Lab 16

Acid-Base Titration
INTRODUCTION
In the chemistry laboratory, it is sometimes necessary to experimentally determine the concentration of an acid solution or a base solution. A procedure for making this kind of determination is called an acid-base titration. In this procedure, a solution of known concentration, called the standard solution, is used to neutralize a precisely measured volume of the solution of unknown concentration to which one or two drops of an appropriate acid-base indicator have been added. If the solution of un​known concentration is acidic, a standard base solution is added to the acid solution until it is neutralized. If the solution of unknown concentra​tion is basic, a standard acid solution is added to the base solution until it is neutralized.

When carrying out an acid-base titration, you must be able to recog​nize when to stop adding the standard solution, that is, when neutraliza​tion is reached. This is the purpose of the acid-base indicator mentioned above. A sudden change in color of the indicator signals that neutralization has occurred. At this point, the number of hydronium ions from the acid is equal to the number of hydroxide ions from the base. The point at which this occurs is called the end point of the titration. When the end point is reached, the volume of the standard solution used is carefully determined. Then, the measured volumes of the two solutions and the known concen​tration of the standard solution can be used to calculate the concentration of the other solution. The following steps tell how to calculate the unknown concentration:

1.
Write the balanced equation for the reaction. From the coefficients, determine how many moles of acid reacts with 1 mole of base (or vice versa). Use the coefficients to form a mole ratio.

2.
If the mole ratio is 1:1, the following relationship can be used to calculate the unknown concentration:

Ma x Va = Mb x Vb
where 
Ma = molarity of the acid solution



Mb = molarity of the base solution



Va  = volume of the acid solution



Vb  = volume of the base solution

The equation for this relationship can be rewritten to find the solution of unknown concentration, For example, if the molarity of the base were unknown, the equation would be
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3.
If the mole ratio is not 1:1, the calculation of the unknown molar​ity is slightly more complicated. For example, if 2 moles of standard acid solution is needed to neutralize 1 mole of base of unknown concen​tration, the following relationship exists:

Ma x Va = 2(Mb x Vb)
The 2 in this equation is known as the mole factor

In Part A of this experiment, you will determine the molarity of a solution of NaOH by titrating it with a standard solution of HCl.  The equation for this reaction is

HCl + NaOH ( NaCl + H2O
Because the mole relationship of H+ to OH- is 1:1, no mole factor will he needed in your calculations.

In Part B of the experiment, you will titrate household white vinegar. Most commercial vinegar contain at least 4% acetic acid by weight. You will use the NaOH solution whose molarity you determined in Part A for the titration of the vinegar.

Up to this point in your laboratory work, most of your quantitative experiments have required you to calculate mass relationships. This is known as gravimetric analysis. Titration requires you to use volume relationships, a technique known as volumetric analysis.

This experiment should lead to a better understanding of the proper​ties of acids and bases, neutralization reactions, and titration techniques.

Purpose

A. Determine the molarity of a NaOH solution by titrating it with a standard HCl solution. 
B. Determine the molarity of a sample of white vinegar.
C. To employ the titration equation, Ma x Va = Mb x Vb where Ma is the molar concentration of the acid, Va the volume of the acid sample you use in the lab, Mb is the base molarity and Vb is the base volume.
D. To see the role of an indicator.
E. To use the burette, the most accurate instrument for measuring and dispensing volume.

F. To introduce an analytical chemistry lab.

Materials


burets, 50-mL (2)


dropper pipet


ring stand



pipet, 10-mL

double buret clamp


suction bulb


graduated cylinder, 10-niL

safety goggles


Erlenmeyer flask, 250-mL

lab apron or coat

beakers, 250-mL (2) 


small funnel

0.100 M HCl (standard solution)
distilled water


NaOH (concentration unknown)
detergent solution


phenolphthalein


white vinegar

SAFETY 
Follow all precautions for working with acids and bases. Always wear safety goggles and a lab coat or apron when working in the lab.
THE BURETTES ARE ON RiNG STANDS IN THE BACK BENCH OF THE LAB, NEAR THE TV. WHEN YOU TAKE A BURETTE HOLD THE-STAND FROM THE BOTTOM AND FROM THE POLE BURETTES COST $83.00; YOU BREAK IT, YOU BUY IT!

PROCEDURE
PART A: TITRATION OF BASE OF UNKNOWN CONCENTRATION

1.
Wash two burets with detergent solution. Rinse them thoroughly, first with tap water, then with distilled water.
2. 
Obtain about 100 mL of standard acid solution in a clean, dry 250-mL beaker. Obtain about the same amount of the base of unknown concentration in a second 250-mL beaker. CAU​TION: Handle these solutions with care. They can cause painful burns if they come in contact with the skin.
 3. 
Pour about 10 mL of acid into one buret and rinse the inside surface of the buret thoroughly. Allow the acid to run out the buret tip. Fill the buret to slightly above the 0.0-mL mark with acid. Then allow the acid to flow out the buret tip until the bottom of the meniscus is at the 0.0-mL mark (see Figure 39-1). Be sure there are no bubbles in the tip. If bubbles are present, add a little more acid to the buret and allow it to drain through the tip until it is free of bubbles and the meniscus is at 0.0 mL.

4.
Repeat step 3 using the base solution in the second buret.
Starting with step 5, one lab partner should carry out the instructions while the second partner records the data.

5.
Place a 125-mL Erlenmeyer flask under the acid buret as in Figure 39-2. Holding a sheet of white paper behind the buret to make the scale easier to read, allow exactly 10.0 mL of acid to flow into the flask.

6.
Add exactly 10.0 mL of distilled water to the flask. Then, using a clean dropper pipet, add three drops of phenolphthalein. Swirl the flask to mix all the ingredients.

7.
Place the flask on a sheet of white paper under the buret containing the base solution. To avoid splashing, he sure the tip of the buret is in the flask (See Figure 39-2).

8.
Swirling the flask gently, begin the titration by adding NaOH to the flask drop by drop. Continue until a faint pink color re​mains for about 30 seconds. If “overtitration” occurs (the pink color is too deep), follow your teacher’s instructions for correct​ing this condition.
a.
When you begin to see the reaction “blush” pink temporarily you should slow down your rate of adding base...

b.
This can he tedious, add a drop, swirl, and look at color and repeat.

c.
When the pink color remains, you are done.

9.
Note and record the exact final volume reading on the scale of the base buret. Discard the solution in the flask as instructed. Wash and rinse the flask.

10.
Repeat the titration (steps 5 through 9). It is not necessary to refill the burets. Simply read and record the initial volumes of the solutions in the burets carefully.


After one lab partner has completed two titrations of the NaOH, the lab partners should switch roles. The recording partner should complete two trials (steps 5 through 9) while the other partner takes over the recording duties. NOTE: Be sure to read and record the initial volumes of the solutions in the burets at the beginning of each trial.
PART B TITRATION OF WHITE VINEGAR

11.
Using a pipet, measure 10 mL of white vinegar into a 250inL Erlenmeyer flask. Add 100 mL of distilled water.

12.
Add three drops of phenolphthalein and carefully titrate, using the same NaOH solution used in Part A.

13.
If overtitration occurs, add a measured amount of vinegar to the flask (using the pipet) until the solution is colorless. This time, reach the end point carefully by titrating drop by drop with the NaOH solution.
OBSERVATIONS AND DATA
PART A

	
	Trial 1
	Trial 2
	Trial 3
	Trial 4

	
	HCl
	NaOH
	HCl
	NaOH
	HCl
	NaOH
	HCl
	NaOH

	Initial Reading
	
	
	
	
	
	
	
	

	Final Reading
	
	
	
	
	
	
	
	

	Volume Used
	
	
	
	
	
	
	
	


PART B

Total volume: white vinegar = ___________
Total volume: NaOH solution = ___________
CALCULATIONS
PART A

For each trial, calculate the molarity of the NaOH solution using the relationship 
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	Trial 1


	

	Trial 2


	

	Trial 3

	

	Trial 4


	


PART B

To determine the molarity of the NaOH solution used, average the results calculated in Part A. Then use the relationship Ma x Va = Mb x Vb to calculate the molarity of the white vinegar. The volumes of acid and base are those in Part B of “Observations and Data.”

Conclusions and Questions

1.
How reproducible were the results of your two trials? How did your results compare with those of your partner?

2.
Define these terms: standard solution; titration; end point; volumetric analysis; gravimetric analysis.

3.
If 30.0 mL of 0.500 M KOH is needed to neutralize 10.0 mL of HCl of unknown concentration, what is the molarity of the HCI?

4. 
How many mL of 0.100 M NaOH is needed to titrate 20.0 mL of 0.100 M H2SO4? Use a balanced equation for the neutralization reaction and explain your calculations.

5.
Explain why people can use white vinegar in preparing foods and in cooking without danger to the skin or the internal organs.
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