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Atomic Spectra of Gases

All objects emit thermal radiation characterized by a continuous distribution of
wavelengths. In sharp contrast to this continuous distribution spectrum is the
discrete line spectrum observed when a low-pressure gas undergoes an electric
discharge. (Electric discharge occurs when the gas is subject to a potential
difference that creates an electric field greater than the dielectric strength of the
gas).Observation and analysis of these spectral lines is called emission
spectroscopy.

When the light from a gas discharge is examined using a spectrometer it is found to
consist of a few bright lines of color on a generally dark background. This discrete
line spectrum contrasts sharply with the continuous rainbow of colors seen when a
glowing solid is viewed through the same instrument.

(Figure 1-a) shows that the wavelengths contained in a given line spectrum are
characteristic of the element emitting the light. The simplest line spectrum is that
for atomic hydrogen, and we describe this spectrum in detail. Because no two
elements have the same line spectrum, this phenomenon represents a practical and
sensitive technique for identifying the elements present in unknown samples.

Another form of spectroscopy very useful in analyzing substances is absorption
spectroscopy. An absorption spectrum is obtained by passing white light from a
continuous source through a gas or a dilute solution of the element being analyzed.

The absorption spectrum consists of a series of dark lines superimposed on the
continuous spectrum of the light source as shown in Figure-1b for atomic
hydrogen. The absorption spectrum of an element has many practical applications.
For example, the continuous spectrum of radiation emitted by the Sun must pass
through the cooler gases of the solar atmosphere. The various absorption lines
observed in the solar spectrum have been used to identify elements in the solar
atmosphere. In early studies of the solar spectrum, experimenters found some lines
that did not correspond to any known element.
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Figurel (a) Emission line spectra for hydrogen, mercury, and neon. (b) The absorption spectrum for
hydrogen. Notice that the dark absorption lines occur at the same wavelengths as the hydrogen emission
lines in (a).

A new element had been discovered! The new element was named helium, after
the Greek word for Sun, helios.

Absorption spectroscopy has also been useful in analyzing heavy-metal
contamination of the food chain. For example, the first determination of high levels
of mercury in tuna was made with the use of atomic absorption spectroscopy.

From 1860 to 1885, scientists accumulated a great deal of data on atomic
emissions using spectroscopic measurements. In 1885, a Swiss schoolteacher,
Johann Jacob Balmer (1825-1898), found an empirical equation that correctly
predicted the wavelengths of four visible emission lines of hydrogen: (red),
(bluegreen), (blue-violet), and (violet). Figure 42.2 shows these and other lines (in
the ultraviolet) in the emission spectrum of hydrogen. The four visible lines occur
at the wavelengths 656.3 nm, 486.1 nm, 434.1 nm, and 410.2 nm. The complete set
of lines is called the
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Balmer series. The wavelengths of these lines can be described by the following
equation, which is a modification made by Johannes Rydberg (1854-1919) of
Balmer’s original equation:

1 1 |
X:R"(E—?) n=342>5,...
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Where Ry is a constant now called the Rydberg constant with a value of 1.097
3732 * 10" m™. The integer values of n from 3 to 6 give the four visible lines from
656.3 nm (red) down to 410.2 nm (violet). Equation 1 also describes the
ultraviolet spectral lines in the Balmer series if n is carried out beyond n = 6. The
series limit is the shortest wavelength in the series and corresponds to n — oo, with
a wavelength of 364.6 nm as in Figure 2. The measured spectral lines agree with
the empirical equation, Equation 1, to within 0.1%.

Other lines in the spectrum of hydrogen were found following Balmer’s discovery.
These spectra are called the Lyman, Paschen, and Brackett series after their
discoverers. The wavelengths of the lines in these series can be calculated through
the use of the following empirical equations:
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eq.2,3,4 respectively

E-mail: ahed.hameed.jaaz@uomus.edu.iq




ELiY 3 3] duaia ; alal) au)
Lad M8 Ao 1 )ALl an)
dagl ) Ads yall
"""""" Aol ) Ay
Atomic s alaall ¢l gie
The lines shown in color are in
the visible range of wavelengths.
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This line is the shortest wavelength
line and is in the ultraviolet region
of the electromagnetic spectrum.

Figure.2 The Balmer series of spectral lines for atomic hydrogen, with several lines marked with the
wavelength in nanometers. (The horizontal wavelength axis is not to scale).

Early models of the atom

The model of the atom in the days of Newton was a tiny, hard, indestructible sphere.
Although this model provided a good basis for the kinetic theory of gases, new models
had to be devised when experiments revealed the electrical nature of atoms. In 1897, J. J.
Thomson established the charge-to-mass ratio for electrons. The following year, he
suggested a model that describes the atom as a region in which positive charge is spread
out in space with electrons embedded throughout the region, much like the seeds in a
watermelon or raisins in thick pudding (Fig. 3). The atom as a whole would then be
electrically neutral. In 1911, Ernest Rutherford (1871-1937) and his students Hans
Geiger and Ernest Marsden performed a critical experiment that showed that Thomson’s
model could not be correct. In this experiment, a beam of positively charged alpha
particles (helium nuclei) was projected into a thin metallic foil such as the target in
Figure 4a. Most of the particles passed through the foil as if it were empty space, but
some of the results of the experiment were astounding. Many of the particles deflected
from their original direction of travel were scattered through large angles. Some particles
were even deflected backward, completely reversing their direction of travel! When
Geiger informed Rutherford that some alpha particles were scattered backward,
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spherical volume.

Figure 3 Thomson's model of an atom
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Figure 4 (a) Rutherford’s technique for observing the scattering of alpha particles from a thin foil target.
The source is a naturally occurring radioactive substance, such as radium. (b) Rutherford’s planetary

model of the atom.
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Such large deflections were not expected on the basis of Thomson’s model.
According to that model, the positive charge of an atom in the foil is spread out
over such a great volume (the entire atom) that there is no concentration of positive
charge strong enough to cause any large-angle deflections of the positively charged
alpha particles. Furthermore, the electrons are so much less massive than the alpha
particles that they would not cause large-angle scattering either. Rutherford
explained his astonishing results by developing a new atomic model, one that
assumed the positive charge in the atom was concentrated in a region that was
small relative to the size of the atom. He called this concentration of positive
charge the nucleus of the atom. Any electrons belonging to the atom were assumed
to be in the relatively large volume outside the nucleus. To explain why these
electrons were not pulled into the nucleus by the attractive electric force,
Rutherford modeled them as moving in orbits around the nucleus in the same
manner as the planets orbit the Sun (Fig. 4b). For this reason, this model is often
referred to as the planetary model of the atom. Two basic difficulties exist with
Rutherford’s planetary model. The atom emits (and absorbs) certain characteristic
frequencies of electromagnetic radiation and no others, but the Rutherford model
cannot explain this phenomenon. A second difficulty is that Rutherford’s electrons
are undergoing a centripetal acceleration. According to Maxwell’s theory of
electromagnetism, centripetally accelerated charges revolving with frequency f
should radiate electromagnetic waves of frequency f. Unfortunately, this classical
model leads to a prediction of self-destruction when applied to the atom. As the
electron radiates, energy is carried away from the atom, the radius of the electron’s
orbit steadily decreases, and its frequency of revolution increases. This process
would lead to an ever-increasing frequency of emitted radiation and an ultimate
collapse of the atom as the electron plunges into the nucleus (Fig. 5).
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Because the accelerating
electron radiates energy, the
size of the orbit decreases
until the electron falls into
the nucleus.

Figure 5 The classical model of the nuclear atom predicts that the atom decay.
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