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Experimental Objectives
	The goal of this experiment was to observe periodic trends via the solubility of ionic hydroxide salts of group 2 metal cations. 
Procedure
	After cleaning of the glassware, the burette was filled with 0.002M HCl solution (making sure there were no bubbles). A pipette was rinsed with Mg(OH)2 solution then used to transfer 50mL of the solution to an Erlenmeyer flask with a volumetric pipette. A few drops of phenolphthalein was added to the flask, turning it a clear pink colour. This was then titrated with the HCl until it reached its endpoint and returned to a clear colourless solution.  All glassware was re-prepared and cleaned. The same procedure was performed with a solution of 1mL of Ca(OH)2 diluted in 50mL distilled water, and then again with 0.5mL Sr(OH)2 diluted in 50mL of distilled water. Three titrations were performed for each salt solution. All glassware was cleaned and returned and put away. 
Results/Observations & Discussion
Table 1. Summary data of various salt solutions (Mg(OH)2, Ca(OH)2, and Sr(OH)2) being titrated with 0.002M HCl solution. The table describes volumes, moles, and solubility data for all titrations. 
	Salt Solution
	Trial
	Initial Vol
(mL)
	Final Vol
(mL)
	Vol used
(mL)
	Avg Vol (mL)
	Moles of acid to endpoint (mol)
	[OH-]
(mol/L)
	Avg [OH-] (mol/L)
	Ksp
	Avg Ksp
	s
(mg/L)
	Avg s
(mg/L)

	Mg(OH)2
	1
	0.04
	29.94
	29.9
	30.10
	6.02x10-5
	2.39E-03
	0.0024
	6.84E-09
	6.98
E-09
	69.75
	70.22

	
	2
	1.20
	31.70
	30.5
	
	
	2.44E-03
	
	7.26E-09
	
	71.15
	

	
	3
	2.12
	32.02
	29.9
	
	
	2.39E-03
	
	6.84E-09
	
	69.75
	

	Ca(OH)2
	1
	0.70
	13.62
	12.92
	13.07
	2.61 x10-5
	2.58E-02
	0.0261
	8.63E-06
	8.92
E-06
	957.24
	968.11

	
	2
	1.02
	14.75
	13.73
	
	
	2.75E-02
	
	1.04E-05
	
	1017.26
	

	
	3
	14.75
	27.30
	12.55
	
	
	2.51E-02
	
	7.91E-06
	
	929.83
	

	Sr(OH)2
	1
	13.62
	43.10
	29.48
	30.07
	6.01 x10-5
	1.18E-01
	0.1203
	8.20E-04
	8.70
E-04
	7171.30
	7314.83

	
	2
	13.17
	42.90
	29.73
	
	
	1.19E-01
	
	8.41E-04
	
	7232.12
	

	
	3
	9.30
	40.30
	31.00
	
	
	1.24E-01
	
	9.53E-04
	
	7541.06
	


 

	
	Mg(OH)2
	Ca(OH)2
	Sr(OH)2

	Volume Titrated (mL)
	25.0
	1.0
	0.5

	Molar Mass (g/mol)
	58.32
	74.09
	121.63



Other observations:
· All solutions were clear and had no colour. The Mg(OH)2, Ca(OH)2, and Sr(OH)2 solutions turned a bright clear pink colour once phenolphthalein indicator was added prior to the titration. Once the titration was over (the reaction reached the endpoint), the solution once again returned to clear and colourless. 
Discussion:
Table 2. Experimental values vs theoretical Ksp values.
	
	Theoretical
	Experimental

	Mg(OH)2	
	5.6x10-12
	7.0x10-9

	Ca(OH)2
	5.0x10-6
	8.9x10-6

	Sr(OH)2
	6.4x10-3
	8.7x10-4



As you move down periodic table, the trend that emerges is that Ksp increases for group 2 metals. Experimental data does follow this trend but is significantly different from the theoretical values. 
Solubility values for Mg(OH)2, Ca(OH)2, and Sr(OH)2 are 70.2mg/L, 968.1mg/L, and 7314.8mg/L respectively. These values also show this trend, that solubility increases as we move down the group 2 in the periodic table. 
This trend is explained by the concepts of lattice enthalpy and hydration enthalpy. Lattice enthalpy refers to ionic solids and is the energy released when breaking the crystal of an ionic compound. Hydration enthalpy is the heat released upon hydrogen bond formation between the ions and water. A more stable ionic solid translates into larger lattice energy due to the increased bond stability. As you move down the group 2 elements in the periodic table, both the lattice energy and the hydration energy decrease (related mostly to the increasing size of the ions). Solubility increases when hydration enthalpy is greater than lattice enthalpy, which is true for Group 2 hydroxides. 
Some sources of error that might explain the differences in experimental values compared to theoretical values are: The volumetric pipette, or burette were potentially not rinsed properly; the balloon for the pipetting got solution(s) in it, so contamination may have occurred; the temperature in the room may have been different than 25 degrees Celsius; and the reading of the meniscus was probably inconsistent between trials, especially when readings were split between both lab partners. 
To avoid these errors in future labs, it would help to have one person do all the readings, and the other all the measurements to remain consistent, and to be more careful when pipetting, especially with the 1mL volumetric pipette, so that the balloon doesn’t get wet. 
Calculations
Moles of acid required to reach the endpoint:
[HCl] = 0.002 M
Volume of acid required to reach endpoint = 30.10 mL = 0.0301 L 
(0.002mol/L)(0.0301L) = 0.0000602 mol
[OH-] and [Ca2+] for Ca(OH)2: 
Used 1mL Ca(OH)2 diluted with 50mL distilled water.
Avg HCl = 13.07mL
nOH- = 2.61 x10-5

	C1V1 = C2V2
	C2 = (0.002mol/L)(0.01307L)/0.001L
	C2 = 0.02614mol/L
 [OH-] = 0.026 mol/L

[Ca2+] = [OH-]/2
	= (0.02614mol/L)/2
	= 0.01307 mol/L
Ksp:
Ksp = [Ca2+][OH]2
	= (0.01307mol/L)*(0.02614mol/L)2
	= 8.92x10-6 
Solubility: 
s = [Ca2+]*Molar mass
	= (0.013mol/L)(74.093g/mol)
	= 0.9632g/L
	= 963.21 mg/L
Error calculation for C1V1 = C2V2 calculation:
Where C2 = 0.02614mol/L


Conclusion
Experiment 1 allowed us to confirm the trend that solubility of ionic hydroxide salts increases as we move down the group 2 metal cations in the periodic table. 
The final Ksp values were found experimentally to be 7.0x10-9, 8.9x10-6, and 8.7x10-4 for Mg(OH)2, Ca(OH)2, and Sr(OH)2 respectively. The average solubility was found to be 70.2mg/L for Mg(OH)2, 968.1mg/L for Ca(OH)2, and 7314.8mg/L for Sr(OH)2. This follows/confirms the trend stated above for the increasing solubility as you move down group 2 on the periodic table, but are significantly different from theoretical/literature values. 
[bookmark: _GoBack]
Questions
1. Would the solubility of Mg(OH)2 in 0.01 M hydrochloric acid be greater than, or less than that in pure distilled water? Explain. Would a similar result be observed in phosphoric acid? 
The solubility of Mg(OH)2 in 0.01M HCl would be greater than in distilled water. This can be seen when looking at a solubility table, and is because the product of the neutralization reaction is more soluble in water than the products of the other reaction. This is true of any hydroxide’s solubility in acid versus in water. 
Mg(OH)2   Mg2+ + 2OH-   vs 	Mg(OH)2 + HCl   MgCl2 + H2O (where the salt is soluble in water)
Phosphate is solid compound barely soluble in water, and will not lead to a similar result since the chemical properties of this acid are solid at normal conditions, and will therefore behave differently. However, the reaction will show a similar interaction between the base and acid, but not in terms of solubility.
2. What volume of a saturated solution of barium hydroxide would you suggest using (keeping in mind the glassware you have available) if you wanted to determine solubility of Ba(OH)2 using a 0.002 M solution of HCl. Explain your answer. 
Ksp Ba(OH)2 = 5.0x10-3
VHCl = 1mL = 0.001L
VBa(OH)2= x
nOH-= 0.001L*0.002mol/L = 0.002 mol
[OH-] = 0.002mol/x(L) = 0.002/x mol/L
[Ba2+] = (0.002/x)/2 mol/L = 0.002/2x mol/L
Can now solve for x:
Ksp = [Ba2+][OH-]2 = 5.0x10-3 = (0.002/2x mol/L)(0.002/x mol/L)2
	x = 0.32 L 
3. In the experiment to determine the solubility of alkaline earth hydroxides using hydrochloric acid solution: 
a. What is the balanced net ionic reaction occurring during EVERY titration in this experiment? 
A net ionic reaction shows a chemical reaction without its spectator ions, aka only shows the ions actively involved in the reaction.
The common ionic equation for all 3 reactions (and all acid-base reactions) is: 
2H+(aq) + 2OH-(aq)  2H2O (l)
The individual balanced reactions are: 
2HCl + Mg(OH)2  MgCl2 + 2H2O
2HCl + Ca(OH)2  CaCl2 + 2H2O
2HCl + Sr(OH)2  SrCl2 + 2H2O
b. What is the analyte in the titration? 
The analyte is the ionic salt solution in all the titrations:
Mg(OH)2, Ca(OH)2, Sr(OH)2
c. What is the titrant solution in the titration? 
The 0.002M HCl solution. 
d. What else do you need to add to the analyte before completing the titration? 
Phenolphthalein or another indicator.
e. How do you know when the titration is over? 
When the solution loses the pink colour, the colour change indicates the endpoint. 
f. Is there a difference between endpoint and equivalence points? Explain.
Endpoint is an approximation of equivalence point, and is demonstrated through the colour change (in this titration, pink to colourless). The equivalence point is when the moles of the titrant are equal to the moles of the analyte. 
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