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Objectives
· Use UV-Vis absorption spectroscopy for quantitative determination
· Observe the relationship between absorbed light and color in aqueous solutions
· Use volumetric glassware to prepare individual solutions and reaction mixtures with known concentrations
· Use temperature control of a reaction mixture to make consistent measurements
· Use spreadsheet software to analyze absorption data and determine concentration of ionic species in solution, ionic strength, activity coefficients, and the value of an equilibrium constant
· Determine the value of a thermodynamic equilibrium constant that accounts for ionic strength
· Observe the effect of ionic strength on an ionic dissociation equilibrium

Introduction
In this experiment, you will monitor the effect of a solution’s ionic strength on the thermodynamic equilibrium constant for the reaction in Equation 1 between the iron(III) ion and thiocyanate ion to form the iron(III)-thiocyanate complex ion.

	                                       Fe3+ (aq) + SCN- (aq) ⇌ FeSCN2+ (aq)
	(1)




Background
In general chemistry courses, chemistry students are usually taught that the equilibrium constant for a reaction in solution is calculated as a ratio of the molar concentrations of the products and reactants, each raised to the power of their stoichiometric coefficients, as shown in Equation 2.

	aA + bB ⇌ cC
	
	(2)





As you have seen in this course, the true (thermodynamic) equilibrium constant is calculated using the activities of the reactants and products, as opposed to molar concentrations, shown in Equation 3.

	
	(3)



In Equation 3, the equilibrium constant has been re-written in terms of activities, where the activity ax of species X in solution is defined as ax = [X]·γx, where [X] is the molar concentration of X and γx is the activity coefficient of X (not to be confused with the activity of X). In an idealized solution, the activity coefficient approaches 1 and the observed equilibrium constant, Kobs, is equal to the value of Ktherm. An idealized solution is defined as a solution in which the ionic strength, , is zero. Ionic strength is defined by Equation 4, where ci is the concentration of the ith ion in solution and zi is its charge.

	
	(4)



In aqueous solutions containing ionic species, the ionic strength of the solution can have a significant effect on the activities of the solutes. Spectator ions and other ionic solutes present in the solution that do not directly participate in the reaction can still affect the equilibrium behavior via their effect on the ionic strength of the solution.
Reactions throughout biochemistry, the chemical industry, and academia, as well as any reaction carried out at either high or low pH, may be conducted at high ionic concentration, so ionic strength is a significant factor in a wide range of practical settings. We will explicitly factor ionic strength into our study of the reaction in Equation 1, wherein the largely colorless iron(III) cations and thiocyanate anions combine to produce the deeply red-colored iron(III)-thiocyanate complex ion. This reaction is complicated by the tendency of iron(III) ions to hydrolyze in aqueous solutions, as shown in Equation 5 below.

	                                       Fe3+ (aq) + 3 H2O (l) ⇌ Fe(OH)3 (s) + 3 H+ (aq)
	(5)



This reaction decreases the availability of “free” iron ions in solution, but can be greatly diminished by conducting the reaction at low pH. The increased concentration of H+ ions drives the equilibrium to the left according to Le Chatelier's principle, but also greatly increases the ionic strength of the reaction mixture.

Determination of Concentrations via UV-vis Absorption Spectroscopy
The observed equilibrium constant, Kobs, can be calculated by determining the concentrations of Fe3+, SCN-, and FeSCN2+ ions at equilibrium. The strongly-colored FeSCN2+ ion absorbs light in the blue and green portions of the visible spectrum, imparting a red color to the solution, while none of the other species in solution appreciably absorb these wavelengths of light. This property can be exploited to measure its concentration in solution, as the absorbance A at a particular wavelength of light is directly proportional to the absorbing substance’s concentration, as shown in Beer’s law (Equation 6), where ε is the molar extinction coefficient (M-1cm-1), b is the path length of the light through the cuvette (1 cm in this experiment), and c is the molar concentration of FeSCN2+.

	
	(6)



An instrument known as a spectrophotometer is used to measure this absorbance. A typical spectrophotometer consists of a light source, diffraction grating, sample chamber, and a detector. Light emitted from the source is diffracted into separate wavelengths by the diffraction grating, and only monochromatic (single-wavelength) light is subsequently passed through the sample. The detector measures the intensity of the light after passing through the sample. The amount of light energy reaching the detector is converted into electric current, which is in turn converted to an absorbance reading, A. A sample that absorbs more light will allow fewer photons to reach the detector, resulting in a higher absorbance reading. 
Determination of Kobs
When Fe3+ and SCN- ions are brought together in solution, they start to combine in a reversible reaction to form FeSCN2+ ions. The reaction continues to proceed towards the products until an equilibrium is reached, at which point there is no longer a net change in either product or reactant concentrations. Taking this into account, we can express the concentrations of Fe3+, SCN-, and FeSCN2+ ions at equilibrium as shown below, with the subscript ‘0’ indicating the initial concentration.  This gives the result for Kobs shown in Equation 7.
	                                                        Fe3+ (aq)       +       SCN- (aq)       ⇌       FeSCN2+ (aq)

	Initial concentration
	
	
	

	Change in concentration
	
	
	

	Equilibrium concentration
	
	
	



	
	(7)



This can be rearranged to produce Equation 8, which is in standard quadratic form with respect to x.

	
	(8)



Using the method of series reversion4, this can be expanded to give Equation 9.

	
	(9)





Because the concentrations in this experiment are relatively small, only the first term is significant, giving us the simplified result in Equation 10.

	
	(10)



This can be re-arranged to the expression in Equation 11. From Equation 6, we know that x, which is equal to [FeSCN2+], can be expressed as x = A/(ε·b).

	
	(11)



If we divide both sides of the equation by A and distribute the 1/(ε·b) term on the right, we get the result in Equation 12.

	
	(12)



This equation fits the equation for a straight line, and shows that a plot of ([Fe3+]0·[SCN-]0)/A vs. ([Fe3+]0 + [SCN-]0) produces a straight-line equation with a slope/intercept ratio equal to Kobs. Conveniently, the method for determining Kobs shown here is independent of both the molar extinction coefficient ε as well as the path length b, and only requires the initial (not equilibrium) concentrations of Fe3+ and SCN- and the absorbance measurements A of the solution at equilibrium.

Procedure
Because the equilibrium constant and activity coefficients are strongly temperature-dependent, it is important to regulate the reaction at 25 °C. This can be accomplished with the setup shown below, and small amounts of warm water or ice can be added as needed to the water bath to help maintain the temperature.
[image: ]

Turn on the spectrophotometer and set it up to take measurements at λ = 450 nm (this is in the blue portion of the visible spectrum, and is both close to the λmax for the FeSCN2+ ion in aqueous solution and is not a wavelength absorbed by any other species in solution to an appreciable extent). Use a cuvette containing the Fe(NO3)3 solution as the blank.
Obtain the absorbance measurements in the following manner. Remember to account for the error in each volume-measuring device used. (If the error is not stated on the device, you should estimate it.)
1. Prepare 25 mL of each of the following solutions (record the exact concentrations as prepared):
a. 0.5 M HNO3
b. 2.0 M HNO3
c. 0.1 M Fe(NO3)3·9 H2O in 0.5 M HNO3
d. 0.02 M KSCN
2. In a 100-mL volumetric flask, use volumetric pipets to combine 1 mL of 0.02 M KSCN and 25 mL of 2.0 M HNO3. Mix the solutions together and dilute with distilled water to the mark on the flask.
3. Pour the solution carefully into the 250-mL reaction beaker and adjust the magnetic stirrer to allow for thorough mixing but no splashing.
4. Maintain the water bath at 25 °C and allow the system to come to thermal equilibrium for at least 10 minutes.
5. Pipet 1.00 mL of the 0.1 M Fe(NO3)3 solution into the reaction beaker and allow at least 5 minutes for the reaction mixture to come to equilibrium. Each addition of Fe(NO3)3 solution to the beaker increases the total volume by 1 mL. You will need to account for this in your data analysis.
6. Using a transfer pipet, carefully transfer some of the solution to a cuvette and measure the absorbance of the solution. Once the absorbance has been recorded, return the solution in the cuvette back into the reaction beaker.
7. Repeat steps 4-6 until ten absorbance measurements are obtained.
Data Analysis
Using a spreadsheet program, calculate the following data in a table included in your report. Do not forget that the concentration for each absorbance measurement must be corrected for each addition of Fe(NO3)3 solution (each addition increases the total volume by 1 mL). See Equation 13a-c regarding the calculations of Fe3+, SCN-, and FeSCN2+ at equilibrium.
Data to include in tables:
· [bookmark: OLE_LINK1]volume of Fe(NO3)3 solution added (in mL)
· absorbance (A)
· 
· 
· 
· 
· 
· 
· 
· 
· 
·  (remember: both HNO3 and Fe(NO3)3 contribute to NO3- concentration!)
· 
· μ (ionic strength)
· 
· 
· 
·  (for FeSCN2+)
· Kobs
· K
· Ktherm

	
	(13a)

	
	(13b)

	
	(13c)



Remember that all ions in solution will contribute to the ionic strength (μ), whether they directly participate in the reaction or not. There are six ions in the ionic strength summation (Equation 4) for this system.

The activity coefficient of a particular solute is related to the ionic strength by the Davies equation (Equation 14), which is an extension of the Debye-Hückel law for ionic solutions.

	
	(14)



The parameters in the Davies equation are only accurate at 25 °C and vary significantly with temperature, hence the need for strict temperature control in this experiment. The ratio of the activity coefficients, K, can then be calculated (as shown in Equation 3). Finally, this enables the calculation of the thermodynamic equilibrium constant Ktherm.

Data Processing
1. Plot ([Fe3+]0·[SCN-]0)/A vs. ([Fe3+]0 + [SCN-]0) and perform a linear regression analysis. Add a trendline to the plot and calculate Kobs. Determine the standard error at the 95% confidence interval and plot the residuals. Interpret the appearance of the plot. In Excel, this can be done by clicking on Tools > Add-Ins > Data Analysis > Regression.
2. Determine Ktherm by multiplying each K by Kobs. Report the average as Ktherm ± 95% confidence interval.
3. After the confidence intervals have been calculated, use the significance test and determine if Kobs and Ktherm are the same or different within experimental uncertainty at 95% and 99% confidence intervals.
4. Plot Ktherm vs. ionic strength. What relationship does this imply between the two quantities?
5. Plot  vs. absorbance (A) and use the slope of the line to determine the molar extinction coefficient () at λ = 450 nm and standard error at the 95% confidence interval. Does your reported value correspond with the literature value5 of 4685 M-1·cm-1?
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