Complexometric Titration
Determination of Calcium by Titration with EDTA
(Source: http://www.nmt.edu/~fletcher/labs/lab03/Lab03_EDTA_Complex_Titration.html)

 

                A complex is a molecule or ion formed by the reaction of two or more ions or molecules capable of independent existence.  The most important complexation reactions from an analytical point of view are those between a metal ion in solution and a complexing agent.  A metal atom can usually form a bond with one or more donor atoms which have at least one unshared pair of electrons.  The number of donor atoms which bond with a given atom depends on the number of electron pairs that the metal ion can accept, in other words, the coordination number of the metal ion.  Complexing agents, or ligands, which can provide more than one pair of electrons (multidentate ligands), are also called chelating agents.

 

                In a complexometric titration, a solution containing the free metal ion of interest is titrated with a solution of chelating agent until all of the metal ions are completely complexed.  The endpoint is usually measured with an indicator ligand that forms a colored complex with the free metal ion.

 

                The most important chelating agent in analytical chemistry is ethelyenediaminetetraacetic acid (EDTA).  The tetrabasic form of this acid forms complexes with virtually all metal ions.  EDTA is a hexadentate ligand; each of the acid oxygens and each of the amine nitrogens can donate one electron pair.  The metal ion is usually held in a one-to-one complex with EDTA.  The complexes have four or five         5-membered rings, contributing significantly to their stability.  Unfortunately, EDTA cannot be easily used as a primary standard.  It is available in pure form, but must be dried at 80C for several days to obtain the precise composition of the dihydrate.  In any case, standardization of EDTA titrant against a solution of the metal ion to be determined helps to eliminate any errors in endpoint selection.
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                It is important to realize that the electron pairs of the carboxylic acid groups of EDTA are only available to the metal ion when the acid is dissociated.  This means that the effectiveness of the complexing agent is strongly affected by pH.  At low pH EDTA will be in the acid form and will not be an effective complexing agent.  Additionally, many metal ions form complexes with hydroxide ions.  Hydroxide ions compete with the chelating agent for coordination sites in the metal ion.  Therefore, the effectiveness of the complexing agent will also be reduced at high pH.  For a given chelating agent and metal ion, there will be an optimum pH for the titration which will depend on the pKa values for the chelating agent and the formation constants for the metal-hydroxide complexes.

 

                One difficulty in the application of complexometric titration methods has been the development of suitable indicators for metal ions that allow visual titrations to be carried out on dilute solutions.  Calmagite is the indicator of choice in this titration and gets its name because it is an excellent indicator for calcium and magnesium.  However, at high pHs calmagite is not a sensitive indicator for calcium.  The magnesium-EDTA complex has a lower formation constant than the calcium-EDTA complex, and therefore the magnesium-indicator-EDTA reaction (providing the observed color change) does not take place until all of the calcium has been titrated.  In the titration of solutions containing only calcium, the magnesium may be added to the titrant or the solution being titrated.  If it is added to the titrant before the standardization, its presence is accounted for in the standardization step.  If it is added to the solution to be titrated, it should be added as the EDTA complex, otherwise the amount of magnesium added must be known accurately.

 



 

 

                

        

                Calmagite forms very strong complexes with many transition metals and therefore even traces of these metals may be enough to retain the indicator in the red form.  Very pure (deionized) water must be used for titrations in which calmagite is used as indicator to prevent this problem.  Alternatively, masking agents such as CN- or S2- can be added to complex with the transition metals and prevent such an interference.

 

                The reactions for the determination of calcium with EDTA in the presence of Mg are:

 

Ca2+ + H2Y2-  CaY2- + 2H+                                                (1)

 

Ca2+ + MgY2-  CaY2- + Mg 2+                                          (2)

 

where Y represents EDTA and H2Y2- represents the dibasic form of EDTA.  For detection with calmagite in the presence of magnesium the reaction is:

 

MgIn- + H2Y2-  MgY2- + HIn2- + H+                                (3)

                                                                (RED)                                     (BLUE)

 

where In represents the indicator.  Recall, this reaction only occurs after all calcium in solution has formed a complex with EDTA.

 

 

Pre-Lab Calculations – MUST be completed and checked before beginning the experiment

 

                Assuming a 0.010 M EDTA titrant solution, calculate the mass of pure dry CaCO3 standard to use such that the volume of titrant needed to reach the endpoint will be about 25 mL if one mole of calcium carbonate reacts with one mole EDTA.

 

                Calcium carbonate in water does not dissociate well.  It is necessary to aid the dissociation of calcium carbonate and shift the equilibrium of equation (4) to the right by the addition of acid.

 

CaCO3  Ca2+ + CO32-                                                        (4)

 

2H+ + CO32-  H2CO3*  H2O + CO2                               (5)

 

                Assuming you use the mass of calcium calculated above, determine the amount of 6 M HCl (in mL) that you will need to add to completely dissolve the calcium carbonate.  How many drops of 6 M HCl will you need to add to add this volume if 1 drop is approximately 0.05 mL?

 

Experimental

 
Reagents and Equipment Required

 

1.                    6 M ammonium hydroxide (NH4OH)

2.                    1% MgCl2 in distilled water

3.                    0.010 M EDTA solution, prepared from disodium EDTA.  Add 1.47 grams of disodium EDTA, 9 mL of 1% MgCl2 solution, and 1.4 mL of 6 M NH4OH to about 400 mL of distilled water.

4.                    Calcium carbonate primary standard, dry

5.                    Sodium sulfide solution, 0.1 M

6.                    pH 10 ammonium buffer solution, in a plastic container dissolve ~1 gram of NH4Cl in 20 mL of 6 M NH4OH, dilute to ~100 mL with distilled water

7.                    0.1% Calmagite indicator solution

 

Procedure

 

                Prepare calcium carbonate standard and titrate with EDTA.  Weigh, to the nearest 0.1 mg, 3 samples of dry CaCO3 into separate 250 mL erlenmeyer flasks.  The masses of the standard samples should be near that calculated in the prelab calculations and should be recorded to 4 significant figures in your notebook.  Dissolve the calcium carbonate by adding 10 mL of distilled water and the least amount of 6 M HCl that is necessary to dissolve the calcium carbonate.  Avoid loss of solution due to rapid evolution of CO2.  Add 10 mL of the pH 10 ammonium buffer and 1 mL of sodium sulfide solution.  Mix thoroughly.  Add 4-5 drops of the calmagite indicator solution.  It is important to add the masking agent (Na2S) first and to mix thoroughly before adding the indicator.  Titrate with the EDTA solution to a blue end point with no hint of red.  Calculate the effective concentration of the EDTA solution.

 

Titrate unknown with EDTA.  Pipet 50 mL of unknown water into a clean, dry 250 mL erlenmeyer flask (a 500 mL flask may need to be used).  Add 10 mL of the pH 10 ammonium buffer and 1 mL of sodium sulfide solution.  Mix thoroughly.  Add 4-5 drops of the calmagite indicator solution and titrate with EDTA to the blue end point.  If the first titration took between 15 and 40 mL of titrant, prepare 2 more aliquots of the same volume.  If the volume of the titrant was outside these boundaries, adjust the volume of unknown water so that the volume of titrant used approaches 25 mL.

  

Compute the average calcium (in ppm) in your unknown sample and give this value to the TA before leaving.  Before the next lab, record the calcium concentrations from all students in all sections.  Compute an average calcium concentration (in ppm) for each section of lab.  Is there a statistically significant difference between the two data sets at the 90% confidence level?  Can any data be excluded based on the Q-test?  Include your calculations and conclusions with your assay sheet.
Name                                                                      
 

EDTA Titration

 

 

Show a sample of all calculations on the back

 

 

 

Mass of CaCO3                     1                                              2                                              3                              
 

Volume of EDTA                  1                                              2                                              3                              
 

Concentration of EDTA      1                                              2                                              3                              
 

        Average Molarity                                                        s                                              90                           
 

 

 

 

UNKNOWN SOURCE                    
 

 

Volume of EDTA                  1                                              2                                              3                              
 

Volume of Unk.                     1                                              2                                              3                              
 

Mass of Ca2+ in Unk.           1                                              2                                              3                              
 

 

[Ca2+] as ppm        1                                              2                                              3                              
 

Average Conc.                                                     s                                              90                           
 

Average Conc (section 1)                                                                   Average Conc (section 2)                                   
 

 

 

Is there a statistical difference (at the 90% confidence level) between the average calcium concentration determined in the two lab sections?  Can any of the data points be omitted?  Show how you came to this conclusion.

 

 

 

 

Why is a pH 10 buffer used?

 

 

 

 

Why do you add 1% MgCl to the EDTA solution?

 

 

 

 

Why do you add Na2S to the samples?

pKa-2 = 0.0


pKa-1 = 1.5


pKa1 = 2.0


pKa2 = 2.66


pKa3 = 6.16


pKa4 = 10.24








