 8453
spectrophotometer. The reaction volume was brought to 2 mL by adding stock HoSF
(4.0 M final concentration). After the reaction cell reached thermal equilibrium, 10 L
of 0.017 M Fe2+ was added (Fe2+/HoSF of 21) to initiate catalysis. The absorbance
change at 375 nm was measured versus time, and the data were fit to a double
exponential given by Eq. 6, where A(t) is the absorbance as a function of time, with
contributions from different exponential terms with apparent rate constants, kn, and
amplitudes, An. As t

, A(t)

A . Under the assumption A(0) = 0, then A = A1 +

A2, and so A represents the total amplitude change for the reaction.
A(t) = A - A1 e–k1 t - A2 e–k2 t

(6)

A stopped-flow instrument (Applied Photophysics) was used for reactions
occurring over smaller time scales. Fe2+ deposition into HoSF in phosphate buffer forms
a unique mineral core with a lower extinction coefficient (58). The kinetics of Fe2+
deposition can be compared between MOPS and phosphate if progress curves are
normalized according to Eq. 7, where A is determined from a fit of a progress curve to
Eq. 6, and A0 is the absorbance at t = 0.
Relative Reaction Progress =

A(t ) − A 0
A∞ − A0

(7)
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Identification of Modified Buffer Species. The reaction of H2O2 with buffer by
reaction 5 was examined by characterizing chemical changes of the buffer after iron
deposition.

NMR and thin layer chromatography (TLC) samples were prepared by

reacting 10 M apo-HoSF in 0.15 mL of 5.0 mM buffer (Tris, MOPS, or the MOPS
analog NMM) pH 7.5 and 50 mM NaCl with 20 consecutive additions of 8 Fe2+/HoSF
under saturating air for a total of 160 Fe/HoSF. The pH of the solution was kept constant
by 0.1 M NaOH. For these conditions, the Fe2+/O2 value of ~2.5 indicates H2O2
consumption by X as opposed to H2O2 consumption by Fe2+. Therefore, the series of
Fe2+ additions could produce as much as 80 H2O2/HoSF, which then oxidize X by
reaction 5. For mass spectroscopic measurements, 20 additions of 8 Fe2+/HoSF were
made to 5 µM apo-HoSF in 9 mM NMM or 10 mM MOPS, pH 7.5. Following this
reaction sequence, HoSF was separated from the reaction solution by centrifugation
through a Nanosep microconcentrator with a 100-kDa membrane.
The solution or dried salts (evaporated to dryness with a flow of laboratory air at
room temperature) was analyzed by mass spectroscopy (Agilent G3250AA LC/MSD
TOF), NMR spectroscopy (1H,
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C and COSY), and TLC. Dried buffer salts for NMR

were dissolved in D2O (99.9%, Cambridge Isotope Lab, Inc.) and spectra were obtained
with a Gemini 500 MHz spectrometer. TLC samples were prepared using 5 mM MOPS,
NMM or NMO as standards. Experimental TLC samples contained 5 mM MOPS and 5
mM NMM during a series of Fe2+ depositions. Dried buffer salts were dissolved by a
small amount of H2O in excess acetone. The mobile phase used for TLC was 10%
methanol in CH2Cl2, and bands were stained with anisolealdehyde with application of
heat (approximately 60 oC).
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RESULTS
Variation in the Fe2+/O2 Stoichiometry with Buffer Type. Table 2-1 contains
measured Fe2+/O2 values for the Fe2+ deposition reaction conducted with HoSF in
different buffers at the indicated concentrations at pH 6.5-7.5. Under identical conditions,
amine buffers (group 1) produce a significantly lower Fe2+/O2 value compared to nonamine buffers (group 2).
The Fe2+/O2 stoichiometry approaches 4 for group 1 buffers, as the buffer
concentration approaches zero; however, the Fe2+/O2 stoichiometry decreases to ~2.5 as
the buffer concentration approaches 20-50 mM, and at 200 mM MOPS it is ~2.0. In
contrast, group 2 buffers gave a constant Fe2+/O2 stoichiometry of ~ 4.0 independent of
buffer concentration (0-0.1 M). With phosphate, an additional complication arises
because it is incorporated into the mineral core (58); however, the Fe2+/O2 stoichiometry
is still 3.7 ± 0.2.
The results in Table 2-1 indicate that the choice of buffer is the key factor
influencing the Fe2+/O2 stoichiometry. This is compelling evidence that X is actually a
group 1 buffer that reacts with H2O2 by reaction 5. The MOPS analog NMM should
undergo similar reaction as MOPS. NMO is the oxidized N-oxide form of NMM, and so
is classified with the non-amine buffers. The Fe2+/O2 stoichiometry of 3.4 observed with
25 mM NMO is consistent with it not undergoing oxidation but is lower than 4.0,
probably because NMM is a common contaminant of NMO (TLC results) and undergoes
oxidation by H2O2 to form NMO. This small amount of oxidation lowers the Fe2+/O2
ratio.
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Table 2-1 Fe2+/O2 stoichiometry versus buffer type and concentration at 22 Fe2+/HoSF
loadings to 2 µM apo-HoSF at pH 7.5. The values at higher buffer concentrations (25
and 50 mM) represents the average of at least four replicates with the indicated standard
deviations, while at 1 mM buffer two replicates were performed.
Fe2+/O2 for amine buffers (Group 1)
[Buffer],
mM

Tris

HEPES

1

3.7 ± 0.2

3.9 ± 0.02

3.3± 0.2 3.1± 0.3

25

2.6 ± 0.1

2.4 ± 0.2

2.6 ± 0.2 2.8 ± 0.2 2.5 ± 0.2

TES

MOPS

NMM

Glycine

Imidazole

2.7 ± 0.2

2.3 ± 0.3

3.1± 0.1

50

Fe2+/O2 for non-amine buffers (Group 2)
[Buffer],
Phosphate Carbonate
mM
25
50

3.7 ± 0.2

Acetatea

Citrate

3.8 ± 0.2

NMOb

H2O only

3.4 ± 0.3

3.7 ± 0.2

4.2 ± 0.4 4.0 ± 0.4

a

pH 6.5.

b

Contains a nitrogen already oxidized to an N-oxide.
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Fe2+/O2 Variation with Amine Buffer Concentration.

Table 2-1 shows that

Fe2+/O2 values for group 1 buffers vary between ~4.0 and 2.5 with buffer concentration,
and suggests that MOPS interacts with HoSF during iron deposition and the HoSF-bound
MOPS undergoes oxidation at high concentrations. This possibility is examined in greater
detail in Figure 2-1. Consistent with the results in Table 2-1, Figure 2-1 illustrates a clear
variation of Fe2+/O2 with buffer concentration but also shows a distinct dependence of the
Fe2+/O2 stoichiometry on the Fe2+/HoSF ratio. The results were analyzed by assuming
that bound MOPS and Fe2+ both react with newly formed H2O2, setting up a competition
between reactions 4 and 5. At 7.6 Fe2+/HoSF, all Fe2+ is bound at the FCs and oxidized
by O2, forming H2O2. Because no additional Fe2+ is present, there is no competition with
Fe2+, so H2O2 can only react with MOPS to give constant Fe2+/O2 values near 2.4, as
reported in Figure 2-1. At the higher ratio of 22 Fe2+/HoSF, free Fe2+ is present and H2O2
has the option of reacting with either Fe2+ or MOPS depending on their relative
concentrations. At 100 Fe2+/HoSF, Fe2+ is in large excess compared to the H2O2 that is
formed and MOPS that is bound, so Fe2+ reacts preferentially by reaction 4.
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Figure 2-1 verifies these general predictions and suggests an equilibrium binding
of MOPS by HoSF, which when bound becomes oxidized. The results at 22 Fe2+/HoSF
were conducted at two HoSF concentrations (2.7 and 7.9 µM) and were analyzed to
evaluate the binding of MOPS by HoSF. For reaction:
MOPS + HoSF = MOPS-HoSF
Keq = [MOPS-HoSF]/[MOPS][HoSF]
[MOPS-HoSF] = Keq [MOPS][HoSF]
[HoSF]t = [MOPS-HoSF] + [HoSF] = [HoSF] (1 + Keq [MOPS])
So,

[MOPS-HoSF]/[HoSF]t = F = Keq [MOPS]/(1 + Keq [MOPS])

where F is the fraction of ferritin that has formed a complex with MOPS.
Inversion of above equation gives
1/F = 1/( Keq [MOPS]) + 1
Since, when F = 0, [MOPS-HoSF] = 0, Fe2+/O2 = 4; when F = 1, [MOPS-HoSF] =
[HoSF]t, Fe2+/O2 = ~2.5 at 22 Fe2+/HoSF and ~3.0 at 101 Fe2+/HoSF (Fig. 2-1). At 22
Fe2+/HoSF, F is related to Fe2+/O2 by:
F = (4 - Fe2+/O2)/(4 – 2.5)
So,

1 .5
1
=
+1
2+
4 − Fe / O2 K eq [ MOPS ]

(8)

A plot of 1/F vs. 1/[MOPS] yields a straight line with a slope of 1/Keq (Figure 22). An association equilibrium constant of 526 M-1 was obtained and used to fit the data
in Figure 2-1 by Eq. 9:

Fe 2+ / O2 = 4 −

1.5K eq [ MOPS ]
1 + K eq [ MOPS ]

(9)
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A similar approach was used to calculate an equilibrium constant of 112 M-1 for
MOPS binding to HoSF for the upper curve at Fe2+/HoSF = 100. Although reasonable fits
to the data were obtained at the upper two ratios, it is surprising yet clear that the
presence of excess Fe2+ diminishes the binding of MOPS to HoSF, thereby favoring
Fe2+/O2 values that approach 4.0. Similar behavior was reported from previous kinetic
studies, where two distinct sequential mechanisms were required to describe the iron
deposition process (34). That study further showed that Fe2+ in excess of that required to
saturate the ferroxidase site promotes rapid turnover of Fe(III) at the FC, perhaps via an
effector site. Both the present and previous studies indicate that the iron deposition
reaction is complex, and that buffer binding and oxidation as well as enhancement effects
of excess Fe2+ are important, are interconnected, and can affect each other.
MOPS was investigated because it is commonly used in ferritin reconstitution
studies, but similar results were observed for Tris buffer as shown in Figure 2-3A. At 22
Fe2+/HoSF, the Fe2+/O2 ratio also decreased significantly from 4.0 to ~2.5 with increasing
Tris concentration, but less so than with MOPS. Using the same procedures as with
MOPS, an equilibrium constant of 230 M-1 was calculated (Figure 2-3B), indicating
under the same conditions the binding of Tris is about half that of MOPS. At 7.6
Fe2+/HoSF, the same behavior as reported in Figure 2-1 was observed at two HoSF
concentrations, indicating that at Fe2+ concentrations equivalent to that of the FC all Fe2+
is oxidized and the resulting H2O2 can only react with Tris, giving Fe2+/O2 values of ~2.3.
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Figure 2-1. Stoichiometry of Fe2+/O2 as a function of MOPS concentration at 7.6, 22 and
101 Fe2+/HoSF (bottom to top). Fe2+ (60 µM) was added to a tightly capped apo HoSF
(7.9, 2.7 and 0.54 µM) solution in 0.5-200 mM MOPS pH 7.5, 0.05 M NaCl in a
thermostated cell (23 oC) containing a Clark O2 electrode. Each point represents the
average of at least 4 replicates. The upper two lines connecting the data points are
calculated using Eq. 9 and the equilibrium constant obtained in Figure 2-2. The bottom
line is just a straight line through the points and has no theoretical significance.
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Figure 2-2. Linear transformation of the data in Figure 2-1 at 22 (bottom line) and 101
Fe2+/HoSF (top line). Keq = 525.5 and 112.4 M-1 were obtained, respectively.
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Figure 2-3. (A) Stoichiometry of Fe2+/O2 during iron deposition into 2.1 µM apo-HoSF
in Tris buffer, pH 7.5, 50 mM NaCl. Conditions are same as in Figure 2-1. The upper
line is calculated using Eq. 9 and the equilibrium constant of 230 M-1. (B) Linear
transformation of the data in (A) at 22 Fe2+/HoSF. Keq = 230 M-1 was obtained.
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Buffer Consumptiion by Multiple Fe2+ Additions. If H2O2 chemically oxidizes
group 1 buffers, the oxidized buffer product should reach a state that cannot be further
oxidized. The consequence is that native buffer concentration would decrease and
modified buffer concentration would increase, causing the Fe2+/O2 stoichiometry to
increase with sequential additions of Fe2+ to the same reaction mixture. Figure 2-4
qualitatively confirms this prediction and shows that the Fe2+/O2 stoichiometry increases
with the number of Fe2+ additions (8.0 Fe2+/HoSF) into HoSF in 1 mM MOPS buffer and
is similar to previous observations measured at 0.50 mM (35). However, the small
(~10%) increase in Fe2+/O2 value with each Fe2+ addition is slightly larger than expected
assuming that all H2O2 reacts with MOPS to form MOPS-N-oxide. We examined the
possibility that pH contributed to larger than expected Fe2+/O2 values. At pH ~7.0, MOPS
is approximately equally distributed between ionized and unionized forms, whose
individual concentrations are about half the total MOPS concentration. One of these
forms may preferentially form MOPS-N-oxide. Figure 2-4 shows that as the pH increases
from 6.5 to 7.5, the Fe2+/O2 values increase by ~10%, which indicates that the acid form
of MOPS may be the reactive species. As its concentration increases at the lower pH,
more H2O2 reacts with it to form N-oxide and consequently the Fe2+/O2 decreases. While
pH does have an effect, it does not totally account for the higher Fe2+/O2 values, and
other factors yet to be identified seem to be operating. In contrast to the results in Figure
2-4, no change in the Fe2+/O2 stoichiometry was observed with successive Fe2+ additions
(10 Fe2+/HoSF) made in 25 mM MOPS because the effective MOPS concentration
remained essentially unchanged at this higher buffer concentration (41).
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Figure 2-4. Increase of Fe2+/O2 ratio with number of injections of Fe2+/HoSF in MOPS
buffer. (•) 4 Fe2+ per addition, 0.5 mM MOPS, pH 7.04, 20 oC, taken from (35); ( ) 8
Fe2+ per addition, 1 mM MOPS, pH 6.5, 23 oC; ( ) 8 Fe2+ per addition, 1 mM MOPS, pH
7.5, 23 oC.
Buffer Effects on the Kinetics of Fe2+ Deposition. The rate of Fe2+ deposition at
different MOPS concentrations was investigated at 21 Fe2+/HoSF, and Figure 2-5A
shows that the rate decreases with increasing MOPS concentration. Under the same
conditions, the Fe2+/O2 stoichiometry decreases from 4.0 to 2.5 (Figure 2-1, middle
curve). These results show that the Fe2+/O2 stoichiometry is linked to the rate of iron
deposition, and is consistent with MOPS consuming H2O2 that would otherwise increase
the rate of Fe2+ deposition by reaction 4 (43, 44). From the inset of Figure 2-5A, limiting
values for the rate constant were obtained at 0 (0.049 s-1) and 200 mM (0.013 s-1) MOPS,
indicating a fourfold decrease in rate with increasing MOPS concentration.
The rates of Fe2+ deposition in the presence of MOPS and phosphate buffers at 25
mM for which Fe2+/O2 values are typically ~2.5 and 4.0, respectively, are compared in
Figure 2-5B. The total absorbance change in phosphate is much lower than in MOPS
because a phosphate-containing mineral core is formed with a lower extinction
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coefficient (58), but it is clear that the rate is faster in phosphate than in MOPS. Equation
7 was used to normalize the different absorbance changes so that direct comparison could
be made. Reactions in other group 2 buffers give similar results to those shown for
phosphate (58, 82). These results demonstrate that the rate for non-amine buffers is
independent of buffer type and concentration, whereas the rate for amine buffers varied
with buffer concentration. These patterns mimic the variability, or lack thereof, of the
Fe2+/O2 stoichiometry in these different buffers.
Buffer Modification during Iron Deposition. Having established that the kinetics
of Fe2+ oxidation and the Fe2+/O2 stoichiometry are both affected by amine buffers, we
sought to obtain direct evidence for buffer modification by H2O2. N-oxides are likely
candidates for oxidation products (reaction 5) (80). By making 20 consecutive additions
of 8 Fe2+/HoSF to the same sample in less than 5.0 mM buffer, buffer oxidation and our
ability to directly detect it was optimized. We conducted three sets of reactions in the
presence of Tris, MOPS, and NMM. Only a small amount of buffer will be modified
during reasonable iron deposition conditions, so the problem becomes identifying
modified buffer in the presence of a large fraction of unreacted buffer.
Tris Modification. Modified Tris that formed during the sequential Fe2+
deposition was analyzed alongside authentic Tris. 1H NMR spectra of authentic Tris and
modified Tris are shown in Figure 2-6, spectra E and F, respectively, supporting
formation of Tris-N-oxide. The small fraction of original Tris that has undergone
modification is commensurate with the amount of H2O2 predicted by reaction 5.
Reaction 10 yields Tris-N-oxide, which is the same product formed by flavin-catalyzed
Tris oxidation by H2O2 (78).
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NH2
H 2 N +— O |
|
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→ HO—CH2—C—CH2—OH
HO—CH2—C—CH2—OH + H2O2   
|
|
CH2—OH
CH2—OH
Modified Tris

Tris

+ H2 O

(10)

NMM Modification. NMM is a simple analog of MOPS containing a methyl
group instead of a propanesulfonate group attached to the N atom of the morpholine ring.
Mass spectrometric analysis of solutions prepared by sequential Fe2+ additions to 9 mM
NMM produced m/z peaks at 102 for NMM-H+ and 118 for NMO-H+, indicating the
addition of a single oxygen atom to NMM forming NMO (Figure 2-7A). The NMO peak
is not observed in the pure NMM m/z spectrum and is in good agreement with the
theoretical Mw of 117.15 for NMO (error <0.008 Da). The peak area of NMO-H+ is ~5%
of that of NMM-H+, consistent with the expected 4.5% modification of NMM if H2O2
produced during iron deposition oxidizes it stoichiometrically. To further establish the
presence of NMO, Figure 2-8 shows a contrast-enhanced scan of TLC with both MOPS
and NMM present at ~5.0 mM. The less polar NMM and the more polar NMO are easily
separated and identified by their differences in mobility. When NMM is present during
iron deposition, NMO is formed (Fig. 2-8, lane 4). Reaction 11 summarizes the reactivity
of NMM to form NMO.
Me
N

O2+

Fe + HoSF
→
+ H2O2   

+

Me

N

O

O

NMM

NMO

+ H2 O

(11)
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Figure 2-5. Effects of buffer type and concentrations on the kinetics of Fe2+ deposition
into HoSF. (A) A375 vs. time obtained by stopped-flow spectrophotometry over a range of
MOPS concentrations (0.5, 10, 25 and 100 mM, bottom to top). The curves were fit to
Eq. 6 to obtain a value for k1. The inset shows the variation of k1 as a function of MOPS
concentration, from which k1,obs = 0.013 ± 0.005 s–1 and 0.049 ± 0.008 s–1 were obtained
at 0 or 200 mM MOPS, respectively. Note the x-axis in the inset has a logarithmic scale.
(B) Normalized progress curves for addition of 85 µM Fe2+ to 4.0 µM apo-HoSF in 25
mM phosphate (upper) or MOPS (lower) with 50 mM NaCl at pH 7.5 at 375 nm.
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Figure 2-6. 1H NMR spectra of MOPS and Tris before and after Fe2+ deposition into
HoSF. (A) Structure of MOPS; (B) NMR of MOPS solution evaporated and redissolved
in D2O; (C) NMR of MOPS after 2 additions of Fe2+ (16 Fe2+/HoSF); (D) NMR of
MOPS after 20 additions of Fe2+ (160 Fe2+/HoSF); (E) NMR of Tris; (F) NMR of Tris
with 20 additions of Fe2+ (160 Fe2+/HoSF). Samples for C, D and F were prepared by
adding 8 Fe2+/HoSF to 10 µM apo-HoSF at pH 7.5 in 5.0 mM MOPS or Tris buffer, and
were then centrifuged through a 100 kDa membrane. The filtrate was evaporated to
dryness and dissolved in D2O prior to NMR.
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Figure 2-7. Mass spectra of NMM, MOPS and their oxidized species. Twenty additions
of 8 Fe2+/HoSF with 10 min intervals were made to 5 µM apo-HoSF in 9 mM NMM (A),
or 10 mM MOPS (B) at pH 7.5, 50 mM NaCl. The solutions were then centrifuged
through 30 kDa membrane in a Nanosep tube and the spectra taken. (A) The m/z peaks at
102.10 and 118.14 are consistent with the protonated molecular ions of NMM-H+ and
NMO-H+. (B) The m/z peaks at 210.08, 232.06 and 248.05 are assigned to MOPS-H+,
MOPS-Na+, and MOPS-O-Na+, respectively. Minor peaks arise from
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Figure 2-8. Contrast-enhanced TLC of buffer components. Lane 1 is NMM; lane 2 is
NMO; lane 3 is MOPS; and lane 4 is a sample with 20 additions of ~8 Fe(II)/HoSF in 5
mM MOPS and NMM after centrifugation through membrane. Black marking indicates
spots of highest intensity under UV light.
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Figure 2-9.

13

C NMR of MOPS (A) and MOPS with modified form after 20 additions of

8 Fe2+/HoSF (B). The two new peaks in (B) are attributed to C3 and C4 in MOPS-O.
Other peaks in MOPS-O overlap with authentic MOPS.
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MOPS Modification. Precise identification of MOPS structural changes is more
difficult than for Tris because MOPS is more complex and its reactivity with H2O2 may
be more varied. Figure 2-6, spectra B–D show 1H NMR spectra of authentic MOPS

3

(83) and modified MOPS resulting from the Fe2+ deposition reaction at different Fe
loadings. Assignment of the peaks is deduced from and verified by the information of
proton chemical shifts,

13

C NMR (Figure 2-9), H-H COSY, and H-C COSY spectra.

Several new peaks (marked with asterisk) that are not present in authentic MOPS appear
and increase, and are reasonably attributed to MOPS modified at the N atom forming an
N-oxide. These conclusions are consistent with recently prepared MOPS-N-oxide by
H2O2 oxidation of MOPS (80).
Mass spectrometric analysis of 5 mM MOPS and MOPS-N-oxide at pH 7.5
produce m/z peaks at 210 (MOPS-H+), 232 (MOPS-Na+) and 248 (MOPS-O-Na+),
respectively, where the MOPS-N-oxide peak is in good agreement with the MW of the
expected form of modified MOPS (error <0.004 Da). Figure 2-7B shows that both the
expected modified (not present in pure MOPS m/z spectrum) and unmodified MOPS m/z
peaks are present, confirming the formation of MOPS-N-oxide during the HoSFcatalyzed iron deposition reaction. The highly polar unmodified MOPS and MOPS-Noxide moved only slightly from the origin when TLC was performed, but the results were
consistent with MOPS-N-oxide being present after iron deposition (Figure 2-8, lane 4).
3

Two forms of unmodified MOPS were observed by 1H NMR: 1) One from solid MOPS immediately
dissolved in D2O (seven peaks were shown, cf. Fig. 2a in 83) and 2) MOPS aqueous solution evaporated to
dryness and dissolved in D2O (Fig. 4b). The differences between these two spectra are due to the protons
on C4 and C5. In dissolved MOPS solid, the protons attached to C4 or C5 are non-exchangeable or
diastereotopic, because of different orientations, i.e. axial and equatorial, when the morpholine ring exhibits
a chair structure; however, for the evaporated and re-dissolved MOPS sample the protons on C4 or C5 are
identical and only five peaks were observed. Since all the MOPS oxidation samples were prepared by
evaporation and redissolving, the NMR spectrum of the second form of MOPS is shown for direct
comparison.
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Contributors to Buffer Modification by H2O2. The aforementioned results show
that amine buffers are converted to N-oxides during Fe2+ deposition in HoSF. Control
experiments were run to determine what are the essential components of the buffer
modification reaction. In the absence of all components but H2O2 and buffer, H2O2
disappears only slowly over the course of several hours, consistent with slow
spontaneous H2O2 decomposition and the known slow reactivity of H2O2 towards
nitrogen-containing organic compounds (78-80). Adding Fe2+ (this should reduce H2O2),
apo- or holo-HoSF separately did not accelerate H2O2 consumption, nor did any of these
cause a measurable change in the chemical composition of MOPS. The same controls
were conducted with NMM and the same results were obtained. Direct evidence for the
rapid modification of amine buffers was only detected when Fe2+, HoSF, and O2 were all
present for the iron deposition reaction. Thus, the catalyst for buffer modification by
H2O2 is only present during ferritin-catalyzed iron deposition and must be due to a shortlived intermediate involving HoSF-bound MOPS and H2O2 at a ferritin site.
The rapid oxidation of MOPS (and other amine buffers) reported here during iron
deposition contrasts with a recent report (80) showing that MOPS is oxidized only slowly
to MOPS-N-oxide over a period of hours (5.7% over 24 h). This study discounted the
possibility that MOPS-N-oxide could form as rapidly as observed here by H2O2 produced
during iron deposition because HoSF could catalytically activate both MOPS and H2O2
during this process. MOPS has also been reported as a substrate for methane
monooxygenase, which like ferritin produces a µ-1,2-peroxodiferric intermediate that
may be responsible for MOPS oxidation (84).
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DISCUSSION
Mayer et al. (85) observed an Fe2+/O2 stoichiometry near 2.0 for the iron
deposition reaction in HEPES, MES, and imidazole buffers (group 1) but failed to detect
predicted H2O2. They proposed H2O2 was consumed in a secondary reaction. Subsequent
studies confirmed this observation and reiterated that H2O2 forms but reacts with an
unknown system component (33, 42, 59). Recent kinetic simulations confirmed that H2O2
or its precursor forms, but reacts rapidly with X, which decreased the H2O2 concentration
to undetectable levels in less than 10 s (43, 44). These two studies suggested that X was
the MOPS buffer and not the protein shell or mineral core (59).
Three predictions were made, which provided insights and experimental direction
into the identification and reactivity of X. First, at low iron loadings but high X
concentrations, reaction 5 outcompetes reaction 4 to maintain Fe2+/O2 values of ~2.0.
Second, the overall rate of iron deposition increases with decreasing X concentrations
because less X is oxidized by reaction 5 and more Fe2+ is consumed by reaction 4. Third,
the Fe2+/O2 values decrease with increasing X concentration because competition
between Fe2+ and X oxidation by H2O2 favors reaction 5 at high X concentrations. The
experiments reported here were conducted to test these predictions and they have been
verified. The results in Table 2-1 and Figures 2-1~2-5 suggest X is a group 1 amine
buffer, and identification of the N-oxides of group 1 buffers modified at the morpholine
ring (or the nitrogen atom in Tris) confirmed this behavior (Figures 2-6~2-9). However,
precise quantitation of product is difficult because only a small amount was formed in the
presence of excess unreacted buffer.

For these reasons, precise quantification of
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modified MOPS per H2O2 (or per 2Fe2+) could not be determined, but taken together the
results suggest the first reaction in reaction 5 is correct.
Having established that H2O2 modifies group 1 but not group 2 buffers and that a
moderately strong binding interaction occurs between MOPS (or Tris) and HoSF, the
following sequence of events is proposed. We did not use the iron deposition mechanism
recently proposed (34) that explained extensive kinetic data for recombinant human
ferritin and HoSF, because this mechanism does not include the buffer oxidation reported
here. In Scheme 2-1, HoSF–[Fe-O-O-Fe] is the well-established peroxodiferric species
formed as an intermediate, and HoSF–[Fe-O-O-Fe]-MOPS is the proposed buffer adduct
that is critical for buffer oxidation. Step 2 shows MOPS binding to the HoSF–[Fe-O-OFe] complex, but it could just as easily bind to HoSF prior to HoSF–[Fe-O-O-Fe]
formation. Because MOPS is a commonly used group 1 buffer, we focus on its behavior,
but reactions wre carried out with other amine buffers and similar conclusions apply to all
group 1 buffers in Table 2-1.

HoSF + 2Fe2+ + O2 = HoSF–[Fe-O-O-Fe]
HoSF–[Fe-O-O-Fe] + MOPS = HoSF–[Fe-O-O-Fe]-MOPS
HoSF–[Fe-O-O-Fe]-MOPS = HoSF-[Fe(OH)3]core + MOPS-O + H2O
HoSF + 2Fe2+ + O2 + MOPS= HoSF-[Fe(OH)3]core + MOPS-O + H2O

Scheme 2-1 4

4

In the absence of group 1 buffer, Scheme 1 reduces to the sum of reactions 2, 3 and 4, which has the same
form as reaction 1, giving an Fe2+/O2 stoichiometry of 4.
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Fe2+/O2 Values and H2O2 Formation with Variation in MOPS Concentration.
Figure 2-1 shows Fe2+/O2 variation with MOPS concentration at three Fe2+/HoSF ratios.
The results can be explained qualitatively by Scheme 2-1, which describes MOPS
oxidation to MOPS-N-oxide by H2O2 that competes with Fe2+ oxidation by reaction 4. A
complete description involving Scheme 2-1, reaction 4, and measured rate constants (34,
43, 44) was attempted, but consistent results as a function of Fe2+/HoSF ratio and MOPS
concentration could not be achieved. This is because, as shown in Figure 2-1, the
equilibrium constant and hence some of the rate constants involved must change with
Fe2+ concentration. In order to gain a complete mechanistic description of the iron
deposition process, additional studies are needed to understand why the ferroxidase
activity increases with excess Fe2+ concentration. This same behavior likely explains the
variation of the equilibrium constant, observed here at higher Fe2+/HoSF ratios. This
enhancement was suggested to result from either an unidentified effector site to which
Fe2+ binds or an enhanced rate of replacement of Fe(III) at the FC by incoming Fe2+ (34).
At MOPS concentrations above 25 mM and Fe2+/HoSF ratios of 20-100, no H2O2
was measured free in solution (42). Scheme 2-1 explains this behavior because buffer
concentration was sufficiently high that all H2O2 was consumed by it. However, at low
buffer concentration (~1-5 mM) and low Fe2+/HoSF ratios, H2O2 will form by reaction 2
and some will be released into solution because the buffer cannot consume it all. Results
similar to those simulated in Figure 7 in (43) are expected. At 2.0 mM MOPS and 20
Fe2+/HoSF, 89% of H2O2 expected from reaction 2 was measured by the KI method
described earlier (42). This prediction and observed result support the view that H2O2
reacts with group 1 buffers by reaction 5 via Scheme 2-1.
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The variability of Fe2+/O2 during iron deposition is reasonably explained by the
events of Scheme 2-1 but some studies conducted at high MOPS concentration report
Fe2+/O2 values near 2.0 and the presence of significant H2O2 after iron deposition is
complete (59, 75). Attempts to explain this apparently contradictory behavior (Fe2+/O2
values of 2.0 requires that all H2O2 has been consumed by reaction 5, leaving no H2O2 to
be measured) were not totally satisfactory. A freeze-quench study of frog M ferritin
showed that H2O2 is initially formed but disappeared within 30 s by an unspecified
reaction (Fig. 2 in 33), which we propose is reaction 5. Why most recent studies (33, 43,
44) show the absence of H2O2 and yet others continue to report the presence of H2O2 and
Fe2+/O2 values near 2.0 is difficult to reconcile.
Possible Mechanisms for Buffer Oxidation. How the reaction of H2O2 and group
1 buffers occurs is not clear. In the absence of iron deposition, several independent
reports establish that the concentration of exogenously added H2O2, with or without
ferritin present, only slightly decreases in 1 h (42, 44, 59, 85). A later study showed that
MOPS was only slowly oxidized to MOPS-N-oxide to the extent of 8.3% after 36 h at 25
o

C (80). These results indicate that externally added H2O2 does not oxidize MOPS

quickly, but the results reported here indicate that H2O2 formed during the iron deposition
reaction does, which implicates HoSF in activating H2O2 and MOPS, and suggests the
formation of a HoSF-MOPS-H2O2 complex followed by an oxo group transfer.
Another possibility is a free-radical chain reaction occurring between peroxide
and amine buffers in the presence of a radical generator (86). During iron deposition in
animal ferritins, tyrosyl and buffer radicals are formed (69, 87), which might initiate a
free-radical chain reaction between buffer and H2O2 by
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••

•+

Tyr • +(−CH 2 ) 2 N CH 2 − 
→ Tyr − + (−CH 2 ) N CH 2 −
•+

(−CH 2 ) 2 N CH 2 − + H 2 O2 
→(−CH 2 ) 2 N (O )CH 2 − + H 2 O

(12)
(13)

Recently Van Dyke et al. (88) observed the interference of Good’s buffers with
the Fenton reaction and the inhibitory effect ranked as HEPES >MOPS >Tris
>>phosphate. In 1 mM buffer the reaction was inhibited by 50% in HEPES, 40% in
MOPS, and 12% in Tris, while phosphate has no effect. Tris has long been reported to be
a free radical scavenger (89, 90). Taken together, these results could partly explain our
observations that the stoichiometry of Fe2+/O2 decreases with increasing buffer
concentration in HEPES, TES, MOPS, and Tris, but not in phosphate, acetate, citrate, and
bicarbonate. However, since phosphate and bicarbonate are physiological buffers and
cannot be further oxidized, any H2O2 produced in the early stage of iron mineralization in
these buffers either in vitro as reported here or under physiological conditions must react
with additional Fe2+ to form H2O and give Fe2+/O2 values near 4.0.
Effect of Buffer Oxidation on the Mechanism of Iron Deposition. The involvement
group 1 buffers in removing H2O2 at low iron loadings is important in the in vitro iron
deposition process, and without including its mechanistic consequences other models are
incomplete. Scheme 2-1 also provides an alternative explanation for the earlier
observation (35) that the Fe2+/O2 values increase with increasing Fe2+/HoSF ratio, which
was explained as iron oxidation increasingly shifts from the FC reaction (reaction 2) to
the core surface reaction (reaction 1). However, the stoichiometry of 4.0 at higher
Fe2+/HoSF ratios can also be explained by reaction 4 dominating at high Fe2+ levels,
which outcompetes buffer oxidation (reaction 5). Explaining the rising Fe2+/O2 values
without invoking the mineral surface catalysis model, especially at moderate iron
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loadings, is consistent with results that found no evidence for core surface reactivity at
250-400 Fe2+/HoSF (41). Also, consistent results at a similar high Fe2+ flux indicated
that the “ferroxidase site plays a role in catalysis at all levels of iron loading” (34). Even
at 500 Fe2+/rHF, 57% of oxidized iron was processed by the FC. Unless the developing
mineral core alters the ferroxidase reactivity, any iron processed by the FC is subject to
competition by reactions 4 and 5, which will cause Fe2+/O2 variation dependent on the
relative proportion of Fe2+ processed by each pathway.
The results reported here were obtained with HoSF, but previous results suggest
reactions 4 and 5 occur for recombinant ferritins as well (43, 44). Decreasing Fe2+/O2
values from 3.1 to ~2 were observed with rHF with increasing HEPES concentrations
(91), behavior also likely explained by reactions 4 and 5. Our preliminary studies (43,
44) with rHF suggest MOPS oxidation occurs, and ongoing studies are examining this
possibility.
Identifying group 1 buffers as a source of H2O2 reactivity during iron deposition
in HoSF rules out other suggested sites of reaction. The variation in stoichiometry,
kinetic experiments, and simulations reported here provides new insights into HoSF
mineralization by showing that group 1 buffer oxidation is an integral part of the in vitro
iron deposition reaction. Mechanistic conclusions regarding iron deposition from
previous studies carried out in group 1 buffers need to be reviewed because the results
include steps involving buffer oxidation, which were not known at the time. By showing
that physiological buffers do not react with H2O2, the present study even raises the
possibility that HoSF may have an additional physiological role of catalyzing oxidation
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of small nitrogen-containing species (or possibly other oxidizable molecules) during
metabolic processes that coincide with the iron deposition reaction.
In summary, the present work examined the effect of buffer type and
concentration on the in vitro iron deposition in HoSF, and showed that two types of
reactivity occur that depend on the buffer type. By considering the two pathways
(reactions 4 and 5) involved in H2O2 reactivity toward group 1 buffers, two extreme
stoichiometric generalizations can be made: at high iron loadings, reaction 4 is dominant
and gives rise to Fe2+/O2 values near 4.0, while at high buffer concentrations (>0.025 M)
and low iron loading levels, reaction 5 is dominant and gives rise to Fe2+/O2 values near
2.5. At intermediate conditions, both effects contribute and give rise to nonstoichiometric results.

The results in this chapter were published in J. Biol. Inorg. Chem. 2006, DOI
10.1007/s00775-006-0141-6. Copyright 2006 Springer.
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Chapter 3: Kinetic and Thermodynamic Characterization of
the Co and Mn Oxyhydroxide Cores Formed in Horse Spleen
Ferritin
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ABSTRACT
Horse spleen ferritin (HoSF) containing 800-1500 cobalt or 250-1200 manganese
atoms as Co(O)OH and Mn(O)OH mineral cores within the HoSF interior (Co-HoSF and
Mn-HoSF) was synthesized and the chemical reactivity, kinetics of reduction, and the
reduction potentials were measured. Microcoulometric and chemical reduction of HoSF
containing the M(O)OH mineral core (M = Co or Mn) was rapid and quantitative with a
reduction stoichiometry of 1.05 ± 0.10 e/M forming a stable M(OH)2 mineral core. At
pH 9.0, ascorbic acid (AH2), a two-electron reductant, effectively reduced the mineral
cores; however, the reaction was incomplete and rapidly reached equilibrium.

The

addition of excess AH2 shifted the reaction to completion with a M3+/AH2 stoichiometry
of 1.9-2.1, consistent with a single electron per metal atom reduction. The rate of
reaction between M(O)OH and excess AH2 was measured by monitoring the decrease in
mineral core absorbance with time. The reaction was first order in each reactant with
second-order rate constants of 0.53 and 4.74 M-1 min-1, respectively, for Co- and MnHoSF at pH 9.0. From the variation of absorbance with increasing AH2 concentration,
equilibrium constants at pH 9.0 of 5.0 ± 1.9 for Co-HoSF and 2.9 ± 0.9 for Mn-HoSF
were calculated for 2M(O)OH + AH2 = 2M(OH)2 + D, where AH2 and D are ascorbic
acid and dehydroascorbic acid, respectively. Consistent with these equilibrium constants,
the standard potential for the reduction of Co(III)-HoSF is 42 mV more positive than that
of the ascorbic acid reaction, while the standard potential of Mn(III)-HoSF is 27 mV
positive relative to AH2. Fe2+ in solution with Co- and Mn-HoSF under anaerobic
conditions was oxidized to form Fe(O)OH within the HoSF interior, resulting in partial
displacement of the Co or Mn by iron.
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INTRODUCTION
Ferritins are naturally occurring iron storage biomolecules involved in
maintaining iron availability for cellular metabolism as well as sequestering free iron and
preventing deleterious radical formation.

Most ferritins from plants, animals, and

bacteria share a common structure consisting of 24 subunits arranged with 432 symmetry
to form nearly spherical molecules 12 nm in overall diameter with hollow interiors 8 nm
in diameter (1, 12, 64, 92-94). A ferritin-like protein recently isolated from bacteria
Listeria innocua is atypical compared to the majority of structurally characterized
ferritins (95). It is composed of 12 identical 18 kDa subunits, which self-assemble into an
empty cage having 23 symmetry. The arrangement of the subunits forms three- and fourfold channels that are ~0.40 nm in diameter that connect the interior cavity with the
exterior solution, through which ions transit the protein shell. Naturally occurring cores
in both animal and bacterial ferritins contain Fe(III), as well as some phosphate. The
nature of the cores, however, is different. The interior cavity of animal ferritin naturally
contains an iron oxyhydroxide mineral core consisting of 2000-3000 iron atoms, whereas,
bacterial ferritins typically contain a phospho-hydroxy mineral core of similar size (96,
97). The mineral core of ferritins is easily removed by reduction and chelation to form
apo ferritin; it is also readily reconstituted by adding Fe2+ to apo ferritin in the presence
of an oxidant, which is commonly O2 from air. The protein itself is known not to
undergo oxidation or deactivation by oxidants such as O2 or H2O2 (41, 59).
Because of the unique template structure of apo ferritin, a variety of new,
nonbiological mineral cores have been synthesized and characterized within the apo
ferritin interior.12-19 These new ferritin cores range from Co(O)OH (45, 98), Mn(O)OH
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(46, 47, 99), magnetite (48), and Ni and Cr nanoparticles (49), all bearing a resemblance
to native ferritin cores, to mineral cores containing technologically interesting materials
such as CdS (50). Electron microscopic evidence showed that these new materials formed
exclusively and quantitatively within the ferritin interior (45, 98). This is remarkable
because many of the reagents used to form these new ferritin mineral cores are expected
to react upon mixing to form insoluble precipitates. The failure to form the expected
precipitates suggests that ferritin has precise mechanistic control in directing the reagents
into its hollow interior.
Earlier studies showed that the native iron mineral cores of both bacterial and
animal ferritins could be rapidly and reversibly reduced at potentials of -250 to -420 mV
and that, in the absence of chelators, the reduced mineral cores were stable (40, 96). The
synthesis of ferritin containing M(O)OH mineral cores (M = Co and Mn) is of interest
because it provides an opportunity to compare the thermodynamics and reduction kinetics
of M(O)OH with those of ferritin containing the native Fe(O)OH mineral core. The
stability of the reduction product will also be determined as was previously done for
Fe(OH)2 (40, 96). Such comparisons are of interest in describing the properties of new
materials and will aid in understanding the role of the ferritin protein shell in stabilizing
the mineral core. The fundamental insights gained from this study will help provide a
basis for development of a synthetic protocol to construct more complex and varied
mineral cores.
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MATERIALS AND METHODS
Horse spleen apo ferritin (HoSF) was prepared by the reductive dissolution of
native iron oxide cores of holo HoSF (Sigma) using the thioglycollic acid procedure
(100). Apo HoSF was further reacted with dithionite in the presence of bipyridine to
remove iron to <1.0 Fe/HoSF. Protein concentrations were determined by the Lowry
method and confirmed by the absorbance at 280 nm ( = 468 000 M-1 cm-1). Reactions or
procedures requiring anaerobic conditions were carried out in a Vacuum Atmosphere
glovebox (<0.5 ppm O2, Nyad oxygen sensor). Aqueous Fe2+ (0.0075 M FeSO4 in 0.001
N HCl) and ascorbic acid (5 mM) stock solutions were stored in the glovebox prior to
use. AH2 was standardized against an Fe(CN)63- standard solution by monitoring optically
the disappearance of the yellow color of Fe(CN)63- (ε420

nm

= 1020 M-1 cm-1) upon

reduction to Fe(CN)64- by AH2 (2[Fe(CN)6]3- + AH2 = 2[Fe(CN)6]4- + D + 2H+).
Sample Preparation and Characterization. Cobalt and manganese oxyhydroxide
mineral cores were synthesized within the HoSF interior (Co-HoSF and Mn-HoSF,
respectively) using procedures previously described (45, 47). The procedure from ref
(45) was modified by adding aliquots of CoSO4 (0.025 M, 80 µL) and H2O2 (3%, 40 µL)
to apo HoSF solution (10-5 mmol, 5.0 mL), pH 8.5 in 0.025 M MOPS and 0.05 M NaCl
with 15 min intervals between additions. The pH was kept at 8.5-9.0 with 0.1 M NaOH
after each addition. The use of MOPS at this pH decreased nonspecific Co(O)OH
formation and gave better yields of Co-HoSF. Deposition of Mn(O)OH in HoSF was
conducted by addition of aliquots of MnCl2 (0.03 M, 0.5 mL) to apo HoSF (10-5 mmol,
5.0 mL) in AMPSO buffer (0.05 M, and 0.05 M NaCl, pH 8.9) with air as the oxidant.
The reaction was allowed to precede at room temperature over 24 h with stirring.
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After synthesis, both Co and Mn-HoSF solutions were centrifuged to remove any
precipitated M(O)OH (little was found at M/HoSF < 1500) and then centrifuged with a
100kDa membrane in a Nanosep microconcentrator (Pall Gelman Laboratory) that
retained the M(O)OH protein species but removed small solution components. The
resulting Co-HoSF was shown by transmission electron microscopy (TEM, Figure 31a,b) to have mineral particles within the ferritin interiors as previously described (45).
Similar results were observed for Mn-HoSF. Apo HoSF and Co- and Mn-HoSF were
passed through a calibrated G-25 Sephadex column (1 cm × 16.5 cm) and exhibited
identical elution profiles (Figure 3-1d), indicating that the structure of the protein cage
remained unaltered by the synthesis as previously reported (45, 47). The metal content of
Co- and Mn-ferritins was determined after G-25 Sephadex chromatography using an
Inductively Coupled Plasma spectrometer (ICP-AES, Perkin-Elmer Optima 2000) and
>95% of the metal was found within the protein fraction. All ferritin solutions were
stored at 4 oC after synthesis and characterization. Optical spectra of Co-HoSF prepared
in MOPS and AMPSO were recorded on a Hewlett Packard 8453 UV-vis spectrometer.
All experiments were done at ~23 oC. Mn- and Co-HoSF and apo HoSF prepared from
them were fully active toward Fe2+ deposition, demonstrating that the formation of these
nonnative mineral cores did not affect the activity of the protein toward iron.
Kinetic Measurements.

The kinetics of Co-HoSF reduction by AH2 was

monitored by UV-visible spectrophotometry at pH 9.0 for core sizes ranging from
800~1200 Co/HoSF. The initial AH2 concentration was kept constant and was in at least a
ten-fold excess. For 1100 Co/HoSF, aliquots of Co-HoSF ([Co] = 4.06 mM, [HoSF]=
3.67 µM) were added to 1 mL of MOPS buffer (0.025 M at pH 9.0 with 0.05 M NaCl),
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and the optical spectra were taken to determine the extinction coefficient of Co(III)-HoSF
at 350 nm. Then, excess AH2 (70 µL, 5 mM) was added, and the decreasing absorbance
at 350 nm due to reduction of the mineral core was recorded as a function of time. The
reduction was typically completed in 10 min. The final absorbance (350nm) was assumed
to be due to Co(II)-HoSF, consistent with pH and coulometric measurements (see below).
The reduction kinetics of Mn(III)-HoSF by AH2 for core sizes ranging from
250~1000 were measured using an Applied Photophysics stopped-flow kinetic
instrument. This instrument was preferred over the procedure used for measurement of
the Co(III)-HoSF kinetics because of the faster reaction rate of the Mn(III)-HoSF.
Measurements for Mn(III)-HoSF performed with both procedures yielded equivalent
results. For ~1000 Mn/HoSF, 10, 15, 20, and 30 µL of MnHoSF ([Mn]= 4.07 mM,
[HoSF]= 4.1 µM) were diluted to 1 mL with MOPS or AMPSO buffer, pH 9.0, and
placed in one stopped-flow syringe. In the other syringe was placed 0.1 mL of AH2 (5
mM) and 0.9 mL of buffer. After thermal equilibrium was reached, the solutions were
mixed and the change in absorbance at 450 nm, the wavelength where Mn(O)OH absorbs
(45, 47), was recorded against time.
Optical titrations of both Co- and Mn-HoSF with AH2 were performed with an HP
8453 UV-visible spectrometer using a 1.0 cm quartz optical cell. Aliquots of AH2
solution (5 µL, 5 mM) were added to AMPSO buffered (pH 9.0) Co- or Mn-HoSF
solution at 15 min or 5 min intervals (Mn-HoSF reacts faster; see Figure 3-4) until AH2
was in excess. Stable absorbance values at either 350 or 450 nm were recorded before the
next addition.
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Bracketing the Reduction Potential. To bracket the reduction potential of MHoSF (M= Co or Mn), excess reductants with different redox potentials were mixed with
M-HoSF solution at ~5 µM, and the reaction was monitored optically at 350 or 450 nm to
determine the extent of M-HoSF reduction. The reductants included sodium dithionite (520 mV), methyl viologen (-440 mV), flavin mononucleotide (-100 mV), methylene blue
(0 mV), AH2 (50 mV), and ferrocyanide (250 mV), where the potentials are relative to a
NHE and pH 7.0 has been assumed for pH dependent reactions.
Microcoulometry. Microcoulometry was conducted using previously described
methods (55, 77). Co-HoSF and Mn-HoSF solutions were first made anaerobic by several
evacuation-flush cycles using N2 and then reduced at pH 8.0 using various viologens at
potentials from -200 to -520 mV.
Assessment of M(II)-HoSF stability.

Excess AH2 was added to a M-HoSF

solution (M= Co or Mn) buffered at pH 9.0, and the reaction was allowed to completely
reduce the mineral cores (15 min). The reduced solutions were centrifuged to remove
any precipitate (none was observed), and then the solution was passed through an
anaerobic G-25 column equilibrated with MOPS buffer to isolate the protein fraction and
to remove excess AH2, dehydroascorbic acid (D), and any M2+ released by the reduction
process. The emerging protein fraction was analyzed for protein and Co or Mn, and the
results were compared to the amount of these metals added as Co-HoSF and Mn-HoSF.
The reduced Co(II) cores were stable in the HoSF interior and eluted identically with apo
HoSF and Co(III)-HoSF (Figure 3-1c,d). To further establish that the reduced species
remained within the HoSF interior, the solution was also centrifuged with a Nanosep
microconcentrator containing a 100 kDa membrane to remove any small molecules
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released by the reaction and to retain the protein fraction and its associated mineral core.
The filtrate and the retentate were separately analyzed for Co and Mn by ICP to
determine the fraction in which the metals were found. Finally, TEM images of the
reduced Co(II)- or Mn(II)-HoSF were obtained by reducing M(III)-HoSF with excess
AH2, putting the solution on a carbon grid in a vacuum atmosphere glovebox and
negatively staining with uranyl acetate.
Reaction of M-HoSF with Fe(II). Iron deposition into Co-HoSF was conducted
anaerobically in a glovebox by adding Fe2+ to newly made Co-HoSF solution (3.97 mM
Co, 4.3 µM HoSF, ~920 Co/HoSF) at Fe/Co ratios of 0 to 2.0. At 30 s intervals, 0.2 mL
of the mixed solutions was withdrawn and added to 1 mL of ophen in MOPS buffer. The
unreacted Fe2+ was determined as [Fe(ophen)3]2+ at 511 nm (ε = 9640 M-1 cm-1). The
amount of Fe2+ oxidized was determined from these measurements, and then the solution
was filtered through a Nanosep microconcentrator containing a 100 kDa membrane. The
emerging and retained solutions were analyzed for iron and cobalt with ICP-AES. For
Mn-HoSF, similar experiments were conducted for ~1:1 ratio of Fe/Mn.
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RESULTS
The formation of Co(O)OH with 800-2000 Co/HoSF within the HoSF interior
was conducted in MOPS and AMPSO buffers at pH 8.5-9.0 using H2O2 as the oxidant.12
Figure 3-1 verifies by TEM that the oxidized mineral cores were within the ferritin
interior as previously reported (45, 47). Figure 3-1 also shows that the reduced mineral
core was present in the HoSF interior as previously established for the Fe(OH)2 mineral
cores (40). Core formation was observed to depend on the choice of solution buffer.
Only small cores that were faintly purple in color were produced in Tris buffer. In
contrast, larger stable cores were formed in MOPS and AMPSO buffers under the same
conditions where the solution was observed to turn brown upon Co(II) addition. As the
cores approached ~2000 Co atoms, nonspecific Co(O)OH formation occurred outside the
HoSF interior and contributed to protein precipitation. The amount of nonspecific
Co(O)OH formation decreased with the use of smaller aliquots of Co2+, which
presumably compensated for the decreased rate of Co incorporation into the protein at
higher loadings. However, use of smaller aliquots significantly slowed the synthesis
process.
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A

B

C

D

Figure 3-1. (A) Unstained TEM of Co(O)OH-HoSF containing ~1200 Co atoms ; (B)
TEM of Co(O)OH-HoSF negatively stained with uranyl acetate; (C) TEM of Co(OH)2HoSF negatively stained with uranyl acetate; (D) size exclusion chromatography of apo
HoSF and Co(O)OH-, Mn(O)OH- and Co(OH)2-HoSF on a 1 cm × 16.5 cm Sephadex G25 column measuring absorbance at 280 nm.
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Figure 3-2. Optical spectra of Co-HoSF prepared in MOPS, Tris and AMPSO at pH 8.5
at the same Co concentration of 0.062 mM. The Co-HoSF samples prepared in MOPS
and AMPSO contained 1000 Co/HoSF, but because of the instability of the Co mineral
core formed in Tris, that sample contained only ~200 Co/HoSF.
In addition to variation in mineral core size, each buffer produced a mineral core
with different optical properties, as shown in Figure 3-2, all taken at the same Co
concentration. The three Co-HoSF species have different spectra, indicating that the
mineral cores differ from one another, with that prepared in Tris buffer differing most.
The spectra of Co-HoSF prepared in MOPS and AMPSO are consistent with reported
results (Figure 1 in ref (45) and Figure 3 in ref (98)). The broad absorption centered at
350 nm (Figure 3-2) is consistent with a O

Co(III) charge-transfer band in Co(O)OH

(101). In contrast, apo HoSF prior to mineralization showed no absorption at 350 nm.
When allowed to incubate at 4 oC for several days, the sample prepared in Tris was the
least stable, as small amounts of Co(O)OH began to precipitate upon standing. In
contrast, samples prepared in MOPS and AMPSO remained stable for months. After
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centrifuging with a 100 kDa membrane, >98% of the Co remained with HoSF prepared in
MOPS and AMPSO, while only ~20% remained when prepared in Tris. For these
reasons, Co-HoSF prepared in Tris was not used for experiments in the current study,
although the observed buffer-related effects are the object of continuing investigation.
Chemical Reduction of Co- and Mn-HoSF. After preparation, Co-HoSF was
made anaerobic and reduced coulometrically at pH 8.0 using various viologens as
mediators at potentials from -200 to -520 mV. Reduction was complete upon mixing
with a stoichiometry of 1.05 ± 0.10 e/Co over this voltage range, indicating that Co(III)
was initially present and was quantitatively reduced to Co(II). These results also
established that the reduction potential for the Co-HoSF mineral core is more positive
than -200 mV for
Co(III)-HoSF + H2O + e = Co(II)-HoSF + OH-

(1)

To more closely define the reduction potential for reaction 1, Co-HoSF was
reacted with reduced flavin mononucleotide (FMNH2, -100 mV) and methylene blue
(MBH2, ~0 mV). Consistent with the coulometric results using viologen mediators,
FMNH2 readily reduced the mineral core, but MBH2 was only marginally effective.
These results suggest a redox potential for the Co(III)-HoSF near 0 mV, a conclusion
supported by experiments using ascorbic acid (AH2, -50 mV), which conveniently
reduces both Co- and Mn-HoSF in an equilibrium reaction. Detailed kinetic and
thermodynamic studies were undertaken with AH2 as reported below.
Kinetics of Co- and Mn-HoSF Reduction. Figure 3-3 shows the reaction of CoHoSF at various concentrations with excess AH2 at pH 9.0. Although MOPS is not a
good buffer at pH 9.0 (pKa = 7.2), the overall reaction 2, indicates the reaction does not

64

change the pH, where M = Co or Mn, and AH2 and D are ascorbic acid and
dehydroascorbic acid, respectively. MOPS was used for convenience because Co-HoSF
was initially prepared in this buffer. Identical results were obtained in AMPSO (pKa = 9).
2M(III)-HoSF + AH2 = 2M(II)-HoSF + D

(2)

The inset to Figure 3-3 shows that the rate of Co(III)-HoSF reduction increased
linearly with increasing Co-HoSF concentration, suggesting a first-order reaction. A
similar first-order dependence of the rate with varying AH2 concentration was also
observed (data not shown). The overall second-order rate constant calculated from
duplicate measurements was 0.53 ± 0.03 M-1 min-1. While the reduction rate of Co-HoSF
with AH2 was easily measured, it was not as rapid as with the viologens and required
several minutes for completion.
As shown by the stopped-flow traces in Figure 3-4, the rate of Mn-HoSF
reduction under the same conditions as Co-HoSF for a core size of 1000 Mn/HoSF
increased linearly with increasing Mn-HoSF concentration when the AH2 concentration
was kept constant and in large excess. Similar behavior was noted for a core size of 250,
suggesting that the rate was invariant with core loading.1 The rate was also first order in
AH2. A second-order rate constant of 4.74 ± 0.08 M-1 min-1 for the reduction of Mn(III)HoSF by AH2 was determined. Thus, the rate of Mn-HoSF reduction with AH2 was
about 10 times faster than that of Co-HoSF under the same conditions.

1

Before kinetic and thermodynamic measurements, TEM measurements for both Co(O)OH and Mn(O)OH
indicated that the mineral cores were within the ferritin interiors, and, for both compounds, a distribution of
cores was observed as previously described using TEM. The kinetic and thermodynamic results reported
here arise from reactions of this heterogeneous population of mineral cores but remained constant with
average core size variation.
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Figure 3-3. Time-resolved changes in the optical absorption at 350 nm after mixing CoHoSF ([Co] = 4.06 mM, [HoSF]= 3.67 µM, ~1100 Co/HoSF) and AH2. The conditions
were [AH2] = 0.35 mM; [Co(III)] = 0.02, 0.04, 0.058, 0.077, and 0.095 mM (from bottom
to top); 0.025 M MOPS, and 0.05 M NaCl, pH 9.0 The insert shows the Co(III)
concentration dependence of the reduction of Co-HoSF with AH2.

Figure 3-4. Time-resolved changes in the absorption at 450 nm after mixing Mn-HoSF
([Mn]= 4.07 mM, [HoSF]= 4.1 µM, ~1000 Mn/HoSF) and AH2. The conditions were
[AH2] = 0.24 mM; [Mn(III)] = 0.02, 0.032, 0.043, and 0.06 mM (from bottom to top);
0.025 M MOPS, and 0.05 M NaCl, pH 9.0. The insert shows the Mn(III) concentration
dependence of the reduction of Mn-HoSF with AH2.
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Reduction of Co-HoSF and Mn-HoSF. The equilibrium titrations in Figures 3-5
and 3-6 show the optical spectra of the Co- and Mn-HoSF as AH2 was added
incrementally and allowed to fully react. The absorbances associated with the Co(III)HoSF and Mn(III)-HoSF mineral cores both decreased nonlinearly (in separate
experiments) and eventually reached a limiting value as equilibrium was approached (see
reaction 2).
The stoichiometry of these reactions was established by adding known amounts of
AH2 to either Co- or Mn-HoSF, allowing the reaction to reach equilibrium, making the
solution anaerobic, and then measuring the amount of unreacted M(III)-HoSF remaining
by microcoulometry. D is electrochemically inactive under anaerobic conditions. From
the initial points of the curve in the inset, the stoichiometry of 1.85-2.10 M/AH2 was
determined. When M-HoSF was reduced with AH2 at pH 9.0, no change in pH was
observed in accordance with reaction 2. These measurements establish that the reduction
of both Co- and Mn-HoSF occurs by a single electron reaction. This result, together with
a knowledge of the structure of the oxidized core (45, 47), indicates that M(OH)2 is the
product of M(O)OH reduction and that the limiting spectrum in Figures 3-5 and 3-6 at
high AH2 concentrations corresponds to that of ferritin containing the M(OH)2 mineral
core. The molar absorptivity of the Co(OH)2 mineral core at 350 nm was calculated to be
976 ± 73 M-1 cm-1. That for Mn(OH)2 at 450 nm was 348 ± 61 M-1 cm-1.
The fact that the reduced species remained inside the core was confirmed by
adding excess AH2 to Co-HoSF, allowing the reaction to reach equilibrium and then
either centrifuging the HoSF containing the Co(OH)2 mineral core with a Nanosep
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centrifuge tube containing a 100 kDa membrane or conducting gel filtration on a G-25
column. No precipitate of Co(OH)2 was observed in the initial solution upon reduction
with AH2, little Co2+ passed through the membrane and about 85-90% Co(II) was found
associated with the HoSF fraction retained in the centrifuge tube. G-25 Sephadex gel
filtration of the AH2-reduced solution produced an elution profile in Figure 3-1d,
indicating the protein with the reduced core eluted as native HoSF. These results suggest
that Co(OH)2 is strongly associated with the protein and likely inside the HoSF interior.
The presence of a core in Co(II)-HoSF was confirmed by TEM (Figure 3-1c). Similar
experiments were conducted with Mn-HoSF, and the Mn(OH)2 was also bound as a
mineral core.
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Figure 3-5. Optical titration of Co(III)-HoSF with AH2. The spectra were taken every 15
min after adding 5 µL of 5 mM AH2 to 0.24 mM Co(III)-HoSF in AMPSO buffer (0.025
M with 0.05 M NaCl, pH 9.0). The insert shows that the absorbance at 350 nm decreases
with AH2 addition until it becomes stable when all Co(III)-HoSF is reduced to Co(II)HoSF. At the equivalence point, ~1.8 Co(III) is reduced for each AH2 added.

Figure 3-6. Optical titration of Mn(III)-HoSF with AH2. The insert shows that the
absorbance at 450 nm decreases with AH2 addition. At the equivalence point, ~1.9
Mn(III) is reduced for each AH2 added.
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Thermodynamics of Co- and Mn-HoSF Reduction. From the insert in Figure 3-5
and from the measurement of Co(III)-HoSF concentrations by microcoulometry at
various AH2 concentrations, an equilibrium constant of 5.0 ± 1.9 was determined for
reaction 2 where M = Co. Measurements were made at pH 9. Curve fitting of the optical
titration data is shown in Figure 3-7. Similar experiments conducted for Mn-HoSF
resulted in an equilibrium constant of 2.9 ± 0.9 for reaction 2, where M = Mn. Consistent
with these equilibrium constants, the standard potentials for the reduction of Co(III)HoSF and Mn(III)-HoSF are 42 mV and 27mV, respectively, more positive than that of
the ascorbic acid reaction.
Reaction of M-HoSF with Fe2+.

The reaction of Fe2+ with Co-HoSF was

conducted anaerobically to determine if the contained but oxidized Co(O)OH mineral
core would react with Fe2+ and, if so, to determine the fate of the Fe(O)OH and Co(OH)2
products. Anaerobic conditions assured that the Co(O)OH mineral core was the only
oxidant present. Upon the addition of small aliquots of Fe2+ (0-1 Fe2+/Co3+), Fe2+ was
readily oxidized as evidenced by the lack of [Fe(ophen)3]2+ formation upon addition of
excess ophen; however, no external Fe(O)OH precipitate was evident, suggesting that
iron was deposited within the ferritin interior. This hypothesis was verified by ICP
analysis, which found the added iron associated with the HoSF fraction. The amount of
Co(II) associated with the protein was determined by ICP after centrifuging the reaction
mixture through a 100 kDa membrane contained in a Nanosep microconcentrator or
following G-25 Sephadex chromatography. Figure 3-8 shows that the amount of Co
associated with the HoSF decreased as iron was deposited, indicating the release of Co
from the core. The most probable explanation for this observation is that Fe2+ is oxidized
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by the Co(O)OH mineral core forming Fe(O)OH and releasing Co(II). However, ~20% of
the cobalt remained associated with HoSF, even at Fe2+/Co3+ ratios >1:1. Similar results
were obtained for Mn-HoSF at ~1:1 Fe2+/Mn3+ ratio with about 30% Mn remaining
inside. It is possible that a volume limitation is reached as iron is added, leading to the
release of the less stable M(OH)2. Another possibility is that M(OH)2 is initially formed
on the surface of M(O)OH when Fe2+ makes surface contact, but the more stable
Fe(O)OH prevents the less stable M(OH)2 from forming a stable bulk phase, which, by
itself, is stable within the ferritin interior as shown above.
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Figure 3-7. Determination of equilibrium constant for Co(O)OH-HoSF reduction by AH2
(equation 2). Curve fitting was performed in Kaleidograph. For reaction 2M(III) +AH2 =
[ M ( II )]2 [ D]
2M(II) + D, the equilibrium constant K eq =
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Figure 3-8. Reaction of Co(III)-HoSF and Fe2+ anaerobically in 0.05 M MOPS at pH 8.5,
showing the percent of Co(II) present within HoSF as a function of Fe2+ concentration.
Aliquots of Fe2+ were added to Co(III)-HoSF (3.97 mM Co, 4.3 µM HoSF, ~920
Co/HoSF) so that Fe/Co = 0, 0.44, 0.58, 1.0, and 2.0. Cobalt were determined by ICPAES after centrifuging through a 100 kDa membrane.
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DISCUSSION
The use of supermolecular protein cages of HoSF for synthesis of inorganic
materials of nanometer size has been a recent and important research theme, and a wide
variety of mineral cores have been produced (45, 47). Three general types of reactivity
have been employed to create new core materials: (1) chemical in situ transformation of
the native ferritin iron oxide mineral core, (2) reconstitution of apo ferritin molecules
with redox-active metal ions, and (3) hydrolytic polymerization within the mineral core.
Recently a new route for obtaining nanoparticles of Prussian blue in HoSF was developed
using a denature-renature method (51). Reconstitution of manganese and cobalt
oxyhydroxide mineral cores by the second method appears to mimic the naturally
occurring process involving formation of the Fe(O)OH mineral core and provides an
opportunity to compare similar oxyhydroxide mineral phases containing metals with
different redox properties. In MOPS and AMPSO buffers, HoSF provides scaffolding for
the constrained synthesis of these inorganic materials and plays an active role in
controlling mineralization and preventing nonspecific bulk precipitation. We also
observed that Tris was not as effective in forming mineral cores, possibly because it
chelates Co(II) weakly (102) and thereby competes with HoSF to prevent proper core
development. In the present study, kinetic and thermodynamic properties for the
reduction of Co-HoSF and Mn-HoSF have been measured and are now compared with
those of naturally occurring Fe-HoSF.
The chemical reaction of Fe(III)-HoSF with viologens, in the absence of
chelators, rapidly and quantitatively produces HoSF with a stable Fe(OH)2 mineral core
as previously reported (96). The reaction of Co(III)-HoSF with various viologen
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mediators is also rapid and quantitative, and the resulting Co(OH)2-HoSF is stable for
days as long as pH >8.0 and O2 is absent. The use of chemical reducing reagents with
different redox potentials showed that the M(III)-HoSF mineral cores are readily reduced
and established a reduction potential that was positive relative to that of AH2. In contrast,
the previously reported reduction potential for Fe(III)-HoSF was lower than that of AH2
by approximately 150 mV, precluding reduction by ascorbic acid. These results indicate
that the Co(III)-HoSF is a significantly stronger oxidant than Fe(III)-HoSF. Similar
conclusions apply to Mn(III)-HoSF. Combining the results of reaction 1 with the
corresponding reaction involving iron and taking into account the relative reduction
potentials reported in this study, the Co(III)-HoSF should oxidize the Fe(II)-HoSF core as
shown by
Co(III)-HoSF + Fe(II)-HoSF

Co(II)-HoSF + Fe(III)-HoSF

(3)

This reaction was carried out as part of the present study and was observed to be
rapid at pH 8.0. Also, because there is no net OH- change, it should be independent of
pH at values of pH >7.0, where Fe(OH)2 and Co(OH)2 are stable. The fact that the
reaction occurs presents some interesting mechanistic questions since electrons must
transfer from one core to the other, presumably through the protein shell(s).
Additionally, the rate and extent of reaction will depend on the structure and stability of
the oxyhydroxide mineral cores. Thus, it should be possible to influence the reaction by
changing the nature and/or stability of the mineral cores. Figure 3-2 shows that the
Co(O)OH mineral core can be formed in the HoSF interior with different stabilities and
properties, depending on the conditions used during reconstitution. This and other
possibilities are under investigation in our laboratory.
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As demonstrated above, Co- or Mn-HoSF not only oxidizes Fe(II)-HoSF, but also
Fe2+ added to solution. This Fe2+ is oxidized and enters the ferritin core, displacing a
portion of the Co or Mn that is already present. It seems likely that the less stable M(II)
(M=Co or Mn) is the species that is displaced by the iron and leaves the core. However,
not all of the M was released as ~20-30% remained associated with the mineral core and
was either trapped or perhaps remained attached to the protein interior at nucleation sites,
where the M(O)OH core was initially formed. An understanding of the relative stability
of the different core materials, the rates of core formation, and the processes by which the
cores are formed will be important to the development of methods to create novel types
of mixed-metal cores.
In summary, the present work showed that HoSF containing cobalt or manganese
oxyhydroxide mineral cores can be quantitatively reduced via a single electron reaction to
form a stable M(OH)2 mineral core, where M = Co or Mn. Reduction with AH2 is an
equilibrium process, which is first order in both AH2 and Co-HoSF or Mn-HoSF.
Co(OH)2 and Mn(OH)2 remain within the ferritin interior after reduction with AH2 or
other reductants in the absence of chelators. The cores in Co(III)-HoSF and Mn(III)HoSF are moderately strong oxidants and are able to serve as the sole oxidant for the Fe
deposition into the ferritin interior. When Fe2+ is used as the reductant, it is oxidized and
deposited as Fe(O)OH within the ferritin interior, resulting in the release of 70-80% of
the M(OH)2 from the core.

Reproduced with permission from Inorg. Chem. 2005, 44, 3738-3745.
Copyright 2005 American Chemical Society.
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Chapter 4: Electron Exchange between Fe(II)-Horse Spleen
Ferritin and Co(III)/Mn(III) Reconstituted Horse Spleen and
Azotobacter vinelandii Ferritins
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ABSTRACT
Azotobacter vinelandii bacterioferritin (AvBF) containing 800-1500 Co or Mn
atoms as Co(III) and Mn(III) oxyhydroxide cores (Co-AvBF, Mn-AvBF) was synthesized
by the same procedure used previously for horse spleen ferritin (HoSF). The kinetics of
reduction of Co-AvBF and Mn-AvBF by ascorbic acid are first-order in each reactant.
The rate constant for the reduction of Mn-AvBF (8.52 M-1 min-1) is ~12 times larger than
that for Co-AvBF (0.72 M-1 min-1), which is consistent with the observation in Chapter 3
that Mn-HoSF is reduced ~10-fold faster than Co-HoSF. The rates of reduction of MAvBF (M = Co and Mn) are more than twice that for the reduction of the corresponding
M-HoSF. HoSF containing reduced Fe(II) cores (Fe(II)-HoSF), prepared by methyl
viologen and CO, also reduces M-HoSF and M-AvBF species, with both cores remaining
within ferritin, suggesting that electrons transfer through the ferritin shell. Electron
transfer from Fe(II)-HoSF to Co-AvBF occurs at a rate ~3 times faster than that to CoHoSF, indicating that the Co cores in AvBF are more accessible to reduction than the Co
cores in HoSF. The presence of nonconductive (SiO2) or conductive (gold) surfaces
known to bind ferritins enhances the rate of electron transfer. A more than ~4-fold
increase in the apparent reaction rate is observed in the presence of gold. Although both
surfaces (SiO2 and gold) enhance reaction by providing binding sites for molecular
interaction, results show that ferritins with different mineral cores bound to a gold surface
transfer electrons through the gold substrate so that direct contact of the reacting
molecules is not required.
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INTRODUCTION
Ferritins are naturally occurring iron storage proteins that contain up to 4500 Fe
atoms as Fe(O)OH within their hollow 8.0 nm spherical protein interiors (1, 12). Most
ferritins from plants, animals, and bacteria share a common structure consisting of 24
similar subunits arranged in 432 symmetry to form two-, three-, and four-fold symmetry
axes. A recently identified ferritin-like DNA protection protein isolated from Listeria
innocua is, however, composed of 12 identical 18 kDa subunits, which self-assemble into
an empty cage having 23 symmetry (95). Hydrophilic channels that are ~0.4 nm in
diameter penetrate the protein shell along the three-fold symmetry axes and are
considered the pathways for Fe(II) entry during iron deposition. The mineral core of
ferritins is easily removed by reduction and chelation to form apo ferritin, and new
mineral cores can be reconstituted by addition of M2+ in the presence of an oxidant,
which is usually O2.
Since the first synthesis of inorganic nanophase materials in this supramolecular
protein cage (99), there has been great interest in the fabrication of nanoparticles by
taking advantage of the “nano-reactor” activity of the inner cavity of ferritin for
biomineralization. These new ferritin mineral cores range from Co (45), Mn (46, 47),
magnetite (48), Ni, and Cr nanoparticles (49), all resembling native ferritin cores, to
mineral cores containing technologically interesting materials such as CdS (50).
Earlier studies showed that, in the absence of chelators at pH >7.0, the oxyhydroxide cores of animal ferritins and the phospho-hydroxide mineral cores of
bacterioferritins undergo rapid reversible reduction at potentials of –250 to –420
mV/NHE to produce stable Fe(II) cores with all iron atoms remaining within the ferritin
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interior (40). An important aspect of core reduction is how electrons enter and leave the
mineral cores through the 2.0 nm protein shell, and two mechanisms have been proposed.
These are (1) diffusion of small redox reagents (<0.40 ~ 0.60 nm) into the ferritin interior
via the three-fold channels with direct reaction at the mineral surface and (2) electron
transfer through the protein shell.
Various studies have evaluated the rates of entry of small molecules into the
ferritin interior via the protein pores and suggest this process is slow, occurring over tens
of minutes, and is highly dependent on the size and charge of the diffusant (103-106). It
seems unlikely then, that large reductants enter the channels to directly and rapidly
reduce the mineral cores (40, 96). This conclusion is consistent with experiments where
reductants too large to enter the channels were found to rapidly reduce the mineral core,
suggesting that electron transport pathways extend through the protein shell (40). Redox
centers were reported in animal ferritins that might mediate such transfers (96). In
bacterioferritins, 12 heme groups are located on the inner surface of the protein and span
about one-half of the protein shell (24). It was proposed that these heme groups facilitate
the electron transfer (ET) through the bacterioferritin shell (96, 97, 107).
In addition to these previous redox studies, recent results show that ferritins
absorb on metal electrode surfaces, which provides an alternative method for examining
the reduction properties of surface-bound ferritins. Using cyclic voltammetry, Zapien et
al. were able to measure the direct electron transfer between ferritin and bare or modified
gold electrodes, and well-defined current-potential curves were observed (61, 62).
Controlled potential electrolysis measurements indicated that adsorption of ferritins
preceded electron transfer and the number of electrons transferred corresponded to the
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number of iron atoms present in the core. Huang et al. also showed that pig spleen ferritin
reacts directly with Pt electrodes and undergoes reversible redox reactions (108). More
recently, Xu et al. performed electrical conductivity measurements on both single
molecules and monolayer films of ferritins on flat gold surfaces using conductive AFM
(109). These studies indicate that electron transfers through the ferritin shell, and that the
mineral core enhances the electronic conductivity of the protein.
In Chapter 3, we measured the rate of reduction and the reduction potentials of
Co- and Mn-HoSF and showed that the mildly oxidizing Co and Mn cores could be
reduced to form stable Co(II) and Mn(II) cores retained within the ferritin interiors (54).
The ability to make ferritins with both oxidizing and reducing mineral cores presents an
opportunity to evaluate electron exchange between ferritins containing mineral cores with
different redox states. Such studies may provide insights into how electrons are
exchanged from the mineral core through the protein shell to external redox agents during
the physiological functions of iron storage and release.
In this chapter, we measured the kinetics of reduction of Azotobacter vinelandii
bacterioferritin (AvBF) containing Co or Mn mineral cores using two reductants, ascorbic
acid and Fe(II)-HoSF. The measured rates were compared to rates from similar
experiments performed with the HoSF analogues. The influence of gold and SiO2
surfaces on the reaction rates was also examined. The present work has shown, for the
first time, that ferritins containing oxidizing or reducing cores can serve as electron
acceptors or donors, and exchange their electrons through the protein shell by direct
contact when free in solution or at a faster rate when bound to either a nonconducting or a
conducting surface.
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MATERIALS AND METHODS
Holo HoSF was obtained from Sigma, and iron was removed by the thioglycollic
acid procedure (100), followed by reaction with dithionite in the presence of bipyridine.
Twice crystallized holo and apo AvBF with 12 hemes per 24-mer were isolated and
characterized as previously described (96). HoSF with Co(III) and Mn(III) oxyhydroxide
cores, Co-HoSF and Mn-HoSF, respectively, were prepared at pH 9.0 as previously
described (45, 46, 54). AvBF with Co(III) and Mn(III) oxyhydroxide cores, Co-AvBF
and Mn-AvBF, respectively, were prepared by the same procedures. Protein
concentrations were determined using the Lowry method and confirmed by the
absorbance at 280 nm ( = 470,000 M-1 cm-1) for the apo HoSF 24-mer (59). The metal
content in the ferritin core was determined by ICP spectroscopy (Optima 2000).
Kinetics of M-AvBF Reduction by Ascorbic Acid. The kinetics of Co-AvBF
reduction by ascorbic acid (AH2) were monitored at 350 nm by an HP-8453 UV-visible
spectrometer. The AH2 concentration was kept in excess and thus was essentially constant
throughout the course of an experiment. Aliquots of Co-AvBF ([Co] = 1.59 mM, [AvBF]
= 1.26 µM, ~1210 Co/AvBF) were added to 1 mL of MOPS buffer (0.025 M at pH 9.0
with 0.05 M NaCl), and the optical spectra were taken to determine the extinction
coefficient of Co(III)-AvBF at 350 nm. Then, excess AH2 (100 µL, 5 mM) was added,
and the decreasing absorbance at 350 nm was recorded as a function of time. The final
absorbance at 350 nm was due to Co(II)-HoSF, the concentration of which was verified
by coulometry as described previously (54).
The kinetics of Mn-AvBF reduction by AH2 were determined both on a stoppedflow kinetic instrument (Applied Photophysics, U.K.) and with the flow-cell system
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described previously (41). Similar results were obtained from both methods. In the flowcell measurement, aliquots of Mn-AvBF ([Mn] = 3.09 mM, [AvBF] = 2.56 µM, ~1200
Mn/AvBF) were diluted to 2 mL with MOPS or AMPSO buffer, pH 9.0. The spectra
were taken, and then 100 µL of AH2 (5 mM) was added. The absorbance change at 450
nm, the wavelength where Mn(O)OH absorbs, was recorded against time.
Reduced Fe(II) Core of HoSF. HoSF containing a reduced iron core (Fe(II)HoSF) was prepared at pH 8.0-9.0 by reduction of holo HoSF with reduced methyl
viologen (MVr) in a Vacuum Atmospheres glovebox at oxygen concentrations <0.1 ppm
(Nyad O2 Monitor). Electron exchange reactions between various ferritins were also
conducted under these anaerobic conditions to prevent inadvertent oxidation by O2.
Fe(II)-HoSF prepared by low potential chemical reductants is susceptible to Fe2+ loss by
chelation; thus, the nonchelating MVr reductant was used to minimize Fe2+ loss (110).
Generally, 1.0 mL of holo HoSF ([HoSF] = 0.1 mM, [Fe] = 0.18 M) in 25 mM MOPS
and 50 mM NaCl, pH 8.0, containing 0.1-0.5 mM MVo was made anaerobic, and 0.1 µM
CO dehydrogenase (111, 112) (CODH from Rhodosprillium rubrum, was obtained from
Dr. Richard Watt at the University of New Mexico) was added at 1.0 atm of CO. The
intense blue color of MVr rapidly formed, and the reaction was allowed to continue for 30
min, during which Fe(II)-HoSF was formed as outlined by reactions 1-4.
CO + H 2 O CODH
→ CO2 + 2e − + 2 H +

(1)

2 MVo + 2e − 
→ 2 MVr

(2)

2 MVr + 2 Fe(O)OH + 2 H 2 O 
→ 2 Fe(OH ) 2 +2 MVo + 2OH −

(3)

CO + 2 Fe(O)OH + H 2 O 
→ CO2 + 2 Fe(OH ) 2

(4)

84

The residual MVr and/or any unstable Fe(II) were removed by cation-exchange
chromatography using an anaerobic 0.5 cm x 3.0 cm column of Dowex 50W-X8 cationexchange resin (J. T. Baker). The Fe2+ content in this newly formed, nearly colorless
Fe(II)-HoSF was measured optically by reaction with o-phenanthroline (ε511

nm

= 9640

cm-1 M-1) or 2,2’-bipyridine (ε520 nm = 8400 cm-1 M-1) and confirmed by ICP.
Electron Exchange between Ferritins Free in Solution. The kinetics of Co-HoSF
and Co-AvBF reduction by Fe(II)-HoSF were determined at pH 9.0 by measuring the rate
of Fe2+ decrease as Fe(II)-HoSF transfers electrons to the Co(III) cores in the other
ferritin. Direct monitoring of the absorbance of Co cores is not possible because of the
formation of the interfering Fe(III) core. Fe(II)-HoSF containing ~1500 Fe ([Fe(II)] =
0.76 mM, [HoSF] = 0.51 µM) and Co-HoSF ([Co] = 3.51 mM, [HoSF] = 2.91 µM) or CoAvBF ([Co] = 1.59 mM, [AvBF] = 1.26 µM) containing 800-1300 metal atoms were
added anaerobically at a 1:1 ratio of metal ions to 1 mL degassed MOPS (25 mM, pH 9.0,
and 50 mM NaCl). At ~30 s intervals, 0.2 mL of the mixed solutions was transferred to
separate vials containing excess ophen or bipyridine in 0.8 mL of buffer. The amount of
[Fe(ophen)3]2+ or [Fe(bipy)3]2+ that formed established the amount of unreacted Fe(II)
that had not undergone electron transfer. The reaction was also conducted at pH 7.5 to
evaluate the effect of OH- concentration on the rate of ET.
As a control, similar experiments were conducted anaerobically in a dialysis cell
with Fe(II)-HoSF and Co-HoSF or Co-AvBF separated by a 10 kDa MW cutoff dialysis
membrane. About 1.5 mL of each ferritin solution was placed in separate compartments
of the dialysis cell and stirred. Then 100 µL aliquots were removed from the Fe(II)-HoSF
side and reacted with excess ophen over a period of >2 h. During this interval, no loss of
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Fe2+ occurred. All of the electron exchange experiments were repeated with ferritins
containing similar but slightly different-sized cores, and similar results were obtained.
Electron Exchange on a Gold or SiO2 Surface. The effect of a gold surface on the
ET process was evaluated by putting a clean gold foil (~1.8 cm2) into the MOPS buffer
(25 mM, pH 9.0, and 50 mM NaCl) followed by simultaneous addition of Fe(II)-HoSF
and Co-HoSF or Co-AvBF at the same concentrations as above. The gold foil was
originally cleaned in “Piranha” solution (a mixture of 7 parts of H2SO4 and 3 parts of
H2O2) and thoroughly rinsed with MilliQ water. The cleanliness of gold surfaces was
checked by atomic force microscopy (AFM). The solution was stirred, and the progress
of the reaction was recorded optically with ophen as described above. Similar electron
exchange experiments were conducted with SiO2, Pyrex and polypropylene surfaces to
determine how these surfaces affected the rate of ET between various ferritins.
To further establish the role of gold as the ET pathway, the same dialysis cell with
Fe(II)-HoSF and Co-HoSF separated by a membrane was employed except that two gold
electrodes were inserted in the Fe(II)-HoSF and Co-HoSF solutions (both at pH 8),
respectively, through a hole in the wall of the dialysis cell. The two gold electrodes were
then connected to a high-impedance voltammeter, and the cell voltage was recorded. The
two electrical leads were next connected directly to short-circuit the “bulk cell” or
through a Load Measurement Box (Heliocentris Energie System) to measure the potential
difference between Fe(II)-HoSF and Co-HoSF and to control the rate of cell discharge.
The Fe(II) concentration in the Fe(II)-HoSF compartment was measured optically using
ophen during cell discharge to correlate current flow with conversion of Fe(II)-HoSF to
Fe(III)-HoSF.

86

RESULTS
The formation of Co or Mn cores within AvBF occurred at about the same rates
as in HoSF and produced similarly sized cores. Extensive protein precipitation occurred
when the formation of mineral cores containing >2000 metal atoms was attempted. The
mineral cores were stable for months when maintained at pH values greater than 8.0.
Similar optical spectra were obtained for the HoSF (54) and AvBF mineral cores, except
that Co- and Mn-AvBF had the oxidized heme Soret spectrum (113) superimposed (~420
nm), as shown in Figure 4-1. This result suggests that the Co and Mn cores formed in
these two different ferritin species are similar (98). We reported previously that both CoHoSF and Mn-HoSF could be reduced by a variety of reducing agents, and that the
reduction of Co-HoSF was 10-fold slower than that of Mn-HoSF when ascorbic acid was
used as the reductant (54). In both cases, the M(II) cores in HoSF interior were stable for
long periods. The present study compares the behavior of bacterioferritins containing
similar mineral cores with that previously observed for HoSF.
Co-AvBF and Mn-AvBF Reduction by AH2.

Figure 4-2 shows a series of

measurements for the reduction of Co-AvBF by AH2 as a function of Co concentration at
pH 9.0. The reaction is typically completed within 10 min. A plot of the initial rate as a
function of the Co concentration with a 10-fold excess of AH2 gives a straight line as
shown in the inset, indicating that the reaction is first-order in Co-AvBF. When a
constant and excess amount of Co-AvBF was reacted with increasing amounts of AH2, a
similar linear plot was observed, indicating a first-order reaction in ascorbic acid. An
overall second-order rate constant of 0.72 M-1 min-1 was determined and is about 1.5
times faster than that of 0.53 M-1 min-1 for the reduction of Co-HoSF (54). The molar
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absorptivities of the Co(III) and Co(II) cores in AvBF at 350 nm were determined to be
1761 ± 90 and 821 ± 40 M-1 cm-1, respectively, and are similar to those of the respective
cores in HoSF, indicating that similar cores are formed in both ferritins. The reaction of
Mn-AvBF with excess but constant AH2 is shown in Figure 4-3 and is much faster than
that of Co-AvBF. The reaction was also first-order in both Mn-AvBF and AH2. The
molar absorbances of the Mn(III) and Mn(II) cores in AvBF at 450 nm were 747 ± 26
and 248 ± 16 M-1 cm-1, respectively, and are similar to those for the respective cores in
HoSF. The second-order rate constant of 8.52 M-1 min-1 for Mn-AvBF was about twice
of Mn-HoSF and ~12-fold faster than that of Co-AvBF. This result is consistent with
previous observations that the reduction of Mn-HoSF was ~10-fold faster than that of CoHoSF using AH2 as the reductant (54). Because the protein shell is constant in both CoHoSF and Mn-HoSF, and different but constant in Co-AvBF and Mn-AvBF, the ~10_12fold increase in rate for the reduction of Mn(III) cores relative to the Co(III) cores must
reflect differences in the reducibility of the cores themselves.
Comparison of the reduction rate of Co-HoSF and Co-AvBF or Mn-HoSF and
Mn-AvBF by AH2 shows that the reduction of similar mineral cores is 1.5-2.0 times
faster with AvBF than HoSF. Possible explanations for this behavior are discussed later.
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Figure 4-1. Optical spectra of 0.06 µM AvBF, Co-AvBF (0.072 mM Co, [AvBF] = 0.058
µM) and Mn-AvBF (0.075 mM Mn, [AvBF] = 0.062 µM). The absorption at 417 nm is
due to the oxidized heme group, but otherwise, the spectra are similar to those of CoHoSF and Mn-HoSF (54).
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Figure 4-2. Kinetics of Co-AvBF ([Co] = 1.59 mM, [AvBF] = 1.26 µM, ~1210
Co/AvBF) reduction by ascorbic acid (100 µL, 5.0 mM) in 1.0 mL 0.025 M MOPS, and
0.05 M NaCl, pH 9.0. The Co concentration of Co-AvBF was from bottom to top: 0.016,
0.031, 0.046, 0.076, and 0.104 mM. Inset: Initial rate was plotted as a function of Co
concentration.
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Figure 4-3. Kinetics of Mn-AvBF ([Mn] = 3.09 mM, [AvBF] = 2.56 µM, ~1200
Mn/AvBF) reduction by ascorbic acid (100 µL, 5.0 mM) at 0.008, 0.015, 0.023, 0.031,
and 0.046 mM Mn-AvBF in 2.0 mL 0.025 M MOPS, and 0.05 M NaCl, pH 9.0. Only the
kinetic curves at the first and fourth concentration of Mn-AvBF were shown, and the
others were omitted for clarity. Inset: Initial rate was plotted as a function of Mn
concentration.

Scheme 4-1. Electron Transfer Is Proposed to Occur from the Fe2+ Mineral Core of HoSF
to the Co3+ /Mn3+ Mineral Core of HoSF or AvBF through the Respective Protein Shells

e-

Fe2+-ferritin

Co3+/Mn3+-ferritin

90

Electron Exchange between Fe(II)-HoSF and M-HoSF. Having established that
Co- and Mn-AvBF are easily synthesized and are reduced by AH2 at rates ~2-fold faster
than their corresponding HoSF analogues, we sought to evaluate their reducibilities by
Fe(II)-HoSF and compare them to those of Co- and Mn-HoSF. Such a comparison with
the common and large electron source, Fe(II)-HoSF, should also provide additional
insights into the electron transfer (ET) process through the ferritin protein shells.
When the procedure described above was used, Fe(II)-HoSF was readily formed
with greater ease and reproducibility than the methods used previously (40, 96). The rate
of Fe2+ release from Fe(II)-HoSF by bipyridine or ophen was much faster than the rate of
electron exchange, allowing the reaction to be followed by measuring the Fe2+
concentration remaining in Fe(II)-HoSF as a function of time.
The upper curve in Figure 4-4 shows that, when Fe(II)-HoSF and Co-HoSF were
mixed at pH 9.0, the amount of Fe2+ present in Fe(II)-HoSF decreased to near zero within
4 min. Reaction 7 summarizes the overall electron exchange reaction, and Scheme 4-1 is
a schematic view of the process. Although reaction 7 shows no overall OH- exchange and
would appear to be independent of pH, it can be viewed conceptually as the sum of
reaction 5, which takes up one OH-, and reaction 6, which releases an OH-. Therefore, it
is possible that the overall rate may be influenced by pH.
Fe(II)-HoSF + OH- = Fe-HoSF + H2O + e

(5)

Co-HoSF + H2O + e = Co(II)-HoSF + OH-

(6)

Fe(II)-HoSF + Co-HoSF = Fe-HoSF + Co(II)-HoSF

(7)
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However, when reaction 7 was run at pH 7.5, no change was seen, indicating that
over this pH range the ~15-fold change in OH- concentration does not alter the rate.
Because the M(II)-HoSF (M = Fe, Co, and Mn) species are not stable below pH 7 and the
protein denatures above pH 10, further evaluation of the pH effect was not performed.
Although Fe(II)-HoSF is stable at pH 8.0 with respect to Fe(OH)2 = Fe2+ + 2OH-,
the possibility exists that some Fe2+ ions dissociate from Fe(II)-HoSF and rapidly migrate
through the solution into the Co-HoSF cavity to reduce the Co core, forming an Fe(OH)3
precipitate (54). However, this possibility was ruled out because, at the conclusion of the
experiment, the solution was centrifuged and no precipitate was observed. To further
eliminate the possibility of Fe2+ transfer, Fe(II)-HoSF and Co-HoSF or Co-AvBF were
placed in two compartments of a dialysis cell separated by a 10 kDa membrane, through
which small ions such as Fe2+ and OH- can transfer but not the ferritin molecules. Thus,
free Fe2+ released from Fe(II)-HoSF would be able to move across the membrane, while
the iron associated with the ferritin would not. Analysis showed that no iron transfer from
the Fe(II)-HoSF compartment to the Co-HoSF compartment occurred over a 2-h period
(Figure 4-5, upper curve). Similar results were obtained when Fe(II)-HoSF and Co-AvBF
were separated in the same way. These results established that when ferritins with Fe(II)
and Co(III) cores were separated by a dialysis membrane, no electron exchange occurred
and no free Fe2+ was transferred. For electron exchange to occur, direct contact of these
two ferritin species is required when both are free in solution.
Using the same dialysis cell, we conducted another important experiment. A gold
electrode was placed in each compartment and then connected to a high-impedance
voltammeter. A stable (>30 min) voltage of 0.45 V was measured, which is equivalent
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to 0.41 ± 0.05 V predicted from the measured Co(III)-HoSF and Fe(II)-HoSF half cells
(54). Similarly, a voltage of 0.35 V was measured when Mn(III)-HoSF and Fe(II)-HoSF
were placed in the two compartments and connected through a gold electrode. When the
cell was short-circuited, current flowed through the circuit and Fe(II) content of Fe(II)HoSF decreased by 80% in ~1.0 min, indicating that ET occurred between the ferritin
molecules on opposite sides of the membrane and ferritin was in electrical contact with
the electrode. At the end of the experiment, the current flow was 0, and Co(II)-HoSF and
Fe(III)-HoSF were formed. Since no Fe2+ was transferred, the only way for electrons to
exchange between the separated ferritins was for the two HoSF species to communicate
directly with the electrodes and transfer electrons through the gold electrodes.
Electron Exchange between Fe(II)-HoSF and M-AvBF. The top curve in Figure
4-4 and the middle curve in Figure 4-5 compare the rate of ET between Fe(II)-HoSF and
Co-HoSF (the protein shell is in common) with that between Fe(II)-HoSF and Co-AvBF
(different protein shells). The rate with Co-AvBF is ~4-fold faster than that with CoHoSF, a result consistent with the faster reduction of Co-AvBF by AH2 relative to CoHoSF. Electron exchange between Fe(II)-HoSF and Mn-HoSF was also measured using
the same procedure, and the reaction was complete in 30 s or less, consistent with the
~10-fold faster reduction rate of Mn-HoSF over that of Co-HoSF, which would
correspond to a minimum of 24 s for completion. This result demonstrates that ET
through both protein shells is not limiting and is faster than the reduction of the Mn
mineral core. It also suggests that (1) Co core is reduced more slowly than the Mn core
when constrained in the same type of ferritin cavity and (2) reduction of the mineral core
in AvBF is faster than the corresponding core in HoSF using Fe(II)-HoSF as reductant.
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Figure 4-4. Electron exchange between Fe(II)-HoSF and Co-HoSF in MOPS (pH 9) in
the absence (♦) and presence ( ) of a gold foil (~1.8 cm2), as monitored by the
decreasing concentration of Fe(II) using ophen. The solid lines are single-exponential
fits. Fe(II)-HoSF (0.086 mM Fe2+, 0.058 µM HoSF), Co-HoSF (0.086 mM Co, 0.070 µM
HoSF), in 1.2 mL 0.025 M MOPS and 0.05 M NaCl, pH 9. A total of 200 µL of solution
was taken out each time to 0.8 mL of ophen in MOPS, and absorbance at 511 nm was
recorded. Inset: In the presence of a 2.3 cm2 gold ( ) or 3.8 cm2 SiO2 surface ( ).
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Figure 4-5. Electron exchange between Fe(II)-HoSF and Co-AvBF in MOPS (pH 9)
separated by a membrane ( ), in the absence (♦) and presence ( ) of a gold foil (~1.8
cm2), using same procedures as above. Fe(II)-HoSF (0.065 mM Fe2+, 0.045 µM HoSF),
Co-AvBF (0.066 mM Co, 0.052 µM AvBF). No Fe(II) decrease was observed over 2 h
when Fe(II)-HoSF and Co-AvBF were separated by a dialysis membrane.
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Presence of a Gold or SiO2 Surface. Ferritins are known to bind to metal surfaces
(114, 115), and electron exchange may occur between the mineral cores and metal surface
through the protein shell when a proper voltage is applied (61, 62, 108, 109). The results
from the above electrochemical cell confirm the ability of ferritins to transfer electrons
directly to metal electrodes, presumably through the protein shell. These results also
predict an important role of the surfaces in facilitating ET, which is verified by the lower
curve in Figure 4-4. Upon the addition of a small piece of clean gold (1.8 cm2), the
reaction rate increased >4-fold under otherwise identical conditions. To further evaluate
this enhancement of ET, additional experiments were performed with Fe(II)-HoSF and
Co-HoSF mixed in the presence of either a gold (2.3 cm2) or a SiO2 surface (3.8 cm2)
deposited on Si chips. The results are shown in the inset to Figure 4-4, and the apparent
rate constants of 1.87 and 1.56 min-1 for gold and SiO2, respectively, were obtained by
fitting the curves to an exponential function. When normalized to the same surface area,
both SiO2 and gold bind the same amount of Fe(II)-HoSF (4 × 10-4 mM Fe2+/cm2,
calculated from the absorbance decrease upon addition of the SiO2 or gold surface),
corresponding to a monolayer coverage of ferritin. Pyrex and polypropylene surfaces did
not appear to bind ferritins and did not enhance ET.
Figure 4-5 shows that the presence of a gold foil also enhances the rate of ET
between Fe(II)-HoSF and Co-AvBF by ~4-fold (lower curve) relative to the rate observed
without gold (middle curve). The enhancement of ET by the gold surface was not
quantitatively determined for Fe(II)-HoSF and Mn-HoSF or Mn-AvBF, because the
reactions were concluded before analysis could be performed. All of the reaction profiles
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were fit to an exponential function, and the apparent rate constants are summarized in
Table 4-1.

Table 4-1. First Order Rate Constants from Exponential Fit of the Electron Exchange
Reactions between Fe(II)-HoSF and Co-HoSF and -AvBF in the Absence and Presence
of a Surface

Co-HoSF
- Au

k, min-1

0.44±0.03

Co-HoSF
Au

Au

SiO2

(1.8 cm2)

(2.3 cm2)

(3.8 cm2)

1.75±0.11

1.87±0.13

1.56±0.10

Co-AvBF

Co-AvBF

- Au

Au

1.46±0.09

5.30±0.35
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DISCUSSION
Although some differences in overall amino acid contents and sequences are
noted between AvBF and HoSF, and the ferroxidase centers are somewhat different (1,
24), they do not interfere with the convenient formation of the two nonphysiological Co
and Mn core types in AvBF (98). What is most conspicuous is the presence of 12 heme
groups in AvBF and their absence in HoSF, and the presence of 3-4 endogenous protein
redox centers (RCs) involving Trp93 in the H-subunit in HoSF and their absence in
AvBF (40, 116, 117). The role of these two types of redox centers in HoSF and AvBF is
not known but has been proposed to be electron-transfer sites that facilitate ET across
their respective protein shells (40, 117). Electron transfer across the ferritin shell is an
important aspect of ferritin function, and at least two types of reactivity have been
envisioned: (1) direct reductant entry into the ferritin interior and (2) ET through the
ferritin shell. Evidence for both types of reactivity has been presented (40, 118). Here,
we explore the physical processes that accompany redox reactions of mineral cores in
both HoSF and AvBF using (1) negatively charged ascorbic acid of nominal size to that
of the three-fold channel openings and (2) Fe(II)-HoSF with a reducing mineral core
whose overall dimensions are too large to enter the ferritin channels. Experiments using
these two types of reductants provide insights into the ET process through the ferritin
shell, and the reduction properties of the mineral particles within the ferritin interior.
AH2 Reduction. The overall rate law for reduction of Co-AvBF and Mn-AvBF
with AH2 is identical to that of the corresponding HoSF species. It was also found that
Co-AvBF was reduced ~12-fold slower than Mn-AvBF. A similar difference was
observed for Co-HoSF relative to Mn-HoSF (54). With the same reductant and the same
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protein shell in common (either AvBF or HoSF), the observed difference in rate must be
due to a difference in the reduction rate of the cores themselves, which is attributable, at
least in part, to a greater stability of the Co(III) mineral core relative to Mn(III).
The type of ferritin also influenced the rate for a given core. In each case, the MAvBF species are reduced ~2 times faster by AH2 than the corresponding M-HoSF
species. This behavior was initially attributed to the different natures of these two protein
shells: the permeability or the conductivity. However, the 10_12-folds differences in the
reduction rates of Co and Mn mineral cores constrained in a common ferritin cavity
suggest that the ferritin shells do not limit the reaction rates. Thus, two possible
explanations for this behavior are (1) the nature of the mineral core in bacterioferritin
enhances its reactivity and (2) the core in AvBF is connected to the protein shell in a
manner that facilitates ET relative to transfer in HoSF. In either case, the results indicate
that ET through the protein shell is not the limiting process in the reaction.
Initial results presented contradictory views as to whether molecules of the size of
AH2 could diffuse into the interior and reduce the core directly (103, 104), but recent
EPR studies showed that molecules with nominal diameters of 0.7-0.9 nm typical of AH2
do gain access to the ferritin interior but only slowly (106, 119). Therefore, it is unlikely
that AH2 transfers through the ferritin channel and reduces the Co or Mn cores directly
because of two factors: (1) it takes ~60 min for a nitroxide radical of similar size to AH2
to penetrate the ferritin shell (119), while Figures 4-2 and 4-3 show that the reduction of
Co and Mn mineral cores in AvBF are reduced in less than 1-8 min, a time much faster
than that can be accounted for by diffusion and (2) with a pKa of 4.1, AH2 is negatively
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charged at pH 9.0, and negatively charged groups of this nominal size are completely
excluded from the HoSF interior (119).
The ET pathway across the AvBF shell for reduction by AH2 was initially thought
to be due to the presence of the 12 redox-active heme groups partially spanning the AvBF
protein. However, the redox potential of AH2 is +0.05 V at pH 8.0-9.0, while the
reduction potential of the heme group in holo AvBF is -0.42 V,1 making this explanation
unlikely. The results indicate that for AH2 an alternative ET pathway exists in the AvBF
shell, which Scheme 4-2 suggests is electron tunneling. While heme is excluded as a
likely endogenous ET agent for AH2 reduction, it may be functional for reductants with
more negative reduction potentials, such as Fe(II)-HoSF.
A similar analysis applied to reduction of Co- and Mn-HoSF mineral cores
suggests that the HoSF protein shell also must have an endogenous ET pathway for
reduction by AH2 that is different from the redox center known to be present that operates
at – 0.31 V (Scheme 4-2) at pH 8. As with the heme group discussed above, this redox
center in HoSF may function with reductants with a more negative reduction potential.
The possibility that heme in AvBF and RC in HoSF conduct ET is next considered.

1

The heme reduction potential in apo AvBF is –0.23 V, and that quoted for holo AvBF is –0.42 V. The
difference was attributed to the heme-mineral core interaction (16). We assume here that the Co and Mn
mineral cores in AvBF have the same effect as the Fe mineral core and that the heme reduction potential is
–0.42 V for Co- and Mn-AvBF.
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Scheme 4-2. A Schematic Representation of the Redox Potentials for the Oxidants,
Reductants and Mediators: Heme in AvBF and the Protein Redox Center (RC) in HoSF at
pH 8.0a

Reduction
potential, V -0.5

Reductant
Fe(II)-HoSF

-0.4

Oxidant
Heme (AvBF)

Fe(III)-HoSF

PRC (HoSF)

-0.3
-0.2
-0.1
0
0.1

AH2

e tunneling?

Co(III)-HoSF
Mn(III)-HoSF

0.2

a

With AH2 as reductant, the Co and Mn mineral cores in HoSF or AvBF might be reduced by

electron tunneling through the 2.0 nm protein shell, the mechanism of which is not known. With
Fe(II)-HoSF as reductant, the redox active centers (heme or RC) mediate the electron transfer.
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Electron Transfer from Fe(II)-HoSF to M-HoSF. The large size of Fe(II)-HoSF
and the observation that Fe2+ remains in the interior of the ferritin suggest that ET must
occur directly between Fe(II)-HoSF and Co- and Mn-HoSF through each of the ~ 2.0 nm
protein shells that isolate the mineral cores. In contrast to reduction by AH2, ET using
the redox center in HoSF is now thermodynamically feasible because Fe(II)-HoSF is a
strong reductant at pH 9.0 with an E’ value of -0.42 V (120). Thus, ET may occur
rapidly through the redox centers present in the ferritin shells when Fe(II)-HoSF and Coor Mn-HoSF encounter each other in solution. It is known that reducing proteins and
organic molecules too large to enter the channel openings are capable of rapidly reducing
these redox centers in HoSF (40, 116, 120). Further support comes from the anaerobic
addition of Fe2+ to HoSF with oxidized RCs, which produces Fe3+ and presumably
reduces the redox centers, suggesting the redox centers function in Fe2+ oxidation (121).
Ongoing experiments in our laboratory found that large molecule oxidants, such as
cytochrome c, are capable of depositing Fe(II) into HoSF, but not as effectively into
homopolymers (all heavy or all light chain ferritins) that have no RCs present (117).
Taken together, these results indicate that the RCs in HoSF may act as intermediates
(Scheme 2) and subsequently transfer electrons to the mineral cores much faster than
electron tunneling as proposed for AH2.
Electron Transfer from Fe(II)-HoSF to M-AvBF. Comparison of Figure 4-5 with
Figure 4-4 shows that the rate of Co-AvBF reduction by Fe(II)-HoSF is twice as fast as
that observed for Co-HoSF, a result which is consistent with that observed with AH2.
Similarly, this increase in rate could arise from several factors: (1) while apparently
identical, the Co mineral cores in HoSF and AvBF could be sufficiently different to affect
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the kinetics of the mineral core reduction; (2) the mineral cores attach to the protein shell
differently, modifying the rate of reduction; and (3) the rate of ET through the AvBF
protein shell may be faster than that through the HoSF shell. However, the rapid electron
exchange between Fe(II)-HoSF and Mn-AvBF establishes that ET through the ferritin
shell is not limiting and thus eliminates possibility 3 above. A previous kinetic study of
iron release from AvBF suggested that some iron atoms are associated with the heme
groups that limit the reduction rate of the core iron (107). Thus, differences in the
attachment of the Co or Mn mineral cores to HoSF and AvBF protein shells may explain
the differences in rate of ET to the two ferritin species from the common Fe(II)-HoSF
reductant. Although Co and Mn oxyhydroxides are nonphysiological mineral cores, the
lower accessibility of these cores in HoSF to external reductants relative to AvBF could
suggest a better protection of iron to environmental change by the higher organisms.
Effect of Gold and SiO2 Surfaces. Ferritins adsorb to clean gold surfaces or gold
electrodes modified by self-assembled monolayers and exchange electrons with these
metal electrodes (61, 62, 108, 109). Figures 4-4 and 4-5 show a nearly 4-fold increase in
rate upon addition of a small piece of gold to the ferritin-containing solutions. The gold
surface may enhance the rate in at least two ways. First, the presence of the surface
increases the collision frequency between the two ferritin types. We refer to this
possibility as “surface enhancement”. The second possibility is that the gold conductor
provides an ET pathway so that it is not necessary for the ferritin molecules to contact
one another but only contact the gold surface to exchange electrons.

This second

possibility is considered “conduction enhancement”.
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To distinguish which of these mechanisms function, the reactions were run in the
presence of an insulating SiO2 surface that also binds ferritin (122). The SiO2 surface can
only contribute to surface enhancement by providing reaction sites, which may increase
the collision frequency of the bound HoSF species or provide lower activation energy for
the electron-transfer reaction. The inset in Figure 4-4 demonstrates surface enhancement
by SiO2. When both gold and SiO2 surfaces bind the same amount of ferritin per cm2, the
reaction rates show that SiO2 is not as efficient as gold in stimulating ET. When
normalized to the same surface area, gold was about twice as effective as SiO2 (0.81 vs
0.41 min-1 cm-2), perhaps due to conduction enhancement.
Electron transfer through gold (conduction enhancement) to and from ferritin
mineral cores was demonstrated unequivocally in the electrochemical cell experiment
described above where gold wires in each compartment were electrically connected. That
experiment showed that Fe(II)-HoSF transferred electrons via the gold wire to reduce CoHoSF at a rate comparable to the lower curve of Figure 4-4. The observed cell discharge
could only occur by conduction enhancement, as the reactants were in separate cell
compartments that made direct interaction impossible. Similar behavior was observed for
ET from Fe(II)-HoSF to Co-AvBF, except the reaction rate was about 3 times faster both
in the presence and absence of gold (compare Figures 4-4 and 4-5). Further support
comes from the potential measurements for the Fe(II)-HoSF vs Co- or Mn-HoSF cells.
Voltages consistent with theoretical predictions were observed in both cases, suggesting
that ferritins containing different metals form an electrochemical cell with Fe(II)-HoSF as
the cathode and Co- or Mn-HoSF as the anode.
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While ET between ferritins with different redox active minerals in the presence of
a gold surface is influenced by both surface exchange and conduction exchange, it is
clear that only conduction enhancement operates when only one redox partner is in
contact with the electrode. A variety of mediators and surface-modified electrodes have
been employed to enhance electron exchange between proteins and electrodes (123), but
ET between ferritins in the present work occurred without deliberate mediation. The
process likely requires specific interaction of the proteins with the electrodes to facilitate
ET, and it is possible that correct orientation of the redox centers or ET pathways present
in the ferritin shell plays an important role. Exploring these possibilities is part of our
continuing efforts to understand electron transfer in ferritins and in possibly developing
nanoscale electroactive materials and devices based on ferritins.

Reproduced with permission from Biochemistry, 2006, 45, 5766-5774.
Copyright 2006 American Chemical Society.
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Chapter 5: Anaerobic Iron Deposition into Horse Spleen,
Recombinant Human Heavy and Bacteria Ferritins by Large
Oxidants
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ABSTRACT
Large-molecule oxidants are capable of oxidizing Fe2+ to form Fe3+ cores in the
interior of ferritins at rates comparable to or faster than iron deposition using O2 as
oxidant. Iron deposition into horse spleen ferritin (HoSF) is shown to occur using
ferricyanide ion, 2,6-dichlorophenol-indophenol and several redox proteins, cytochrome
c, stellacyanin and ceruloplasmin. Cytochrome c is also shown to load iron into
recombinant human H-chain (rHF), L-chain ferritins (rLF) and A. vinelandii
bacterioferritin (AvBF). The enzymatic activities of ferritins have been examined by
conducting the reactions anaerobically using stopped-flow kinetic spectrophotometry.
The reactions exhibit saturation kinetics with respect to the oxidant concentrations, giving
apparent Michaelis constants with cytochrome c as oxidant: Km = 39.6 µM for HoSF,
10.2 µM for rHF, 191.4 µM for rLF and 6.9 µM for AvBF. Activation parameters for
these reactions were determined by performing the reactions as a function of temperature.
Comparison of the kinetic parameters with that of iron deposition by O2 shows that large
oxidants load iron into HoSF and AvBF more effectively than O2, but not as efficiently
with homopolymers, such as rHF and rLF. The results suggest that the heme groups in
AvBF and the protein redox centers (RCs) present in heteropolymers play an important
role in anaerobic iron deposition by large oxidants. Cytochrome c loads iron into rLF at
the same rate as rHF, suggesting that the ferroxidase sites may not be functioning for iron
deposition using large oxidants. The physiological relevance of iron deposition by large
molecule, including protein oxidants is discussed.
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INTRODUCTION
Ferritins are hollow, 24-subunit, spherical proteins involved in iron regulation
processes occurring in living systems (1, 12). In the presence of an oxidant, ferritins
catalyze the oxidation of Fe2+ with subsequent deposition of 2000-3000 Fe(O)OH within
their hollow interior. This oxidative removal of Fe2+ from cellular solution serves the
dual purpose of storing iron within the ferritin interior for later use in iron requiring
metabolic processes and diminishing cellular oxidative damage due to reactive oxygen
species formed by Fenton and Haber-Weiss reactions. The mechanism by which apo
ferritins catalyze the oxidation of Fe2+ by O2 to form reconstituted mineral core has been
extensively studied and two distinct catalytic processes have been proposed (66).
The first is a protein-catalyzed reaction in which two Fe2+ bind at the ferroxidase
site within the H subunit of ferritins and are oxidized directly by O2, initially forming a
well defined diferric-peroxo intermediate as outlined in reaction 1 (27-29, 31, 124). This
intermediate then decays to H2O2, and the resulting Fe3+ hydrolyzes and is transferred to
the ferritin interior where the Fe(O)OH mineral core is formed.
The second iron oxidation process is less clearly defined, but is proposed to occur
by catalytic oxidation of Fe2+ by O2 on the developing mineral core surface as shown by
reaction 2 (35-37).

Initial evidence for surface catalyzed reactivity consisted of

observing an accelerating rate of iron deposition as a function of iron loading, which
correlated with increasing mineral core surface area (37). More recent results suggest
that the increasing Fe2+/O2 values with increasing core size is an indicator of surface
catalysis and arises from reaction 2 occurring on the mineral surface (35). Measured
Fe2+/O2 stoichiometries are 2.0-2.5 for reaction 1 and ~4.0 for reaction 2.
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2Fe2+ + O2 + 2H+
4 Fe2+ + O2 + 10H2O

[Fe(III)-O-O-Fe(III)]

2Fe(OH)3 + H2O2

4 Fe(OH)3 + 8H+

(1)
(2)

Considerable evidence using O2 as oxidant has accumulated to support these two
processes but recent results have demonstrated that iron deposition using O2 is more
complicated than originally thought (43, 44). The complications arise because under
some conditions, O2 is reduced to H2O2, which then either reacts with Fe2+ to form
mineral core (Fe2+/O2 =~4.0) or undergoes secondary reactions with solution components
(Fe2+/O2 = ~2.5). The sites of the secondary reactions were initially considered to be the
protein shell or the mineral core (59), but subsequent results suggest that buffer oxidation
by H2O2 is the dominant reaction (43). Thus, while the use of O2 is convenient for iron
deposition studies, the resulting side reactions complicate mechanistic studies.
Catalysis of Fe2+ oxidation at the mineral core surface is proposed to occur when
high levels of Fe2+ are processed (>200 Fe2+/ferritin) and under these conditions, the
mineral surface is proposed to catalyze the oxidation of surface-bound Fe2+ by O2 or
possibly H2O2 (35, 75). This proposed reaction might not be as physiologically relevant
as the ferroxidase model, because it is unlikely that the cell experiences these high Fe2+
levels. Nevertheless, attempts to confirm the surface catalysis model have been ongoing,
but a number of studies have not fully supported this reaction and alternative
explanations have been proposed (43, 44).
Early iron core reconstitution studies reacted Fe2+ with apo ferritin using
potassium iodate and sodium thiosulfate mixture as oxidant (37). This oxidant readily
formed reconstituted iron mineral cores and provided early insights into the ferritin
biomineralizatioin process. Aust et al. demonstrated that iron deposition readily occurs in
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ferritin using ceruloplasmin, but their experiments were complicated because they were
conducted aerobically (125-128). More recently, it was shown that large oxidants1 could
be used in the absence of O2 to conduct the iron deposition reaction in horse spleen
ferritin (HoSF) (40). This latter study with large oxidants and reductants suggested that
electrons readily transferred through the ferritin protein shell to alter the redox state of the
iron atoms within the protein shell. However, most current ferritin reconstitution studies
continue to use O2 as oxidant because of its convenience in spite of the known
complications. The use of O2 has clarified some aspects of iron oxidation and deposition,
but some aspects remain poorly elucidated and are complicated by buffer oxidatioin
reactions (44). The use of oxidants other than O2 could clarify various aspects of the
ferritin mechanism, because they will eliminate the complications arising from O2 side
reactions and may provide insights into the mechanism of iron deposition not possible
using O2.
Because large oxidants cannot enter the ferroxidase center (FC), their ability to
successfully conduct the iron deposition reaction suggest that Fe2+ may be “oxidized at a
distance”, implying an electron transfer pathway (ETP) through the protein shell. Earlier
(40) and more recent results (53) support the presence of a facile ETP through the ferritin
protein shell by showing that electrons readily pass from the Fe(II) mineral core in HoSF
to the synthetic Co(III) mineral core in another ferritin, presumably through the two
intervening protein shells (53).

1

Large oxidants are defined to be molecular oxidizing agents whose dimensions are greater than the
nominal diameters (0.3-0.4 nm) of the 3-fold channels as determined by crystallography. Because
negatively charged molecules are excluded from the ferritin interior (95, 114), they are also considered
large molecules even though they may be of comparable sizes to the ferritin channel dimensions.
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In order to further explore this ETP and to also compare iron deposition with large
oxidant molecules, we report kinetic measurements using large oxidants to oxidize and
deposit iron within HoSF, rHF, rLF and AvBF under anaerobic conditions. The results
indicate that large oxidants are equally effective, and in some cases superior to O2 in
conducting the iron deposition reaction. The use of these oxidants avoids secondary
reactions commonly observed during iron deposition by O2, and establishes that iron
deposition in vivo could be accomplished by large protein oxidants that are better
controlled and less likely to produce reactive oxygen species than by oxidation using O2.
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MATERIALS AND METHODS
Proteins and Reagents. Horse spleen ferritin (HoSF) with ~2000 Fe, cytochrome
c (cyt c), ceruloplasmin (Cp), 2,6-dichlorophenol-indophenol (DCPIP) and MOPS were
purchased from Sigma. Stellacyanin was a gift from Dr. Edward Solomon of Stanford
University. Potassium ferricyanide was obtained from J.T. Baker and ferrous chloride
from Fisher Scientific. Apo-HoSF was prepared using the thioglycollic acid procedure
(100) and further reacted with dithionite and bipyridine to remove iron to < 1 Fe/HoSF.
Twice crystallized holo and apo Azotobacter vinelandii bacterioferritins (AvBF) with 12
hemes per 24-mer were isolated and characterized as previously described (96).
Recombinant human H-chain and L-chain ferritins (rHF, rLF) were rendered iron free by
dithionite and bipyridine. Depositing iron with O2 validated the ferroxidase activities of
HoSF, rHF and rLF. Protein concentrations were determined by the Lowry method using
BSA as a standard and confirmed by the absorbance at 280 nm (ε = 472 mM–1cm–1 for
HoSF and ε = 552 mM–1cm–1 for rHF) (42, 59). Copper content in Cp was determined by
Inductively Coupled Plasma (ICP) spectrometer (Optima 2000) and was used as the
oxidant concentration. Stock solutions of FeCl2. 4H2O (20.2 mM, pH 3), K3Fe(CN)6 (5.3
mM), cyt c (1 mM), DCPIP (5 mM) were prepared in MilliQ water. The concentration of
K3Fe(CN)6 was determined optically at 420 nm (ε = 1.02 mM-1cm-1). All measurements
were conducted in a Vacuum Atmospheres glovebox (< 1.0 ppm O2, Nyad O2-monitor) at
23 oC unless otherwise indicated.
Titration of an Anaerobic Mixture of Fe(II) and Ferritin with Large Oxidants and
the Resulting Iron Content in Ferritin. Aliquots of Fe2+ solution (final concentration of
0.16 mM) was added to 4 µM apo-HoSF in 0.050 M MOPS pH 7, containing 0.050 M
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NaCl and incubated anaerobically for 20 min at room temperature. Spectra of HoSF
before and after Fe2+ addition were recorded on a HP-8453 diode array
spectrophotometer, and no change was observed, indicating no iron deposition had
occurred. Then four additions of 0.053 mM [Fe(CN)6]3- or 0.01 mM cyt c were added to
the mixture, and spectra were taken 10 min after each addition. The same procedures
were followed for rHF and rLF, except the concentrations of ferritin and Fe2+ were 2 µM
and 0.2 mM, respectively.
To determine if iron was deposited into ferritin using large oxidants, the solutions
of HoSF or rHF and Fe2+ with different additions of [Fe(CN)6]3- or cyt c were reacted for
30 min anaerobically, centrifuged at 14,000 rpm for 5 min, and passed twice through
Sephadex G-25 (for [Fe(CN)6]3- reaction) or G-75 (for cyt c reaction) to remove oxidants
and unreacted Fe2+. Protein and iron concentrations were determined by Lowry and ICP.
The iron content of the ferritins was compared with theoretical loaded amounts.
Kinetic Procedures. Kinetic measurements for iron deposition in ferritin were
conducted using a stopped-flow instrument (Applied Photophysics, U.K.) enclosed in the
glovebox. Generally, 40 Fe2+/HoSF, 100 Fe2+/rHF or 40 Fe2+/rLF were added. Apo-HoSF
concentration was 10.3 µM for reactions with [Fe(CN)6]3- and cyt c, and 8.0 µM for
DCPIP, stellacyanin and Cp, while rHF concentration was 4 µM. The rates of iron
deposition into HoSF and rHF were first-order in protein concentration, consistent with
previous measurements using O2 (68). The reaction progress curve with [Fe(CN)6]3- was
monitored at 350 nm during the formation of Fe3+ mineral cores. Since cytochrome c,
DCPIP, stellacyanin and Cp (or their reduced forms) absorb at 300-400 nm and preclude
directly measuring the formation of iron core, the kinetics of iron deposition was
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determined by measuring the rate of disappearance of the oxidants or formation of their
reduced products at their specific wavelengths. For example, reactions involving cyt c
were monitored at 550 nm where reduced cyt c absorbs strongly ( ε = 18.8 mM-1cm-1
between reduced and oxidized forms) (129). Similarly, reactions involving DCPIP and
stellacyanin were measured at 605 nm (ε = 22 and 2.9 mM-1cm-1, respectively), and Cp at
610 nm (ε = 2.2 mM-1cm-1 for Cu). The initial rates were obtained from the linear leastsquare fits of the initial absorbance change, which was converted to concentration using
the extinction coefficients listed above.
A control was run by reacting 0.4 mM Fe2+ with 0.08 mM cyt c in the absence of
ferritin in MOPS at pH 7. The effect of pH on the rate of iron deposition into HoSF using
cyt c was investigated by reacting 8.0 µM HoSF, 0.32 mM Fe2+ with 0.05 mM cyt c at
pH 6.5 ~ 8 in MOPS buffer.
Activation Energy Measurements. Temperature dependences of the rate constants
of iron deposition into HoSF, rHF and rLF using large oxidants were measured on the
stopped-flow instrument with temperature controlled by a NESLAB, LES-111 water-bath
temperature controller. For these reactions, 4 µM apo-HoSF and 0.11 mM Fe2+ were
reacted with 0.3 mM cyt c; 1 µM rHF and 0.1 mM Fe2+ with 0.2 mM cyt c; and 1 µM rLF
and 0.04 mM Fe2+ with 0.1 mM cyt c, all in 0.05 M MOPS, and 0.05 M NaCl, pH 7.0 at
15~35 oC. The kinetic curves were fit with an exponential function to determine the rate
constant. From the variation of rate constant with temperature, the activation energy,
enthalpy and entropy of activation were calculated from the Arrhenius plot and the
Eyring equation.
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RESULTS
Quantitative Iron Loading into Ferritin Using Large Oxidants. There is clear
evidence that large oxidants catalyze the oxidation/deposition of externally added Fe2+
into ferritin (40, 120). However, to determine the kinetics of iron deposition by large
oxidants and compare the results with iron deposition by O2, it is essential to first
establish that the iron has been deposited quantitatively inside the ferritin and that
secondary reactions are absent.
Figure 5-1a shows an anaerobic optical titration of HoSF containing Fe2+ at a 40/1
ratio with increasing amounts of [Fe(CN)6]3-. The reaction is rapid (<1 min) and the
resulting [Fe(CN)6]4- does not absorb in the optical region examined, so the absorbance
changes are only due to the formation of the Fe(O)OH mineral core. For spectra 1-4, a
uniform increase in absorbance at 350 nm due to the iron core formation is observed with
each addition of [Fe(CN)6]3-. Beyond a 1:1 [Fe(CN)6]3-/Fe2+ ratio, unreacted [Fe(CN)6]3is observed at 420 nm.
Mixing Fe2+ with [Fe(CN)6]3- rapidly forms the intensely absorbing Prussian Blue
(PB, [FeFe(CN)6]-) (63, 130). However, in the presence of apo-HoSF, no blue color was
formed upon reacting HoSF containing Fe2+ with [Fe(CN)6]3- and no precipitate was
observed with centrifugation, indicating that Fe2+ is oxidized and deposited into the
ferritin interior before any PB forms (Figure 5-1a, spectra 2-4). When the sequence of
addition is reversed, i.e. adding Fe2+ to a mixture of [Fe(CN)6]3- and apo-ferritin, some
PB was formed as evidenced by the broad absorption peak centered ~700 nm (curve 5,
Figure 5-1a). This is probably because added Fe2+ encounters and reacts with [Fe(CN)6]3to form PB, before it is bound and oxidized by HoSF and deposited within the HoSF
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interior. The amount of PB formed is less than stoichiometric predicted from the Fe2+ and
[Fe(CN)6]3- present, suggesting that part of the Fe2+ has been deposited in the ferritin
interior, as shown by the absorbance increase at 350 nm of curve 5. Because of this nonspecific reaction, all iron deposition experiments were performed by adding oxidants to
an anaerobic mixture of Fe2+ and ferritin.
Figure 5-1b shows that reduced cytochrome c rapidly forms when oxidized cyt c
is titrated into HoSF containing Fe2+ at a ratio of 40, as evidenced by a uniformly
increasing absorbance at 550 nm. The spectrum of oxidized cyt c is shown in the inset.
Figure 5-1b is similar to Figure 2 in (40) except in the latter case a Fe(OH)2 core was
already inside HoSF. Because reduced cyt c has such a distinct spectrum at 500-600 nm
and the stoichiometry of Fe2+ oxidation by cyt c follows a 1:1 ratio as shown by reaction
4 and Table 5-1, the increase in absorbance at 550 nm was used to monitor both Fe2+
oxidation and to follow mineral core formation. Reaction 4 is >10-fold faster in the
presence of HoSF than in its absence (see Figure 5-5 below), not only demonstrating a
catalytic effect of HoSF but also eliminating the possibility of non-specific formation of
Fe(OH)3 outside of the HoSF.

Fe2+ + Fe(III)-cyt c + 3H2O

Fe(OH)3 + Fe(II)-cyt c + 3H+

(4)
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Figure 5-1. Titration of 4 µM HoSF and 0.16 mM Fe2+ with large oxidants in 0.05 M
MOPS, pH 7, with 0.1 M NaCl. (A) 0.053 mM [Fe(CN)6]3- per addition. When all Fe2+ is
oxidized, the spectrum of [Fe(CN)6]3- begins to appear as shown by the absorbance at 420
nm of curve 4. However, if Fe2+ is added to the mixture of HoSF and [Fe(CN)6]3-,
Prussian blue is formed (curve 5). (B) 0.01 mM cyt c per addition. The Soret region of
cyt c spectrum is not shown. Inset: optical spectrum of oxidized cyt c (0.01 mM).
Titrations of the mixtures of rHF, rLF and Fe2+ with these oxidants give similar results.
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Table 5-1. Amount of iron in ferritin interior after Fe2+ deposition using large oxidants
(A). 40 Fe2+ was added to 4 µM HoSF in 0.05 M MOPS, pH 7, 0.1 M NaCl and
incubated anaerobically for 20 min at room temperature. Then [Fe(CN)6]3- or cyt c were
added to the mixture and fully reacted. The solution was centrifuged and passed twice
through Sephadex G25 (for [Fe(CN)6]3-) or G75 (for cyt c) and run ICP and Lowry.
[Fe(CN)6]3-, mM

Fe/HoSF
Calculated
Experimental

a

[cyt C], mM

0.053

0.11

0.21

0.04

0.08

0.16

13

26

40

10

20

40

14

26

38

11

21

40

(B). 0.2 mM Fe2+ was added to 2 µM rHF (100 Fe2+/rHF) in 0.05 M MOPS, pH 7, 0.1 M
NaCl. Then same processes were performed as in (A).
[Fe(CN)6]3-, mM

Fe/rHF

[cyt C], mM

0.053

0.11

0.21

0.05

0.10

0.20

Calculated

26

53

100

25

50

100

Experimental a

33

54

109

28

51

98

a

Some experimental values are higher than theoretical ones probably because of the

contamination during separation steps.

Table 5-1 summarizes the results for two independent sets of measurements for
[Fe(CN)6]3- and cyt c at Fe2+/HoSF values ranging from 15-100, and shows that
stoichiometric amount of iron are deposited into HoSF by these two oxidants. Similar
results were obtained using DCPIP (a two-electron oxidant) and Cp as oxidants, but the
data are not shown. The results for stellacyanin were reported previously (40). Having
established that the various oxidants all rapidly and quantitatively deposit iron into the
HoSF interior under anaerobic conditions and that secondary reactions are absent, we
then compared the kinetics of iron deposition by these oxidants.
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Iron Deposition in HoSF Using Large Oxidants.
Cytochrome c. Figure 5-2a shows a series of reactions for the oxidation of Fe2+ at
Fe2+/HoSF = 40 at pH 7.0 and 25 oC with increasing concentrations of cyt c. The
reactions are mostly complete in <50 s. The kinetic curves are well defined, and the
initial rates were obtained from each of the curves and plotted against cyt c concentration
as shown in Figure 5-2b. Saturation kinetics are observed at high cyt c concentrations,
and the corresponding Lineweaver-Burk plot is shown in the inset. A Km value of 36 ± 1
M was determined and used to produce the solid line in the main figure.
Initial rates as a function of Fe2+ concentration were not measured because, unlike
previous measurements (67, 68) where the O2 concentration was easily controlled and
could be maintained constant, the concentration of the oxidants used here could not be
conveniently kept constant and in large excess to ensure a Michaelis-Menten behavior.
The resulting curves in Figure 5-2a were also fit to a single exponential function and the
first-order rate constants yielded a curve similar to that shown in the Figure 5-2b when
plotted against cyt c concentration.
An earlier study showed that the rate of iron deposition into HoSF and rHF with
O2 had a maximum near pH 7, which was ascribed to deprotonation of ferroxidase site
ligands (67, 68). The results in Figure 5-2 were conducted at a constant pH, and it was of
interest to evaluate the effect of pH using large oxidants for comparison with the O2
results. Figure 5-3 shows a series of kinetic traces of iron oxidation at a Fe2+/HoSF ratio
of 40 by cyt c at pH 6.5 ~ 8.0. The inset shows that the initial rate decreases linearly with
decreasing pH over the range examined.
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A

B

Figure 5-2. Kinetics of iron deposition into HoSF using cyt c as an oxidant. (A) Stoppedflow kinetic curves monitored at 550 nm with increasing amount of cyt c (bottom to top).
Conditions were: 10.3 µM HoSF and 0.44 mM Fe2+, 0.02~0.2 mM cyt c in MOPS (0.05
mM, pH 7, and 0.1 M NaCl). (B) Initial rates as a function of cyt c concentration. Solid
line is the curve fit with Michaelis constant. Inset: Lineweaver-Burk plot with the leastsquare straight line shown.
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Figure 5-3. Effect of pH on the rate of iron deposition into HoSF using cyt c. Conditions
were: [Fe2+] = 0.32 mM, [HoSF] = 8.0 µM (Fe2+/HoSF = 40), [cyt c] = 0.05 mM, in 0.05
M MOPS and 0.1 M NaCl, at pH 6.5, 7.0, 7.5 and 8.0 (bottom to top), 23 oC. Inset: Initial
rates as a function of pH.

Table 5-2. Apparent Michaelis constants and activation parameters for iron deposition
into HoSF using O2 or large-molecule oxidants in 0.05 M MOPS, pH 7, 0.1 M NaCl.
[Fe(CN)6]3-

DCPIP

Cyt c

Cp

Stellacyanin

O2 a

Km, µM

88 ± 9

122 ± 15

40 ± 1

20 ± 6

123 ± 14

140 ± 30

Ea, kJ/mol

27.1 ± 3.1

45.7 ± 1.9

60.7 ± 1.6

-

-

36.6 ± 1.3

∆H≠, kJ/mol

24.7 ± 3.4

43.2 ± 1.9

58.2 ± 1.6

-

-

34.2 ± 1.3

∆S≠, J/K.mol

-133 ± 18

-122 ± 6

-67.7 ± 5.2

-

-

-108 ± 5

a

Data from ref (67, 68).
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Stellacyanin and Cp.

Identical measurements to those with cytochrome c were

conducted with the copper proteins stellacyanin and Cp at pH 7.0, and saturation kinetics
were observed with both. The reaction with stellacyanin was slower than that with Cp,
yielding a six-fold larger Km value.
[Fe(CN)6]3- and DCPIP. Above protein oxidants are all much larger than the
channel openings and are excluded from entering the protein interior, specifically the FC
where Fe2+ oxidation is assumed to occur. We evaluated the much smaller [Fe(CN)6]3and DCPIP oxidants to determine their effectiveness in conducting iron deposition.
Although only slightly larger than the nominal 3-fold channel openings, these two
oxidants should still be excluded from rapid entry into the protein shell. [Fe(CN)6]3- is of
interest because it is the smallest oxidant used, but its high negative charge makes it even
more unlikely to enter the protein interior (106, 119). This is clearly confirmed by
preparing HoSF with [Fe(CN)6]3- encapsulated within its interior that remains trapped for
weeks or more (51).
DCPIP is a two-electron oxidant that rapidly deposits iron into the HoSF interior
at pH 7.0 under anaerobic conditions. When monitored at 605 nm, well-defined kinetic
curves for DCPIP reduction were observed, from which the initial rates were calculated.
A plot of initial rate against DCPIP concentration produced a saturation curve, from
which a Km of 122 ± 15 M was determined.
The reaction of [Fe(CN)6]3- with 40 Fe2+/HoSF at pH 7.0 also results in rapid iron
core formation, as shown in Figure 5-1 and Table 5-1. Although iron is readily deposited,
the kinetics of this reaction was more complex than that with DCPIP or the protein
oxidants examined above. The kinetic curves were clearly sigmoidal, and the
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sigmoidicity decreased as the Fe2+/[Fe(CN)6]3- ratio decreased. With this complication, it
was not possible to evaluate precisely how the rate of Fe2+ oxidation varied with
increasing [Fe(CN)6]3- concentration. The cause of this kinetic behavior is not known,
but because Fe2+ and [Fe(CN)6]3- have an affinity for one another to form Prussian blue,
this may be a factor. The initial rate of the sigmoidal section of the curve was used as an
approximation and provided a saturation curve that upon further analysis yielded a Km
value of 88 ± 9 M. The validity of this value is not clear due to the analysis of the
sigmoidal curves.
The apparent Km values for above oxidants with HoSF are listed in Table 5-2,
along with that for O2 (67, 68). The apparent Km for cyt c, DCPIP, stellacyanin, and Cp
are 40, 122, 123 and 20 µM, respectively, which are lower than that of 140 µM for O2.
This suggests that large oxidants interact with the Fe(II)-HoSF complex more effectively
than O2, even though the latter makes intimate contact with Fe2+ at the FC. Another
important feature of iron deposition into HoSF using large oxidants is that the reactions
are all concluded in ~50 s, which is shorter than the time period required for iron loading
by O2 (~200 s) under comparable conditions (43). These results suggest that large
oxidants load iron anaerobically more efficiently than aerobically with O2.
The iron deposition reactions with cytochrome c, DCPIP and [Fe(CN)6]3- were also
conducted as a function of temperature. Table 5-2 summarizes the activation parameters
obtained for iron deposition into HoSF using these oxidants.
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Iron Deposition in rHF and rLF Using Large Oxidants.
Section B of Table 5-1 shows that [Fe(CN)6]3- or cytochrome c specially oxidizes
Fe2+ at 25-100 Fe2+/rHF with formation of Fe(O)OH mineral core in the rHF interior.
The rate of iron deposition is slower in rHF (see below) than in HoSF and yet no Prussian
blue is formed, indicating strong and rapid Fe2+ binding by rHF. Identical results were
obtained using DCPIP as an oxidant. The reactivity of stellacyanin and Cp was not
investigated with rHF, but by analogy with HoSF complete deposition of iron within the
rHF interior is expected.
Kinetics of Iron Deposition with rHF.

HoSF is a naturally occurring

heteropolymer that consists of ~4 H and ~20 L subunits, whereas rHF has 24 H-subunits.
The FC is found exclusively in the H-subunit so a greater ferroxidase activity is expected
and observed in rHF than in HoSF, using O2 as an oxidant (67). To evaluate the role of
the two types of subunits and the effect of higher concentration of FCs in rHF relative to
HoSF during iron deposition by large oxidants, the rates of iron deposition were
measured with rHF and rLF homopolymers and compared with that in HoSF. Figure 54a is a series of anaerobic reactions of rHF at Fe2+/rHF = 100 with increasing
concentrations of cyt c. Comparison of the results in Figure 5-4a with those in Figure 52a shows that the rate of Fe2+ oxidation by cyt c is ~4-fold faster in HoSF than in rHF
even though the latter has six times more FCs. Measuring the initial rates in Figure 5-4a
and plotting them as a function of cyt c concentration produced Figure 5-4b. In Figure 54c are double reciprocal plots for the data in Figure 5-4b as well as a similar second set of
data at 0.08 mM Fe2+. Both sets of results form straight lines from which Km values of
10.2 and 13.8 µM were determined. Iron deposition with rHF was also conducted at 100
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Fe2+/rHF by cyt c as a function of temperature (Figure 5-5) and activation parameters
shown in Table 3 were obtained.
Similar experiments were carried out using [Fe(CN)6]3- at a Fe2+/rHF ratio of 100
and the same sigmoidal behavior was noted with rHF as was described above for HoSF.
These measurements were analyzed as outlined above and an approximate Km value of
73.3 µM was obtained.
Iron Deposition with rLF Using Large Oxidant. Kinetic reactions for the
oxidation of Fe2+ by cyt c were also conducted in the presence of rLF at 40 Fe2+/rLF at
pH 7. A plot of the initial rate against cyt c concentration produced a saturation curve
similar to Figure 5-4b that yielded a Km of 191 ± 46 µM. Activation parameters for cyt c
loading iron into rLF are summarized in Table 5-3.
Figure 5-6 shows the kinetic curves for depositing 0.4 mM Fe2+ in 4 µM HoSF or
rHF using cyt c, along with the control for cyt c reduction by the same concentration of
Fe2+. Under identical conditions, the rate of cyt c reduction by Fe2+ in the presence of
HoSF is three times faster than in the presence of rHF, which is again about twice that in
the absence of any ferritin molecules.
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A

B

C

Figure 5-4. Kinetics of iron deposition into rHF using cyt c. (A) Stopped-flow kinetic
curves monitored at 550 nm with increasing amount of cyt c (bottom to top). Conditions
were: 4 µM rHF and 0.4 mM Fe2+, 0.01~0.1 mM cyt c in MOPS (0.05 mM, pH 7, with
0.1 M NaCl). (B) Initial rates as a function of cyt c concentration. Solid lines are the
curve fit with Michaelis constant. (C) Lineweaver-Burk plots at two Fe2+ concentrations
with the least-square straight lines shown.
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Figure 5-5. Temperature dependence of Fe2+ deposition into rHF using cyt c. Inset:
Arrhenius plot with the least-square lines. 1 µM rHF and 0.1 mM Fe2+ were reacted with
0.2 mM cyt c in 0.05 M Mops and 0.1 M NaCl, pH 7 at 15, 20, 25, 30, 35 oC (bottom to
top).

Table 5-3. Comparison of kinetic parameters for iron deposition into rHF and rLF using
different oxidants in 0.05 M MOPS, pH 7, with 0.1 M NaCl
rHF

a

rLF

[Fe(CN)6]3-

Cyt c

O2 a

Cyt c

Km, µM

73.3 ± 7.3

10.2 ± 0.8

6.0 ± 2.0

191 ± 46

Ea, kJ/mol

33.5 ± 1.9

56.0 ± 3.1

26.4 ± 0.1

45.6 ± 2.2

∆H≠, kJ/mol

31.1 ± 2.1

53.5 ± 2.7

23.9 ± 0.1

43.1 ± 2.2

∆S≠, J/K.mol

-135 ± 9

-87.6 ± 9.0

-136 ± 0.4

-145 ± 11

Data from ref (67, 68).
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Figure 5-6. Comparison of kinetics of Fe2+ deposition into HoSF, rHF and rLF using cyt
c as an oxidant. Conditions were: [Fe2+] = 0.4 mM, [HoSF] = 10.3 µM (Fe2+/HoSF = 40),
[rHF] = 4 µM (Fe2+/rHF = 100), [cyt c] = 0.08 mM, in 0.05 M MOPS and 0.1 M NaCl,
pH 7, at 23 oC. The initial absorbance was adjusted to show a direct comparison. Inset:
The solution of 4 µM rHF or 2 µM rLF and 0.08 mM Fe2+ were mixed with 0.08 mM cyt
c. Control: 0.2 mM Fe2+ was reacted with 0.08 mM cyt c at pH 7 in MOPS.
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Iron Deposition in AvBF Using Large Oxidants.
The amino acid sequence, overall subunit structure and FCs tructure of AvBF are
closely related to these same features in rHF, but AvBF differs from rHF by possessing
12 protoporphorine IX heme groups bound by bis-methionine coordination between two
subunits (24). The heme groups were proposed to be the ETPs connecting the internal
AvBF cavity with the external solution (107). Comparing the kinetics of iron deposition
between the two homopolymers rHF and AvBF would be of interest in evaluating the role
of heme.
A series of anaerobic reactions of AvBF with 50 Fe2+ were conducted with
increasing concentrations of cyt c, and saturation kinetics were observed as shown in
Figure 5-7. From the Lineweaver-Burk plot, a Km value of 6.9 µM was obtained. The
rate of iron deposition with AvBF is >3-fold faster than rHF and is comparable or even
slightly faster than that with the HoSF heteropolymer at the same protein concentration.
The same reaction with stellacyanin as oxidant showed that AvBF also rapidly
loads iron and produced a saturation curve, from which a Km of 95 µM was determined.
AvBF is a homopolymer with 24 FCs, and by analogy to rHF should conduct the iron
deposition reaction at a similar rate. However, as noted, AvBF differs from rHF by
possessing 12 heme groups and it is these heme groups that we propose causes the >3fold enhancement in rate with AvBF relative to rHF. This result for AvBF and that for
HoSF suggest that the heme groups in AvBF and the protein redox centers (RCs) in
heteropolymer animal ferritins are involved in expediting electron transfer through the
ferritin shell to the large oxidants at the exterior surface of the protein.
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A

B

Figure 5-7. Kinetics of iron deposition into AvBF using cyt c. (A) Stopped-flow kinetic
traces monitored at 550 nm with increasing amount of cyt c (bottom to top). Conditions
were: 4.0 µM AvBF and 0.20 mM Fe2+, 0.01~0.1 mM cyt c in MOPS (0.05 mM, pH 7,
with 0.1 M NaCl). (B) Initial rates as a function of cyt c concentration. Solid line is the
curve fit with Michaelis constant. Inset: Lineweaver-Burk plot with the least-square
straight line.
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DISCUSSION
Iron Deposition with HoSF Using Large Oxidants. According to the mechanism
of iron deposition by O2, H2O2 is formed in the initial stage, which is then released into
solution and oxidizes additional Fe2+ or undergoes a rapid secondary reaction with buffer
(43, 44). This sequence of reactions is complex because pH, buffer concentration and
composition, and variable levels of iron loading can all lead to non-stoichiometric
behaviors (32, 42, 59). In addition, oxygen reduction usually produces small but variable
amounts of O2- and OH- radicals that lead to protein alterations (131, 132).
In order to minimize the complexity caused by non-stoichiometric and
uncontrollable reactions of O2 and to better understand the iron deposition reaction in
ferritins, we initiated studies using a variety of oxidants with redox potentials near O2 but
that oxidize Fe2+ with fewer complications.

Anaerobic conditions were chosen to

eliminate kinetic competition with O2 and to define the conditions for precise rate
measurements of iron deposition by these oxidants (Table 5-1). Another reason for using
large oxidants was to gain insights into how electrons are transferred through the protein
shell during iron deposition, because large oxidants must remain at the ferritin exterior
and cannot oxidize HoSF-bound Fe2+ by direct contact as is done by O2 at the FCs.
Under these conditions, oxidation of Fe2+ must occur either “at a distance” or perhaps by
oxidation of Fe2+ outside of ferritin with subsequent migration of Fe3+ into the ferritin
interior followed by hydrolysis. This latter possibility was excluded previously (133) and
here by control reactions (bottom curve, Figure 5-6) showing that free Fe2+ oxidation by
cyt c is ~10 times slower compared to the HoSF catalyzed oxidation. The results lead us
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to conclude that long-range oxidation takes place by Fe2+ being bound by HoSF, probably
at the FC, and oxidized by the oxidants at the ferritin exterior.
The pH rate profile of cyt c oxidation of Fe2+ in the presence of HoSF (Figure 53) also suggests that iron deposition by large oxidants follows a different mechanism than
with O2. The initial rates of iron deposition in HoSF and AvBF by cyt c increase with pH
(6.5–8), whereas a bell-shape pH rate profile was observed with O2 (67, 68). This
behavior could be attributed to several possibilities. First, the electrostatic binding
affinity between cyt c and HoSF, and hence the rate, should increase with increasing pH
due to the pI values of ~5 and 10.7 for HoSF and cyt c, respectively. Second, the higher
pH could speed up the rate of electron transfer from Fe(II) to the external oxidant through
the ferritin shell due to deprotonation of amino acid residues involved in the ETP. Third,
the more rapid Fe2+ oxidation to Fe3+ by larger oxidants compared to O2 may have
changed the rate-limiting step to Fe3+ hydrolysis, which is more favorable at higher pH.
The long-range oxidation of Fe2+ implies the presence of an ETP that connects
Fe2+ to large oxidants at the ferritin exterior. However, a number of questions arise
regarding such a pathway. Is this presumed pathway within the L or H subunit of HoSF
or does it involve both? What is the location and nature of the exterior terminal end of
this pathway with which large oxidants interact? What is the nature of this pathway (i.e.
what amino acid side chains are involved) through the protein shell? Is the ferroxidase
center functional during reaction with large oxidants or is there a different site where Fe2+
binds and is oxidized? Attempts to address some of these issues were undertaken by
using homopolymeric ferritins.
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Iron Deposition with rHF, rLF and AvBF using Large Oxidants. Figure 5-6
shows that the rate of Fe2+ oxidation with rHF (24 FCs) and rLF (0 FC) are nearly
identical and is >3-fold slower than HoSF (3-4 FCs) at the same protein concentrations.
The slow rate observed with these homopolymers does not correlate with the number of
FCs and indicates that some other feature is present in HoSF that increases the rate but is
absent or nonfunctional in rHF. This behavior stands in contrast to reaction with O2,
where the rate correlates with the number of FCs (134). rHF is not a naturally occurring
form and does not possess the redox center found in heteropolymers. The absence or
presence of such a redox center could explain the different behavior between
homopolymers and heteropolymers. It is possible that the FC in rHF binds two Fe2+ ions
but they are not oxidized efficiently because electron transfer to the large oxidants at the
rHF exterior is restricted and rate-limiting, whereas in heteropolymers this redox center
functions by removing electrons from the FC to external oxidants. This leaves the
possibility open that the FC is functional for iron oxidation in rHF by large oxidants but
electron transfer is restricted, decreasing the rate of Fe2+ deposition.
The enhanced rate in HoSF heteropolymer compared to rHF is proposed to occur
by Fe2+ binding to FCs, reducing RCs, forming Fe3+, which then hydrolyzes and migrates
into the cavity to form the mineral core. Large oxidants at the ferritin exterior re-oxidize
the RCs and the cycle begins again. Such a mechanism unifies the FCs, RCs and the
observation that large oxidants are able to oxidize Fe2+ at a distance. The feasibility of
this proposal is supported by showing that when Fe2+ was added anaerobically to HoSF
with oxidized RCs, Fe2+ was oxidized to Fe3+ with reduction of the endogenous RCs
(116). This reaction represents part of the single turnover step of Fe2+ oxidation catalyzed
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by HoSF. Several site-altered H-chain homopolymers were also shown to form such
centers when combined with rLF as long as Trp 93 was present. When Trp was replaced
with Phe, redox reactivity was abolished (117).
Using this mechanism, we sought to explain why AvBF reacts faster than the
quite similar rHF and rLF but at a similar rate to HoSF. AvBF is a homopolymer with
subunit structure, amino acid sequence and the presence of FCs all closely related to rHF,
yet AvBF differs by containing 12 endogenous heme groups (24, 135).

Figure 5-7

shows that the rate of iron deposition with AvBF is ~5-fold faster than rHF using cyt c,
and in this respect is related to HoSF. What is in common with AvBF and HoSF are the
presence of redox centers within the protein shell. In AvBF it is the 12 heme groups
(113), and in HoSF it is 3-4 endogenous RCs (116). The presence of heme in AvBF and
RCs in HoSF present a plausible explanation for the observed behavior, because they
could facilitate electron transfer from Fe2+ to the large oxidants at the ferritin exterior.
Through such a process, these redox centers could promote the observed faster rates in
iron deposition.
Endogenous Redox Centers in the Ferritin Shell of Animal Ferritins. Evidence
for the mechanism proposed above has been presented from several types of experiments
(40, 53). Perhaps the most direct demonstration is the report that reduced Fe(II) mineral
core in HoSF rapidly reduces the synthetic Co(III) core within another HoSF or AvBF
interior (53). As two ferritin shells isolated these two redox active minerals, electron
transfer was proposed to occur through the RCs in the HoSF protein shell or through the
heme groups in AvBF.
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As was noted above, O2 functions differently because it makes direct contact with
the di-ferrous species at the FC and would not appear to require the use of the proteinbased redox center. However, it is of interest that two reactions are required to fit the
kinetic profile for iron deposition with O2 as oxidant (41), which may correspond to (1)
direct oxidation of di-ferrous species at the FC and (2) Fe2+ oxidation by O2 at the ferritin
exterior that utilizes the described redox center pathway. These possibilities need further
investigation.
Physiological Oxidants for Iron Deposition in Ferritin. Although most in vitro
iron deposition reactions use O2 as the oxidant, several factors suggest it might not be the
real physiological oxidant for ferritin mineralization. First, formation of H2O2, O2-, OHand protein radicals during iron deposition in ferritin by O2 (131, 132) is contradictory to
the proposed biological function of ferritin to remove free Fe2+ and protect cellular
contents from reactive oxygen species (ROS). Second, in vitro iron deposition studies
are conducted in air at O2 partial pressure of about 760 mmHg × 21% = 160 mmHg,
while the cellular O2 pressure is only 5~40 mmHg, averaging 23 mmHg (136). Under this
low PO2 Fe2+ would be oxidized and deposited only slowly into ferritin. Third, ferritins
have been found in anaerobes (137), where O2 cannot be the oxidant and an endogenous
oxidant must function.
While the proteins and other oxidants used in this study may not be physiological
relevant, the present work demonstrates that large oxidants load iron into HoSF and
AvBF anaerobically more efficiently than O2. The endogenous redox center in
heteropolymer HoSF and the heme groups in AvBF are important in this process, since
the homopolymer rHF lacking these features is not as effective. Several questions remain
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regarding the involvement of ferroxidase center, the interaction between ferritin and
protein oxidants, and the nature of the electron transfer pathway in ferritin shell. To
elucidate whether the FC is functioning during iron deposition by large oxidants, and if
FC and RC function together as suggested here or are independent of each other,
heteropolymers formed from rLF and rHF mutants with altered FCs and redox centers
need to be investigated.

Most of the results in this chapter were submitted to Biochemistry, 2006.
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Chapter 6: Rate of Iron Transfer through the Horse Spleen
Ferritin Shell Determined by the Rate of Formation of
Prussian Blue and Fe-Desferrioxamine within the Ferritin
Cavity
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ABSTRACT
Iron (2+ and 3+) is believed to transfer through the three-fold channels in the
ferritin shell during iron deposition and release in animal ferritins. However, the rate of
iron transit in and out through these channels has not been reported. The recent synthesis
of [Fe(CN)6]3-, Prussian Blue (PB), and desferrioxamine (DES) all trapped within the
HoSF interior makes these measurements feasible. We report the rate of Fe2+ penetrating
into the ferritin interior by adding external Fe2+ to [Fe(CN)6]3- encapsulated in the HoSF
interior and measuring the rate of formation of the resulting encapsulated PB. The rate at
which Fe2+ reacts with [Fe(CN)6]3- in the HoSF interior is much slower than the formation
of free PB in solution and is proceeded by a lag period. We assume this lag period and
the difference in rate represent the transfer of Fe2+ through the HoSF protein shell. The
calculated diffusion coefficient, D~5.8×10-20 m2/s corresponds to the measured lag time
of 10-20 s before PB forms within the HoSF interior. The activation energy for Fe2+
transfer from the outside solution through the protein shell was determined to be 52.9
kJ/mol. The reaction of Fe3+ with encapsulated [Fe(CN)6]4- also readily forms PB in the
HoSF interior, but the rate is faster than the corresponding Fe2+ reaction. The rate for Fe3+
transfer through the ferritin shell was confirmed by measuring the rate of the formation of
Fe-DES inside HoSF and an activation energy of 58.4 kJ/mol was determined. An
attempt was made to determine the rate of iron (2+ and 3+) transit out from the ferritin
interior by adding excess bipyridine or DES to PB trapped within the HoSF interior.
However, the reactions are slow and occur at almost identical rates for free and HoSFencapsulated PB, indicating that the transfer of iron from the interior through the protein
shell is faster than the rate-limiting step of PB dissociation.
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INTRODUCTION
Ferritins are universal iron storage and detoxification proteins found in biological
systems. They are usually composed of 24 subunits that pack into a spherical shell
forming a hollow cavity 7-8 nm in diameter. Iron is stored in the central cavity in the
form of a hydrous ferric oxide mineral core (1, 12, 13, 64, 65, 94). The internal cavity is
connected to the outside solution through eight hydrophilic and six hydrophobic channels
along the three-fold and four-fold axes of the protein shell. The three-fold hydrophilic
channels are believed to be the pathways for iron and other molecules to enter and leave
the protein interior during iron deposition and release (94, 138). Six negatively charged
residues (Asp131 and Glu134) are near the center of each three-fold channel, which are
highly conserved in all animal ferritins. Biochemical, mutational and crystallographic
data indicate that several metal binding sites are located in the hydrophilic three-fold
channels (139, 140). The crystal structure of ferritin shows that three divalent cations can
occupy this region indicating the presence of strong binding sites in the channel.
Furthermore, mutation of D131 and E134 lining the threefold channels were shown to
significantly slow the rate of iron uptake (22, 139) and blocking of the channel with
Cr(TREN) complex also interrupted the iron entry into ferritin interior (141, 142). Model
studies using the Poisson-Boltzmann equation revealed that the threefold channel is
responsible for the transit of Fe2+ ions while the fourfold channel is basically impermeant
(143, 144). These results are consistent with the threefold channels being the Fe2+
pathway during iron deposition and release in ferritin.
Recently Yang and Chasteen clarified the diffusional characteristics of the protein
shell of horse spleen ferritin (HoSF) toward small organic molecules by reporting the
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kinetics of permeation and effusion of nitroxide spin probes through the ferritin channels
(106, 119). Their detailed analysis established that (1) movement through the channels is
a slow (20-60 min), charge-selective process, which favors positive or polar diffusants
but not negative ones; (2) channel permeation and effusion are first order processes; (3)
large activation energies are found for movement through the protein shell; (4) consistent
with other results, diffusion into the ferritin interior occurs through the 3-fold channels
and (5) specific binding to the mineral core or channel sites impeded the net transfer of
nitroxide diffusants, which associated with the ferritin sites. However, while restricting
large and negatively charged molecules, the negative charged behavior of the three-fold
channel is expected to enhance the transfer of positively charged species such as Fe2+ and
Fe3+ into and out of the mineral core. This prediction was supported by kinetic studies of
Fe2+ release to bipyridine from the pre-reduced Fe2+ mineral core contained within the
interior of Azotobacter vinelandii bacterioferritin (AvBF) (107). Under these conditions,
the rapid rate of Fe2+ chelation was dependent on the rate of Fe2+ transfer from the
reduced mineral core to the chelator on the AvBF exterior. While suggestive that Fe2+
transfer to the outside of AvBF is rapid, this result is complicated because the rate of Fe2+
release occurred from a stable phospho-hydroxy Fe2+ core present in the AvBF. These
additional components could retard the rate of Fe2+ release so the measured rate may not
correspond directly to the rate for transfer of unencumbered Fe2+ through the protein
shell. Similar results would be expected for Fe2+ chelation from reduced animal ferritin
cores (25, 56). The rate of Fe2+ and Fe3+ transfer through the animal and bacterioferritin
shell is an important aspect of ferritin function and one in need of elucidation.
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Recently the synthesis of nanoparticles of Prussian blue (PB) and Fe(III)desferrioxamine (FeDES) in the interior of HoSF was reported (51, 145), which provides
a basis for measuring the rate of iron (2+ and 3+) transfer from the exterior solution
through the ferritin shell to the interior cavity. To form PB within the HoSF interior,
hexacyanoferrate(III) ([Fe(CN)6]3-) was first trapped within the ferritin by dissociating
the 24-subunit apoferritin structure into its individual subunits at low pH and then
reassembling the protein in the presence of high concentrations of [Fe(CN)6]3- at pH 7.0.
Once [Fe(CN)6]3- was trapped, aliquots of Fe2+ solution were added to the [Fe(CN)6]3- loaded HoSF (HoSF-[Fe(CN)6]3-) and PB formed spontaneously within the HoSF interior
(HoSF-PB). Up to 100 [Fe(CN)6]3- were reported to be accommodated within the HoSF
interior by this process (51). Similarly HoSF with DES and Fe(III)-DES encapsulated in
the cavity (HoSF-DES, HoSF-FeDES) was synthesized by using the dissociationreassembly method followed by addition of Fe3+ to the external solution of DES-loaded
ferritin. Formation of PB and Fe(III)-DES in the HoSF interior was verified by UV-vis,
IR spectroscopy and TEM imaging (51, 145).
Following the same procedures, we report measurements of the rate of Fe2+
reacting with HoSF-[Fe(CN)6]3-, and Fe3+ reacting with HoSF-DES to form encapsulated
PB or Fe(III)-DES. The rate of development of these complexes in the HoSF interior
should be the combination of two kinetic events: (1) the rate of iron (Fe2+ or Fe3+) entry
through the protein shell into the HoSF interior and (2) the rate of iron (Fe2+ or Fe3+)
combining with [Fe(CN)6]3- or DES within the aqueous confines of the HoSF interior. We
assume that this second kinetic event can be determined precisely by reaction of iron with
[Fe(CN)6]3- or DES when both are free in solution. In a similar way, the rate of iron
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egress from the HoSF interior can be measured by dissociating HoSF-PB with excess 2,
2’-bipyridine (bipy) or DES. This dissociation reaction can also be viewed as consisting
of two kinetic events: (1) dissociation of PB into Fe2+ and [Fe(CN)6]3- within the HoSF
interior and (2) transport of Fe2+ through the protein shell to the exterior solution, where
it forms [Fe(bipy)3]2+ with excess bipyridine. In the case of Fe3+ egress, PB first
dissociates into [Fe(CN)6]4- and Fe3+ which transits out from the ferritin interior and
reacts with DES in the exterior solution.
Using these procedures, we measured the rate of Fe2+ entry into the HoSF interior
during formation of PB within the HoSF interior. The process of Fe3+ entry was also
measured and occurs slightly faster than Fe2+. For both reactions, a delay time was
observed (10-20 s for Fe2+ and 5-10 s for Fe3+), which corresponded to passage of the
iron ions through the protein shell. The slow rate of dissociation of PB into its constituent
ions prevented the determination of the rate of effusion of the iron ions from the HoSF
interior.
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MATERIALS AND METHODS
HoSF, Fe(III)-perchlorate hydrate, DES and bipy were purchased from SigmaAldrich, and K3Fe(CN)6, K4Fe(CN)6 and FeSO4·7H2O from J. T. Baker. HoSF with
[Fe(CN)6]3-, [Fe(CN)6]4- and DES in its interior (HoSF-[Fe(CN)6]3-, HoSF-[Fe(CN)6]4-,
and HoSF-DES, respectively) were prepared (51, 145) and stored at 4 oC. All HoSF
solutions with entrapped molecules were centrifuged prior to optical or stopped-flow
measurements described below to remove small amounts of precipitate. HoSF after
dissociation and re-association of subunits completely reforms the 24-mer (117, 146) and
was active in the iron deposition reaction. The protein concentration was determined by
the Lowry method and the ferricyanide or ferrocyanide content trapped within HoSF was
determined as Fe by an Inductively Coupled Plasma (ICP) spectrometer (Optima 2000).
Stock solutions of bipy (0.04 M), DES (0.01 M), FeSO4·7H2O (6.66 mM), Fe(ClO4)3 (3.0
mM) and K3Fe(CN)6 (0.01 M) were prepared in MilliQ water, and the K3Fe(CN)6
concentration was determined optically at 420 nm (ε = 1020 M-1 cm-1). Reactions
involving oxygen sensitive reagents were conducted in a Vacuum Atmospheres glovebox
with O2 <1.0 ppm (Nyad O2 monitor). Except for the activation energy measurements all
other experiments were conducted at 23 oC.
Prussian Blue (PB). Two types of PB are recognized: soluble and insoluble (130,
147). Soluble PB is formed when limiting Fe2+ reacts with excess [Fe(CN)6]3- and
insoluble PB is formed when excess Fe2+ reacts with limiting [Fe(CN)6]3-. In all
experiments reported here, soluble PB was formed. The extinction coefficient of soluble
PB at 690 nm (ε690

nm

= 10,000 M-1cm-1) was determined by mixing a 0.01 M FeSO4

solution in 1 mM HCl with a slight excess of K3Fe(CN)6. The extinction coefficient was
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valid up to 0.1 mM PB. Spectra of [Fe(CN)6]3-, [Fe(bipy)3]2+ and PB were measured
using a HP-8453 diode array spectrophotometer and are shown in Figure 6-1. Because
only PB absorbs with a broad maximum at 690 nm, most of our measurements were
monitored at this wavelength.
PB solutions were centrifuged at 20oC in parallel with holo HoSF containing
~2000 Fe/HoSF at various centrifugation speeds using a Beckman Ti 70 rotor to
approximate the aggregate size of PB. Additional centrifugation measurements through
Nanosep filters with MW cutoff values of 30, 100 and 300 kDa were conducted to also
evaluate the aggregate size of PB under the conditions of the kinetic experiments.
Kinetic Measurements. To analyze the transport of Fe2+ into the HoSF interior,
we followed a modified procedure outlined by Yang and Chasteen (119). Eq. 1 describes
the process for Fe2+ permeation and effusion from the HoSF interior, where [Fe2+]o and
[Fe2+]i are Fe2+ concentrations in exterior solution and in the HoSF interior, respectively.
[Fe2+]o

[Fe2+]i

(1)

The rate of molecular transfer into or out of the HoSF interior was shown to be
independent of the HoSF concentration (106, 119). Yang and Chasteen considered both
the diffusion in and out of the ferritin interior, but a simplification results from our
approach because Fe2+ rapidly reacts with the encapsulated [Fe(CN)6]3- to form PB. This
PB “sink” causes the [Fe2+]i concentration to approach zero, which eliminates the back
reaction due to the effusion process. The rate law for Fe2+ entry under these conditions is
given by the forward reaction shown in Eq. 2, which is a simple first order equation for
Fe2+ diffusion to the HoSF interior.
d[Fe2+]i / dt = k [Fe2+]o

(2)
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Figure 6-1. Optical spectra of 0.1 mM PB, 0.1 mM Fe(bipy)32+ and 0.5 mM K3Fe(CN)6.
At 690 nm, only PB absorbs strongly.

Kinetic measurements for formation of free PB and PB in the HoSF interior were
conducted using an Applied Photophysics stopped-flow instrument enclosed in a Vacuum
Atmospheres glovebox under N2 at <1.0 ppm O2. In each case [Fe(CN)6]3- was kept
constant and in >10-fold excess at pH ~7.0 with variation in the Fe2+ concentration. For
the formation of the HoSF-PB, syringe A contained HoSF-[Fe(CN)6]3- ([HoSF] = 10.2
µM, [Fe(CN)6]3- =1.03 mM, ~100[Fe(CN)6]3- /HoSF), and syringe B contained 5~15 µL
of 6.66 mM Fe2+ that was diluted in 1 mL H2O so the final Fe2+ concentration ranged
from 0.023 to 0.050 mM. Time courses of PB formation in the HoSF interior were
recorded at 690 nm over 200 s. For free PB formation K3Fe(CN)6 (0.85 mM) and
different concentrations of Fe2+ (0.016 to 0.096 mM) were mixed and the absorbance
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change at 690nm was recorded over 20 s. The kinetic curves of both free PB and HoSFPB formation were fit with exponential functions using Microsoft Excel and the rate
constants calculated. The reaction between Fe3+ and free or encapsulated [Fe(CN)6]4- was
conducted similarly with [Fe(CN)6]4- at constant and excess concentration, except that
Fe3+ reacts with free [Fe(CN)6]4- too fast to be recorded on the stopped-flow instrument
(dead time ~0.5 ms).1 The rate of reaction between Fe3+ and HoSF-[Fe(CN)6]4- ([HoSF] =
11.9 µM, [Fe(CN)6]4- = 0.45 mM) is thus considered to be dependent solely on the rate of
Fe3+ transfer through the ferritin protein shell.
The rate for Fe3+ penetrating the ferritin shell was verified by comparing the
reaction rates of Fe3+ with free or DES encapsulated in HoSF. In this case, DES, either
free in solution or entrapped in HoSF, was kept constant and in excess, while Fe3+
concentration was changed to obtain a pseudo-first order rate constant with respect to
Fe3+. For Fe3+ and DES both free in solution, DES (1 mM after mixing) in one syringe
was mixed with Fe3+ as Fe(ClO4)3 (0.03 ~ 0.09 mM after mixing) in another and the
formation of the product Fe(III)-DES was monitored optically at 430 nm (ε = 2865 M-1
cm-1). In a parallel experiment, HoSF-DES ([HoSF] = 5.4 µM, [DES] = 0.53 mM) was
mixed with Fe3+ (0.015 ~ 0.05 mM after mixing) and the absorbance change at 430 nm
was recorded over 200 s on a stopped-flow kinetic instrument.
PB dissociation in the presence of bipy or DES was recorded on a diode array
HP-8453 spectrophotometer. For free PB 2~10 µL of 0.01 M PB was diluted into 1 mL
with MilliQ H2O (pH 7.0) in an optical cell and then 30 µL of 0.04 M bipy was added
1

Prussian Blue is also formed by the reaction of Fe3+ with the ferrocyanide ion ([Fe(CN)6]4-): Fe3+ +
[Fe(CN)6]4- = PB. PB formed by both reactions is KFeIII[FeII(CN)6], so its formation from Fe2+ and
[Fe(CN)6]3- requires an internal electron transfer step from Fe2+ to [Fe(CN)6]3- , i.e., FeII[FeIII(CN)6]- =
FeIII[FeII(CN)6]-, that does not occur when Fe3+ reacts with [Fe(CN)6]4-. This electron transfer step must
limit the rate of PB formation from Fe2+ and [Fe(CN)6]3-.
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and the disappearance of the blue color of PB was monitored optically at 690 nm over
150 min. The dissociation of encapsulated PB in HoSF in the presence of bipy was
conducted under the same conditions except the PB in the HoSF interior (made by Fe2+
reacting with HoSF-[Fe(CN)6]3-, ~100 PB/HoSF) was 0.033 mM. The rate constants of
dissociation of both free PB and HoSF-PB were obtained by fitting the kinetic curves to
an exponential function.
Activation Energy Measurements. The activation energies of PB formation in
solution and in the HoSF interior were measured on the stopped-flow instrument with
temperature controlled using a NESLAB, LES-111 water-bath temperature controller.
For these reactions, a 0.26 mM [Fe(CN)6]3- or HoSF-[Fe(CN)6]3- solution was mixed
with 0.025 mM Fe2+ at 10~40 oC at pH 7.0. Traces of absorbance change at 690 nm were
fit with exponential functions to determine the rate constant at each temperature and from
their variation with temperature, the activation energy, the activation enthalpy and
activation entropy were calculated from the Arrhenius plot and the Eyring equation:
ln(

kh
∆H ≠ ∆S ≠
)=−
+
k BT
RT
R

(3)

The activation energies for Fe3+ and DES, free or inside HoSF, reaction were
determined by conducting the reaction at 15, 23, 30 and 36 oC, respectively. Generally,
1.0 mM DES was mixed with 0.073 mM Fe3+, while 0.11 mM HoSF-DES was mixed
with 0.032 mM Fe3+ and the absorbance change at 430 nm recorded. The data were
transported to Microsoft Excel and the activation energy was then calculated from the
Arrhenius plot.
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RESULTS
Fe(II) transfer through the ferritin shell.
Free PB formation. Figure 6-2 shows the kinetic curves for PB formation free in
solution at different Fe2+ concentration with [Fe(CN)6]3- in excess. The reactions are
rapid and are generally finished in <1 s. The initial rates vary linearly as a function of
increasing Fe2+ concentration, establishing a pseudo first-order Fe2+ dependence. When
Fe2+ concentration was kept constant pseudo-first-order behavior in [Fe(CN)6]3- was also
observed. From these results, we calculated a second-order rate constant of 6.93 ×103 M-1
s-1 for reaction 4 at pH 7.0 and 23 oC.
K3Fe(CN)6 + FeSO4 = KFe[Fe(CN)6] + K2SO4

(4)

Reaction 4 was also conducted as a function of temperature as shown in Figure 63. At temperatures <25 oC, the kinetic curves became slightly more complex and two
exponentials were required to fit the data because a slow step not observed at the higher
temperatures becomes measurable but its amplitude is small, indicating only a minor
reaction. The progress curves were fit by Eq. 5 from which k1 for the fast and k2 (only
significant at 15 oC) for the slow step were obtained and the variation of k1 as a function
of temperature was plotted in the inset of Figure 6-3. The activation energy, enthalpy and
entropy of 24.4 kJ/mol, 21.9 kJ/mol and -86.6 J/K.mol, respectively, were calculated
using Eq. 3 and compiled in Table 6-1.

A = A0 + A1e − k1t + A2 e − k2t

(5)
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Figure 6-2. Time dependence of PB formation free in solution at pH 7.0 and 23 oC
measured by stopped-flow spectrophotometry. 0.85 mM K3Fe(CN)6 was mixed with
0.016, 0.032, 0.048, 0.064 and 0.096 mM Fe2+ (bottom to top) and the absorbance change
was monitored at 690 nm.

Figure 6-3. Temperature variation of the rate of free PB formation at 20, 25, 30, 35 oC,
bottom to top. Conditions were: 0.26 mM [Fe(CN)6]3-, 0.025 mM Fe2+, pH 7.0. Inset:
Arrhenius plot.
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Table 6-1. Activation parameters for PB and Fe3+-DES formation free in solution and in
the HoSF interior
Activation parameter

Free PB

HoSF-PB

Free Fe-DES

HoSF-FeDES

Ea (kJ/mol)

24.4 ± 1.1

52.9 ± 1.9

28.2 ± 1.1

58.4 ± 4.9

H (kJ/mol)

21.9 ± 1.2

50.5 ± 2.0

25.7 ± 1.2

55.9 ± 5.1

S (J/Kmol)

-86.6 ± 4.6*

-120.7 ± 4.7

-96.7 ± 4.4*

-100.8 ± 9.2

* S was calculated using the second-order rate constants.

The nature of the soluble, free PB formed in this study was further investigated by
centrifugation and other methods to estimate the MW of the PB particles so that
comparisons could be made with PB formed within the HoSF interior. Although soluble
PB solutions at 0.010 M or higher do not precipitate after months of standing, they are
aggregates (colloids) containing large numbers of iron atoms (130). To gain some
qualitative insight into the size of these aggregates, 0.01 M PB solutions and holo ferritin
solutions (containing ~2000 Fe/HoSF) at ~2 mg/mL (~5 µM) were centrifuged at 20,00045000 rpm for 0.5 to 1.5 h in a Beckman Ti 70 rotor. In both cases, the total Fe
concentration was ~0.01 M and the PB and holo HoSF sedimented nearly identically,
indicating both contained molecular masses above 400 kDa. However, when completely
sedimented, holo HoSF formed a clear supernatant and a dark brown pellet; whereas, PB
formed a dark blue pellet but also a light blue supernatant solution above the pellet. The
presence of sedimented PB and a clear blue supernatant indicates that a heterogeneous
solution of PB was initially present that leaves smaller particles in solution.
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Centrifugation of 0.01 M PB with centrifuge tubes containing membrane filters of 30,
100, and 300 kDa confirmed that most PB was ≥30 kDa because only a slight blue color
came through the 30 kDa membrane filter. Dialysis with a 10 kDa membrane showed
that no blue color passed through the membrane. These results suggest that although PB
and holo HoSF contain similar sized aggregates, PB is more heterogeneous and
significant amounts of smaller aggregates remain suspended in solution. The membrane
and dialysis experiments show that even though smaller components are present they are
still ≥30 kDa.
Formation of PB encapsulated in HoSF. As described previously (51), addition
of Fe2+ to HoSF-[Fe(CN)6]3- results in the appearance of the characteristic PB color
within the HoSF interior. Based on this observation we measured the kinetics of PB
formation in the HoSF interior by mixing Fe2+ with HoSF-[Fe(CN)6]3- by measuring the
change in absorbance at 690 nm as a built-in indicator of when Fe2+ arrives in the HoSF
cavity. This is feasible because the reaction of the free ions to form PB is >1000 times
faster than its formation from encapsulated [Fe(CN)6]3-and Fe2+, as shown in Figure 6-4.
Several kinetic features are evident from the formation of PB within the HoSF interior
that contrast with the results in Figures 6-2 and 6-3 for the formation of PB free in
solution. First, there is a small absorbance decrease at 690 nm during the first ~5 s,
which independent experiments suggested was due to Fe2+ reduction of oxidized centers
present in HoSF because the absorbance of these oxidized centers decreases at 690 nm
upon reduction (116). The presence of oxidized centers in HoSF was previously
described and are readily formed with [Fe(CN)6]3- as oxidant, which is present in excess
when HoSF-[Fe(CN)6]3- forms (40, 116). It was not possible to pre-reduce these centers

152

prior to Fe2+ addition because a low potential reductant is required, which would also
reduce the encapsulated [Fe(CN)6]3-.
The second kinetic feature following this initial rapid absorbance decrease is that
the reaction shows no absorbance increase at 690 nm during the first ~10-20 s, even
though all reagents required for PB formation are present. This delay in PB formation
depends on the initial Fe2+ concentration, with shorter delay times corresponding to
higher initial Fe2+ concentrations (Table 6-2). This observed lag time is consistent with
Fe2+ transfer across the HoSF protein shell as discussed below.
The third feature is that after this lag phase, the absorbance begins to increase
with time demonstrating the formation of PB by the arriving Fe2+ reacting with the
encapsulated [Fe(CN)6]3- in the HoSF interior. First order behavior in Fe2+ was observed
by fitting each curve to a single exponential. Good fits were obtained except for the first
10-20 s immediately after the delay time, where some deviation occurred. Further
experiments show that the rate of the formation of PB in the HoSF interior is independent
of the [Fe(CN)6]3- concentration, suggesting the rate obeys first-order kinetics in Fe2+
concentration with a rate constant of 0.40 s-1. This rate is much slower than that in Figure
6-2 for free PB formation under similar conditions, suggesting that the rate of Fe2+
transfer through the HoSF shell is a first-order rate-limiting step, a result consistent with
the prediction of Eq. 2.
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Figure 6-4. Time dependence of PB formation in the HoSF interior at pH 7.0 and 23 oC
measured by stopped-flow spectrophotometry. HoSF-[Fe(CN)6]3- ([Fe(CN)6]3- = 0.52
mM, [HoSF] = 5.1 µM after mixing) was mixed with 0.023, 0.033, and 0.050 mM Fe2+
and the absorbance change monitored at 690 nm for over 200 s. Inset: First-order
dependence of the observed rate constant on Fe2+ concentration.

Table 6-2. Lag time for PB formation in HoSF interior at different iron concentrations.
[Fe2+], mM

Lag time (s)

[Fe3+], mM

Lag time (s)

0.023

24

0.010

10

0.033

20

0.013

8.5

0.050

13

0.019

7.0

0.023

6.5

154

To relate the observed rate constant to more fundamental quantities, we use the
diffusion model derived by Yang et al. (119),
D = k h2/ π2

(6)

where D is the apparent diffusion constant, k is the observed rate constant and h is the
thickness of the protein shell. By taking k = 0.40 s-1 and h = 1.2 nm (94), we calculated D
= 5.8×10-20 m2/s. The delay time, t, in Figure 6-4 is a measure of the time required for
Fe2+ to traverse the protein shell, which is also related to the diffusion coefficient by the
relationship h2 = 2Dt. From this relationship an apparent D = 4.8×10-20 m2/s is calculated
using the delay time of t =15 s, a result in good agreement with the D value obtained
from the rate constant. The results present a consistent view of Fe2+ transfer being the
rate-limiting step in the formation of PB within the HoSF interior. Comparing our results
with those of ref (119), we found that Fe2+ transfers ~100 times faster than nitroxide
radicals, a result consistent with the difference in size and the greater positive charge on
Fe2+ interacting with the negatively charged interior of the 3-fold channels.
The activation parameters obtained for formation of PB within the HoSF interior
are Ea = 52.9 kJ/mol, H = 50.4 kJ/mol, S = -120.7 J/Kmol, respectively, as shown in
Table 6-1. Since the formation of PB in the HoSF interior obeys first-order kinetics in
Fe2+, the activation entropy was calculated from first-order rate constants in Eq. 3. The
rate constant is much larger and the activation energy much smaller for formation of PB
free in solution compared to that within the HoSF interior.
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Fe(III) transfer through the ferritin shell.
Reaction of Fe(III) with Free or Encapsulated Fe(CN)64-. The kinetics of PB
formation free in solution was also measured by mixing Fe3+ with [Fe(CN)6]4- but the rate
is too fast to follow by stopped-flow spectrophotometry.2 The equilibrium constant for
reaction 7 is about 3 times larger than that for reaction 4, which partly explains the faster
rate of reaction 7 (148). Another reason is that reaction 4 likely undergoes formation of
the intermediate of KFeII[FeIII(CN)6], which then converts to the final product in reaction
7, KFeIII[FeII(CN)6], through an internal electron transfer step (147).
K4FeII(CN)6 + Fe3+ = KFeIII[FeII(CN)6] + 3K+

(7)

Time courses of PB formation within HoSF according to reaction 7 are shown in
Figure 6-5 and have similar kinetic characteristics as reaction 4, shown in Figure 6-4,
except the lag period is shorter (Table 6-2). The curves after the lag period were easily fit
to a single exponential confirming first-order behavior in Fe3+. The rate constant for
reaction 7 inside HoSF is 0.76 s-1 (D = 1.11×10-19 m2/s) and is slightly larger than that for
Fe2+ reacting with HoSF-Fe(CN)63-. In addition, the kinetic traces in Figure 6-5 also show
an initial delay of 7~10 s (D ~1.03×10-19 m2/s) before PB begins to form, corresponding
to the faster transfer of Fe3+ through the HoSF shell. The reaction between free Fe3+ and
[Fe(CN)6]4- is so fast that it can be regarded as having no effect on the overall rate of PB
formation, so that the measured rate is only that of Fe3+ transfer across the ferritin shell.
The initial decrease in absorbance at 690 nm observed in Figure 6-4 is still present
but cannot be explained as in Figure 6-4 by the reduction of protein centers by Fe2+
because only Fe3+ is present. This rapid decrease in absorbance cannot be due to initial
rapid formation of PB at another site on HoSF with subsequent decay because PB
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dissociation is shown later to be a very slow process.2 The cause of this initial absorbance
decrease is not known but occurs faster than the rate of transfer of Fe2+ into the HoSF
interior and only interferes with precise measurement of the lag period.
Reaction of Fe(III) with DES in the absence or presence of HoSF. To verify the
results of Fe3+ transfer through the ferritin shell obtained above, we performed another
pair of parallel experiments by reacting Fe3+ with DES either free or encapsulated within
HoSF. The reaction of Fe3+ with free DES is rapid with a rate constant of 1.92 ×103 M-1s1

, while the reaction of Fe3+ with HoSF-DES is much slower with a rapid initial decrease

in absorbance at 430 nm as in Figures 6-4 and 6-5 and has a lag phase similar to that in
Figure 6-5. Following the lag phase, the reaction was shown to be first order in Fe3+, with
an overall rate constant of 0.74 s-1, which is very close to that obtained from the Fe3+ and
HoSF-Fe(CN)64- reaction.
The temperature variation of the reaction rates of Fe3+ with free DES is shown in
Figure 6-6 and the Arrhenius plot is shown in the insert. The activation energy for
Fe(III)-DES formation free in solution was calculated to be 28.2 ± 1.1 kJ/mol and from
separate experiments the activation energy for encapsulated HoSF- FeDES was 58.4 ±
4.9 kJ/mol (Table 6-1). These values are close to the corresponding values of 24.4 and
52.9 kJ/mol for Fe2+ reacting with free and entrapped [Fe(CN)6]3- during PB formation.

2

Another possibility for the absorbance decrease at the beginning in Figures 6-4 and 6-5 is the initial
binding of iron and O2 to HoSF with formation and subsequent decay of the transient peroxodiiron
intermediate, which has a similar rate profile at 650 nm. However, because the solutions were anaerobic
and the reaction conducted within a glovebox with O2 <0.1 ppm, this explanation is unlikely.
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Figure 6-5. Time dependence of PB formation from Fe3+ and HoSF-Fe(CN)64- in the
HoSF interior at pH 7.0 and 23 oC. HoSF-[Fe(CN)6]4- ([HoSF] = 6.0 µM, Fe(CN)6]4- =
0.23 mM after mixing) was mixed with 0.010, 0.013, 0.019 and 0.023 mM Fe3+ and the
absorbance change was monitored at 690 nm over 200 s. Inset: First-order dependence of
the observed rate constant on Fe3+ concentration.

Figure 6-6. Temperature variation of the rate of Fe(III)-DES formation free in solution.
Conditions were: 1.0 mM DES, 0.073 mM Fe3+, pH 7.0. The absorbance change was
monitored at 430 nm and the reaction conducted at 15, 23, 30 and 36 oC (bottom to top).
Inset: Arrhenius plot.
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Figure 6-7. Time dependence of PB dissociation in the presence of bipy at pH 7.0 and
23 oC. 30 µl of 0.04 M bipy was added to 0.97 mL of PB solution containing 0.08 mM
PB and the absorbance change was monitored at 690 nm over 140 min.

PB Dissociation
Free PB Dissociation.

PB formation from Fe2+ and [Fe(CN)6]3- and its

dissociation to these ions are equilibrium processes with the formation reaction much
more favorable than the dissociation reaction. However, the presence of bipy or DES can
shift the equilibrium backwards by removing Fe2+ or Fe3+ through chelation.
Fe[Fe(CN)6]- (PB) + 3bipy = Fe(CN)63- + Fe(bipy)32+

(8)

Fe[Fe(CN)6]- (PB) + DES = Fe(CN)64- + Fe3+-DES

(9)

The reaction of PB with excess bipy was monitored optically at 690 nm and
Figure 6-7 shows that PB decomposes with a rate on the order of hours even in the
presence of excess iron chelator. Under these conditions, the dissociation of PB into Fe2+
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and [Fe(CN)6]3- is rate-limiting because the reaction of Fe2+ with bipy is very rapid (107).
Thus reaction 8 is first-order in PB with a rate constant of k-1 = 1.27 × 10-4 s-1 (t1/2 = 91
min). For reaction 9, a first order rate constant of 1.50 × 10-4 s-1 was obtained under the
same conditions for PB decomposition with DES. Having measured the rate constants for
both free PB formation and dissociation, the equilibrium constant for reaction 4 is
calculated to be 5.46 × 107 M. This value is comparable to a previously measured value
of 1.82 x 108 (147), indicating that the kinetic results for formation and dissociation of
free PB reported here are realistic and represent the appropriate reactions.
Encapsulated PB Dissociation. For HoSF-PB to be decomposed by bipy or DES,
Fe2+ or Fe3+ must first dissociate from PB and then diffuse out of the ferritin interior
through the threefold channels. Previous results showed that bipy or DES are too large to
enter the HoSF interior (149), results consistent with recent diffusional studies of other
organic molecules (106, 119). Therefore, the difference in the rate of PB dissociation in
solution and that for its dissociation from HoSF-PB interior must be the transfer of iron
through the channel. Addition of bipy to encapsulated PB in HoSF only caused slow
formation of [Fe(bipy)3]2+ as evidenced by the disappearance of blue color at 690 nm, the
formation of [Fe(bipy)3]2+ (monitored at 520 nm) and [Fe(CN)6]3- (monitored at 420 nm),
using the results in Figure 6-1. The reaction rate is first order in HoSF-PB concentration
in the presence of large excess bipy, with a rate constant of 1.17 × 10-4 s-1. The kinetics
of HoSF-PB dissociation with DES was similar. These results show that the rate of
dissociation of PB inside the HoSF interior is rate limiting and controls the rate of
external [Fe(bipy)3]2+ or Fe3+-DES formation. Thus the passage of Fe2+ or Fe3+ from the
interior to the exterior through the protein shell cannot be measured by this process.
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DISCUSSION
Rates of Iron (2+ and 3+) Transfer through the HoSF Shell. Since PB formation
was conducted under the same conditions free in solution or in the interior of HoSF, the
differences in rate and activation parameters with and without HoSF should be due to the
effect of HoSF, i.e. the transfer of iron (2+ and 3+) through the ferritin shell. The
formation of free PB by Fe2+ and [Fe(CN)6]3- or Fe3+ and [Fe(CN)6]4- is very rapid and
first order in both reactants. The transfer of iron through the three-fold channel is a firstorder rate-limiting step during the formation of PB in the HoSF interior as predicted by
Eq. 2 and verified by Figures 6-4 and 6-5. A rate constant of 0.40 s-1 for Fe2+ or 0.76 s-1
for Fe3+ was calculated for this process. To verify this behavior with Fe3+, a comparison
was made for the rate of formation of PB and FeDES both inside HoSF and free in
solution. The formation of free PB and FeDES are both rapid but differ significantly in
rate with the reaction of Fe3+ and [Fe(CN)6]4- being too fast to measure. However, the
rates for formation of PB and FeDES from Fe3+ are nearly identical when the reactions
are conducted within the HoSF interior under identical conditions, consistent with Fe3+
transfer through the HoSF shell being rate limiting.
We have assumed that the rates of PB formation inside the interior and that
outside are the same but there may be small differences. A complication that could affect
the rate of formation of encapsulated PB is that the highly negatively charged [Fe(CN)6]3(or [Fe(CN)6]4-) is confined in the small volume of the HoSF interior, which is
surrounded by the inner surface of the protein shell containing negatively charged
carboxylate groups. Minimizing this repulsion from the walls could cause the formation
of PB to occur at a faster rate.

However, any such enhancement in rate was not
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measurable because iron transfer through the protein shell is still the rate-limiting step.
Another factor that must be considered is that because only ~100 [Fe(CN)6]3- or
[Fe(CN)6]4- are present within the ferritin interior the size of the PB aggregates that
formed is limited by this concentration constraint.

In contrast the centrifugation

experiments show that much larger aggregates are formed free in solution. What effect
this disparity in size has upon the rates is not known.
Using spin probes (0.6-0.7 nm) slightly larger than the nominal size of the protein
channels (~0.4 nm), the diffusional characteristics of permeation and effusion through the
ferritin shell were elegantly described (106, 119). The major findings of those studies as
outlined in the introduction were consistent with transport of the spin probes through the
3-fold channels, especially the selectivity for polar or positively charged diffusants. The
observed slow transfer rates (~60 min) and high activation energies were attributed to the
drag of the large organic molecules through the narrow channels. The transport of Fe3+
and Fe2+ into the HoSF interior as reported here is much faster than the large organic
molecules and is consistent with their smaller size and higher positive charges, which
would facilitate transfer into the interior by the known negative potential gradient arising
from negative charges within the ferritin channels and the protein interior (143, 144). The
negative residues near the center of the channel are believed to form intermediate binding
sites, where Fe2+ or Fe3+ transiently bind during iron movement through the ferritin shell
and could impede the rate of transfer into the HoSF interior. Similar behavior was noted
with the positive spin probes, where a two-step process involving a nitroxide radical
bound as an intermediate was required to adequately describe transfer through the
channels at long incubation times (119). If binding alone were responsible, then Fe3+
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would be expected to transfer through the channels more slowly than Fe2+ but the
opposite behavior is observed, suggesting other factors are involved.
Based on results presented in the introduction (22, 139), we assumed that both
Fe2+ and Fe3+ enter the HoSF interior via the three-fold channels but they might enter by
different routes. One possibility is that Fe2+ enters through the ferroxidase center. During
iron deposition with O2, Fe2+ must transfer from the outside solution through the
threefold channel to the diiron ferroxidase center where it is oxidized by O2. The rate of
formation of the diiron peroxo intermediate occurs within <50 ms, a time much shorter
than that observed here (10-20 s) for overall Fe2+ transfer to the interior (34, 70, 150).
Although there is no O2 present during PB formation in our experiments, it is still
possible that Fe2+ rapidly enters the HoSF channel and then goes to the ferroxidase center
where it binds tightly. If this is the case, then Fe2+ transfer from the ferroxidase center to
the interior must be the slow step. This possibility is consistent with a very slow rate (510 min) of Fe3+ transfer from the ferroxidase center to the ferritin interior during iron
deposition (35, 75). Such a pathway is complex and to further evaluate this possibility
would require repeating these types of measurements with recombinant ferritins having
the ferroxidase center modified to eliminate Fe2+ binding.
Activation Parameters. The activation energy is much smaller for formation of
PB free in solution compared to that within the HoSF interior. Such factors as partial or
complete loss of their hydration sphere as the iron ions move into and associate with
carboxyl binding sites in the channel (141, 142) and energies involved in the binding and
release from sites within the channel could represent a significant part of the activation
energy. The activation entropies for both processes are large and negative (-86.6 vs -
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120.7 J/Kmol), indicating in both cases formation of a highly ordered activated complex.
However, these entropies of activation must arise from very different sources. That for
formation of PB free in solution likely arises from large numbers of Fe2+ and [Fe(CN)6]3ions forming the PB aggregate while that for encapsulated PB likely arises from events
due to passage of the Fe2+ through the channels. Because only ~100 [Fe(CN)6]3- were
present within the HoSF interior, the size of the PB particle that is formed is limited by
this concentration constraint, which does not apply to the reaction free in solution.
It is interesting and perhaps significant to compare the transfer of iron ions with
the transfer of the nitroxide radicals investigated earlier. A slightly higher activation
energy of 63.2 ± 1.7 kJ/mol and an entropy of -66.8 kJ/mol are observed for the less
charged, larger, and structurally very different nitroxide radicals. What is in common
with both types of diffusants is the protein channel through which they transfer as shown
in Figure 6-8. The common activation parameters observed for both the larger nitroxide
ions and the smaller iron ions are likely associated with the fluxional changes in the
channel dimensions as previously suggested (39, 56, 141). As the channels alter their
dimensions the iron ions could be alternately bound and released as they move through
the protein channels into the HoSF interior. The activation parameters for iron ion
movement through the channels are, therefore, likely a complex combination of protein
movements contributing to ion binding/release reactions.
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Fe2+

Fe2+
Figure 6-8. Proposed mechanism for Fe2+ diffusion through ferritin three-fold channel.
The time required for Fe2+ pass through the channel is represented by the initial lag phase
in Figure 6- 4. At the entrance of the funnel, [Fe(H2O)6]2+ ion binds to E134, and as it
moves down it loses two water molecules and binds to D131 side chains. During Fe2+
transfer into the ferritin interior to form PB, the reverse processes shown by the short
arrows are not operative due to the unidirectional nature of the reaction.
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Other Mechanisms and Reactions. Reactions 4 and 7 showing that PB forms
within the HoSF interior raises some interesting questions about the reactivity of Fe2+ and
Fe3+ once they have arrived within the HoSF interior.

Fe3+ + 3OHFe[Fe(CN)6]-

Fe(OH)3
Fe3+ + [Fe(CN)6]4-

Fe[Fe(CN)6]- + 3OH-

Fe(OH)3 + [Fe(CN)6]4-

K ~1038

(10)

K ~ 10-6

(11)

K ~ 1032

(12)

Reaction 12 shows that PB is unstable with respect to forming Fe(OH)3 at pH
~8.0. Although dissociation of PB into Fe3+ and [Fe(CN)6]4- is relatively slow (Figure 67), it still should dissociate and form Fe(OH)3 and [Fe(CN)6]4- on the time scale of hours
as observed when free PB is equilibrated in buffers at pH 8-11. However, PB is stable
within the HoSF interior for weeks or months without Fe(OH)3 formation, indicating that
the HoSF interior creates conditions that prevent Reaction 12 from occurring.
Due to the size limitation of the HoSF interior, which is ~7-8 nm in diameter, and
the amount of [Fe(CN)6]3- actually trapped within the HoSF cavity, the size of the PB
particles formed in HoSF will be limited in size and will have an aggregate size of only
200 total Fe atoms or less compared to aggregates ~7000 times larger when formed free
in solution. The use of the nano reaction cavity of HoSF is uniquely suited to prepare PB
clusters of limited and presumably uniform size and could provide a means for
investigating PB behavior as a function of particle size.
In summary, the present work describes a novel method of determining the
kinetics of iron transfer through the ferritin shell by forming encapsulated complexes
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inside the ferritin. We believe that this method can be used to study the transfer of other
small molecules, such as reductants, oxidants and iron chelators, through the ferritin shell
by putting an appropriate indicator in the interior and then reacting it with its companion
molecule that is present in the exterior solution.

The results in this chapter were published in Biophys. Chem. 2006, 120, 96-105.
Copyright 2006 Elsevier.
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Chapter 7: Anion Transfer in Ferritin during Reduction of the
Mineral Cores by Methyl Viologen
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ABSTRACT
Anion transfer during ferritin core reduction has been monitored by elemental
analysis and pH measurements. When native holo horse spleen ferritin (HoSF) is reduced
by methyl viologen (MV) in different salt solutions at pH 7.0, small halide anions, such
as F-, Cl- and Br-, enter the ferritin interior as evidenced by the Fe/Cl ratio in the core
decreases from ~14 to 1, with >90% Fe(II) remaining within ferritin. Large anions, such
as I- and ClO4- do not enter the ferritin cavity probably because of the size limit of ferritin
pores. The amount of anions accumulated in ferritin increases with the percentage of
reduction, while phosphate is released at the same time as the Fe/P ratio in the core
increases from 6.5 to ~18. No anion transfer is observed during the reduction of
reconstituted HoSF containing a non-phosphate Fe(O)OH core, suggesting that phosphate
plays a role in anion transfer. Measuring pH during titration of HoSF with MVr gives
∆(OH-)/e ratios of ~2.0 and 1.0 for native and reconstituted HoSF, respectively,
indicating that the reduction of native HoSF follows: Fe(O)OH + X- + H2O + e- =
Fe(X)OH + 2OH-, where X = F, Cl, or Br. The reduced Fe(II) cores in HoSF and
bacterioferritins are most stable at pH ~7.5 with commonly used buffers, while >70% of
the iron is released if reduction occurs in phosphate solution at pH 7.0. Stopped-flow
kinetic measurements demonstrated that the rate of HoSF reduction by MVr in ion
solutions follows the order: H2O >NaI >NaBr >NaCl. When the reduced Fe(X)OH core
is re-oxidized in air, X- is expelled from the HoSF interior and a core similar to the
original one is formed. The composition and stability of reduced Fe(II) core, the role of
phosphate and the molecular mechanism of anion transfer are discussed and the possible
role of ferritin molecule as an anion pump in vivo is proposed.
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INTRODUCTION
Ferritins are ubiquitous iron storage proteins distributed in animals, plants, and
bacteria. The spherical protein coat of ferritin (apoferritin) is composed of 24 subunits
(~19 kDa) with a diameter of 12 nm. Up to 4500 iron atoms can be stored in the central
cavity of ferritin (~8 nm in diameter) as a mineral core of ferric hydrite Fe(O)OH along
with variable amounts of phosphate. Ferritin subunits are packed in 234 symmetry to
form three-fold and four-fold axes on the protein shell, which connect the internal cavity
to outside solution. The eight three-fold hydrophilic channels are lined with six
negatively charged residues (Asp131 and Glu134) and are the pathways for iron and
other molecules to enter and leave the protein interior during iron deposition and release
(94, 138). The six four-fold channels, being lined with Leu, are hydrophobic and thus
impermeant to ions.
Apoferritin is prepared from ferritin by the reduction of the ferric ion in the core
and chelation of the resulting ferrous ion. It can also be used to reconstitute ferritin with
Fe2+ and oxygen. The process of reconstitution or iron deposition has been studied
extensively using O2 as an oxidant. Iron reduction and release from ferritin have not been
investigated so extensively, but it is also very important because it is related to iron
recovery from ferritin in vivo and may lead to the cure of iron-deficiency anemia. A
previous study on the ferritin reduction suggested that the iron core undergoes a oneelectron reduction with midpoint potentials E1/2 of -190, -310, and -416 mV at pH 7, 8,
and 9, respectively (120). The pH dependence of the potentials corresponds to the uptake
of 2H+ per Fe3+ according to Eq. 1:
Fe(O)OH + e- + 2H+ = FeOH+ + H2O

(1)
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To maintain electroneutrality, an anion must transfer to the interior of ferritin
during the reduction, which has been verified by the observation that chloride ions are
present in the reduced core forming a stable chlorohydroxy Fe(II) mineral phase (151).
This finding is interesting because the presence of Cl- may change the electrochemical,
kinetic and spectroscopic behavior of the reduced core. However, no molecular
mechanism for Cl- transfer was present in that work.
Recently, Watt et al. have synthesized nanoparticles of iron phosphate, iron
arsenate, iron vanadate, and iron molybdate within the ferritin interior (58). They have
shown that these oxo-anions stimulate the rate of iron deposition, while cations and other
anions such as F-, I-, SO42- decrease the rate (152). Therefore, oxy-anions have important
impacts on iron deposition and release from ferritin, and understanding the impacts will
help elucidate the physiological mechanisms of ferritin mineralization and iron recovery.
In addition, recent research on the diffusional characteristics of the protein shell of HoSF
using nitroxide spin probes (106, 119) demonstrated that ion diffusion through the threefold channels is a slow (20-60 min), charge-selective process, which favors positive or
polar diffusants but not negative ones. Then how do phosphate and other anions transfer
into the ferritin interior during iron deposition or reduction?
The present work studies in more detail the anion transfer process, mainly the
halides, during the reduction of the ferritin mineral core by reduced methyl viologen
using elemental analysis. It is shown that both the size of anions and the presence of
phosphate in the core affect the transfer. The stability of the reduced core and the effect
of anion transfer on the kinetics of reduction are discussed. The possibility of ferritin as
an antiporter of small anion (F-, Cl-, or Br-) and phosphate is proposed.
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MATERIALS AND METHODS
Proteins and Reagents. Native holo horse spleen ferritin (HoSF) was purchased
from Sigma. NaF, NaCl, NaBr, NaI, and NaClO4 were all purchased from Fisher
Scientific Co. Apo HoSF was prepared by the reductive dissolution of native iron oxide
cores of holo HoSF using the thioglycollic acid procedure. Reconstitution of apo HoSF
was conducted by adding different levels of Fe2+ to apo HoSF solution in 0.05 M MOPS
buffer with 0.05 M NaCl at pH 7. The reaction was incubated at room temperature with
stirring, and all iron was deposited into the ferritin interior as demonstrated previously
(41). Protein concentrations were determined by the Lowry method and confirmed by the
absorbance at 280 nm ( = 468 000 M-1 cm-1).
Methyl viologen is a convenient reductant for studies of iron release from ferritin
because of its specific and rapid reduction of the ferritin core. Doubly reduced methyl
viologen (MVH2) was prepared by anaerobic reduction of oxidized MV (Sigma) using
excess Zn or dithionite in 1 M Na2CO3 solution at pH 9-10 (153). The reaction mixture
was stirred overnight and the water-insoluble MVH2 was extracted with toluene. The
intensely colored toluene layer was isolated and washed three times with anaerobic water
to remove any ionic contaminants. Singly reduced MV (MVr) was prepared by two
methods: 1) direct reduction of the oxidized MV by CO with CODH as catalyst, as
described in Chapter 4 (53); and 2) addition of an anaerobic aqueous solution of the
oxidized MV to MVH2 in toluene (153). The first method is easier to perform and
produces purer MVr, but the enzyme CODH is of limited quantities. So we relied on the
second method for most experiments. Reactions or procedures requiring anaerobic
conditions were carried out in a Vacuum Atmosphere glovebox (<1.0 ppm O2).
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Figure 7-1. Detection limit of Cl on ICP. DL = 54.1 ppm or 1.53 mM.

Detection Limit of Cl on ICP. Small halides such as F, Cl and Br are difficult to
measure using Inductively Coupled Plasma (ICP) atomic emission spectrometer because
they are very hard to ionize. No detection limit of chlorine on ICP has been reported. By
making a series of NaCl standard solutions and measuring Cl on ICP, we obtained a
calibration curve and calculated the detection limit, ~ 54 ppm or ~1.5 mM (Figure 7-1).
Elemental Analysis by ICP during Ferritin Core Reduction. Iron, phosphorus, and
anion (except fluorine) concentrations in native and reconstituted HoSF, and in their
reduced forms were measured using ICP (Optima 2000). Native and reconstituted HoSF
were passed twice through Sephadex G25 size-exclusion chromatography using Milli Q
water to remove any external molecules and ions in the solution. Reduced samples were
prepared by adding MVr or MVH2 anaerobically to native and reconstituted HoSF in
different salt (0.05 M) solutions at pH 7.0 until the solution became blue, indicative of
excess MVr. Generally, only several drops of MVH2 are required because it recycles to
react with the Fe(O)OH core. The blue solution was then passed twice through a G-25
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column using Milli Q water in the glovebox to remove excess reductant, MOPS and salt,
and/or any unstable iron outside the ferritin. Sometimes aliquots of 0.1 M NaNO3
solution were added to remove any MV leftover on the column. The Fe2+ content in this
newly formed Fe(II)-HoSF was also measured optically by reaction with ophenanthroline (ε511 nm = 9640 cm-1 M-1) or 2,2’-bipyridine (ε520 nm = 8400 cm-1 M-1).
Titration of Ferritin with MVr. To gain information about the stoichiometry of
ferritin reduction by methyl viologen, 4 µM MVr per addition was added to anaerobic
native HoSF solution (0.08 µM, containing 220 µM Fe) in 0.05 M MOPS and 0.05 M
NaCl, pH 7.0. Spectra were taken by an HP-8453 UV-visible spectrometer for each
addition after the reaction was over. Absorbance at 604 nm, characteristic of MVr, was
plotted against the ratio of MVr added to the total Fe in the core. For the titration of
reconstituted HoSF, 2 µM MVr per addition was added to HoSF (0.07 µM, containing
120 µM Fe) in MOPS buffer at pH 7.0.
When the Fe(O)OH mineral core in HoSF is reduced, one or two hydroxide ions
will be released to the external solution according to reactions 2 and 3, which changes the
pH of the solution (151). Based on this assumption, we measured the pH change using a
Corning pH meter (Model 140) during titration of native and reconstituted HoSF with
MVr. The OH-/e ratio was calculated from the pH change and the amount of MVr added
(MVr is a one-electron donor). MVH2 was not used here because it recycled during the
reaction and cannot be monitored quantitatively.
Fe(O)OH + X- + H2O + e- = Fe(X)OH + 2OH-

(2)

Fe(O)OH + H2O + e- = Fe(OH)2 + OH-

(3)
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Stability of Reduced Fe(II) Core. To check the effect of pH on anion transfer and
the stability of the reduced Fe(II) core, native HoSF and AvBF were reduced by MVH2 in
MOPS buffer at pH 6.0 to 9.0. After passing through a cation-exchange chromatography
(Dowex 50W-X8, J.T. Baker) and a G25 column sequentially, the protein and Fe, P and
Cl concentrations were determined by Lowry and ICP, respectively. Fe/ferritin ratio in
the reduced samples was plotted as a function of pH.
Stopped-Flow Kinetic Measurements. The kinetics of native HoSF reduction by
MVr in different saline solutions was determined using a Stopped-flow kinetic instrument
(Applied Photophysics, U. K.). For these reactions, 0.08 µM HoSF containing 220 µM Fe
in different salt solutions (0.50 M) was mixed with 13.2 µM MVr at 23 oC. The
absorbance at 604 nm where MVr absorbs maximally was monitored over time. The
kinetic curves were then fit to an exponential function in Microsoft Excel and the firstorder rate constants were obtained.
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RESULTS
Accumulation of Small Anions and Release of Phosphate during Ferritin Core
Reduction. Table 7-1 shows the results of extensive ICP measurements on Fe, P, and
halide ions in the interior of original and reduced native and reconstituted HoSF. The first
effect we observe is that the amount of iron in the reduced samples is close to that in the
original core for both native and reconstituted HoSF, except when HoSF was reduced in
NaH2PO4 solution, where ~70% of iron was lost. Several independent measurements
have shown that phosphate is a chelating agent of iron, which explains why most iron is
released during reduction in the presence of excess phosphate. Second, the Fe/Cl and
Fe/P ratios in the original core of HoSF are ~14 and 7, respectively, consistent with
previous observations using proton induced x-ray emission spectroscopy (151). No F, Br,
or I was detected in the core of native HoSF, which might be because either there is no
such ions present or their concentrations are too low to be detected using ICP. In either
case, their presence is negligible and will not affect their detection in the reduced core.
After reduction and isolation, the reduced native HoSF showed that the Fe/P ratio
decreased to ~4 when the reduction occurred in H2O or NaI, but increased to ~10 in NaF,
NaCl and NaBr solutions. Since the iron content remains essentially unchanged,
increasing of Fe/P ratio relative to that in the original core indicates phosphate release
from the interior during the reduction. On the other hand, Fe/Cl and Fe/Br ratios
decreased to ~1 when native HoSF was reduced in NaCl or NaBr solution, which suggest
that these two anions accumulated in the ferritin interior during the reduction process.
Fluorine in the reduced core cannot be measured using ICP. When native HoSF was
reduced in NaI solution, little I- ions was observed in the reduced core, suggesting that I-
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did not enter ferritin during reduction probably because it is too big to transfer through
the ferritin pores (~ 0.3 nm). To check this possibility, native HoSF sample was also
reduced in 0.5 M NaClO4 solution by MVH2, and the amount of ClO4- ions, of the similar
size to I-, in the reduced core was determined by ICP. None was observed, suggesting
large anions do not gain access to ferritin interior. Comparing the variation of Fe/X (X is
the anion of the salt solution where the reduction occurs) and Fe/P in Table 7-1, we found
that the anion and phosphate transfers were somehow related during ferritin reduction by
MVr. When anion accumulation occurs, phosphate is released from the ferritin interior,
and vice versa.
Figure 7-2 clearly shows the interdependence of Br- and phosphate transport
during the reduction of native HoSF. As more MVr was added to the solution and the
extent of reduction is increased, more Br- entered the ferritin interior (decreasing Fe/Br)
until it reached a Fe/Br ratio of ~1:1. At the same time, phosphate was released
(increasing Fe/P), suggesting that ferritin might be an antiporter of Br- and phosphate ions
during the reduction. The same experiment on chlorine was not performed because under
this condition the chloride concentration would be below its ICP detection limit; but by
analogy, deposition of F- or Cl- and release of phosphate could occur simultaneously as
well.
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Table 7-1. Fe, P and X (anions where reduction occurred) content in ferritin interior
before and after HoSF core reduction by MVr in different salt solutions
Native HoSF

Reconstituted HoSF

Fe/HoSF

Fe/P

Fe/X

Fe/HoSF

Fe/X

Before reduction

2012

7.1

13.6

1911

NP a

H2O

1697

4.1

NP

1911

NP

1844

-

b

NaF

2012

ND

-

NaCl

1747

9.5

1.4

1343

12.2

NaBr

ND c

10.2

1.4

1678

11.5

NaI

1956

4.4

34.7

1715

37.4

NaH2PO4

ND

ND

ND

600

NP

a

No X anions were present.
Fluorine cannot be measured on ICP.
c
Not determined.
b

4

Fe/Br
Fe/P

11

9

2

7

1

0

Fe/P

Fe/Br

3

0

1.5

3

4.5

6

5

% reduction
Figure 7-2. Accumulation of Br and release of phosphate during native HoSF reduction
by MVr in 0.05 M MOPS and 0.05 M NaBr at pH 7. Increasing amount of MVr was
added to the HoSF solution. The reaction mixture was then isolated and performed ICP.
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Table 7-1 also shows that the concentrations of anions or the Fe/X ratio in the
reduced core of reconstituted HoSF are similar to those in the original core of
reconstituted HoSF, independent of the salt solution used during reduction. This suggests
that, in contrast to native HoSF, no anion transfer occurred during the reduction of
reconstituted HoSF. Since the biggest difference between native and reconstituted HoSF
is the absence of phosphate in the core of the latter, we suspect that, in addition to the size
limitation of the anion itself, phosphate may play an important role for anion transfer
during ferritin reduction.
OH-/e Ratio during the Reduction of Native and Reconstituted Ferritin Cores. To
further verify the relationship between anion and phosphate transfer and to obtain an idea
of the composition of the reduced cores, we measured the pH change during titration of
native and reconstituted HoSF with MVr in different salt solutions at pH 7.0. We
anticipate that the number of OH- ions released from the ferritin interior per MVr added is
dependent upon whether anions transfer into ferritin during the reduction. If anions
transfer into ferritin, the newly formed reduced core would be of Fe(X)OH formula and
two OH- ions must be released into the solution (reaction 2). If they do not, the reduced
core would be Fe(OH)2 and only one OH- ion is released into the solution (reaction 3).
Titration curves of native HoSF with MVr are shown in Figure 7-3. The same
experiment was carried out with reconstituted HoSF and similar results were obtained
(data not shown). When there was no further reaction between the iron core and the
reductant, the spectrum of excess MVr began to appear as evidenced by the absorption at
400 and 604 nm, which is characteristic of singly reduced form of methyl viologen. The
absorbance at 604 nm was plotted as a function of MVr/Fe ratio in the inset to Figure 7-3.
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The initial plateau means that MVr has been oxidized to MVo, which has no absorption at
the visible region. Then at >0.05 MVr/Fe for native HoSF and >0.1 MVr/Fe for
reconstituted HoSF, the absorbance starts to increase, suggesting MVr is not able to
reduce the core iron any further. Only ~10% MVr/Fe is needed to reach the end point of
reaction, which suggest that the ferritin core reduction by MVr is an equilibrium process
as previously described (120).
The pH of the HoSF solution after each addition of MVr was recorded by a pH
meter. Values of pH change were converted to OH- concentration and used to calculate
the ratio of OH-/e, where e equals the concentration of MVr added. Adding similar
amount of aqueous MVr to a pH 7 salt solution did not change the pH, so the above pH
change must result from OH- release from the ferritin interior upon addition of MVr
(151). The results are summarized in Table 7-2. Under most conditions an OH-/e ratio of
~1 was observed, suggesting no anion transfer (reaction 3). Only when native HoSF was
reduced in NaF, NaCl or NaBr solution, an OH-/e ratio of ~2 was observed, indicating
that transfer of these anions during ferritin reduction changed the formula of the reduced
core according to reaction 2. These results demonstrate that only in the presence of
internal phosphate, small anions instead of large ones can transport into the ferritin
interior during the reduction.
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Figure 7-3. Titration curves of native HoSF with MVr in 0.05 M MOPS and 0.05 M
NaCl at pH 7. Inset: absorbance change at 604 nm as a function of MVr/Fe(III) ratio in
both native and reconstituted HoSF. Only ~10% of the Fe(III) core is reduced by MVr.

Table 7-2. pH change as OH- is released during HoSF reduction by MVr in different salt
solutions at pH 7.0
OH-/e

H2O

NaF

NaCl

NaBr

NaI

NaH2PO4

Native HoSF

0.92±0.03

2.1±0.67

1.92±0.51

2.03±0.78

0.85±0.17

NDa

Reconstituted

0.87±0.35

0.91±0.2

0.94±0.22

1.15±0.27

0.94±0.20

0

HoSF
a

Not determined because core was chelated.
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Effect of pH on the Stability of Reduced Core. Table 7-1 shows that in the
absence of chelating agents, the reduction and purification processes do not lead to much
iron loss from ferritin at pH 7.0. We next evaluated if the variation of pH would affect the
stability of the reduced core. This study would aid in the selection of an appropriate pH
for the ferritin reduction experiments. Figure 7-4 shows the iron content in the reduced
core of HoSF and bacterioferritins at pH 6 - 9. A bell shape profile was observed with a
maximum around pH ~7.5. With the same initial samples, the reduced core contains most
iron at pH ~7.5. At lower or higher pH some iron was lost. Not surprisingly, the reduced
Fe(II) core in AvBF and Co(II) core in HoSF were also most stable around this pH,
suggesting similar factors were controlling the stabilities of the slightly different Fe(II) or
Co(II) core in different ferritin cavities.
Kinetics of Ferritin Reduction by MVr in Different Salt Solutions.

Having

established that the behavior of anion transfer varies in the presence of different anions, it
is of interest to compare the kinetics of ferritin reduction under the same conditions
because transport of anions and phosphate might influence the rate of reduction. Since the
absorption of the iron core at 300 ~ 400 nm is overlapped by MVr and the core reduction
cannot be monitored directly, we chose the absorbance at 604 nm to monitor the
oxidation of MVr. Figure 7-5 shows the reactions are all very fast in different salt
solutions and complete in ~ 0.2 s. The kinetic curves can be fit with an exponential
function, and the first-order rate constants are calculated to be 41, 64, 141, and 367 s-1 for
reduction in NaCl, NaBr, NaI solutions and H2O, respectively. Consistent with Figure 7-3
the kinetic curves only correspond to ~10% reduction of the HoSF mineral core under
these conditions.
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Figure 7-5. Kinetics of HoSF core reduction by MVr in H2O or salt solutions (0.05 M) at
pH 7.0. Oxidation of MVr was monitored at 604 nm. The kinetic curves were then fit
with an exponential function to give the first-order rate constant. Conditions were: [MVr]
= 13.2 µM, [Fe] = 220 µM, [HoSF] = 0.08 µM.
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DISCUSSION
Before we discuss the experimental results in this work, several things need to be
noted. First, most of the results for anion concentrations are preliminary and need
verification using other detection methods. We rely mostly on ICP for the measurements
of all the ions, including Fe, P, Cl, Br and I. While ICP is one of the most sensitive
methods toward transition metals and has no problem with P and I, it is not very sensitive
toward Cl, Br and cannot be used for F at all. Alternative methods suitable for
quantification of small anions are required to get conclusive results. Another concern
about the precise detection of anions is contamination, especially chlorine. The anion
concentrations in the ferritin interior both before and after reduction are very low. The
chemicals used in this study are reagent-grade without further purification and their
contributions to the contamination are expected. Nonetheless, it is of some value to
report the results for the first time and a brief discussion will be helpful for the design of
further experiments.
Elemental analysis using ICP demonstrated that when native HoSF is reduced by
MVr in NaCl, NaBr and probably NaF solutions as well, the anions become associated
with ferritin mineral core with a stoichiometry of ~1:1 Fe/X while phosphate is released
from the interior (Table 7-1, Figure 7-2). The formula of the reduced core, from the pH
measurements, is most likely Fe(X)OH, where X = F, Cl or Br. During the reduction of
reconstituted HoSF and native HoSF in NaI and NaClO4 solutions, no X anions were
found associated with the protein. The pH measurements under these conditions also
suggest the formation of a non-X anion containing reduced core Fe(OH)2 (Table 7-2).
Based on these results, we suggest that at least two factors affect the transfer of anions
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during the reduction of ferritin: 1) size of the anions and 2) presence of phosphate in the
core.
The structure of the mineral core in native HoSF has been studied using electron
microscopy, electron diffraction and X-ray crystallography (154-157). Small amounts of
phosphate have been found associated with the mineral core with a Fe/P ratio of ~ 8,
which has been attributed to a surface phosphate layer (100, 158). The phosphate layer
was shown to bind ~ 50 Fe(II) ions and facilitate the oxidation of Fe(II) during iron
deposition into ferritin. Reconstituted HoSF without phosphate in the core binds much
less Fe(II) ions and incorporates iron slower than native HoSF (121, 159). In bacteria
ferritins a high phosphate content (Fe/P = 1~2) is observed in the natural cores (96, 160).
Generally, the ferritin iron cores with more phosphate are highly disordered. When
ferritin is reduced electrochemically on a gold electrode, phosphate is released from the
core and chelates iron to form an iron-phosphate precipitate on the electrode (161).
Phosphate might also have other functions during iron deposition and release, such as
anion transfer as shown in this study. The exact reasons for the interdependence of anion
and phosphate transfer are not clear at present, but one possibility might be to keep the
charge neutrality in the ferritin cavity.
Fe(O)OH + H2PO4- + Cl- + e- = Fe(Cl)OH + PO43- + H2O

(4)

The above reaction may take more than one step because of the multi-phase
nature of the mineral core in native ferritin. The iron-phosphate layer on the surface of
the core is reduced first by electrons transferred through the ferritin shell from external
reductant MVr, followed by reduction of the bulk Fe(O)OH core by electrons transferred
through the phosphate layer, as shown by reactions 5 and 6.
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[Fe(O)OH]8[FeO(H2PO4)] + Cl- + e- = [Fe(O)OH]8[Fe(Cl)OH] + HPO42- (5)
[Fe(O)OH]8[Fe(Cl)OH] + 8Cl- +8H2O + 8e- = [Fe(Cl)OH]9 + 16OH-

(6)

This two-step mechanism may help us understand the titration results shown in
Figure 7-3. Far less than stoichiometric amount of MVr is required to reach the end point
of the reduction (Figure 7-3, inset), which might represent reaction 5 only, the reduction
of the iron-phosphate layer instead of the whole mineral core. Reaction 6 requires much
more MVr to proceed. The kinetic results shown in Figure 7-5 might also be a result of
reduction of the phosphate layer since a single exponential function is required to fit the
data.
Another important question is the pathway that anions transfer through ferritin
shell during the reduction. Previous studies on the molecular diffusion properties of
ferritin pores using nitroxide radicals have shown that large, negatively-charged ions are
completely excluded from the ferritin interior (106, 119). The four-fold channels are
hydrophobic and basically impermeant to all ions. The three-fold channels in the ferritin
shell are hydrophilic and believed to be the main pathway for ion and molecule transfer.
But the negative charges from amino acid residues, Asp and Glu that line the channels
only allow small cations to rapidly enter the ferritin interior. Small anions may diffuse
through the channels slowly, with the aid of chaperoning ions such as Fe2+. Other
possible pathways include two-fold axis and the one-fold channel leading to the
ferroxidase center in the H-subunit, the exact functions of which are not clear during iron
deposition and release.
Future Works. One way to verify the role of phosphate in anion transfer during
ferritin reduction is to reconstitute HoSF in the presence of phosphate (58). The
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synthesized phosphate-containing mineral core should behave in the same way as native
HoSF, i.e. taking up small anions and releasing phosphate when reduced in NaF, NaCl or
NaBr solutions. Such experiments are ongoing in this laboratory.
As mentioned above, alternative detection methods for anions are required to
confirm the present results. No direct measurement on fluorine has been performed. The
fluoride ion is of interest because it has similar size as to OH-, and thus the transfer of Fmay provide some information on OH- transfer during ferritin mineralization and iron
recover. We have been trying to use anion chromatography in another lab at this
department to detect halide ions, but no conclusive result was obtained so far. Other
methods include utilization of F NMR or isotope tracer of the elements investigated in
this work. Meanwhile, MVr cannot fully reduce the iron mineral core of ferritin probably
because its reduction potential, -420 mV, is not strong enough. Stronger reductants, like
flavoproteins and formamidine sulfinic acid (-1.5 V) are under investigation.
To study the path taken by anions to transfer through ferritin shell, we propose to
block the three-fold channels with Zn2+ or a Cr complex during the reduction of ferritin
by MVr. These complexes have been shown to inhibit iron deposition into ferritin by
blocking the iron pathway (141, 142). If the anions are indeed transferred through the
three-fold channels, blockage of their pathways would inhibit anion transfer during iron
deposition and ferritin core reduction.
Finally, the presence of halide or other anions may change the potential of the
reduced core of ferritin, which would have practical application in the fabrication of
ferritin-based electroactive nanomaterials or nanodevices as we proposed in Chapters 3

189

and 4. Thus, investigating the electrochemical properties of the anion-containing core
using microcoulometry or cyclic voltammetry is of great interest.
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