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INTRODUCTION TO COLORIMETRIC EQUILIBRIUM ANALYSIS

Understanding chemical equilibrium is a cornerstone of physical chemistry, and the ability to
quantify equilibrium constants in solution is essential for fields ranging from biochemistry to
environmental science. Among the most accessible and elegant methods for determining an
equilibrium constant in aqueous solution is colorimetry. This approach leverages the simple
relationship between the concentration of a colored species and the intensity of light it absorbs. By
measuring how much light a solution absorbs at a specific wavelength, we can deduce
concentrations and, through careful stoichiometric reasoning, calculate the equilibrium constant for
a reversible reaction. This article provides a comprehensive walkthrough of the theory, experimental
procedure, data analysis, and practical applications of the colorimetric determination of an
equilibrium constant in aqueous solution, using the classic reaction between iron(lll) ions and
thiocyanate ions as a guiding example.

THE THEORETICAL FOUNDATION: CHEMICAL EQUILIBRIUM AND COLORIMETRY

Chemical Equilibrium and the Equilibrium
Constant

In a reversible chemical reaction, equilibrium is reached when the rates of the forward and reverse
reactions become equal, and the concentrations of reactants and products remain constant over
time. For a general reaction in aqueous solution:

aA + bB=cC+dD
the equilibrium constant K. (expressed in terms of molar concentrations) is defined as:

K. = [CI'[D]"/ [AT[B]°

The value of K_ is constant at a given temperature and provides quantitative insight into the position
of equilibrium. A large K. indicates that products are favored at equilibrium, while a small K
indicates reactants are favored. In the context of colorimetric determination, we must be able to

measure at least one species' concentration directly at equilibrium, and from that, calculate all
others using initial concentrations and the reaction stoichiometry.

Principles of Colorimetry and the Beer-
Lambert Law

Colorimetry is based on the principle that many substances—particularly transition metal complexes
and organic dyes—absorb visible light. The amount of light absorbed is proportional to the
concentration of the absorbing species and the path length of the light through the solution. This
relationship is formalized by the Beer-Lambert Law:

A=¢bc
Where:

e A = absorbance (dimensionless)

£ = molar absorptivity (L mol™ cm™), a constant for a given substance at a specific wavelength
e b = path length of the cuvette (usually 1 cm)

* ¢ = concentration of the absorbing species (mol L™)

For the colorimetric determination of an equilibrium constant, we first need to establish a calibration
curve: a plot of absorbance versus known concentrations of the colored species. Then, at
equilibrium, we measure the absorbance of the solution and use the calibration curve to find the
equilibrium concentration of that species. This concentration is the key that unlocks the entire
equilibrium constant calculation.

THE CLASSIC MODEL SYSTEM: FE3* AND SCN-

The most widely taught laboratory experiment for this topic uses the reaction between iron(lll) ions
and thiocyanate ions to form the blood-red iron(lll) thiocyanate complex:

Fe3+(aq) + SCN-(aq) = FeSCN3*(aq)
This reaction is ideal for colorimetric analysis because:

e The product, FeSCN?*, is intensely colored (deep red-orange), while the reactants Fe3* (pale
yellow) and SCN- (colorless) absorb very little visible light at the wavelength of maximum
absorption for the complex (around 447-470 nm).

e The reaction is reversible and reaches equilibrium quickly at room temperature.

e The stoichiometry is 1:1, simplifying calculations.
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Other possible systems include the copper(ll)-ammonia complex or the iron(lll)-salicylate complex,
but the Fe3+/SCN- system remains the standard for introductory and advanced courses alike.

EXPERIMENTAL METHODOLOGY FOR EQUILIBRIUM CONSTANT DETERMINATION

Materials and Instrumentation

To perform a colorimetric equilibrium constant determination, you will need:

» A spectrophotometer or colorimeter capable of measuring absorbance in the visible range
(400-600 nm)

e Standard volumetric glassware (volumetric flasks, pipettes, burettes)

e Solutions of known concentrations: typically 0.002 M Fe(NOs)s in 1 M HNOs (the nitric acid
suppresses hydrolysis of Fe3*) and 0.002 M KSCN (or NaSCN)

» Deionized water for dilutions

e Cuvettes (usually 1 cm path length)

Step 1: Preparation of Standard Solutions
for the Calibration Curve

A calibration curve is constructed using solutions that contain only the product, FeSCN?*, at known
concentrations. However, because the equilibrium constant is not extremely large, it is difficult to
prepare pure product solutions. Instead, we use the "reactant excess" method: prepare solutions
where SCN- is the limiting reagent and Fe3* is in large excess. Under these conditions, the
equilibrium shifts far to the right, and essentially all SCN- is converted to FeSCN?+. Thus, the
concentration of FeSCN2+ can be assumed equal to the initial concentration of SCN-.

For example, prepare six standard solutions in 25 mL volumetric flasks: add 5.00 mL of 0.20 M
Fe(NOs)s (excess) and varying volumes (e.g., 0.50, 1.00, 1.50, 2.00, 2.50, 3.00 mL) of 0.002 M KSCN,
then dilute to the mark with 1 M HNOs. The final concentration of FeSCN?* in each flask equals
(volume KSCN x 0.002 M) / total volume.

Step 2: Measuring Absorbance and
Building the Calibration Curve

Set the spectrophotometer to the wavelength of maximum absorbance for FeSCN?* (typically 447
nm). Zero the instrument using a blank solution (1 M HNOs). Measure the absorbance of each
standard solution. Plot absorbance (y-axis) versus concentration of FeSCN?* (x-axis). The plot should
be linear through the origin, confirming the Beer-Lambert Law. Determine the slope of the best-fit

line, which equals € x b (with b =1 cm, slope = ¢€).

Step 3: Preparing Equilibrium Mixtures

Now prepare a series of equilibrium mixtures where Fe3* and SCN- are both at low, comparable
initial concentrations. For example, in separate 25 mL flasks, mix volumes of 0.002 M Fe(NOs)s and
0.002 M KSCN such that the initial concentrations are roughly in the range of 1-4 x 10-* M. Do not
add excess Fe3*. Dilute each to the mark with 1 M HNOs. Allow the solutions to stand for a few
minutes to ensure equilibrium is reached.

Step 4: Measuring Equilibrium Absorbance

Measure the absorbance of each equilibrium mixture at the same wavelength used for the
calibration curve. Record the absorbance values precisely.

DATA ANALYSIS: CALCULATING THE EQUILIBRIUM CONSTANT

Determining the Equilibrium
Concentration of the Colored Product

Using the calibration curve (or the Beer-Lambert equation), convert the measured absorbance of
each equilibrium mixture to the concentration of FeSCN?* at equilibrium:

[FeSCN?*]eq = Absorbance / slope

Calculating Equilibrium Concentrations of
Reactants

From the stoichiometry of the reaction (1:1:1), the amount of Fe3* and SCN- consumed equals the
amount of FeSCN?* formed. Therefore:

[Fe3+]eq = [Fe3*]initial — [FeSCN?*]eq
[SCN-]eq = [SCN-Jinitial — [FeSCN3*]eq

Where the initial concentrations are calculated from the volumes and stock concentrations used in
each equilibrium mixture, accounting for dilution in the 25 mL flask.
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Computing the Equilibrium Constant

For each equilibrium mixture, calculate K, using:
K. = [FeSCN?*]eq / ([Fe3**]eq x [SCN-]eq)

Because the reaction is 1:1, the units of K. will be L mol-t. Compute the average K. value from all
mixtures. At room temperature (25 °C) and in 1 M HNOs, the expected K, for the FeSCN?* complex is
typically around 200-300 L mol-?, though it varies with ionic strength and acid concentration.

Error Analysis and Refinements

Replicate measurements and multiple equilibrium mixtures help reduce random error. Systematic
errors may arise from:

e Incomplete conversion in the standard solutions (if Fe3* excess is insufficient). Using at least
50-fold excess of Fe3* ensures >99% conversion of SCN-.

e Absorbance contributions from Fe3* itself. This is minimized by using a blank that contains the
same concentration of Fe3*+ as in the samples, or by subtracting a small baseline absorbance.

* Variations in temperature and ionic strength. Performing all measurements at the same
temperature and maintaining high and constant ionic strength (via 1 M HNOs) improves
precision.

PRACTICAL CONSIDERATIONS AND TROUBLESHOOTING

Choosing the Right Wavelength

If using a spectrophotometer, first scan the absorbance spectrum of a representative FeSCN2+
solution to identify A,.,. For a colorimeter, select a filter that offers maximum absorbance. Avoid

wavelengths where the blank or reactants absorb significantly.

Handling Hydrolysis and Side Reactions

Fe3+ ions hydrolyze in water to form FeOH?* and other species, which can interfere. The use of 1 M
HNOs maintains the solution strongly acidic, suppressing hydrolysis and ensuring that Fe3* remains
as the hexaaqua ion, which does not absorb significantly at the analysis wavelength.

Instrument Care

Always use clean, scratch-free cuvettes. Handle cuvettes by the frosted sides to avoid fingerprints
on the optical windows. Rinse cuvettes with the solution to be measured before filling, to eliminate
dilution errors.

VARIATIONS AND EXTENSIONS OF THE METHOD

The same colorimetric approach can be applied to other equilibrium systems. For example, the
formation of the copper-ammonia complex Cu(NHs)4?* (deep blue) can be used to determine the
stepwise formation constants. In that case, the equilibrium is more complex, and multiple species
may absorb, requiring careful selection of wavelength or use of a diode-array spectrophotometer.

For reactions with 1:2 or other stoichiometries, the stoichiometric relationships change accordingly.
The fundamental principle remains: measure the concentration of one species colorimetrically at
equilibrium, then use initial concentrations and the balanced equation to calculate all equilibrium
concentrations and thus K..

Advanced variants include the use of spectrophotometric titration, where absorbance is
recorded as a function of added titrant, and the equilibrium constant is extracted from the inflection
point or by nonlinear regression of the entire titration curve. This is particularly useful when the
absorbing species is a reactant or product in a weak acid-base



