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 Fe (newtons) is the electrostatic force between the 
charged particles, ke is Coulomb’s constant (newtons * 
coulombs squared per meter squared), q1 and q2 (coulombs) 
are the charge magnitudes of the first and second particles, 
and r (meters) is the distance between the charged particles 
(3). Based on Coulomb’s Law, a greater magnitude of ionic 
charges results in greater electrostatic forces between 
the ions. Ionic compounds in the aqueous state act as 
electrolytes, dissociating into hydrated ions (4). Equation 2 
shows how the number of ions a compound produces upon 
dissociation can be determined by the chemical formula of the 
ionic compound: electrolyte AxBy dissociates into ‘x’ number 
of A cations and ‘y’ number of B anions in solution (5).

 A water molecule is polar, with positively charged regions 
at the hydrogen atoms and a negatively charged region at the 
oxygen atom, so ion-dipole forces between the ions and water 
molecules allow ionic compounds to dissociate in water (6). 
Cations attract the negative dipoles of water molecules in the 
solvation process, while anions attract the positive dipoles of 
water molecules. The water molecules surround each ion in 
three dimensions, breaking its attraction to the ionic structure 
and allowing the ions to dissociate in solution (7). In the 
aqueous state, hydrated ions are not held in a fixed position 
but rather are free to move throughout the solvent. Therefore, 
a flow of electrical current is possible between the dissociated 
ions, making an aqueous ionic solution electrically conductive 
(8). The conductivity of an ionic solution is a measure of the 
number of dissociated ions present in solution per mole of 
solvent, which can be quantified using a ratio known as the 
Van’t Hoff factor, defined in Equation 3 (9):

 The Van’t Hoff factor (i) is determined by the values of two 
variables: the degree of dissociation of the compound, α, a 
ratio between moles of substance dissociated and moles of 
total substance, and n, the number of ions produced when 
that compound dissociates. The degree of dissociation 
depends on the nature of the solvent and the solubility of 
the solute at a given temperature (10). Ionic compounds with 
larger ionic charges are less soluble, or have lower degrees 
of dissociation, because the electrostatic forces between the 
ions are stronger, making it harder for the ion-dipole forces 
between the water molecules and the ions to overcome the 
electrostatic forces between the ions to dissociate them (11). 

Determining degree of dissociation through 
conductivity

SUMMARY
When ionic compounds dissolve in a polar solvent, 
they dissociate into separate ions and spread 
uniformly throughout the solution. The greater the 
degree of dissociation of an ionic compound, the 
greater the conductivity of the solution will be. The 
goal of this experiment was to assess how the degree 
of dissociation of an ionic compound is impacted 
by the molarity of the compound in solution, the 
magnitude of the charge of the ion, and the number 
of ions it produces upon dissociation. Conductivity 
was measured as a quantifiable representation of 
the degree of dissociation. We hypothesized that as 
the concentration of ions in the solution decreased, 
the conductivity of the solution would also decrease 
due to fewer interactions between the ions, resulting 
in a weaker flow of electrical current. We tested 
our hypothesis by measuring the conductivity 
of 0.25 M, 0.20 M, 0.15 M, and 0.10 M solutions of 
aluminum chloride, potassium chloride, and calcium 
chloride. The data showed that as the molarities 
of the solutions decreased, the conductivities of 
the solutions decreased. We also found that the 
conductivity of each solution did not decrease by the 
theoretical factor predicted by the number of ions 
each compound produced upon full dissociation, 
leading us to conclude that the impact of the charge 
magnitude of the ions on the degree of dissociation of 
the ionic compounds must also be considered.

INTRODUCTION
 Understanding the properties of ionic compounds that 
increase the degree of dissociation makes it possible to 
identify strong electrolytes and use them for many purposes. 
Strong electrolytes serve crucial aspects in biological 
needs. Ionic compounds that result in strong electrolytes, 
like calcium, potassium, and chloride, are an important part 
of a healthy diet. When consumed, these ionic compounds 
dissociate into positive and negative charges, preserving 
water balance, aiding muscles in contracting, and balancing 
voltage across membranes (1). 
 Ions are molecules or atoms that have gained or lost one 
or more electrons to become negatively or positively charged. 
Ionic compounds are ions held together by the electrostatic 
forces between positively charged ions, called cations, and 
negatively charged ions, called anions (2). Coulomb’s Law 
(Equation 1) quantifies the electrostatic attraction between 
two charged particles:
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The larger the degree of dissociation of the solute and the 
greater the number of ions it produces upon dissociation, the 
larger the dissociation factor of the solute will be (9). All other 
factors being equal, solutes with greater dissociation factors 
have greater conductivities in aqueous solution.
 While the number of ions an ionic compound produces 
upon complete dissociation is easily calculated, it is difficult 
to calculate its degree of dissociation. To better understand 
the effect of the degree of dissociation on conductivity, we 
compared the theoretical conductivities of aluminum chloride, 
potassium chloride, and calcium chloride if fully dissociated 
in water to the measured conductivity of each compound. 
This comparison revealed a higher degree of dissociation in 
compounds with lower charges. 

RESULTS
 Potassium chloride, calcium chloride, and aluminum 
chloride were each dissolved in water to create three 0.25 
M ionic solutions. We measured the conductivity of each 
solution using a conductivity probe. Conductivities were 
measured in a lab with an average temperature of 20.78°C. 
Measurements show that the temperature of the lab varied 
by an average of ±0.5°C across testing. As the molarities 
in solution of aluminum chloride, calcium chloride, and 
potassium chloride increased from 0.10 M to 0.25 M, their 
conductivities increased as well (p<0.0001, ANOVA, Figure 
1). Assuming full dissociation, aluminum chloride produces 
four ions upon dissociation, calcium chloride produces three, 
and potassium chloride produces two. At every molarity 
value, aluminum chloride, the compound producing the 
greatest number of ions upon dissociation, displayed the 
greatest conductivity values, followed by calcium chloride, 
then potassium chloride (p<0.01, ANOVA, Figure 1). A 
comparison of the conductivities of ionic solutions containing 
compounds with different numbers of ions per mole at a range 
of molarities revealed that solutions with greater numbers of 
ions per mole and greater molarities would display greater 
conductivities. 

Comparing the theoretical conductivity values to the 
measured conductivity values revealed that the conductivity 
of the solutions did not increase with molarity by the factor 
expected had full dissociation taken place (Figure 2). 
Notably, the greatest disparities between measured and 
theoretical conductivity, assuming full dissociation, were 
observed in solutions containing ions with higher charges and 
a higher molarity. It is also interesting to note that while the 
theoretical conductivities show an increase in separation at 
higher molarities, the actual data showed a convergence of 
conductivity values as molarities increased.

DISCUSSION
 In our experiment, we measured the conductivities of three 
different ionic solutions at various molarities to determine 
how the degree of dissociation of a compound is impacted 
by the molarity in solution, the number of ions produced 
upon dissociation, and the charge magnitude of the ions. We 
used conductivity as a quantifiable measure of the degree of 
dissociation. 
 We hypothesized that the conductivity of a compound 
should increase at a proportional rate to the molarity because 
as the concentration of the compound in solution increases, 
the number of dissociated ions, and thus the conductivity, 
should also increase. Our results indicate that conductivity 
increased with molarity but at a disproportionate rate. Instead 
of increasing linearly with molarity, conductivity values 
increased at a decreasing rate. This could be attributed 
to the fact that as the molarity of a solution increases and 
ion-ion interactions become more frequent than ion-solvent 
interactions, the degree of dissociation of the compound, 
and thus the conductivity of the compound, will increase at a 
decreasing rate (12). This would also explain why measured 
conductivity values converge as molarity increases, 
suggesting that their conductivities begin to plateau once 
solutions reach a certain molarity value. 
 We also hypothesized that the conductivities of aluminum 
chloride, calcium chloride, and potassium chloride at a 

Figure 1: Conductivity of aqueous aluminum chloride (blue), calcium chloride (gray), and potassium chloride (orange) solutions 
of different molarities. Conductivity was measured using a Vernier conductivity meter placed in each ionic solution. Error bars represent 
standard deviation. Statistical analysis by multiple-comparison Tukey HSD Test comparing conductivity values across molarities for each 
chemical, **p<0.01.  N = 5 for potassium chloride and calcium chloride. N = 6 for aluminum chloride.
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constant molarity should be proportional to the number of 
ions each compound produces upon dissociation. However, 
our results revealed that aluminum chloride, calcium chloride, 
and potassium chloride displayed lower conductivity values 
than predicted at each molarity. Aluminum chloride, the 
compound with the greatest electrostatic forces between its 
ions, displayed the greatest disparities between its measured 
and theoretical conductivity values. We observed similar 
but not as extensive disparities for calcium chloride and 
minimal disparities for potassium chloride in the measured 
conductivity values. We hypothesize that the greater the 
electrostatic forces between ions, the fewer the number of 
ions that can fully dissociate into solution, and thus the lower 
the degree of dissociation of the compound. 
 The main source of uncertainty in our experiment is 
the temperature of the solution. The temperature in the 
classroom varied by an average of ±0.5°C across testing. 
To eliminate this uncertainty, solutions could have been 
prepared from the same initial container of water allowed to 
reach room temperature. Alternatively, all testing could have 
been completed in one testing period to minimize the time 
available for the temperature of the solvent to change.
 While the three ionic compounds used in the experiment 
produced different numbers of ions upon dissociation and 
had different charge magnitudes, the solvent remained 
constant. While varying solute characteristics provided an 
understanding of the properties of a solute that result in a 
higher or lower degree of dissociation, using a uniform solvent 
prevented us from understanding the characteristics of a 
solvent that result in a higher or lower degree of dissociation. 
Our next potential step includes investigating how the nature 
of a solvent impacts the degree of dissociation of the solute. 
To do so, the same solute could be dissolved in different 
solvents or different temperature solvents to understand how 

the chemical structure and temperature of the solvent impact 
the degree of dissociation and conductivity. 

METHODS & MATERIALS
Procedure
 Laboratory-grade aluminum chloride (Flinn Scientific 
Inc, A0179), anhydrous calcium chloride (Fisher Science 
Education, S25223), and reagent-grade potassium chloride 
(Fisher Science Education, S25484A) were dissolved in 
distilled water to create three 0.25 M solutions. A Vernier 
conductivity meter was used to measure the conductivity of 
the solutions. Each solution was then diluted to 0.20 M, 0.15 
M, and 0.10 M, and the conductivities were recorded. Five 
replicate tests were conducted for potassium chloride and 
calcium chloride, while six replicate tests were conducted for 
aluminum chloride to improve line fit quality. 

Theoretical Calculations
 After experimentation, we used the measured potassium 
chloride value at 0.10 M as a base to calculate the theoretical 
potassium chloride values, assuming the conductivity of the 
compound depended solely on the number of potassium 
chloride ions in the solution and the molarity of the solution. 
For example, the theoretical conductivity at 0.15 M should be 

Figure 2: Theoretical and measured conductivity (μS/cm) of KCl (orange), CaCl2 (gray), and AlCl3 (blue) solutions of different 
molarities. Theoretical conductivity is represented by translucent squares, while experimentally measured conductivity is represented by 
opaque circles. Assuming the conductivity of a compound depends solely on the number of ions in solution and the molarity of the solution, 
theoretical conductivity was based on the experimental conductivity of 0.10 M potassium chloride.

Table 1: Calculations of theoretical conductivity values (μS/
cm). All values are based on the experimental conductivity of 0.10 
M potassium chloride. 
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1.5-fold the conductivity at 0.10 M (Table 1). We predicted the 
theoretical calcium chloride and aluminum chloride values 
based on the theoreticized potassium chloride values, again 
assuming conductivity depends solely on the number of ions 
the compound produces upon dissociation and the molarity of 
the solution (Table 1).

Statistical Analysis
 To determine that a statistically significant difference 
existed between the average conductivity values across 
the range of molarities for each compound, we performed 
separate multiple-comparison Tukey HSD Tests comparing 
conductivity values across molarities for each chemical, 
**p<0.01.
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