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Abstract

Pyridine-2,6-bis(monothiocarboxylic acid), also known as pyridine-2,6-dithiocarboxylic acid (pdtc), is a unique
and powerful metal chelator produced by Pseudomonas stutzeri and Pseudomonas putida. The actual physiological
roles of pdtc in these pseudomonads are not known with certainty, though it is likely that the compound acts as
a siderophore, an antibiotic, or both. The stability constant of Fem(pdtc)g_ was determined in previous work to
be 10333¢. Here we determined that the stability constant of FeH(pdtC)g_ is 10'2. We determined this stability
constant through potentiometric and spectrophotometric measurements of a ligand-ligand competition study using
2,6-pyridine dicarboxylic acid as the competitor for iron. Comparing the stability constant for Fell(pdtc)g_ to the
constant for Fe!'(pdtc); ™~ shows that the stability constant of Fe!l(pdtc)3 ™ is approximately 21 orders of magnitude
smaller. This represents a very significant decrease in the binding strength of pdtc toward iron. Thus, if the host
cell produces pdtc as a siderophore for sequestering Fe(IIl), it is likely that a second metabolite or a membrane
protein of the host cell is used for reduction of the chelated iron at or near the cell membrane in order to facilitate
its release from pdtc for cellular use.

Abbreviations: pdtc — pyridine-2,6-bis(monothiocarboxylic acid), pyridine-2,6-dithiocarboxylic acid; dpa —
pyridine-2,6-dicarboxylic acid, dipicolinic acid; ICP — inductively coupled plasma emission; K — stepwise and/or
protonation constant; 8 — metal-ligand stability constant; Kefr — effective stability constant; DMF — dimethylform-
amide; ISFET - ion sensitive field effect transistor; ES/MS — electrospray-ionization mass spectrometry; MS/MS
— tandem mass spectrometry

1991). Iron(Il) as a free ferrous ion is much more
abundant with a concentration of up to 100 mM, but
often it is only available to organisms in anaerobic

Introduction

Iron(III) is a micro-nutritional metal required for many

metabolic pathways in living systems. Iron in the aer-
obic environment, however, is not readily available in
solution for use by these living systems. Although iron
ranks fourth in abundance of all elements on earth,
the availability of iron(IIl) in solution is extremely
low. Ferric hydroxide has a solubility product constant
of 10_38, resulting in a free ferric ion concentration
of 10718 M at a pH of 7.4 (Neilands & Nakamura

environments. In aerobic conditions, many bacteria
have overcome this deficiency in iron(IIl) availabil-
ity by producing low molecular weight metabolites,
or siderophores, to bind iron and keep it in solution
(Neilands 1995).
Pyridine-2,6-bis(monothiocarboxylic acid) or pyri-
dine-2,6-dithiocarboxylic acid (pdtc), a unique sidero-
phore produced by Pseudomonas stutzeri and Pseudo-
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monas putida, binds to iron(III) resulting in a brown-
colored solution. The addition of sodium dithionite
(Na3S,04) causes the solution to turn blue and then
back to brown when the solution is exposed to air
(Ockels et al. 1978). Further studies showed that P.
putida and related species produce pdtc under iron de-
ficient conditions (Budzikiewicz 1993). This suggests
that these pdtc-producing bacterial strains produce
pdtc as a siderophore to be used as a means to ob-
tain iron(Ill) from their environment for nutritional
purposes.

Pdtc shows some properties consistent with an an-
tibiotic and other properties consistent with a cellular
protection agent. For example, pdtc forms soluble
complexes with metals such as Au, Bi, Co, Cr, Cu,
Fe, Mn, Nd, Ni, Pb, Pd, and Zn, many of which are
essential nutrient metals. Insoluble pdtc complexes are
formed with toxic metals such as As, Cd, Hg, Pb,
Se, Sn, Te, and Tl causing these metals to precipit-
ate out of solution (Cortese et al. 2002). The growth
of pdtc-producing P. stutzeri strain KC was greatly
enhanced at a pdtc concentration of 32 M. In compet-
ition studies with E. coli, pdtc produced by P. stutzeri
significantly suppressed E. coli growth, but the addi-
tion of Fe relieved pdtc inhibition, as did the addition
of Co and Cu. The addition of Zn increased pdtc inhib-
ition of E. coli growth, possibly due to the increased
toxicity of Zn once it is complexed with pdtc (Sebat et
al. 2001).

In determining the metabolic route by which pdtc
is produced, it has been suggested that the production
of pdtc comes from the sulfination of pyridine-2,6-
dicarboxylic acid (dpa). Studies have been performed
to determine the intermediates formed in the produc-
tion of pdtc (Hildebrand et al. 1985, 1986; Hiibner et
al. 1990) leading to the idea that pdtc is a derivative
of dpa. This is difficult to prove. Through the chem-
ical synthesis of pure pdtc based on the process of
Hildebrand et al. (1983), it was found that the stor-
age of pdtc in water results in its abiotic hydrolysis to
dpa (Cortese et al., 2002). Thus, metabolite isolation
studies alone are insufficient to establish a biosynthetic
relationship between the two molecules.

Stability constants determine with which metal(s)
pdtc is most likely to bind within a particular environ-
ment and thus can help us deduce its role in bacterial
metabolism. Recent work has shown that pdtc will
bind to iron(II) with an extraordinary stability con-
stant of 1033-30 (Stolworthy et al. 2002). The release
of this tightly bound iron(Ill) from pdtc might be

brought about by decreasing of the stability constant of
iron-pdtc through the reduction of the metal to iron(II).

Many methods have been employed in the determ-
ination of stability constants of organic-metal com-
plexes. Of particular value for efforts reported here
is the use of methods that determine stability con-
stants through competition for metal binding with a
metal-complexing agent of known binding affinity and
known protonation constants (Dimmock et al. 1995;
Crumbliss 1991; Martell & Motekaitis 1992). As with
any method, care must be taken in determining the
limitations of the methods employed. For instance, a
pH between 2 and 12 is generally the range recognized
to be acceptable for stability constant determination
(Martell & Motekaitis 1992). The ionic strength of
the solution must also be tightly controlled since a
high ionic strength can cause interruption of the metal-
ligand competition reaction especially if it is higher
than 0.1 to 0.5 M (Colston & Robinson 1997).

Sodium dithionite (Na»S,04) causes the reduction
of the Fem(pdtc)é_ to FeH(pdtc)g_ accompanied by
a change in solution color from brown to blue (Ock-
els et al. 1978; Hildebrand et al. 1984; Cortese et
al. 2002). We used Na»S,04 because other readily
available reductants have too low a redox potential to
reduce ferric iron to ferrous in pdtc complex. The use
of sodium dithionite, however, has several additional
limitations that must be monitored. Sulfur dioxide, a
decomposition component of sodium dithionite, is a
strong reducing agent that will readily absorb O2 from
the air causing further decomposition of sodium dith-
ionite (Lambeth & Palmer 1973). High temperatures
(e.g., 45 °C) increase the degradation of sodium di-
thionite as does low pH (Holman & Bennet 1994).
Degradation significantly decreases as pH increases
(Shaikh & Javaid Zaidi 1993). The half-life of a dith-
ionite solution was found to be 2616 minutes at a pH
of 12.98 (Kilroy 1980). Thus, experiments using dith-
ionite should be conducted under anaerobic conditions
and at room temperature to reduce the degradation of
dithionite.

To perform ligand-ligand based competition ex-
periments with pdtc, the competing ligand must bind
in the same characteristic fashion as does pdtc as a
tridentate ligand. The ligand dpa is a tridentate lig-
and, and its stability constant with iron(Il) is 101036
(Anderegg 1960; Smith et al. 2001). Molar addition
experiments revealed that the metal-ligand complex
has the structure of a 1:2 complex of iron with dpa,
Fe'''(dpa);~ (Figure 1 includes mass spectra.) (Mor-
imoto & Satd 1963). Protonation constants of dpa are



10*66 and 10*7 (Faucherre et al. 1966; Smith et al.
2001).

The work reported here is an attempt to determine
the stability constant of FeH(pdtc)z_ through ligand-
ligand competition of a known metal-ligand complex
of Fe'(dpa); ™.

Theory to determining the stability constant for
Fe'l(pdtc);-

The determination of the stability constant for
FeH(pdtc)g_ begins with setting up equations for the
complex equilibrium (Crumbliss 1991; Martell &
Motekaitis 1992). The stability constant (Equation (1))
for Fell(pdtc);™ is as follows:

B [Fell(pdtc);7]
Fe' (pdtc) [FeH] % [pdtCZ—]Z

ey

The stability constant (Equation (2)) for Fell(dpa)g_ is
as follows:
[Fe'l(dpa); ]
PR e

Combining Equations (1) and (2) will result in
an equation to solve for the stability constant of
Fe!l(pdtc);~ (Equation (3)).

[FeH(pdtc)z_] x [dpa®~]?

[Fell] x [dpag_] x [pdtc?~1?

(3)
The three-step protonation of pdtc using the protona-
tion constants written in terms of the concentration of
a protonated species of pdtc (Equations (4)—(6)) is as
follows:

IBFe“(pdtc)z = 5Fe“(dpa)2*

[H(pdtc)! ]

KH(pdte) = m 4)
_ [Ha(pdtc)]

KH, (pdte) = (0] x [H(pdto) ] (5)
H d 1+

Kty patc) = [H3(pdtc) ] ©)

[H™] x [Ha(pdtc)]

The two-step protonation of dpa using the protonation
constants written in terms of the concentration of a
protonated species of dpa (Equations (7) and (8)) is
as follows:
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_ [H(dpa)'~]
K00 = 557 apat] @
Hy(d
K, dpa) = LG ®)

[H*] x [H(dpa)'~]

Using mass spectroscopy for verification, it can be
deduced that the species [Fe'l(pdtc)] and [Fe'l(dpa)]
will not form in any appreciable amount. Addition-
ally, due to questions of validity of the use of the 3rd
protonation constant of pdtc (Equation (6)), the term
[H3(pdtc)'+] will be dropped (Stolworthy et al. 2002).
Finally, an excess concentration of ligands (both pdtc
and dpa) compared to the molar equivalence of iron(Il)
will result, and it can be assumed that negligible free
iron will form, therefore [Fe!l] ~ 0. The expression
for the concentration of total pdtc in terms of all pdtc
species, with the protonated species substituted by
Equations (4)—(6) written in terms of the concentration
of free pdtc (Equations (9), (10)) is as follows:

Tpae = [pdtc* ]+ 2 x [Fe'l(pdtc)3 ]
+[H(pdtc)' ™1+ [Ha(pdtc)] )

[pdc?] =

Tpate — 2 % [Fell (pdte)3 7]

1 4+ KHpdioy X [HT] + Krpdte) X Ky pdiey % [HT1?
(10)

The expression for the concentration of total dpa in

terms of all dpa species, with the protonated species

substituted by Equations (7) and (8) written in terms

of the concentration of free dpa (Equation (11)) is as

follows:

[dpa®~] =

Tapa — 2 x [FeH(dpa)2_]
1 4+ Krdpay X [H™] + Krgapa) X Kty dpay X [HT1?
(11)
The expression for the concentration of total iron(Il)
in terms of all iron(II) species written in terms of
the concentration of free iron (Equation (12)) is as
follows:

[Fe'] = Tgon — [Fe''(pdtc)3™] — [Fe!(dpa)3~] = 0
(12)

From Equation (12), it is now possible to determ-
ine the concentration of FeH(dpa)g_ by measuring the
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concentration of FeH(pdtC)g_, and Equation (12) can
be rewritten as follows:

[Fe'l(dpa); ™1 = Tpen — [Fell(pdtc);™1  (13)

[dpa®~] =

Tapa — 2 X Tpen +2 x [Fe' (pdtc); 7]

1+ Kydpa) % [H*] + Krapa) X K, (dpay % [HT]?
(14)
Combining Equations (10), (12), and (14) with Equa-
tion (3), there is now a complex equilibrium expres-
sion to determine the stability constant of FeH(pdtc)g_
(Equation (15)).

[Fell (pdtc)g_] X a

(Tgen — [Fe'l(pdtc)371) x b
(15)

IBFeH(pdlc)z = IBFeH(dpa)z X

2
B Tapa—2X Tren+2 x [Fell (pdtc)3 ]
1+KH(dpa) X [H+]+KH(dpa) X KHZ(dpa) X [H+]2

1T 2— B
_ Tpae—2x [Fe" (pdtc); ]
( 14+K(pdte) X (HT 1+Kpdic) X KH, (pdic) X [H+]2>
Hydrogen concentration is determined through pH
measurements of the ligand-ligand competition ex-
periment. The concentration of FeH(pdtc)g_ is de-
termined spectrophotometrically. Total iron concen-
tration is known from the amount of Fe!l(dpa)?~-
tetracthylammonium added to the experimental solu-
tion. Protonation constants for pdtc (Stolworthy et al.
2002) along with protonation constants of dpa and
the overall stability constant of FeH(dpa)g_ (Anderegg
1960; Faucherre et al. 1967; Smith et al. 2001) are as
follows:

KH(pdtc) — 10548 KH(dpa) — 10466

Kitypaie) = 1077 Kipy(apa) = 10>

.BFeH(dpa)z = 1010/36

From a given concentration of a known metal-
ligand complex and addition of an unknown ligand,
the stability constant of the unknown ligand will vary

with the addition of the unknown ligand. To determine
the stability constant of the metal to the unknown lig-
and, the amount of total competing ligand at which the
concentration of FeH(pdtc)g_ equals the concentration

of the known metal-ligand complex Fe!!(dpa); ™ must
be found. From spectrophotometric measurements, the
concentration of Fe!l(pdtc);~ will increase slowly fol-
lowed by a more rapid and steady increase. Finally,
the concentration of Fe'l(pdtc);~ will become con-

stant. From this characteristic, a graph of FeH(pdtc)g_
absorbance vs. total pdtc can be made. This titration
curve can be fitted to a three-point polynomial equa-
tion, taking the derivative twice, and setting it equal to
zero. This will result in an inflection point on the graph
giving the total pdtc and absorbance of FeH(pdtc)g_
where [FeH(pdtC)g_] = [FeH(dpa)z_]. This data can be
placed into Equation (15) and will result in a stability
constant for Fe''(pdtc); .

Materials and methods

Pdtc was synthesized using the method of Hildebrand
et al. (1983). Pdtc stock solutions were prepared by
weighing out 0.100 g of pdtc and diluting to 10 ml
with dimethylformamide (DMF) (Aldrich Milwaukee,
WI). Fem(dpa)g_ was synthesized in the form of a
tetraethyl ammonium salt from a modification of the
Hildebrand et al. (1984) method by substituting dpa
(Aldrich Milwaukee, WI) for pdtc. The product’s
structure was verified by electrospray mass spectro-
scopy (Figure 1). Iron(IIl) solutions were obtained
from Fisher Scientific (Pittsburgh, PA) in the form of
inductively coupled plasma emission (ICP) standard
metal stock solutions (1 g/L per metal ion and contain-
ing 2% HNO3 to keep metals in solution). Fe'''(dpa); ™~
stock solutions were prepared by weighing out 0.100
g of Felll(dpa)?~, tetraethylammonium salt and dilut-
ing with 10 ml DMF. NaOH (1IN and 10N) and HCI
(IN) solutions were obtained from Fisher Scientific
(Pittsburgh, PA). Sodium dithionite (NayS;04; Ald-
rich) solution was prepared as a 1 M solution made
fresh daily. Sodium perchlorate (NaClOy; Fisher Sci-
entific) was prepared as a 2.5 M solution. All solutions
were prepared using deionized distilled water of better
than 18 megaohm-centimeters of resistivity. All ex-
periments were performed in an anaerobic chamber
containing 4% hydrogen and 96% nitrogen. All stock
solutions, acids, bases, and other support solutions
also were purged, stored, and prepared in an anaer-
obic chamber. All measurements were taken at 25°C.



The ionic strength in each experiment was fixed at 0.1
M with NaClO4. Each experiment was fixed at 0.1 M
with Na>S;04 to maintain reduced conditions.

General instruments

Absorption spectra were recorded and analyzed on a
Hewlett-Packard 8453 UV/Visible diode array spec-
trophotometer controlled by a HP Pentium-class com-
puter running UV-Visible Chemstation software (re-
vision 5.2). An IQ Scientific Instruments pH meter
equipped with an ion sensitive field effect transistor
(ISFET) pH sensor electrode using KCI gel and a
temperature sensor was used for pH measurements.

Spectrophotometric titrations

UV-Visible absorption spectra were recorded using a
1.0-cm path length quartz cell with a threaded cap
and silicon septum. A 10-ml sample containing 0.1
M NazS;04, 0.1 M NaClOy4, and 0.118 and 0.130
mM FeH(dpa)g_ was prepared under anaerobic con-
ditions. A 10-ml blank containing 0.1 M Na;S,04
and 0.1 M NaClO4 was also prepared under anaer-
obic conditions. A 1.25-ml aliquot of the sample and
blank were placed into separate, capped quartz cells
with equal light path length. The spectrophotometer
was blanked each time before the working sample
was analyzed. Once a starting background point was
established, pdtc was added in constant aliquots to
both the blank and the working sample in each capped
quartz cell and allowed to sit for 10 minutes to equilib-
rate before a blank and a spectrum were taken again.
The spectrum peak of interest was that of Fe!l (pdtc)g_
found at 687 nm with an extinction coefficient (g¢87)
of 8520 M~ cm~!.

Potentiometric titrations

The electrode was calibrated to read pH using hydro-
gen ion activity standard solutions: 4, 7, and 10 (all
+/—0.02 pH @ 25 °C). Potentiometric titrations were
made by preparing enough sample to make 1.25-ml
aliquots of sample for each spectra analyzed. The ionic
strength in the titration experiments was fixed at 0.1
M with NaClO4 (Fisher Scientific). Each aliquot was
placed into a 2-ml scintillation vial, and each aliquot
received the appropriate addition of pdtc according
to its spectra as described previously. These aliquots,
all prepared and sealed under anaerobic conditions,
were allowed to equilibrate for 10 minutes before pH
measurements were taken.
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Mass spectrometry

A 0.2-mM sample solution was analyzed by using a
negative or positive electrospray-ionization mass spec-
trometry (ES/MS) (Quattro II, Micromass Ltd., U.K.).
Samples were delivered into the source at a flow rate
of 5 ul/min using a syringe pump (Harvard Appar-
atus, South Natick, MA). A potential of 2.5-3 kV was
applied to the electrospray needle. The sample cone
voltage was maintained at 12 V. The counter electrode,
skimmer, and RF lens potentials were tuned to max-
imize the ion beam for the given solvent. Detector
resolution was set at 15,000, and source temperature
was kept constant at 80 °C. The instrument was cal-
ibrated using a poly (ethylene glycol) solution. All
spectra represent a combined average of 10-15 scans.
The structures of complexes were confirmed using
daughters’ fragmentation tandem mass spectrometry
(MS/MS). The hexapole collision cell was filled with
argon gas, which was used to generate daughters’
fragments.

Results

The extinction coefficient (gg87) for FeH(pdtc)g_ was
found to be 8520 M~! cm™!. Through qualitative ex-
perimentation, it was found that a minimum of 0.1 M
NayS,04 was needed to keep the iron(Il)-pdtc com-
plex in a reduced state. Lower concentrations would
slowly revert the complex to an oxidized state, turning
the solution from blue to brown within one hour of
mixing. A 0.1-M NayS,04 solution revealed a reduced
state for at least 12 hours, providing more than enough
time to run a single experiment.

The pH of the starting working solution was about
6. As pdtc was added, the absorbance peak at 687 nm
increased (Figure 2). This series of increasing absorb-
ance vs. pdtc was plotted (Figure 3) and an inflection
point found. The resulting inflection point was placed
back into Equation 15 to determine the stability con-
stant of Fe'l(pdic)5™. A total pdtc concentration of
0.134 mM revealed a stability constant of 1011.84.
This experiment was repeated using data points from
past experiments. Using data points corresponding to
apH of 8 to 9, a spectral graph and an inflection point
curve showed similar results as seen in the previous
experiment. A total pdtc concentration of 0.141 mM
revealed a stability constant of 101213,

A solution of FeH(pdtc)g_ was prepared (Hilde-
brand et al. 1983) and was manipulated by acid and
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Figure 1. Electrospray mass spectrum and structure of Fe(IH)(dpa)z_ ! complex.
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Figure 2. Spectral Changes During Titration of FeH(dpa)z_ by Pdtc. I = 0.1 M NaClOy4; [NaS,04] = 0.1 M; T =25.0 °C; 1 = 1.0 cm;
[FeH(dpa)%_J =0.130 mM. Total pdtc = (1) 0; (2) 0.0339; (3) 0.0677; (4) 0.102; (5) 0.135; (6) 0.169; (7) 0.203; (8) 0.237 mM.
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Figure 3. Graphical Determination of Inflection Point of FeH(pdtc)zf. I1=0.1 M NaClOy4; [NapSy04] =0.1 M; T=25.0°C; 1 = 1.0 cm;
[FeH(dpa)%f] =0.130 mM; A = 687 nm. At a total pdtc concentration of 0.134 mM, an absorbance of 0.4926 reveals a stability constant for
Fell (pdtc)3~ of 101184,
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Figure 4. Spectral Changes During Titration of FeH(dpa)z_ by HCL. I = 0.1 M NaClO4; [NayS704] = 0.1 M; T = 25.0 °C; 1 = 1.0 cm;
[FeH(pdtc)%_J =0.539 mM. pH = (1) 6.15; (2) 6.02; (3) 5.83; (4) 5.56; (5) 5.05.
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Figure 5. Graphical Determination of Inflection Point of FeH(pdtc)%f. I1=0.1 M NaClOy; [NapSy04] = 0.1 M; T =25.0 °C; 1 = 1.0 cm;
[FeH(pdtc)%_] =0.0539 mM; A = 687 nm. At a pH of 5.79, an absorbance of 0.4430 revealed a stability constant for FeH(pdtc)g_ of 1012:26,

A data point at pH 6.3 was added to force inflection of curve.

base titrations. The solution started with a pH of
around 6. As pH was increased using NaOH, the ab-
sorbance peak at 687 nm indicated little to no change.
At a pH of 11.4, the absorbance peak began to de-
crease. Beyond a pH of 12, the absorbance decreased
sharply. In another experiment where pH was de-
creased using HCI, a slight decrease in absorbance
occurred (Figure 4), and then absorbance became con-
stant up to a pH of 5. After this, absorbance dropped
sharply and approached zero absorbance at a pH of
2. The slight curve of inflection was plotted (Figure
5), and an inflection point was found. A data point
was added at a pH of 6.3 to force an inflection of
the curve. The stability constant was determined by
using Equation (1) where Equation (10) was used for
[pdtc], and [Fell] was found by stating total iron is
equal to free iron(Il) and FeH(pdtC)g_, a modification
of Equation (14) since no FeH(dpa)g_ was present. At
the inflection point, [Fell] + 2[pdtc] = [Fell(pdtc)g_].
A pH of 5.79 revealed a stability constant of 101226,

Discussion

Addition of pdtc to Fe'(dpa)3~ in the working sample
showed a slight increase in FeH(pdtC)g_ concentra-

tions. As additional pdtc was titrated, a steady increase
in FeH(pdtc)g_ concentrations was noted and further

addition of pdtc resulted in FeH(pdtc)g_ concentra-
tions becoming constant. These measurements were
used as the data point series for inflection point cal-
culations resulting in a stability constant. The addition
of dpa to FeH(pdtc)g_ should result in a decrease

of Fel(pdtc)3™ concentrations, indicating a reversible
equilibrium reaction. This experiment resulted in a
linear concentration drop of FeH(pdtc)z_ but did not
reveal a titration curve. A reaction was occurring with
Fe!l(pdtc); ™ beyond simple volume dilution.

To confirm the stability constant obtained from
FeH(dpa)z_ with pdtc titrations, a FeH(pdtc)g_ solu-
tion was titrated with acid and base using methods
similar to those of Stolworthy et al. (2002). Adding
base to the Fe!l(pdtc); ™ solution showed little to no
change in absorbance as pH was increased using
NaOH. As pH was increased further, a decrease in
FeH(pdtc)g_ concentrations was noted followed by a
dramatic decrease in concentration after a pH of 12;
concentrations continued to decrease until a pH of 12.7
was reached. Since no indication of a titration curve
was evident after a pH of 12.7, base titration was hal-
ted at this point due to the possibility of base-catalyzed
hydrolysis of pdtc.



The acid titration showed a slight inflection curve
at a pH around 5.79. Below a pH of 5, Fe''(pdtc)3™
concentration dropped off dramatically to almost zero
at a pH around 2. The acid experiment should show
reversibility when base is added to the solution. Within
the inflection point data series, the addition of a
base would result in the increase of absorbance, but
not to initial experimental levels. It is also possible
that FeH(pdtc)g_ was being oxidized due to the de-
gradation of sodium dithionite in low pH environ-
ments. The addition of sodium dithionite, however,
did not increase absorbance to initial experimental
levels. This indicates that a reaction was occurring
with Fe'l(pdtc);” and HCI, along with simultan-
eous degradation of sodium dithionite. In retrospect,
acidic environments caused the rapid decomposition
of sodium dithionite causing absorbance peak irre-
versibility due to the oxidation of iron in the pdtc
complex.

The acid run, although resulting in a stability con-
stant of 10!2, has limitations as well. As acid was
added, concentration did decrease beyond simple di-
lution, but dithionite was also being degraded at the
same time. It is also noted that the inflection point
did not reveal a situation where [Fell] and 2[pdtcz_]
equals [FeH(pdtc)z_].

Conclusion

The stability constant of Fe!l(pdtc)3~ was determined
to be 10'2. Comparing this to the stability constant
for Fell(pdtc)3 ™ of 10333, the stability constant of
Fell (pdtc)%_ is approximately 21 orders of magnitude
smaller; a significant decrease in the binding strength
of pdtc to iron. If the host cell produces pdtc as a
siderophore, this would show that a second metabolite
from the host cell could be used in the reduction of iron
in order to facilitate the release of iron from pdtc for
cell use. This would also allow multiple use of pdtc as
a cell metabolite. As a potential antibiotic, pdtc shows
a much stronger affinity to iron(IIl) than to iron(Il),
thus pdtc could significantly reduce the amount of
iron(III) available to competing bacteria and give cells
producing pdtc an advantage.
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