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Abstract Isothermal titration calorimetry has been used

to determine the stoichiometry, formation constants and

thermodynamic parameters (DGo, DH, DS) for the forma-

tion of the citrate complexes with the Mn2?, Co2?, Ni2?

and Zn2? ions. The measurements were run in Cacodylate,

Pipes and Mes buffer solutions with a pH of 6, at 298.15 K.

A constant ionic strength of 100 mM was maintained with

NaClO4. The influence of a metal ion on its interaction

energy with the citrate ions and the stability of the resulting

complexes have been discussed.
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Introduction

The ions of the citric acid (2-hydroxy-1,2,3-propanetri-

carboxylic acid; H4Cit) occur in small amounts in the

majority of living organisms to act as bioactive ligands

implicated in a number of biochemical processes [1–5].

Owing to their capacity to form thermodynamically stable

complexes with a variety of metal ions, they found wide-

spread use in food and pharmaceutical industries as well as

in medicine. Over the past few years much attention has

been paid to the synthesis of nanomaterials using metal

citrates as precursors [6–9].

Thermodynamic stability of complexes is crucial for

processes occurring in living organisms, as it determines,

amongst others, biological and pharmacological activities

of complex compounds and plays an important role in the

safety of their application. It is important to realize that the

knowledge of thermodynamic parameters of reactions

enables a better understanding of the processes involving

complex compounds than that of simple equilibrium con-

stants [10, 11]. Thermodynamic characteristics of a reac-

tion also enable determination of the relationship between

the structure of a ligand and chemical properties of new

compounds, thus contributing to optimization of the con-

ditions for their synthesis [12]. For this reason it seemed

worthwhile to determine thermodynamic characteristics for

the reactions of the citrate ions with some transition metal

ions.

Experimental

Materials

All reagents: C6H5O7Na3�2H2O (sodium citrate dihydrate),

Mn(NO3)2�6H2O, Co(NO3)2�6H2O, Ni(NO3)2�6H2O,

Zn(NO3)2�6H2O, NaClO4, Cacodylate (Cacodylic acid

sodium salt trihydrate), Pipes (1,4-Piperazinediethanes-

ulfonic acid) and Mes 2-(N-Morpholino)ethanesulfonic

acid) were purchased from Aldrich Chemical Corp. These

compounds were used without further purification.

Isothermal titration calorimetry (ITC)

All the ITC experiments were run at 298.15 K using an

AutoITC isothermal titration calorimeter (MicroCal Inc.,

Northampton, USA) with a 1.4491-mL sample and a ref-

erence cell. The reference cell was filled with distilled

water. The data, specifically the heat normalized per mole

of injectant, were processed with Origin 7 from MicroCal.
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An initial 2-lL injection sample was discarded from each

data set to remove the effect of titrant diffusion across the

syringe tip during the equilibration process. The experi-

ment consisted of injection (29 injections, 2 lL for the first

injection only) of a ca. 10–15-mM solution of appropriate

salt into the reaction cell initially containing buffered

solution of a ca. 1 mM sodium citrate (ionic strength

I = 100 mM NaClO4). A background titration was per-

formed using identical titrant with the buffer solution

placed in the sample cell. The result was subtracted from

each experimental titration to account for the heat of

dilution. All the solutions were degassed before titrations

were performed. Titrant was injected at 5-min intervals to

ensure that the titration peak returned to the baseline prior

to the next injection. Each injection lasted 20 s. To achieve

a homogeneous mixing in the cell, the stirrer speed was

kept constant at 300 rpm. Calibration of the AutoITC

calorimeter was carried out using electrically generated

heat pulses. The CaCl2–EDTA titration was performed to

check the apparatus and the results (n, K, DH) were com-

pared with those obtained for the same samples (test kit) at

MicroCal.

Results and discussion

Thermodynamic parameters of interaction of the citrate ion

with the Mn2?, Co2?, Ni2? and Zn2? ions, determined by

the ITC technique in the Cacodylate, Pipes, and Mes buffer

solutions witha pH of 6, at 298.15 K, are summarized in

Table 1. The equilibrium constants, binding enthalpies and

reaction stoichiometries were obtained from ITC experi-

ments by fitting binding isotherms, using nonlinear least-

squares procedures, to a model that assumes a single set of

identical binding sites. From the above experimental

parameters, the free energy of binding (DGo) and entropy

change (DS) could be determined from the standard ther-

modynamic relationship, DGo = -RT ln Kobs = DobsH -

TDS.

The stoichiometry of the compounds indicates that at

a pH of 6 almost equimolar metal/ligand complexes are

formed. X-ray crystallographic results have shown that

the citrate ions act as tridentate ligands [13–15]. Oxygen

atoms of two carboxylic groups and an oxygen atom of

the hydroxyl group participate in the metal binding

(Fig. 1). A carboxyl group at the central carbon atom,

C(3), is almost perpendicular to the carbon backbone,

C(1)–C(2)–C(3)–C(4)–C(5), and is situated on one plane

with the hydroxyl group. A third donor is the oxygen

atom of the terminal carboxyl group, C(1) [16, 17]. A

similar type of metal binding can also be expected in

solutions.

In solution with a pH of 6, the citrate ions occur mostly

as the H2Cit2- and HCit3- species, the equilibrium

being displaced largely towards the former ones [18]

([H2Cit2-]:[HCit-] equals approximately 4:1). In general,

the stability constant (conditional stability constant) of

considered reactions can be defined as

K ¼ ½MeHCit��
½Me2þ�ð½H2Cit2�� þ ½HCit3��Þ

where Me2? denotes Mn2?, Co2?, Ni2? or Zn2? ion.

Logarithmic stability constants of the examined metal

citrates [MeHCit]- are comparable with the values of

the log KðMe2þ þ HCit3�
�MeHCit�Þ: 3.54–3.67, 4.16–

4.83, 4.99–5.11 and 4.25–4.9 for [MnHCit]-, [CoHCit]-,

[NiHCit]- and [ZnHCit]-, respectively, as found in the

literature [19].

The fairly strong protonation of the carboxyl group not

involved in the metal binding seems to impede the formation

Table 1 Thermodynamic parameters of metal binding to Na3HCit in the buffer solutions with a pH of 6, at 298.15 K and at an ionic strength of

I = 100 mM (NaClO4)

Metal ion K/M-1 DGo/kJ mol-1 DH/kJ mol-1 TDS/kJ mol-1 Stoichiometry

Cacodylate Mn2? (0.247 ± 0.004) 9 104 -19.31 12.74 (±0.16) 32.05 0.985 (±0.01)

Pipes Mn2? (0.24 ± 0.002) 9 104 -19.25 10.41 (±0.06) 29.66 0.931 (±0.004)

Mes Mn2? (0.305 ± 0.002) 9 104 -19.93 8.90 (±0.03) 28.83 0.954 (±0.002)

Cacodylate Co2? (3.57 ± 0.04) 9 104 -25.99 9.53 (±0.01) 35.52 0.950 (±0.001)

Pipes Co2? (2.89 ± 0.10) 9 104 -25.24 6.13 (±0.03) 31.55 0.936 (±0.003)

Mes Co2? (4.03 ± 0.05) 9 104 -26.28 4.64 (±0.01) 30.92 0.968 (±0.001)

Cacodylate Ni2? (10.9 ± 0.05) 9 104 -28.71 7.06 (±0.03) 35.77 0.969 (±0.003)

Pipes Ni2? (10.3 ± 0.04) 9 104 -28.60 3.45 (±0.02) 32.05 0.955 (±0.003)

Mes Ni2? (14.5 ± 0.07) 9 104 -29.49 2.18 (±0.01) 31.67 0.979 (±0.003)

Cacodylate Zn2? (3.53 ± 0.12) 9 104 -25.97 6.08 (±0.03) 32.05 0.981 (±0.004)

Pipes Zn2? (3.47 ± 0.13) 9 104 -25.88 3.78 (±0.03) 29.66 1.01 (±0.005)

Mes Zn2? (4.0 ± 0.2) 9 104 -26.25 2.45 (±0.02) 28.70 0.972 (±0.005)
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of binuclear species of the type [Co2(C6H5O7)2(H2O)4]2-

[20] and [Ni2(C6H5O7)2(H2O)4]2- [21].

The overall energetic effect of the complexation consists

mainly of the dehydration of the metal cation and the

ligand, DdehydH [ 0, on the one hand, and the formation of

new ion–ligand bonds, DbindH \ 0, on the other hand.

In the set of the compounds studied, the energy released

by metal ion–citrate interaction is overcompensated by

endothermic dehydration of the ion (DdehydH [DbindH).

Positive values of the measured reaction enthalpy, DHobs,

show the thermodynamic stability of the complexes to be

strongly dependent on the entropy change and to increase

in the order Mn2? \ Co2? = Zn2? \ Ni2?. An additional

factor affecting experimental DobsH values is the identity of

buffer solution. That is, the enthalpy change decreases with

an increase in buffer ionization energy. The energy is the

sum of all energetic effects accompanying the reaction, i.e.

the enthalpy due to the heat of complex formation, DbindH,

which is independent of the identity of buffer, and the

energy due to proton transfer from the ligand to the buffer

[22–24]:

DobsH ¼ DbindH þ ðDnÞDionHbuf ;

where DionHbuf is the enthalpy of buffer ionization, and Dn

is the number of protons exchanged during binding.

For a given pH value, the relationship between DobsH

and DionHbuf is a straight line whose slope corresponds to

the number of protons interchanged during the reaction.

The ionization energies of the buffers used in this study are

-2.97, 11.21 and 14.81 kJ mol-1 for Cacodylate, Pipes

and Mes, respectively [25]. The number of protons inter-

changed during citrate complex formation, determined in

this way at a pH of 6, are 0.2(±0.12), 0.27(±0.03),

0.27(±0.02) and 0.19(±0.03) for Mn2?, Co2?, Ni2? and

Zn2?, respectively (Fig. 2). The DobsH versus DionHbuf

relationship is a decreasing function (Dn \ 0), this indi-

cating that in the complexation process the proton is

transferred from the ligand onto a buffer component [26].

Arithmetic means of the enthalpy changes for interac-

tion of the ions with the citrate ligand (DbindH), accounting

for the number of protons exchanged during complex for-

mation and the ionization enthalpy of the Cacodylate,

Pipes and Mes components, are 9.2, 8.83, 6.32 and

5.56 kJ mol-1 for Mn2?/HCit3-, Co2?/HCit3-, Ni2?/

HCit3- and Zn2?/HCit3-, respectively. The determined

thermodynamic characteristics of the complexes show that

the entropy term, TDS, has a greater impact on stability of

the resulting species than does the enthalpy term DH

associated with the energy of the donor–acceptor bonds.

Conclusions

Interaction of the metal ions with the citrate ligand in solu-

tion of a pH of 6, at 298.15 K, is an endothermic process

resulting in the formation of 1:1 complexes. The enthalpy

change of the reaction, DbindH, accounting for the energy

contribution due to binding proton by a buffer component,

has been found to depend on the metal ion identity and to

decrease in the order Mn2? [ Co2? [ Ni2? [ Zn2?.

Thermodynamic stability of the complexes is determined by

the entropy term that overcompensates the positive value of

the enthalpy change. These findings may be useful for

optimization of synthetic procedures of the complexes. They

would also enable to predict the influence of the presence of

metal ions on biological activity of citrate ions.
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citrate anion –4 –2
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Fig. 2 Plot of DobsH against DionHbuf for the metal–ligand interaction

in 10 mM Cacodylate, Pipes and Mes, at a pH of 6, at 298.15 K: (1)

Mn2?/HCit3-; (2) Co2?/HCit3-; (3) Ni2?/HCit3-; (4) Zn2?/HCit3-
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