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Abstract

Bacteria are known to have reactive surfaces that can affect the cycling of dissolved elements through sorption reactions.
The properties of adsorption of various metallic ions (Cd**, Pb*", etc.) onto various types of Gram-positive or -negative
bacterial surfaces have been measured in several previous studies, but the behavior of ferrous ions has been somewhat left out,
possibly because ferrous ions are easily oxidized under standard laboratory conditions. In this paper, the adsorption of ferrous
ions onto Bacillus subtilis (a Gram-positive bacterium) was measured under anoxic conditions as a function of pH for various
Fe(II)/bacteria ratios. Our results first indicate that Fe(I) adsorption increased with pH and that the adsorption was reversible.
An equilibration time of one hour was found sufficient to reach equilibrium between the bacterial surfaces and the solution.
Acid-base titrations of the bacterial suspensions were also performed. The titration data could be fitted using a simple three-site
model. Neglecting the electrostatic component, the three sites had pK values of 4.45 (pK), 6.74 (pK>), and 9.08 (pK5) with
corresponding concentrations of 5.6, 5.3, and 6.1 (x 10~* mol/dry g of bacteria), respectively. The high density of sites available
for proton adsorption suggests that protons can easily diffuse within the cell walls. The adsorption data for Fe(Il) was fitted with
a single-site model. A Langmuir adsorption isotherm suggested that the site concentration available for the adsorption of the
ferrous ions was equal to 3.5x10~* mol/g which as far less than for protons. The modeling analysis of the adsorption isotherms
also indicated that the adsorption took place onto the type 2 sites (pK,=6.74), or type 3 sites (pK3=9.08) and that the adsorption
constant of the Fe(IT) ions onto the protonated sites was equal to —log(7” )=—1.22+0.10. A two-site model did not improve the
quality of the fit, but indicated that the type 1 sites (pK,=4.45) could contribute only to a limited extent to the adsorption
process.
© 2004 Elsevier B.V. All rights reserved.
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weight. Considering that they tend to colonize mineral
surfaces as well as travel in the aqueous phases, they
can represent a significant fraction of the reactive
surface area available for the adsorption of dissolved
molecules or the adhesion of nanominerals, provided
that their concentration is large enough. Bacteria are,
for instance, believed to play a significant role in the
cycling of multivalent inorganic cations, such as lead
or cadmium ions, which can sorb onto their surfaces
(Boyanov et al., 2003; Daughney and Fein, 1998;
Daughney et al., 2001; Fein et al., 1997, 2001; Kelly
et al., 2001, 2002; Kulczycki et al., 2002; Martinez
and Ferris, 2001; Ngwenya et al., 2003; Yee and Fein,
2001). They are also known to affect the dissolution
of mineral phases (Lovley, 2000; Roden and Urrutia,
2002; Shelobolina et al., 2003; Southam, 2000), or the
precipitation of secondary solid phases, such as
amorphous silica, and of iron or manganese oxides.
In precipitation reactions, bacteria are thought to play
a nonmetabolic role, by offering their reactive surfaces
for nucleation or adhesion and growth of crystal
nuclei, and, in some instances, a more active role, by
taking part metabolically in the chemical reactions
leading to the precipitation of the mineral phases
(Chatellier et al., 2001, 2004; Emerson, 2000; Ferris et
al., 1986; Fortin and Ferris, 1998; Fortin et al., 1997,
1998; Francis and Tebo, 2002; Kennedy et al., 2003;
Schultze-Lam et al., 1996; Yee et al., 2003). The exact
mechanisms through which bacteria can contribute to
the dissolution of iron minerals or to their precip-
itation are still under investigation. For instance, it is
still not clear when iron-oxide nanocrystals nucleate
directly onto the bacterial cell walls and when they
nucleate in the bulk (Chatellier et al., 2001, 2004). It
is also believed that adsorption of ferrous ions onto
bacterial cells can inhibit their ability to reduce ferric
iron minerals (Liu et al., 2001; Roden and Urrutia,
2002; Urrutia and Roden, 1998). To investigate these
questions, it is important to understand how ferrous
and ferric ions adsorb onto and desorb from bacterial
surfaces. The adsorption of ferric ions onto Bacillus
subtilis has recently been investigated by Daughney et
al. (2001) at low pH, i.e., in the pH range where the
ferric ions are still relatively soluble. The adsorption
of ferrous ions onto bacterial cells has been quanti-
tatively studied only in the form of Langmuir
isotherms at neutral pH (Liu et al., 2001; Roden and
Urrutia, 2002; Urrutia and Roden, 1998). As a result,

we investigated experimentally the thermodynamics
and kinetics of adsorption of ferrous ions onto B.
subtilis cells under anoxic conditions at various pH
and various bacteria/Fe(II) ratios. An acid—base
titration was also performed to relate the reactivity
of the bacterial surfaces towards protons and towards
ferrous ions, and the titration data and the adsorption
isotherms were modeled using a surface complexation
model (SCM).

2. Materials and methods
2.1. Anaerobic solutions

Anaerobic water was prepared by boiling ultra-
pure water for 10 minutes, transferring it into an
anaerobic chamber with a 5% H,/95% N, atmosphere,
and bubbling it with the same gas mixture while
stirring vigorously for another 5 h. All anaerobic
solutions, such as anaerobic electrolyte solutions
(NaCl), were prepared using anaerobic water and
were stored under anaerobic conditions. A palladium
catalyst was replaced daily in the chamber in order to
continuously remove the traces of oxygen, which
might have penetrated it. The Fe(I) stock solution
was prepared by dissolving 1.00x 107> mol of FeCl,
in 1 ml of 1 M HCI, to which 999 ml of an anaerobic
10> M NaCl solution were added. The pH of the
stock solution was kept low (pH 3) in order to prevent
the oxidation of the ferrous ions in case of oxygen
contamination. As the equilibrium concentration of
oxygen in aqueous solutions in contact with the
atmosphere is on the order of 2.65x10™* M (Lang-
muir, 1997), and because the 1 M HCI solution used
to dissolve the iron(II) salt was diluted 1000 times, the
initial concentration of oxygen in the FeCl, stock
solution was likely on the order of 2.65x10 M.
Given that 1 mol of oxygen can oxidize 4 mol of
ferrous ions (Cornell and Schwertmann, 2003), we
estimated that the maximal production of iron(Ill) in
the stock solution was on the order of 10~® M, which
we deemed to be negligible. Anaerobic solutions of
NaOH (1072 and 10~* M) and HCI (102 and 10
M) were prepared by diluting 1.0 N standard NaOH
and HCI solutions in anaerobic 10> M NaCl. The
acid solutions were then stirred overnight in the
anaerobic chamber, in order to remove the trace
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amounts of oxygen coming from the 1.0 N HCI
standard solution.

2.2. Bacterial suspensions

B. subtilis cells (ATCC 168) were grown in 2 | of
Tryptic Soy Broth (Difco, 30g/l) containing yeast
extract (Difco, 5 g/l), according to the protocol
described by Daughney and Fein (1998), and were
harvested after 7.5 h, while in exponential phase. The
culture was removed from the growth medium by
centrifugation at 6000 rpm for 15 min (equivalent to
about 12700xg), washed three times in 250 ml of
1073 M NaCl, then three times in 250 ml of anaerobic
10~ M NaCl, and finally once in 100 ml of anaerobic
10> M NaCl. Emptying of the supernatants was
carried out under anaerobic atmosphere from the
fourth centrifugation on. The optical density of the
bacterial stock suspension was measured at 600 nm
using a 1% dilution of the suspension in 10> M
NaCl. The dry weight of the stock bacterial suspen-
sion was determined by drying two samples (15 ml
each) for 2 weeks at 60 °C.

2.3. Acid-base batch titration

The samples were prepared under anaerobic con-
ditions by mixing in borosilicate glass vials the
bacterial suspension (dry weight concentration of
570 mg/l), known quantities of anaerobic NaOH or
HCI solutions, and 10~> M NaCl, in order to bring the
total volume to 20 ml. Samples were gently agitated
on a rotary shaker for 60 minutes based on our kinetic
experiments (see Sections 2.4.3 and 3.2), after which
the pH was measured in the samples. Anaerobic
conditions were maintained throughout the experi-
ment, and different vials were used for the different
amounts of base or acid added.

2.4. Adsorption/desorption experiments

2.4.1. Adsorption experiments

The samples were prepared under anaerobic
conditions by mixing in borosilicate glass vials 2
ml of 107* M FeCl,, the bacterial suspension (dry
weight concentration of 50 mg/l, 500 mg/l, or 5g/l,
as estimated from the measurement of the absorb-
ance at 600 nm), known quantities of anaerobic

NaOH or HCI solutions, and 107> M NaCl, in order
to bring the total volume to 20 ml. The initial
concentration of dissolved Fe(I) was 10~* M.
Samples were gently agitated on a rotary shaker
for 60 min, except during our kinetic experiments
where the equilibration time was varied (see Section
3.2). At the end of the mixing period, 12 ml of the
sample was filtrated with a 0.2-um surfactant-free
cellulose acetate filter, while the pH was measured in
the remainder of the suspension. The pH was
measured using a Ross Sure-Flow Electrode (Orion)
and recorded after 120 s of equilibration. The filtrate
was immediately analyzed for Fe(II) and total Fe
using the ferrozine method according to the method of
Viollier et al. (2000). For the measurement of the
Fe(Il) concentration, 0.5 ml of an anaerobic reactive
solution (107* M of ferrozine and 10~' M of
ammonium acetate) was added to 5 ml of the filtrate
and the absorbance of the solution was recorded at
562 nm. The absorbance is proportional to the
concentration of Fe(Il). The slope of the curve was
obtained by calibrating the method with FeCl,
solutions of known concentrations. For the measure-
ment of the total Fe concentration, 0.5 ml of an
anaerobic reactive solution (1072 M of ferrozine and
10" M of ammonium acetate) and 1 ml of a reducing
solution (1.4 M hydroxylamine hydrochloride and 2.0
N of HCI) were added to 5 ml of the filtrate. The
solution was allowed to react for 18 h to complete the
reduction of Fe(III), 0.5 ml of a buffer solution (10 M
of ammonium acetate adjusted to pH 9.5 with NaOH)
was added to the mixture, and its optical density was
measured at 562 nm. The percentage of adsorbed
Fe(IT) was estimated as:

% of absorbed Fe(II)

~ Absorbance of the blank sample—Absorbance of the biological sample
B Absorbance of the blank sample
)

where the blank sample corresponded to a sample
adjusted to pH 4+ 1 with [Fe(I)]=10"* M but without
any bacteria. The amount of oxidized iron was
estimated by comparing the absorbances obtained
for the reduced and the unreduced samples, and it was
found that the dissolved concentration of Fe(Ill) was
always smaller than 10> M. The oxidation was thus a
rather limited process, with little effect on the shape of
the adsorption isotherm. Indeed, the results obtained
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for the adsorption isotherm for total iron nearly
overlapped the results obtained for the adsorption of
Fe(Il) for the same experiment (data not shown).

The Langmuir isotherm was also measured at
roughly neutral pH for a bacterial concentration of
500 mg/l. Increasing amounts of ferrous ions were
added to the suspension, together with NaOH, in order
to reach a final pH around 7. The rest of the protocol
was unchanged, except that the filtrates corresponding
to the highest introduced concentrations of ferrous
ions were diluted in anaerobic 10> M NaCl for Fe(II)
and Fe(IIl) determinations using the ferrozine method.
The dilution was likely a source of imprecision, but it
ensured that the measured samples were always
within the range of linearity of the ferrozine method.
In the realization of a Langmuir isotherm, it was
difficult to predict in advance the exact amount of
base to be added to reach a final pH of 7.0. In order to
limit the variability of our results, we discarded the
data that were not in the pH range from 6.5 to 7.5.

2.4.2. Desorption experiments

For the measurement of the desorption isotherm,
NaOH was first added to all samples to bring the pH
to about 8.1 (8.8 for the blank sample) and the
samples were stirred for 60 minutes (see Sections
2.4.3 and 3.2). Increasing amounts of HCI were then
added to decrease the pH and the volume was adjusted
to 20 ml. After a second period of 60 min, the pH was
measured and the samples were filtrated for the
analysis of Fe(Il) and total Fe. It was found that up
to about 5% of the Fe(Il) was still adsorbed on the
walls of the glass container at the end of the
experiment. Eq. (1) was used to take into account
this artifact, but, with this procedure, the percentage of
adsorbed Fe(Il) might have been underestimated by
up to 5% in the desorption isotherm.

2.5. Modeling methods

The titration and adsorption data were modeled
using a surface complexation model (SCM; Daughney
and Fein, 1998; Fein et al., 1997, 2001; Kulczycki et
al., 2002; Martinez and Ferris, 2001; Yee and Fein,
2001). We considered that bacteria interact with
protons via monoprotic acid—base reactions and that
the ferrous ions adsorb onto single sites rather than
onto two ligands. In this paper, we neglected the

charge excess for each ion in the double layer close to
the bacterial surfaces. The bacterial surfaces were
considered to be covered with m types of reactive
sites, each site i corresponding to a certain chemical
group R; and being characterized by a concentration ¢;
(in moles of sites per dry g of bacteria), and constants
of adsorption K; and 7; for the protons and for the
cations respectively, such as:

Ri+H"— R, —H" and R;+Fe’t— R, — Fe**

(2)

_ [Rl][H+] - _ [Rl] [Fez+] —2¥,
Ki_mlo/ and Ti—mlo v
3)

where o=eVo/(kTIn(10)), V, is the electrostatic
potential at the bacterial surfaces, and the associated
Boltzmann factors account for the electrostatic attrac-
tion or repulsion of the charged bacteria towards
dissolved ions. In Eq. (2), R; may be either neutral or
charged. Instead of T, it is often useful to use the
constant of adsorption of the ferrous ions onto the
protonated sites 7;, which corresponds to the reaction:

Ri—H" +Fe’t — R, —Fe’" + H" (4)
and is thus defined by:

. [Ri —H][Fe** T
A L I (5
[R; — Fe*|[H"] K;
For convenience, we will denote in the following
K[:K['loll/o, Ti:T['102l//0, and Ti/ :Ti/ 10"//0:]_-'[/[6,

2.5.1. Modeling of the titration data

The charge Q. of the bacterial surfaces can be
estimated from the experimental titration data by
writing the law of electroneutrality, which reads:

Ocxp = [OH | — [H' ] + s — ey + 1, (6)

where ¢, and ¢, are the concentrations of introduced
acid and base, [H'] and [OH ] are the bulk
concentrations of H" and OH™, and « is the
concentration of negative charges due to the presence
of anions others than OH™ minus the concentration
of positive charges due to the presence of cations
others than H", that there would be in the suspension
if no acid nor base was introduced. The term o is
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usually neglected in Eq. (6) (Stumm and Morgan,
1996), possibly because o is a constant in an acid—
base titration, contrary to the other variables of Eq.
(6). Alternatively, for a bacterial suspension of
concentration Cpue, the charge Q... of the bacterial
surfaces can be calculated as:

" 10-PK:

Qcalc - QO — Cbact Z

G (7)
— 107K 10778

where the sum is made over the different sites i, and
0, is the charge of the bacterial surfaces at low pH,
when all the sites are protonated. Various models can
be used to estimate the term o (Martinez et al., 2002;
Westall and Hohl, 1980). In this paper, we considered
the simple model that consists in considering that
is a constant over the pH range studied. In this case,
the pK; values are constant. The concentrations and
the values of the reactive sites were estimated by
comparing Egs. (6) and (7), and finding the values of
¢i, pK;, and Q,, which led to the best agreement
between Qeyp, and QOqie. It should be noted that the
modeling of a titration curve does not allow to
determine the value of the parameter « or the charge
of the bacterial cells. Only Qy—o and the variations of
the charge can be estimated. The quality of a model
with n data points was measured by computing the
quantity:

A | 3 Qs = 0) (8)

j=1 "

If the difference between the value of the charge as
predicted by the model and as found experimentally
is equal for every data point to d, then A=d. Hence,
A is referred to as the precision of the model
throughout the rest of this paper. A definition of an
optimal value for A should be defined from the
precision of the experimental data. We estimated that
the precision of our experiments on the values of ¢,
and ¢, was at least equal to 107> M, and that our
precision on the measurements of the pH was at least
on the order of 0.05 units of pH. This translates into
a precision for Q..,—o better or on the order of 107°
M in the 4-10 pH range. Hence, an optimal fit for
our titration data between pH 3.5 and 10 would have
a precision on the order of 10> M and different sets
of models leading to precisions in the order of or

smaller than 107> M cannot be meaningfully
discriminated. In this paper, we considered that
Oexp=Qexp(pH) is a perfect and smooth experimental
curve and that our experimental data could help us
determine its characteristics. Using gross experimen-
tal data to determine the precision of a model would
introduce an uncontrolled bias because the position
of the data points on the experimental curve is not
well controlled. Hence, we decided to select points
on the experimental titration curve at equidistant pH
values. Using this prescription, it should be noticed
that, for a given model, the value of A reaches an
asymptotic value A_ when n—oo. This occurs
when, between two neighboring sampling points,
the deviation of the curve Qeyp—Qcalc from a straight
line is much smaller than A __.

To determine a good fit of the titration data, we
selected one point on the experimental titration
curve for every half unit of pH between 3.5 and
10, such that n=14. This ensured that the deviation
of the “true” curve Qcp from a straight line
between two neighboring sampling points was
much smaller than 107> M, which was the order
of magnitude of the precision on the experimental
curve itself. A was minimized with respect to the
values of ¢;, pK;, and Qp—a using a model with j
types of reactive sites (=1, 2, 3 or 4; i=1, ..., )),
and considering that o was a constant. The
minimization was carried out using the scientific
software Mathematica® and the function
“FindMinimum”. This function calculates the value
of A with the initial input values and looks for the
local minimum, which is reached by following the
path of the steepest slope for the decrease of the
value of A (Wolfram, 1997). The optimization of
the model was also performed with the software
FITEQL 2.0® and it led to results similar to those
obtained with Mathematica® (data not shown), but,
with FITEQL 2.0, Qp—a needed to be introduced
as an entry parameter (Westall, 1982).

2.5.2. Modeling of the Fe(Il) adsorption isotherms
It is convenient to introduce for each site:

7 [HY] 10°% _
S N S LA (10 T P“)
X 2( + %, > > +

©)



214 X. Chatellier, D. Fortin / Chemical Geology 212 (2004) 209-228

Then, the concentration of ferrous ions is a solution of

the following polynomial equation of order m+1:
[Fet] = <0 (10)

calc m

Ci
1 + Chact Z m

i=1 calc

where ¢ is the introduced concentration of ferrous
ions. The concentration of ferrous ions adsorbed on
the sites of type i, is equal to:

calc m

c:
1 + Chact Zm

Jj=1 calc

ci
C0Chact 2)
[Fe2+]i _ <2xi + [Fe +} calc (1 1)

For a one-site model, Eq. (10) can be analytically
solved, which yields:

[Fez+]ads
_ (CO + CpactC1 + xl)
2
€0 — CbactC1 \ 2
- \/(%) + x1(co + cvacic1) + X7

(12)

In an adsorption isotherm, the pH is varied. Increasing
the pH results in a decrease of the values x; and in an
increase of adsorption of the ferrous ions. The error of
a model with n data points can be measured by:

& ([Fe] o — [Fe],,)

n

A=

(13)

i=1

where [Fe2+]cxp is the concentration of ferrous ions in
the aqueous phase, as obtained from the experimental
adsorption isotherm. As in Eq. (8), A has the
dimension of a concentration and is a direct measure
of the precision of the model. We estimated that the
precision on our experimental data for [Fe*"]e, was
on the order of 2x107® M. In this study, we thus
defined optimal fits as those with a precision smaller
than 2 pM. To determine a good fit of the
experimental data, we selected for each adsorption
isotherms 14 points evenly spread at intervals of 0.3
units of pH between pH 3 and pH 6.9. This ensured
that the deviation from a straight line of the

experimental adsorption isotherm between two sam-
pling points was much smaller than the precision of
the experimental data, i.c., about 2 pM. The best fits
were obtained by minimizing A. We also minimized
the precision obtained when the data points from
either two or the three adsorption isotherms were
taken into account (n=14x2=28 or n=14x3=42). In
this paper, we considered one- or two-site models, and
assumed that 1, was a constant. We performed the
optimization of the modeling parameters with the
Mathematica® software, as for the modeling of the
titration curve. The optimization of the model was
also performed with the software FITEQL 2.0® and it
led to results similar to those obtained with Math-
ematica® (data not shown).

3. Results and discussion
3.1. Batch titration of B. subtilis cells

The acid—base titration of the B. subtilis suspension
was performed with a cell concentration of 570 mg/l

in 107* M NaCl. On Fig. 1, Qexp—a is plotted as a
function of pH. It can be seen that the surface of the

10

(3]
T

o
L B e e

Q,, -« (10 moles / dry g)
2

N
-

3 4 5 6 7 8 9 10

'
(3,

Fig. 1. Anaerobic batch titration of a bacterial suspension at 570 mg/
1in 107> M NaCl: experimental data (O), data selected for the
modeling analysis (@), and prediction of the fit using the parameters
shown in bold characters in Table 1 (—).
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cells becomes more negative as the pH increases,
which is expected for bacterial cells (Achouak et al.,
1994; Mozes et al., 1991). At pH 3.5, Fig. 1 indicates
that Oy, — was equal to about 9% 10~* mol per dry g
of bacteria (mol/g in the following). At pH 10.0,
Ocxp—0o Was equal to about —7x 10~* mol/g. Hence,
our titration data indicated that the total concentration
of sites, which deprotonate between pH 3.5 and 10.0,
was on the order of 16x10* mol/g. Assuming that
the bacteria had a cylindrical shape with a radius R
and a length L, a density p equal to 1 kg/l, and a dry
weight equal to X% of their full weight, the geometric
surface area ¢ of the cells was equal to (2/(pX))(R+L)/
(RL), where the lengths are expressed in um. Using
X=0.2 and (R+L)/(RL)=3 (e.g., R=0.3 and L=3), this
leads to a surface area ¢=30 m?®/g. The surface
concentration of sites present on the bacterial surfaces
was thus on the order of three sites per 0.1 nm?. This
is quite high and it suggests that the surfaces were at
least slightly penetrable for the protons, so that some
reactive sites inside the outer part of the cell wall were
accessible through the titration. Such a high density of
proton-reactive sites is consistent with other titration
studies of B. subtilis, where the concentrations
obtained for reactive sites are highly variable but
within the range 10-100x10~* mol/g (Daughney and
Fein, 1998; Daughney et al., 2001; Fein et al., 1997).

The minimization of A could lead to values smaller
than 10> M, the precision of the experimental data,
only if at least three types of sites were invoked. This
is consistent with previous studies (Daughney and
Fein, 1998; Daughney et al., 2001; Fein et al., 1997).
An optimal fit for the whole titration curve is shown
on Fig. 1 as a line. The first type of sites was
characterized by a pK value pK,=4.45 and a concen-
tration ¢;=5.6x10~* mol/g (Table 1). A value of 6.74
and a concentration ¢,=5.3x10"* mol/g could be
associated to the second type of sites. Finally, the third

Table 1

type of sites had a pK value of 9.08 and a
concentration ¢3;=6.1x10"* mol/g. The value of
Oo—0o was equal to 9.5x107* mol/g. As explained
in Section 2.5.1, Qp—a is an adjustable parameter
which does not carry any information by itself on the
characteristics of the reactive sites.

In our modeling analysis, we did not attempt to
take into account the dependence of the electrostatic
potential on the bacterial surfaces with the pH. Proper
modeling of the electrostatic effects onto and in
bacterial cell walls is still a matter of current research
(Martinez et al., 2002). However, considering that /¢
had a constant value is a first reasonable approxima-
tion. Recent measurements have shown that the
electrophoretic mobility of B. subtilis ATCC 168 cells
at a low ionic strength does not vary much above pH 3
and is on the order of —2.75+0.50x10 ¥ m* V' s~
(Okuda et al., 2003). This relative stability of the
electrophoretic mobility as the pH increases although
the cell walls undergo deprotonation could be related
to a condensation of the counter-ions in the cell walls,
occurring once the electrostatic potential is strong
enough to sequestrate them in the vicinity of the
deprotonated groups. Using the Schmoluchowski
equation (Mozes et al., 1991), and assuming that the
zeta potential can be used to estimate V), this suggests
that the zeta potential is equal to —35+7 mV, and that
Yo=—0.384+0.07. Using =0 or y;=—0.38, our
modeling analysis suggests that the reactive sites for
the protons had pK values of 4.45, 6.74 and 9.08, or
4.07, 6.36, and 8.70, respectively.

It should be noted that, although this set of
parameters led to a good prediction of the titration
curve, there were other sets of parameters with
slightly different values, which led to fits with a
comparable precision. Hence, we estimate that the
accuracy on the parameters of the model achieved
through the minimization was on the order of

Parameters characterizing various fits obtained for the titration curve of B. subtilis

Precision of the

Qo —a

Concentrations of the various types

pK values of the various types of sites

fit 4 (107> M) (Section 2.5.1) of sites (10~* mol/dry g of bacteria) (pK=pK—0)

Ci C2 Co C3 pK, pK> pK> pK;
0.96 9.5 5.6 5.3 X 6.1 4.45 6.74 X 9.08
1.16 9.5 5.6 2.6 2.8 6.1 4.45 6.20 7.30 9.08
0.69 9.6 5.0 3.7 33 5.5 431 6.16 7.55 9.31
0.71 9.5 5.4 35 2.9 5.6 4.42 6.40 7.53 9.30
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0.2x10~* mol/g for the concentrations ¢; and 0.2
units of pH for the pK; values. The three-site model
reproduced the titration curve, but there were possibly
additional sites. However, we could not distinguish
between them from our titration data. Various kinds of
sites were possibly pooled together with an inter-
mediate value for the pK in our fits. For instance, an
almost equivalently good fit could be obtained by
replacing the second site by a site 2 with a
concentration ¢y =2.6X107* mol/g and pK, =6.20,
and a site 2 with ¢»=2.8x10"* mol/g and
pK,=7.30, as shown in Table 1. For these reasons,
it has been debated in recent years whether one should
try to fit a titration curve with a minimal number of
sites or with a spectral approach, according to which
the density of concentration of sites for every possible
pK value would be evaluated (Fein et al., 1997;
Martinez and Ferris, 2001; Martinez et al., 2002).
Here, we have chosen the three-site approach here, but
one should keep in mind that it may also be
interpreted as a rough representation of the spectral
approach.

There are indeed many proton-reactive groups in
the cell wall of Gram-positive bacterial cells, with pK
values spanning a large range of values. The structure
of the cytoplasmic membrane of B. subtilis cells is
mainly composed of phosphatidylethanolamine (PE),
which accounts for 20-40% of the total amount of
phospholipids, phosphatidylglycerol (PG), and
diphosphatidyl glycerol (Archibald, 1989; Opekarova
and Tanner, 2003; Stryer, 1996). These molecules
contain one (PE, PG) or two (di-PG) phosphodiester
groups, with pK values in the 1-3 range, and PE
contains also an amino group with a pK value in the
10-11 range (Marsh, 1990). The structure of the cell
walls is made of peptidoglycan (Archibald, 1989;
Mozes et al., 1991), which possesses many carboxylic
and amino groups. In the peptidoglycan of B. subtilis,
the second carboxylic group of the meso-diaminopi-
melic acids is amidated, some of the terminal D-
alanine amino acids of the side chains are removed,
and the degree of crosslinking is about 45+15%, so
that there are one to two carboxylic group and zero to
one amino group per monomer of the glycan chains
(Archibald, 1989). The cell walls also contain lip-
oteichoic, teichoic, and possibly teichuronic acids.
The teichoic and the lipoteichoic acids are polymers,
each monomer containing one phosphodiester group

with a pK value in the 1-2 range and in most cases
one amino group, present through the alanine amino
acid attached to the polymer backbone by the ester
bond, with a pK likely on the order of 10 (Archibald,
1989; Stryer, 1996). Teichuronic acids appear mainly
when under phosphate limitation and contain carbox-
ylic groups (Mozes et al., 1991). The cell walls and
membranes of B. subtilis also contain some proteins,
likely carrying carboxylic (aspartic, glutamic acid, and
cysteine with values of pK=3.9, 4.3, and 8.3,
respectively) and basic groups (lysine, tyrosine,
arginine, and histidine with values of pK=10.8, 10.9,
12.5, and 6.0, respectively). Finally, hydroxyl groups
are present in various of the molecules discussed here,
and are believed to have a pK value equal to or larger
than 10 (Stryer, 1996).

Our titration data indicates, as shown in previous
studies, that the bacteria have a strong buffering
capacity throughout the pH range tested here, i.c.,
from pH 3 to 10. The sites of type 1, with a pK value
around 4.0-4.5, have been tentatively assigned to
carboxylic groups, while the sites with high pK as
have been interpreted as amino or hydroxyl groups,
and the sites with intermediate pK as have been
related to phosphoryl groups (Fein et al., 1997, 2001;
Ngwenya et al., 2003). However, in our view, caution
should be exercised with such interpretations. As
explained above, the cell walls and the membranes of
B. subtilis cells may contain few reactive sites with
pK values in the 3-10 range. Apart from the
carboxylic groups, we would expect that most reactive
sites have pK values lower than 3, in the case of the
numerous phosphodiester groups, or larger than 10, in
the case of most amino and hydroxyl groups. It is
possible that the pK values of these groups are
different when they are inside the cell wall structure
from what they are when the sites are exposed to the
bulk aqueous solution. However, because we do not
know how to estimate these possible variations, we
will refer, for the remainder of this paper, to the
reactive sites that we detected in our titration data as
sites 1, 2, and 3.

3.2. Adsorption kinetics
One of the important variables, which need to be

considered, when adsorption of a molecule on
bacterial cells is studied, is the equilibration time. It
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must be long enough that adsorption can proceed and
possibly reach some kind of equilibrium. However, at
longer time scales, the danger that bacteria will
degrade or change becomes larger. There is also a
possibility that a slower process of absorption will be
superimposed on the process of adsorption. We
observed that the adsorption of ferrous ions onto
bacterial cells was a rather quick process. Fig. 2a
displays the percentage of adsorbed Fe(Il) and the
equilibrium pH after different equilibration times for
two different initial pH conditions: one neutral
condition (pH;,;=7.3) and one acidic condition
(pPH;ni=5.0). In both cases, it can be seen that, after
1 min, a large portion of Fe(Il) was already adsorbed,
although the pH and the fraction of adsorbed Fe(Il)
drifted significantly during the following minutes.
After 20-30 min at neutral pH and after about 60 min
in the acidic system, pH and adsorbed Fe(Il)
variations could still be observed, but they were slow,
as shown in Fig. 2a (on this figure, the time is plotted
on a logarithmic scale). The slow decrease of
adsorbed Fe(Il) observed in the acidic system over
long equilibration times is not surprising, as the aging
of the cells likely leads to an increase of the
concentration of dissolved organic ligands, which
may be able to retain some of the Fe(Il) in the
dissolved phase. In the acidic system where equili-
brium was longer to achieve, it should also be noted
that the drift of pH and adsorbed Fe(Il) seemed to be
correlated. As the pH increased over time, the fraction
of adsorbed Fe(Il) increased as well. This is consistent
with the fact that when the pH increases, bacterial cell
surfaces become more attractive towards metallic
cations (Daughney and Fein, 1998). Hence, the
equilibration time needed to obtain an adsorption
isotherm at equilibrium was possibly smaller than that
needed to obtain equilibrium for a given sample. As a
result, we performed full adsorption isotherms using
equilibration times of 10, 30, and 60 min. The
reproducibility of the results was robust, as three
isotherms realized independently with an equilibration
time of 30 min almost perfectly overlapped. The
results, which are shown on Fig. 2b, indicate that the
three isotherms converged at low pH, but that the
isotherm obtained after just 10 min of equilibration
indicated a slightly lower rate of adsorption of the
Fe(ll) than at neutral pHs. There was very little
difference between the isotherms obtained after 30

a
100 y 7,5
e _ J
©-- ---o:"",g::,.
L o ]
920 r i 17
= I /." ]
g 8o} 16.5
§ L » .
5 70f 6 PH
7} 3 By =]
© S
(] |
- = s R
(<] P
= 80F . 1%
el K ’
50 jr- . 5
- ----@--- (1) : % of adsorbed Fe(ll) | ----o--- (1) : pH |
[ ---4--- (2) : % of adsorbed Fe(ll) | ---&--- (2): pH | ]
40 et S R 4,5
1 10 100 1000
Equilibration time (minutes)
b
100 —
80
2
- 60
(7]
Ke]
=
]
[72]
k]
« 40
o
X
s A
20 X Eq:time = 10 min; [Bact] = 504 mg/
r & + Eq : time = 30 min; [Bact] = 494 mg/|
A Eq : time = 60 min; [Bact] = 456 mg/|
X —e— (1) : % of adsorbed Fe(l)
x —&— (2): % of adsorbed Fe(ll)
oL AL L
3 4 5 6 7 8

pH

Fig. 2. (a) Kinetics in an adsorption experiment of 10~* M Fe(II) onto
a 500 mg/l Bacillus subtilis suspension at two different pH ranges:
percent (%) of adsorbed Fe?" (full symbols) and pH (open symbols)
as a function of the equilibration time for suspension A (494 mg/l; @,
O) and suspension B (510 mg/l; m, 0O). (b) Adsorption isotherms
realized for an equilibration time of 10 min (“X” crosses, suspension
at 504 mg/l), 30 min (“+” crosses, suspension at 494 mg/l), and 60
min (A, suspension at 456 mg/l). The measurements presented in
panel a are also presented in panel b in full symbols; arrows point
towards longer equilibration times (@ and M as in panel a).

and 60 min. The results shown on Fig. 2a are replotted
on Fig. 2b. The arrows indicate the direction of time.
At low pH conditions, the measurements fell onto the
adsorption isotherms even after an equilibrium time of
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just 1 min. At neutral pH, it took about 10-20 min
before an agreement between the measurements for a
sample and the isotherms at 30 or 60 min was reached.
Altogether, these results suggest that an equilibration
time of 60 min is adequate for the realization of an
adsorption isotherm. This is consistent with previous
studies, which examined the adsorption of metallic
cations onto bacterial cells (Fein et al., 1997; Martinez
and Ferris, 2001; Ngwenya et al., 2003).

3.3. Adsorption isotherms

3.3.1. Experimental adsorption/desorption isotherms:
qualitative and semiquantitative analysis

The adsorption isotherms of Fe(I) onto B. subtilis,
are shown on Fig. 3a for bacterial concentrations of 50
mg/l, 500 mg/l, and 5 g/l. The desorption isotherm
obtained at a bacterial concentration of 500 mg/l is
also shown on Fig. 3a. It overlaps with the adsorption
isotherm obtained at the same bacterial concentration.
This indicates that the amount of Fe(Il), which was
absorbed by the cells or irreversibly adsorbed onto
their surfaces, could be neglected. Therefore, it can be
considered that the adsorption isotherms presented on
Fig. 3a describe a situation of equilibrium. The three
adsorption isotherms indicate that adsorption
increased with pH, as expected from Eq. (10). This
increase of adsorption was likely due to the lesser
competition of the protons for the reactive sites at
higher pH, and possibly also to some extent to the
decrease of the surface charge of the bacterial cells,
which are usually positively charged or neutral at low
pH and negatively charged at neutral or basic pH
(Mozes et al., 1991). An interesting feature of the
adsorption isotherm is that adsorption of the ferrous
ions decreased above pH 9-9.5 (Fig. 3b). This was
likely because, above pH 9, an increasing fraction of
the dissolved ferrous ions was complexed with three
hydroxide ions (Langmuir, 1997). The affinity of the
ferrous ions was possibly higher for the hydroxide
ions than for the bacterial surfaces at high pH. In
addition, the complexation of the ferrous ions with the
hydroxide ions reversed the charge of the ferrous ions.
As a result, at high pH, the ferrous ions were repelled
by the bacterial surfaces because both were negatively
charged. Although this phenomenon appeared clearly,
we did not attempt to model it quantitatively, because,
above pH 7-8, adsorption of the ferrous ions on the
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Fig. 3. (a) Adsorption isotherms realized for an equilibration time of
60 min and bacterial suspensions at 47.0 mg/l (O), 48.8 mg/l (“+”
crosses), 456 mg/l (O), 4.59 g/l (“X” crosses), and 5.30 g/l (A) and
desorption isotherm for a bacterial suspension at 522 mg/I ({). The
data selected for the modeling analysis is also shown for 48 mg/l
(M), 456 mg/l (@), and 5.3 g/l (A). The prediction of the one-site
model with pK=6.74, ¢=3.5x10"* mol/g, and pT’=—1.22 is shown
as lines, for 48 mg/l, 456 mg/l, and 5.3 g/I. (b) Adsorption isotherm
realized for an equilibration time of 30 min and a bacterial
suspension at 510 mg/l (A). The decrease of the Fe(Il) adsorbed
amount occurs clearly above pH 9.
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glassware used in the experiment also became
significant. Consequently, the values obtained for
the fraction of adsorbed ferrous ions using our
protocol were overestimated at high pH. The adsorp-
tion isotherms presented in Fig. 3a are thus limited to
a pH range of 3-7. This range covers the conditions
found in many natural aquatic systems.

As can be expected, adsorption of the ferrous ions
was larger when the concentration of bacteria
increased at a given pH. The Langmuir isotherm at
neutral pH for a bacterial concentration of 500 mg/1 is
shown on Fig. 4. In a Langmuir isotherm, the limit
co— oo is probed at a constant pH and at a constant
bacterial concentration. From Eqs. (10)—(11), it is
casily shown that the adsorbed concentration of
ferrous ions in this limit is equal tO cpact Y 1oy Cr-
Hence, a Langmuir isotherm at a sufficiently high pH
and reaching sufficiently high values of cq (co=>x;)
provides a good way to estimate the concentration of
adsorbing sites. The precision of our experimental
data for the Langmuir isotherm was not as good as for
the adsorption isotherms shown in Fig. 3a. This is due
to various reasons such as the difficulty to fix the pH
at a constant value without adding a buffer. However,
it can clearly be seen in Fig. 4 that the slope of the
isotherm is high up to a concentration of dissolved
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Fig. 4. Langmuir isotherm realized at pH=7.040.5 for a suspension
at 470 (O) and 488 mg/l (O). The prediction of the one-site model
with pK=6.74, ¢=3.5x10"* mol/g, and pT’=—1.22 is shown as a
line for a suspension at 480 mg/l and at pH 7.0.

ferrous ions of approximately 10™* M, and that it
decreases quickly at higher dissolved Fe(Il) concen-
trations. The Langmuir isotherm in Fig. 4 also
suggests that the concentration of reactive sites
available on the bacterial surfaces for the ferrous ions
was equal to roughly 3.5%10~* mol/g which is much
lower than what was suggested by the titration data. In
a study by Kulczycki et al. (2002) on the adsorption of
lead and cadmium onto B. subtilis cells grown in
exponential phase, the concentration of sites available
for adsorption of Cd*" was estimated to be equal to
3.6x10~* mol/g which is in agreement with our own
estimate for Fe2+, whereas the concentration of sites
available for Pb>" was slightly lower, i.e., 2.7x107*
mol/g. Three previous studies (Liu et al., 2001; Roden
and Urrutia, 2002; Urrutia and Roden, 1998) have
used a Langmuir isotherm to describe the adsorption
of ferrous ions onto Shewanella putrefaciens CN32,
Shewanella alga BrY, and Geobacter metallireducens
which are Gram-negative bacteria (Lovley, 2000).
These studies obtained slightly lower concentrations
of reactive sites, as expected for Gram-negative cells
(Martinez and Ferris, 2001), i.e., on the order of 1-
2x10~* mol/g. Assuming that the surface area of the
bacteria was equal to 30 m?/g (see Section 3.1), the
concentration of reactive sites for the ferrous ions
(i.e., 3.5x107* mol/g) should be equivalent to about
0.7 sites per 0.1 nm”. This corresponds to a high
packing density of the Fe(Il) on the bacterial
surfaces, but it also indicates that the Fe(II) did not
necessarily penetrate the cell walls, unlike the
protons (Section 3.1).

The adsorption isotherm at 50 mg/l corresponded
to the conditions where the bacterial surfaces were
saturated ([Fe*']= ¢,), and, according to the result of
the Langmuir isotherm, to the situation where
Chact Y1y €i<co. For this isotherm, Eq. (11) may be
approximated by its limit when cpae—0:

2470 0
[Fe ]calc = CiCbact (le_ 4 CO) (14)

Eq. (14) indicates that for the adsorption isotherm of a
bacterial suspension at a low concentration, the onset
of adsorption for a site i occurs when 2x;=c.
Neglecting the dependency of o with the pH, the
main dependency of x; with the concentration of
protons is linear, and x; decreases when the pH
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increases, from oo down to its minimal value equal to
T; when pH>pK; (see Eq. (9)). If c¢,<<T;, adsorption
onto site i is negligible, even at high pHs. If cq= T,
some adsorption can occur for pH>pK;. If ¢o>T;,
ie., if pco—pT;, where pco=—logo(co), most sites i
can be occupied by ferrous ions at high pH and the
onset of adsorption onto the sites i occurs for:

pH=pH; = pco — pT/ (15)

For an adsorption isotherm at a low bacterial
concentration, the adsorption edge occurs over the
range covered by the pH; values. The extent of
adsorption depends on the bacterial concentration,
but the width and the location of the adsorption edge
are independent of it. The adsorption edge of the
isotherm at a bacterial concentration of 50 mg/l was
quite wide and was located at about pH=5.5+1.0.
Using Eq. (15), this suggests that the adsorption
constant of the active sites was on the order of
pT/ = —1.5+1.0, leading to p7/ =—1.5+1.0 or
pT/ = —1.9%1.0 using ;=0 or y;=—0.38, respec-
tively (see Section 3.1). Above pH 6-6.5, the amount
of ferrous ions adsorbed onto the bacteria was close to
3.5%x10~* mol/g, the maximal value predicted by the
Langmuir isotherm. This suggests that, for most of the
active sites, the onset of adsorption occurred for a pH
significantly lower than pK; (co>>>T;, pH;<pK;). The
pK value of most of the active sites was thus likely
higher than 4.5, leading to pK>4.5 using {4=0, or
pK>4.1, using (=—0.38.

If we now look at the limit of high bacterial
concentrations, and assume that for each site i
Cco<LCpaciCi, 1t 1s easily shown self-consistently that
[Fe*"]<<2x; and that Eq. (11) can be rewritten as:

CbactCi

m xl
2x; + CpactCi + E ConctCj
i

J#is j=1

[Fez-‘r}ialc =<0

(16)

As long as 2x;>>>c;cp, for all i, adsorption of the
ferrous ions is negligible. However, as soon as there is
at least one site such that 2x; <c;cpae, adsorption is
almost complete. It seems reasonable to assume that
Eq. (16) is a good approximation for the adsorption
isotherm at 5 g/l, where the total concentration of
reactive sites, as estimated from the Langmuir

isotherm, was on the order of 17.5 ¢y. We have also
shown, from the examination of the isotherm at 50
mg/l that c,>>T; for most sites. The pH value at which
2X; = C;Cpact 1S thus much lower than pK; for these
sites, and it is then given by:

pH = thl = PChbact =+ pei — pfi/ (17)

The adsorption edge for an adsorption isotherm at
large bacterial concentrations is given by the lowest
value for pH;. The extent of adsorption and the width
of the adsorption edge are then independent on the
bacterial concentration, but the location of the
adsorption edge decreases by one unit of pH when
the bacterial concentration increases by a factor 10.
Because the adsorption edge is controlled by the first
site onto which adsorption occurs, its width is limited
and independent on the number of active sites, which
can potentially become successively dominant as the
pH increases. This qualitative observation is in
agreement with our experimental results which
indicate that the width of the adsorption edge
decreased when the bacterial concentration increased
(Fig. 3a). The adsorption edge was located at
pH=4.2£0.7 for the isotherm at 5g/1 (pcpac=
—logo(Chac)=—0.70). This suggests that the pK value
of most reactive sites was much larger than 4.2, i.c.,
pK>4.2, using =0, or pK>3.8, using 1 ;=—0.38 (see
Section 3.1). In addition, if we consider that there was
only one kind of sites, with a concentration
¢1=3.5%10"* mol/g (pc;=—logo(c1)=3.45), the cor-
responding adsorption constants can be estimated as
equal to p7/ =—1.45+0.35, leading to p7/ =
—1.45+0.35 or to pI; =—1.85+0.35 using (=0
or Yo=—0.38, respectively, which is in excellent
agreement with our estimate obtained from the
observation of the isotherm at 50 mg/l. If we
consider that there were more than one type of sites,
a less-negative value for p7; is obtained for the first
active site using Eq. (17).

The adsorption isotherm at 500 mg/l cor-
responded to the intermediate case where
Chact Y ey €>Co and Cpaet Y 1oy € = 0(cp). In this sit-
uation, reactive sites contributing to the adsorption
edge are such that c;cp.i=co, and the onset of
adsorption for these sites occurs when 2x;=
CiCpact = Co. Hence, both Egs. (15) and (17) are correct.
The adsorption was located at pH=5.0+1.0 for the
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isotherm at 500 mg/l (Fig. 3a), i.e., at about one unit
of pH more than for the isotherm at 5 g/l, which is in
agreement with Eq. (17). As a result, the values of
pT;, as estimated by examining the isotherm at 500
mg/l, are on the same order of magnitude as when
examining the isotherm at 5 g/1.

An interesting aspect of Eqgs. (15) and (17) and of
our semi-quantitative analysis of our experimental
adsorption isotherms is that they clearly demonstrate
that the adsorption edge in an adsorption isotherm is
never located at pH values much larger than the pK of
the corresponding active sites. Instead, it is usually
located at significantly lower values. For a given
site, the maximal pH value where the onset of
adsorption can occur is pK;, and this situation occurs
only when cy=<c;Cpact = T; or When c;cpae<co=T;. If
Co=CiChact < T; 0T CiCpac=<co<T;10%¥°, the site can be
ignored as no significant adsorption occurs. In
addition, if T;<<c;cpuet OF T;<<cy, the onset of
adsorption occurs at a pH value much smaller than
pK;, which is thus likely significantly smaller than
pK;. In general, the location of the adsorption edge of
an isotherm should thus certainly not been used as an
indicator of the pK value of the reactive sites, but
rather as a lower boundary for these sites. There is
absolutely no need for a reactive site to be deproto-
nated before adsorption of a competitive ion can
occur. This seems to be often misunderstood, as
isotherms similar to our isotherm at 5g/l are some-
times interpreted by mentioning that the metal ions
adsorb on the reactive sites once those are deproto-
nated and by proposing that an adsorption edge at a
pK value of 4 indicates that adsorption occurs mainly
on the carboxylic groups.

3.3.2. Modeling of the adsorption data: one-site
model

We modeled each adsorption isotherm using a
one-site model. For the adsorption isotherms at 50
and 500 mg/l, optimal fits with a precision A<2 uM
could be obtained for a wide range of parameters.
However, we could not obtain any optimal fit using
a pK value lower than 4.93 (50 mg/l) or 5.97 (500
mg/l), a concentration lower than 3.4x10~* mol/g
(50 mg/l) or outside of the range 1.9-3.1x 10~* mol/
g (500 mg/l), or a p7’ adsorption constant larger
than —0.81 (50 mg/l) or outside of the range
[—0.91;—0.56] (500 mg/l). The range of the param-

eters leading to a precision lower than 3 pM are
shown on Fig. 5, for a site concentration fixed at
3.5x10"* mol/g. The best fits obtained assuming
that the adsorption was taking place either on the
type 2 sites (pK=6.74) or on the type 3 sites
(pK=9.08) are shown in Table 2 for both isotherms.
Using a site concentration equal to 3.5x10~* mol/g,
the best fit obtained for the adsorption isotherm at
500 mg/l is also shown, as well as the best fits
obtained for both adsorption isotherms (50 and 500
mg/l) with a pK value of 6.74. For the adsorption
isotherm at 5 g/l, no optimal fit could be obtained.
The best fits that we could generate had a precision
A close to 4.9-5.0 uM. We could not obtain any fit
with a precision lower than 6.0 uM using a pK value
lower than 5.44, a concentration lower 5.5x107°
mol/g, or a p7’ value larger than —0.42. The range
of parameters leading to fits with a precision lower
than 6.0 pM is shown on Fig. 5c¢ using a site
concentration equal to 3.5x10~* mol/g. The best fits
obtained assuming that the adsorption was taking
place either on the type 2 sites (pK=6.74) or on the
type 3 sites (pK=9.08), and using a site concen-
tration of 3.5x10~* mol/g or the site concentration
given by the titration data, are shown in Table 2.
Modeling both isotherms at 50 and 500 mg/l
together, the best fit was obtained for a pK value
of 5.83 and an adsorption constant p7’ equal to
—1.13 (see Table 3), which led to an average
precision of 2.03 uM (Table 3). We could not obtain
any fit with a precision lower than 3 pM using a pK
value outside of the range 5.46-6.48, a concentration
outside of the range 2.5-9.8x10™* mol/g, or a pT;
adsorption outside of the range [—1.51; —0.76]. For
a site concentration of 3.5x10~* mol/g for instance,
the models leading to a precision lower than 3 uM
are shown on Fig. 5d. When we modeled all three
adsorption isotherms together, the “best fit” we could
obtain corresponded to a pK value of 6.16, a site
concentration of 5.2x10~* mol/g, a pT’ value of
—1.39, and a precision A=4.47 pM (Table 3). Fits
with a precision lower than 6 uM could not be
obtained using a pK value lower than 5.45, a
concentration lower than 2.1x10~* mol/g or a pT’
value larger than —0.89. The models using a site
concentration of 3.5x10™* mol/g and leading to a
precision lower than 6 pM are shown on Fig. Se.
The best fit compatible with the Langmuir isotherm,
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Fig. 5. Precision A as a function of the pK and p7” values for a site concentration of 3.5x 10~* mol/g for the adsorption isotherm at 48 mg/I (a),
456 mg/1 (b), and 5.3 g/l (c), both isotherms at 48 and 456 mg/I (d) and all three isotherms (e). The flat regions correspond to pairs of parameters,
which lead to a precision larger than the upper limit of the z-axis, as indicated in each figure. The depressions correspond to precisions lower

than this upper limit.

i.e., with a site concentration of 3.5x10™* mol/g,
was characterized by a pK value of 6.40, a p7” value
of —1.20, and a precision A=4.75 pM (Table 3). This
fit was compatible with the titration data, but a
fourth site needed to be invoked to properly model
the titration curve (Table 1). Using instead a pK
value equal to 6.74 or to 9.08, as suggested by the
modeling of the titration data (Section 3.1), the best
fit was obtained in both cases for a value equal to
—1.22, which led to A=4.85 uM or to A=5.14 pM for
pK=6.74 and 9.08, respectively (see Table 3). The fit
obtained using pK=6.74 is shown on Figs. 3a and 4. It
is instructive to note that the optimal p7’ value was

almost independent of the pK value. In addition, it
changed only relatively slowly with the site concen-
tration. For instance, if a site concentration of
53x107* mol/g was selected, together with pK=
6.74, the optimal p7’ value was shifted by about 0.2
(Table 3), which is on the order of magnitude of the
precision on p7’, as shown by Fig. 5e.

Altogether, the modeling analysis indicated that,
rather than a single best fit, there were families of fits,
which were equivalent to the described individual
adsorption isotherms. Adsorption isotherms at 50 and
500 mg/l could either be fitted individually or fitted
together. The range of parameters appropriate to
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Parameters characterizing various fits obtained for the independently modeled adsorption isotherms (one-site model)
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Table 2
Bacterial concentration Precision of the
of the selected isotherm fit A (107° M)

(dry weight)

Concentration of
reactive sites
(107* mol/dry g

pK value of the reactive

sites (pK=pK—/¢)

Adsorption constant of the
reactive sites (Section 2.5)

T 7'
of bacteria) P P
50 mg/l —log(c)=4.77 1.19° 4.08 9.08 7.81 —1.27
1.20° 425 6.74 5.45 ~1.29
1.72¢ 3.50 6.74 5.73 —1.01
500 mg/l —log(c)=3.80 1.33° 2.03 9.08 8.43 —0.65
1.37° 2.15 6.74 6.05 —0.69
4.86° 3.50 6.74 5.64 —~1.10
2.18¢ 3.50 5.92 493 —0.99
5 g/l —log(c)=2.73 5.08° 3.50 6.74 5.44 —~1.30
5.04° 5.30 6.74 5.26 —148
5.05° 3.50 9.08 7.78 —~1.30
4.99° 6.10 9.08 7.53 —1.55

* Best fit using pK=9.08.
® Best fit using pK=6.74.

© Best fit using pK=6.74 and a site concentration of 3.5x10~* mol/g.

4 Best fit using a site concentration of 3.5%10™* mol/g.

© Best fit using pK=6.74 and a site concentration of 5.3x10~* mol/g.
' Best fit using p£=9.08 and a site concentration of 3.5%10~* mol/g.
& Best fit using pK=6.74 and a site concentration of 3.5x10~* mol/g.

describe both adsorption isotherms was relatively well
defined. On the other hand, the adsorption isotherm at
5g/l could only be approximately fitted. This was

because its shape was too sharp to be described by
Egs. (10)—(11), at least when y/(, was considered to be
constant. The best fits that we could obtain for all

Table 3

Parameters characterizing various fits obtained from modeling the adsorption isotherms together (one-site model)

Bacterial concentration Precision of the Concentration of pK value of the reactive Adsorption constant of the

of the selected isotherm fit A (107° M) reactive sites sites (pK=pK —/¢) reactive sites (Section 2.5)

(dry weight) ao* mol/dry g o7 o

of bacteria)

50 and 500 mg/I 2.03* 4.53 5.83 4.70 —1.13
2.24° 3.50 5.95 3.42 —0.99

All three isotherms 4.47° 5.20 6.16 4.77 —1.39
4754 3.50 6.40 5.20 —1.20
4.80° 4.02 6.74 5.45 —1.29
498" 5.30 6.74 5.31 —1.43
4.85¢% 3.50 6.74 5.52 —1.22
5.14" 3.50 9.08 7.86 —1.22

 Best fit if only the isotherms at 50 and 500 mg/1 are considered 4=1.49, 2.46, and 10.4 pM for the isotherms at 50 mg/1, 500 mg/1, and 5g/

1, respectively.

b Best fit if only the isotherms at 50 and 500 mg/I are considered and ¢;=3.5%X 1074 mol/g 4=2.27,2.21, and 11.1 uM for the isotherms at 50

mg/l, 500 mg/l and 5g/1, respectively.
¢ Best fit.
4 Best fit using ¢;=3.5x10"* mol/g.
° Best fit using pK=6.74.

f Best fit using pK=6.74 and ¢,;=5.3x10"* mol/g.
& Best fit using pK=6.74 and ¢,;=3.5x10"* mol/g.
" Best fit using p£=9.08 and ¢,=3.5x10~* mol/g.
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three isotherms described reasonably well the exper-
imental data, but the difference between the predicted
and experimental adsorption isotherms remained
larger than the precision of our experimental data.
The modeling analysis of the three adsorption
isotherms together only poorly constrained the pK
value of the reactive site, as the sites of type 1 were
excluded but not the sites of type 2 or of type 3. On
the other hand, the p7’ value could be estimated as
equal to about —1.24+0.1. If the electrostatic effects
are neglected, V=0, the pK and p7” values are equal
to the pK and p7’ values of the reactive sites. Instead,
if we consider yo=-0.38, the pK values are equal to
pK—0.38, and the pT” values are equal to p7’ —0.38.
For instance, a p7’ value of —1.22 can be interpreted
asapl’ value of —1.60, while a pK value of 6.74 is
equivalent to a pK value of 6.36.

It is interesting to compare our results with those
obtained for the adsorption of other divalent cations
onto B. subtilis cells. For instance, Fein et al. (1997),
who took into account the electrostatic effects through
a constant capacitance model, reported a p7’ value of
—1.42+0.25 for the adsorption of cadmium onto the
dominant reactive sites, which they proposed to be the
carboxylic sites (pK=4.82). However, they could not
obtain a good fit with only carboxylic sites, and they
had to introduce sites with a higher pK wvalue
(pK=6.90). They proposed that the sites with the
higher pK value were contributing to the adsorption at
the higher pH values. Using their data and our
modeling protocol, we were however able to obtain
an excellent fit by considering only one site. For
instance, considering the adsorption isotherm of

Table 4

107*% M of cadmium onto about 850 dry mg of
bacteria (Fein et al., 1997), the best fits we could
obtain has a precision on the order of 1.94 uM. For
instance, using a pK value equal to 6.90, the best fit
was obtained for a site concentration of 1.05x10~*
mol/g and pT’ =—0.47, which led to A=1.95 uM. Fits
with a precision smaller than 3 uM could only be
obtained for pK values larger than 5.95. Imposing a
site concentration of 3.6 10~* mol/g, as suggested by
Kulezycki et al. (2002), the best fit was obtained for a
pK value of 6.17 and a p7” value of —1.19 and had a
precision of 2.84 uM. For a site concentration of
3.5x10"* mol/g and a pK value of 6.74, the best fit
was obtained for a p7’ value of —1.20 and had a
precision of 3.18 pM. These values are strikingly
close to those that we obtained for the modeling of the
adsorption isotherms of the ferrous ions using similar
constraints (Tables 2 and 3). They suggest that ferrous
and cadmium divalent cations adsorb quite identically
onto bacterial surfaces. Many other divalent cations
are adsorbing more easily, such as lead or copper, and
some with more difficulty, such as calcium or
strontium (Fein et al., 1997, 2001; Kulczycki et al.,
2002; Ngwenya et al., 2003).

3.3.3. Modeling of the adsorption data: two-site
model

We modeled each adsorption isotherm using a
two-site model. This refinement of the model did not
allow us to obtain any improvement of the fit for the
adsorption isotherm at 5 g/l or for the three
adsorption isotherms modeled together. However,
this does not prove that only one type of sites

Parameters characterizing various fits obtained by searching for the highest possible affinity for the sites of type 1 (two-site model)

Bacterial concentration

Precision of the Concentrations of the two types pK values of the two
of the selected isotherm  fit A (107° M)  of reactive sites (10~* mol/dry

Adsorption constants of the

types of reactive sites two types of reactive sites

(dry weight) g of bacteria) oT pT"
< 2 Pk, pK> pTi pls p7i  pT}
50 mg/l 1.93 5.60 5.30 4.45 6.74 3.92 —-0.53 4.11 —2.63
1.99 2.00 5.30 4.45 6.74 4.79 0.34 4.36 —2.38
500 mg/l 1.98 5.60 2.70 4.45 6.74 3.35 —1.10 548 —1.26
1.99 2.00 2.50 4.45 6.74 3.80 —0.65 5.58 —1.16
5 g/l 5.99 5.60 5.30 4.45 6.74 2.56 —-1.89  5.13 —1.61
5.98 2.00 5.30 4.45 6.74 3.01 —1.44 513 —1.61
All three isotherms 5.97 5.60 4.50 4.45 6.74 2.96 —-1.49 520 —1.54
5.98 2.00 4.50 4.45 6.74 3.40 —1.05 5.21 —1.53
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contributed significantly to the adsorption of the
ferrous ions. Our results, as described and discussed
in Section 3.3.2, suggest that the contribution of the
sites of type 1, with a pK of 4.45, was not dominant.
We used the two-site model to investigate further this
question and evaluate the maximal potential contri-
bution of the sites of type 1, as allowed by the
experimental data. For this, we considered that the
bacterial surfaces were covered with the sites of type
1, as suggested by the titration (pK,=4.45, c,=
5.6x107* mol/g), and with the sites of type 2
(pK,=6.74), with a concentration equal to at most
5.3x10"* mol/g. Using these constraints, we could
obtain optimal fits for the adsorption isotherms at
50 and 500 mg/1 as long as the adsorption constant of
the ferrous ions onto the type 1 sites was kept lower
than or equal to p7’ =—0.53 (50 mg/l) or —1.10 (500
mg/l). The corresponding fits are shown in Table 4.
For the adsorption isotherm at 5 g/l, fits with a
precision lower than 6 puM could be obtained for
pT{ larger than —1.89 (see Table 4). Modeling all
three adsorption isotherms together, fits with a
precision lower than 6 pM could be obtained for
larger than —1.49 (see Table 4).

We also considered the possibility that some of the
sites of type 1 might not have been available to the
ferrous ions and assumed that their concentration was
equal to ¢;=2x10"* mol/g instead of ¢;=5.6x10"*
mol/g. Using these constraints, we could obtain
optimal fits for the adsorption isotherms at 50 and
500 mg/l as long as the adsorption constant of the
ferrous ions onto the type 1 sites was kept lower than
or equal to pT{ =0.34 (50 mg/l) or —0.65 (500 mg/l).
The corresponding fits are shown in Table 4. For the
adsorption isotherm at 5 g/, fits with a precision
lower than 6 pM could be obtained for p7” larger
than -1.44 (see Table 4). Modeling all three adsorption
isotherms together, fits with a precision lower than 6
1M could be obtained for pT{ larger than —1.05 (see
Table 4).

Using Eq. (11), the fraction of ferrous ions
adsorbed onto the sites of type 1 and onto the sites
of type 2 could be calculated for any given fit. This is
shown on Fig. 6, for the case where ¢;=5.4x10"*
mol/g. The case where ¢;=2x10~* mol/g was quite
similar, and it is thus not shown here. Considering
only the adsorption isotherm at 50 mg/l, it was
possible to obtain a fit according to which the type

100
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20

100

3
=

% of adsorbed Fe(ll)
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Fig. 6. Adsorption isotherms: experimental data for the adsorption
isotherm at 48 mg/l (M), 456 mg/l (@), and 5.3 g/l (A); prediction
of the two-site models using the parameters of Table 4 with
¢,=5.6x10"* mol/g for the three isotherms examined individually
(a) or together (b). Percentage of Fe(Il) adsorbed on the sites of
type 2 as thin dotted lines; percentage of Fe(Il) adsorbed on the
sites of type 1 as bold dotted line (48 mg/l), bold dashed line (456
mg/l), and bold dotted—dashed line (5.3 g/l). Note that the sum of
the contributions of the sites of type 1 and of the sites of type 2 is
equal to the prediction of the two-site model, which is shown as
full bold lines.
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1 sites were dominant at low and intermediate pH
conditions. However, for the adsorption isotherm at
500 mg/l, the contribution of the type 1 sites was
dominant only at low pH values, up to about pH 4.5-
5.0 at the most. For the adsorption isotherm at 5 g/,
no dominant contribution of the sites of type 1 could
be introduced, even at low pH. Modeling all three
adsorption isotherms together, it was also found that
no significant contribution of the sites of type 1 could
be introduced above pH 4.0-4.5, even for the
adsorption isotherm at 50 mg/l (Fig. 6b). It is
important to keep in mind that Fig. 6 represents the
maximal potential contribution of the sites of type 1 in
the two-site model, and that their actual contribution
might be much smaller. Altogether, the modeling of
the adsorption isotherms with a two-site model
indicated that the sites of type 1 were not needed to
describe the experimental data and that they might
have contributed only to a minor fraction of the
adsorption except, possibly, in the low pH range
(pH<4.5). It also indicated that an adsorption isotherm
at a single bacterial concentration is insufficient to
make conclusions regarding the nature of the reactive
sites.

4. Conclusion

In this paper, we have demonstrated that ferrous
ions do adsorb reversibly onto the surface of B.
subtilis, and that the adsorption equilibrium is
reached within minutes. The adsorption isotherms
are similar to those obtained in previous studies for
other metallic divalent cations and in particular to
those obtained with cadmium ions. The concentra-
tion of detected reactive sites was on the order of 16
and 3.5x10°* mol per dry g of bacteria for the
protons and for the ferrous ions, respectively. The
titration data revealed the presence of at least three
types of proton-reactive sites, with pK values of
4.45, 6.74, and 9.08, respectively. Several previous
studies have obtained similar titration curves, but the
relationship between the proton-reactive sites
detected by the titrations and those detected by
biochemical analyses of the cells enveloppes is still
unresolved. Our adsorption data and modeling
analysis indicated that only one kind of sites was
needed to predict adsorption isotherms of ferrous

ions onto B. subtilis cells. The sites with a pK value
of 4.45 likely played a small role in the adsorption
process, even at low pH conditions. The sites with a
pK of 6.74 were the best candidates as dominant
reactive sites for adsorption. In most previous
studies, it has been proposed that the sites with a
low pK (pK=4.45 in our case) were carboxylic sites
and that they were often the dominant sites for the
adsorption of metallic cations. We have shown that
such conclusions may have to be reconsidered in
some instances. Studies examining the adsorption of
metallic cations onto bacterial cells using biochem-
ical or spectroscopic techniques have suggested that
either phosphodiester or carboxylic groups are the
dominant reactive groups, depending on the pH or
on the nature of the cation considered (Beveridge
and Murray, 1980; Boyanov et al., 2003; Hennig et
al.,, 2001; Kelly et al., 2001; Panak et al., 2000,
2002a,b; Sarret et al., 1998). These sites are believed
to have pK values lower or equal to 5. Hence, there
is an apparent contradiction between the experimen-
tal data obtained by titration and batch adsorption
experiments, and the data obtained using other
techniques. Because the realization of adsorption
isotherms is the best way to obtain quantitative
information on the values of the adsorption constants
of the reactive sites, we believe that identifying the
chemical nature of the reactive sites, as detected by
the titration/adsorption data, is a critical point, which
still needs to be resolved. We have also shown that
determining a “best fit” for a single adsorption
isotherm is a somewhat meaningless task, as many
different sets of parameters can fit the data almost
equivalently well. Rather, acceptable families of fits
should be determined. Fitting a set of adsorption
isotherms realized at different bacteria/metal ratios
can also restrict efficiently the number of parameters
leading to a good fit of the data. We have proposed
here that all of our data can be best and most simply
fitted when either the sites of type 2 or the sites of
type 3 are the dominant reactive sites, with a
concentration of 3.5x10* mol/g and an adsorption
constant pI’ equal to about —1.2. However, our best
fits were still insufficiently good with respect to the
quality of the experimental data. In particular, we
were unable to properly describe the adsorption
isotherm at 5g/l, even by taking into account two
kinds of sites or by trying to use various available
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electrostatic models (not shown here). The develop-
ment of better models, which will take into account
the complex and three dimensional structure of the
bacterial enveloppes may be needed to achieve a
good description of the adsorption isotherms and
to resolve the apparent discrepancies between the
data obtained by spectroscopic and biochemical
techniques and those obtained by batch adsorption
experiments.

Meanwhile, our results are already of importance
with respect to the study of the cycle of iron and
associated elements at redox boundaries. They indi-
cate for instance that bacterial cell surfaces can
significantly reduce the dissolved concentration of
Fe(Il), thereby reducing the kinetics of the oxidation/
hydrolysis reaction in the bulk of the precipitation
reaction of a Fe(Ill) solid phase. However, the
adsorption is reversible and the exchange between
the adsorbed and desorbed Fe(II) should not be
neglected in a system where the chemical conditions
vary over time. In an oxic system, this exchange
should ultimately lead to the oxidation of most of the
Fe(Il) either as an adsorbed species on the cells
surface or, at least, in the bulk phase. Various
questions still need to be investigated quantitatively.
For instance, the kinetic of oxidation of the adsorbed
Fe(Il) in oxygenated conditions have not yet been
measured, as well as the potential role of adsorbed
Fe(Il) on the activity of iron-reducing bacteria in
anoxic conditions.
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