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are close to those at the oxic-anoxic boundary in 
natural waters (BERNER, 1981). The iron(III) colloids 
produced can be readily dissolved by a reductive 
phenanthroline medium (0.025% phenanthroline, 
0.4% hydroxylamine hydrochloride, acetate buffer 
pH 4.7). Although the TRIS medium is unrealistic 
with regard to natural waters because such a sub- 
stance does not occur, it can act as an effective 
scavenger of the primary hydrolytic products formed 
by the oxygenation of iron(II) (VON GtJr,rrEN and 
SCHNEIDER, 1991; SCHNEIDER and SCHWYN, 1987). 

The studies on characterization of iron-rich par- 
ticles collected from natural waters have shown that 
the particles are largely associated with inorganic 
species, organic materials and minerals (BUFFLE et 
al., 1988; TIPPING et al., 1981; PERRET et al., 1990, ref. 
therein). The inorganic and organic components 
associated with the iron(III) particles are likely to 
affect the surface structure of iron(III) oxyhydrox- 
ides, or modify the iron(III) oxyhydroxides to a 
considerable depth (HoCHELLA, 1990, ref. therein). 
As a consequence, the reactivity of the modified 
iron(III) oxyhydroxides may be quite different in 
comparison to pure iron(III) oxyhydroxides. 

The complexity of characterizing iron-rich par- 
ticles collected from natural waters has been 
addressed by PERRET et al. (1990). The most import- 
ant problems are linked to sampling and fraction- 
ation by using filtration and centrifugation 
techniques. The application of such techniques re- 
sults in denaturation of the particles in terms of size, 
structure, morphology etc., before their characteriz- 
ation. Thus, the physico-chemical properties of the 
particles obtained after these operations may not 
fully represent those of the particles existing in the 
water column of natural waters. In this study, we 
have tried to avoid using the techniques which may 
denature the iron(III) oxyhydroxides. An attempt 
was made to obtain the chemical properties of the 
solid phases through chemical reactions, such as 
determination of the rate of dissolution. 

This study was undertaken in order to better 
understand the redox cycling of iron in natural waters 
and assess the relationship between the formation of 
iron(III) oxyhydroxides by oxygenation of iron(II) 
and their reactivity to subsequent dissolution. The 
objectives of this study were: (1) to investigate 
whether solutes in natural waters (such as humic and 
fulvic acids, phosphate, sulfate, fatty acid) and sur- 
faces of minerals (such as bentonite and aluminum 
oxide) could assist in real natural water systems in the 
formation of iron(III) oxyhydroxide as reactive as 
those formed in the presence of TRIS; (2) to test the 
reactivity of iron(III) oxyhydroxides by measuring 
the rate of a non-reductive dissolution using a com- 
plex former HQS (8-hydroxyquinoline-5-sulfonic 
acid) or oxalate, and the rate of a reductive disso- 
lution using ascorbate; (3) to compare the rates of 
reductive dissolution by ascorbate for two different 
iron(III) oxyhydroxides (i.e. those formed in the 

presence of TRIS-imidazole medium and those 
formed in the presence of imidazole medium). In this 
context, an attempt was made to measure the redox 
potential of the iron(III) oxyhydroxide/iron(II) 
couple in order to see whether the reactivity could be 
related to the stability of the iron(III) oxyhydroxides; 
and (4) to estimate the net rate of the overall redox 
cycling of iron(III) oxyhydroxide/iron(II) coupled 
with fulvic acid in the absence of light and micro- 
organisms. 

EXPERIMENTAL 

Materials 

0-A120 3 (Degussa Company, Germany) and ben- 
tonite (montmorillonite, Aldrich-Chemie Company, 
Switzerland) are commercial products with a surface 
area of 113 m2/g (DEGUSSA COMPAI~Y, 1977) and 100 
mE/g (geometry estimation by R. Giovanoli, Univer- 
sity of Bern), respectively. 8-Hydroxyquinoline-5- 
sulfonic acid monohydrate and humic acid were ob- 
tained from Aldrich-Chemie Company and EGA-  
Chemie Company, respectively. Fulvic acid was ob- 
tained from the International Humic Substances So- 
ciety prepared from the Suwannee River, Georgia, 
U.S.A. The main chemical properties of this fulvic 
acid were reported elsewhere (THURMAN and MAL- 
COLM, 1983). The purity of N 2 used in this study was 
99.999%. The trace amount of O 2 contained in the N 2 
was further removed by passing the N 2 through a 
solution of V(II) with amalgamated zinc (WERSIN, 
1990). 

Analytical techniques 

1. Measurement of pH. The pH measurement was con- 
ducted using a pH meter (Metrohm 605) with a combined 
pH electrode (Metrohm). The pH electrode was previously 
calibrated using standard buffer solutions of pH 4 and 7 
(Merck). 

2. Determination of iron. The formation of iron(IIl)- 
HQS complexes is used to monitor the non-reductive disso- 
lution of iron(Ill) oxyhydroxide formed in the presence of 
TRIS. The absorbance maximum of Fem-HQS complexes 
was observed at 2 = 570 nm in a pH range of 6.5--7.5 
(e = 5600 M cm - l ,  DENG, 1992). The stoichiometry of 
Fem-HQS complexes in solution can be determined from 
the observed plateau in concentration of iron(III)-HQS 
complex with increasing HQS concentration at a fixed iron 
concentration (1.0 x 10 -4 M). It appears that the 1:3 
complex Fem(HQS)3 predominates in the concentration 

4 4 range of HQS 3.0 x 10- -6 x 10- M. 
The determination of ferrous and total iron was carried 

out by using the phenanthroline method (TAuuRA et al., 
1974). The measurement of ferrous iron was completed 
within 5 min in order to minimize the slow reduction of 
ferric iron by phenanthroline. 

3. Determination o f  phosphate. The heteropoly blue 
method was used to determine phosphate (CLESCERIL et al., 
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1989). The absorbance maximum of the color complex is at rated with the bulk solution overnight at room temperature 
~. ffi 710 nm (e = 16700 M cm -I,  DEN6, 1992). with stirring. 

Preparation of iron(Ill) oxyhydroxides 

In order to produce different iron(Ill) oxyhydroxides, 
several procedures were used in this study. 

1. Precipitation of the iron(Ill) oxyhydroxide from a 
homogeneous solution. The general concept of precipitation 
from a homogeneous solution is that the precipitant is not 
added but is slowly generated by a homogeneous chemical 
reaction. In this study, the precipitation of the iron(Ill) 
oxyhydroxide from a homogeneous solution takes place 
when precipitant iron(Ill) is slowly generated by the oxy- 
genation of iron(II). A slow precipitation process allows an 
equilibrium to be established between the surface of the 
iron(llI) oxyhydroxide and the solution. The procedure is 
described as follows: 

Pure CO2 (PCO2 = 1 atm) was bubbled through a 
solution containing 2.5 x 1 0 - ' M  NaHCO3 and 0.01 M 
NaNO 3 until a pH value of 4.5 was attained. Subsequently, 
a small amount of solid Fe(CIO4)2.61-120 was added to give 
an initial iron(II) concentration of 1.0 x 10 -4 M. The 
solution was kept in the dark and exposed to the air. The 
precipitation occurred in this system when the pH increased 
in infinitesimally small increments as the CO2 diffused out 
of the solution and at the same time, 02 was introduced. 

2. Oxygenation of iron(ll) in the presence of different 
solutes. A solution (500 ml) containing 1.0 x 10 -2 M 

4 NaCIO4 and 3.0 x 10- M NaHCO 3 was bubbled with pure 
CO2 (PCO2 = 1 atm) until a pH value of 4.5 was attained, 
then 0.0183 g Fe(CIO4)2.6H20 and the required amount of 
solutes was added. The initial concentration of iron(II) was 
1.0 x 10 -4 M. Oil-free air (PO2 = 0.2 atm) was then 
bubbled through the stirred solution until pH 5 was 
achieved. The pH of the solution was adjusted to pH 7 by 
addition of imidazole buffer ~Ka=7, SMITH and I~IARTELL, 
1975). The final concentration of imidazole was 1.0 x 10 -2 
M. The oxygenation of iron(II) (PO 2 = 0.2 atm) proceeded 
rapidly at about pH 7. The formation of iron(Ill) oxyhy- 
droxide in the presence of TRIS followed the same pro- 
cedure as described for imidazole buffer. The oxygenation 
of iron(II) in the presence of TRIS (0.5 M) occurred at pH 
7.5-7.7. The stability constants of iron(II)-imidazole com- 
plexes (log K1= 3.2, log K 2 = 3.17 in 0.058 M KCI at 250C, 
SILLEN and MARTELL, 1964) show that imidazole has a weak 
tendency of complexation with iron(II). However, no stab- 
ility constants are available for the iron(II, III)-TRIS com- 
plexes. 

The characterization of the iron(Ill) oxyhydroxides was 
carded out by Prof. R. Giovanoli (University of Bern) using 
electron microscopy (Hitachi H-600-2). The electron micro- 
graph suggested that the structure of the particles formed in 
the presence of the imidazole medium looked like lepi- 
docrocite because of the aggregated thin platelets. They 
appeared quite porous and gave unsatisfactory X-ray dif- 
fraction pattern. The geometry of the particles was esti- 
mated as 40 x 3.4 x 2.0 nm 3 (DENG, 1992). The iron(Ill) 
oxyhydroxide produced in TRIS medium could not be 
studied with the electron microscope because the colloids 
were too small to be seen. 

3. Oxygenation of iron( ll) in the presence of suspensions. 

(1) Preparation of the suspensions. 0.625 g of t~-A1203 or 
bentonite was added into a 240 ml solution containing 1.0 x 
10 -2 M NaCIO4 and 3.0 x 10 -4 M NaHCO3 and equilib- 

(2) Preparation of iron(ll) solution. A 250 ml solution 
containing 1.0 x 10 -2 M NaCIO4 and 3.0 x 10 -4 M 
NaHCO3 was purged with pure CO 2 (PCO 2 = 1 atm) until a 
pH value of 4.5 was achieved and 0.0183 g Fe(CIO4)2-6I"120 
was then added. The concentration of iron(II) in solution 
was 2.0 x 10 -4 M. 

(3) Procedure of the oxygenation of iron( ll). The suspension 
of dt-Ai203 or bentonite (240 ml) was purged with pure CO2 
(PCO2 = 1 atm.) until a pH value of 4.5 was attained. 
Subsequently, the suspension (240 ml) and the solution of 
iron(II) (2.0 x 10 -4 M, 250 ml) were mixed at 4.5. The 
mixture was then bubbled with the oil-free air (PO2 = 0.2 
atm) until pH 5 was attained. The pH was adjusted to pH 7 
by adding I0 ml 0.5 M imidazole buffer. The initial concen- 
tration of iron(II) in the mixture was 1.0 x 10 -4 M. The 
concentration of dt-A1203 or bentonite suspension was 1.25 
g/l. The oxygenation of iron(II) proceeded rapidly at about 
pH 7. 

Dissolution of iron(Ill) oxyhydroxides 

The dissolution experiments were carded out in a glass 
vessel in the absence of light (wrapped with aluminum foil). 
All experiments were carded out at a constant temperature 
(20°C + 0.1) by keeping the vessel in a thermostated water 
bath. During the dissolution experiments, the pH was kept 
constant by addition of HCIO4 with a pH stat (Metrohm). 
For the reductive dissolution, the suspension of the freshly 
formed iron(IlI) oxyhydroxide [0.01 g/I Fe(OH)a(s)] was 
first deoxygenated by nitrogen for 15 min before the 
required quantity of ascorbate solution (freshly prepared) 
was added. The initial concentration of ascorbate was 4.8 x 
10 -2 M. For the experiment of a non-reductive dissolution, 
stock solution of HQS (2.5 x 10 -3 M) was directly added 
into the suspension of the freshly formed iron(III) oxyhy- 
droxide (Fe(OH)3(s) 0.01 g/l). The initial concentration of 

4 HQS was 5.0 x 10- M. After addition of ascorbate or 
HQS, aliquots of the suspension were withdrawn period- 
ically by a syringe and filtered through a 0.1 gm cellulose 
nitrate membrane. The concentration of ferrous and total 
iron were determined in the filterable fraction with the 
phenanthroline methods described in the section on analyti- 
cal techniques. 

Dissolution of iron(III) oxyhydroxide formed in the pres- 
ence of TRIS (Fe(II)o 1.0 x 10 -4 M, TRIS 0.5 M, pH 7.5, 
PO 2 = 0.2 atm, 20°C) by fulvic acid was carried out in a 
closed system under the following conditions: 0.01 g/I 
Fe(OH)3(s ), pH 7.5, 5 mg/l fulvic acid, 20°C. The procedure 
of the dissolution is described as follows. The suspension of 
the iron(III) oxyhydroxide (28.5 ml) was transferred into a 
flask with a full volume of 30 ml. The suspension was 
carefully purged with nitrogen for about 10 min to eliminate 
dissolved oxygen. Then 1.5 ml fuivic acid (0.1 mg/ml, 
freshly prepared) was added and mixed well with the sus- 
pension. The flasks with the same experimental conditions 
(i.e. 0.01 g/I Fe(OH)3(s), pH 7.5, 5 mg/l fulvic acid, 20°C) 
were carefully capped to avoid entrapment of air and 
immersed in water in a dark container to minimize the 
oxygenation of ferrous iron. 

A glove-box filled with nitrogen (nitrogen was circulated 
into the box for about 1 h before sampling) was used for 
sampling in order to prevent oxygenation of ferrous iron. 
The sampling was carded out at intervals during the disso- 
lution experiment. Each sample was taken from one of the 
flasks immersed in water in the dark container and each 
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FIG. 1. HQS promoted dissolution of the iron(Ill) oxyhydroxides formed in the presence of different 
solutes. The conditions for the formation of the iron(III) oxyhydroxides: Fe(II)o 1.0 x 10 -4 M, imidazole 
0.01 M, NaHCO 3 3.0 × 10 -4 M, NaCIO4 1.0 x 10 -2 M, PO 2 = 0.2 atm, pH 7.0 + 0.2, 20°C. The 

conditions for the dissolution: Fe(OH)3(s ) 0.01 g/l, HQS 5.0 x 10 -4 M, pH 7.3 + 0.1, 20°C. 

flask in the dark container was used for only one sampling. 
The concentrations of iron(II) and total iron in the samples 
were determined by the phenanthroline method. 

Measurement of the electrode potential for the iron( lll) 
oxyhydroxide/iron( ll) redox couple 

A recent study (GRENTg~ et al., 1992) has demonstrated 
that a stable and reproducible redox potential can be 
measured in the system of iron(Ill) oxyhydroxide/iron(II) 
by using an inert electrode (i.e. Pt, Au or glassy carbon) 
combined with a reference electrode such as calomel. In this 
study, the electrode potentials for the iron(III) 
oxyhydroxide/iron(ll) redox couple were measured at 25°C 
under a nitrogen atmosphere. 

1. Preparation of Fe(ll) solution (1.0 x 10 -3 M, 100 ml). 
The preparation of iron(ll) solution followed the procedure 
described in the section on the oxygenation of iron(ll) in the 
presence of a suspension. 

2. Procedure of electrode potential measurement. A plati- 
num electrode (Metrohm) (saturated calomel electrode as 
reference) was used to measure the electrode potential of 
the iron(IH) oxyhydroxide/iron(II) couple. The electrode 
(in conjunction with a pH meter) was calibrated by a redox 
standard solution (+250 mV, Metrohm). One hundred 
millilitres of an iron(III) oxyhydroxide suspension (those 
formed in the presence of TRIS and in the presence of 
imidazole, Fe(OH)3(s) 0.01 g/l) was purged with pure CO2 
(PCO 2 = 1 atm) for about 1.5-2 h in order to eliminate 
dissolved oxygen and to reach a pH value of 5.0-5.5. The 
freshly prepared iron(II) solution (5.3 ml, 1.0 x 10 -3 M) 
was then mixed with the Fe(III) oxyhydroxide suspension to 
give an iron(II) concentration orS.0 x 10 -s M. Then, CO2 
was substituted by N 2 to keep out 02 and to drive CO2 out of 
the suspension. This resulted in a pH increase. The elec- 
trode potentials for the iron(Ill) oxyhydroxide/iron(II) 
redox couple in the presence of imidazole or in the presence 
of TRIS were measured at different pH values. 

RESULTS AND DISCUSSION 

Dissolution o f  iron(Ill) oxyhydroxides formed in the 
presence of  different solutes by a complex former 
(HQS) 

Figure 1 shows the dissolution of  iron(III)  oxyhy- 
droxides formed freshly in the presence of different 
solutes by H Q S  (5.0 x 10 -4 M, pH  7.3_+0.1,20°C) in 
the period of  25 h. The dissolution rate of these 
i ron( l l I )  oxyhydroxides was obtained in the range of  
10 -8 M/min-10 -7 M/min by taking the slope of  the 
curves in Fig. 1. Figure 2 illustrates that iron(III)  
oxyhydroxide formed in the presence of  TRIS  (TRIS 
0.5 M, PO2 = 0.2 atm, Fe(II)0 = 1.0 x 10 -4 M, pH  
7.5) is also dissolved by H Q S  (5.0 x 10 -4 M) at pH  
7.4. About  50% of the total iron(III)  oxyhydroxide 
(Fe(OH)3(s) 8.6 x 10 -3 g/I or  Fe( l l I )  total 8.0 x 10 -5 
M) is readily dissolved within 25 s with a dissolution 
rate of  9.6 x 10 -s  M/min. Comparison of  Fig. 1 and 
Fig. 2 shows that the dissolution rates of  the iron(III)  
oxyhydroxides vary to a different extent depending 
on the conditions of  their  formation. The reactivity of  
the i ron(lII)  oxyhydroxides is observed to decrease 
in the following sequence in terms of  the solutes 
present during the formation of  iron(III)  oxyhydrox- 
ides by the oxygenation of  iron(H): TRIS  >> humic 
acid > phosphate,  glycerol > valeric acid, sulfate, no 
added ligand. 

The intention of  this study was to investigate 
whether  solutes of natural waters such as humie acid, 
phosphate,  sulfate and valeric acid, could assist in a 
real system in the formation of  a similarly reactive 
oxyhydroxide which was produced by vow Gu~rrE~ 
and SCHNP.mBa (1991). No substances used in this 
study were found to have such an influence on en- 
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Fig. 2. Dissolution of the iron(III) oxyhydroxide formed in the presence of TRIS by HQS: formation of 
iron(Ill) oxyhydroxide: Fe(II)0 1.0 x 10 -~ M, TRIS 0.5 M, NaI-ICO3 3.0 × 10 -~ M, PO2 = 0.2atm, 
NaCIO 4 1.0 × 10 -L M, pH 7.5, 20°C; dissolution ofiron(III) oxyhydroxide: Fe(OH)3(s) 8.6 x 10- g/l, 

HQS 5.0 × 10 -4 M, pH 7.4, 20°C. 

27 

120 

8O 

o 
- 60 g 

© 411 
O 

20 

, i 

remt,ral I.e(ll). y =92 -50.Ox 

formation removal P(V): y = 23 -16.5 x - 

o ,  
dissolution 

/ F e ~  s dissolved Fe(ili) 

. t . . _ _ ~ t . _ .  J r y . _ J ~ l t  . . . .  =o  . I o 

j dissolved Fe(lll): y = 38 + 1.8 x dissolved P(V) 

. • V I  
dissolved P(V): y = 5.6 + 0.4 x [ 

0 
0 5 10 15 20 25 30 

Time (h) 

Fie. 3. Iron(Ill) oxyhydroxide formed by the oxygenation of iron(lI) in the presence of phosphate. The 
freshly formed iron(III) oxyhydroxide was subsequently dissolved by a non-reductive dissolution using 
HQS. Formation of iron(III) oxyhydroxide: Fe(II)0 1.0 x 10 -4 M, NaH2PO 4 2.5 x 10 -5 M, imidazole 
1.0 x 10 -2 M, NaHCO3 3.0 x 10 -4 M, NaCIO41.0 × 10 -2 M, PO 2 = 0.2 atm, pH 6.9, 20°C; dissolution of 

the iron(Ill) oxyhydroxide: Fe(OH)3(s ) 0.01 g/l, HQS 5.0 × 10 -4 M, pH 7.4, 20°C. 

hancing the reactivity of oxyhydroxide as that found 
by the effect of TRIS. The iron(III) oxyhydroxide 
formed in the presence of TRIS shows the highest 
reactivity among the iron(III) oxyhydroxides tested. 
As reported by VON GUNTEN and SCHNEIDER (1991), 
an oligomeric iron(III) oxyhydroxide was formed 
where extensive polymerization can be prevented by 
TRIS which most likely forms outer-sphere com- 
plexes on the surface o f  iron(III) colloids. Such 
iron(III) colloids showed a much higher affinity 
towards phosphate than do crystalline iron(III) oxy- 
hydroxide. The molar ratios (P/Fe) for the adsorp- 
tion of phosphate are 0.25 for the iron colloids 

formed in TRIS medium and only 0.02 for goethite 
(YON GUNTEN and SCHNEIDER, 1991). Thus, the high 
reactivity observed for the iron(III) oxyhydroxides 
formed in the TRIS medium is plausibly explained by 
their large surface area (1 nm ~ radius ~ 20 nm, voN 
Gu~rrEN and SCHN~DER, 1991) with a high pro- 
portion of active terminal -OH groups, such as 
>Fe(OH)2,  > F e - O H  on the surface. Correspond- 
ingly, a higher dissolution rate of this iron(III) oxy- 
hydroxide can be expected when a high quantity of 
the surface complex with the suitable coordination 
arrangement is achieved (WmLA~D et al., 1988). 

Figure 3 shows that the iron(III) oxyhydroxide is 
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FIG. 4. Effect of TRIS on the formation of iron(III) oxyhydroxide and its dissolution by ascorbate at 20°C. 
(a) Formation ofiron(III) oxyhydroxide: Fe(II)0 1.0 x 10 -4 M, imidazole 1.0 x 10 -2 M, NaHCO3 3.0 x 
10 -4 M, NaCIO 4 1.0 x I0 -2 M, P O  E "-~ 0.2 atm, p2 H 6.7; dissolution of freshly formed iron(III) 
oxyhydroxide: Fe(OH)3(s ) 0.01 g/l, ascorbate 4.8 x 10- M,pH 7.0 + 0.2, N 2, (b) Formation ofiron(III) 
oxyhydroxide: Fe(II)0 1.0 × 10 -4 M,  imidazole 1.0 x 10-ZM, TRIS 0.5 M, NaHCO 3 3.0 x 10 -4 M, 
NaClO4 1.0 x I0  -2  M,  P O  2 = 0.2 atm, pH 7.7; dissolution of freshly formed iron(III) oxyhydroxide: 
Fe(OH)3(s ) 0.01 g/l, ascorbate 4.8 x 10 -2 M, pH 7.5, N 2. A similar rapid dissolution was observed in the 

pH range of 4-8. 

formed by the oxygenation of iron(II) in the presence 
of phosphate (Fe(II)0 1.0 x 10 -4 M, (NaH2PO4) 0 2.5 
x 10 -5 M, imidazole 0.01 M, PO 2 = 0.2 atm, pH 
6.9). During the formation of the iron(III) oxyhy- 
droxide, on the one hand, both concentrations of 
iron(II) and phosphate decreased as a function of 
time. The molar ratio P(V)/Fe(II) for the removal 
phosphate and ferrous iron from the solution is 0.33. 
The freshly formed iron(III) oxyhydroxide was sub- 
sequently dissolved by HQS (5.0 x 10 -4 M, pH 7.4). 
During the dissolution of the iron(III) oxyhydroxide, 
on the other hand, the iron(III) and phosphate were 
gradually released from the solid phase. Obviously, 
phosphate has become incorporated into the 
iron(III) oxyhydroxide, rather than being simply 
adsorbed on the surface of the oxyhydroxide. The 
ratio P(V)/Fe(III) in the solid phase is 0.22 based on 
the dissolution result; this ratio is quite close to the 
0.25+0.06 reported for iron-rich particles collected 
from natural waters by BUFFLE et al. (1988). 

In view of the ratio P(V)/Fe(III) = 0.22 obtained 
during the dissolution of the solid phase, the compo- 
sition of the solid phase would not be expected to be 
merely a pure iron(III) oxyhydroxide because the 
phosphate is slowly released from the solid phase 
during the dissolution. The solid phase would also 
not be expected to be a pure ferric phosphate 
(FePO4-2H20, log K~0 = - 2 6  at 25°C, STUMM and 
MOn6A~, 1981) because the ratio P(V)/Fe(III) ob- 
tained from the dissolution of the solid phase was 
0.22 rather than 1. As to the precipitation of ferrous 
phosphate (Fe3(PO4)2, logKs0 --- - 3 2  at 25°C, SroMM 
and MOa6AN, 1981), the process may not have 
occurred because no ferrous iron was released during 
the dissolution. 

Dissolution of  iron(Ill) oxyhydroxides formed in the 
presence of imidazole and TRIS-imidazole medium 
by ascorbate 

Figure 4(a) shows that the iron(III) oxyhydroxide 
is produced in the presence of imidazole (imidazole 
0.01 M, Fe(II)0 1.25 × 10 -4 M, PO2 = 0.2 atm, pH 
6.7). The freshly formed iron(III) oxyhydroxide 
(Fe(OH)3(s) 0.01 g/l) is subsequently dissolved by 
ascorbate (4.8 x 10 -2 M, pH 7 + 0.2, N2). The 
reductive dissolution rate is calculated as 8.2 × 10 -7 
M/h by taking the slope of the dissolution curve in 
Fig. 4(a). Figure 4(b) illustrates that iron(III) oxy- 
hydroxide (Fe(OH)3(s) 0.01 g/l) is formed by the 
oxygenation of iron(II) in the presence of the TRIS-  
imidazole medium (Fe(II)0 1.0 x 10 -4 M, TRIS 0.5 
M, imidazole 0.01 M, pH 7.7, PO 2 = 0.2 atm). The 
freshly formed iron(III) oxyhydroxide is sub- 
sequently dissolved by ascorbate (4.8 x 10 -2 M, pH 
7.5, N2). As illustrated in Fig. 4(b), almost 100% of 
the iron(III) oxyhydroxide formed in the TRIS-  
imidazole medium was rapidly dissolved by ascorbate 
at pH 7.5 within a minute. Based on this observation, 
the rate of dissolution of the iron(IIl) oxyhydroxide 
formed in the TRIS-imidazole medium is estimated 
as 6 x 10 -3 M/h. A similar rapid dissolution of this 
iron(III) oxyhydroxide was observed in the pH range 
of 4-8. Comparison of Fig. 4(a) and (b) shows that 
the dissolution kinetics of these two iron(Il l)  oxyhy- 
droxides differ markedly depending on the con- 
ditions of their formation. 

To improve the understanding of the difference in 
the dissolution kinetics of the two iron(IlI) oxyhyd- 
roxides, an attempt was made to measure the redox 
potential of the iron(III) oxyhydroxide/iron(II) 
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Table 1. Standard redox potential of iron(III) oxy- 
hydroxide/iron(II) redox couple and solubility product for 

two different iron(Ill) oxyhydroxides 

System E°(V)* log K~0t 

Fe(OH)3(s)/Fe(II) (TRIS) 1.0 -38 
Fe(OH)3(s)/Fe(II) (imidazole) 1.0 -38 

*Calculation of the standard redox potential ( ~ )  (see 
Appendix I). 

tValues are estimated based on the ~ (see Appendix II). 

couple in order to see whether the reactivity of iron(III) 
oxyhydroxides could be related to the stability of the 
iron(III) oxyhydroxides. Figure 5 shows the electrode 
potential of the system consisting of the iron(III) 
oxyhydroxide/iron(II) (Fe(On)3(s) 0.01 g/I, Fe(II) 5.0 
x 10 -5 M) redox couple. The redox potentials are 
measured by a Pt electrode (calomel electrode as 
reference) as a function of pH. The slope obtained 
from experimental data is in agreement with that of the 
theoretical calculations [Fig. 5 and Eqn (2)]. The 
potential decreases gradually as the pH increases in 
accord with Eqn (2) given below. 

The half redox reaction for reductive dissolution of 
iron(III) oxyliydroxide can be generally described as 
follows: 

Fe(OH)3(s ) + 3H ÷ + e = Fe 2+ + 3H20 (1) 

According to the Nernst equation, the half redox 
reaction can be expressed as: 

e H =  ~ + 0.059 log [H+]a/[Fe 2+ ] 

= ~ - 0.059 log [Fe 2+] - 0.177pH (2) 

The standard redox potential for the iron(III) 
oxyhydroxidediron(II) couple can be calculated by the 
Nemst equation based on the experimental result (see 
Appendix I). As depicted in Table 1, the differ- 

ence in the experimentally estimated standard redox 
potentials and the solubility product (see Appendix II) 
for iron(Ill) oxyhydroxides formed in TRIS medium 
and imidazole medium is not significant. The dissol- 
ution rates of these two kinds of iron(Ill) oxyhydrox- 
ides by ascorbate (shown in Fig. 4), however, differ 
markedly. This observation indicates that the differ- 
ence in reactivity of these two iron(Ill) oxyhydroxides 
is controlled by the surface structure. The coordination 
arrangement of the functional groups at the surface of 
iron(II1) oxyhydroxides, especially the extent of end- 
standing -OH per iron(Ill) center, such as >Fe-OH, 
>Fe(OH)2 determine that reactivity toward dissol- 
ution. 

Dissolution of the iron( lll) oxyhydroxide produced 
from the homogeneous solution by oxalate 

It is known that iron(Ill) oxyhydroxides can usually 
be produced in the laboratory by adding a base or a 
buffer to an iron(III) solution. The result of following 
this procedure is that the products of iron(III) hydro- 
lysis (such as dinuclear and further polynuclear 
species) appear rapidly no matter what mixing tech- 
nique is applied during the formation of iron(III) 
oxyhydroxide. This phenomenon is due to the fact 
that the rates of mixing are slow on the time scale 
of diffusion-controlled proton transport reactions 
(ScHN~ER and ScnwvN, 1987). Thus, the polynuclear 
species were instantaneously produced where a 
high pH value is created locally by addition of a 
base or a buffer. It is believed that the mono- 
nuclear Fe(OH) 3-i is the primary product of hydrol- 
ysis of iron(III) and may be active in terms of dissol- 
ution. In this study, we attempt to obtain the mono- 
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FIG. 7. Comparison of dissolution kinetics of iron(II1) oxyhydroxid¢ produced from the homogeneous 
solution and goethite (a-FeOOH) by oxalate (1.0 x 10 -3 M, 25°C) at pH 3.0: Fe(OH)3(s ) 0.01 g/l; a-FeOOH 
0.46 g/l. One part of the Fe(OH)3(s ) reacts very rapidly in an initial phase, the remaining Fe(OH)3 (s) dissolves 

at a much slower rate. 

nuclear Fe(OH)i 3-i or the iron(Ill)  oxyhydroxide with 
a low degree of polymerization by means of precipi- 
tation from a homogeneous solution (see experimental 
section for details of the procedure). Figures 6(a) and 
(b) show that the pH and the concentration of Fe(II) 
change as a function of time. The results indicate that 
pH increased as CO 2 diffused out of the solution and at 
the same time, iron(II) is oxidized to iron(III) as 0 2 is 
introduced slowly into solution. No localized high pH 
values occur during the formation of oxyhydroxide. 
The reactivity of the iron(III) oxyhydroxide produced 
from the homogeneous solution was assessed by a non- 
reductive dissolution using oxalate (1.0 x 
10 -3 M) at pH 3.0. As shown in Fig. 7, the initial rate 

of the dissolution of iron(Ill) oxyhydroxide is very fast. 
About  25% of the total iron in the iron(HI) oxyhydrox- 
ide (Fe(OH)3(s) 0.01 g/l) is readily dissolved within 10 
min. Apparently, the iron(Ill) oxyhydroxide produced 
from a homogeneous solution exhibits higher reactivity 
(initial dissolution rate) than that of a highly crystalline 
iron(Ill) oxyhydroxide such as goethite (data of the 
dissolution for goethite are from StnXR et al., 1991). As 
has been discussed earlier in this paper, such a differ- 
ence in the reactivity may also be plausibly caused by 
the difference in the degree of polymerization of the 
oxides and in the quantity of the active functional 
groups with various coordination arrangements on the 
surfaces of the two iron(III) oxyhydroxides. 



Reactivity of aquatic iron(Ill) oxyhydroxides 31 

1.0 
0.0 ~ 

i -1.0 
-2.0 

~' -3.0 

-4.0 

-$.0 
0 

• i - g - w - 

t q '; 
,lJ,. 

I I I I 0 - -  

20 40  60  80  0 

i i | i 

(b) 

[2] 

$0 100  150 200  250  

Time (min) Time (rain) 

l~o. 8 (a). Formation of iron(III) oxyhydroxides (1) in the absence of a suspension and (2) in the presence of 
bentonite suspension 1.25 g/l (Fe(II)0 1.0 x 10 -4 M, imiclazole 1.0 x 10 -2 M, NaHCO3 3.0 x 10 -4 M, 
NaC1041.0 x 10 -2 M, PC~ = 0.2 atm., pH 6.8 + 0.1,200C). (b) Dissolution of the iron(III) oxyhydroxides 
by reductive dissolution with ascorbate (4.8 x 10 -2 M, 200C, i~) at pH 7.2. For the curve (3), the con- 
ditions for the formation of iron(III) oxyhydroxide were: Fe(II)o 1.0 x 10 -4 M, imidazole 
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Dissolution of iron(Ill) oxyhydroxides formed in the 
presence of bentonite and 6-A120 3 by ascorbate 

Figure 8(a) shows the kinetics of the oxygenation of 
iron(H) in the absence of suspension (curve 1) and in 
the presence of bentonite (1.25 g/l) (curve 2). The 
conditions for the oxygenation of iron(II) in these 
two systems were as follows: Fe(II)0 1.0 x 10 -4 M, 
imidazole 0.01 M, PO 2 = 0.2 atm, pH 6.8. The 
oxygenation of iron(II) is apparently accelerated in the 
presence of a solid phase such as bentonite. Similar 
enhancement has been reported in the oxygenation of 
iron(H) in the presence of goethite or hornblende 
( T ~ P , A  et al., 1980, Wm'm and YEE, 1985). It has 
been known that hydroxo complexes of iron(II) are 
oxidized faster by oxygen than the corresponding 
aqueous ion. As shown by Wm-nua and Sror, tM (1988), 
the adsorption of iron(II) onto a hydroxo functional 
group of an oxide surface can enhance the oxygenation 
of iron(II) in a way similar to hydrolysis. This phenom- 
enon can be explained by the fact that the coordination 
of iron(H) by surface hydroxyl groups or by O H -  in 
solution increases the electron density at the iron(II) 
center and facilitates the electron transfer from the 
iron(II) center to 02 (Ltrrrm~, 1990). Figure 8(b) 
shows the comparison of dissolution kinetics of 
iron(III) oxyhyclroxides formed in the absence of a 
suspension (curve 1) and in the presence of a suspen- 
sion, such as bentonite (curve 2) and 6-AlzO3 (curve 3) 
(the conditions for the formation of iron(HI) oxy- 
hydroxide in the presence of t%A1203 were: dt-Al203 
1.25 g/l, Fe(II)0 1.0 x 10 -4 M, PO2 = 0.2 atm, 
imidazole 0.01 M, pH 7.0). The initial dissolution rates 
of iron(III) oxyhydroxides formed in the presence of a 
suspension are much higher than that of iron(HI) 

oxyhydroxide formed in the absence of the suspen- 
sions. The active iron(III) oxyhydroxide produced on 
the surface of the suspensions may be assumed to be 
polymerized predominantly in two dimensions rather 
than in three dimensions. Thus, the high reactivity of 
the iron(III) oxyhydroxide produced on the surfaces 
can be plausibly interpreted as being the result of a low 
degree of polymerization and a high quantity of active 
surface sites. 

Dissolution of the iron(Ill) oxyhydroxide formed in 
the presence of TRIS by fulvic acid 

It is interesting, and perhaps more important for 
natural waters, to know how reactive the iron(III) 
oxyhydroxide will be in terms of the reductive disso- 
lution by naturally occurring organic substances, such 
as fulvic acid. In order to simulate conditions similar 
to those encountered at the oxic-anoxic boundary 
in natural waters, the dissolution of iron(III) oxy- 
hydroxide (Fe(OH)3(s) 0.01 g/l) formed in a TRIS 
medium (TRIS 0~5 M, pH 7.5, PO 2 = 0.2 atm, 20~)  
was performed in a dosed system at pH 7.5 in the 
presence of 5 mg/l fidvic acid. The kinetics of the 
conversion of iron(III) colloids to iron(II) was followed 
by measuring the ferrous iron produced (Fig. 9). The 
rate of the conversion is 60 nM/h obtained from the 
slope of the curve in Fig. 9 during a period of 25 d. 

A reaction sequence with regard to the redox cycle of 
iron coupled with natural organic substances has been 
proposed by STum~t and MORCAN (1981). The 
iron(III)--iron(II) couple is able to act as an electron- 
transfer catalyst for the oxidation of natural organic 
substances such as fulvic acid by oxygen: 

AG 9:1-C 
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FIG. 9. Reductive conversion of iron(HI) oxyhydroxide formed in the presence of TRIS by fulvic acid: 
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10-" M, NaCIO41.0 x 10-" M, pH 7.5, 20"C; dissolution of the iron(III) oxyhydroxide in a closed system: 

Fe(OH)3(s) 0.01 g/I, fuivic acid 5 rag/l, pH 7.5, 20"C. 

Fe(II) + 1/40 2 + org. 

= Fe(III)--org. complex (3) 

Fe(III)--org. complex 

= Fe(II) + oxidized org. (4) 

Fe(II) + 1/40 2 + org. 

= Fe(III)-org. complex (5) 

When the rate of oxygenation of Fe(II) is slow in 
comparison to iron(III) reduction by the organic 
substances, a relatively high steady-state concen- 
tration of iron(II) can be maintained in the system as 
long as the organic substance is not fully oxidized. 
Thus, the reaction rate obtained in Fig. 9 can be 
considered to be the net result of reduction and 
oxygenation of the >Feln-OH/Fe(II)  "wheel" 
coupled with fulvic acid (DENG and STUMM, 1993). 

Some environmental implications 

Figure 10 schematically depicts some of the 
phenomena observed in this study and their impli- 
cations in natural waters. The results obtained indi- 
cate that the formation of aquatic iron(Ill) 
oxyhydroxides is accompanied by binding or incor- 
porating reactive inorganic species (such as 1-I2 PO~ ), 
organic substances (such as humic materials, fatty 
acid) and surfaces, such as bentonite and aluminum 
oxide. The solutes and surfaces can modify to a 
different extent the reactivity of aquatic iron(Ill) 
oxyhydroxides as reflected by their tendency to dis- 
solve. The dissolution of aquatic iron(III) oxyhy- 
droxides, on the other hand, is accompanied by 
release of the solutes which are incorporated into the 
structure of the iron(IIl) oxyhydroxides (such as 
phosphate) or adsorbed on their surfaces (such as 
silicic acid, DE,G, 1992). ThUS, it is reasonable to 

expect that in a real system the redox cycling of iron 
largely governs the fate of these reactive inorganic 
and organic species, and is coupled with the biogeo- 
chemical cycles of many other elements, such as trace 
metals and oxygen. 

One of the interesting findings of this study is that 
iron(Ill) oxyhydroxides formed at the surface of 
hydrous oxides and aluminum silicate are more reac- 
tive than the iron(Ill) oxyhydroxide formed in the 
absence of these surfaces. The phenomenon ob- 
served may represent one of the important mechan- 
isms in formation of active iron(III) oxyhydroxides 
since various surfaces are abundant in real aquatic 
systems, It appears that these surfaces not only 
enhance the oxygenation of iron(II) which is in 
accord with previous findings (TAMuaA et al., 1980), 
but also induce the formation of iron(Ill) oxyhydrox- 
ides which are more active toward the dissolution 
reactions. 

It has been a matter of debate for several years 
whether the iron(II) profile found in the anoxic zone 
of natural waters can be generated from direct inter- 
actions between humic substances and iron(Ill) oxy- 
hydroxides because no previous laboratory evidence 
supported this pathway. The experimental results in 
this study show that fulvic acid is able to reduce 
iron(llI) oxyhydroxides at neutral pH under suitable 
conditions. In natural waters, iron-rich particles 
<120 nm in size are ubiquitous (WELLS and GOLD- 
er.a~, 1991) and reductants other than fulvic acid may 
be operative. Thus, the cycle given in Fig. 10 reflects 
the overall situation in the iron(llI)-iron(II) trans- 
formations. Essentially 02 oxidizes organic sub- 
strates and the iron(llI)--iron(II) redox couple acts as 
an electron transfer mediator. In a real system, 
microorganisms could also influence various steps 
in the cycle of iron coupled with fulvic acid. This 
experimental evidence illustrates that the 
>Fem-OH/Fe(II)  "wheel" can turn even in the ab- 
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sence of fight and microorganisms. 
Different types of aquatic iron(III) oxyhydroxides 

are produced in this study in terms of their physical 
and chemical nature, such as form, size, color, com- 
position, structure, dissolution rate, etc. Although 
the properties of various aquatic iron(III) oxyhy- 
&oxides (morphology, structure etc.) produced in 
this study are not well understood and may not be 
fully representative of the naturally occurring iron- 
rich particles, our observations may help in under- 
standing the fact that a variety of iron-rich particles is 
found in aquatic systems. 

CONCLUSIONS 

1. The reactivity of iron(III) oxyhydroxides is de- 
pendent on the conditions of their formation. The 

kinetics of dissolution of iron(III) oxyhydroxides is 
most likely determined by the quantity of the active 
surface sites and the coordination arrangement of the 
functional groups at the surface of the iron(III) 
oxyhydroxides. The extent of endstanding -OH 
groups per iron(III) center on the surface appears to 
be particularly important. 

2. Surfaces, such as clay and aluminum oxides, not 
only accelerate the oxygenation of iron(II), but also 
induce the formation of iron(III) oxyhydroxides 
which are more reactive toward the dissolution reac- 
tions. Polymerization of iron(III) oxyhydroxides on 
the surfaces occurs predominantly in two dimensions 
rather than in three dimensions. 

3. Under suitable conditions, fulvic add can reduce 
iron(III) oxyhydroxide to ferrous species at neutral 
pH values. Although reductants other than fulvic 
add may be of importance in natural waters, the 
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results ob ta ined  in this study provide the  labora tory  
evidence that  the  > F e m - O H / F e ( I I )  redox couple  is 
able to act as an e lec t ron- t ransfer  med ia to r  for the  
oxidat ion of  na tura l  organic  substances ,  such as fulvic 
acid by molecular  oxygen e i ther  in the  absence  of  
microorganisms or  as a supp lement  to microbial  
activity. 
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APPENDIX 

L Calculation of the standard redox potential of the 
Fe(OH)3(s)/Fe 2+ redox couple for iron(lll) oxyhydroxides 
formed in TRIS and imidazole 

A platinum electrode (saturated calomel electrode as 
reference) is used to measure the electrode potential for the 
Fe(OH)3(s)/Fe 2+ redox couple in different iron(Ill)  oxy- 
hydroxide systems. 

a g ,  agE]  2 t KCl II Fe(On)3(s) ,  Fe(II)/Pt 

Eo:n -- E a  - Eref (1) 

The electrode potentials (Eo~u) are -0 .147 V and -1 .71 
V at 25"C for the systems of  TRIS and imiclazole, respec- 
tively when (Fe 2+) -- 5.0 x 10 -5 M (experimental deter- 
mined) and pH -- 7.0. 

E~f is known as 0.244 V at 250C (STosira and MORgAn). 
Thus, the redox potential ( E H )  of the redox couple 
(Fe(OH)3(s)/Fe 2+) can be calculated as follows: 

for TRIS: 
E H = Ecell + Ere  f = -0 .147 + 0.244 = 0.097 (V) 

for imidazole: 
EH = Eeeu + Eref = -0.171 + 0.244 = 0.073 (V). 

According to the Nernst equation, the half reaction for 
the reductive dissolution of an iron(IIl) oxyhydroxide 
(Fe(OH)3(s) + 3H + + e = Fe 2÷ + 3I-I20) can be described 
as follows: 

E .  = ~H,F¢(OH)3(s)/F~2+ + 0.059 log [H~ns]3/[Fe 2+] 

= ~H.Fe(OH)3(s)/Fe2+ -F 0 .059  l og  [H~qBS]3/(Fe2+)YFeZ+ 
(2) 

where ~H Fe(GH)3(s)/F¢ 2+ is the standard redox potential for 
the Fe(OFI)3(s)~q~e2+ redox couple. [H~ns] denotes the 
activity of  proton (pH electrode was calibrated by standard 

2+ + buffer solutions). [Fe ] is the activity of Fe 2 ; yFe2+ is the 
activity coefficient for Fe2+; (Fe 2+) is the concentration of 
Fe 2+ without ionic strength correction, i.e. [Fe 2+] = 
(Fe2+)yF©2+. The values of the standard redox potential for 
iron(Ill) oxyhydroxides formed in TRIS and imidazole can 
be calculated as follows: 

~ H . F e ( O H ) : ; ( s ) / F e 2 +  m EH -- 0.059 log [H~qBS]3/ (Fe2+)YFe2+. 
(3) 

1. Calculation for the activity coef]icient ofFe 2+ . The Davies 
Approximation (SruraM and MOaGAN, 1981) is used to 
calculate the activity coefficient of Fe2+: 

log yF©2+ = -- Az2{[V~/(1 -I- ~/])] - 0.3/} 

( / < 0 . 5 M )  (4) 

where A ~- 0.5 for water at 25"C; z is the charge of ion; and 
I(M) is the ionic strength which can be calculated as below: 

t = 1/2 :~ Ci~ (5) 

where Ci is the concentration of ion and zi is the charge of 
ion. 

(1) TRlSsystem. The acid-base equilibrium ofTRIS (pKa = 
8.0, SMrrH and MAaTELL, 1975) is: 

HA + = H + + A. 

The concentration of  HA+ species at pH 7 (total concen- 
tration of  TRIS: CT = 0.50 M) can be calculated as follows: 

[HA+] = C T x a 0 = 0.50 x 0.90 = 0.45 (M) 

a0 = [H+]2/G = (I.0 x 10-14/(1.1 x 10 -14) = 0.90 

G = [H+] 2 + KaIa  +] = (1.0 × 10-7) 2 

+ (1.0 × 10 - s  x 10 -7 ) = 1.1 × 10 -14. 

HA+,  Na + (0.010 M) and CIO~ (0.010 M) are the main 
charged species in the system. Thus, the ionic strength (/) 
can be calculated as below: 

! = 1/2(0.45 + 0.010 + 0.010) = 0.24 (M). 

The activity coefficient of Fe 2+ is then calculated: 

log yve:+ = -- 0.5 X (2)2{[ 0V'-6~-.24/(1 + ~v/O~-4)] 

-- 0.3 X 0.24} = -- 0.52. 

(2) Imidazole system. The acid-base equilibrium of 
imidazole (pKa=7.0, SMrra and MARTELL, 1975)  is: 

HB + = H + + B. 

The concentration of HB + species at pH 7 (total concen- 
tration of imidazole: CT = 0.010 M) can be calculated as 
follows: 

[HB +] = C T x 6¢ 0 -~- 0.010 × 0.50 = 5.0 x 10 - 3  (M) 

Ct 0 = [ H + ] 2 / G  = (1 .0  × 10 -7 )2 /2 .0  × 10 -14 = 0 . 5 0  

G = [H+]2+ K a [H +] = (1.0 x 10-7) 2 

+ (1 .0  × 10 - 7  x 1.0 x 10 -7 )  = 2 .0  x 10 -14.  

HB ÷, Na ÷ (0.010 M) and CIO~ (0.010 M) are the main 
charged species in the system. Thus, the ionic strength (F) 
can be calculated as below: 

1 = 1/2 (5.0 x 10 -3 + 0.010 + 0.010) = 1.3 x 10 -2 (M). 

Then, the activity coefficient of Fe 2+ is calculated: 

log ~/Fe2* 

= -- 0.5 × ( 2 ) 2 { [ ~ / ( 1  + X / ~ ) ]  

- 0.3 × 1.3 × 1 0  - 2 }  = - 0.19. 

2. Calculation of the standard redox potential of the 
Fe(OH)3(s)/Fe 2÷ redox couple. The standard redox poten- 
tial of  the Fe(OH)3(s)/Fe 2÷ redox couple for the iron(Ill) 
oxyhydroxides formed in TRIS and imidazole can be calcu- 
lated using Eqn (3) ([H~es] = 1.0 × 10 -7 M, (Fe 2÷) = 5.0 × 
10 -5 M): 

0 + 
EH,Fe(OH)3(s)/Fe-" = E H - 0 . 059  l og  [H~qas] 3 

+ 0.059 log (Fe2+)YFe2+ 

TRIS system (log 3%:" = -0.52):  

~H.Fe(OH)}(s)/Fe2+ = 0.097 + 1.2 - 0.25 

-- 3 . 0  × 10 - 2  ~ 1.0 ( V )  

imidazole system (log yFe-'+ = --0.19): 

0 + 
EH,Fe(OH)~(s)/Fe 2 ~- 0 . 073  + 1.2 -- 0 .25  

-- 1.1 × 10 - 2 ~  1.0 (V). 
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I1. Calculation of the solubility product of the iron(Ill) 
oxyhydroxides formed in TRIS and imidazole 

As shown in Appendix 1, the half reaction for the re- 
ductive dissolution of an iron(III) oxyhydroxide can be 
expressed by Eqn (2) using the Nernst equation. In a similar 
way, the half reaction can also be exwessed using the Nernst 
equation by considering the Fe3+/Fe 2+ redox couple and the 
solubility product (K~0) of the iron(Ill) oxyhydroxide (Fe ~+ 
+ 3OH- -- Fe(OH)3(s), Ks0 == [Fe3+][OH-]3): 

E H m ~H,Fe3+/Fe2+ -F 0.059 lOg [Fe3+]/[Fe 2+] 

= ~.Fe,+/Fe2+ + 0.059 log Kso/([OH-]3[Fe2+]) 

= ~H,F©S+/Fe2+ "k 0.059 log gs0/(gw) 3 

+ 0.059 log [H~Bs]3/(Fe2+)FFe2+ (6) 

where ~,Fe~+/F~2+ = 0.77 V (STUMSi and MOROAN, 1981) is 
the standard redox potential for the Fe3+/Fe 2+ redox 
couple. Kw is the ion product of water (Kw = 1.01 x 10 -t4 
at 25°C, STU~tM and MOaOAN, 1981). 

Comparing Eqns (2) and (6), we have: 

+ 0.059 log g,o/(gw) 3 (7) 

Thus, we obtain: 

log Kso = (~H,Fe(OH),(s) /Fe 2+ 

- -  ~H,Fe,+/Fe2+)/0.059 + 3 log K w (8) 

The standard redox potential of the Fe(OH)3(s)/Fe 2+ 
redox couple is 1.0 V for both systems of TRIS and imida- 
zole (see Appendix I). Based on Eqn (8), the solubility 
product of the iron(HI) oxyhydroxides formed in "IRIS and 
imidazole can be estimated as follows: 

TRIS system: 

log Ks0 = [(1.0 - 0.77)/0.059 + 3 x (-14.0)] ~ -38  

imidazole system: 

log K~o = (1.0 - 0.77)/0.059 + 3 x (-14.0) ~ -38. 


