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ABSTRACT 

The readsorption of ferrous ions produced by the abiotic and microbially-mediated reductive 
dissolution of iron oxy-hydroxides drives a series of transformations of the host minerals. To 
further understand the mechanisms by which these transformations occur and their kinetics 
within a microporous flow environment, flow-through experiments were conducted in which 
capillary tubes packed with ferrihydrite-coated glass spheres were injected with inorganic Fe(II) 
solutions under circumneutral pH conditions at 25ºC.  Synchrotron X-ray diffraction was used to 
identify the secondary phase(s) formed and to provide data for quantitative kinetic analysis.  At 
concentrations at and above 1.8 mM Fe(II) in the injection solution, magnetite was the only 
secondary phase formed (no intermediates were detected), with complete transformation 
following a nonlinear rate law requiring 28 hours and 150 hours of reaction at 18 and 1.8 mM 
Fe(II), respectively.  However, when the injection solution consisted of 0.36 mM Fe(II), goethite 
was the predominant reaction product and formed much more slowly according to a linear rate 
law, while only minor magnetite was formed.  When the rates are normalized based on the time 
to react half of the ferrihydrite on a reduced time plot, it is apparent that the 1.8 mM and 18 mM 
input Fe(II) experiments can be described by the same reaction mechanism, while the 0.36 input 
Fe(II) experiment is distinct.  The analysis of the transformation kinetics suggest that the 
transformations involved an electron transfer reaction between the aqueous as well as sorbed 
Fe(II) and ferrihydrite acting as a semiconductor, rather than a simple dissolution and 
recrystallization mechanism.  A transformation mechanism involving sorbed inner sphere Fe(II) 
alone is not supported, since the essentially equal coverage of sorption sites in the 18 mM and 
1.8 mM Fe(II) injections cannot explain the difference in the transformation rates observed.    

 INTRODUCTION 

Iron oxy-hydroxides are abundant in subsurface environments and are important scavengers for a 
variety of nutrients and aqueous contaminants.  In subsurface anoxic environments, the reduction 
of iron oxides by natural organic matter and by microbes is one of the most important processes 
for cycling of iron in the environment. The dissolved and sorbed ferrous iron (Fe(II)) produced 
during the reductive dissolution of iron oxides often controls the oxidation/reduction potential of 
anaerobic subsurface systems.  Furthermore, the readsorption can cause structural changes in the 
host Fe-hydroxide minerals, potentially leading to the formation of such Fe(II)-bearing minerals 
as green rust and magnetite. Knowledge of the conditions under which Fe oxy-hydroxides 
transform and the particular secondary phases they transform to in the subsurface is very 
important for understanding their occurrence and for predicting the mobility of aqueous 
environmental contaminants that are influenced by these phases (1).  However, little is known 
about the actual mechanisms and kinetics governing these transformation processes. Earlier 
studies indicated that the unstable Fe oxy-hydroxides phases, ferrihydrite and lepidocrocite, can 
convert to magnetite when reacted with ferrous ions in aqueous solutions (2-4). It was further 
postulated that green rust may be the intermediate phase during this phase transition process (3). 
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However, later studies questioned the existence of such an intermediate phase, at least as a 
precursor to magnetite (4-6).  There are also inconsistent reports on which transformation 
product formed in experiments conducted under similar conditions. Yee et al. (6) reported a 
transformation product of goethite only for the reaction of 2-line ferrihydrite with 100 mM Fe(II), 
which is inconsistent with the results of magnetite formation at much lower Fe(II) concentrations 
in the studies of Hansel et al. (4). Tronc et al. (5) reported the topotactic transformation of freshly 
synthesized 2-line ferrihydrite to magnetite as a result of mixing with Fe(II) solution, while 
Hansel et al. (4) attributed the transformation to magnetite mainly to nucleation and 
recrystallization. The exact mechanism and kinetics of the transformation, therefore, remain 
unclear. 

Although a few column experiments have been conducted on anaerobic reductive 
transformations of Fe-oxyhydroxides (7,8), most of the studies conducted to date have been 
carried out in laboratory batch reactors where the primary objective was to qualitatively 
understand the conditions under which the transformations take place (3-5). However, the 
solution/solid ratios in most lab batch experiments are very different from the ones in actual 
subsurface micro-porous environment, especially under dynamic flow conditions where there is a 
continuous resupply of solution.  One possibility is to study the transformation of ferrihydrite in 
conventional columns filled with natural sediments, but these have the disadvantage that the 
natural materials are characterized by significant chemical heterogeneities and thus are difficult 
to interpret. In this paper, a new capillary tube experimental setup was designed to simulate the 
reactions under dynamic flow conditions within a single well-controlled porous streamtube 
environment. Here we report on the kinetics of Fe(II)-catalyzed transformation of 6-line 
ferrihydrite under anaerobic flow conditions using this capillary tube experimental setup and 
synchrotron X-ray diffraction (XRD) solid phase characterization techniques.   

 

MATERIALS AND METHOD 

All experiments were performed in an inert atmosphere (96% N2/ 4% H2) inside a laboratory 
anaerobic chamber (Plas Lab, Inc.) that was equipped with two palladium catalysts to remove 

trace oxygen at 25 C.  Oxygen free deionized water (18MΩ.cm) was used in the preparation of 
all solutions.  

Experimental setup and procedure 

Six-line ferrihydrite were synthesized following the method described by Schwertmann and 
Cornell (9) and were coated on uniformly-sized microspheres of soda lime glass (72 µm nominal 
I. D, Duke Scientific, Inc) before being used in the capillary tube experiment. Fused silica 
capillary tubing (SGE, Inc) with an inner diameter of 110 µm and a wall thickness of 20 µm was 
used in the experiment as an analog of a single flow channel within microporous media. The 
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extremely low gas permeability and chemical inertness of fused silica is well suited for the 
oxygen sensitive nature of the experiment, while allowing maximum transmission of synchrotron 
X-rays for sample analysis. For details of the capillary tube experimental system setup, see the 
supporting information. Three concentrations of ferrous sulfate solution, 0.36 mM, 1.8mM and 
18mM, buffered at pH of 6.8 with 10mM PIPES, were used as injection solutions. The effluent 
collected at the other end was analyzed for solution chemistry by inductively coupled plasma 
mass spectrometry (ICP-MS, Perkin Elmer DRCII) and UV-vis spectrophotometer with ferrozine 
reagents. Preliminary experiments were conducted first to detect the first appearance of 
secondary minerals and bracket the reaction time required for complete transformations to take 
place at the three Fe(II) injection concentrations. Synchrotron X-ray diffraction pattern analysis 
was used as the primary means for monitoring the disappearance of 6-line ferrihydrite and 
concurrent growth of secondary mineral XRD peaks.  X-ray absorption near edge spectroscopy 
(XANES) was also taken on the test samples to verify the completeness of the transformation. 
Based on the reaction time frame obtained, the capillary tube experiments were carried out so as 
to provide a time series of reacted samples, with each experiment designed to finish just before 
the start of synchrotron beam times so as to minimize time between the experiment and analysis. 
At the end of the specified reaction time, each reacted sample was thoroughly flushed with 
deoxygenated water for several hours before being disassembled inside the lab anaerobic 
chamber. The disassembled capillary samples were then sealed with epoxy at both ends and were 
stored inside small anaerobic boxes equipped with anaerobic sachets (Mitsubishi®) for transport 
to synchrotron beamlines for the sample analysis.      

Sample characterization and analysis 

Synchrotron X-ray diffraction analysis of the reacted samples was performed on beamline 10.3.2 
at the Advanced Light Source (ALS) of Lawrence Berkeley National Laboratory and beamline 
11.3 at the Stanford Synchrotron Radiation Lightsource (SSRL). A wavelength of 0.7293 (10.3.2) 
or 0.9578 (11.3) angstrom was used in the synchrotron XRD analysis of the samples. Both 
beamlines at ALS and SSRL are equipped with area detectors (CCD at 10.3.2; image plate at 
11.3). The sample to detector distance and sample diffraction geometry during the experimental 
sample analysis were calibrated with either a lanthanum hexaboride (LaB6, 11.3) or alumina 
(Al2O3, 10.3.2) standard. In order to correct for the drift of the incoming X-ray intensity from the 
storage ring, the readings on the ionization chamber (I0) directly from incoming X-rays were 
used to normalize all the diffraction data. The two dimensional diffraction image data acquired in 
this way were processed with the software Fit2D (10) to convert them to the traditional 2 theta-
intensity form. Further data processing and X-ray diffraction peak profile fittings were 
performed with the software Fullprof (11).  A time series of samples were further characterized 
post-mortem with Transmission Electron Microscopy at the National Center for Electron 
Microscopy (NCEM) of Lawrence Berkeley National Laboratory.  

RESULTS 
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Secondary minerals and effluent chemistry 

Synchrotron XRD analysis of the ferrihydrite-coated micron glass spheres showed 6 visible 
broad peaks corresponding very closely to 6-line ferrihydrite.   When reacted with the 18 mM 
FeSO4 injection solution, the ferrihydrite began to show visible peaks of magnetite after 
approximately 8 hours of reaction. With the progress of the transformation reaction, magnetite 
peaks grew gradually along with the concurrent disappearance of ferrihydrite peaks, with 
complete transformation complete within 28 hours. Magnetite was the only secondary mineral 
formed, as shown on the X-ray diffraction patterns of the time series of the reacted samples 
(Figure 1a).  No green rust was detected in any of the experiments, despite the analysis of 
samples at early times. At 1.8 mM FeSO4 injection, magnetite was still the only secondary 
mineral identified on the X-ray diffraction patterns, but it showed visible peaks of secondary 
magnetite only after more than 12 hours of reaction and it took approximately 150 hours for 
complete transformation (Figure 1b).  At 0.36 mM FeSO4, transformation rates were 
considerably slower, with the development of initial visible X-ray diffraction peaks after 
approximately 9 days of reaction.  There were still indications that magnetite formed, but only as 
weak discontinuous diffraction spots instead of continuous diffraction rings, indicating only 
minor amounts formed relative to the goethite. The principal secondary phase formed in this case 
was goethite (Figure 1c).  

Chemical analysis of the effluent Fe by both ICP-MS and by the ferrozine method indicated that 
there was no detectable difference between the injection solution and the capillary tube effluent, 
with generally less than 1% variation for all three experimental conditions studied (for details, 
see SI). This indicates that no significant dissolution of ferrihydrite occurred.  Although sorption 
of Fe(II) during the initial transient period would cause a slight drop in solution Fe concentration, 
such a decrease was not detected, likely due to the small amount of ferrihydrite inside the 
capillary tube used in this study.   

Samples of ferrihydrite reacted with different concentrations of Fe(II) in the injection solution  
were also examined post-mortem using Transmission Electron Microscopy (TEM) and Selected 
Area Electron Diffraction (SAED) to determine the occurrence and morphology of secondary 
minerals that formed. For samples reacted with 1.8 mM and 18 mM Fe(II), the only secondary 
mineral phase to be detected with TEM was magnetite, consistent with the synchrotron X-ray 
diffraction analysis results. In a time series of post-mortem samples examined under TEM, tiny 
magnetite seed crystals of about 7 nanometers were observed on the aggregates of ferrihydrite 
particles after about 11 hours in the case of the 18 mM injection solution (SI, Figure S2-a&b). At 
later stages of reaction, the magnetite particles grew considerably larger (up to 150 nm) and 
exhibited a hexagonal shaped morphology (SI, Figure S2-c).  For samples reacted with 0.36 mM 
Fe(II), most of the particles observed consisted of needle-shaped goethite with a particle size of 
10-50 nm that grew out of ferrihydrite aggregates, with very few magnetite particles being 
observed (SI, Figure S2-d).  



Transformation kinetics  

The XRD patterns acquired on the time series of the reacted samples were further analyzed 
quantitatively to determine the kinetics of the transformation process.  The integrated intensities 
of magnetite or goethite X-ray diffraction peaks in the time series of reacted samples were 
normalized against the value of the completely reacted samples to calculate the fractional 
transformation of secondary minerals. This provides a measure of the progress of the 

transformation reaction (the fractional conversion () ranging from 0 to 1). For samples reacted 
with 18 mM and 1.8 mM Fe(II) in the injection solution where magnetite was the only secondary 
mineral phase formed, the intensities of the weighted sum of the magnetite [311], [400] and 
[511]&[333] X-ray diffraction peaks were used to quantify reaction progress.  For samples 
reacted with 0.36 mM Fe(II) where goethite was the dominant secondary phase formed 
(magnetite only constituted a very minor fraction of the total secondary mineral formed under 
these conditions) , the intensities of goethite peaks only (the weighted sum of [110], [130] and 
[021] diffraction peaks) were used to quantify the extent of reaction.  The intensities of magnetite 
and goethite X-ray diffraction peaks were calculated quantitatively by fitting the peaks in the 
diffraction patterns with pseudo-Voigt functions using the software Fullprof (11).  These 
analyses provided the data for a plot of reaction time versus reaction progress (the extent of 
transformation) shown in Figure 2.  

The experiments at 1.8 mM and 18 mM input Fe(II) showed a nonlinear transformation behavior 
of the ferrihydrite, with a slower rate of conversion at the beginning of the reaction that became 
more rapid at higher extents of reaction (Figure 2a&b).  Only the samples reacted with 0.36 mM 
input Fe(II) showed a linear trend indicating a constant transformation rate (Figure 2c). A kinetic 
model for the transformation reaction can be expressed as: 

1
( )f

k t

 



,      (1) 

where  represents the fractional conversion as defined above (i.e. the amount of product formed 
at reaction time t), t is the reaction time (induction time corrected), k is a temperature –dependent 

rate constant, /t is the rate of conversion and  f() a time-independent function of the 

converted fraction.  Non-linear fitting was performed on the kinetic -t data collected on 
ferrihydrite samples reacted with 1.8 mM and 18 mM Fe(II) injections and it was found that the 
observed kinetic transformations can be described well with a power rate law in integrated form 
as: 

2
0 )]([ ttk  ,    (2) 

6 

 

where, t0 is the induction time. The calculated rate constants, k, are (1.31± 0.055)10-5 and (2.14 

± 0.052)10-6 s-1 for 18 mM and 1.8 mM Fe(II) injection respectively. Based on the data, the 



induction time, t0, was determined to be 7.6±0.65 and 14.2± 2.7 hours for input Fe(II) 
concentrations of 18 mM and 1.8 mM respectively (Table 1).  

The kinetic data for samples reacted with 0.36 mM Fe(II) were fitted very well with a linear 
kinetic rate law describing the transformation of ferrihydrite to goethite with the following 
equation: 

)( 0ttk 
    (3) 

The rate constant, k, obtained is (3.12± 0.15)10-7 s-1 in this case and the induction time is 
estimated to be 98± 28.5 hours (Table 1). To facilitate the comparison of kinetic data obtained 

under different experimental conditions, the kinetic data was plotted on an  versus reduced time, 
(t-t0)/(ta-t0), plot. In such a plot, a baseline time, ta, is chosen for purposes of normalization. In 
this case, t0.5, the time required for half of the total material (ferrihydrite) to react, was chosen as 
the baseline time.  The result is a plot of the rate that is independent of the actual reaction rate 
and is characteristic of the reaction mechanism (12).  When plotted in this fashion, it is clear that 
the transformation kinetics for the 1.8 mM and 18 mM Fe(II) experiments can be described with 
the same mechanism, despite the very different reaction rates and induction times determined 
(Figure 2d).  The distinct reaction mechanism and order associated with the 0.36 mM Fe(II) 
injection experiment is also clear from this plot. 

DISCUSSION 

As summarized by Cornell and Schwertmann (13), the transformations of iron oxides 
(hydroxides) can be structurally classified as either as topotactic within a solid phase or as 
reconstructive in which the complete breakdown of the initial phase is followed by the 
crystallization of a new secondary phase. 

Evaluation of dissolution-precipitation and surface adsorption /precipitation mechanisms 

Since all the experiments were carried out at room temperature, pressure and circumneutral pH 
conditions where reconstructive transformations might be expected to dominate (13), we 
consider first the possibility that a dissolution-precipitation mechanism is involved.  Detailed 
examination of the data collected from this study, however, presents several arguments against a 
reconstructive mechanism.  The first is based on a comparison of the Gibbs energies of the two 
relevant phases, magnetite and goethite, at the experimental conditions. Compared to the Gibbs 
energy of 8.9 kJ/mol for goethite formation, magnetite formation has a Gibbs energy of 31.9 
kJ/mol, 35.3 kJ/mol and 39.3 kJ/mol for 0.36mM, 1.8mM and 18mM Fe(II) injection 
respectively (for details,  see SI, Table S1). Magnetite should be strongly favored under all three 
input Fe(II) injections. Thus, it is very difficult to explain from a thermodynamic point of view 
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why the dominant transformation product became goethite rather than magnetite given such a 
small change in Gibbs energy when input Fe(II) concentration decreased to 0.36 mM.  

A second argument is based on the rate of ferrihydrite dissolution that would be required to 
explain the observations.  From the time scale of the transformation reactions observed, the total 
Fe present in the capillary tube system and assuming a surface area of 600 m2/g, the minimum 

dissolution rate of 6-line ferrihydrite is estimated to be 1.310-10 and 2.510-11 mol/m2/s for 
transformation taking place at 18 and 1.8 mM Fe(II) injections respectively. These rates would 
be comparable to the reported values of ferrihydrite dissolution by strong reducing agents (such 
as 10 mM ascorbic acid) or microbially-produced chelators (14, 15), and are too rapid for a 
system lacking such chelating agents at circumneutral pH and 25ºC. Furthermore, there was no 
statistically distinguishable difference between input and effluent solution Fe chemistry by ICP-
MS analysis. Neither were there any signs of disintegration of the ferrihydrite coatings and 
accumulation at the downstream end of the capillary tubes due to such a rapid dissolution 
reaction.  

For the magnetite formation observed in this study, another possible reaction mechanism is 
through oxidation and precipitation of the adsorbed ferrous ions on ferrihydrite particle surfaces 
via interfacial electron transfer reactions as suggested by Tronc et al. (5).  The existence of such 
interfacial electron transfer reactions between adsorbed Fe(II) and iron oxides has been 
experimentally confirmed by Williams and Scherer (16) and Larese-Casanova et al. (17) with 
Mossbauer spectroscopy. However, several observations argue against a mechanism relying 
completely on surface sorption, although this is not ruled out as one of the steps within the 
overall reaction mechanism. The ferrihydrite has a surface adsorption sites density of 0.2 

mol/mol Fe (18), which corresponds to about 2.810-8 mole of total sorption sites for the system 
studied here based on  the total mass of ferrihydite inside the capillary tube system. Calculations 
of the Fe(II) adsorption on ferrihydrite using PHREEQC (19) and a two site surface 
complexation model based on the equilibrium constants from Appelo et al (20) indicate 
essentially the same surface coverage of strong binding sites by Fe(II) under all three 
experimental conditions studied (for details, see SI, Table S2). If surface adsorption of Fe(II) 
alone governed the rate of surface precipitation of magnetite, then magnetite should be observed 
under 0.36 mM Fe(II) injection conditions as well. There was also no distinguishable difference 
between the reacted and control samples when dissolving the Fe oxide coatings completely after 
the experiment. Moreover, such a surface precipitation model is difficult to reconcile with the 
observation that the transformation rates at 1.8 and 18 mM are higher with greater extents of 
reaction, since in this case one would expect rates to decrease as a magnetite layer progressively 
limits further adsorption of Fe(II) on the ferrihydrite surface.  

Evaluation of a mechanism involving electron transfer reaction between semiconductor 
ferrihydrite and the Fe(II)/Fe(III) redox couple in solution  
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Iron oxides (hydroxides) are known semiconductors (13, 21). When a semiconductor is brought 
into contact with an electrolyte solution containing redox-active species, a charge transfer 
process would take place at the semiconductor-electrolyte interface if the Fermi level of the 
semiconductor (which represents the chemical potential of semiconductor electrons) is not in 
equilibrium with the electrochemical potential of the electrons in the electrolyte solution. This is 
a well known phenomenon that has been extensively studied in the field of electrochemistry on 
semiconductors (22, 23). In the experimental system investigated in this study, the ferric irons 
produced from the dissolution of ferrihydrite will form a redox couple with the injected Fe(II) 
and could potentially cause an electron transfer reaction between the injecting Fe(II) solution and 
the semiconductor ferrihydrite.  

The possibilities of such an electron transfer mechanism in the experimental system studied here 
are analyzed by comparing the electrochemical potential of the electrons in Fe(II)/Fe(III) redox 
couple and the Fermi level, as well as the absolute energy positions of conduction and valence 
bands of ferrihydrite mineral. As reviewed by Xu and Schoonen (24), the Fermi level and 
absolute energy positions of conduction and valence bands of pristine semiconductor minerals 
can be closely estimated using the method proposed by Bulter and Ginley (25). According to this 
method, the Fermi level energy of ferrihydrite can be calculated from the geometric mean of the 
electronegativities of its constituent atoms.  Using the absolute electronegativities data on Fe, O 
and H (26) and the suggested chemical formula of Fe1.55O1.66(OH)1.34 for 6-line ferrrihydrite (13), 
the Fermi level energy of 6-line ferrihydrite is calculated to be 6.35eV with respect to the 
absolute vacuum scale. Based on the band gap of 2.7eV for ferrihydrite (27), the absolute energy 
of the conduction band minimum of ferrihydrite is calculated to be -5.00eV.  The 
electrochemical potentials of electrons in solution Fe(II)/Fe(III) redox couple can be calculated 
according to the Nernst equation using the concentrations of solution Fe(II) and Fe(III) and 
converted to the absolute energy by assuming the absolute energy of the standard hydrogen 
electrode (SHE) is -4.44eV (28). However, the Fe(III) concentration in the effluent solution was 
undetectable by ICP-MS and colorimetric measurements. Lacking this, the Fe(III) concentrations 
in the effluent solution can only be estimated based on the solubility of ferrihydrite. Using a 
solubility product of 10-39.5 (29), the estimated absolute energy positions of the electrons at the 
Fe(II)/Fe(III) redox couple in the experiment systems are about -4.3eV for all concentrations of 
Fe(II) injections (calculated using PHREEQC). It is possible that the electron transfer reactions 
may destabilize the ferrihydrite structure and promote the dissolution of ferrihydrite, which 
would potentially increase the solution Fe3+ concentration. However, there seems to be no 
significant increase in the ferrihydrite solubility due to such an effect based on the effluent 
chemistry analyses.  Even assuming a 5 order magnitude increase in 6-line ferrihydrite solubility 
due to the Fe(II)-promoted dissolution, the estimated absolute energies were still around -4.6eV 
for electrons in solution Fe(II)/Fe(III) redox couple at 0.36 mM Fe(II) injection. Those values 
were all above the Fermi level and conduction band energy of ferrihydrite. Such an energy 
difference between the electrons of solution Fe(II)/Fe(III) redox species and the Fermi level of 
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ferrihydrite in the experimental system studied here would provide the continuous driving force 
for the electrons to be transferred from the electrolyte solution to the ferrihydrite, thus driving the 
ferrihydrite transformations. Although electron transfer reactions between solution electrolytes 
and semiconductor interfaces are very complex in detail, the simplified analysis presented above 
provides a general framework of the possible reactions that have happened in the experimental 
system studied. 

Reaction mechanisms for the transformation pathways observed 

The net effect of these electron injection reactions is the reductive disintegration of the 
ferrihydrite structure. The injected electrons can penetrate deep into the ferrihydrite particle and 
be trapped inside, thus destabilizing the ferrihydrite crystal and promoting its disintegration and 
the eventual release of the injected electron as a reduced Fe(II) species.  Such penetration and 
trapping of injected electrons have been reported on colloidal hematite during electron transfer 
reactions with photosensitive dyes (30, 31). According to the theory of electron transfer reactions 
between semiconductor and electrolyte solutions, the injecting electron current density from the 
electron transfer reactions would vary under different concentrations of Fe(II) injections. We can 
qualitatively compare the experimental observations within the theoretical framework of electron 
transfer reactions between semiconductors and electrolyte solutions.  As reviewed by Nozik and 
Memming et al. (23), the electron current density (jc, A/cm2) due to electron transfer from the 
electrolyte redox system to the conduction band of semiconductor in an ideal semiconductor-
electrolyte interface is expressed as: 

jc = ekcNcCred      (4) 

where kc is the electron transfer rate constant (cm4s-1); e, the elementary charge of an electron (C);  
Nc, the density of the states at the bottom of conduction band (cm-3); Cred, the concentration of 
the reduced component in the redox couple (molecules cm-3). Assuming the electron transfer rate 
and the density of the states at the bottom of ferrihydrite conduction band remain the same at all 
three Fe(II) injection conditions, Equation (4) indicates that the injection electron current density 
would be higher at higher concentrations of Fe(II) in solution.   

There are two scenarios depending on the electric current density of the injected electrons. If the 
electron current density is high and the destabilization of ferrihydrite to release the structurally 
reduced Fe(II) is not fast enough to accommodate the injected electrons trapped inside, then 
magnetite can be formed through structural rearrangements of ferrihydrite into crystal nuclei of 
magnetite by olation-oxolation processes under solid state conditions. This is likely the case for 
the experiments using 1.8 mM and 18 mM injection FeSO4 solution and is consistent with the 
observations of topotactic transformation of ferric hydroxide to magnetite catalyzed by aqueous 
Fe(II) in the study of Tronc et al. (5). This mechanism of magnetite transformation observed here 
is also in agreement with the solid state reduction of iron oxides into magnetite as observed by 
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Stratmann et al. (32, 33) in electrochemical studies. Magnetite has an inverse-spinel structure and 
is highly electrical conductive due to the continuous exchange of the ‘extra’ electrons between 
Fe2+ and Fe3+ in the octahedrally coordinated positions (34). Under the reaction mechanism 
proposed here, the reduced magnetite nuclei formed within the structure of ferrihydrite would 
further enhance electron injection into ferrihydrite particles from the surrounding electrolyte due 
to electron hopping between the Fe2+ and Fe3+ states.  This would have the effect of accelerating 
the electron transfer reactions in the remaining ferrihydrite particles and explain the autocatalytic 
nonlinear kinetic behavior observed for the magnetite transformation at 1.8 and 18 mM.  This 
interfacial electron transfer between colloidal magnetite and ferric hydroxide particles and the 
ensuing formation of reduced spinel layers on ferric hydroxide surfaces, have been 
experimentally observed and confirmed by Belleville et al. (35). As outlined above, the injecting 
electron current density between the Fe(II) electrolyte solution and semiconductor ferrihydrite 
mineral would increase according to increasing solution Fe(II) concentration. This is 
qualitatively in agreement with the observation of the fastest magnetite conversion at the highest 
Fe(II) input concentration and consistent with the reaction mechanism described above.   

In the case where the electron injection current density is low, however, the reductive 
disintegration of ferrihydrite would allow the injected electrons to be released as Fe(II) into 
surrounding electrolyte solution and promote its structure reconfiguration into more stable 
goethite through Ostwald ripening. This is likely the reaction mechanism for ferrihydrite reacting 
with 0.36 mM injection FeSO4 solution. It is possible that the release of Fe(II) and 
transformation to goethite was with a result of conduction through the bulk ferrihydrite and 
involved a series of redox-driven “conveyor belt” reactions as demonstrated in recent studies by 
Yania and Rosso, Handler et al. and Rosso et al. ( 36-38).  The formation of magnetite in this 
case is likely to be accomplished by a more conventional heterogeneous nucleation and growth 
mechanism from the Fe(III) released during ferrihydrite structure breakdown and dissolution. 
The nature of the species released and the detailed steps involved during the transformation 
process, however, require further research. The kinetic behavior of transformation to goethite 
observed here agrees with the observations of Burleson and Penn (39), who studied the 
transformation of 6-line ferrihydrite nanoparticles to nano-goethite at neutral to alkaline 
conditions under elevated temperature. They reported a transformation of nano 6-line ferrihydrite 
into structures of goethite first, followed by linear growth of goethite through oriented 
aggregation.  Instead of using high temperature to speed up the transformation process, as was 
done in the Burleson and Penn’ experiments, the transformation in this case was caused by 
electron transfer reactions from Fe(II) in solution. The overall reaction mechanisms and 
pathways proposed from the experiment findings in this study are illustrated in Figure 3.  

Reconciliation of the controversies in previous studies  

The experimental observations obtained here are generally consistent with the experimental 
results on Fe(II)-catalyzed transformations of ferric hydroxides under similar conditions by other 
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researchers (4, 5, 40). The induction times observed in this study are generally in accordance 
with the findings of Yee et al (6) at ambient temperature when 2-line ferrihydrite was reacted 
with concentrated 100mM Fe(II) solution.  However, in their study, goethite was the only 
transformation product detected, in contrast to the observations from this study and those cited 
above. If the reaction involves an electron transfer reaction between Fe(II) in solution (not 
simply strongly surface adsorbed Fe(II)) and ferrihydrite, then the ratio of total Fe(II) in solution 
versus total Fe(III) available from ferrihydrite in the reaction system is also very important, since 
it will limit the total number of electrons that can be transferred per unit cell of ferrihydrite 
structure, and thus directly influence the secondary minerals formed. When the experimental 
systems used in the study of Hansel et al (4) and Yee et al. (6) are examined carefully, the 
inconsistency of the results of these two studies can be explained by the very different 
solid/solution ratios used. Although the input Fe(II) concentration was much higher in the study 
of Yee et al. (6), a solid/solution (2-line ferrihydrite/Fe(II) solution) ratio of 1/136 was used in a 
closed batch reaction system according to their experimental description given.  This only 
corresponds to a Fe(II)/Fe(III) of 0.7, which is similar to the Fe(II)/Fe(III) of 0.1 ~ 2 for the 
goethite formations observed in the studies of Hansel et al. (4) and Pedersen et al. (40). As noted 
by Yee et al. (6), magnetite was observed as the transformation product within 24 hours when the 
Fe(II)/Fe(III) ratio increased 50 times, which would provide abundant ferrous ions needed for the 
electron transfer reactions between solution Fe(II)/Fe(III) redox species and the ferrihydrite 
mineral. The findings in this study point out the importance of semiconductor properties of iron 
oxide minerals and important role of the solid solution ratios in determining the reactions of iron 
oxides under anaerobic subsurface environments via an electron transfer mechanism. 
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Figures and Tables 

 

a) 
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Figure 1. Time series of XRD patterns for ferrihydrite samples reacted with a) 18mM, b) 1.8mM 
and c) 0.36 mM ferrous sulfate solution. Labels are hkl index of goethite (G) and magnetite (M) 
XRD peaks. Goethite standard XRD peaks are also plotted for comparison in figure1c.  
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a) c)

d)b) 

Figure 2. Kinetics of transformation process at (a) 18 mM, (b) 1.8mM  and (c) 0.36mM Fe(II) injection described by power rate and 
linear growth rate laws; (d) kinetics of transformation process on a reduced time graph (for a more detailed discussion, see text).  
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Figure 3. Reaction pathways and mechanism proposed based on this study (Solid lines indicate 
dominant pathways, while dash lines indicate minor or less important reactions) 
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Table 1.  Summary of the transformation pathways and kinetic models for the reaction of 6-line 
ferrihydrite with input Fe(II) solutions at experimental conditions studied (25 ºC, pH of 6.8) 

Input Fe(II) concentration (mM)    

18 1.8 0.36 

Secondary 
minerals 
transformed 

  
Magnetite 

Goethite; 
trace magnetite 

Kinetic models  
2

0 )]([ ttk    )( 0ttk   

Kinetic 

parameter k (s-1) 

 1.31(±0.055) 

10-5 

2.14(±0.052) 

10-6 

  3.12(±0.15) 

10-7 

Induction time t0 
(h) 

 7.6±0.65 
14.2±
2.7 

98±28.5 
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