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Introduction to Chemical 

Equilibrium



Definition and Basic Principles

Reversible reactions

Instead of a unidirectional process, equilibrium applies to 

reactions that can proceed in both directions, represented by the 

double arrow (⇌).

Closed system

Chemical equilibrium is maintained only in a closed system where 

substances cannot escape, allowing consistent interaction 

between reactants and products.

Dynamic balance

Chemical equilibrium occurs when the rate of the forward reaction 

equals the rate of the reverse reaction, creating a stable system 

where reactants and products coexist.
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Homogeneous vs. Heterogeneous Equilibria

Homogeneous equilibrium involves reactions where all substances are in the same 

physical phase, such as a gas-only or liquid-only system.

Single-phase systems

Heterogeneous equilibrium occurs in reactions with multiple phases (e.g., solids and 

gases), where the equilibrium constant may only consider specific states.

Multi-phase systems

While homogeneous equilibria are simpler to analyze mathematically, heterogeneous 

equilibria require an understanding of phase interaction dynamics for calculation.

Phase-dependent properties



Importance in Chemistry and Industry

Equilibrium constants (K) allow chemists to estimate the relative concentrations of products and 

reactants under different conditions.

Predicting outcomes

Control of equilibrium conditions (e.g., temperature, pressure) is vital in designing efficient, cost-

effective industrial reactions, such as the synthesis of ammonia in the Haber process.

Process optimization

Studying equilibrium aids in understanding natural systems like carbon dioxide exchange in aquatic 

environments, impacting climate and ecological health.

Environmental relevance
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The Law of Mass Action



Expression of the Equilibrium Constant (K)

Mathematical relationship

The equilibrium constant (K) expresses the ratio of the concentrations (or partial pressures) of 

products to reactants, each raised to the power of their stoichiometric coefficients in the 

balanced chemical equation.
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Dependence on phase

Different forms of K apply based on the system’s phase (e.g., Kc for concentrations in 

solution, Kp for partial pressures in gaseous systems).

Temperature sensitivity

K is temperature-dependent, as changes in temperature can shift the equilibrium position by 

favoring either the forward or reverse reaction.



Relation to Reaction Quotient (Q)

The reaction quotient (Q) is calculated like K, but with the current concentrations or pressures of reactants 

and products, not necessarily at equilibrium.

Definition

If Q = K, the system is at equilibrium; if Q < K, the forward reaction is favored; if Q > K, the reverse reaction 

is favored.

Comparison with K

Observing the relationship between Q and K allows predictions of the system’s shift toward equilibrium 

by increasing or decreasing reactants or products.

Dynamic adjustment
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Application in Predicting Reaction Direction

Reverse tendency

When Q > K, the system shifts in the reverse direction to reduce product concentration and 

achieve equilibrium.

03
Thermodynamic foundation

The relationship between K, Q, and Gibbs free energy (ΔG) confirms that reactions move 

spontaneously toward minimizing free energy, with ΔG = 0 at equilibrium.
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Forward tendency

When Q < K, the system progresses in the forward direction to increase product formation 

and restore equilibrium.
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Factors Influencing Equilibrium



Concentration Changes

Reactant addition
Adding more reactants shifts the equilibrium towards product formation to reduce the 

reactant surplus, favoring the forward reaction.

Product removal
Removing products drives the reaction to produce more products, shifting equilibrium in 

the forward direction to restore balance.

Balance restoration
Systems attempt to counteract changes in concentration by shifting equilibrium 

according to Le Chatelier's Principle.



01 Endothermic reactions
Increasing the temperature favors endothermic processes by supplying heat energy, 

shifting equilibrium towards the product side.

Exothermic reactions
Decreasing temperature benefits exothermic reactions, pushing equilibrium toward 

product formation to release heat.

Reaction kinetics
Temperature shifts not only affect equilibrium but can also alter reaction rates by 

impacting molecular energy levels.

Temperature Changes
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Pressure and Volume Effects

Elevating pressure in gaseous systems shifts equilibrium towards the side with fewer gas 

molecules to reduce pressure.

Pressure increase

Reducing container volume leads to pressure changes, encouraging equilibrium to favor 

the side with less gas quantity.

Volume decrease

The shifts due to pressure changes are most pronounced in reactions involving gases, 

where molecule count significantly influences outcomes.

Gaseous dynamics
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Le Chatelier's Principle



Principle Explanation with Examples

Stress due to concentration change
Increasing the concentration of reactants shifts the equilibrium toward products, 

while decreasing it shifts toward reactants.

Stress due to temperature change

Stress due to pressure change

In an exothermic reaction, raising the temperature shifts the equilibrium toward 

reactants; in an endothermic reaction, it shifts toward products.

For reactions involving gases, increasing pressure shifts equilibrium toward the 

side with fewer moles of gas; decreasing pressure shifts it toward the side with 

more moles of gas.
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Applications in Real-World Processes

Industrial synthesis

In the Haber process for ammonia production, increasing pressure and optimizing temperature maximize yields 

based on equilibrium principles, while maintaining efficiency and cost-effectiveness.

Environmental systems

Le Chatelier’s Principle is used to understand how atmospheric CO(_2) levels affect ocean acidity, where higher 

CO(_2) concentrations increase carbonic acid formation, impacting marine ecosystems.

Reaction control

Adjustment of reactant concentrations and conditions enables chemists to drive reversible reactions towards the 

desired product, essential in pharmaceuticals and fine chemical synthesis.

Pollution reduction

The principle assists in designing catalytic converters to optimize the removal of harmful gases by shifting 

equilibria toward less toxic products.



Limitations of the Principle

While the principle 

predicts the direction of 

equilibrium shifts, it does 

not provide information 

on the rate of reaction, 

which may affect practical 

application.

For processes far from 

equilibrium, such as fast 

or explosive reactions, Le 

Chatelier’s Principle 

cannot accurately predict 

outcomes.

In multistep reactions or 

those involving 

simultaneous equilibria, 

the predicted shift may be 

difficult to quantify due to 

overlapping factors.

In real-life industrial 

processes, practical 

limitations such as 

material constraints or 

costs may restrict the 

application of the 

principle to its theoretical 

extent.

Kinetic factors
Non-equilibrium 

systems
Complex reactions

Environmental 
constraints
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Calculations in Chemical 

Equilibrium



Finding Equilibrium Concentrations

Reaction setup01

Define the balanced chemical equation and identify 

the initial concentrations or pressures of reactants and 

products.

Expression for K02

Write the equilibrium constant expression (Kc or Kp) 

based on the stoichiometric coefficients and 

concentrations or partial pressures.

Solving algebraically03

Use given K values and substitute them into the 

equilibrium expression, solving for unknown 

concentrations or pressures.

Verification04

Confirm calculated concentrations satisfy the 

equilibrium constant to ensure accurate results.



Relationship Between Kp and Kc

Conversion formula

Practical application

Temperature dependency

Relate Kp and Kc using the equation ( K_p = K_c(RT)^{Delta n} ), 

where ( Delta n ) is the change in moles of gas.

Note that the value of the gas constant (R) and temperature (T) 

significantly influence the result, emphasizing the need for proper 

unit handling.

Use this mathematical relationship to analyze gas-phase 

reactions, converting constants for easier problem-solving under 

varying conditions.



ICE Tables

Structure

Mark the Initial concentrations, Change during the reaction, and Equilibrium concentrations systematically in columns 

for each species.

Simplification of equations

ICE tables simplify equilibrium calculations by visually organizing data and identifying relationships among species.

Step progression

Solve incrementally—start with initial values, apply changes given stoichiometry, and use equilibrium conditions with K 

values to find unknowns.

Widely applicable

ICE tables are a universal tool for solving chemical equilibrium problems, from aqueous solutions to gas-phase reactions.
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Types of Equilibrium Systems



Acid-Base Equilibria

In systems involving weak acids, partial dissociation into H⁺ ions 

and conjugate bases creates equilibrium, represented by the acid 

dissociation constant (Ka).

Equilibrium in weak bases occurs due to partial reaction with 

water, forming OH⁻ ions and conjugate acids, quantified by the 

base dissociation constant (Kb).

Acid-base equilibria are essential for determining pH values using 

the relationship between ion concentrations.

Weak acids

Weak bases

pH calculations



In equilibrium, dissolved ions and undissolved solid solute are 

balanced, defined by the solubility product constant (Ksp).

Saturated solutions

Precipitation occurs when ion concentrations exceed Ksp, shifting 

equilibrium to form solid products.

Precipitation

Solubility equilibria enable calculations of solubility limits and 

predict the feasibility of precipitation reactions.

Predicting solubility

Solubility Product Equilibria



Redox Equilibria

Redox reactions involve the 

transfer of electrons; equilibrium is 

achieved when the rates of 

oxidation and reduction are 

balanced.

Oxidation-reduction Electrochemical cells Applications

Redox equilibria govern the 

functioning of galvanic and 

electrolytic cells, with standard 

electrode potentials (E⁰) predicting 

feasibility.

Redox equilibria play crucial roles 

in industrial processes (e.g., metal 

extraction), energy systems (e.g., 

batteries), and biochemical 

reactions (e.g., respiration).
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Industrial Applications of 

Equilibrium



Increasing pressure shifts equilibrium toward ammonia production due to fewer gas 

molecules on the product side, making high-pressure conditions critical.

Haber Process for Ammonia Synthesis

Le Chatelier’s Principle

Lower temperatures favor ammonia formation but slow reaction rates, so a compromise 

temperature (~450°C) is used with catalysts to balance yield and efficiency.

Temperature control

Iron-based catalysts accelerate the attainment of equilibrium, ensuring higher ammonia 

output within economically feasible timeframes.

Catalyst role



Contact Process for Sulfuric Acid Production

Oxygen excess

Pressure considerations

Temperature balance

Maintaining an excess of oxygen shifts the equilibrium toward 

sulfur trioxide (SO₃), maximizing the yield of this key intermediate.

While lower temperatures favor SO₃ formation, an optimal 

temperature (~450°C) with a vanadium(V) oxide catalyst ensures 

sufficient reaction rates without sacrificing yield.

Moderately elevated pressures improve SO₃ production without 

significantly increasing costs, as the reaction involves a small 

volume reduction.



Production of Methanol

Pressure and yield

Temperature optimization

Catalyst efficiency

High pressures favor methanol synthesis from syngas (CO and H₂), 

as fewer gas molecules are present in the product side of the 

reaction.

Copper-based catalysts lower activation energy, enabling faster 

equilibrium attainment and higher methanol production rates.

Moderate temperatures (~250°C) are employed to maximize 

methanol output while avoiding excessive decomposition of 

products into reactants.
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Experimental Determination of 

Equilibrium Constants



Spectroscopic Methods

Measurement principle

Use absorbance or emission spectra to determine concentrations of 

reactants and products.

Application scope

Suitable for reactions involving colored or absorbing species in visible or 

UV-Vis regions.

Quantitative analysis

Apply Beer-Lambert law to calculate equilibrium constants accurately.



Titration involves reacting one species to completion, 

with equilibrium concentrations calculated from the 

known stoichiometry.

End-point detection

Color-changing indicators or potentiometers help 

precisely identify when equilibrium is reached.

Indicators

Acid-base equilibria are commonly studied using 

titration, where pH changes are monitored during the 

process.

Buffer systems01

03
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Titration Techniques

In cases of incomplete reactions, a secondary 

titration allows indirect calculation of equilibrium 

concentrations.

Back titration04



Pressure and Volume Measurements

Partial pressure calculation
For gaseous systems, measuring individual gas 

pressures helps determine their concentrations at 

equilibrium.

01

Volume changes
Shifts in system volume under constant conditions 

provide clues about equilibrium position shifts per Le 

Chatelier's Principle.

02

Tools like manometers
Precise measurement of pressures using devices like 

manometers or pressure sensors ensures reliable data.

03

Dynamic studies
Real-time analysis of pressure changes during reaction 

progress captures the system's approach to equilibrium.

04
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Challenges and Advanced Topics 

in Chemical Equilibrium



In non-ideal solutions, concentrations are replaced with activities; activity coefficients account for deviations caused by 

intermolecular interactions.

Activity coefficients

High pressures significantly alter equilibrium constants in gaseous systems due to non-ideal compressibility factors.

Pressure effects

Factors like impurities, temperature gradients, and localized reactions can lead to discrepancies from theoretical predictions.

Real-world complexity

Non-Ideal Behavior



Equilibrium in Biological Systems

Enzyme catalysis

Chemical equilibrium governs reversible reactions catalyzed by enzymes, often 

shifting towards product formation due to biological regulation.

Homeostasis

Biological systems maintain equilibrium states (e.g., pH balance, ion 

concentrations) essential for cellular function and survival.

Metabolic pathways

Equilibrium concepts explain interconnected reactions in pathways like 

glycolysis, which rely on dynamic shifts to drive essential processes.



Dynamic Equilibrium in Open Systems

Open systems often achieve dynamic equilibrium where the rate of input equals output, 

such as in continuous reactors.

Steady-state conditions

Processes like carbon dioxide exchange between the atmosphere and oceans illustrate 

open-system equilibrium.

Environmental applications

Dynamic phenomena like constant removal or replenishment of components play a 

crucial role in driving industrial or ecological reactions.

Flow-driven influences
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