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Chapter 16: Solubility and Complex Ion Equilibria

In the vast landscape of inorganic chemistry, the study of how substances dissolve and form complex ions stands

out as both fundamental and profoundly practical. Whether you’re a student grappling with equilibrium concepts or

a professional seeking to apply these principles in environmental science, metallurgy, or pharmaceuticals,

Chapter 16 offers a comprehensive guide to the interplay between solubility and complex ion equilibria. This article

distills the core ideas, illustrates key examples, and shows how these equilibria govern real �world processes, all

while keeping SEO best practices in mind.

Basic Concepts of Solubility

Solubility Product (Ksp)

The solubility product constant, K<sub>sp</sub>, quantifies the extent to which a sparingly soluble salt can 

dissolve in water. For a generic salt, AB, that dissociates into A<sup>+</sup> and B<sup>–</sup>, the equilibrium

expression is:

AB(s) !Ì A<sup>+</sup>(aq) + B<sup>–</sup>(aq)

At equilibrium, K<sub>sp</sub> = [A<sup>+</sup>][B<sup>–</sup>]. The product of the ion concentrations

remains constant at a given temperature, providing a benchmark for predicting whether a precipitate will form under

specific conditions.

Factors Affecting Solubility

•  Temperature: Many salts become more soluble as temperature rises, though exceptions exist.

•  Common Ion Effect: Adding an ion already present in solution shifts the equilibrium, reducing solubility.

•  Complexation: Formation of soluble complexes can dramatically increase solubility.

•  pH: Acidic or basic environments alter the speciation of solutes, affecting dissolution.

•  Presence of Other Ions: Ionic strength and competing interactions can modulate solubility.

Complex Ion Formation

Coordination Chemistry Basics

Complex ions arise when a central metal ion coordinates with one or more ligands—molecules or ions that donate

electron pairs. This coordination can stabilize species that would otherwise be insoluble, leading to significant shifts

in equilibrium.

Formation Constant (Kf)

The formation constant, K<sub>f</sub>, measures the propensity of a metal ion to bind a ligand. For a simple

complexation reaction:

ML<sub>n</sub> !Ì M<sup>n+</sup> + nL

the equilibrium constant is:



K<sub>f</sub> = [ML<sub>n</sub>]/([M<sup>n+</sup>][L]<sup>n</sup>)

A larger K<sub>f</sub>indicates a more stable complex, which often translates to enhanced solubility of the

metal ion in solution.

Solubility Equilibria of Insoluble Salts

Role of Complexation

When an insoluble salt like AgClencounters a complexing ligand such as thiosulfate (S2O32–), the equilibrium

shifts dramatically:

AgCl(s) + S<sub>2</sub>O<sub>3</sub><sup>2–</sup> !Ì [Ag(S<sub>2</sub>O<sub>3</sub>)<sub>2</

sub>]<sup>–</sup> + Cl<sup>–</sup>

The formation of a soluble complex removes the solid from the system, effectively increasing the solubility of silver

chloride.

Examples

•  Aluminium hydroxide (Al(OH)3): In acidic solutions, protonation of hydroxide ions forms soluble aluminate 

species.

•  Calcium carbonate (CaCO3): In the presence of carbonate �rich environments, calcium forms soluble 

bicarbonate complexes.

•  Iron(III) hydroxide (Fe(OH)3): Complexation with citrate ions increases solubility in natural waters.

Le /Chatelier’s Principle and Solubility

Common Ion Effect

Adding a common ion to a saturated solution reduces the concentration of the dissolved species, prompting further

dissolution until a new equilibrium is reached. For example, adding chloride ions to a solution of silver chloride

pushes the equilibrium toward precipitation:

Ag<sup>+</sup> + Cl<sup>–</sup> !Ì AgCl(s)

pH Influence

pH can alter the charge state of ligands, thereby affecting complexation. In acidic conditions, protons may compete

with metal ions for ligand coordination sites, reducing complex stability. Conversely, in alkaline media, deprotonated

ligands are more available, enhancing complex formation and solubility.

Calculating Solubility with Complex Formation

Step �by �Step Example

Consider the dissolution of CuSO<sub>4</sub>in the presence of ammonia, forming the tetraamminecopper(II)

complex. The relevant equilibria are:

1.  CuSO4(s) !Ì Cu2+ + SO42–

2.  Cu2+ + 4NH3 !Ì [Cu(NH3)4]2+

Given K<sub>sp</sub> = 2.5 /× /10<sup>–5</sup> for copper(II) sulfate and K<sub>f</sub> = 1.1 /× /10<sup>13</

sup>for the tetraammine complex, the overall solubility increases by several orders of magnitude. The calculation

involves setting up mass �balance equations, applying the equilibrium constants, and solving for the concentration of



dissolved copper.

Practical Applications

Accurate solubility predictions inform:

•  Design of precipitation processes in wastewater treatment.

•  Optimization of metal recovery in hydrometallurgy.

•  Formulation of drug delivery systems where metal ions serve as active components.

Real �World Applications

Water Treatment

Complexation is central to removing heavy metals from industrial effluents. For instance, adding EDTA to a stream

containing lead ions forms soluble lead �EDTA complexes, allowing subsequent filtration or precipitation steps to

remove the metal safely.

Pharmaceutical Formulations

Many drugs contain metal complexes that enhance bioavailability or therapeutic effect. Iron(II) bisglycinate is a

chelated iron supplement that improves absorption compared to ferrous sulfate, thanks to its complex ion stability.

Environmental Remediation

In soil remediation, complexing agents can mobilize immobilized contaminants, making them easier to extract. The

use of organic acids, such as citric acid, to mobilize lead from contaminated soils exemplifies this strategy.

Common Misconceptions

Solubility vs. Dissociation

Students often confuse the extent of dissociation with solubility. A salt may fully dissociate in solution yet remain

insoluble if the equilibrium concentration of ions is below the solubility product. Understanding the distinction is

crucial for accurate predictions.

Complex vs. Ion Pair

While both involve interactions between ions, a complex ion is a well �defined coordination compound with a specific

geometry, whereas an ion pair is a loosely associated pair of oppositely charged ions in solution. Misidentifying one

for the other can lead to incorrect equilibrium calculations.

Frequently Asked Questions

•  What is the difference between a soluble complex and a precipitate? A soluble complex remains in solution as 

a stable coordination compound, whereas a precipitate is an insoluble solid that forms when the product of ion 

concentrations exceeds the solubility product.

•  Can pH change the solubility of a metal hydroxide? Yes; acidic conditions protonate hydroxide ions, reducing 

the concentration of hydroxide and shifting the equilibrium toward dissolution.

•  How does ionic strength affect complex formation? Higher ionic strength can shield electrostatic interactions, 

sometimes weakening complex stability, though the effect varies with the specific system.

Conclusion

Chapter 16 on solubility and complex ion equilibria bridges foundational chemistry with practical applications across



diverse fields. By mastering the interplay between solubility products, complexation constants, and environmental

factors such as pH and common ions, chemists can predict and manipulate the behavior of inorganic species in

solution. Whether optimizing industrial processes, designing safer pharmaceuticals, or remediating contaminated

environments, the principles outlined in this chapter provide the analytical framework necessary for success.

Embracing these concepts empowers professionals to engineer solutions that are both scientifically sound and

environmentally responsible.
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