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a Dipartimento di Chimica Analitica, Università di Torino, Via Pietro Giuria 5, 10125 Torino, Italy
b Dipartimento di Chimica Inorganica, Chimica Analitica e Chimica Fisica, Università di Messina,
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bstract

This work is aimed at reviewing the chemical literature dealing with thermodynamic aspects of the weak complex formation (species with log K
alues less than about 3) between alkali and alkaline earth metal ions with low molecular weight inorganic and organic ligands in aqueous solution.
he following ligands (up to hexavalent anions) were examined in detail: (i) hydroxide, chloride, sulfate, carbonate and phosphate as inorganic,

∗ Corresponding author.
E-mail address: giang@unipa.it (A. Gianguzza).

010-8545/$ – see front matter © 2007 Elsevier B.V. All rights reserved.
oi:10.1016/j.ccr.2007.08.005

mailto:giang@unipa.it
dx.doi.org/10.1016/j.ccr.2007.08.005


1

a
f
t
a
i
w
t
©

K

1

m
u
m
b
a
a
c
t
i
n
t
i
c
d
a
e
[
p
l
a
i
y
h
(
h
b
c
(
t
o
n
e
r
c

t
m
o
q
s
d
u
(

094 P.G. Daniele et al. / Coordination Chemistry Reviews 252 (2008) 1093–1107

nd (ii) carboxylates, amines, amino acids, complexones and nucleotides as organic ligands. The paper also identifies the main reasons responsible
or the dispersion of the stability data on ion pairs in the literature. When possible, the trend of stability for the different metal ions interacting with
he same ligand will be considered to find predictive interaction relationships. Since the stability of weak alkali and alkaline earth metal complexes
re mainly due to electrostatic interaction, simple empirical relationships were obtained between log K and the charge of the anionic ligand. The
nterest for alkali and alkaline earth cations rises since they are used in study of basic science as components of the supporting electrolyte and are
idely diffused in natural fluids. Some examples of application of this science were presented too, to show the role of weak complex formation in

he modelling process of natural systems.
2007 Elsevier B.V. All rights reserved.
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. Introduction

Sodium, potassium, calcium and magnesium ions are the
ajor cation contributors to the inorganic composition of nat-

ral waters and biological fluids. In spite of their key role in
any environmental and biological processes, such as mem-

ranes transport or metal metabolism [1], in which also lithium
nd strontium ions are often involved, coordination chemistry of
lkali metal ions was relatively little investigated, especially if
ompared to transition metals. The main interest was focused on
he interaction of alkali and alkaline earth cations with biolog-
cally active molecules, such as amino acids, proteins, sugars,
ucleotides etc, especially to emphasize their biochemical func-
ions. Most of the papers dealing with this subject can be found
n specialized biomedical or biochemical journals. Bioinorganic
hemistry investigations on this topic were performed mainly to
efine the structure of the complexes resulting by these inter-
ctions [2]. Stability data on complexes of alkali and alkaline
arth metal ions in aqueous solution were reported by Midgley
3] and Poonia and Bajaj [4], with particular attention to com-
lex formation with poly-aminocarboxylic and macromolecular
igands such as crown, cryptands and high molecular weight
ntibiotics. The interactions of alkali and alkaline earth metal
ons with low molecular weight ligands were established many
ears ago [5] as ion pairs or weak complexes formation, but they
ave excited in general scarce interest for the following reasons:
i) formation constants are small and difficult to determine with
igh precision and accuracy; (ii) ion pair formation often occurs
etween the components of the supporting electrolyte and the
ation and/or anion of the acid-base system under investigation;
iii) to separate unambiguously the effects of the medium from
hose of the short-range specific interactions in the formation
f more stable complex species, a non-interacting medium is
eeded for each acid-base system under investigation (a refer-
nce baseline). This last point is not easy to obtain and, for this
eason, many researchers prefer to use stoichiometric stability
onstants, i.e. strictly valid only in a specific medium.

The aforementioned reasons led to a certain dispersion of
he stability data on weak complexes in the literature [6–18],

ainly depending on some discriminating factors as: (i) results
btained by unreliable methods, (ii) lack of attention for those
uantities significantly affecting the stability and/or the preci-

ion and accuracy of measurements, (iii) lack of equilibrium
uring measurements (for systems with complex kinetic), (iv)
se of different thermodynamic scales as activity/concentration
sometimes mixed) or molar/molal, (v) incomplete evaluation

O

(
N

es; Formation and stability in aqueous solution; Ion pairs

f the uncertainty budget (weighted combination of all uncer-
ainties on experimental quantities). The aim of this review is
o give a picture of the stability data of ion pairs or weak com-
lexes (with log K values less than about 3) formed by alkali or
lkaline earth metal ions with low molecular weight inorganic
nd organic ligands. When possible, the trend of stability for
he different metal ions interacting with the same ligand will be
onsidered in order to find predictive interaction relationships.
o this end, the following ligands will be examined in detail:
ydroxide, chloride, sulfate and phosphate as inorganic and car-
oxylates, amines, amino acids, complexones and nucleotides
s organic ligands. The interaction with other inorganic and
rganic ligands, such as fluoride, hexacyanoferrate(III) and hex-
cyanoferrate(II), phenols and some nucleotides will be also
onsidered. Finally, few applications showing the need of tak-
ng into account the formation of weak complexes to describe in
rigorous way the aqueous natural and biological systems will
e examined.

When the values of formation constants were determined at
ifferent ionic strengths, the best comparison among them can
e made by an extrapolation to infinite dilution, even if different
pproaches were employed for extrapolation, and the resulting
alues often are very close to each other. So we preferentially
eport values at zero ionic strength. If the authors did not propose
heir thermodynamic value, we have calculated it by an extended
ebye–Hückel type equation [19]. The values here reported are

t t = 25 ◦C (different temperatures are pointed out).

. The determination of small formation constants

.1. Experimental methods and techniques

All the classic experimental methods and techniques were
sed for the determination of the formation constants and ther-
odynamic parameters (�G and �H) of weak complexes. A

eview of these methods together with the physico-chemical
pproaches in defining ion pairs was reported recently by Marcus
nd Hefter [20]. Among experimental techniques, the poten-
iometric one, using glass electrodes and ISE-M (M = different

etal ions), was adopted in many laboratories, for its character-
stics of simplicity and economicity. Potentiometry coupled with
arned cell was also used for the quantitative determination of

H--alkali and alkaline earth interaction [21,22].
The formation of alkali metal complexes with Nitrilotris

methylenephosphonates) [23] was studied by dilatometry, 31P
MR and potentiometry, both in aqueous solution and at solid
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tate. NMR was used to investigate hydrolysis equilibria of alkali
etal ions [24]: the extent of the chemical shift (7Li, 23Na, 39K

nd 133Cs NMR), sensitive to both pH and ionic strength, is used
o estimate the hydrolysis constants for the above alkali metal
ons. 13C NMR is also used for ion pairs formed between organic
igands, such as carboxylic acids, and alkaline earth metal ions
25]. NMR technique was also coupled to potentiometry in
nvestigating alkali metal complexes with citrate [26]. Calorime-
ry coupled with ISE-H+ potentiometry was employed [27,28] to
nvestigate Na+ or K+ ion pairs formation with citrate, tartrate or

alate ions, while Na+ or K+-sulfate ion pairs were also studied
y calorimetric technique [29,30]. By means of the ultraviolet
ircular dichroism (CD) spectroscopy, data were obtained (at dif-
erent ionic strengths) on the ion pairs formation between alkali
etal ions and chiral carboxylic acids of biochemical inter-

st [31,32], through the recording of spectropolarimetric signal
ariations in the range 210–215 nm (carbonyl chromophore).
ass spectrometry is also used [33–35] to achieve structural

ndications, out of strict equilibrium conditions, of species
btained in solution. Theoretical approach for bond energies
alculations related to IR [36] or mass [35] spectra are also
onsidered.

The adoption of particular methods is necessary when deal-
ng with these complexes. For example, from acidimetric

easurements information about the proton displacement reac-
ion M + HL = ML + H (charges omitted) can be obtained, but
f K < 100 the difference between the concentration of pro-
on bound to L and the free proton concentration is to low
o allow reliable calculations. Therefore, generally the self-

edium method is preferred in order to enhance the above
ifference. Often, the comparison between protonation con-
tants obtained in a medium considered not interacting and in
supporting electrolyte whose cation forms weak complexes,
log KH, gives information on the strength of the interaction,

hrough the simple equation [37]:

og KM = (10� log KH − 1)

CM
(1)

here KM is the formation constant of the weak complexes.
his method, often called�log KH or�pK method, implies the
ssumption γ(baseline electrolyte) = γ(interacting electrolyte),
hat holds only under some conditions.

The main problem in the determination of small formation
onstants concerns the possibility of separating medium and
nteraction effects. This is a particularly crucial problem at
igh ionic strengths, when the activity coefficients of differ-
nt electrolytes may vary considerably [38]. In many cases, it
as assumed that by substituting the supporting electrolyte (not

nteracting) by at last 10% of an electrolyte containing the inter-
cting cation, activity coefficients do not vary significantly also
t high ionic strengths, namely I ≥ 3 mol L−1.
The determination of enthalpy and entropy changes can be
arried out by calorimetric titration or by formation constant
etermination at different temperatures. Both methods, when
ealing with very weak species, give �H values affected by
arge errors.
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.2. Calculations

General computer programs are available to calculate sta-
ility constants from potentiometric, spectrophotometric, NMR
nd calorimetric data [39]. Protonation constants in different
lectrolytes are used by some computer programs to calculate
eak complexes between ligand and cation or anion of sup-
orting electrolyte [40,41]. The dependence on ionic strength
ay be considered together with the determination of K, as

iven in some computer programs [40,41]. Calculations are per-
ormed, almost exclusively, by the least squares method, using
he Marquardt algorithm.

.3. Activity coefficients and dependence on ionic strength
f formation constants

For a simple species ML the formation constant is given by:

= [ML]

[M][L]
= aML/γML

(aM/γM)(aL/γL)
= K0 γMγL

γML
(2)

The activity coefficient can be expressed as:

log γ = z2DH + F (I, p) (3)

here DH is the Debye–Hückel term, and F(I, p) is a function
f I and some parameters p. In Eq. (2), Ko represent the for-
ation constant at infinite dilution. Different types of Eq. (3)
ere proposed [42–45], two of which are the most popular in

nvestigations relative to protonation, hydrolysis and complex
ormation equilibria. The first one is the so-called SIT equation
from the acronym Specific ion Interaction Theory) based on the
rinciple of specific interaction of ions, introduced by Brönsted
46] and implemented by Scatchard [47] and Guggenheim and
urgeon [48]. According to SIT:

H = Aγ I
1/2

(1 + 1.5 I1/2)
(4)

nd

(I, p) = Σεimi (5)

here εi are the specific ion interaction coefficients, and mi

re the molal concentrations. A more sophisticated approach
s given by the Pitzer [42] equations, where:

H = Aφ[I1/2(1 + 1.2 I1/2)
−1 + 1.667 ln(1 + 1.2 I1/2)] (6)

nd

(I, p) = f (β(0), β(1), β(2), C(φ), θ, ψ) (7)

here β(0), β(1), β(2), C(φ) are interaction parameters between
wo ions of opposite sign, θ is an interaction parameter between
wo ions of the same sign (+ +, − − interactions), ψ is a triplet
nteraction parameter (+ − +, − + −). Considering Eq. (2), the
ormation constant can be written
og K = log K0 +�z2DH +ΣF (I, p) (8)

here �z2 = ∑
(charges)2

products − ∑
(charges)2

reactants

in many works the parameter z* = −�z2 was used [19,40]).
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Note that by using both SIT and Pitzer approaches, formation
onstants and ionic strength have to be expressed in the molal
oncentration scale, mol kg−1.

The numerical values and the trends of parameters p (Eq.
3)), can be used to evaluate the stability constants of weak
omplexes. By comparing the activity coefficients, γ±, of alkali
etal hydroxides and chlorides, Baes and Mesmer [21] calcu-

ated the equilibrium constants relative to the formation of LiOH,
aOH and KOH very weak species. By considering the param-

ters of Pitzer equations it is possible to calculate the formation
onstants of weak complexes from the interaction coefficient
(2) [49], using the approximation log K = log(−2 β(2)).

The dependence of�H on ionic strength can be modelled by
sing SIT equation in the form:

H = �H0 + 1.5�z2 I0.5

1 + 1.5I0.5 + +�ε′I (9)

ith �ε′ = RT2 ln10 ∂�ε/∂T.

. Inorganic ligands

.1. Hydrolysis

Although the alkali metal hydroxides are generally consid-
red as completely dissociated, there is evidence to suggest
hat weak MOH species are formed, in particular with regard
o Li+. The strongest evidence comes from the trend of
ctivity coefficients of alkali metal chlorides, bromides and
odides, Li+ > Na+ > K+ > Cs+, which is the opposite for alkali
etal hydroxides, Li+ < Na+ < K+ < Cs+. These sharply differ-

nt trends suggest association between M+ and OH− [50].
rom the extensive measurements of Harned and his co-workers
51–55] (Kw determination in different supporting electrolytes in
wide range of ionic strengths), Baes and Mesmer [21] obtained

eliable estimates of formation constants for MOH ion pairs,
ssuming no interaction between Cs+ and OH− (log K = 0.36,
0.18 and −0.46 for Li+, Na+ and K+ respectively, at 25 ◦C).
imblet and Monk [22], using the Harned cell, determined
uantitatively the interaction of OH- with Li+ and Na+ at dif-
erent temperatures (log K = 0.18 and −0.68 for Li+ and Na+,
espectively, at 25 ◦C). Some experiments in this field were also
erformed by conductimetry, but only qualitative evidence was
btained [56,57]. Using the comparative method [see Eq. (1),
ith �pKw = pKw (Et4NI)−pKw (MCl)], formation constants
ere obtained at different ionic strengths (log K = 0.53, 0.28 and
.18 for Li+, Na+ and K+ respectively, at 37 ◦C [58]). A care-
ul study was performed by Ohtaki [59] in 3 mol L−1 NaClO4:
he LiOH formation constant obtained potentiometrically (glass
lectrode) is log K = −0.18. This low value, in comparison
ith other reported values, is clearly due to the simultaneous
ydrolysis of Na+, not taken into account in the calculation. A
omparative NMR study (7Li, 23Na, 39K and 133Cs) [24] gave

vidence for the formation of MOH0 species for all these alkali
etals (log K = −0.10, −1.0, −0.8 and −0.8, for Li+, Na+, K+

nd Cs+, respectively, at I = 3.4 mol L−1 Me4NCl/Me4NOH and
5 ◦C).

d
N
a
p

try Reviews 252 (2008) 1093–1107

Magnesium cation undergoes hydrolysis at low concen-
ration giving the species MgOH+ with log K ∼ 2.6 [21].
almer and Wesolowski [60] performed a careful study on

he first hydrolysis quotient of Mg2+ from 0 to 250 ◦C giving
eliable values of formation constants for the equilibrium

g2+ + H2O = Mg(OH)+ + H+ (*K). At higher concentrations
CMg > 0.5 mol L−1), the species Mg4(OH)4

4+ is formed, as
learly demonstrated by Lewis [61] and Baes and Mesmer
21]. In the range 1 ≤ CMg ≤ 1.5 mol L−1, Lewis obtained
og*β [Mg4(OH)4] = −39.82 to −39.76. The hydrolysis extent
f calcium, strontium and barium cation is much lesser with
espect to that exhibited by magnesium, and Baes and Mesmer
21] report log K values ranging from 1.2 to 0.5 as we proceed
rom Ca2+ to Ba2+. These figures were obtained by comparing
he activity coefficients of alkaline earth metal with alkali metal
hlorides [37]. Other formation constants, using the Harned
ell, were reported by Gimblet and Monk [22] at different
emperatures. Using the �pKw (Eq. (1)) method, calcium
ssociation with OH- was also studied at different temperatures
37] giving log K = 1.30 + 0.0071 (t − 25). From the dependence
n temperature of association constants, �H0 values were
lso obtained (�H0 = 1.3 and 2.1 kJ mol−1, for Na+ and Ca2+,
espectively [37]).

There is no doubt that alkali metal cations undergo hydrol-
sis but the extent of M(OH)0 in solution is too small
o be estimated with acceptable errors. Only for Li+, a
entative value (at I = 0 mol L−1, t = 25 ◦C) can be given:
og K = 0.4 ± 0.2. For Ca2+ a good estimate, in the same condi-
ions, is log K = 1.30 ± 0.05. For Mg(OH)+, the values of log K,

H and�S reported by Palmer and Wesolowski [60], in a wide
ange of ionic strength and temperature, are to be recommended.
he equilibrium constant for Mg4(OH)4

4+ must still be checked.

.2. Chlorides

Chloride complexes of alkali metal cations are very weak and
ere studied by partial molal volume and potentiometric mea-

urements [62,63]. In particular, Millero obtained log K = −0.46,
0.74 and −0.96 for sodium complex species NaCl at 0, 25 and

5 ◦C respectively, in the ionic strength range 0.25–1 mol L−1.
ohnson and Pytkowicz reported log K = −0.49 and −0.33 for
aCl and KCl, respectively, at I = 0.6 mol L−1 and 25 ◦C. From

he dependence on temperature, a value of �H0 = −5 kJ mol−1

or the sodium chloride ion pair is obtained (data from
illero).
Calcium and magnesium cation-chloride ion pairs are five to

ix times stronger than those of alkali metal cations, as reported
n several studies. Among others, Johnson and Pytkowicz [63]
eport log K = 0.28 and 0.35 for CaCl+ and MgCl+, respectively,
t I = 0.6 mol L−1 and t = 25 ◦C. By ISE-Cl- measurements [64],
og K = 0.42 and 0.49 for CaCl+ and MgCl+, respectively, were
btained at I = 0 mol L−1 and t = 25 ◦C.

De Robertis et al. [65], by a careful analysis of literature

ata, calculated the formation constant (and �H0 values) of
aCl, KCl, MgCl+ and CaCl+ ion pairs, at different temper-

tures and ionic strengths. At I = 0 mol L−1 and t = 25 ◦C, they
roposed for NaCl: log K = −0.30,�H0 = −8 kJ mol−1; for KCl:
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og K = −0.27, �H0 = −4 kJ mol−1; for MgCl+: log K = 0.57,
H0 = 5 kJ mol−1; for CaCl+: log K = 0.40, �H0 = 7 kJ mol−1.
Other evidence for the formation of weak ion pairs of alkali

etal chlorides was reported based on non-empirical quantum
hemical methods [66] and molecular dynamics [67]. In particu-
ar two kinds of association models for Na+-Cl− were observed,
amely, contact ion pairs and solvent separated ion pairs. Hey-
ovská [68] showed that the non-ideal thermodynamic properties
f strong electrolytes are due to partial dissociation.

.3. Sulfates

Owing to the relevance of sulfate in many natural fluids, its
omplexes with alkali and alkaline earth metal ions were inves-
igated by several authors [29,69–78] some of which reported
lso�H0 values. The stability of sulfate ion pairs with alkali and
lkaline earth metal ions is slightly higher than that of the cor-
esponding chloride species. Formation constants of Li+, Na+,

+, Rb+ and Cs+ sulfate complexes were determined at 37 ◦C
nd in the ionic strength range 0.03 < I < 0.5 mol L−1 for bio-
ogical application purposes [75]. The values of log K = 0.79
Li+), 0.39 (Na+), 0.52 (K+), 0.60 (Rb+) and 0.69 (Cs+) were
eported. The trend of the stability constants exhibits a sharp
inimum (sodium) which is absent or less evident with other

igands while for alkaline earth metal ions the constant values
how an increasing trend (log K = 2.5 for Sr2+ and 2.72 for Ba2+

79]). As it happens for the other ligands, the formation con-
tants for alkaline earth metal ion complexes are more than one
rder of magnitude higher with respect to the species of alkali
etals. Evidence for sodium, calcium and magnesium ion pairs

ormation is given also by Raman spectroscopy [80].

.4. Carbonates

Many investigations were reported in the literature on
queous carbonate solutions due their importance in natural
ystems. Most of papers concern protonation constants while
ittle is known about the interaction with alkali metal cations.
or the NaCO3

− species Garrels and Thomson [81] reported
og K = 1.27 (I = 0 mol L−1, t = 25 ◦C), while data at different
onic strengths are reported by Butler and Huston [82] rang-
ng from 0.96 at I = 0 to 0.43 at 3 mol L−1 (NaCl). Pytkowicz
nd Hawley [83] determined in seawater (34.8‰ salinity)
og K = 0.63. Potentiometric investigation of weak NaCO3

- asso-
iation was reported by Capewell et al. [84], Roy et al. [85]
nd Mojica-Prieto and Millero [86]. Recently, Crea et al. [87]
alculated formation constants for sodium carbonate and hydro-
encarbonate species from differences between protonation
onstants in Et4NI, considered as baseline, and protonation con-
tants in NaCl and proposed log K = 1.15, 0.26 and −0.25 for
aCO3

−, Na(HCO3)0 and Na2CO3 (reaction: Na+ + NaCO3
−)

pecies, respectively.

Complexes of carbonate with alkali earth metal cations are

ot weak and for this reason they are not considered in this paper.
he hydrogencarbonate anion interacts weakly with alkaline
arth metal cations. Most of data were collected by Palmer and
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ldik [88]: for the Mg(HCO3)+ and Ca(HCO3)+ species mean
ormation constant values are log K = 1.08 and 1.03, respectively.

.5. Phosphates

Aqueous solution chemistry of phosphate in its inorganic
nd organic forms was largely investigated. Stability data on
he complex species formation of inorganic phosphate with
lkali and alkaline earth metal ions have reported by differ-
nt authors [58,89–95]. The stability of dihydrogenphosphate-

ith Na+ and K+ is nearly the same (log K = 0.28 and 0.26,
espectively, for the reaction M+ + H2PO4

− = M(H2PO4) [92]).
comparison can be made with carboxylate complexes: with

espect to the range that can be derived for formation con-
tants of sodium species with monocharged carboxylate ligands
−0.31 to 0.42) these values approach to the upper limit. The
tability of the alkali metal species with hydrogenphosphate2−
for reaction M+ + HPO4

2− = M(HPO4)−, log K = 1.08, 1.02 and
.87 for Li+, Na+ and K+, respectively [89,92]) shows the
rend expected according to the charge/radius ratio. Analo-
ous trend is shown by phosphate3− complexes: log K = 1.60
t = 37 ◦C, [58]), 1.43, 1.37 for Li+, Na+ and K+, respectively
92]. With regard to the alkaline earth cations, the species
f magnesium are somewhat more stable than those of cal-
ium, with a general stability trend Mg2+ > Ca2+ > Sr2+: for the
eaction M2+ + H2PO4

− = M(H2PO4)+, log K = 1.60 and 1.41
or Mg2+ and Ca2+, respectively [91,94,95]; for the reac-
ion M2+ + HPO4

2− = M(HPO4), log K = 2.85, 2.64 and 2.27 for
g2+, Ca2+ and Sr2+, respectively [90,91,93–96]. As expected,

ll these values are significantly higher than the ones determined
or the corresponding alkali metal complexes.

Diphosphate (H4P2O7) and triphosphate (H5P3O10) form
ore stable alkali metal complexes than the corresponding ones

f phosphate, with the same trend of stability [97–100]. Log K
alues for diphosphate and triphosphate complexes with lithium,
odium and potassium are reported in Table 1. In the same table
e report the stability data given by De Stefano et al. [95] on

he formation of homo and hetero (Na/K) binuclear species in
ifferent alkali metal phosphate systems. For all these species
he trend of stability is strictly dependent on the charge of the
igand.

.6. Other ligands

As concerns fluoride ligand, stability data in aqueous solu-
ion were collected by Bond and Hefter [101]. They reported
s doubtful data log K = −0.56 (I = 1 mol L−1, t = 25 ◦C) for
aF species. Miller and Kester [102] determined the stability
f sodium fluoride ion pairs in seawater medium. Stabil-
ty constants of MgF+ (log K = 1.36) and CaF+ (log K = 0.89)
etermined by using a fluoride ion selective electrode
I = 0.7 mol L−1, NaClO4) were reported by Elgquist [103].

Alkali metal complexes of hexacyanoferrate(II) were studied

n different laboratories [104–106] using different techniques,
nd show always the stability trend Li+ < Na+ < K+ < Rb+ < Cs+.
he whole accordance among different reported values is fairly
ood. Mean values for log K [ML] are (±0.1): 2.0 (Li+), 2.3



1098 P.G. Daniele et al. / Coordination Chemistry Reviews 252 (2008) 1093–1107

Table 1
Values of log K (I = 0 mol L−1, t = 25 ◦C) for mono-, di- and triphosphate-alkali metal systems

Reaction Li+ Na+ K+ Na/K Refs.

M+ + MPO4
2− = M(MPO4)− 1.2 0.8 [95]

M+ + MHPO4
− = M(MHPO4) 0.23 −0.08 [95]

M+ + M+ ′ + PO4
3− = MM′(PO4)− 2.8 [95]

M+ + M+ ′ + HPO4
2− = MM′(HPO4) 1.3 [95]

M+ + P2O7
4− = MP2O7

3− 3.71 2.25 2.24 [97–99]
M+ + HP2O7

3− = M(HP2O7)2− 2.00 1.65 1.52 [97–99]
M+ + MP2O7

−3 = M(MP2O7)2− 1.7 1.0 [95]
M+ + MHP2O7

2− = M(MHP2O7)− 0.2 0.2 [95]
M+ + M+ ′ + P2O7

4− = MM′(P2O7)2− 4.1 [95]
M+ + M+ ′ + HP2O7

3− = MM′(HP2O7)− 2.1 [95]
M+ + P3O10

5− = MP3O10
4− 3.47 2.33 2.33 [98–100]

M+ + HP3O10
4− = M(HP3O10)3− 2.34 2.18 2.10 [98–100]

M+ + MP3O10
4− = M(MP3O10)3− 2.7 1.8 [98–100]

M+ + MHP3O10
3− = M(MHP3O10)2− 0.8 0.4 [98–100]

M+ + MH2P3O10
2− = M(MH2P3O10)− 0.1 −0.3 [98–100]
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+ + M+ ′ + P3O10
5− = MM′(P3O10)3−

+ + M+ ′ + HP3O10
4− = MM′(HP3O10)2−

Na+), 2.5 (K+), 2.7 (Rb+) and 2.9 (Cs+). The formation of
2L species was also proposed with a stability proportional

o that of 1:1 complexes according to the relationship logβ
M2L] = 0.18 + 1.27 log K [ML]. From the dependence on tem-
erature approximated�H0 and�S0 were obtained, with a mean
alues for Li+, Na+ and K+ complexes�S0 = 120 ± 40 kJ mol−1.
n extensive study [105] in Li+/Na+, Li+/K+, Na+/K+ mixed

hloride solutions gave evidence for the formation of MM′L
pecies. The constant for the equilibrium M2L + M2

′L = 2 MM′L
howed a mean value log X = 1.1 ± 0.2 for all the mixed systems,
ndicating a significant stabilization for the mixed complexes
the statistical value is log X = 0.6 [107]).

Hexacyanoferrate(III)-alkali metal complexes are signifi-
antly less stable (about one log unit) and follow the same trend
f hexacyanoferrate(II) species [108,109]. Data on pentacyanide
obalt(II) are reported only for Rb+ complex, with the average
alue log K = 0.57 [110].

A particular class of ligands that forms quite stable alkali
etal complexes is represented by myo-inositol-n-phosphates

n = 1. . .6). Myo inositol hexa phosphate (structure is shown in
nother review of this volume), also known as phytate, forms
everal MiHrL−(12-i-r) species (M = Li+, Na+, K+) [111–114]
howing stability fairly high. For example, log K for reaction

+ + H5L7− = M(H5L)6− are 3.9 (Li+), 3.5 (Na+), and 3.4 (K+),
nd log K for reaction M+ + H6L6− = M(H6L)5− are 2.8 (Li+),
.4 (Na+) and 2.2 (K+) [112,114]. Myo-inositol-triphosphate
orms complexes with alkali metal cations [115] having very
imilar stability; an average value of log K (M+ + L5− = ML4−)
s 3.4 (from Li+ to Cs+).

. Organic ligands

.1. Carboxylates
Carboxylates are the most common and ubiquitous naturally
ccurring organic complexants, present in all the fractions of
atural organic matter. Their characteristics of hard ligands lead

a
f
0
a

5.1 [95]
3.0 [95]

o the formation of ion pairs with alkali and alkaline earth metal
ons whose stability was widely investigated.

If compared with other basic non-charged groups (such as
itrogen containing donors or hydroxyl groups), carboxylate
igands with their ionic character are favoured in the formation
f complexes with alkali metal ions. The values of formation
onstants of these species are strongly dependent on the num-
er of carboxylate groups in the ligand molecule. In fact the
alue of log K for NaL species regularly increases with rais-
ng the number of charged carboxylate groups, from acetate to
enzenehexacarboxylate.

Literature data reported in Table 2 illustrate the large number
f carboxylate-alkali and alkaline earth metal complexes till now
nvestigated. The whole of the data strongly confirms that the
umber of charges involved in the complex formation reaction
s the most effective factor and suggests that the species in solu-
ion are mainly formed through ionic interactions. In particular,
he log K values for NaL species of 16 dicharged dicarboxylate
igands, range from 0.65 to 1.18, while for the same sodium
omplexes with seven tricharged carboxylate ligands the values
f log K range from 1.25 to 1.54. Although the difficulty in the
etermination (and, as a consequence, the uncertainty) of forma-
ion constants is greater for species involving alkali metals and
onocharged carboxylate ligands, their values of log K for NaL

ype species range from −0.31 to 0.42: these values confirm the
bove suggestions with regard to the importance of the ligand
harges.

For the most part of the ligands reviewed, the alkali
etals studied are lithium, sodium and potassium. The decrease

bserved in formation constant values with increasing atomic
umber (for Li+, Na+ and K+), very often related to the lower-
ng of charge/radius ratio, is not always confirmed, when data
or Rb+ and Cs+ are available as well: log K values with Rb+
nd Cs+, respectively, are for acetate −0.16 and −0.12 [116];
or malate 0.47 and 0.23 [117,118]; for hydrogencitrate 0.95 and
.92 [119]; for citrate 1.04 and 1.58 for Rb+ [118,119], and 0.88
nd 1.58 for Cs+ [118,119].
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Table 2
Values of log K for 1:1 carboxylate-alkali and alkaline earth metal complexes, at t = 25 ◦C and I = 0 mol L−1

L Li+ Na+ K+ Ca2+ Mg2+ Refs.

Acetate− 0.04 −0.11 −0.27 0.93 0.94 [19,116,120,205,209]
0.29 −0.18 0.92 1.28
0.26 −0.07 1.12 0.88

0.90
Salicylate− −0.31 −0.31 0.72 [19]
Propionate− 0.87 0.91 [120]
Butyrrate− 0.88 0.90 [120]
Hydrogenmalonate− −0.04 0.89 [19,120]

0.84
Trihydrogen-1,2,4,5-benzene-tetracarboxylate− 0.07 0.02 0.12 [210]
Hydrogenazelaate− 0.27 1.66 1.31 [211]
Hydrogendiethylene-trioxydiacetate− 0.42 2.13 1.28 [211]
Phenoxyacetate− 0.19 0.08 0.05 [207]
Trihydrogenbutane-tetracarboxylate− 0.22 0.20 1.73 1.14 [129]
Dihydrogencitrate− 0.2 0.1 1.1 1.0 [212]
Glucuronate− −0.09 1.17 1.03 [213]
Dihydrogen-1,2,3,-propanetricarboxylate− 0.10 0.15 0.10 1.04 0.98 [128]
2-Hydroxypropanoate− −0.20 1.44 1.30 [79,120,122,214,215]

1.47 1.33
1.42 1.35

2-Hydroxyacetate− −0.11 1.48 1.29 [120,122,214]
1.59 1.33

Malonate2− 1.31 0.91 1.01 2.39 2.92 [19,123,124,205,216–218]
0.82 0.85 2.50 2.86

0.90 2.35 2.86
Succinate2− 1.09 0.85 0.86 2.24 2.18 [19,76]

2.26
Oxalate2− 1.17 0.88 0.71 3.27 3.58 [195,204,219–222]

0.82 3.19 3.60
Maleate2− 1.23 1.18 1.15 2.40 2.30 [19,124]

0.94
Malate2− 0.80 0.66 0.7 2.77 2.30 [19,117,118,120]

0.742 0.64 0.59 2.55
0.54

Tartrate2− 1.07 1.00 0.75 2.98 2.35 [19,32,203,223]
0.90 2.89
0.75

Phthalate2− 1.14 1.02 1.12 2.49 [32]
Azelaate2− 0.86 2.28 2.10 [211]
Diethylenetrioxydiacetate2− 1.02 3.65 2.28 [211]
Oxydiacetate2− 1.10 0.71 0.62 4.28 2.51 [19,212]
Hydrogen-5-sulfosalicylate2− 0.65 1.93 1.86 [130]
Hydrogencitrate2− 0.97 0.94 0.74 2.81 2.42 [93,119,212]

2.79
Hydrogen-1,2,3,-propanetricarboxylate2− 0.83 0.82 0.78 2.18 2.11 [128]
Dihydrogen-1,2,4,5-benzene-tetracarboxylate2− 0.81 0.67 0.69 [210]
Dihydrogenbutane-tetracarboxylate2− 0.93 0.77 2.79 2.25 [129]
Hydrogen-2,3-dihydroxybenzoate2− 0.75 0.63 0.54 [224]
Citrate3− 1.61 1.54 1.41 [118,119,205,225]

1.39 1.25 1.14
1.43 1.42

Trihydrogenbenzene-hexacarboxylate3− 0.67 1.54 1.40 [131]
1,2,3,-Propanetricarboxylate3− 1.47 1.40 1.39 3.28 3.26 [128,205]

1.30 3.17
Hydrogen-1,2,4,5-benzene-tetracarboxylate3− 1.50 1.25 1.31 [210]
2,3-Dihydroxybenzoate3− 1.67 1.31 1.19 [224]
5-Sulfosalicylate3− 1.40 [130]
Hydrogenbutane-tetracarboxylate3− 1.49 1.33 3.37 3.29 [129]
1,2,4,5-Benzene-tetracarboxylate4− 2.20 2.04 1.96 [210]
Butanetetracarboxylate4− 1.82 1.62 4.50 4.39 [129]
Dihydrogenbenzene-hexacarboxylate4− 1.27 1.88 2.11 [131]
Hydrogenbenzene-hexacarboxylate5− 2.28 2.38 2.46 [131]
Benzenehexacarboxylate6− 2.95 3.06 3.42 [131]
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With regard to alkaline earth metal ions, the stability of their
omplexes is always higher than the corresponding species of
lkali metal ions. The trend of stability as a function of atomic
umber is not always the same, even if for a large number
f calcium complexes the stability is the highest. In particu-
ar, only the magnesium complexes of malonate and oxalate
re significantly more stable than those of calcium. The values
f formation constants are strongly dependent on the number
f carboxylate donor groups, but the simultaneous presence of
ydroxyl or ether groups in the carboxylate molecules may give
ven a significant contribution to the stability of the complex.
f looking at monocarboxylate ligands, the stability is enhanced
ith 2-hydroxyacetate, 2-hydroxypropanoate, and hydrogendi-

thylenetrioxydiacetate. If compared with stability of the species
ormed with the other dicarboxylate ligands, that of calcium
omplexes with oxydiacetate and diethylenetrioxydiacetate is
uch higher. Also the stability of Ca(tartrate)0 can be remarked.
he importance of the chelate ring dimension can be derived by
omparing the stability of Ca(oxalate)0 or Mg(oxalate)0 (five-
embered chelate ring) with that of calcium or magnesium

omplexes of malonate (six-membered) or succinate, maleate
r phthalate (seven-membered).

In addition to the data of Table 2 for Mg2+ and Ca2+, in the lit-
rature some data are available for Sr2+ and Ba2+. The values of
og K in the following list refer to the reaction M2+ + Lz = MLz−2

nd to Sr2+ and Ba2+, respectively: monocharged ligands, acetate
.83 and 0.80 [116,120], propionate 0.80 and 0.71 [120],
utyrate 0.73 and 0.68 [120], 2-hydroxypropanoate 0.97 and
.71 [121,122], 2-hydroxyacetate 1.31 and 1.01 [121,122]. For
icharged ligands, malonate 1.99 and 2.06 [123–125], succinate
.10 and 2.03 [76,126], maleate 2.35 with Ba2+ [124], oxalate
.54 with Sr2+ [125], malate 2.12 with Ba2+ [126], tartrate 2.52
ith Ba2+ [126,127]. The trend of stability, from Mg2+ to Ba2+,
ften, but not always, shows a maximum for the stability of
alcium complexes and a minimum for complexes of barium.

Most of the carboxylate ligands listed in Table 2 are
ultidentate and it seems reasonable that they can form

i- (or poly-)nuclear species with the alkali or alkaline
arth metal ions. Among the papers reviewed, some also
eal with this topic. Binuclear species were reported for
itrate, 1,2,3-propanetricarboxylate, 5-sulfosalicylate, butanete-
racarboxylate and benzenehexacarboxylate. For citrate, the
alues of log K for the reaction M+ + M(cit)2- = M(Mcit)−
re 0.88 (Li+), 0.80 (Na+), 0.48 (K+), 0.38 (Rb+) and 0.13
Cs+) [119]. For 1,2,3-propanetricarboxylate (tca) the val-
es of log K for the reaction M+ + M(tca)2− = M(Mtca)− are
.61 (Li+), 0.58 (Na+) and 0.46 (K+), while the values of
og K referred to the reaction M2+ + M(tca)− = M2(tca)+ are
.95 and 1.17 for Ca2+ and Mg2+, respectively [128]. With
utanetetracarboxylate (btc) the values of log K referred the
eaction M+ + M(btc)3 = M(Mbtc)2− are 1.62 and 1.58 for Na+

nd K+, respectively [129]. The value of log K for reaction
a+ + Na(ssa)2− = Na(Nassa)− (ssa = sulfosalicylate) is 0.52
130]. Finally, with benzenehexacarboxylate (mlt) for reaction
+ + M(mlt)5− = M(Mmlt)4−, log K are 1.85 (Li+), 1.69 (Na+)

nd 1.23 (K+); for reaction M+ + M(Hmlt)4− = M(MHmlt)3−,
og K = 1.20 (Li+), 1.71 (Na+) and 2.05 (K+); for reaction

M
C
c
n

try Reviews 252 (2008) 1093–1107

+ + M(H2mlt)3− = M(MH2mlt)2−, log K = 1.56 (Li+), 1.38
Na+) and 1.18 (K+) [131]. Furthermore, both butanetetracar-
oxylate and benzene-hexacarboxylate show the tendency to
ind more than two alkali metal ions, so confirming the impor-
ance of the charges involved in the complex formation reaction
129,131].

.2. Amines

The complexing properties of N-donor ligands towards alkali
nd alkaline earth metal cations were generally neglected
nd only few quantitative data are available in the litera-
ure [19,132–149]. In particular, no direct evidence for alkali

etal ions-N donor ligands interactions was reported, while
he formation constants of alkaline earth cations are generally
10 mol−1 L. The very weak interactions occurring in these sys-

ems make difficult to obtain formation constant values having
n acceptable physical significance. Moreover, the formation
f these complexes can compete with the weak interactions
etween the cation and the anion of supporting electrolyte and
etween the anion of supporting electrolyte and protonated form
f N-donor ligand. These considerations explain the difficulty
o study these systems. On the other hand, it must be con-
idered that both alkaline earth cations and polyamines have
great importance in natural systems. The concentration of

lkaline earth metal cations in natural fluids is generally quite
igh. Polyamines are found in all living organism, and their
oncentration becomes quite high in tissues and biological flu-
ds in some pathologies [150–152]. As a consequence, in many
ystems the formation of M2+-polyamine species can be quite
ignificant.

In spite of this importance, very few studies are reported
n the literature and the only papers considering a series of
mines in order to draw some model, are those of De Ste-
ano et al. [147] and Kapinos and Sigel [146,148,149]. De
tefano et al. [147] report interactions of a series of lin-
ar polyamines C2(n−1)NnH+

(5n−2) (n = 2. . .5) [ethylenediamine
en), diethylenetriamine (dien), triethylenetetramine (trien),
etraethylenepentamine (tetren) and spermine (sper)] with Ca2+

nd Mg2+. For all the M2+-polyamine systems, MLHr
(r+2)+

pecies (i = 0.1. . .n−1; n = maximum degree of protonation
f polyamine L) are formed, generally with stability order
g2+ > Ca2+. For example [147], for CaL2+ and MgL2+ species

L = ethylenediamine) log K = 0.15 and 0.38, respectively The
tability of magnesium and calcium complexes of polyamines
hows a regular increasing trend as a function of the number of
mino groups (n), for both unprotonated and protonated species,
nd it is possible to express the complex stability by the general
quation:

og KM
i = b0 + b1 n+ b2nH

nH = i = number of protons in the complex species). For the

g2+ complexes, b0 = 0.39, b1 = 0.44 and b2 = −0.16, and for
a2+ b0 = −0.95, b1 = 0.55 and b2 = −0.05. The stability of these
omplexes is not very high, in particular for Ca2+ species, for
< 3 and nH > n−1.
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Recently, Kapinos and Sigel [149] reported systematic stud-
es on Mg2+-, Ca2+-, Sr2+- and Ba2+-pyridine type ligand
ystems, studying the influence on binding properties of lig-
nd basicity and of ortho substitution. They found, for 1:1 metal
o pyridine ratio: log K = −0.20 (Ba2+), −0.12 (Sr2+), −0.12
Ca2+) and 0.03 (Mg2+) at I = 0.5 mol L−1 and 25 ◦C (Casale et
l. [138] reported log K = −0.48 and −0.37 for Ca2+ and Mg2+,
espectively, at I = 0 mol L−1 and 25 ◦C). Stability constants of
yridine derivative ligands resulted linearly related to the acidity
f ligand and decreases in the ortho substituted pyridine ligands
ue to the steric inhibition of the ortho-amino or ortho methyl
roup: for MgL complexes, log K values range from 0.02 to 0.07
or simple pyridine derivative and from −0.02 to −0.08 for ortho
ubstituted pyridine type ligands (I = 0.5 mol L−1, t = 25 ◦C).
imilar studies were reported by Kapinos and Sigel on imida-
ole [146] and benzimidazole [148] derivatives. For Ca2+ and
g2+-imidazole systems, log K = −0.2 and 0.07 were reported

or ML species at I = 0 mol L−1 and 25 ◦C [139].

.3. Amino acids

Alkali and alkaline earth cations are involved in numer-
us biological functions in all living organisms, and most of
hese functions depend on specialized metal-binding proteins.
herefore, in the last years many papers reported structural
tudies on the interactions of Li+, Na+, K+, Ca2+ and Mg2+

35,153–155] with amino acids. As complexing agents, amino
cids show intermediate characteristics between amines and car-
oxylic ligands probably due to the N,O-chelation, i.e. each
minocarboxylate coordinates via both the carboxylate group
nd the amino group [155]. Beyond the structural studies, few
ata are reported on the determination of complex formation
onstants with alkali and alkaline earth metal ions [156–168].

Amino acids, depending on to their structure, can form very
eak species with alkali metal cations and weak or, in some

ases, fairly stable species with Mg2+ and Ca2+ [163]. Amino
cids with no functional side chain, such as glycine or alanine,
an be present in the form HL or L−. In aqueous solution, the
nionic species L− interacts with alkaline earth cations. Stability
f ML+ species is even low, for example for Ca2+-glycine system
mean values of log K = 1.4 can be proposed. The interaction

f the neutral amino acid HL is so weak that is reported only
n some potentiometric studies: for example for the equilibrium
a2+ + Hgly = Ca(Hgly)2+ the values of log K = 0.37 is reported.
mino acids of this kind form very weak species with Na+ (for
agly, log K = −0.3 [163]).
Amino acids containing a side amino or imidazole group

lysine, histidine, aspargine,. . .) form a very weak species
ith Na+ (log K = −0.5, for histidine) and fairly stable species
ith Mg2+ and Ca2+ (log K = 1.55, 0.6 and 0.15, for calcium

omplexes with histidine, hydrogen-histidine and dihydrogen-
istidine, respectively [163]).

Amino acids containing additional carboxylic groups (glu-

amic, aspartic, iminodiacetic acids,. . .) form weak species
ith Na+, and relatively weak species with Mg2+ and Ca2+

156,161,166,167]. For reaction of aspartic acid with Na+, it
as found log K = 0.42; for Mg2+, log K = 2.6 (mean values at

1
0
a
w
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= 0.1 mol L−1 and t = 25 ◦C); for Ca2+, log K ranges from 1.6
o 2.8 (I = 0.1 mol L−1 and t = 25 ◦C). Stability increases with
ecreasing the basicity of metal ion. Lumb and Martell [166]
eported the stability constants of glutamic (glu) and aspartic
asp) acids with Mg2+, Ca2+, Sr2+ and Ba2+: for M(glu) log K
anges from 1.9 (Mg2+) to 1.28 (Ba2+); for M(asp) log K comes
rom 2.43 (Mg2+) to 1.14 (Ba2+). Different protonated species
ave also been proposed with Ca2+ and Mg2+ [163]: for the reac-
ion Ca2+ + HL− = Ca(HL)+ log K = 1.7 and 1.4; for the reaction
a2+ + H2L0 = Ca(H2L)2+ log K = 0.8 and 0.4 for glutamic and
spartic acids, respectively.

The stronger tendency to associate with the calcium and mag-
esium ions of amino acids with respect to amines is due to the
mplication of different functional groups and to the formation of
helate rings. Davies and Waind [160] determined the stability
f a series of Ca-amino acid systems formulating two hypothe-
es to explain the different stabilities: (i) the tendency to form
helate structure is rapidly reduced by adding alkyl groups to
he glycine molecule and, (ii) the possibility of a tridentate con-
guration will enhance the tendency to associate with calcium

on.

.4. Poly-aminocarboxylate (complexones)

Poly-aminocarboxylic compounds such as, ethylenediamine-
iacetic acid (EDDA), methylimino diethanoic acid
MIDA), nitrilo triacetic acid (NTA), ethylenediamine-
etraacetic acid (EDTA), dioxydiethylenediamine-tetraacetic
EGTA), diethylentriamine-pentaacetic acid (DTPA),
riethylenetetramine-hexaacetic acid (TTHA), etc., (the
o-called complexones), are, probably, the most used metal
helating agents for industrial, environmental and biomedical
pplications as well as for analytical purposes. The great interest
or this class of compounds is shown by the amount of data
eported in the literature and grouped in specific compilations
169–172], in addition to those of more general interest. In spite
f that, interactions of complexones with alkali metal ions are in
eneral little investigated, owing to the difficulty to determine
he small values of the relative stability constants. However,
n order to obtain not conditional protonation constants of the
omplexones in ionic media containing K+ or Na+ these interac-
ions have to be taken into account. As suggested by Anderegg
169], a positive correction of log(1 + [K+] K(K−EDTA)) = 0.21
or protonation constants of EDTA determined in 0.1 M KNO3
edium should be considered. An analogous correction was

stimated for EDTA protonation constants in Na+ medium. For
his reason, on the basis of the pioneering work of Schwarzen-
ach et al. [173] and Schwarzenbach and Ackerman [174],
ome accurate measurements were made on the stability of
lkali metal complexes with EDTA and NTA [175–178]. A
ritical evaluation of the formation constants was reported
y Anderegg [169,170]. The average values of log K for ML
pecies (I = 0.1 mol L−1 and t = 25 ◦C) are as follows: 2.50,

.3 and 0.7 for NTA-Li+/Na+/K+ systems and 2.85, 1.75 and
.7 for EDTA-Li+/Na+/K+ systems. As expected for an ion
ssociation model, there is a trend of decreasing stability
ith the cation ionic radius increasing. The values of stability
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onstants for NTA-Li+/Na+/K+ system are in good accordance
ith those reported later by Daniele et al. [98]. A value of

og K = 2.70 was recently reported by Felmy and Mason [179]
or the formation of EDTA/Na+ complex at t = 22–23 ◦C and
= 0 mol L−1. Stability constants of alkali and alkaline earth
etal EDTA complexes were also related to the solubility of

he species according to the following empirical relationship
180]: log S + 3.6pHsat = 23.3–1.13 log K. Interaction of alkali
etal ions with other complexones was less investigated. The

ormation of a species DTPA-Li+ was reported by Wanninen
181] with a log K = 3.1 (I = 0.1 mol L−1 and t = 25 ◦C). Kumar
nd Nigam [182] gave a little reliable value of log K = 1.0 for the
pecies TTHA-Na+ in 0.5 mol L−1 KNO3 medium at t = 25 ◦C.

More recently, a study on the acid-base behaviour of DTPA
nd TTHA in multicomponent solution containing alkali and
lkaline earth metal ions, as major components of natural
aters, and at different ionic strengths was reported by De
tefano et al. [183]. The lowering of protonation constants
f DTPA and TTHA in NaCl medium, with respect to those
alculated in Et4NI and Me4NCl, was interpreted in terms
f NaDTPA and NaTTHA weak complex formation, accord-
ng to an association model. The investigation carried out in

wide pH range allows the authors to report the formation
f differently protonated sodium species (NaHrLq) with r = 0
o 4 and 0 to 5 for DTPA and TTHA systems, respectively.
og K for all the species were given at I = 0 mol L−1 and range

rom 2.5 and 2.8 to −0.4 and −0.5 for NaL and Na(H4L)
nd Na(H5L) in the DTPA and TTHA systems, respectively.
uthors also report the formation of a homobinuclear species:

or the reaction Na+ + NaLz+1 = Na(NaL)z+2, log K = 1.6 and 2.0
or DTPA and TTHA respectively, confirming the hypothesis
lready expressed [171] on the formation of such a species
n TTHA system. Crea et al. [184] extended this investigation
o other complexones, NTA, EGTA and EDTA. In addition to
he species already reported [183] for DTPA and TTHA sys-
ems, analogous NaHrLq complexes were found for EDTA and
GTA systems, together with the binuclear Na(NaEGTA) and
a(NaHEGTA) species with log K = 1.2 and 0.2, respectively. In

hese two last works the formation of ternary species NaMgL and
aCaL obtained in NaCl–MgCl2 and NaCl–CaCl2 mixtures, is

lso reported for the first time, with the following log K val-
es for the reaction Na+ + ML (M = alkaline earth metal ion,
= complexone): Na(CaEGTA) = 0.65, Na(CaDTPA) = 0.68,
a(CaTTHA) = 2.1, Na(MgEGTA) = 0.2, Na(MgDTPA) = 0.80,
a(MgTTHA) = 2.0.
No data are reported for other complexones, such as MIDA

nd EDDA.

.5. Nucleotides

Stability data on alkali nucleotide weak complexes were
eported in a more general review on nucleotide metal interac-
ion by Smith et al. [185]. Formation constant of ML species is:

or adenosine-5′-monophosphate2− (AMP), log K = 0.98, 0.83
nd 0.6 [89] with Li+, Na+ and K+, respectively; for adenosine-
′-diphosphate3− (ADP), log K = 1.71 (Li+), 1.39 (Na+) and
.29 (K+) [89,186]; for adenosine-5′-triphosphate4− (ATP),

p
h
i
f

try Reviews 252 (2008) 1093–1107

og K = 2.43 (Li+), 1.98 (Na+), 1.87 (K+), 1.98 (Rb+) and
.94 (Cs+) [89,175,187,188]; for adenosine-5′-tetraphosphate5−
AQP), log K = 2.85 (Li+), 2.18 (Na+) and 2.04 (K+) [89]. The
rend of stability, with respect the different alkali metals and
he nucleotides, is the same already pointed out for the most
art of the ligands examined in this review. In other words, the
ighest stability is in correspondence of the highest metal ion
harge/radius ratio or the highest ligand charge. For Li+–ATP
binuclear species was also reported with log K = 1.91 which

efers to the reaction Li+ + Li(ATP)3− = Li(LiATP)2− [187].

. Applications to natural multi-component solutions

.1. Weak interactions between major components of
eawater: the marine salt

The weak interactions of alkali and alkaline earth cations
lay a very important role in multi-component solutions such as
eawater. As is well known, the highest contribution (>99.5%)
o the seawater salinity is given by the 11 conservative compo-
ents, i.e. Na+, K+, Ca2+, Mg2+, Sr2+, Cl−, Br−, B(OH)3, F−,
CO3

− whose concentrations (mol/kg of seawater) at S = 35‰
S = salinity), pH = 8.1 and t = 25 ◦C are: 0.4691 (Na+), 0.01021
K+), 0.01028 (Ca2+), 0.05282 (Mg2+), 0.00009 (Sr2+), 0.54615
Cl−), 0.02824 (SO4

2−), 0.00084 (Br−), 0.00041 (B(OH)3),
.00007 (F−) and 0.00205 (HCO3

−) [189].
As reported in the previous paragraphs, different very weak,

eak or quite stable species are formed between the ionic com-
onents of seawater [NaCl, KCl, MgCl+, CaCl+, Na(SO4)−,
g(OH)+, Mg(SO4) and Ca(SO4)] making elaborate the spe-

iation studies. To overcome this difficulty, De Stefano et al.
190] proposed a simplified model according to which the major
ations of seawater (Na+, K+, Ca2+ and Mg2+) are represented by
single cation Bz+ and the anions (Cl− and SO4

2−) by a single
nion Az−. Therefore, the six major components of the artificial
eawater are expressed as a single salt, BA, having mean con-
entration CBA = 1/2

∑
ici = 0.5751 mol L−1 or 0.5824 mol kg−1

with ci = concentration of anions and cations of artificial sea-
ater 35‰ salinity) and charge z ± = (I/CBA)1/2 = 1.117 ± (with
= 0.717 mol L−1 or 0.726 mol kg−1). The internal inter-
ctions between the components of the seawater ionic
edium provide the formation of only three weak species:

he BA (log K = −0.03), HA (log K = 0.24), and B(OH)
Bz+ = B(OH)(z−1) + H+: log K = −12.75). Cationic and anionic
omponents of the single sea-salt show an intermediate strength
f interaction between that of alkali and alkaline earth metal ions
ith regard to both the internal interactions and those with com-
onents of acid-base systems under study. The use of this model
llows to evaluate the cumulative binding capacity of inorganic
omponents of seawater, as shown in a comprehensive study on
he acid-base behaviour of some classes of ligands, metal and
rganometallic cations in artificial seawater [191].

De Robertis et al. [192] reported a systematic study on the

rotonation and association of low molecular weight mono to
exa carboxylic ligands with major components of seawater. The
nteractions with cation B1.117+ of single seawater salt lead to the
ormation of B(L) species for acetate; B(L) and B(HL) species
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determined with ISE-Na+ at constant ionic strength and the
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or all the dicarboxylates; B(L), B(HL), B(H2L) and B2(L) for
ricarboxylates; B(L), B(HL), B(H2L), B(H3L) and B2L for tetra
nd hexa carboxylates. Results obtained by the authors showed
hat the values of formation constants are strictly related to the
umber of carboxylic groups involved in the coordination, i.e.
o the charge of the ligand. Authors also report the simple rela-
ionship between log K value and the number (n) of carboxylic
inding groups, log K = 0.37 n3/2, useful to predict the values of
-carboxylates association constants in the range 1 ≤ n ≤ 5.

De Stefano et al. [193] reported a comprehensive investiga-
ion on the protonation and association of di-/penta-amines (am)
ith the single salt BA. The formation of (amHi)A(i-1.117) and

am)B1.117+ species was formulated. In the investigated systems,
alues of log K range for all (am)HiA species (i = 1 to 5) from
.5 to 3.6 and for B(am) species from 0.14 to 0.42. log KB(am)
onstant was related [Log KB = 0.27 log KMgCa] to a mean for-
ation constant for alkaline earth metal species, KMgCa, which

akes into account the concentration of Mg2+ and Ca2+ in the
rtificial seawater [KMgCa = (KMg CMg + KCa Cca)/(CMg + Cca)].
og K values determined for the different MgCa-amine systems
ere: 0.35, 0.87, 1.39, 1.71, 1.63 for en, dien, trien, tetren and

per, respectively.
The use of single salt approximation for amino acid equi-

ibrium studies [164] showed the formation of B(L), B(HL) and
H2L)A (for L = glycine and alanine); B(L), B(HL), (H2L)A and
H3L)A (for L = histidine) and B(L), B(HL) and B(H2L) (for
= glutamic and aspartic acids). The stability of BL and B(HL)

pecies for glycine, alanine and histidine systems is very similar
ith mean values of log K = 0.75 and 0.25, respectively.
A study carried out on the interaction of phenol and some its

erivative in artificial seawater [194] showed the formation of
L0.117+ species with a mean stability of 1.3 mol−1 L. This sta-
ility is somewhat lower than that of mono-carboxylic ligands,
ut is of same magnitude order.

.2. Other applications

The same approach adopted to model seawater can be adopted
or urine [195], whose electrolyte content can be modelled
ccording to an equilibrium principle to obtain the value of
ree calcium ion available to form scarcely soluble oxalate or
hosphate salts causing renal calculosis. Ion pairs concur to
stablish the amount of a free metal ion in a real fluid and,
oreover, to define its correct value of ionic strength, since

he ion pairs formation lowers the ions content and, conse-
uently, the ionic strength values. For urine, reference values
or pH are 5.0–7.0 and main electrolytes are: H+, Na+, K+,
H4

+, Mg2+, Ca2+, oxalate, citrate, hydrogenphosphate, chlo-
ide and sulfate. Ionic strength is very often >0.1 mol L−1 and
an reach 0.3–0.4 mol L−1. Other components as protonated
mines, amino acids and urea were also considered. The sol-
bility at 37 ◦C and different ionic strengths of both calcium
xalate monohydrate and calcium hydrogenphosphate dihydrate

ere studied [196] to evaluate the saturation state of urine. Cou-
ling the output of the chemical model of the ionic compounds of
rine with the solubility data one can foresee the thermodynamic
endency of the litho-genetic compound precipitation. Urea is

p
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i
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he only non-ionic compound considered [197]: the amount in
rine is high and it might indirectly influence the overall equi-
ibrium status affecting the protonation and formation constants
alues. The chemical model consists in 52 equilibrium reactions
including protonations and ion pair formation – and allows to

alculate the free calcium ion whose value has also been veri-
ed for various urine samples via potentiometric measurements
ith a calcium(II)-sensitive electrode. Another validation of the
odel was achieved via solubility measurements [198].
A speciation model [199] – involving 17 reactants and 77

quilibria (protonation and complex formation equilibria, sup-
orting electrolyte (C2H5)4I) – was built to interpret in terms of
hemical equilibria the pH of wine. This model allows as well
o obtain a reliable estimation of the free concentration of both
a2+ and K+, useful to solve technological problems related to
any steps of the wine production and evolution. Although at

H around 3 the ion pair formation process is not so important,
t can be underlined that wine is a sulfate-rich beverage and K+,
a2+ and Mg2+ are largely involved in sulfate ion pairs. Precipi-

ation of scarcely soluble salts of oenological interest, as calcium
artrate or potassium hydrogen-tartrate, can be foreseen, being
ble to distinguish total from free concentration of both Ca2+

nd K+.
Ion pair formation appears to play an important role

n percutaneous absorption of diclofenac (2-[2-(2,6-
ichlorophenyl)aminophenyl]ethanoic acid) [200]. Industry
s interested in the role played by ion pairs for citric acid
artitioning between aqueous and organic phases [201,202].

. Discussion and conclusions

.1. On the reliability of formation constants

As briefly outlined above, pH-metric measurements were
idely employed in determining the stability constants of
eak complexes, by using tetralkylammonium salts as ionic
edium. Some authors [118,129,131,195,203–206], however,

ad recourse to other ion-selective electrodes, with the aim
f obtaining further specific information about complex for-
ation. Among the different reports, one paper [205] deals
ith the weak complex formation, only by employing the
otentiometric technique with ion-selective electrodes, at vari-
ble ionic strength. Furthermore, since a significant variation
f ionic strength during the experiment might be a possible
ource of error in this type of determinations, an ISE-Na+ elec-
rode was employed in experiments at constant ionic medium
nd ionic strength [206]. The results so obtained for sodium
omplexes of malonate, phthalate, citrate, NTA and EDTA
re not affected by errors in activity coefficient values and
an be compared with those previously reported for the same
pecies. There is a good agreement between the log K values
revious ones (pH-metric or with other ISE at variable ionic
trength) for the ligands considered, so confirming the reliabil-
ty of pH-metric technique for a correct study of weak complex
ormation.
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earth metal complexes show a significantly higher T�S
contribution.

(iii) For all the Li+, Na+ and K+ weak species it is possible to
calculate a mean value, namely T�S0 = 8 ± 2 kJ mol−1.

Table 3
Mean values of formation constants of Li+, Na+ and K+ complexes of
poly(anions) having different charges (z), at I = 0 mol L−1 and t = 25 ◦C

M z log K̄ Standard (error) log K̄calcd
a

Li+ −1 0.16 0.04 0.25
−2 1.00 0.04 0.88
−3 1.63 0.2 1.42
−4 2.38 0.3 1.94
−5 2.87 0.3 2.45
−6 2.99 0.2 2.96

Na+ −1 0.11 0.06 0.20
−2 0.86 0.03 0.85
−3 1.51 0.06 1.40
−4 2.15 0.1 1.92
−5 2.51 0.2 2.44
−6 2.87 0.2 2.95

K+ −1 0.04 0.07 0.05
−2 0.77 0.04 0.77
−3 1.35 0.03 1.35
104 P.G. Daniele et al. / Coordination C

.2. Calculations and general considerations

As expected, being the stability of weak alkali and alkaline
arth metal complexes mainly due to electrostatic interac-
ion, simple relationships can be found between log K and z
z = charge of anion). By considering altogether carboxylate
omplexes we found the following very simple equations:

og K = 1

2
|z| + A

|z| (10)

or Li+, Na+ and K+, and

og K = |z| + B

|z| (11)

or Mg2+ and Ca2+. Fitting results are: A = −0.243, −0.300 and
0.432, for Li+, Na+ and K+, respectively, with mean deviation

n the formation constant of 0.15 log units; B = 0.37 and 0.69 for
g2+ and Ca2+, respectively, with mean deviation 0.35. Some

onsiderations can be done about these results.

(i) Eq. (10) has quite a good predictive power since rarely
the formation constants of alkali metal complexes can be
obtained with a precision better than ±0.1 log units. For
alkaline earth metal complexes the mean deviation is sig-
nificantly higher, but Eq. (11) is still useful for guessing
purpose.

(ii) Values of A and B parameters confirm the stability general
trend of these carboxylate complexes:

Li+ > Na+ > K+; Ca2+ > Mg2+

iii) Eqs. (10) and (11) also account for the lowering of the
above trends with increasing values of |z|. The difference
log KLi−log KK is 0.19, 0.05 and 0.03, for |z| = 1, 4 and 6,
respectively. Analogously, log KCa−log KMg = 0.36, 0.18
and 0.12 for |z| = 1, 2 and 3, respectively. This means that
the ratio charge/mass is less important for large anions. For
large inorganic anions this behaviour is more evident.

For alkali metal complexes, it is also possible to calculate
ean values of formation constants for all the complexes

onsidered in this review, as reported in Fig. 1. Confidence
ntervals are obviously larger than for carboxylate complexes,
ut mean values are still significant for predictive purposes.
hese mean values can be fitted to Eq. (10), with A = −0.26,
0.30 and −0.45, for Li+, Na+ and K+, respectively. It is

oticeable that A values are very similar to those obtained for
arboxylate complexes. A slightly better fit is obtained by using
polynomial equation log K = p0 +�pi |z|i. In Table 3 we report
ean values and calculated values obtained by Eq. (10).
Enthalpy changes for the formation of alkali and alka-
ine earth metal complexes are generally low and positive
19,27,29,72,76,91,92,97,98,124,135,187,207,208], indicating
hat the main contribution to the stability is entropic in nature.
he following general considerations can be made:
ig. 1. Mean values of formation constants for Li+, Na+ and K+ complexes
f organic and inorganic (poly)anions, at I = 0 mol L−1 and t = 25 ◦C, vs. anion
harge z.

(i) The dispersion of �H0 values is higher than that of log K,
and this is due to the reasons: the term T�S0 is more selec-
tive than�G0, and, the reported values of enthalpy changes
are affected by large errors.

(ii) T�S0 values, for alkali metal complexes, are quite simi-
lar, independently of the charge of anions, whilst alkaline

0

−4 1.96 0.07 1.89
−5 2.41 0.2 2.41
−6 3.08 0.3 2.92

a Calculated from Eq. (10).
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iv) Only few data are available for Mg2+ and Ca2+ species, and
this does not allow to give general conclusions.

.3. Conclusions

Weak complex formation by alkali and alkaline earth metal
ons was widely investigated by a great number of authors who
ave paid attention to the various aspects of this topic, such as
etection of species in solution and their stoichiometry, deter-
ination of formation constants, estimation of thermodynamic

arameters. Although potentiometry is the technique employed
y the most part of investigators, some researchers had recourse
o NMR, calorimetry, dilatometry, circular dichroism and mass
pectrometry, often with the aim of confirming the results com-
ng from potentiometric measurements.

The stability of these complexes is mainly due to electro-
tatic interactions and therefore increases with raising the charge
f reactants. A relevant consequence of this aspect is that the
tability constant of a species can be foreseen with a good
pproximation. The existence of specific effects concurring to
he stability is rare. The relevance of these species, in spite of
heir weakness, is related to the high concentration of alkali and
lkaline earth metal ions in all natural (and often also in artifi-
ial) chemical systems. However, several stability data must be
hecked by different experimental techniques, and the relative
H values have to be determined by direct methods (calorime-

ry).
Some literature applications to real systems suggest that

he building of chemical model for the interpretation of the
ehaviour of natural or artificial fluids may be much improved
f the formation of these complexes is considered too.
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