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(2 week lab – 1 Report)

BACKGROUND (WEEK1) Prelab
Alkalinity is the capacity of a water sample to neutralize acid, resulting from the following combinations of three representative types of bases:

· Carbonate only (CO32-)
· Bicarbonate only (HCO3-)
· Hydroxide only (OH-)
· Carbonate and Bicarbonate (CO32- and HCO3-)
· Carbonate and Hydroxide (CO32- and OH-)

The amount of each type of base in a water sample may be determined by a double endpoint acid-base titration. The total amount of acid neutralized by the water sample is typically expressed as “equivalents of CaCO3”.

Two indicators are used:
· Phenolphthalein, (“phth"), is used to detect the first endpoint, (EP1).
Pink → clear
· Bromocresol green / methyl red, (“Mixed”), is used to detect the second endpoint, EP2. Blue-green → Very light pink, yellow or colorless
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Table 1a - Five different possibilities for analyzing and detecting the amount of carbonate, bicarbonate, and hydroxide that is present in a sample.
	
	

	Carbonate (CO32-)
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	Bicarbonate (HCO3-)
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	Hydroxide (OH-)
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	Carbonate (CO32-) and Bicarbonate (HCO3-)
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	Carbonate (CO32-) and Hydroxide (OH-)
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Table 1b: Summary. To use the table you only need to know how much acid was required to reach each endpoint and match it up with one of the five possibilities.
	Sample
	Ep1 Volume (mL)
	Ep2 Volume (mL)
	Comparison

	CO32- ONLY
	X
	X
	EP1 = EP2

	HCO3- ONLY
	0
	Y
	EP1 ≈ 0

	OH- ONLY
	Z
	0
	EP2 ≈ 0

	CO32- and HCO3-
	X
	(X + Y)
	EP1 < EP2 but EP1 ≠ 0

	CO32- and OH-
	(X + Z)
	X
	EP1 > EP2 but EP2 ≠ 0



Calculations to Report Alkalinity Values

Results from the alkalinity analysis are reported in units of "mg CaCO3/L sample". This is used because traditionally "water hardness" is also reported with the same unit.
We will have data from our experiment to represent the mL of acid required (“A”) and the molarity (“M”) of the sulfuric acid. Using the reaction below, we can convert these measurements to the desired unit of "mg CaCO3/L sample".

H2SO4 + CaCO3 → CaSO4 + H2O + CO2

Because we will use 20.0 mL of sample, the conversion looks like this:


A ml H2SO4

x M moles H2SO4 x 1 mole CaCO3 x 100. g CaCO3 x
  

1 mg CaCO3
3


20.0 mL sample

1 L H2SO4	1 mole H2SO4	1 mole CaCO3

1x103 g CaCO


When all constants are collected and the units are cancelled, we get Equation 1.

Alkalinity (in mg CaCO3/L sample) = A x M x (5.00 x103)	Eqn. 1

The results from an alkalinity analysis are reported using five different parameters:
1. Total Alkalinity - the result based on the total amount of acid used
2. Phenolphthalein Alkalinity - the result based on the amount of acid required to reach the first endpoint
3. Carbonate Alkalinity - the result due to the presence of CO32- in the sample
4. Bicarbonate Alkalinity - the result due to the presence of HCO32- in the sample
5. Hydroxide Alkalinity - the result due to the presence of OH- in the sample


To report these five values, we use Equation 1 to do every calculation. Only the value of A will be different (our molarity, M, is the same for the entire experiment). It will be helpful to look at another table to determine the value of A. EP1 and EP2 refer to titrant volumes (H2SO4) at the two respective endpoints.

Table 2: Guide to reporting the five alkalinity values. To use this table, we first need to identify what is in our sample by going through the analysis with Table 1b. Then, knowing what is in the sample; we come to Table 2 and go to the row with that category. By following across the row, we know what value of A to substitute into Equation 1 for our different parameters.

	Sample
	Total Alk
	Phth Alk
	CO32- Alk
	HCO3- Alk
	OH- Alk

	CO32- ONLY
	A=EP1 + EP2
	A=EP1
	A=EP1 + EP2
	A=0
	A=0

	HCO3- ONLY
	A=EP2
	A=0
	A=0
	A=EP2
	A=0

	OH- ONLY
	A=EP1
	A=EF1
	A=0
	A=0
	A=EP1

	CO32- and HCO3-
	A = EP1 + EP2
	A=EP1
	A = 2 X EP1
	A = EP2 – EP1
	A=0

	CO32- and OH-
	A=EP1 + EP2
	A=EP1
	A = 2 X EP2
	A=0
	A = EP1 – EP2



PROCEDURE


Part 1 (WEEK 1) Preparation of Na2CO3 Solution


Equipment Needed
· 250 mL volumetric flask
· 10 mL volumetric pipet
· Pipet pump (green)
· Parafilm


1. Use a clean, dry weigh boat to mass about 1.0 g of Na2CO3. It doesn’t have to be exactly 1.0 g, but close to that is good. Record the exact mass of your sample. You will need it later to calculate the molarity of this solution. Next transfer the contents of the weigh boat into a clean 250 mL volumetric flask, rinsing any residual powder out of the weigh boat and into the flask with distilled water from a rinse bottle. Note: The flask doesn’t need to be dry as long as the liquid inside is distilled water.
2. Add about 50 mL of distilled water to the 250 mL volumetric flask and swirl to dissolve completely. Add about 50 mL more of distilled water and swirl. Then, fill to the line with distilled water, cap with parafilm, and mix well by placing your thumb firmly over the parafilm and inverting the flask several times.

3. You have just prepared the "Standard Sodium Carbonate Solution" and you need to calculate its molarity and include the calculation in your lab report.

Example: Suppose you added 0.5210 g Na2CO3 STD (99.96% pure by weight) and diluted it to a final volume of 500.0 mL. What is the molarity of the solution?

Molarity of Na2CO3 = 0.5210 g STD x 99.96 g Na2CO3 x 1 mole Na2CO3 = 9.830x10-3 M 0.5000 L soln	100.0 g STD	105.96 g Na2CO3

Part 2 (WEEK 1) Standardization of H2SO4 Solution


Equipment Needed
· 50 mL buret
· Ring stand
· Buret clamp
· Buret funnel (The small one)
· Heating plate
· Three 250 mL Erlenmeyer flasks
· 10 mL volumetric pipet
· Pipet pump (green)


1. Obtain about 50 mL of the 0.05 M sulfuric acid solution (H2SO4) from the designated supply. Pour about 5 mL into your buret (use the buret funnel), swirl it around, and empty it into a waste beaker. Repeat for a total of 3 rinses. This process is known as "conditioning" your buret, so that any liquid inside is now your solution and not water or something else. Put your buret into the buret clamp and, using your buret funnel, fill the buret to about the 0 mL line, making sure that the tip is filled and has no bubbles.
2. Using a 10.0 mL volumetric pipet, transfer TWO 10.0 mL portions of your "Standard Sodium Carbonate Solution" into a 250-mL Erlenmeyer flask (for a total of 20.0 mL added). Using a graduated cylinder, add about 20 mL of distilled water. Then add 3-4 drops of phenolphthalein and swirl (the solution should be pink).

3. In your lab notebook, estimate how many mL of your sulfuric acid solution will be required to titrate 20.0 mL of your "Standard Sodium Carbonate Solution" to the first endpoint (EP1) using the 0.05 M sulfuric acid solution (H2SO4)? The reaction is:
H+ + CO32- → HCO3- (1st endpoint)

Example: Using 20.0 mL of the 9.830x10-3 M STD (from previous example), we get

0.0200 L STD x 9.830x10-3 moles CO32- = 1.960x10-4 moles CO32-
L STD soln

1.960x10-4 moles CO32- x 1 mole H+	x 1 mole H2SO4 = 9.830x10-5 mole H2SO4 1 mole CO32-		2 mole H+

9.830x10-5 mole H2SO4 x 	1 L soln	= 1.97x10-3 L = 1.97 mL of H2SO4 needed
0.05 moles H2SO4

4. Record the EXACT initial buret reading. Estimate the second decimal place; i.e., X.XX mL - you do not have to start at 0.00 mL, you just need to know where you started. Titrate with a piece of white paper under your flask so that you can see the color change easier and have a flask of distilled water nearby so that you can compare your endpoint color to it.
5. Titrate to EP1. Quickly add about half of your estimated amount, constantly swirling the flask to ensure mixing. Slow down and continue titrating until the pink color starts to disappear; then go drop-by-drop until the color has completely disappeared. Once your solution has turned clear and colorless (as compared with your distilled water flask), record the final reading from the buret in your lab notebook. The difference between the final and initial readings is the volume of acid for EP1.
6. Titrate to EP2. Record the initial volume (same as the final volume of the previous titration). Add 3-4 drops of the "mixed indicator" to the same flask. The color should be blue-green.

How many mL of your sulfuric acid solution should be required to reach the second endpoint?  	

7. Quickly add about 1 /2 of your answer to Question #3 to your flask (you should still have some blue-green-gray color at this point), with constant swirling. Remove the flask and place on a heating plate; heat to just boiling - do not allow it to spatter. Using folded paper towel, take the flask by the neck and dip it in a bucket of ice water (one bucket per lab bench should suffice) until the flask is just barely warm to the touch.

8. The color of your solution might have changed back to pink; if it did (or didn't), that's OK. Continue the titration (if it was pink, a drop or two of acid will make it turn back to blue- green). The end-point is when all of the blue-green color is gone (sometimes the endpoint appears yellowish, sometimes very pale pink, sometimes almost colorless: the important thing is that the blue-green is no longer there!). Again the best way to see the color change is by having a piece of white paper under the flask. Record the final reading from the buret in your lab notebook. The difference between the final and initial readings is the volume of acid for EP2.
9. Empty the contents of your flask into a designated waste container, as instructed. Then repeat steps 2-8 for two more samples of your "Standard Sodium Carbonate Solution".
10. Calculate the molarity of your sulfuric acid solution, using all six endpoint volumes.
11. Calculate the average molarity and standard deviation (or average deviation) Include in report (Example below).

Example: Continuing with values from the previous examples, suppose that EP1 required 10.01 mL of H2SO4 and EP2 required 9.91 mL of H2SO4



20.0 mL STD soln


10.01 mL H2SO4

0 .009830 mol CO2−
×	×3 

1 L STD sol′n

1 mol H+


1 mol CO2−3


× 1 mol H2SO4 2 mol H+

= 0.009820 M H2SO4 from EP1


AND



20.0 mL STD soln


9.91 mL H2SO4

0 .009830 mol CO2−
×	×3 

1 L STD sol′n

1 mol H+


1 mol CO2−3


× 1 mol H2SO4 2 mol H+

= 0.009919 M H2SO4 from EP2

Part 3 (WEEK 2) Titration of an Unknown and a Natural Water Sample


Equipment Needed
· 50 mL buret
· Ring stand
· Buret clamp
· Buret funnel (it is the really tiny funnel)
· Heating plate
· Three 250 mL Erlenmeyer flasks
· 10 mL volumetric pipet
· Pipet pump


Procedure:
1. Use the same set-up as in Part 2. Transfer 20.0 mL of unknown solution to each of three 250 mL Erlenmeyer flasks using the 10.0 mL volumetric pipet and pipet pump. Add about 20 mL of distilled water to each (using a graduated cylinder) and then 3-4 drops of phenolphthalein. Fill the buret with your sulfuric acid (H2SO4) solution and record the initial reading in your lab notebook.
a. If the color of the solution is very pale pink, slowly add 2 or 3 drops of H2SO4. If the color disappears, record EP1 as equal to zero. If the solution is colorless, do not add any H2SO4; we will also record this endpoint as zero. Proceed to Step 2.
b. If the color of the solution is a definite pink, slowly add H2SO4 with swirling until the solution becomes colorless (comparing to a flask containing distilled water just like before). Record the final volume in the buret in your lab notebook. The difference between the final and initial readings is the volume of acid for EP1.

2. Refill the buret with your sulfuric acid (H2SO4) solution and record the initial volume. To the same flask from Step 1, add 3-4 drops of mixed indicator.
a. If the color of the solution is not a bright blue-green, slowly add 2 or 3 drops of H2SO4. If the blue-green disappears, record EP2 as equal to zero. If the solution was yellowish, pale pink, or almost colorless when the indicator was added, also record this endpoint as zero.
b. If the color of the solution is blue-green, slowly titrate until the blue-green starts to fade, remove the sample and heat it on the hot plate to almost boiling, cool it using an ice bath until slightly warm and continue titrating until the blue-green color disappears. Record the final volume from the buret in your lab notebook. The difference between the final and initial readings is the volume of acid for EP2.
3. After you have completed the first trial, you can titrate the next two much more quickly because you know the approximate volume of acid required for each endpoint. You could, therefore, add 1/2 or 2/3 of that amount very quickly and then slow down near the endpoint. You should also know what components are in your unknown at this point.
4. Repeat the same procedure as above, but this time use 20.0 mL of the provided natural water sample instead of the Na2CO3 solution. Titrate the provided natural water sample in triplicate as well.
5. Using Table l, you should be able to identify the components of your unknown and of your natural water sample. Then, using Table 2 and Equation (1), calculate the five different alkalinities for each.

Example: Suppose my unknown required 8.11 mL of 0.00987 M H2SO4 to reach EP1 and an additional 2.95 mL to reach EP2. This means that EP1 > EP2 and from Table 1, that tells me that my unknown contains CO32- and OH-. I now need to go to Table 2 to find the values of A that should be substituted into Eq. (1):

Alkalinity (in mg CaCO3/L sample) = A x M x (5.00 X 103)	Eq. 1


i. Total Alkalinity: A = EP1 + EP2 = 8.11 mL + 2.95 mL = 11.06 mL
Total Alkalinity = 11.06 × 0.00987 × (5.00 × 103)
Total alkalinity = 546 mg CaCO3/L


ii. Phenolphthalein Alkalinity: A = EP1 = 8.11 mL
Phenolphthalein alkalinity = 8.11 × 0.00987 × (5.00 × 103)
Phenolphthalein alkalinity = 400. M gCaCO3/L


iii. Carbonate alkalinity: A = 2 x EP2 = 2 x 2.95 mL = 5.90 mL
Carbonate alkalinity = 5.90 × 0.00987 × (5.00 × 103)
Carbonate alkalinity = 291 mg CaCO3/L


iv. Bicarbonate alkalinity = 0 mg CaCO3/L (because there isn't any in the unknown. (Bicarbonate alkalinity cannot be negative)

v. Hydroxide alkalinity: A = EP1 – EP2 = 8.11 mL - 2.95 mL = 5.16 mL Hydroxide alkalinity = 5.16 × 0.00987 × (5.00 × 103) Hydroxide alkalinity = 255 mg CaCO3/L

Part 4 (WEEK 2) Potentiometric Titration Of Unknown


Equipment Needed:
· 50 mL buret
· Ring stand
· Buret clamp
· Buret funnel
· Magnetic stir plate
· Magnetic stir bar
· pH meter and electrode
· 10 mL volumetric pipet
· Pipet pump
· 250 mL beaker
· Wash bottle



Procedure:
1. Calibrate the pH meter as you were taught in the previous experiments.
2. Transfer 20.0 mL of your unknown to a 100 mL or 250 mL beaker (containing the magnetic stirring bar). Add enough distilled water to cover the tip of the electrode. Fill the buret with the sulfuric acid solution and record the initial reading in your lab notebook. Slowly turn on the magnetic stirrer, making sure that the stirring rod is not hitting the electrode (which is very expensive!). Record the initial pH (i.e. when 0 mL of sulfuric acid has been added).
At this point you already know the approximate amount of acid required to reach the first and/or second endpoints for your unknown. (Some of you will have only one endpoint; it doesn't matter if it is the first or second endpoint, you would stop after you have reached it.)
3. Add H2SO4 in 1.0 mL increments, recording the pH at each step until you are 1.5 mL away from your first endpoint. At this point, you want to make smaller additions and record the pH more frequently. Add 0.5 mL of H2SO4 at a time and record the pH after each addition

until you are 1.5 mL beyond your first end point. Repeat this same procedure for the second endpoint (if you have a second endpoint).
4. Clean up your work space and return burets, magnetic stir bars, pH meters and electrodes to their proper places.
5. For the report you will need to construct a graph (as indicated in Figure 1) with pH (y-axis) vs. mL sulfuric acid (x-axis). On the same graph you will plot -pH/mL on the y-axis against mL sulfuric acid on the x-axis. The peaks in the -pH/mL curve help to pinpoint where the largest changes in slope occur and these indicate where EP1 and EP2 volumes are. (See example on next pages.)

Example: To estimate the value of -ΔpH/ΔmL at 5.00 mL we use the points at 4.50 and 5.50 mL.
From Table 3, pH = 11.54 at 4.50 mL of H2SO4 and pH = 10.95 at 5.50 mL of H2S04.

pH =	- (11.54 - 10.95)	= 0.59
		


= 0.59 mL-1

mL	(4.50 mL - 5.50 mL)	1.00

Table 3: Sample -ΔpH/ΔmL Data

	Volume of H2SO4 Added
	pH
	-ΔpH/ΔmL

	0.00
	12.70
	0.14

	0.50
	12.63
	0.14

	1.00
	12.56
	0.15

	1.50
	12.48
	0.16

	2.00
	12.40
	0.18

	2.50
	12.30
	0.21

	3.00
	12.19
	0.25

	3.50
	12.05
	0.34

	4.00
	11.85
	0.51

	4.50
	11.54
	0.90

	5.00
	10.95
	0.59

	5.50
	10.95
	0.40

	6.00
	10.55
	0.70

	6.50
	10.25
	0.60

	7.00
	9.95
	0.70

	7.50
	9.55
	1.64

	8.00
	8.31
	2.48

	8.50
	7.07
	1.64

	9.00
	6.67
	0.70

	9.50
	6.37
	0.60

	10.00
	6.07
	0.70

	10.50
	5.67
	1.96

	11.00
	4.11
	3.04

	11.50
	2.63
	1.77

	12.00
	2.34
	0.45

	12.50
	2.18
	0.28

	13.00
	2.06
	0.21

	13.50
	1.97
	0.16

	14.00
	1.90
	0.14




6. From your graph, obtain the volumes of acid for your endpoint(s) and calculate the five alkalinity values for your unknown as you did in Part 3. These results may differ somewhat from Part 3.

Figure 1: Sample potentiometric titration plotPotentiometric Titration of Unknown 15
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Table 4: Preparation of Na2CO3 solution from Part 1

	Mass of Na2CO3 Used (g)
	1.03 g

	Total Solution Volume (mL)
	250mL

	Calculated Molarity of Na2CO3 Solution (M)
	0.0389M



Table 5: Standardization of H2SO4 Solution

	
	Trial 1
	Trial 2
	Trial 3

	Volume of Na2CO3 Used (mL)
	20
	20
	20

	
	Ep1
	Ep2
	Ep1
	Ep2
	Ep1
	Ep2

	Initial Volume of H2SO4 (mL)
	0.10
	8.20
	15.90
	23.90
	30.80
	39.60

	Final Volume of H2SO4 (mL)
	8.20
	15.90
	23.90
	30.80
	39.60
	46.25

	Total Volume of H2SO4 (mL)
	8.10
	7.70
	8.00
	6.90
	8.80
	6.65

	Average Molarity of H2SO4 (M)
	0.4875
	0.527
	0.474

	Standard Deviation
	0.4485
	0.4880
	0.4351



Table 6: Titration Data for Unknown Sample
	
	Trial 1
	Trial 2
	Trial 3

	Volume of Unknown Sample Used (mL)
	20
	20
	20

	
	Ep1
	Ep2
	Ep1
	Ep2
	Ep1
	Ep2

	Initial Volume of H2SO4 (mL)
	.65
	3.95
	11.2
	14.7
	22.05
	25.15

	Final Volume of H2SO4 (mL)
	3.95
	11.2
	14.7
	22.05
	25.15
	32.65

	Total Volume of H2SO4 (mL)
	3.30
	7.25
	3.5
	7.35
	3.1
	7.50

	Total Alkalinity
	2051 mg NaCO3/L
	2110.325 mg NaCO3/L
	2061.7 mg NaCO3/L

	Phenolphthalein Alkalinity
	641 mg NaCO3/L
	680.75 mg NaCO3/L
	602.95 mg NaCO3/L

	Carbonate alkalinity
	2820.25 mg NaCO3/L
	2859 mg NaCO3/L
	2917 mg NaCO3/L

	Bicarbonate alkalinity
	0.00
	0.00
	0.00

	Hydroxide alkalinity
	-768.27 mg NaCO3/L
	-748.825 mg NaCO3/L
	-855.8 mg NaCO3/L



Table 7: Titration Data for Aqueous Sample
	
	Trial 1
	Trial 2
	Trial 3

	Volume of Aqueous Sample Used (mL)
	20
	20
	20

	
	Ep1
	Ep2
	Ep1
	Ep2
	Ep1
	Ep2

	Initial Volume of H2SO4 (mL)
	.40
	6.1
	16.4
	21.5
	7.95
	13.40

	Final Volume of H2SO4 (mL)
	6.1
	16.4
	21.5
	32.65
	13.40
	23.10

	Total Volume of H2SO4 (mL)
	5.7
	10.3
	5.1
	11.15
	5.45
	9.70

	Total Alkalinity
	3112 mg NaCO3/L
	3160.625 mg NaCO3/L
	2946.675 mg NaCO3/L

	Phenolphthalein Alkalinity
	1108.65 mg NaCO3/L
	991.95 mg NaCO3/L
	1060.025 mg NaCO3/L

	Carbonate alkalinity
	4006.7 mg NaCO3/L
	4337.35 mg NaCO3/L
	3773.3 mg NaCO3/L

	Bicarbonate alkalinity
	0.00
	0.00
	0.00

	Hydroxide alkalinity
	-894.7 mg NaCO3/L
	-1176.725 mg NaCO3/L
	-826.625 mg NaCO3/L



Table 8: Potentiometric Titration Data for Unknown

	Volume of H2SO4 Added (mL)
	pH
	-ΔpH/ΔmL

	0.50(initial)    0
	9.59
	

	1
	9.31
	0.28

	2
	8.87
	0.44

	2.5
	8.62
	0.5

	3
	7.82
	1.6

	3.5
	6.91
	1.82

	4
	6.60
	0.61

	4.5
	6.42
	0.36

	5
	6.26
	0.48

	6
	6.02
	0.24

	7
	5.76
	0.26

	8
	5.51
	0.25

	9
	5.19
	0.32

	9.5
	5.00
	0.38

	10
	4.67
	0.66

	10.5
	3.66
	2.02

	11
	2.91
	1.50

	11.5
	2.63
	0.56

	12
	2.48
	0.30


Etc.
Discussion 
Table 5 presents the standard deviation of the molarity of the solution. In this case, SD is used to determine how the molarity of the solution varies in the three trials. 
Table six presents calculated alkalinities, including total alkalinity, phenolphthalein alkalinity, carbonate alkalinity, bicarbonate alkalinity, and hydroxide alkalinity. This table shows results for titration of the unknown sample. Carbonate alkalinity is highest in all trials, phenolphthalein is second, and total alkalinity is third. Bicarbonate alkalinity is zero while hydroxide alkalinity is in the negative side. 
Table seven shows results for titration of a known aqueous solution. In this table, carbonate alkalinity is highest while hydroxide alkalinity is negative. Bicarbonate alkalinity is zero because it cannot be negative. 
Conclusion
Determining the alkalinity of a substance is important because it helps in the determination of the volume of water required to neutralize an acid. Alkalinity is achieved by the use of three bases, i.e.  hydroxide, carbonate, and bicarbonates. There is also the combination of carbonates and bicarbonates and carbonates and hydroxides. 
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