
Spring 2007   
LRES 555:
Project 2: Ion Activities, Complex Formation and Solid Phase Equilibria


(Due April 5, 2007)
Objectives
1.
Demonstrate relationship between ion activities and ion concentrations.

2.
Understand the importance of complex formation on the distribution of aqueous species.
3.
Understand the importance of mineral solubility in determining aqueous chemistry.
4.
Compare observed data with predictions based on equilibria relationships. 

Background and Introduction


1.1
Ion Activity Measurements/Specific Ion Electrodes
Specific ion electrodes are commercially available for species including: Ca2+, Cu2+, Pb2+, H+ (pH), NH3(g), Br-, Cd2+, Cl-, CN- , F- , I- , NO3-, K+, p (Eh), Na+,  and Ag+/S2-.  Certainly there may be others but this list gives you an appreciation for many that are used to varying degrees in analytical work.  Electrodes may be used successfully in certain applications; however, some work better than others and users must evaluate the possibility of interfering ions and electrode poisoning, especially in natural samples.

We will show data from measurements using a Cu2+ ion electrode (ORION 94-29) in the current project to illustrate the importance of Cu complexation and the relationship between activities and concentrations.  In brief, specific ion electrodes measure the activity of a species in solution; in this case, the free Cu2+ activity.  Activity is related to concentration through the expression:

                                                       ai = i Ci                                                         

where ai = activity of ith species,  i = activity coefficient (dependent primarily on ionic strength) and ci = concentration of ith species (e.g. moles L-1).

The activity coefficient is often calculated using the Davies equation (Lindsay, p. 14; Essington,  page 190):



Log i = -AZi2     [ I1/2 / (1 + I1/2)] – 0.3I
where  is the activity coefficient corresponding to positively or negatively charged species with valences (Z) equal to 1, 2, 3,. . ., A = constant for aqueous solutions at 25 oC = 0.5, and I = ionic strength (M).  The ionic strength of a solution can be calculated as:
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where Mi = molarity of ith species (moles L-1) and Zi = ion charge of ith species.  The summation is carried out for all dissolved cations and anions.


1.2
Complex Formation
Metal ions form aqueous complexes with inorganic and organic ligands (e.g. anions) in natural water systems.  The extent or amount of total soluble metal concentration present as soluble complexes is determined by the following factors:

1.
The concentration of different ligands present.

2.
The formation constant (Keq) for the metal-ligand complex.

3.
The presence or absence of other competing complexing ligands in solution.

4.
The solution pH, which can influence the distribution of free metal and free ligand available for complexation.

Consider a natural water system with the following dissolved ligands:  Cl-, SO42-, HCO3- citrate, fulvate.  The total soluble Cu (II) concentration would be written as:

CuTS = [Cu2+] + [CuCl+] + [CuCl2o] + [CuSO4o] + [CuHCO3+] + [CuCO3o] + [CuH2CIT+] + [CuHCITo] + [CuCIT-] + [CuFULo]
(1)

This expression is referred to as the mole balance or mass balance expression for total soluble Cu for this system. 

If we knew that Cu was also present as sorbed Cu or in an insoluble solid phase, we could expand the mass balance expression to include solid phases of Cu and refer to the new expression as:

CuT = CuTS  + [Cu sorbed] + [Cu solid phases]
(2)

where CuT now refers to total Cu (e.g. both soluble and solid).

The role of complexation on the distribution of Cu species can be demonstrated for the above ligands using the reactions in Table 1 and a speciation program such as Visual MINTEQ.

Table 1.
Formation reactions and equilibrium constants for Cu (II) ligand1 complexes.

log K
 1.
Cu2+ + H2O
= CuOH+ + H+
- 7.70

 2.
Cu2 + 2H2O
= Cu(OH)2 + 2H+
-13.80

 3.
Cu2+ + SO42-
= CuSO4
  2.40

 4.
Cu2+ + NO3-
= CuNO3+
  0.50

 5.
Cu2+ + 2NO3-
= Cu(NO3)2o
- 0.40

 6.
Cu2+ + CIT3-
= Cu CIT-
  6.60

 7.
Cu2+ + H+ + CIT3-
= Cu HCITo
  9.80

 8.
Cu2+ + 2H+ + CIT3-
= Cu H2CIT+
 13.40

 9.
Cu2+ + H2O + CIT3-
= Cu OHCIT2- + H+
  2.00

13.
Cu2+ + EDTA4-
= Cu EDTA2-
 20.4

14.
Cu2+ + H+ + EDTA4-
= Cu H EDTA-
 23.9

15.
Cu2+ + Humic Acid
= Cu -HA
unknown

  CIT = citrate, EDTA = ethylenediamine tetraacetate

1.3
Solid Phase Equilibrium

The activity of many species in aqueous systems may be controlled by mineral solubility.  Consider the following reactions that describe the activity of Cu2+ in equilibrium with specific solid phases.

log K
1.
Cu(OH)2 (s) + 2H+ = Cu2+ + 2H2O
 8.7

2.
Cu2(OH)2CO3(malachite) + 4H+ = 2Cu2+ + CO2 (g) + 3H2O
13.0

Both reactions are written as acid dissolution reactions, but could be equally valid written as dissociation (solubility product) reactions.  Assuming that a soil solution or natural water is in equilibrium with either of these solids, one can derive an expression for (Cu2+) as a function of pH.  These functions are useful for determining possible explanations for measured (Cu2+) values in natural systems.  For example:

Rxn. 1:
log K = 8.7 = log (Cu2+) - 2 log (H+)

log (Cu2+) = 8.7 - 2 pH

Rxn. 2:
log K = 13.0 = 2 log (Cu2+) + log CO2 - 4 log (H+)


2 log (Cu2+) = 13.0 - log CO2 - 4 pH

@ CO2 = 0.0003 atm, log (Cu2+) = 8.3 - 2 pH

Solubility plots are often constructed to graphically demonstrate the variation in metal or ligand activity as a function of pH when they are in equilibrium with a solid phase (Chap. 6 Essington; Lindsay, Chpt. 14 ).

In the presence of a solid phase, we still establish a mole (or mass) balance expression for total soluble Cu.
For example, in a system with 0.01 M NaNO3 and CuTS, the mole balance expression looks like:


CuTS = [Cu2+] + [CuOH+] + [Cu(OH)2o] + [CuNO3+]
(1)

Now, if we add more ligands (complexing agents like EDTA, citrate, humate) to the system, the mole balance expression looks like:

CuTS = [Cu2+] + [CuOH+] +  [Cu(OH)2o]  + [Cu Citrate] + [Cu EDTA] + [Cu Humate]

Notice that if an excess of a solid phase is present which fixes (Cu2+) at equilibrium at a given pH (hence fixes [Cu2+]), the CuTS increases as the number of significant Cu-complexes increase (due to complexation equilbiria detailed in Table 1). Measurements of CuTS (via atomic absorption, ICP) in natural systems include Cu2+ and the other soluble complexes of Cu.
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