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Short Description

Manual for Anachem 1 (CHM112)...



Description


Analytical Chemistry 1 Laboratory



Exercise No. 1 USING THE ANALYTICAL BALANCE OBJECTIVES 1. 2. 3. 4.



To know the different types of an analytical balance To know the parts of an analytical balance To know the proper use and care of an analytical balance To learn the proper technique of weighing by difference as used in the analytical laboratory



BACKGROUND An analytical balance is a weighing instrument with a maximum capacity that ranges from a gram to a few kilograms with a precision of at least one part in 105 at maximum capacity. The precision and accuracy of many modern analytical balances exceed one part in 106 at full capacity. Analytical balances may be classified as follows: 1. Macrobalances – with a maximum capacity ranging between 160 and 200 g and with measurements that can be made with a standard deviation of 0.1 mg. 2. Semimicroanalytical balances – with a maximum loading of 10 to 30 g with a precision of 0.01 mg. 3. Microanalytical balance – with a capacity of 1 to 3 g and a precision of 0.001 mg. An analytical balance is a delicate instrument that must be handled with care. The following general rules must be observed when working with an analytical balance (regardless of make or model). 1. Place the load on the center of the pan. 2. Protect the balance from corrosion. Objects to be placed on the pan should be limited to non-reactive metals, non-reactive plastics, and vitreous materials. 3. Observe special precautions in the weighing of liquids. 4. Keep the balance and its case always clean. A camel’s hair brush would be useful for the removal of spilled material or dust. 5. Always allow an object that has been heated to return to room temperature before weighing it. 6. Use tongs or finger pads to prevent the uptake of moisture by dried objects.
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Weighing by difference is a simple method for determining a series of sample weights. In this experiment, you will obtain the mass of five one peso coins first by determining the mass of each coin individually. Then you will determine the mass of all five coins at once, removing one coin at a time, and will calculate the individual masses of each coin by finding the difference. The pair of masses determined for a particular coin by the two different methods should agree within a few tenths of a milligram. From the data, you will determine the mean and median values, the standard deviation, and the relative standard deviation of the masses of the coins. APPARATUS/GLASSWARE Analytical balance Five one-peso coins A pair of tweezers PROCEDURE 1. After you have been instructed on the proper use and care of the balance and have become familiar with it, obtain a set of coins and a pair of tweezers from the instructor. 2. Do not handle the coins with your fingers; always use the tweezers. If you are using a mechanical balance, be sure to have the balance in the “off” or “complete arrest” position whenever removing anything from or adding anything to the balance pan. 3. Before you begin to determine the masses, zero your analytical balance carefully. Select five coins at random from the vial containing the coins, and weigh each coin on your balance. Enter the data in your laboratory notebook. Keep track of the identity of each coin by placing each one on a labeled piece of paper. 4. Check the zero setting on your balance. Place the same five coins on the balance pan, determine their total mass and record it. 5. Remove one of the coins from the balance, obtain the mass of the remaining four, and record the mass. 6. Repeat this process, removing one coin at a time. Obtain the individual masses by subtraction. This process is known as weighing by difference, which is the means of determining mass in an analytical laboratory.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Exercise No. 1 USING THE ANALYTICAL BALANCE DATA SHEET I. DIRECT WEIGHING



Coin Identity



Absolute Deviation (Individual Coin Weight – Mean Weight)



Individual Coin Weight (g)



Square of the Absolute Deviation



A B C D E Summation, g Average weight of coins (Mean Weight), g Median (taken from the set of individual weights), g Maximum weight, g Minimum weight, g Range (w) Standard deviation (s) NOTE: Show computations on the space provided. Use extra sheets if necessary.
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II. WEIGHING BY DIFFERENCE Weight of 5 coins as a group, g



__________



Coin Identity



Individual Weights by Difference



Weight of coins as a group after __________ A removing coin A Weight of coins as a group after __________ B removing coins A and B Weight of coins as a group after __________ C removing coins A, B and C Weight of coins as a group after __________ D removing coins A, B, C and D Weight of coins as a group after __________ E removing coins A, B, C, D and E NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date School of Chemical Engineering and Chemistry Mapua Institute of Technology
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Exercise No. 2 MAKING QUANTITATIVE TRANSFERS OBJECTIVES 1. To know the proper directions in the use of a volumetric flask 2. To know the proper technique in the quantitative transfer of liquid to a volumetric flask BACKGROUND Volumetric flasks are manufactured with capacities ranging from 5 mL to 5 L and are usually calibrated to contain a specified volume when filled to a line etched on the neck. They are used for the preparation of standard solutions and for the dilution of samples to a fixed volume prior to taking aliquots with a pipette. Some are also calibrated on a to-deliver basis; these are readily distinguished by two reference lines on the neck. If delivery of the stated volume is desired, the flask is filled to the upper line. Before being put into use, volumetric flasks should be washed with a detergent and thoroughly rinsed. Only rarely do they need to be dried. If required, however, drying is best accomplished by clamping the flask in an inverted position. Inserting a glass tube connected to a vacuum line hastens the drying process. The proper way to quantitatively transfer a liquid to a volumetric flask is to insert a funnel into the neck of the volumetric flask. A stirring rod is used to direct the flow of liquid from the beaker into the funnel. The last drop of liquid is tipped off on the spout of the beaker with a stirring rod. Both the stirring rod and the interior of the beaker are rinsed with distilled water and the washings are transferred to the volumetric flask, as before. The rinsing process is repeated at least for two more times. REAGENTS Distilled water Solid KMnO4
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APPARATUS/GLASSWARE 50-mL beaker 100-mL volumetric flask Analytical balance Cork stopper Glass funnel Glass rod Glass funnel Plastic washing bottle PROCEDURE 1. Weigh a 50-mL beaker on a triple-beam balance or an appropriate electronic top-loading balance. 2. Adjust the balance for an additional 0.4 g and add solid KMnO 4 to the beaker until the beam is again balanced. If you have an electronic balance with a tare function, depress the tare button to set the balance to zero. Then add KMnO4 until the balance reads about 0.4 g. Note that chemicals should never be returned to a stock bottle, as this may contaminate the bottle. 3. Dissolve the potassium permanganate in the beaker using about 20 mL of distilled water. Stir gently to avoid loss. This is nearly a saturated solution, and some care is required to dissolve the crystals completely. 4. Quantitatively transfer the solution to a 100-mL volumetric flask fitted with a small funnel. To prevent the solution from running down the outside of the beaker, pour it down the stirring rod, and then touch the rod to the spout of the beaker to remove the last drop. Add more water to the beaker, stir, and repeat the procedure. 5. Repeat the procedure until no trace of the color of the permanganate remains in the beaker. Note the number of washings that is required to quantitatively transfer the permanganate from the beaker to the flask. 6. Rinse the last portion of the solution from the stirring rod to the volumetric flask with a stream of water from the wash bottle. Rinse the funnel and remove it. Dilute the solution in the flask until the bottom of the meniscus is even with the graduation mark. Stopper, invert, and shake the flask. Return it to the upright position, and allow the air bubble to return all the way to the top of the neck. 7. Repeat until the solution is completely homogeneous; about 10 inversions and shakings are required.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Exercise No. 2 MAKING QUANTITATIVE TRANSFERS DATA SHEET



Weight of 50-mL beaker, g Weight of 50-mL beaker after taring, g Weight of solid KMnO4, g Volume of KMnO4 solution, mL Molarity of KMnO4 solution, mmoles KMnO4/mL solution Number of washings that is required to quantitatively transfer the permanganate from the beaker to the flask NOTE: Show computations on the space provided. Use extra sheets if necessary.



_____________________ Instructor’s Signature/Date
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Exercise No. 3 DELIVERING AN ALIQUOT OBJECTIVES 1. To know the appropriate use of different types pipettes 2. To know the proper technique of delivering an aliquot of a solution BACKGROUND Pipettes permit the transfer of accurately known volumes from one container to another. Common types of pipettes are presented in the following table: NAME Volumetric Mohr Serological Ostwald-Folin Lambda Lambda Eppendorf



FUNCTION To deliver fixed volume To deliver variable volume To deliver variable volume To deliver fixed volume To contain fixed volume To deliver fixed volume To deliver variable or fixed volume



AVAILABLE CAPACITY, mL 1 – 200 1 – 25 0.1 – 10 0.5 – 10 0.001 – 2 0.001 – 2 0.001 – 1



Nowadays, numerous automatic pipettes are available for situations that call for the repeated delivery of a particular volume. In addition, a motorized, computercontrolled microliter pipette is also available. This device is programmed to function as a pipette, a dispenser of multiple volumes, a burette, and a means for diluting samples. The volume desired is entered on a keyboard and is displayed on a panel. A motor-driven piston dispenses the liquid. Maximum volumes range from 10 to 2500 L. Liquid is drawn into a pipette through the application of a slight vacuum. Liquid must not be suctioned off by mouth because of the risk of accidental ingestion of the liquid being pipetted. Instead, a rubber suction bulb or a rubber tube connected to a vacuum source should be used.
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REAGENTS Distilled water KMnO4 solution APPARATUS/GLASSWARE 10-mL pipette 25-mL graduated cylinder 50-mL beaker 250-mL volumetric flask Erlenmeyer flask Plastic washing bottle Rubber suction PROCEDURE 1. Fill a pipette with the solution of potassium permanganate and let it drain. 2. Draw a few milliliters of distilled water from a 50-mL beaker into the pipette, rinse all internal surfaces of the pipette, and discard the rinse solution. Do not fill the pipette completely; this is wasteful, timeconsuming, and inefficient, Just draw in a small amount, tilt the pipette horizontally, and turn it around to rinse the sides. 3. Determine the minimum number of such rinsings required to completely remove the permanganate color for the pipette. If your technique is efficient, three rinsings should be enough. 4. Again fill the pipette with a permanganate solution and proceed as before. This time, determine the minimum volume of rinse water required to remove the color by collecting the rinsings in a graduated cylinder. Less than 5 mL is enough with an efficient technique. In the rinsing operations, was the water in the 50-mL beaker contaminated with permanganate? 5. As a test of your technique, ask the laboratory instructor to observe and comment as you rinse a 10-mL pipette several times with the solution of potassium permanganate you prepared. 6. Pipette 10-mL of the permanganate solution into a 250-mL volumetric flask. 7. Carefully dilute the solution to volume, mixing as little contents as possible. 8. Mix the solution by repeatedly inverting and shaking the flask. Note the effort that is required to disperse the permanganate color uniformly throughout the solution.
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9. Rinse the pipette with the solution in the volumetric flask. Pipette 10-mL aliquot of the solution into an Erlenmeyer flask.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Exercise No. 3 DELIVERING AN ALIQUOT DATA SHEET



Minimum number of rinsing required to completely remove the KMnO4 solution from the pipette Minimum volume of rinse water required to completely remove the KMnO4 solution from the pipette Volume of KMnO4 solution, mL Volume of diluted KMnO4 solution, mL Volume of aliquot of KMnO4 solution transferred, mL NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date School of Chemical Engineering and Chemistry Mapua Institute of Technology
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Exercise No. 4 CALIBRATING A PIPETTE OBJECTIVES 1. To know the importance of calibrating a pipette 2. To learn the proper technique in calibrating a pipette BACKGROUND Volumetric glassware is calibrated by measuring the mass of liquid (usually distilled water) of known density and temperature that is contained in (or delivered by) the volumetric ware. In carrying out calibration, a buoyancy correction must be made since the density of water is quite different from that of the weights. All glassware should be freed of water breaks before being calibrated. When a pipette, burette, or another piece of volumetric glassware is cleaned properly, no droplets of reagent remain on the internal surfaces when they are drained. This is very important for accurate and reproducible results. If the reagent adheres to the inside of a pipette, the nominal volume of the pipette cannot be delivered. The water used for calibration should be in thermal equilibrium with its surroundings. The condition is best achieved by drawing the water in advance, noting its temperature at frequent intervals and waiting until no further changes occur. The calibration of a volumetric pipette should start by determining the mass of an empty stoppered receiver to the nearest milligram. The temperatureequilibrated water will then be transferred to the receiver using the pipette. The mass of water delivered will then be calculated from the difference of the mass of the receiver with water and the mass of the empty receiver. The volume of water delivered will be computed by a buoyancy correction factor. REAGENTS Distilled water
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APPARATUS/GLASSWARE 10-mL pipette 50-mL Erlenmeyer flask 400-mL beaker Analytical balance Cork stopper Suction bulb Thermometer PROCEDURE 1. Clean a 10-mL pipette. When a pipette, burette, or another piece of volumetric glassware is cleaned properly, no droplets of reagent remain on the internal surfaces when they are drained. This is very important for accurate and reproducible results. If the reagent adheres to the inside of a pipette, the nominal volume of the pipette cannot be delivered. NOTE: In cleaning a pipette or any other glassware with alcoholic KOH, use a bottle of cleaning solution and rinse it off thoroughly before returning the pipette to the shelf. Do not put the bottle of cleaning solution directly on a bench top; it may ruin the surface. The solution is very corrosive. If your fingers feel slippery after using the solution, or if some parts of your body develop an itch, wash the area thoroughly with water. 2. Obtain a 400-mL beaker of distilled water equilibrated to room temperature. 3. Determine the mass of the flask and the stopper and record it to the nearest 0.1 mg. NOTE: Do not touch the flask after the weighing. Use tongs or a folded strip of waxed paper to manipulate the flask. 4. Measure and record the temperature of the water. 5. Pipette 5 mL of distilled water to the flask. Stopper the flask, determine the mass of the flask and the water and record the mass. 6. In the same way, add a second 5 mL of water to the flask; remove the stopper just before the adding. Replace the stopper, and once again determine and record the mass of the flask and the water. NOTE: Following each trial, determine the mass of the water added to the flask.
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7. Repeat this process until you have determined four consecutive masses of water that agree within a range 0.02 g. NOTE: If the determinations of masses of water delivered by the pipette do not agree within this range, the pipetting technique may be wrong. Request your instructor for assistance in finding the source of the error, and then repeat the experiment until you are able to deliver four consecutive volumes of water with the precision cited. 8. Correct the mass for buoyancy and calculate the volume of the pipette in milliliters. 9. Report the mean, the standard deviation, and the relative standard deviation of the volume of the pipette. Calculate and report the 95% confidence interval for the volume of the pipette.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Exercise No. 4 CALIBRATING A PIPETTE DATA SHEET



Water Temperature, oC Weight of empty 50-mL Erlenmeyer flask with cork stopper, g



Weight of water, g



Volume of Weight of 50-mL Erlenmeyer Weight of water, mL flask with water and stopper, g 5 mL water, g 5 10 15 20 25 30 35 40 45 50 NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date School of Chemical Engineering and Chemistry Mapua Institute of Technology
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Exercise No. 5 READING AND USING A BURETTE OBJECTIVES 1. To know the proper care of a burette 2. To learn the proper technique in using the burette in the analytical laboratory BACKGROUND Burettes enable the analyst to deliver any volume up to their maximum capacity. The precision attainable with a burette is greater than that with a pipette. A burette consists of a calibrated tube to hold titrant plus a valve arrangement by which the flow of titrant is controlled. This valve is the principal source of difference among burettes. The simplest pinchcock valve consists of a closefitting glass bead inside a short length of rubber tubing that connects the burette and its tip; only when the tubing is deformed does liquid flow pass the bead. A burette equipped with a glass stopcock for a valve relies upon a lubricant between the ground-glass surfaces of a stopcock and a barrel for a liquid-tight seal. Some solutions, especially bases, cause a glass stopcock to freeze upon long contact therefore a thorough cleaning is needed after each use. Burette’s valves made of Teflon are commonly used since they are unaffected by most common reagents and require no lubricant. A proper amount of lubricant has been used when (1) the area of contact between a stopcock and a barrel appears nearly transparent, (2) the seal is liquid-tight and (3) no grease has worked its way into the tip. Make sure that the stopcock is closed when filling up the burette. The tip must be free of air bubbles. Liquid level must be just about or somewhat below the zero mark. Be sure that the tip of the burette is well within the titration vessel. The solution must be swirled constantly to ensure thorough mixing. REAGENTS Distilled water
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APPARATUS/GLASSWARE 10-mL pipette 250-mL Erlenmeyer flask Burette Burette clamp Suction bulb Thermometer PROCEDURE 1. Mount a burette on a burette clamp and fill it up with distilled water. 2. Get the initial reading of the volume of water after 30 seconds. Use a burette reading card to take the readings. Never adjust the volume of the solution in a burette to an exact 0.00 mL. Attempting to do so will cause inaccuracy in the measurement process and will waste time. NOTE: A burette reading card can be easily prepared by attaching a piece of black electrical tape to a 3” x 5” index card. 3. Allow about 5 mL run into a 250-mL Erlenmeyer flask. Wait at least 30 seconds and then take the “final reading.” The amount of solution in the Erlenmeyer flask is equal to the difference between the final reading and the initial reading. Notice that the final digit in the burette reading is your estimate of the distance between two consecutive 0.1-mL marks on the burette. 4. Refill the burette, and take a new zero reading. Add 30 drops to the Erlenmeyer flask, and take the final reading. Calculate the mean volume of one drop; repeat this using 40 drops, and again calculate the mean volume of a drop. Record these results and compare them. 5. Finally, practice adding half-drops to the flask. Calculate the mean volume of several half-drops, and compare your results with those obtained with full drops. In performing titrations, you should attempt to determine end points to within half a drop to achieve precision.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Exercise No. 5 READING AND USE OF BURETTE DATA SHEET I. MEASURING 5 mL OF DISTILLED WATER



Trial 1



Trial 2



Final burette reading, mL Initial burette reading, mL Volume of water dispensed, mL



II. MEASURING THIRTY (30) DROPS OF DISTILLED WATER



Trial 1 Final burette reading, mL Initial burette reading, mL Volume of 30 drops of distilled water, mL Mean volume of 1 drop of distilled water, mL
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III. MEASURING FORTY (40) DROPS OF DISTILLED WATER



Trial 1



Trial 2



Final burette reading, mL Initial burette reading, mL Volume of 40 drops of distilled water, mL Mean volume of 1 drop of distilled water, mL



IV. MEASURING TEN (10) HALF DROPS OF DISTILLED WATER



Trial 1



Trial 2



Final burette reading, mL Initial burette reading, mL Volume of 10 half drops of distilled water, mL Mean volume of a half drop of distilled water, mL NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date School of Chemical Engineering and Chemistry Mapua Institute of Technology
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Experiment No. 1 GRAVIMETRIC DETERMINATION OF CALCIUM OBJECTIVES 1. To be familiar with the Gravimetric methods of analysis. 2. To determine the weight of Ca in the calcium oxalate dihydrate [CaC2O4 2H2O] unknown sample. BACKGROUND Gravimetric methods are based upon on the measurement of mass. Precipitation and volatilization are the two major types of gravimetric methods. Precipitation methods involve converting the analyte to a sparingly soluble precipitate. The precipitate is then filtered, washed free of impurities and converted to a product of known composition by suitable heat treatment. In a precipitation method of determining Ca, an excess of oxalic acid, H2C2O4, is added to a carefully measured volume of the sample. The addition of ammonia causes all of the calcium in the sample to precipitate as CaC2O42H2O. Ca2+(aq) + C2O42-(aq)  CaC2O42H2O (s) The precipitate is soluble in acidic solutions because oxalate ion is a weak base. Large, easily filtered, relatively pure crystals of product will be obtained if the precipitation is carried out slowly. This can be done by dissolving Ca+2 and C2O4-2 in acidic solution and gradually raising the pH by the thermal decomposition of urea. The precipitated is collected in a weighed filtering crucible, dried and ignited at a red heat. This process converts the precipitate entirely to calcium oxide represented by the equation: CaC2O42H2O (s)  CaO(s) + CO(g) + CO2(g) The crucible and precipitate are cooled and weighed and the mass of calcium oxide is determined by the difference. The calcium content of the sample is then computed using the appropriate gravimetric factors.
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REAGENTS 0.1 M HCl solution Ammonium oxalate Distilled water (previously boiled and cooled) Filter paper Methyl red indicator Urea APPARATUS/GLASSWARE 25-mL volumetric pipette 250-mL beaker Analytical balance Desiccator Funnel support Glass funnel Glass rod Hotplate Oven Petridish Suction bulb Watch glass PROCEDURE 1. Clean and oven-dry two (2) covers of petridish. 2. Cool in a desiccator. 3. Weigh the petridish together with a filter paper.



Determination of calcium as calcium oxalate dihydrate 1. Use a few of small portions of the unknown to rinse a 25-mL transfer pipette and discard the washings. 2. Transfer exactly 25 mL duplicate portions of the unknown to a 250-mL beaker and dilute with about 75 mL of 0.1 M HCl. 3. Add 5 drops of methyl red indicator. This indicator is red below a pH of 4.8 and yellow above a pH of 6.0. 4. Add about 25 mL of ammonium oxalate solution to each beaker while stirring with a glass rod. Be sure to rinse the rod before removing. 5. Add about 15 g of solid urea to the sample. Cover with a watch glass and boil gently for 30 minutes until the indicator turns yellow.
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6. Filter each hot solution through a funnel. 7. Add about 3 mL of ice cold water to the beaker and, using a rubber policeman, transfer the remaining solid to the funnel. 8. Repeat this procedure with small portions of ice cold water until all of the precipitate has been transferred. 9. Finally, use 10 mL portion of ice cold water to rinse each beaker and pour the washings over the precipitate. 10. Transfer the filtered precipitate to the dried petridish and dry in an oven set at 105oC for 1-2 hours. 11. Cool down the petridish and place inside the dessicator for 30 minutes. 12. Immediately weigh the petridish with CaC2O42H2O precipitate. 13. Calculate the weight of Ca in the CaC2O42H2O precipitate. 14. Get the average weight of Ca.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 1 GRAVIMETRIC DETERMINATION OF CALCIUM DATA SHEET DETERMINATION OF CALCIUM AS CALCIUM OXALATE DIHYDRATE, CaC2O4 2H2O Sample No.



Trial 1



Trial 2



Volume of sample analyzed, mL Weight of petridish + filter paper, g Weight of CaC2O4 2H2O precipitate, g Weight of Ca in CaC2O4 2H2O precipitate, g Average weight of Ca in CaC2O4 2H2O precipitate, g NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date
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Experiment No. 2 PREPARATION AND STANDARDIZATION OF TITRANT SOLUTIONS OBJECTIVES 1. To learn how to prepare acid and base titrant solutions 2. To know how to standardize titrant solution using primary standard 3. To know how to standardize titrant solution using secondary standard BACKGROUND Standard solutions (titrant solution) are reagents of known concentration and play an important role in all titrimetric methods of analysis. Thus, the following properties of these solutions must be considered: 1. Sufficiently stable so that it is only necessary to determine its concentration once; 2. React rapidly with the analyte so that the time required between additions of reagent is minimized; 3. React more or less completely with the analyte so that satisfactory end points are observed; and 4. Undergo a selective reaction with the analyte that can be described by a simple balanced equation. The accuracy of a titrimetric method can be no better than the accuracy of the concentration of the standard solution used in the titration. The standard solutions used in neutralization titrations are strong acids or strong bases because these substances react more completely with an analyte. Standard solutions of acids are prepared by diluting concentrated hydrochloric, perchloric, or sulfuric acid. Nitric acid is seldom used because its oxidizing properties offer the undesirable side reactions. Standard solutions of bases are prepared from solid sodium, potassium and barium hydroxides. Determining the concentration of a standard solution can be done in either of these two methods: 1. Direct Method. The weighed quantity of a primary standard is dissolved in a suitable solvent and is diluted to an exactly known volume in a volumetric flask. 2. Standardization. The solution to be standardized is used to titrate (a) a weighed quantity of a primary standard, (b) a weighed quantity of a School of Chemical Engineering and Chemistry Mapua Institute of Technology
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secondary standard, or (c) a measured volume of another standard solution. A primary standard is a highly purified compound that serves as a reference material in all volumetric and mass titrimetic methods. The accuracy of a method is critically dependent on the following properties of a primary standard: 1. High purity 2. Stability toward air 3. Absence of water of hydration so that the composition of the solid does not change with variations in relative humidity. 4. Availability at modest cost 5. Reasonable solubility in the titration medium 6. Large molar mass so that the relative error associated with weighing the standard is minimized. The standard base solution in the experiment was standardized against Potassium Hydrogen Phthalate (KHP) as the primary standard. KHP is a nonhygroscopic crystalline solid. The standardization of the base may be illustrated by the equation: KHC8H4O4 + NaOH



NaKC8H4O4 + H2O



REAGENTS 50% NaOH solution Concentrated HCl solution Distilled water (previously boiled and cooled) Phenolphthalein indicator Potassium Hydrogen Phthalate (KHP) APPARATUS/GLASSWARE 1-L volumetric flask 10-mL pipette 50-mL beaker 250-mL Erlenmeyer flasks Acid and base burettes Glass stoppered bottles or Polyethylene bottles Graduated cylinder Suction bulb
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PROCEDURE



Preparation of 1L of Approximately 0.01 M HCl Solution



1. With a measuring pipet, measure about 8 to 9 mL of concentrated HCl. Caution! Be very careful in measuring this concentrated acid placed in the hood. 2. Place the measured concentrated HCl to about 200 mL of distilled water (previously boiled and cooled) in a 1-L volumetric flask. Mix thoroughly and store in a glass-stoppered bottle. Label. NOTE: a. Standard solutions of base are reasonably stable as long as they are protected from contact with the atmosphere. b. A tightly capped low-density polyethylene bottle can usually provide sufficient short-term protection against the uptake of atmospheric carbon dioxide. c. Before capping, the flexible bottle is squeezed to minimize the interior air space. Care should also be taken to keep the bottle closed except during the brief periods when the contents are being transferred to a burette. d. Sodium hydroxide solutions will ultimately cause a polyethylene bottle to become brittle. e. The concentration of solutions of sodium hydroxide decreases slowly (0.1 to 0.3% per week) when the base is stored in glass bottles. f. The loss in strength is caused by the reaction of the base with the glass to form sodium silicates. For this reason, standard solutions of base should not be stored for extended periods (longer than 1 or 2 weeks) in glass containers. g. In addition, bases should never be kept in glass-stoppered containers because the reaction between the base and the stopper may cause the stopper to “freeze” after a brief period. h. To avoid the same type of freezing, burette with glass stopcocks should be promptly drained and thoroughly rinsed with water after use with standard base solutions. This problem is avoided when a burette equipped with Teflon stopcocks is used.



Preparation of 1L of Approximately 0.01 M NaOH Solution which is CarbonateFree



1. With a measuring pipette, measure about 4 to 5 mL of 50% NaOH. Caution! Use extreme care in handling 50% NaOH, which is highly corrosive. If the reagent comes into contact with skin, immediately flush the area with copious amounts of water.
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2. Place the measured NaOH solution to about 200 mL of distilled water (previously boiled and cooled) in a 1-L volumetric flask. Mix thoroughly, and store in a tightly capped polyethylene bottle. Label. After each removal of base, squeeze the bottle while tightening the cap to minimize the air space above the reagent. The bottle will become embrittled after extensive use as a container for bases. Protect the solution from unnecessary contact with the atmosphere.



Standardization of Sodium Hydroxide against Potassium Hydrogen Phthalate



1. Dry a quantity of primary-standard potassium hydrogen phthalate (KHP). 2. Weigh (to the nearest 0.1 mg) individual 0.7-g to 0.8-g duplicate samples of the dried primary-standard KHP (oven dried for about 2 hours at 110oC and cooled in a desiccator) into 250-mL Erlenmeyer flasks. 3. Dissolve each in 50 to 75 mL of distilled water. 4. Add 2 drops of phenolphthalein; titrate with base until the pink color of the indicator persists for 30 s. 5. Calculate the concentration of the NaOH solution in terms of molarity. Get the average molarity of NaOH.



If both acid and base solutions have been prepared, it is useful to determine their volumetric combining ratio. Knowledge of this ratio and the concentration of one solution permit the calculation of the other.



Standardization of HCl using Secondary Standard NaOH



1. Place a test tube or a small beaker over the top of the burette that holds the NaOH solution to minimize contact between the solution and the atmosphere. 2. Record the initial volumes of acid and base in the burettes to the nearest 0.01 mL. Do not attempt to adjust the initial reading to zero. Deliver 25 mL of the acid into a 250-mL Erlenmeyer flask. Rinse the tip of the burette with a little distilled water from a wash bottle. 3. Add two drops of phenolphthalein and then a sufficient base to render the solution a definite pink. Introduce acid dropwise to discharge the color, and again rinse down the walls of the flask. Carefully add base until the solution again requires a faint pink hue that persists for at least 30 s. 4. Record the final burette volumes (again, to the nearest 0.01 mL). Repeat the titration twice. Calculate the molarity of HCl. Get the average molarity based on the two trials performed.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 2 PREPARATION AND STANDARDIZATION OF TITRANT SOLUTIONS DATA SHEET I. STANDARDIZATION OF NaOH SOLUTION USING HYDROGEN PHTHALATE (KHP) PRIMARY STANDARD Trial 1



POTASSIUM



Trial 2



Weight of KHP primary standard, g Volume of NaOH solution used, mL Molarity of NaOH solution, mmoles/mL Average molarity of NaOH solution, mmoles/mL



II. STANDARDIZATION OF HCl SOLUTION USING NaOH SECONDARY STANDARD Trial 1



Trial 2



Volume of HCl solution titrated, mL Volume of NaOH solution used, mL Average molarity of NaOH solution, mmoles/mL (from Table I) Molarity of HCl solution, mmoles/mL Average molarity of HCl solution, mmoles/mL NOTE: Use separate sheet to show computations.
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Experiment No. 3 DETERMINATION OF ACID CONTENT IN COMMERCIALLY AVAILABLE PRODUCTS (Individual Analysis) OBJECTIVES 1. To be familiar with concepts of neutralization reactions 2. To know the proper technique in acid-base titration 3. To determine the percent (%w/v) tartaric acid and citric acid in commercially available products such as wine and fruit juice. BACKGROUND



NEUTRALIZATION TITRATIONS



Neutralization titrations are performed with standard solutions of strong acids or bases. The titration is performed by slowly adding a standard solution from a burette or other liquid dispensing device to a solution of the analyte until the reaction between the two is complete. While a single solution (of either acid or base) is sufficient for the titration of a given type of analyte, it is convenient to have standard solutions of both acid and base available in case back-titration is needed to locate the end point more exactly.



EFFECT OF ATMOSPHERIC CARBON DIOXIDE ON NEUTRALIZATION REACTIONS



Water in equilibrium in the atmosphere is about 1 x 10-5 M in carbonic acid as a consequence of the equilibrium CO2(g) + H2O



H2CO3(aq)



At this concentration level, the amount of 0.1 M base consumed by the carbonic acid in a typical titration is negligible. With more dilute reagents (< 0.05 M), however, the water used as a solvent for the analyte and in the preparation of reagents must be freed of carbonic acid by boiling for a brief period. Water that has been purified by distillation rather than by deionization is less often supersaturated with carbon dioxide and thus may contain sufficient acid to affect the results of an analysis. The instructions that follow are based on the assumption that the amount of carbon dioxide in the water supply can be neglected without causing serious error. The unknown samples are white wine and fruit juice. The active component in wine and fruit juice is (1) tartaric acid and (2) citric acid, respectively. These
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components are determined by direct titration with standard NaOH using phenolphthalein indicator. The titration reactions may be illustrated by the following reactions: (1)



H2C4H4O6 + 2NaOH



Na2C4H4O6 + 2H2O



(2)



H3C6H5O7 + 3NaOH



Na3C6H5O7+ 3H2O



Phenolphthalein is an acid-type indicator. Its pH transition range is from 8.3 – 10.0 that is accompanied by a color change from colorless to red. REAGENTS Distilled water (previously boiled and cooled) Phenolphthalein indicator Standard NaOH solution Unknown sample (wine and fruit juice) APPARATUS/GLASSWARE 25-mL pipette 250-mL Erlenmeyer flask 250-mL volumetric flask Base burette Burette clamp Graduated cylinder Suction bulb PROCEDURE



Determination of tartaric acid in white wine 1. Pipette 25 mL of white wine into a 250-mL volumetric flask and dilute to mark with distilled water. 2. Mix thoroughly and pipette duplicates of 50 mL aliquots into 250-mL Erlenmeyer flask. 3. Add about 50 mL of distilled water and add 2 drops of phenolphthalein to each flask. 4. Titrate with the standardized NaOH solution from Experiment No. 2 until the pink color persists for 30 seconds.
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5. Calculate the weight of the tartaric acid in white wine. Solve for the %w/v tartaric acid. 6. Compute for the average %w/v tartaric acid in white wine.



Determination of citric acid in fruit juice 1. Pipette duplicates 10 mL aliquots of fruit juice into a 250-mL Erlenmeyer flask. 2. Add 2 drops of phenolphthalein to each flask. 3. Titrate with the standardized NaOH solution from Experiment No. 1 until the pink color persists for 30 seconds. 4. Calculate the weight of the citric acid in fruit juice. Solve for the %w/v citric acid. 5. Compute for the average %w/v citric acid in the fruit juice.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 3 DETERMINATION OF ACID CONTENT IN COMMERCIALLY AVAILABLE PRODUCTS (Individual Analysis) DATA SHEET I. DETERMINATION OF TARTARIC ACID IN WHITE WINE White wine



Trial 1



Volume of white wine sample aliquot,



mL



Volume of NaOH solution used, mL Average molarity of NaOH solution, mmoles/mL (from Table I of Experiment No. 2) Weight of tartaric acid,



g (calculated)



% w/v tartaric acid Average % w/v of tartaric acid NOTE: Show computations on the space provided.
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II. DETERMINATION OF CITRIC ACID IN FRUIT JUICE Lemon juice



Trial 1



Trial 2



Volume of fruit juice sample aliquot,



mL



Volume of NaOH solution used, mL Average molarity of NaOH solution, mmoles/mL (from Table I of Experiment No. 2) Weight of citric acid, g (calculated) % w/v of citric acid Average % w/v of citric acid NOTE: Show computations on the space provided. Use extra sheets if necessary.



_____________________ Instructor’s Signature/Date
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Experiment No. 4 DETERMINATION OF SODIUM CARBONATE IN AN IMPURE SAMPLE OBJECTIVES 1. To be familiar with concepts of neutralization reactions 2. To know the proper technique in acid-base titration 3. To determine the percent sodium carbonate in an impure sample BACKGROUND The unknown sample is an impure sodium carbonate sample. The sodium carbonate is determined by direct titration with standard HCl using a bromocresol green as indicator. The titration reaction may be illustrated by the following reaction: Na2CO3 + 2HCl



2NaCl + H2CO3



The bromocresol green is an acid-type indicator. Its pH transition range is from 3.8 – 5.4 that is accompanied by a color change from yellow to blue. REAGENTS 0.05 M NaCl solution Bromocresol green indicator Distilled water (previously boiled and cooled) Standard HCl solution Unknown sample (impure sodium carbonate) APPARATUS/GLASSWARE 250-mL Erlenmeyer flasks Acid burette Analytical balance Desiccator Graduated cylinder Hot plate
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PROCEDURE 1. Dry a quantity of unknown sample for about 2 hours at 110 oC and cool in a desiccator. 2. Weigh individual 0.20-g to 0.25-g duplicate samples (to the nearest 0.1 mg) into 250-mL Erlenmeyer flasks and dissolve each in about 50 mL of distilled water. 3. Introduce 3 drops of bromocresol green and titrate with standardized HCl until the solution just begins to change from blue to green. 4. Boil the solution to 2 to 3 minutes, cool to room temperature (Note 1) and complete the titration (Note 2). 5. Determine an indicator correction by titrating approximately 100 mL of 0.05M NaCl and 3 drops of indicator. Boil briefly, cool, and complete the titration. Subtract any volume needed for the blank from the titration volumes. 6. Calculate the weight of the sodium carbonate in the sample. 7. Compute for the average % Na2CO3. NOTES: 1. The indicator should change from green to blue as CO2 is removed during heating. When no color change occurs, this means that an excess of acid was added previously. This excess can be back-titrated with base, provided that the acid/base combining ratio is known; otherwise, the sample must be discarded. 2. It is permissible to back-titrate with the base to establish the end point with greater certainty.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 4 DETERMINATION OF % SODIUM CARBONATE IN AN IMPURE SAMPLE DATA SHEET



Sample No.



__________ Trial 1



Trial 2



Weight of unknown soda ash sample,



g (weighed)



Volume of HCl (bcg end point) used,



mL



Average molarity of HCl solution, mmoles/mL (from Table II of Experiment No. 2) Weight of Na2CO3 in sample,



g (calculated)



% Na2CO3 in sample Average % of Na2CO3 in soda ash sample NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date
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Experiment No. 5 DETERMINATION OF THE COMPONENTS OF A BASE MIXTURE BY THE DOUBLE INDICATOR METHOD OBJECTIVES 1. To be familiar with the concepts of the double indicator method 2. To analyze qualitatively and quantitatively the components of a base solution BACKGROUND Neutralization titrations can also be employed to analyze qualitatively and quantitatively the constituents of a solution containing sodium carbonate, sodium bicarbonate and sodium hydroxide, either alone or admixed. No more than two of these three constituents can exist in an appreciable amount in any solution because any reaction will eliminate the third. Thus, mixing sodium hydroxide with sodium bicarbonate results in the formation of sodium carbonate until one or the other (or both), of the original reactants is exhausted. If the sodium hydroxide is used up, the solution will contain sodium carbonate and sodium bicarbonate; if sodium bicarbonate is depleted, sodium carbonate and sodium hydroxide will remain; if equimolar amounts of sodium bicarbonate and sodium hydroxide are mixed, the principal solute species will be sodium carbonate. The analysis of this kind of mixture requires two titrations: (1) using an alkaline-range indicator like phenolphthalein, and (2) using an acid-range indicator like bromocresol green. The composition of the solution can be deduced from the relative volumes of acid needed to titrate equal volumes of the sample. From the deduced composition of the solution, the volume data can be used to determine the concentration of each component in the sample REAGENTS Distilled water Methyl orange indicator Phenolphthalein indicator Standard HCl solution Unknown Sample (base mixture)
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APPARATUS/GLASSWARE 250-mL Erlenmeyer flasks Acid and base burettes Graduated cylinder PROCEDURE 1. Secure from the instructor a liquid sample containing a mixture of bases. 2. Pipette triplicate 25-mL aliquot portions of liquid into separate Erlenmeyer flasks. Add 2 drops of phenolphthalein indicator and titrate the solution with the standard HCl to the appearance of a very light pink color. Record the volume of HCl used. (This is Vphe) 3. To the same solution, add 2 drops of methyl orange indicator and continue the titration until the color becomes salmon pink (peach). Record the volume of HCl used to complete the methyl orange end point. (This is Vmo) 4. From the two volumes of HCl, determine the components of the unknown sample as to (NaOH and Na2CO3) or (NaHCO3 and Na2CO3). 5. Compute the concentration of the two basic components in the unknown mixture (mg NaOH/mL solution and mg Na2CO3/mL solution) or (mg NaHCO3/mL solution and mg Na2CO3/ mL solution).
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 5 DETERMINATION OF THE COMPONENTS OF A BASE MIXTURE BY THE DOUBLE INDICATOR METHOD DATA SHEET



Sample No.:



_______________ Trial 1



Average



Molarity



of



HCl



Trial 2



Trial 3



solution,



mmoles/mL (from Table II of Experiment No. 2)



Volume of sample (aliquot), mL Volume of HCl (phen end point) used, mL Volume of HCl (mo end point) used, mL Comparison of the two volumes of HCl Components of the base mixture Component Concentration of the mg/mL unknown sample Component



1,



Component Average mg/mL concentration of the Component unknown sample



1,



mg/mL



mg/mL



2,



2,



NOTE: Show computations on the space provided. Use extra sheets if necessary. ______________________ Instructor’s Signature/Date School of Chemical Engineering and Chemistry Mapua Institute of Technology
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Experiment No. 6 DETERMINATION OF IONIZATION CONSTANT OF A WEAK ACID BY POTENTIOMETRIC TITRATION (Group Analysis) OBJECTIVES 1. To be familiar with the concepts of potentiometric titration 2. To know the proper techniques in potentiometric titration 3. To determine the ionization constant of a weak acid BACKGROUND Potentiometric titration involves determination of the potential of a suitable indicator electrode as a function of titrant volume. Data from a potentiometric titration are more reliable than data from titrations that use chemical indicators and are particularly useful with colored or turbid solutions and for detecting the presence of unsuspected species. A typical apparatus for performing a manual potentiometric titration involves measuring and recording the cell potential (in units of millivolts or pH) after each addition of a reagent. The titrant is added in large increments at the outset and in smaller and smaller increments as the end point is approached by larger changes in response per unit volume. The direct method to determine the end point of a potentiometric titration is to plot potential as a function of reagent volume wherein the midpoint in the steeply rising portion of the curve is estimated visually and taken as the end point. Another approach to determine the end point is to calculate the change in potential per unit volume of titrant ( E/ V). A plot of these data as a function of the average volume V produces a curve with a maximum that corresponds to the point of inflection. Alternatively, this ratio can be evaluated during the titration and recorded in lieu of the potential. The sample is an acid whose ionization constant is to be determined. This analysis is performed with the use of digital pH meter for easy pH measurement as the base titrant is added at different volume intervals. Data gathered will be plotted and the graph is used for the determination of the ionization constant.
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REAGENTS Distilled water Standard NaOH solution Unknown Acid APPARATUS/GLASSWARE 10-mL pipette 400-mL beaker Base burette Graduated cylinder pH Meter PROCEDURE



Use of pH meter 1. Always wash the electrode with distilled water before use. 2. Calibrate the pH meter with a buffer solution with pH = 7 before use.



Graphical Method of Selection of Endpoint (Approximation of the Equivalence Point) 1. Secure a sample of an unknown acid from the instructor. 2. Pipette a 100-mL aliquot portion of the unknown into a 400-mL beaker. 3. Insert the electrodes into the solution; be sure that the electrode is dipped about ½ inch below the surface. Adjust the magnetic stirrer and set up a burette containing the standard NaOH. 4. Measure and record the pH of the solution before adding the titrant. 5. Add a 5 mL base solution and measure the pH of the solution again. Record the pH values as well as the burette readings. 6. Repeat procedure No. 5 until the volume added is 30 mL. 7. Based on the data, observe the range where the sudden change in pH of the mixture can be found. The equivalence point will be evident at this range. 8. Tabulate your data.
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Differential Method of Determination of Equivalence Point 1. From the above data, determine the volume of the titrant used before and after the sudden change in the pH occurs. 2. Pipette a 100 mL aliquot portion of the unknown into a 400-mL beaker. 3. Insert the electrodes into the solution; be sure that the electrode is dipped about ½ inch below the surface. Adjust the magnetic stirrer and set up a burette containing the standard NaOH. 4. At the volume of the titrant before the sudden change in the pH, add the titrant at 1 mL interval until the volume of the sudden change in the pH is reached. 5. Change the volume of the titrant added from 1 mL to 0.5 mL interval during the sudden change. 6. Finally, add 1 mL interval of the base after the sudden change in the pH. 7. Prepare Graph 1 by plotting the pH vs. the NaOH used. 8. Prepare Graph 2 by plotting the change in the pH/change in volume vs. average volume. 9. From the plot, determine the volume of the titrant used to reach the equivalence point and the concentration of the unknown. 10. Determine the volume for the 50% neutralization and the pKa of the unknown monoprotic acid.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 6 DETERMINATION OF THE IONIZATION CONSTANT OF A WEAK ACID BY POTENTIOMETRIC TITRATION (GROUP ANALYSIS) DATA SHEET I. APPROXIMATION OF EQUIVALENCE POINT (GROUP ANALYSIS) Volume of NaOH added, mL 0 5 10 15 20 25



pH



II. DETERMINATION OF THE IONIZATION CONSTANT OF A WEAK ACID Group No: Average molarity of NaOH solution, mmoles/mL (from Table I of Experiment 2) Volume of NaOH used at 100% ionization, mL Volume of NaOH used at 50% ionization, mL Volume of unknown monoprotic acid, mL Molarity



of



mmoles/mL



unknown



monoprotic



acid,



pKa of unknown monoprotic acid NOTE: Show computations on the space provided. Use extra sheets if necessary. School of Chemical Engineering and Chemistry Mapua Institute of Technology
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III. DIFFERENTIAL METHOD OF DETERMINATION OF EQUIVALENCE POINT Volume of NaOH added



V



Vaverage



pH



mL



pH



pH V



NOTE: Show computations on the space provided. Use extra sheets if necessary. ______________________ Instructor’s Signature/Date School of Chemical Engineering and Chemistry Mapua Institute of Technology
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Experiment No. 7 PREPARATION AND STANDARDIZATION OF THE EDTA SOLUTION OBJECTIVES 1. To learn how to prepare an EDTA solution 2. To know how to standardize an EDTA solution BACKGROUND Ethylenediaminetetraacetic acid (also called (ethylenedinitrilo)tetraacetic acid), which is commonly called EDTA is the most widely used complexometric titrant. EDTA has the following structure: HOOC–CH2 CH2–COOH \ / :N – CH2 – CH2 – N: / \ HOOC–CH2 CH2–COOH The EDTA molecule is a hexadentate ligand since it has six potential sites for bonding a metal ion: the four carboxyl groups and the two amino groups, each of the latter having an unshared pair of electrons. Standard EDTA solutions are ordinarily prepared by dissolving weighed quantities of Na2H2Y2H2O and diluting to the mark in a volumetric flask. EDTA can serve as a primary standard after it has been dried for several hours at 130oC to 145oC. Complexometric titration involves the reaction of a metal ion with a suitable ligand to form a complex; the equivalence point is determined by an indicator. The titrant used in the experiment is an EDTA solution that is standardized using primary-standard-grade CaCO3. The usual indicators for metal ions in EDTA titrations are organic dyes that form colored chelates with metal ions in a pM range that is characteristic of the particular cation and the dye. The complexes are often intensely colored and are notieable to the eye at concentrations in the range 10-6 to 10-7 M. Eriochrome Black T is a typical metal-ion indicator that is used in the titration of several common cations. School of Chemical Engineering and Chemistry Mapua Institute of Technology
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REAGENTS Ammonia buffer solution Concentrated HCl solution Distilled water (previously boiled and cooled) Eriochrome Black T indicator MgCl2 6H2O Na2H2Y 2H2O NaOH pellets Primary-standard-grade CaCO3 APPARATUS/GLASSWARE 25-mL pipette 250-mL Erlenmeyer flask 500-mL volumetric flask Analytical balance Acid burette Hot plate Suction bulb PROCEDURE



Preparation of EDTA solution (Molarity



0.005 M)



1. Dissolve about 1.0 g of Na2H2Y 2H2O (372.24 g/mole) in 450 mL of distilled water, 0.5 g of NaOH and 0.05g of MgCl2 6H2O. Dilute to 500 mL and mix well. 2. Transfer the solution to a labeled storage bottle.



Standardization of EDTA solution 1. Dry 2.0 g of primary-standard-grade CaCO3. 2. Weigh accurately duplicate samples of 0.20 to 0.25 g of the dry CaCO3 and transfer to a 250-mL Erlenmeyer flask. 3. To each of the sample, carefully add 5 mL of concentrated HCl solution. After dissolution is complete, add about 50 mL of distilled water, rinsing down the sides of the flask in the process. 4. Boil for 5 minutes to remove carbon dioxide and then cool. 5. Transfer the cooled solution and rinsing to a 500-mL volumetric flask and dilute to mark with distilled water.
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6. Pipette a 25 mL aliquot portion of the calcium carbonate solution into a 250-mL Erlenmeyer flask and add 10 mL of ammonia buffer to each flask. 7. To the flask, add 5 drops of Eriochrome Black T indicator and titrate with the 0.005 M EDTA until the first appearance of a clear blue color.



Ordinarily, the initial wine-red color slowly turns to purple and then sharply to blue.



8. Calculate the molarity of the EDTA solution. 9. Calculate the average molarity of the EDTA solution from the two trials.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 7 PREPARATION AND STANDARDIZATION OF THE EDTA SOLUTION DATA SHEET I. STANDARDIZATION OF THE EDTA SOLUTION Group No. __________



Trial 1



Trial 2



Weight of CaCO3, g Volume of Ca solution, mL



500



Volume of aliquot (Ca solution), mL Volume of Na2H2Y 2H2O (EDTA) used in titration, mL Molarity of Na2H2Y 2H2O (EDTA) used in titration, mmoles/mL Average molarity of Na2H2Y 2H2O (EDTA) used in titration, mmoles/mL NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date School of Chemical Engineering and Chemistry Mapua Institute of Technology
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Experiment No. 8 DETERMINATION OF WATER HARDNESS USING EDTA OBJECTIVES 1. To be familiar with the concepts of the complexometric titration 2. To determine water hardness using the EDTA titration. BACKGROUND Complexometric titration involves the reaction of a metal ion with a suitable ligand to form a complex; the equivalence point is determined by an indicator. The titrant used in the experiment is an EDTA solution that is standardized using primary-standard-grade CaCO3. The usual indicators for metal ions in EDTA titrations are organic dyes that form colored chelates with metal ions in a pM range that is characteristic of the particular cation and dye. The complexes are often intensely colored and are noticeable to the eye at concentrations in the range of 10-6 to 10-7 M. Eriochrome Black T is a typical metal-ion indicator that is used in the titration of several common cations. This compound contains a sulfonic acid group which is completely dissociated in water and two phenolic groups that only partially dissociate. Its behavior as a weak acid is described by the equations: H2O + H2In-



red



H2O + HIn2-



blue



HIn2- + H3O+



K1 = 5 x 10-7



In3- + H3O+



K2 = 2.8 x 10-12



blue



orange



Erichrome Black T behaves as an acid/base indicator as well as a metal ion indicator. Water “hardness” is the capacity of cations in the water to replace the sodium or potassium in soaps and to form insoluble products that cause “scum” in sinks and other containers. Hardness is expressed in terms of the concentration of calcium carbonate that is equivalent to the total concentration of all the multivalent cations in the sample.
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The determination of hardness is a useful analytical test that provides a measure of water quality for household and industrial uses. The test is important to industry because, upon being heated, hard water precipitates calcium carbonate which then clogs boilers and pipes. It is ordinarily determined by an EDTA titration after the sample has been buffered to pH 10. Magnesium, which forms the least stable EDTA complex among the common multivalent cations in typical water samples, is not titrated until enough reagent has been added to complex all of the other cations in the sample. Thus, Eriochrome Black T can serve as indicator in water-hardness titrations. REAGENTS 0.005 M EDTA solution Ammonia buffer solution Eriochrome Black T indicator Unknown water sample APPARATUS/GLASSWARE 10-mL pipette 250-mL Erlenmeyer flask Acid burette Suction bulb PROCEDURE 1. Pipette triplicate 50 mL aliquot portions of water sample into a 250-ml Erlenmeyer flask and add 10 mL ammonia buffer to each sample. 2. To the first flask, add 5 drops of the Eriochrome Black T indicator and titrate with the 0.005 M EDTA until the first appearance of a clear blue color. Ordinarily, the initial wine-red color slowly turns to purple and then sharply to blue. 3. Repeat the titration with the remaining samples. 4. Calculate the total water hardness as ppm CaCO3.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 8 DETERMINATION OF WATER HARDNESS USING EDTA DATA SHEET



Sample No. __________ Volume of sample aliquot, mL



Trial 1



Trial 2



Trial 3



50



50



50



Average molarity of Na2H2Y H2O (EDTA) used in titration, mmoles/mL (from Expt. No. 6) Volume of EDTA used in titration,



mL



Total hardness of H2O as ppm CaCO3, mg/mL Average total hardness of H2O as ppm CaCO3, mg/mL NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date
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Experiment No. 9 PREPARATION AND STANDARDIZATION OF THE POTASSIUM PERMANGANATE SOLUTION OBJECTIVES 1. To learn how to prepare the potassium permanganate solution 2. To know how to standardize the potassium permanganate solution BACKGROUND The half-reaction for the reduction of a solution of potassium permanganate is: MnO4- + 8H+ + 5e-



Mn2+ + 4H2O



Eo = 1.51 V



The intense color of permanganate solutions is enough for it to serve as an indicator in titrations. As little as 0.01 to 0.02 mL of a 0.02 M solution imparts a perceptible color to 100 mL of water. The permanent end point is not permanent because excess permanganate ions react slowly with the relatively large concentration of manganese (II) ions present at the end point. Aqueous solutions of permanganate are not entirely stable because the ion tends to oxidize water. 4MnO4- + 2H2O



MnO2(s) + 3O2 + 4OH-



Manganese dioxide is a contaminant in even the best grade of solid potassium permanganate. This compound forms in freshly prepared solutions of the reagent as a consequence of the reaction of the permanganate ion with organic matter and dust present in the water used to prepare the solution. Removal of manganese dioxide by filtration before standardization markedly improves the stability of the standard permanganate solutions. Before filtration, the reagent solution is allowed to stand for about 24 hours or is heated for a brief period to hasten oxidation of the organic species generally present in small amounts of distilled and deionized water. Paper cannot be used for filtering because permanganate ion reacts by forming additional manganese dioxide. Standardized permanganate solutions should be stored in a dark place. Sodium oxalate is widely used to standardize the permanganate solution. In acidic solutions, the oxalate ion is converted to the undissociated acid. 2MnO4- + 5H2C2O4 + 6H+ 2Mn2+ + 10CO2(g) + 8H2O
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REAGENTS 1 M H2SO4 solution 0.1 M KMnO4 solution Distilled water (previously boiled and cooled) Primary standard grade Na2C2O4 APPARATUS/GLASSWARE 25-mL pipette 400-mL beaker 1-L volumetric flask Amber-colored bottle Analytical balance Base burette Erlenmeyer flask Desiccators Hot plate Suction bulb Thermometer PROCEDURE



Preparation of Standard KMnO4 solution (Molarity



0.01 M)



If a solution of 0.1M KMnO4 is available, prepare the standard solution in the following manner: 1. Measure 100 mL of 0.01M KMnO4 solution into a 1-L volumetric flask. 2. Dilute to the mark with previously boiled and cooled distilled water. 3. Transfer to an amber colored bottle immediately.



Standardization of KMnO4 solution 1. Dry 1.0 g of primary-standard Na2C2O4 at 110oC for at least 1 hour. Cool in a desiccator. 2. Weigh duplicate samples of 0.2–0.3 g (to the nearest 0.1 mg) into 400-mL beakers. 3. Dissolve each in about 250 mL of 1 M H2SO4. Heat each solution to 80 – 90oC, and titrate with KMnO4 while stirring with a thermometer. The pink color imparted by one addition should be permitted to disappear before any further titrant is introduced (Notes 1 and 2). Reheat if the
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temperature drops below 60oC. Take the first persistent (30 seconds) pink color as the end point. (Notes 3 and 4). 4. Do a blank titration with 1M H2SO4 by titrating an equal volume of the 1 M H2SO4 with KMnO4. Correct the titration data by subtracting the volume obtain from blank titration, and calculate the concentration of the KMnO4 solution (Note 5). 5. Determine the molarity of the KMnO4 solution. NOTES: 1. Promptly wash off any KMnO4 that is spattered on the walls of the beaker with a stream of water. 2. Finely divided MnO2 will form along with Mn2+ if the KMnO4 is added too rapidly, and this will cause the solution to acquire a faint brown discoloration. Precipitate formation is not a serious problem so long as sufficient oxalate remains to reduce the MnO2 to Mn2+; the titration is simply discontinued until the brown color disappears. The solution must be free of MnO2 at the end point. 3. The surface of the permanganate solution rather than the bottom of the meniscus can be used to measure titrant volumes. Alternatively, backlighting with a flashlight or a match will permit reading of the meniscus in the conventional manner. 4. A permanganate solution should not be allowed to stand in a burette any longer then necessary because partial decomposition of the MnO2 may occur. Freshly formed MnO2 can be removed from a glass surface with 1 M H2SO4 containing a small amount of 3% H2O2. 5. For more accurate results, introduce from a burette, sufficient permanganate to allow 90% to 95% of the oxalate to react (about 40 mL of 0.02 M KMnO4 for a 0.3-g sample). Let the solution stand until the permanganate color disappears, then warm to about 60oC and complete the titration, taking the first permanent pink (30 seconds) as the end point. Determine a blank by titrating an equal volume of the 1 M H2SO4.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 9 PREPARATION AND STANDARDIZATION OF THE POTASSIUM PERMANGANATE SOLUTION DATA SHEET STANDARDIZATION OF THE POTASSIUM PERMANGANATE (KMnO4) SOLUTION Group No. __________



Trial 1



Trial 2



Weight of the Na2C2O4, g Volume of the KMnO4 used, mL Volume of the KMnO4 used in blank titration, mL Net volume of the KMnO4, mL Molarity of the KMnO4, mmoles/mL Average



mmoles/mL



molarity



of



the



KMnO4,



NOTE: Show computations on the space provided. Use extra sheets if necessary.
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Experiment No. 10 DETERMINATION OF CALCIUM IN LIMESTONE OBJECTIVES 1. To be familiar with oxidation/reduction titration 2. To analyze qualitatively and quantitatively the metal ions in a solution BACKGROUND An oxidation/reduction (redox) reaction is one in which electrons are transferred from one reactant to another. It can be analogous to the Brönsted-Lowry concept of acid/base reactions. Both involve the transfer of one or more charged particles from a donor to an acceptor – the particles being electrons in a redox reaction and protons in an acid-base reaction. A substance that has a strong affinity to electrons is called oxidizing agent, or an oxidant. A reducing agent, or reductant, is a specie that easily donates electrons to another specie. When a reducing agent donates an electron, it becomes an oxidizing agent that can accept an electron. Conversely, when an oxidizing agent gains an electron, it becomes a reducing agent that can donate an electron. Ared + Box



Aox + Bred



The following must be considered in selecting the standard solution (titrant) in a redox analysis: 1. rate of reaction between the titrant and the analyte 2. stability and selectivity of the titrant 3. availability of a satisfactory indicator The analyte in a redox titration must be in a single oxidation state at the outset. The steps that precede the titration (sample preparation and elimination of interferences) usually involve converting the analyte to a mixture of oxidation states. Prereduction is done to ensure that the analyte is present in a single oxidation state. There are two types of chemical indicators used to detect end points for redox titrations. These are: 1. general redox indicators – indicators that change color upon being oxidized or reduced; and
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2. specific indicators – indicators that respond to the concentration of a particular substance in the solution. In common with a number of other cations, calcium is conveniently determined by precipitation with oxalate ion. The solid calcium oxalate is filtered, washed free of excess precipitating agent, and dissolved in dilute acid. The oxalic acid liberated in this step is then titrated with standard permanganate or some other oxidizing reagent. This method is applicable to samples that contain magnesium and alkali metals. Most other cations must be absent since they either precipitate or coprecipitate and cause positive errors in the analysis. The equations for the redox analysis of Ca in the unknown limestone sample can be summarized as follows: CaC2O4 + 2H+  Ca2+ + H2C2O4 H2C2O4 + 2MnO4- + 6H+  10CO2(g) + 8H2O + 2Mn2+ REAGENTS 0.01 M KMnO4 solution 3M H2SO4 solution 6% (w/v) (NH4)2C2O4 solution 6M NH3 solution Concentrated HCl solution Methyl red indicator Saturated bromine water Unknown limestone sample APPARATUS/GLASSWARE 25-mL pipette 250-mL beakers Analytical balance Base burette Desiccator Erlenmeyer flask Gooch crucible Hot plate Suction bulb Thermometer Watch glass
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PROCEDURE



Sample Preparation 1. Dry the unknown for 1 to 2 hours at 100oC and cool in a desiccator. 2. If the material is readily decomposed in acid, weigh 0.25 – 0.30 g duplicate samples (to the nearest 0.1 mg) in 250-mL beakers. 3. Add 10 mL of water to each sample and cover with a watch glass. 4. Add 10 mL concentrated HCl dropwise; see to it that losses due to spattering as the acid is introduced are avoided.



Preparation of Calcium Oxalate 1. Add 5 drops of saturated bromine water to oxidize any iron in the samples and boil gently (use the hood) for 5 minutes to remove the excess Br2. 2. Dilute each sample solution to about 50 mL, heat to boiling, and add 100 mL of hot 6% (w/v) (NH4)2C2O4 solution. Add 3 to 4 drops of methyl red, and precipitate CaC2O4 by slowly adding a 6 M NH3 solution. As the indicator starts to change color, add the NH3 at a rate of one drop every 3 to 4 seconds. 3. Continue until the solution becomes the intermediate yellow-orange color of the indicator (pH 4.5 to 5.5). Allow the solution to stand for no more than 30 minutes (the period of standing can be longer if the unknown contains no Mg2+) and then filter; medium-porosity filtering crucibles or Gooch crucibles with glass mats are satisfactory. Wash the precipitates with several 10-mL portions of cold water. Rinse the outside of the crucibles to remove residual (NH4)2C2O4, and return them to the beakers where the CaC2O4 was formed.



Titration



1. Add 100 mL of water and 50 mL of 3 M H2SO4 to each of the beakers containing the precipitated CaC2O4 and crucible. 2. Heat to 80oC to 90oC, and titrate with 0.02 M KMnO4 solution. The temperature should be greater than 60oC throughout the titration; reheat if necessary. 3. Report the percentage of CaO in the unknown.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 10 DETERMINATION OF CALCIUM IN LIMESTONE DATA SHEET



Sample No. __________



Trial 1



Trial 2



Weight of sample, g Volume of KMnO4 used in titration, mL Volume of KMnO4 used in blank titration, mL Net volume of KMnO4, mL Weight of CaO in the sample, mg Percent of CaO in the sample Average percent of CaO NOTE: Show computations on the space provided. Use extra sheets if necessary.



______________________ Instructor’s Signature/Date
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Experiment No. 11 PREPARATION AND STANDARDIZATION OF A SODIUM THIOSULFATE SOLUTION OBJECTIVES 1. To learn how to prepare a sodium thiosulfate solution 2. To know how to standardize a sodium thiosulfate solution 3. To be familiar with oxidation/reduction titration BACKGROUND The oxidation/reduction reaction involves electron transfer from one reactant to another. A substance that has strong affinity for electrons is called an oxidizing agent, or an oxidant. A reducing agent, or reductant, is a species that easily donates electrons to another specie. The thiosulfate ion (S2O3)-2 is a moderately strong reducing agent that has been widely used to determine oxidizing agents by indirect procedure that involves iodine as an intermediate. Iodine, the reaction product, is ordinarily titrated with a standard sodium thiosulfate solution, with starch serving as the indicator. I2 + 2 S2O3-2



2I + S4O6-2



For the standardization of sodium thiosulfate against potassium bromate, iodine is generated by the reaction between a known volume of standard potassium bromate and an unmeasured excess of potassium iodide. The iodine is titrated with a sodium thiosulfate sulfate solution. BrO3- + 6I- + 6H+



Br- + 3I2 + 3H2O



REAGENTS 3M H2SO4 solution Distilled water (previously boiled and cooled) Na2CO3 Na2S2O35H2O KI Reagent grade KBrO3 Starch indicator
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APPARATUS/GLASSWARE 25-mL pipette 250-mL Erlenmeyer flask 500-mL volumetric flask Analytical balance Beaker Burette Desiccator Oven Suction bulb PROCEDURE



Preparation of Standard KBrO3 solution (Molarity



0.015 M)



1. Transfer about 1.5 g of reagent-grade potassium bromate (KBrO3) to a weighing bottle, and dry at 110oC for at least 1 hour. Cool in the desiccator. 2. Weigh approximately 1.3 g (to the nearest 0.1 mg) in a 500-mL volumetric flask; use a powder funnel to ensure the quantitative transfer of the solid. 3. Rinse the funnel well, and dissolve the KBrO3 in about 200 mL of distilled water. Dilute to mark and mix thoroughly. Solid potassium bromate can



cause fire if it comes in contact with damp organic materials (such as paper towels in waste container). Consult instructor concerning the disposal of any excess solution.



Preparation of Sodium Thiosulfate (Molarity



0.05 M)



1. Measure about 12.5 g of Na2S2O3 5H2O and 0.1 g of Na2CO3. 2. Dissolve mixture in about 300 mL previously boiled and cooled distilled water in a beaker. Stir until the solid has been dissolved. 3. Transfer mixture in a 500-mL volumetric flask and dilute to mark.



Remember to rinse the beaker with distilled water and to transfer the rinsing to the volumetric flask.



4. Transfer the solution to a clean glass or plastic bottle and store in a dark place.
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Standardization of Sodium Thiosulfate against Potassium Bromate 1. Pipette duplicates of 25 mL aliquot portions of KBrO3 solution into 250-mL Erlenmeyer flasks. Rinse the interior walls with distilled water. Treat each sample individually. 2. Introduce 2 to 3 g of KI and add about 5 mL of 3 M H2SO4 solution. 3. Immediately titrate with Na2S2O3 solution until the solution turns pale yellow. 4. Add 5 mL of the starch indicator, and titrate to the disappearance of the blue color. 5. Calculate the concentration of the thiosulfate solution.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 11 PREPARATION AND STANDARDIZATION OF SODIUM THIOSULFATE SOLUTION DATA SHEET PREPARATION OF STANDARD KBrO3 SOLUTION [ 0.015 M] Weight of KBrO3 Millimoles of KBrO3 , mmole Volume of standard KBrO3, mL



500



Molarity of KBrO3, mmol/mL



STANDARDIZATION OF Na2S2O3 [ 0.05 M]



Volume of aliquot of standard KBrO3,



mL



Trial 1



Trial 2



25



25



Molarity of KBrO3, mmol/mL (Table 1) Volume of Na2S2O3, mL Molarity of Na2S2O3, mmol/mL Average molarity of Na2S2O3,



mmol/mL



NOTE: Show computations on the space provided. Use extra sheets if necessary. ______________________ Instructor’s Signature/Date
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Experiment No. 12 DETERMINATION OF ASCORBIC ACID IN VITAMIN C TABLETS BY BY IODOMETRIC TITRATION OBJECTIVES 1. To be familiar with the oxidation/reduction titration 2. To determine the ascorbic acid content of Vitamin C tablets using the standard potassium bromate solution BACKGROUND Ascorbic acid, C6H8O6, is cleanly oxidized to dehydroascorbic acid by bromine.



BrO3- + 5Br- + 6H+  3Br2 + 3H2O Br2 + 2I-  2Br- + I2 (excess KI) I2 + 2S2O32-  2S4O62- + 2IAn unmeasured excess of potassium bromide is added to an acidified solution of the sample. The solution is titrated with standard potassium bromate to the first permanent appearance of excess bromine; this excess is then determined iodometrically with standard sodium thiosulfate. The entire titration must be performed without delay to prevent air oxidation of the ascorbic acid.
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REAGENTS 0.05 M Na2S2O3 solution 1.5 M H2SO4 solution KBr KI Standard KBrO3 solution Starch indicator Unknown Vitamin C tablet) APPARATUS/GLASSWARE 250-mL Erlenmeyer flask Analytical balance Burette Mortar and pestle PROCEDURE 1. Weigh (to the nearest mg) 3 to 5 g of vitamin C tablets (Note 1). 2. Pulverize thoroughly on a mortar, and transfer the powder to a dry weighing bottle. 3. Weigh individual 0.40 to 0.05 g samples (to the nearest 0.1 mg) into dry 250-mL Erlenmeyer flask. Treat each sample individually beyond this point. 4. Dissolve the sample (Note 2) in 50-mL of 1.5 M H2SO4 solution. 5. Add about 5 g KBr. 6. Titrate immediately with standard KBrO3 to the first faint yellow color due to excess Br2. 7. Record the volume of KBrO3 used. 8. Add 3 g of KI and 5 mL of starch indicator; back titrate (Note 3) with standard Na2S2O3. 9. Calculate the average mass (in mg) of the ascorbic acid (176.12 g/mol) in each tablet. NOTES: 1. This method is not applicable to chewable Vitamin C tablets. 2. The binder in many Vitamin C tablets remains in suspension throughout the analysis. If the binder is starch, the characteristic color of the complex with iodine appears upon addition of KI. 3. The volume of thiosulfate needed for the back-titration seldom exceeds a few milliliters.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 12 DETERMINATION OF ASCORBIC ACID IN VITAMIN C TABLETS BY IODOMETRIC TITRATION DATA SHEET ANALYSIS OF UNKNOWN SAMPLE Sample No. __________



Trial 1



Trial 2



Average weight of Vitamin C tablet,



g/tablet



Weight of Vitamin C sample, g Molarity of KBrO3, mmol/mL Volume of KBrO3 used, mL Molarity of Na2S2O3, mmol/mL Volume of Na2S2O3 used, mL Weight of ascorbic acid, mg Weight of ascorbic acid per tablet,



mg/tablet



Average weight of ascorbic acid per tablet, mg/tablet NOTE: Show computations on the space provided. Use extra sheets if necessary.
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Experiment No. 13 SPECTROPHOTOMETRIC DETERMINATION OF IRON IN NATURAL WATER OBJECTIVES 1. To be familiar with the instrumental methods of analysis 2. To determine the percent of iron in an unknown water sample BACKGROUND Spectroscopy is a branch of science in which visible light is resolved into its component wavelengths to produce spectra, which are plots of some function of radiant intensity versus wavelength or frequency. Spectrochemical methods have provided the most widely used tools to elucidate the structure of a molecule as well as the quantitative and qualitative determination of both organic and inorganic compounds. The most easily recognizable forms of electromagnetic radiation are visible light and radiant heat. Other forms are manifested in the form of gamma ray, X-ray, ultraviolet, microwave and radio-frequency. Properties of electromagnetic radiation include wavelength, frequency, velocity and amplitude. The wavelength and wave number ranges for the regions of the spectrum as listed in Table 3 are very important for analytical purposes. They give the names of the appropriate spectroscopic methods associated with them. The absorbing characteristics of the specie are conveniently described by means of an absorption spectrum. Transmittance and absorbance are commonly employed as a quantitative measure of beam attenuation. Transmittance, T, is the ratio of the power of a beam after it has traversed an absorbing medium to its original power and is often expressed as percentage.



P %T = ----- x 100% Po
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Table 3: Spectroscopic Methods based on Electromagnetic Radiation WAVELENGTH RANGE 0.005 – 1.4 Å



WAVENUMBER RANGE -



TYPE OF QUANTUM TRANSITION Nuclear



0.1 – 100 Å



-



Inner electrons



10 – 180 nm



1 x 106 to 5 x 104



Bonding electrons



180 – 780 nm



5 x 104 to 1.3 x 104



Bonding electrons



Infrared absorption and Raman scattering



0.78 – 300 μm



1.3 x 104 to 3.3 x 101



Microwave absorption



0.75 – 3.75 mm



13 to 27



3 cm



0.33



0.6 – 10 m



1.7 x 10-2 to 1 x 103



Rotation and vibration of molecules Rotation of molecules Electron spin in a magnetic field Nuclei spin in a magnetic field



SPECTROSCOPY TYPE Gamma-ray emission X-ray absorption, emission, fluorescence and diffraction Vacuum ultraviolet absorption Ultraviolet visible absorption, emission and fluorescence



Electron spin resonance Nuclear magnetic resonance
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On the other hand, absorbance, A, is the logarithm of the ratio between the initial power of the beam of radiation and its power after it has traversed the absorbing medium.



A = – log10 T =



Po log ----P



Transmittance and absorbance are experimentally measured in the laboratory by holding the analyte solution in a transparent container or cell. As an effect, the power of the beam transmitted by the analyte solution is compared with the power of the beam transmitted by an identical cell containing only a solvent.



Psolution T = ---------Psolvent



Psolvent A = log ---------Psolution



For monochromatic radiation, absorbance is directly proportional to the path length, b, in cm, through the medium and the concentration c, grams per liter of the absorbing species and is given by the Beer’s Law equation



A = abc =



bc



where a is the absorptivity expressed in liter per gram-cm. When c is expressed in moles per liter, molar absorptivity, , replaces a and has units of liter per mole-cm. Beer’s Law applies to a medium containing more than one kind of absorbing substance. If no interaction among the various species is present, the total absorbance of the mixture is the algebraic sum of the absorbance of the individual specie.



Atotal = A1 + A2 + … + An =



1bc1



+



2bc2



+ … +



nbcn



The red-orange complex that forms between iron (II) and 1,10-phenanthroline (o-phenanthroline) is useful in determining iron in water supplies. The reagent is a weak base that reacts to form the phenanthrolinium ion, phenH+, in acidic media. Complex formation with iron is thus best described by the following equation: Fe2+ + 3 phenH+



Fe(phen)32+ + 3 H+



The formation constant for this equilibrium is 2.5 – 106 at 25oC. Iron (II) is quantitatively complexed in the pH range between 3 and 9. A pH of about 3.5 is



School of Chemical Engineering and Chemistry Mapua Institute of Technology



69



Analytical Chemistry 1 Laboratory



ordinarily recommended to prevent precipitation of iron salts, such as phosphates. An excess of a reducing reagent, such as hydroxylamine or hydroquinone, is needed to maintain iron in the 2+ oxidation state. The complex, once formed, is very stable. This determination can be performed with a spectrophotometer set at 508 nm or with a photometer equipped with a green filter. REAGENTS Standard iron solution Hydroxylamine Distilled water (previously boiled and cooled) Sodium acetate Ortho-phenanthroline APPARATUS/GLASSWARE 100-mL volumetric flasks 25-mL graduated cylinder Volumetric pipettes Cuvettes Spectrophotometer PROCEDURE



Preparation of the Calibration Curve (Standards) 1. Transfer 25 mL of the standard iron solution to a 100-mL volumetric flask and 25 mL of distilled water to a second 100-mL volumetric flask. 2. Add 1 mL of hydroxylamine, 10 mL of sodium acetate, and 10 mL of ophenanthroline to each flask. 3. Allow the mixtures to stand for 5 minutes; dilute to the mark. 4. Clean a pair of matched cells for the instrument. Rinse each cell with at least three portions of the solution it is to contain. Determine the absorbance of the sample with respect to the blank. Repeat this procedure with at least three other volumes of the standard iron solution; attempt to encompass an absorbance range between 0.1 and 1.0. 5. Plot a calibration curve.
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Determination of iron 1. Treat exactly the unknown in the same way as the standards, measuring the absorbance with respect to the blank to obtain absorbance measurements for replicate samples that are within the range of the calibration curve. 2. Report the concentration of iron in the unknown in parts per million.
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Student Name: Course/Section: Instructor:



_____________________________ _____________________________ _____________________________



Signature: Group No.: Date:



_____________ _____________ _____________



Experiment No. 13 SPECTROPHOTOMETRIC DETERMINATION OF IRON IN NATURAL WATER DATA SHEET PREPARATION OF THE CALIBRATION CURVE Weight of Fe(NH4)2(SO4)2, g



_______________



Volume of Standard Fe Solution, mL



mg/L or ppm After Dilution



5



0.5



10



1.0



15



1.5



20



2.0



25



2.5



Absorbance Reading at 508 nm



NOTE: Show calibration curve on a separate sheet. DETERMINATION OF IRON Absorbance reading at 508 nm mg/L or ppm Fe based on standard calibration curve



______________________ Instructor’s Signature/Date
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